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PREFACE

DurinG the past twenty five years our knowledge of the structure and
properties of atoms and molecules has been increased considerably by the
progress made in both the theoretical and experimental methods of approach
to the problems involved. The introduction of wave mechanics has
permitted the development of theories of atomic and molecular structure
which have placed on a theoretical basis such fundamental concepts as the
spatial configuration of atomic orbitals, the nature and directional charac-
teristics of bonds between atoms in molecules and the mechanism of
chemical reactions. However, calculations of bond strengths and distances
and of activation energies are possible only with the simplest systems and
perhaps the greatest contribution of wave mechanics to chemistry up to
the present has heen the introduction of ideas which, by general application
to the experimental data for complex molecules, has increased considerably
our understanding of the structure of such molecules and the reactions which
they undergo. Therefore it is necessary that in any treatise on molecular
structure, the theoretical and the experimental aspects of the problem
should be considered side by side. This is what the authors have attempted
in this book. In the early chapters the wave mechanics of simple atoms
and molecules are discussed ; all the mathematical derivations are collected
in the last three chapters of the book apart from the Heitler-London
treatment of the homopolar bond, which the authors consider should be
familiar to all who desire. to understand the present position regarding the
theory of the chemical bond and which is presented in a form such that
the necessary approximations and simplifications may be appreciated
readily. The later chapters are confined to a survey of the experimental
data relevant to a study of molecular structure and to the theoretical
conclusions which may be drawn therefrom.

The translation is based on the Russian edition published in 1946 and
during the course of the translation it became evident that some revision
of the original text was desirable. Such revision has been made only where
it is apparent that advances in the subject, made since the publication of
the original work, have extended or necessitated a modification of the views
put forward by the authors. We feel that it is desirable to state which
parts of the original text have been so revised. In Chapter 2, the expanded
form of the periodic table has been included along with the Mendeléef
form and the section on the synthesis of new elements rewritten, In
Chapter 5, the section on cyclo-octatetrene has been rewritten. Chapter 7,
dealing with molecular orbitals, has been almost entirely rewritten and we
wish to acknowledge our indebtedness to the published work of Professor
C. A. CouLson which was of great assistance to us. In Chapters 8 and o,
recent data collected by Dr A. G. GaypoN has heen incorporated and the
discussion extended or rewritten where necessary to conform with the new
data. The sections on the hydrogen bond in Chapter 12 have been revised
and extended. Chapter 15, on the boron hydrides, has been almost
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THE STRUCTURE OF MOLECULES

entirely rewritten and the structures proposed by Dr K. S. Pr1zer given
in addition to those 11]Jut forward by the authors. In making these modi-
fications, which we hope will have improved the value of the book, we
have always attempted to conform as far as possible with the authors’
general method of treatment, as indicated in the original work. Figure 5
was reproduced from Physical Review by permission of Professor H. E.
Wmite and Figure 25 was reproduced from Quarterly Reviews by permission
of Professor C. A. CouLsoN and of the Council of the Chemical Society,
London.

We wish to acknowledge our thanks to Mr G. STANLEY SmiTH for the
loan of his copy of the Russian text, to the Commonwealth Fund for a
Fellowship to one of us (D. O. J.) during part of the tenure of which the
translation was largely carried out and to Mr D. R. RExworTtHY and the
editorial staff of Butterworths Scientific Publications for their most helpful
cooperation.

November 1949 Monica A. PARTRIDGE
University of Nottingham

D. O. Jorpan

Princeton University, N.J.
University of Nottingham
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1
THE HYDROGEN ATOM

RUTHERFORD-BOHR THEORY OF ATOMIC STRUCTURE

Tue progress in atomic physics that occurred at the end of the nineteenth
and at the beginning of the twentieth centuries led to the conclusion that
the atom is not an indivisible unit, but consists of a Positively charged
nucleus, having dimensions of the order of 10712 to 10-13 cm, in which is
concentrated the greater portion of the mass of the atom, and electrons which
are particles possessing unit negative charge ¢, equal to 4:779 X 10710 e.s.u
and a mass of 9’1 X 10% gm. The atoms of the various elements differ
from one another in mass, in the magnitude of the nuclear charge and, since
the atom is electrically neutral, in the number of electrons. The suggestion
that the positive charge on the nucleus, expressed as an integral multiple
of the unit charge e, represented the atomic number was first made by
Van DEN Broek. The importance of this suggestion was quickly realized
and the first experimental evidence in its favour was given by MoseLy’s
investigation of the x-ray spectra of the clements ; it was directly tested by
GEIGER and MARsDEN and later and more accurately, by CHADWICK, using
RuTHERFORD’s law for the scattering of a-particles by thin metal foils.

The nuclear theory of atomic structure, put forward by Rutherford,
regarded the electrons as moving in orbits round the nucleus. The dy-
namical theory of this system was developed by Bonr, who found it necessary
to supplement classical mechanics by the quantum mechanics of PLANCK.
According to classical theory, a system consisting of an electron moving in
a circular orbit round a nucleus, to which it is attracted according to
Coulomb’s law, would lose energy, with the result that the electron would
approach and finally collide with the nucleus. Thus on the basis of
classical theory, the Rutherford atom would only be stable for about 10-11
seconds, after which time the electron would have fallen into the nucleus.

The experimental foundation of the quantum theory of atomic structure
as put forward by Bohr, lies in the stability of the atom and in the existence
of discrete energy levels and the ability of the atom to absorb and emit
energy only in quanta, as demonstrated by the discontinuous nature of
atomic spectra and by the critical potential measurements of Franck and
Hertz. Bohr postulated that the atom could only exist in a limited
number of orbits or stationary states, which were defined by the quantum
condition that the angular momentum myr can assume only certain limited
values which are given by the expressiof™

mor = nhj2m |\ cooo(r.1)
where m is the mass and » the angular velocity of the electron, r is the radius
of the orbit, % is Planck’s constant equal to 6:6 X 10727 erg sec and n is
a positive integer. The rotation of the electron in the closed orbits does
not involve the loss of energy and for these selected orbits, to account for
the stability of the atom, the inward coulombic attractive force is equated
to the outward centrifugal force

e¥r? = mu¥fry\ oo (1.2)

From equations 1.1 and 1.2 we have the following expression for the radius
of the permitted orbits

r= n%h2/4n2*m oo (1.3)

1
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THE STRUCTURE OF MOLECULES

Thus r is proportional to n2 and the radius a of the first orbit, n = 1, is
given by
a = h%/4n22%m = 0-528 X 1073 cm con(104)
The radius of the second orbit, n = 2 will be 44, the radius of the third
orbit, n = 3 will be 9a et.
The potential energy V of the system is the work done in bringing the
electron from infinity to a distance r from the nucleus, thus

T2 2 ¥
V=L;~2dr=——~’;;;; eeo(1:5)
The kinetic energy T of the atom will be

T = mv?/2 ....(1.6)

which in combination with equation 1.2 gives
T == ¢?2r ceen ()

Thus the total energy of the atom is given by
E=V+T= —2r =I— an’'mn®?) coo(18)

On passing from an outer orbit with energy E, to an inner orbitywith
energy E, an electron will emit a quantum of radiation with energy

E, — E, = hv = 2x%*m (1/n} — 1/n}) /A2 s (1g)y
where v is the frequency of the emitted radiation. We may therefore
write 1A = v = Ry (1/n} — 1/nd) .«..(1.10)

where Ry = 2n2%4%m/h% and is known as the Rydberg constant, ¢ is the
velocity and A the wavelength of light, and v, is termed the wave number.

The success of the Bohr theory lay in the fact that formulae 1.9 and 1.10
were in excellent agrecment with experimental data. Thus, for example,
the theoretical value of the Rydberg constant is 10987776 cm~—1, compared
with the experimental value of 109678-18 cm™1.

The application of the quantum theory to the hydrogen atom leads to
the introduction of the quantum number n, on the value of which the
energy of the atom depends. The treatment of Bohr was developed by
SOMMERFELD to account for the fine structure of the lines in the spectrum
of hydrogen and other elements. As a result of this treatment, the electrons
were considered to be rotating in elliptical as well as circular orbits, which
could be oriented with respect to each other in a magnetic field. In place
of the single quantum number used in the Bohr treatment, the atom was
defined in terms of three quantum numbers, n, [ and m, where n is now
termed the principal quantum aumber, / the azimuthal quantum number
which determines the value of the angular momentum, and m defines the
orientation of the orbit relative to the direction of a magnetic field.

The theory of Bohr and Sommerfeld has been applied extensively to
atomic spectra with considerable success, but it has proved of little use
when applied to molecules and the problem of the chemical bond ; attempts
by PauLi! and Niessen? to apply the theory to the simplest molecular
system f.. the hydrogen molecule ion were unsuccessful. This stable
molecule, which has a bond energy of 61 kcal/gm mol, was shown on the
basis of the Bohr-Sommerfeld theory to be unstable. More recently,
defects have become apparent in the application of this theory to atomic
spectra.

2



THE HYDROGEN ATOM

The weakness of the Bohr treatment lies in the attempt to combine
quantum and classical theories and in particular in the attempt to apply
the laws obeyed by macroparticles to the very small particles that occur in
atoms. Instead the quantum condition of discrete energy levels should be
derived directly from a general theory ; such a theory has been produced
on the basis of wave and quantum mechanics through the work of
pE BROGLIE, SCHRODINGER, HEISENBERG and Dirac.

MATTER AS WAVE MOTION

The development of wave mechanics has been made possible through the
introduction by de Broglie of a new principle dealing with the wave
character of matter. The basis of this principle is the recognition that
different interpretations are appropriate to different kinds of measurements ;
thus atoms and electrons which have hitherto been regarded as discrete
particles are considered to possess a dual character, in the sense that they
may possess both corpuscular and wave properties. A duality of a similar
kind had been revealed earlier in studies on the propagation of light.

The theory of the propagation of light has passed through several stages
during its development. Newton first conceived light as consisting of a
collection of corpuscles obeying the laws of mechanics, but studies of
such phenomena as reflection, dispersion, refraction, interference and
diffraction led to rejection of this theory in favour of the electromagnetic
wave theory of light. This concept assumes that radiation consists of a
wave motion with electric and magnetic vectors at right angles to each
other and to the direction of the wave, and that matter contains particles
which are electrical in character and in which electrical dipoles are pro-
duced by the passage of the wave. Other phenomena, however, which
were first investigated at the beginning of the twenticth century and which
were associated with the absorption and emission of light by matter, were
found to be incompatible with a wave theory. Examples of such phenomena
are the photoelectric and Compton effects which can be explained only
by assuming that radiation consists of a stream of particles or light quanta,
photons, the energy of each quantum being Av where 4 is Planck’s constant
and v is the frequency of the radiation.

A survey of all the available experimental data thus shows that some
phenomena, such as diffraction and interfercnce, can only be explained on
the basis of the electromagnetic wave theory, whereas other phenomena,
the most important being the photoelectric effect, require a corpuscular
theory of light. Although this duality was recognized for phenomena
associated with the propagation and absorption of light, it was not until
de Broglie put forward his views, that electrons and other atomic particles,
the corpuscular nature of which was supported by a considerable amount
of physical and chemical experimental evidence, were considered also to
possess wave properties. T

De Broglie suggested that with every moving particle there is associated
a wave motion of wavelength A, which is related to the mass m and velocity
v of the particle by the relation

A = h/my oo ()

Experimental evidence was obtained by DavissoN and GERMER in 1927
and later by TrHomsoN which supported the de Broglie relationship. These
authors showed that crystals diffracted a beam of electrons in exactly the

3
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Table I. IComﬁaf?vln)ﬂf Values for same way as a beam of x-rays is diffracted
nicratomic Distances and, furthermore, that a comparison of lattice
distances, calculated from electron diffrac-

Cube Interatomic distance 4 (ion data assuming equation 1.11 with values
Xeray ' Electron  Obtained by x-ray diffraction, showed excel-

diffraction | diffraction  lent agreement (Table I). These data clearly
— e e indicate the wave character of electrons as
g",‘l“’l’”’"“"' 2:(?23 5 g;i?m well as confirm the correctness of the de Broglie
Platinum 391 3-89 relationship. More recent experiments by
Lead 4-35. 499 EsterMAN and SterN have shown that this
Iron 2:87 2:85 relationship also applies to the diffraction of
‘é’:;;'” g&," ;&'5 a-particles (helium ions, Het+) the mass
Tin 2:86 286 of which is 7,360 times that of the electron.

Thus it would appear that the de Broglie
relationship is applicable to all particles, but it is seen in Table II that the
wavelengths for particles with large masses are extremely small and for a
particle of mass 1 gm the de Broglie wavelength is 6-6 X 107%7 cm which

would require for its ex-
perimental  determina-
tion a diffraction grating

Table 11,

Wavelengths Associated with Various Particles
Calculated from the de Broglic Equation

WIth rulings 10:‘27 cm Partwle Mass Veloesty de lirogle

apart, whereas in crys- & emjsec wai elrmgth

talsthe distance between v TR

the atomsis of the order S eiimon = 1| §xicn| e oarsy
-8 1 Flectron accelerated by poten-

Of.lo cm, It» is thus tal of 1 volt .. .. 9 x 107 | 5094 x 107 122 X 1077

CVldCl’lt lh(].t thc WAVC  Electron accelerated by poten-

pl‘OpCl‘tiCS of large par- tial of 100 volt .. 9 X 107 | 594 X 10 122 X 107

ticlesare never observed. «faride, sovirend Bl Gag it | rag x 0t

It is therefore neces- clt’»l’u.r?th/mm radium b6 X 1073 151 X 10? 656 X 1018

articie of 1 gm moving at
sary to formulate a velocsty 1 emfrec ¢ .. ] T 66 x 1077
mechanics of particlcs T enmes ball . 46 2,500 571 X 107"

in such a way as to
conform with the wave properties of atomic particles and at the same time
to be applicable to large particles, being converted into classical mechanics
in the proccess.

THE WAVE EQUATION

The idea of a wave may be illustrated by considering a stretched string or
the surface of a liquid : if any part of the string is displaced, then a wave
is propagated along the string and the string vibrates ; similarly if a stone
is dropped into watcr, water waves will travel outwards radially from the
centre of the disturbance. All wave motions have two important properties
in common : the disturbance travels through the medium without giving
to the medium as a whole any permanent displacement, and energy is
transferred from one point to another. Thus if at a given point there is
a fluctuating particle, then this fluctuation is passed on from one particle
to another, so producing the wave.

In order to study the laws of wave propagation it is necessary to con-
sider not only the disturbing force, but also the restoring force which tends
to return the oscillator to its original position. The simplest kind of wave
is that in which the restoring force is directly proportional to the displacement,

= — k¢ ceeo(1o12)

4
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and is termed the harmonic wave. In equation me,aﬂ is the displacement
and & the proportionality constant which is numerically equal to — F for
unit displacement. The negative sign indicates that the restoring force
opposes the displacing force.
According to Newton’s laws of motion
md®fdt® = F <eeo(rag)

where m is the mass of the particle being displaced. It follows from
equations 1.12 and 1.13 that

md¥jdt = — ki ool (1.14)
In a harmonic wave the wave profile is a sine or cosine curve, thus we
may write

¢ = asin wt oo (1.15)

where w is the angular velocity, ¢ is the time and a is a constant. From
equation 1.15 we obtain

dy/dt = aw cos wt .ov o (1.16)
and
d2Jldt? = — aw?sin wt voeo(r07)
From relationships 1.14, 1.15 and 1.17 it follows that
md®[di? = — maw?sin wt = — kfy = — kasin wt ....(1.18)
and hence
w = (kfm)} coss (1.19)
When equation 1.19 is substituted in formula 1.15 the expression obtained
¢ = asin (kfm)b ¢ «voo(1.20)

must satisfy the condition for harmonic motion.
In a similar manner we have the solution for the cosine curve that

¥ = b cos wt veoa(1.21)

The linear combination of the solutions 1.15 and 1.21 given above will
also be a solution of equation 1.14. This is an example of the principle
of superposition, which states that when all the relevant equations are
linear we may superpose any number of individual solutions to form new
functions which are themselves also solutions. The use of this principle is
fundamental in the wave mechanical treatment of molecules and it will be
discussed later. The linear combination here is

= asin wl -+ b cos wt voen(1.22)
which, on differentiation with respect to ¢, gives
d*pld? = — w? (asin wt + b cos wi)
Substitution for w from equation 1.19 and combining with 1.22 gives
md2jdi = — k¢ ceou(1.14)

This solution may be written in the alternative form ¢ = A4 exp (iwt) or
¢ = B exp (— iwt) or in the general form
Y= Aexp (iwt) + Bexp ( — iwt) ovoo(1.23)
That this is so may be shown by following the same steps as employed in
the solution of equation 1.15. The introduction of this form of solution, in-
volving the unit of imaginaries i = 4/— 1, is in certain circumstances
more convenient.

5
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In a general harmonic wave the displacement ¢ is not necessarily zero
when ¢ = o, as indicated by equations 1.15 and 1.21. Thus the general

solution will be
¢ = acos (vt — ¢) -+(1.24)
where ¢ is a constant. When ¢ = ¢/w, cos (wt — ¢) will be umty and
will have a maximum value equal to a. This maximum value of the dis-
Flaccment is termed the amplitude. Since w is the angular velocity, the
rcqucncy v will be given by v = w/2m. The reciprocal of the frequency,
= 1/v is termed the period of the wave. If the velocity of propagation
of the wave is ¢, then a point situated a distance A =¢ I' from the initial
displacement will vibrate in the same phase. The distance A is termed

the wavelength.
M In order to obtain the equation of wave
motion let us consider a lateral vibration with
v amplitude a which is transmitted from A in

the direction B (Figure 1). A point M, situated
s 2 distance x from A, will after a period of time
L~ Mo t, beat M,. The distance MM, = §. If the
Figure 1. Propagation of 6 {ime taken for the wave to travel from A to M
wave
is 7, then the time of oscillation of the point M
$ ¢ — 7 and the equation for the wave becomes

A

Y =asinz2nv(t —7) co..(1.25)
but r = x/c, hence
P = asin 2x (vt — vx/c) = asin 2w (vt — x/4) «...(1.26)
which on differentiation gives
4 LY ox? = — 4w P[AT, DUY/OR = — 4ndvPyY co.o(1.27)
an
fox? = (1/c2) d2P/oe? .. (1.28)

It is paessible to generalize equations 1.27 and 1.28 to deal thh plane
waves in three dimensions. We then obtain

A% 52./, a.pﬁvg.p*: 2y

ax? + +b~_ 2 <. (1.29)
and . ) .
d d
&‘f‘ 'f‘.}.b,'é’__v ./,:-%‘1}./; ....(1.30)

This is the equation of wave motion. ¥V ? (read as ‘ del squared ’) is the
Laplacian operator and represents .
22 2 d2
e Ty T g
THE SCHRODINGER WAVE EQUATION
The wave mechanical treatment of atoms may be carried out in various
ways, differing in mathematical complexity, but leading to the same
%encral conclusions. We shall employ the methods of Schrédinger, not
ecause they are superior to the treatments of Heisenberg and Dirac, but
because of their relative mathematical simplicity.
The basis of wave mechanics is the wave equation of Schrédinger which
can be obtained by the combination of the de Broglie relatxonshxp
A = hjmv co. (1)
6



THE HYDROGEN ATOM

with the equation of wave motion i.3o. The velocity » in equation 1.11
is first expressed in terms of the total energy E and the potential energy V
Thus the kinetic energy is given by :

T=E—V=m¥2 voeo(1.31)
whence it follows that

v=J.%(E—-V) «veo(1.32)
m
which on substitution in relationship 1.11 gives

- l‘ ..

V2m (E— V) e (1.33)
Substitution of this expression for A in the equation of wave motion 1.30
then gives the Schrédinger wave equation

32 2 22 8n? -
T E - =0 ()

The steps leading to equation 1.34 must not be regarded as a rigorous
derivation of the Schrodinger equation, since we have employed an
equation of classical mechanics to obtain a wave mechanical expression
from which the quantum condition of discrete cnergy levels may be
devised.

In the equation of wave motion 1.40 the quantity ¢ referred to the
amplitude of a wave ; no such simple idea can be attached to ¢ in the
Schrodinger wave equation 1.4, however, and before proceeding further
we must consider the physical significance of this quantity. The wave
equation may be applied to the hydrogen atom by substituting the approxi-
mate value of the potential energy V in equation 1.34 ; the hydrogen atom
consists of one electron with a charge — ¢, rotating about a proton with a
charge - ¢ and thus the potential energy of the system is given by

V =- — ¢2[r where r is the distance between the clectron and the proton.
The Schrédinger equation for hydrogen is thercfore
82 . 2
v+ ’,',.2'"(1:4-‘,)«//:0 oo (1.35)

The solution of this equation gives ¢ as a function of . Thus, in general,
¢ will be a function of the coordinates of the space in which the clectron
moves, but we still cannot assign any particular physical significance to ¢.
However, an analogy is found in optics where the intensity of a beam of
light, which may be defined as the number of photons crossing unit arca
in unit time, is proportional to the squarc of the clectric vector. In a
similar way we may regard $2 as a measure of the intensity of the electron
wave or alternatively we may regard y2dr, where dr is the clement of
volume dxdydz, as indicating the probability that the electron will be
situated in the element of volume dr, i.e. that the coordinates of the clectron
lie between x and x 4 dx, y and y + dy and z and z -+ dz. It would be
more correct to write fiy* or [¢"‘{ in place of %, where ¢* represents the
complex conjugate of ¢. This is due to the fact that ¢ may be partly
imaginary. Thus, if we have ¢ = a + ib where i = 4/ — 1, then y* is
a — ib. The product ¢¢* = (a + ib) (a — ib) = a® -+ b? is real. On the
other hand, ¢2 = (a 4 16)"= 4? 4 2:ab — b? is still imaginary because of

7



THE STRUCTURE OF MOLECULES

the term 2igb. In the treatment given here we shall confine ourselves to
instances where ¢ is real, and Yy¢* = 2.

This interpretation of  gives a different picture of the electron rotating
about the nucleus compared with that of the Bohr theory. The electron
is clearly not localized and may be found in any element of volume around
the nucleus according to the varying probability of the different positions.
If the probability of finding the electron in a certain position in space is
one in ten, then in its motion about the nucleus the electron will exist in
that position for one tenth of a given period of time ; for the remaining
nine tenths of the time it will be found in other positions. We may alter-
natively consider the electron as ¢ smeared * over the whole of space in an
uninterrupted cloud. Then if the probability of locating the electron in a
given element of volume is one in ten this indicates that there is present
in this volume one tenth of the electron cloud and therefore one tenth of
the total electronic charge. Thus the charge is proportional to the density
of the electron.cloud at any particular point.

It is possible to show that the attempt to localize the electron, as in the
orbit of the Bohr theory, encounters insurmountable difficulties. In order
to locate the electron orbit it is essential that at least two points on the path
of the clectron be fixed, thus it may be considered necessary to ‘ illuminate ’
the atom with light, which will have a wavelength of the same order of
magnitude as the dimension of the orbit i.e. 1078 cm. Taking the velocity
of light as g3 X 101% cm sec™!, the energy of one quantum is E = Nhv =
285,000 kcal/gm atom. The ionization potential of hydrogen, however,
is only g12 kcal/gm atom and hence, on illumination, the atom receives
913 times as much energy as is necessary to produce ionization and therefore
instead of ‘seeing’ the electron and locating its position the electron is
expelled from the atom.

This illustration may be regarded as an example of Heisenberg’s Un-
certainty Principle, which can be stated in the following form : * The more
accurately the velocity of an electron is defined, the less certainly is its
position known and, conversely, the more accurate the definition of the
position of an electron, the less precise is the value of its velocity °. Expressed
mathematically this becomes

4v 5 kjdx ... (1.36)

in which the velocity has a value between v and v -+ 4o, and the position
of the clectron is between x and x -+ #x. The proportionality constant &
is found to be equal to h/m and hence
Axdv 5 him oo (1)
This principle enables us to make an appreciation of the relationship
which exists between wave mechanics and classical mechanics. The right
hand side of equation 1.37 is inversely proportional to m and hence for a
very heavy particle A/m 1s very small, which makes it possible for the
product dxdv also to be very small. Under such circumstances it is there-
fore possible that both 4x and 4v may be small and hence both the velocity
and the position of the particle may be known with certainty. This applies
in classical mechanics. When, however, m is very small as for atomic
particles, k/m is large and thus either 4x or 4v but not both may be small
and hence the position and the velocity cannot at the same time both be
known with certainty. This is true for the mechanics of very small particles
f.2. wave mechanics.

8



THE HYDROGEN ATOM

The physical interpretation of $? given above carries with it the im-
portant restriction that the summation of the probabilities of finding the
electron at a particular point over the whole of space must be unity.
Although y? is only proportional to the probability of locating the electron
in a particular position it can be made the absolute probability in the
following manner. For any solution ¢ of the wave equation we may
obtain other solutions by multiplying ¢ by a constant ¢. Thus ¢y is a
solution, if ¢ is a solution. This constant may now be fixed in order to
make y? the absolute probability. The total probability of finding the
electron somewhere in space will then be unity i.e.

fff'l‘(n v Yy, o dxdydz = f Yldr =1 oo (1.38)

This process is termed normalization to unity.

The Schrédinger equation is of such a form that the solutions  have
significance only for certain values of E, a result which is analogous to
that obtained with the equation for the vibration of a stretched string
where only those vibrations are possible which have a whole number of
semi-waves placed along the string. Thus the wavelength is fixed by the
relationship A/2 = L/n where A is the wavelength, L the length of the
string and n = 1, 2, 3 elc. In the Schrédinger equation, for each value of
E there occur one or more values of ¢ which are the solutions of the
equation and as with the stretched string, it is found that these values of E
arc integral multiples of the lowest value. Thus the quantum nature of
energy which was assumed in the Bohr theory appears in wave mechanics
as the natural result of the solution of a mathematical problem. Schrédinger
appreciated this advantage of wave mechanics over Bohr’s quantum
mechanics and has stated3

In this respect I wish to point out, first for the simplest case of the hydrogen atom,
that the usual rules of quantum mechanics may be replaced by another postulate in
which there is no mention of whole numbers, The introduction of quantisation then
follows naturally as, for instance, in the solution of the problem of a vibrating string

when the number of nodes must be a whole number. ‘The new conception may be
generalised and touches I believe, very deeply, the true nature of quantum laws.

SOLUTION OF THE WAVE EQUATION FOR THE HYDROGEN ATOM

The solution of the Schrédinger equation for the hydrogen atom given
in Chapter 18 leads to the conclusion that the energy of the atom may only
have certain values which are given by an expression identical with that
derived by the methods of Bohr. The theoretical calculation of the
Rydberg constant follows in exactly the same way as in the Bohr trecatment.
The various values of E obtained from these solutions give the possible
energy levels (eigen values) corresponding to the various permitted states
of the atom. For cach state there exists also the appropriate wave function
(eigen function) describing the behaviour of the electron in the atom. With
a knowledge of these functions it is possible to determine the probability
of finding the electron at different points in space and thus to imagine the
existence of an electron cloud around the nucleus corresponding to the most
probable positions of the electron for a particular atomic state. When the
atom possesses the minimum possible energy it is in its ground state ;
higher valum‘yf the energy correspond to the possible excited states of
the atom. :

The Schrédinger equation shows that the state of the electron in the

9



THE STRUCTURE OF MOLECULES

hydrogen atom is expressed in terms of three quantum numbers n, /, and m
which correspond to the three degrees of freedom of movement in space.
The quantum number n, termed the principal quantum number, may
have any positive integral value which determines the energy of the electron.
For a given value of n, the azimuthal quantum number [ may have any
integral value between o and n — 1. For a given value of ! the third
quantum number, the magnetic quantum number m may have any integral
value from 4 lto — e + 4, + 1 — 1, +1 —2,..... + 2,4+ 1,0, —1,— 2,
. v... — {; the total number of such values being 2/ + 1.

In wave mechanics the quantum numbers n, [ and m, are obtained
directly from the theory. In the Bohr treatment, on the other hand, the
value of ! was associated with the magnitude of the minor axis of the
elliptical orbit, and hence the lowest possible value of ! was 1, since when
1 is zero the ellipse degencrates into a straight line and the electron during
its motion would pass through the nucleus. Before the introduction of
wave mechanics and the thcoretical proof that / may have the value zero,
it had been necessary to modify the Bohr theory, by putting / = o in order
to conform with spectroscopic evidence.

The physical interpretation of the quantum numbers n, [ and m, whereby
they are connected with the axes of the elliptical orbits and their orientation
in space, is now no longer tenable and it is only possible to say that the
principal quantum number n is related according to equation 1.8 with the
total energy of the atom in a particular state, and the quantum numbers
! and m are related to the angular momentum. The angular momentum
is given by {I ({ + 1) }} hf2mr and its component in the direction of the 2
axis by mhf2an ; these expressions correspond to lh/2m and mhj2m respectively,
given by the Bohr theory.

When n = 1 we have shown above that [ can only have the valuc zero.
If n = 2 then ! may have two values, either zero or 1. The electronic
states for which [ = o are termed s states whatever the value of n, and for

= 1 they arc termed p states. When [ = o, m may only have the value
zero ; but when [ = 1, m may have one of three values: + 1, 0, — 1.
It thus transpires that for the value n = 2 there exist one s state and three
p states. When the principal quantum number n = 3, the possible states
arc as follows : one with [ = o (s state), three with ! =1 (p states, m
having the values 4 1, 0, — 1) and five when / = 2 (corresponding to the
values of m: 4- 2, 4+ 1, 0, — 1, — 2 and termed the d states). We thus
have nine states for the value

Table 111, Electronic States of the Hydrogen Atom of n = 3.

n . m When n = 4, in addition to
the above states for /= o0, 1
I o [ and 2, there are seven states
when [ = 3 (corresponding to
2] 0 +~? o1 the values of m: + 3, + 2,
L + 1,0, — 1, — 2, — 3) termed

3 | o o [ states.
1 +1, 0,—1 From the above examples it
2l rnty o-nL—a is clear that it is a simple
4 | o ° _matter to determine the total
1 +1, o0 —1 number of possible electronic
2 +2,+1, o0-—1,—2 states for any value of n, there
3| t3++1, 0—1,—2—3 pheing n values of / and (2/ + 1)

10
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values of m for each value of /. Table III shows the states of the hydrogen

atom between n = 1 and n = 4. These may be expressed in the form
l=n—1 )

‘2 2+ 1) =n? «...(1.39)

It will be shown in Chapter 2, when the building up of the periodic system
of the elements is discussed, that the quantity n? is of great importance.
As already pointed out, the energy of the hydrogen atom in any

Table IV, Complete Wave Functions of the Hydrogen Atom
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THE STRUCTURE OF MOLECULES

particular electronic state depends
only on the value of the principal
quantum number n and not on [
and m. When n = 2 there are four
possible states, one for / = 0 and three
for I = 1 (see Table Il and equation
1.39) ; the energies of these four states
X are all equal although their wave
functions differ. Such an instance
where several different states, each
corresponding to a solution of the

Schrédinger equation, exist for the
o . same cnergy value, is an example o

Figure 2. Relationship between spherical degeneracy. Thus the state of the

coordinates 1, 0 and ¢ and Cartesian co- hvd — g2 is four-

ordinates, x, y and z ydrogen atom when n = 2 is four

fold degenerate. The idea of degen-

eracy plays an important part in wave mechanics particularly in the appli-
cation to the chemical bond.

The solutions of the Schrédinger equation for the first three energy
levels of the hydrogen atom are given in Table IV. The wave functions
are expressed in terms of the spherical coordinates, 7, the distance of the
electron from the nucleus and the angles 8 and ¢. The relationship between
spherical and Cartesian coordinates is seen in Figure 2.

For the ground state of the hydrogen atom, n = 1, [ = o, the function
¢ is dependent only on the distance r from the nucleus and not on the
angles @ and ¢ ; the function ¢4, is given in Figure 3 (upper curve) as a
function of r. It follows therefore since the probability of locating the
electron in a spherical shell between 7 and r -+ dr will be

D(r)dr = 2,90 X 4mridr = (47%/a®) exp (— 2r/a). dr ....(1.40)
that the atom of hydrogen is spherically symmetrical and that the proba-
bility of finding the electron at any particular distance from the nucleus
is the same regardless of the direction chosen.

n=/ (=0

y’ - dxr?

Distonce from the Nucleus (r)

] Figure 4. Radial disinbution function
. Distance ":o’f’ the Nucleus .(’) (D) for the 1s, 25 and 3s states of the
Figure 3. Variation of the functions hydrogen atom
'/’mm w0s and YPgee with 1

If we plot the function D(r) = $i%¢o X 4mr® against r (Figure 4, upper
curve) we see that the probability of finding the electron at a distance r
12
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THE HYDROGEN ATOM

from the nucleus is small at small distances, due to the factor r?, and also
at very large distances, due to the exponential term, and that there is a
maximum value at intermediate distances. The value of r at this maximum
value of D(r) represents the most probable distance of the electron from
the nucleus and may be obtiined by differentiating equation 1.40 and
equating to zero. Whence

dD(r) 8 2r 8 2r
o = b,rcxp(-— a) —a.r‘cxp(-~ a) =0 ....(1.41)

which reduces to

t=a v (1.42)
It may also be shown (Chapter 18) that
a = h34nme? = 0-528 A coo(1.43)

Thus the maximum density of the clectron cloud is found to occur at a
distance from the nucleus exactly equal to the normal Bohr orbit (see
cquation 1.4).

In spite of this agreement between the Bohr theory wnd the wave
mechanical treatment as to the magnitude of the electron orbit in the
ground state of the hydrogen atom, it is important to appreciate the very
great differences which exist between the two theories.  In the Bohr theory
the electron may be found only at a fixed distance, i.e. 0528 A, from the
nucleus ; in the wave mechaerical treatment on the other hand the electron
may exist at any distance from the nucleus but the most probable position
is at 0528 A.  Thus the hydrogen atom in its ground state may be regarded
as a nucleus surrounded by a continuous electronic cloud having the form
of a sphere (Figure 5) the probability of finding the clectron in a certain
spherical layer increasing with the distance from the nucleus up to 0528 A
and then deereasing. At 1 A the density of the electron cloud is very small,

For the excited states of the atom of hydrogen, different types of clectron
clouds vecur. When n <. 2, I may be o or 1. If the first, when n = 2,
{ == 0, 17 -= 0 L. in the 25 state, the function ¢,40 again depends only on
the value of r (Table 117} and the electron cloud possesses spherical symmetry,
The plot of function ¢,y against r is, however, very diflerent from that of
Y100 (Figure 3) in that the value of ¢4 becomes zero at a finite value of 7
as well as when 1 is zero and infinity, whereas o0 i zero only when r is
zero or infinity.  ‘This behaviour is reflected in the plot of the probability
function D(r) against r (Figure 4) since, when ¢ == 0, D(r) = o. The
distribution of the electronic cloud for the 25 clectrons of the hydrogen
atom may be imagined in the following manner. The density of the cloud
increases as the distance from the nucleus increases, passes through a low
maxirnum and falls to zero ; the density then increases again as r increases
and passes through a second higher maximum, the position of which
corresponds to the radius of the second Bohr orbit and finally approaches
7¢ro as r tends to infinity. The complete electron cloud thus has the
appearance of a sphere surrounded by a second spherical shell as shown
in Figure 5.

When I =1 (n=2, 3, 4 ek) the wave functions depend not only on
the distance of the electron from the nucleus but also upon the direction ;
thus ¢ is dependent upon r, 8 and ¢ (sec Table IV). The physical picture
of these p states is somewhat more complex than that of the s states. In
the Bohr-Sommerfeld theory orbits with the same value of n but different

13
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1 = 0, 5 orbital
m=0
= 1, p orbitals
m= — |
= 2, d orbitals
m=: 4 2 m = 4 | m - m == -2

== 3, forbitals

N ™~
EENRNEL V-
S, ~

mem4+3 m=4+2 m=+1 m=0 m= — 2 m= —3

Figure 6.  Angular distribution functions for different electronic states of the hydrogen atom

values of / were distinguishable by their different eccentricities, and the
ratio //n represented the ratio of the minor to the major axis of the ellipse.
This picture is no longer tenable for the wave mechanical treatment and
when the wave funcuons are shown graphically it is found that when
l = 1, the electronic cloud has a form resembling an elongated figure eight
(Figures 5 and 6). In place of the spherical symmetry of the electron clouds
associated with the s electrons, there exists for the p electrons a maximum
density in a particular direction which will be shown later to play an
important part in the formation of directed valency bonds.
ave functions which have the same value of [ but different values of
m describe electronic states having the same angular momentum as well
as the same total energy, but in which the orbits are differently oriented
in space. In the old quantum theory, the orbits were considered to be
oriented at different angles to an arbitrarily fixed axis, but according to
wave mechanics the three electronic clouds of the three p states are elon-
gated figures of eight which are perpendicular to one another.
When the principal quantum number has the value three, the 3s electrons

T4



THE HYDROGEN ATOM

will also possess spherical symmetry (Table IV), but the y;,, function
becomes zero at two intermediate values between zero and infinity
(Figure 3). The electron cloud thus consists of an inner sphere and two outer
spherical shells (Figures 4 and 5) and the last maximum (Figure 4) coincides
with the third Bohr orbit. The electronic clouds for the 3p electrons
(n=13, I=1) are the same as those described above for the 2p state.
When n = 3 and [ = 2, there appear for the first time the d states ; these
five states correspond to the values for m of + 2, 4+ 1, 0, — 1, — 2. For
m = =+ 2 the electronic clouds have the form of an elongated figure eight
(Figures 5 and 6) and when m = + 1 _or o the electronic clouds have the
more complex shapes shown in Figure 6.
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2

PERIODIC CLASSIFICATION OF THE
ELEMENTS

THE PROBLEM OF ATOMS CONTAINING MANY ELECTRONS

OuR present knowledge of the structure of atoms which has been developed
through quantum and wave mechanics permits an explanation of the
periodic law, which forms the basis of the periodic table of MENDELEEFF.
The formulation of this law was a very important step in the development
of chemical theory and by means of the periodic classification of the elements,
Mendeléeff succeeded in removing scveral apparent anomalies which existed
at that time. Of the sixty four elements known to Mendeléeff, considerably
less than the total number were included in the table. Several of the
atomic weights accepted at that time were altered in order to permit the
elements to fit into the classification : e.g. uranium was corrected from
120 to 240, and the oxide given the formula UQ, in place of U,O, which
had been suggested by PirLicor; the atomic weight of beryllium was
changed from 135 to g, indium from 756 to 113, thorium from 116 to 232
and cerium from g2 to 138. The atomic weights of platinum, osmium,
iridium, gold, titanium, lanthanum, yttrium and erbium were also changed.
Furthermore in order to arrange the elements in order of their chemical
behaviour it was necessary in several cases to change the previously accepted
order based on atomic weight. These changes were nearly all subsequently
proved to be correct and only in a few cases such as iodine, tellurium, cobalt
and nickel was the original Mendeléeff classification found to be incorrect.

Several early attempts were made to put the periodic classification on a
theoretical basis but without success. The periodicity of the elements occurs
after 8 and sometimes after 18 elements, forming the short and long periods
of the table, and if an attempt is made to correlate this periodicity with
some function of the element e.g. the valency, no simple general relationship
is found to exist.

The discovery of the rare gases of the atmosphere by RAYLEIGH and
Rawmsey following Rayleigh’s observation that the nitrogen obtained from
air is heavier than that obtained by chemical decomposition, resulted in
the completion of the groups of the periodic table by the formation of a
zero group, the introduction of which did not necessitate any rearrangement
of the remainder of the elements. The zero group was placed between the
most electronegative non-metals and the most electropositive metals ; thus
neon came between fluorine and sodium, argon between chlorine and
'Potassium, krypton between bromine and rubidium and xenon between
iodine and caesium. The importance of the introduction of the zero group
lay in the fact that each period, whether short or long, terminated with an
element having zero valency, thus suggesting a completion of some stage
in the structure of the atom.

A further advance in the understanding of the periodic law arose from
the discovery by MoseLEY that the atomic number is more fundamental
than the atomic weight in determining the position of a particular element
in the periodic classification. The considerable amount of evidence on
which the periodic table was built made it clear that this sequence of the
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PERIODIC CLASSIFICATION OF THE ELEMENTS3

elements is not a coincidence but must be founded on some natural law,
yet the solution of this problem was not ultimately reached until the
introduction of quantum mechanics.

In the previous chapter it has been shown that a satisfactory description
of the structure of the hydrogen atom may be obtained by means of wave
mechanics. The problem considered was a comparatively simple one,
since in the atom of hydrogen there is only one electron, which results in
a simple expression for the potential energy viz — ¢%/r and in this case
Schrodinger’s equation may be solved exactly. In other atoms there is not
one, but several electrons and if the behaviour of each clectron in a poly-
electron atom did not depend upon the presence of the others f.e. if its
behaviour were determined only by its attraction to the nucleus, then the
Schrodinger equation for that atom could be divided into several equations
for a hydrogen atom, depending on the number of electrons, in which the
expressions for the charge on the nucleus ¢ would be replaced by e, where
Z is the atomic number. However, in addition to the attraction to the
nucleus, the electrons mutually interact, repelling each other according to
Coulomb’s law. The mutual repulsion encrgy is e¥/r,, where r, is the
distance between the two electrons. The potential energy term for a poly-
electron atom will consist therefore, of a series of terms of the type — Le¥/r,
where r, is the distance of the electron from the nucleus, representing the
attraction energy between the electron and the nucleus, and a series of
terms of the type e3/r, rep-esenting the repulsion energy between various
pairs of electrons. The complexity of the resultant potential energy term adds
greatly to the difficulty of producing an exact solution of Schrédinger’s
equation for the polyelectron atom. However, without actually solving the
complete equation, it is possible to obtain valuable information concerning
the distribution and behaviour of the electrons by using the solutions for
the hydrogen atom.

If we neglect the interaction of the electrons with each other we may
consider any atom as being ‘ hydrogen like’. It is obviously impossible by
this nieans to obtain any correct data for cnergy levels of the atom con-
sidered, but nevertheless it is possible to form a qualitative picture of the
atomic system and to arrive at a theorcetical explanation of the periodic law.
Proof as to the validity of the deductions made is forthcoming from spectro-
scopic data and from the chemical behaviour of the elements.

PAULYS EXCLUSION PRINCIPLE AND ELECTRON ORBITALS

The possible states of the electron in the hydrogen atom have already been
described in Table 111, and the same states are permissible in hydrogen-like
atoms. The fundamental question now arises as to how the various electrons
in a polyelectron atom are distributed throughout these positions. It will
be clear from our knowledge of the elements that certain restrictions,
limiting the number of possible electronic states, will have to be introduced.
The three quantum numbers, n, /, and m, which we have so far discussed
are, however, insufficient for a complete description of the behaviour of an
electron. It would appear that in addition to these quantities, an electron
possesses an angular momentum, with which is associated a magnetic
moment, given by the expression Vs(s + 1). hj2m. Thiidproperty of the
electron, generally referred to as electron spin, was introduced by UHLENBECK
and GoupscHMIDT! in order to explain the multiple splitting of spectral
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THE STRUCTURE OF MOLECULES

lines. The factor s in the above expression is termed the spin quantum
number and can only have the values + 1/2.

The fact that the phenomena of electron spin is not derived from the
Schrodinger equation is a weakness of this treatment. The relativistic
quantum mechanics of Dirac, however, which has been developed up to
the present only for a single particle, does lead to a description of the par-
ticle in terms of four quantum numbers, one of which determines the spin.,

The two values of the spin quantum number may be regarded as corre-
sponding to the two possible orientations of the spin angular momentum
with respect to the orbital angular momentum. The resultant angular
momentum is described in terms of a quantum number j, which has the
values ! + s, and the corresponding values of the angular momentum are
given by v/j(j + 1). Ajam. If any two electrons in an atom have the same
value of the spin quantum number it is considered that the electron spins
are orientated in a parallel manner, this behaviour we shall denote by two
arrows pointing in the same direction (4 4 ). If, however, the two electrons
have different values, viz s = + 1f2 and s = — 1/2 then the spins are
antiparallel, which we shall represent by two arrows pointing in the opposite
directions (| 1).

Having defined the four quantum numbers n, i, m and s which describe
the electron, we may now return to the problem of the possible electronic
states of a polyelectron atom. These are defined by the Pauli exclusion
principle, which states that no two electrons in the same atom can possess
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Figure 7. Approximate stability sequence of atomic orbi uls
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.

the same values of the four quantum numbers. Thus if two electrons in an
atom have identical values of n, [ and m it must follow that their spins are
antiparallel. Electronic states corresponding to definite values ofn,land m
are termed orbitals. Each orbital will thus accommodate, according to the
Pauli principle, two ¢lectrons with antiparallel spins. The term orbital
has arisen from the Bohr theory and it must be remembered that its use does
not imply a fixed clectronic orbit as conceived in the original theory, but a
particular probability distribution in space, as defined by wave mechanics.

The periodic classification of the elements is derived directly on the basis
of Pauli’s principle. In the formulation of the periodic system it is necessary
to explain the order in which the electrons assume their various states, i.e.
into which orbital the electron falls when we pass from an atom with atomic
number £ to the succeeding atom with atomic number £ + 1. Each clectron
will occupy the state possessing minimum energy, and as has been shown
for the casc of the hydrogen atom, the energy is dependent only on the
principal quantum number n as given by equation 1.8, In polyelectron
atoms the dependence of energy on quantum number is, however, more
complicated, being determined not only by the principal quantum number
n, but also by I. As a general rule an s orbital ($1) == 0) is more stable than
a p orbital (! = 1), which in turn is more stable than a d orbital (I = 2).

For the higher quantum numbers the relationship between the cnergy
values of the orbitals is more complicated (see Figure 7). Thus for example,
the 45 orbital (n = 4, ! = ) is more stable than the 3d orbital (n = 3,1 = 2).
This complexity docs not permit a construction of the electronic distribution
of the elements on the basis only of the analogy to a hydrogen like atom
and it is necessary for each element to use the spectroscopic data to
determine the clectronic states. The sequence of the distribution thus
obtained can, with only a few exceptions, be expressed by the data given
in Figure 7.

DISTRIBUTION OF ELECTRONS IN ATOMS
The values which may be given to the four quantum numbers are as follows :

I n=1,2,%34.0....

2l=0,1,2,3...... n — 1 corresponding to the s, p, d, f,..... .states
respectively

3 to each value of ! there are 2/ 4 1 values of the magnetic quantum
number m which has valucs from + ! to — |

4 to each value of n, [ and m there are two values of s, 4+ 1/2 and — 1/2.

These restrictions on the values of the various quantum numbers represent,
together with the Pauli exclusion principle, the basis of the periodic
classification. .
When n = 1, ! = 0 and m = 0, s may have the values + 1/2; it therefore
follows that the first orbital, i.e. when n == 1, can accommodate no more than
two electrons. If a third electron was introduced into this orbital, it would
also have the values n = 1,/ = 0, m = 0 and either s = 4 1/2 or — 1/2 and
thus would correspond exactly to the state of one of the electrons alrcad?v
contained within the orbital, its entry is thus prohibited by the Pauli
principle. These deductions are in direct agreement with the periodic
classification of the elements in which the first two elements, viz hydrogen
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and helium, complete the first period. The clectronic formula of the
hydrogen in its ground state will therefore be,

H 1s
and of helium He 1s2

The figure on the left gives the value of the principal quantum number, the
letter represents the value of [ and the superscript the number of electrons
associated with a particular value of / for that atom.

When n = 2, [ can have the values 0 and 1 and hence both s and p orbitals
are permissible. If / = o, then m = o and this orbital may contain two
electrons having the values of s + 1/2 and — 1/2. When [ = 1, three values
of m are permissible, viz + 1, 0, — 1 and to each of these orbitals there
may be ascribed the values s = + 1/2. Thus when the principal quantum
number has the value 2, there exist one s and three p orbitals which may
contain 2 and 6 electrons respectively, i.e. eight in all. These four orbitals
permit the construction of the second period of the Mendeléeff table con-
taining cight clements.

When n = 3, by following the same arguments as given in the preceding
paragraph, it is seen that there will be one s and three p orbitals, together
with five d orbitals for the case where [ = 2 when m has the five values
-+ 2, 4+ 1, 0, — 1, — 2. Since each orbital can accommodate, according
to the Pauli principle, not more than two electrons with opposite spins, it
follows that where the principal quantum number has the value 3, the
complete shell can accommodate 2 + 6 + 10 = 18 electrons.

In general, for a particular value of the principal quantum number, there
cannot be more than two s, six p, ten d and fourteen f electrons and the
total possible number of electrons for a given value of # is therefore equal to
2n?, Thus the introduction of the concept of spin leads to the doubling of
the number of possible electronic states (equation 1.39). The possible distri-
bution of electrons for a hydrogen like atom is shown in Table V and it is
seen that the series 2, 8, 18, 32, . . . which has arisen from the application
of the Pauli principle is in agreement with the numbers of elements
occurring in the periodic table of Mendeléeff. The electron shells with
values for the principal quantum number 1, 2, 3, 4, el are often referred
to as the K, L, M, N, elc shells.

Let us consider the derivation of the electron configuration of the
elements from lithium to neon which constitute the second period of
Mengdeléeff’s classification. The distribution of the electrons in the ground
positions of the atoms is given below. In the atom of lithium, the first two
electrons occupy the 1s position, the third electron according to the Pauli
principle must fall into the electron shell having the main quantum number
equal to two. The electron accordingly occupies the position of minimum
energy within this shell, which is the 25 orbital.

Li Be B C
15225 15252 15225%2p 15%25%2p®
n=1 11 1] 1] i

nee B T LI T T RMET T 1M
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THE STRUCTURE OF MOLECULES

N O F Ne
1522522p3 15%2522p% 1522522p° 2522522p8

=1 4] 1] 4] A
n=z ]3[4 ]4] (W[4 4 To] ][4 ] [ []

In the atom of beryllium the fourth electron completes the 2s5 orbital
and thus with boron the fifth electron must enter a 2p orbital. The
additional electrons of carbon and nitrogen each occupy a 2¢p orbital
as shown in the diagrams above. Once the three 2p orbitals contain
an electron each, the introduction of further electrons, as in the atoms
of oxygen, fluorine and neon, bring about the completion of these
orbitals. With ncon the electronic shell n = 2 is completed since
all the possible eight electron positions are filled and in accordance with
this, the second period of the periodic classification contains eight
elements.

The eighth element of the second period, neon, possesses several chemical
peculiarities when compared with the other elements of this series. The total
spin angular momentum will be zero, since the spins of the separate electrons
in each orbital are antiparallel, and furthermore, the total angular
momentum will be zero. Experimental observation of the properties of
ncon makes it possible to relate the completion of an electronic shell with
chemical inactivity.

In the elements of the second period the following numbers of unpaired
electrons occur :

Li Be B C N O F Ne
I o 1 2 3 2 1 o

->

These numbers of unpaired electrons are significant since they indicate the
number of electrons which may be accommodated in that shell through
compound formation. Thus these numbers indicate the valency of the
element. Both hydrogen and lithium possess a single unpaired electron
and are accordingly monovalent ; helium and neon in which no unpaired
electrons occur have zero valency. Oxygen having two unpaired
electrons is divalent ; nitrogen with three, trivalent ; fluorine with one
monovalent and carbon with two may, under certain circumstances, be
divalent

However, for beryllium, boron and carbon there appears to be no
relationship between the chemically observed valency and the number of
unpaired electrons. Beryllium is always divalent, boron trivalent and in
the majority of its compounds carbon is tetravalent. It might have been
supposed that the case of beryllium was analogous with that of helium,
since both elements have a completed s orbital, but beryllium as distinct
from helium has, along with the 2s orbital, three 2p orbitals. The excitation
of an electron in an helium atom from the 1s to the 2s state requires the
absorption of a considerable amount of energy (46okcals). In the atom
of beryllium, however, owing to the comparatively insignificant differ-
ence in the energies of the 25 and 2p states (62 kcals) unpairing of the elec-
trons is possible. Thus beryllium may be regarded as possessing either
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the unexcited (ground) state or an excited state having the electronic
formula :

Bet*
153252p

e [

n=z 4]¥] | |
25 2p

the asterisk* denoting an excited state of the atom. In this state the atom
of beryllium has two unpaired electrons and hence is divalent. The energies
of excitation of beryllium and other Table VI, Excitation Energics of
elements in that group of the periodic Group 11 Elements

table are known from spectroscopic
measurements and are given in Table VI.  Element | Elsctron transition | Ener
Asis to be expected the excitation encrgy kea
decreases with increasing atoinic number. Be a5 > 25 2p 62
In exactly the same way for the atoms Mg 358 - 35 3p 62
of boron and carbon one of the 2s elec- Ca P> 45 4p 43
trons may be transferred to a vacant 2p IS; 8‘: ~> 58 35 41
orbital sa that the electronic configura- @ B8 S 36
tions will be :
B* C*
1s52252p2 15225203
14] it
VIv[v] ] vy [¥]V]
25 2p 25 2p

The excited atom of boron has three unpaired electrons and is consequently
trivalent and the excited atom of carbon has four unpaired electrons and is
tetravalent. Thus the numbers of unpaired electrons in the atoms of the
second period may now be written as

Li. Be* B C* N O F Ne
1 % 3 4 3 2 1 o

and this order follows exactly the valencies of these elements.

For the atoms of nitrogen, oxygen and fluorine, such excitation processes
would not change the number of unpaired electrons since in the atoms of
these elements there are no vacant 2p orbitals. In order to increase the
valency of nitrogen a transfer of a 2s electron to a 3s state would be necessary.
Such a transition however, would involve too great an amount of energy
for the resulting state to be of significance in determining the valency of
nitrogen. Thus nitrogen cannot be five covalent, and in those compounds
where nitrogen may be considered as being pentavalent there is in fact one
electrovalent bond together with four covalent bonds, as in NH,* and the
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nitro group. These compounds will be considered later. Thus the ability
of an element to enter into chemical combination may be lacking in atoms
in an unexcited state, but may be present as the result of excitation or ioniz-
ation, either process involving the expenditure of energy.

The distribution of electrons in the p orbitals given above 1s not immediately
apparent. For example, it would be possible for the two p electrons of carbon
to be placed in one 2p orbital, or the three p electrons of nitrogen to be
placed not in three different orbitals but in two, #iz

Ay ]
s 2p

The accepted distribution of the p electrons is based on spectroscopic data,
which leads to the following rule: for a given value of /, electrons are
distributed in such a way that the number of unpaired electrons with parallel
spins is 2 maximum, and hence the total spin angular momentum is also a
maximum, This rule, known as Hund’s law?, depends on the fact that
states with a maximum number of electrons with parallel spins is the most
probable arrangement on the basis of energy consideration. Thus for the
atom of nitrogen the state with three unpaired p electrons is more probable
than the state with only one unpaired p electron since an excitation energy
of 55 kcals is required to convert the former into the latter state. Similarly
for the atom of oxygen, the state with two unpaired electrons

mitaran
s 2
is more stable by 45kcals than the state with no unpaired electrons

] ]
2p

25

and for carbon the energy difference between the two states

MLV ]
2p

25

and

e 1]
2p

A

is 29 kcals. The spectral terms for these states are as follows®: for nitrogen
4843 and 2D, for oxygen 3P, and 1D, and for carbon 3P, and 1D,.

Sodium, the element following neon, possesses similar chemical properties
to lithium ; this is understandable on the basis of the electronic formulae
of these atoms since after the completion of the second electronic shell with
neon, the next electron can occupy only the 3s orbital.
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Na
153252283

n =2 [JF[TVATiA
oK [T11]
§ p d

The process of the completion of the electronic shell is repeated as for the
second period elements and is shown by the electronic formulae :

3s :

L1 1]
Al 1s® 2s® 2p® 337 3p .-
Si 15?25t 2ps 362 3p? ¥
P 1s?2s® 2p8 352 3p° 0
S 1s?as? 2pd 342 gpt
Cl 15?252 2p® 352 38 A \

AN 4)

The number of unpaired electrons in the unexcited states of the atoms of
the third period are the same as in the second period :

Na Mg Al Si P Cl  Ar

1 o 1 2 3 1 o

and considering the excitation from the 3s to the 3p state ¢

Na Mg* Al* Si* P S ClI Ar

I 2 3 4 3 2 1 o
and thus the fundamental valencies of these elements arc the same as the
corresponding elements of the second period. The behaviour of the elements
in the various groups is, however, not entirely analogous as the difference
in energy between the 3p and 4s states is less than that between the 2p and
25 states, and elements of the third period, much more readily than those
of the second period, are transferred to an excited state with a corresponding
increase in the valency. In addition, in the third period there exist the
3d states comprising five orbitals which permit, by electronic excitation,
an increase of valency. These views are exemplified in the behaviour of
fluorine and chlorine. Fluorine is always monovalent, whereas chlorine
gives a series of compounds with oxygen ¢.g. CL,O, Cl,0;, ClO,, et, which
clearly involve a variable valency, which can only occur by the excitation
of 3p electrons to 34 and 4s states. Similarly oxygen is divalent, whereas
sulphur possesses a variable valency. These differences in behaviour can

25
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Mg 15?252 2p8 352
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Ar  15% 252 2§ 352 3p0 ¥
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be explained only in terms of energy relationships. If electronic excitation,
involving the unpairing and increase in the number of unpaired electrons,
requires an expenditure of energy which can be accounted for from a know-
ledge of bond encrgies, then a variable valency is possible. If on the other
hand the endothermic clectronic excitation energy is greater than the
exothermic combination of the atoms, then that particular element will
only a single valency state. Thus the very high electronic excitation
energy of helium, 460 kcals, prevents it from being a reactive element.

In the atom of argon, only the 35 and 3p orbitals are occupied, but in
this clectronic shell there exist also the five 3d orbitals. The energy of the
3d states, however, is considerably greater than that of the 3p and is in fact
greater than that of the 4s orbital. It is this fact which results in the inert
character of argon and makes it comparable with neon. The clectrons of
the two succeeding elements potassium and calcium thus occupy the 4s
orbital which, as indicited above, is more stable in the case of these clements
than the 3d orbitals. Thus a fourth period is commenced. The occupation
of the 3d orbitals commences only with the next element, scandium, atomic
number 21, in which the 3d state has a lower energy level than the 4p state.
The energy relationships of the 3, 3d and 4s states are known empirically
from the spectroscopic data 5 a theoretical atterpt to deal with this prob-
lem has been made by Fernmt ! who has pictured the atom as an electron cloud
existing in the ficld of the nucleus.  On passing from one atom to the next,
the new electron occupies the encrgy level having the lowest energy, a fact
in accordance with Pauli’s principle. This approach leads to the prediction
that the formation of s, o, d and f states will start at the first, fifth, twenty-
first and fifty-fifih elements. Experiment shows that the s electron appears
first with hydrogen, atomic number 1, the p electron with boron, atomic
number 5, the d electron with scandium, atomic number 21 and the f
clectron with cerium, atomic number 58,

The electronic configuration of the atom of scandium s :

Sc
1122522983523 p83d4s?
e A AN VA Y

v e
3 b d

From scandium to vanadium, atomic number 23, there occurs a further
filling of the 3d orbitals and hence the clectronic formula of vanadium is

Vo 1s% 252 08 352 3p0 340 452

With the next element, chromium, howcever, it appears that for the first time
in the construction of the periodic classification an element does not retain
the electronic configuration of the previous atom. Thus in the atom of
chromium there is only one 4s electron and five 3d, in place of the two 45
and four 3d clectrons which might have been expected. The electronic
formula for chromium is therefore

Cr  1s2 252 2p8 352 3p® 3% 45
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and it must be assumed that this configuration is more stable i.e. has a
lower enecrgy value than the predicted formula

Cr  1s® 252 2p8 352 3p® 344 4s°
In the next element, manganese, the 4s orbital is completely filled and it
has the formula

Mn 152 252 2p8 352 3p8 345 452
With the elements iron, cobalt and nickel the 3d orbital continues to fill
up and finally, with copper in which one 4s electron transfers to the 3d
state, the filling of the 34 orbitls is completed

Fe 15?252 2p0 352 390 3416 442

Co 152 252 298 342 3% 347 452

Ni 152 242 206 342 3p® 38 442

Cu 152 252 298 3,2 38 341 4s
After copper, the next element zing, fills the one free place in the 4s orbital
and the succeeding six elements, from gallium to keypton, Gill the 4p orbital,
and the period ends with the following contigurition for krypton

Kr 152 252 200 342 30 310 452 458

The fourth period, as has been shown above, begins with the filling of
an s orbital, which is in agreement with the chemical similirity of potassium
and caleium with sodium and magnesium respeetively.  Alter this orbital
has been completed, however, the elements which follow show new properties,
such as a variable valency. The reason for this behaviour is that the 34
orbitals are being filled and the difference in energy of the 3d, 45 and 4p
states is small so that electronic excitation, producing an inereased valeney,
may easily occur. It is difficult with elements such as chromium, nunganese,
iron, cobalt and nickel to determine the value of the unexcited valency
although it is possible to determine the number of unpaired electrons. 'The
valency may be more or less than the number of unpaired electrons and the
position is complicited by the tendency to form elecirovalent or ionic honds
in addition to covalent bonds,

After the completion of the s and 4p states with krypton, a lifth period
commences. As in the fourth period the g5 orhital is more stable than the
4d or 4f states and is filled by the elements rubidium and strontium. “The
occupation of the 4d orbitals commences with the next element, yttrium
and continues normally for the next element. With niobium however, the
spectroscopic data show that one 55 clectron has also been transferred to
the 44 state, and a single electron occurs in the 55 orbitad up to the clement
rhodium, atomic number 45. In the next element, palladium, the remaining
55 electron is also transferred to the 45 state, which is thereby completely
filled with ten clectrons

Pd 152 252 260 352 3p® 34" 452 4p0 4410
The remaining elements of the fifth group, beginning with silver and ending
with xenon fill the 55 and 5p orbitals. The 4 f orbitals which remain unfilled
in the fifth period are filled in the sixth period after caesiumn and bharium
which occupy the 65 orbital and lanthanum which has the clectronic formula
La 152 252 2p8 352 3p8 3410 452 4p® 44V 552 5p° 5d 6s*
Fourtecn electrons are distributed in the seven 4f orbitals and form the
lanthanons, or rarc earths. These clements possess a common outer
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Table VII. Electron Configuration of Atoms in therr Normal States

Element  Atome K L M RY 0 P Q
Number e e = e e em e e e
1w o2p 3 3p 3d powpo4d 4f 55 PS5 65 6p 64 s
H 1 1
l!r 2 2
Li 3 2 1
Be 4 2 2
B [ 2 2 1
A 6 2 2 2
N 7 2z 2 4
O 4 2 2 4
13 9 2 25
Ne 10 2 2 b
Na 11 2 o2 6o
My 12 22 b2
Al 14 2 2 6 2
Si [ 2 2 6w o2
P 1 2 2 6 203
S 16 2 2 b2 g
Cl ! 17 2 2 b o205 ’
Ar 18 2 2 6 2 b
K i 19 w2 b2 6 1
Ca | 20 2 2 b2 6 2
S| a o2 b2 6 1 2
Teoo 22 22 62 6 w2
; 24 e 2 b 2 6 [
@ 24 2 2 b2 6 51
In 25 2.2 b 2 6 5 2
Fe 26 2 2 b 2 b 6 2
Co 27 2,02 6 2 6 7 2
Ni ! 28 2 o2 6 2 6 8 2
: 29 2 62 b 10
0 ' 40 2 2 c2 b0
Ga 3t 2 o2 62 6 10 2
Ge 92 la 2 6 2 6 10 2 2
As ! 33 T2 2 b o2 b 10 203
Se 134 2 o2 b2 6 a0 2y
Br | 35 22 6 2 b 1o 2 5
Ke | b 2 2 6 2 6 10 2 b6
[ ; e e e
Rb ' g7 2 2 6,2 6 10 2 6 1
Sr I 2 6.2 6 10 2 6 2
Y [ 39 2 2 6 o 6 10 2 6 1 2
Zr 40 T2 02 6 2 6 1w 2 b6 2 2
Nb | o4t f2 2 6 2 6 1w 2 6 4 1
Mo | 42 tf2 2 6 2 6 w 2 6 5 1
Te 1 43 122 6 2 6 10.2 6 b 1
Ru | 44 212 6 2 6 10, 2 6 7 1
Rh 45 2.2 62 6 10 2 6 8 1
Pd ] 4 212 6 2 6 10 2 6 10
i frem e S e T = e e i ——— T
Ag | 47 g2 6.2 6 1w 2 b6 10 i
cd | 48 ‘2 ' 2 6 26 10 26 w0 2
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Table VII.  Electron Configuration of Atoms in their Normal States—continued

| : i |
| Alomic | KL | A | N | 0 [ p !Q
! Number |— e s T
: [1sias 2p 35 3p sdww«! 4!|5s5p5d5.lmbpbd R
49 §252 Gvaﬁloi‘:ﬁm iul o
50 {22 6:2 6 10'2 6 10 a2
, 5t j2'2 6 2 6 100 2 6 10 Ca2 o3
i 52 2.2 6'2 6 102 6 10 P24
53 [2:2 6.2 6 102 6 10 L2 4
54 2 2 6{2 6 1w'2 6 10 2 6 !
|
55 ‘2 2 6'2 6 1wl2 2 10 L2 6 1
56 202 6 2 6 10,2 6 10 a6 2
57 ‘22 6i2 6 1w0!2 6 10 2 6 2
© 58 242 6,26|0i'zli 1 12 6 1 2 f
" 59 2.2 6:2 6 wi2 6 w0 2 l2 6 1 2 |
> 2,2 6.2 6 10 2 6 10 gl2 6 1 2
;6 t2i2 612 6 1w0'2 6 10 gi2 6 ¥ 2
62 2.2 6 2 6 10;2 6 10 5.2 6 1 2
63 2.2 62 6 10,2 6 10 6i2 6 1 2
64 ‘2 2 6 2 6 w2 6 1072 6 1 2
65 T2 2 6 2 6 102 6 10 B2 6 1 2
66 i2 2 6.2 6 10 2 6 10 92 6 1 2
67 f2 2 6 2 6 1wl2 6 10 w2 6 2
68 2'2 6.2 6 w2 6 10 11j2 6 2
Gg 2.2 6'2 6 10 2 6 10 12,2 6 1 2
70 22 62 6 10'2 6 10 13’2 6 1 2
71 l2 2 612 6 102 6 10 14 2 6 1 |2
72 2.2 62 6 1012 6 1w 14,2 6 2 }z !
73 ‘2.2 6 2 6 1w0.2 6 10 1pl2 6 3 fa
74 22 602 6 10t2 6 10 1y, 2 6 4 {2 ‘
75 b2 2 b.o2 6 102 6 10 2 b5 ]
76 2,2 6 2 6 10 2 6 10 [ 1} L2
7 2 2 62 6 10,2 6 10 vz 6 g l
7!5 22 62 6 102 6 10 1402 6 g j 1 |
70 ‘2 2 6 2 6 rol2 6 10 1y 2 6 10 1 (
8o b2 6 2 b 10 2 6 10 142 6 10 |2 i
81 2 2 6 2 6 10i2 6 10 14 2 6 10 b2 o |
82 "2 2 6.2 6 102 6 10 14 2 6 10 122 |
83 2 2 6 2 6 102 6 10 14.2 6 10 2 g i
84 2 2 62 6 10.2 6 10 14;2 6 10 | 2 4 :
85 2 2 62 6 10 2 6 10 14,2 6 0 2 i
86 2 2 672 6 10 2 6 10 14.2 6 10 2 6 !
8 ‘2 2 6 2 6 10:2 6 10 142 6 10 g'z 6 1
88 22 6.2 6 10 2 6 10 1y 2610 26 2
89 2.2 6 2 6 10 2 6 10 14 2 6 10 2 6 12
R N | e
90 12;2 6 2 6 102 6 10 14 2 6 10 1,2 6 1]2
91 212 6,2 6 10 2 6 10 14,2 6 10 2526152
92 ‘2,2 652 6 10,2 6 10 14 2 6 10 32 6 12
93 122 6:26504‘9610 142 6 10 4‘261;2
94 ,2 2 6,2 6 10,2 6 10 14 2 6 10 512 6 12
95 ‘2°'2 6,2 6 10.2 6 10 14.2 6 10 62 6 112
o6 22 6'2 6 10!2 6 10 1412 6 10 7[261$2




THE STRUCTURE OF MOLECULES

electronic structure, the arrangement being 552 548 5d 652 and differ only in
the number of deep-lying 4 f electrons. The similarity of chemical behaviour
of these elements 18 thus understandable since chemical behaviour is deter-
mined, in general, by the outer electrons.

After the completion of the 4 f state, the 54 orbitals continue to be filled,
the first e¢lement in this series being hafnium with the electronic formula
Hf 152 252 2p8 352 3p% 3410 452 4p% 4410 4114 552 5p8 54 652
This formula permits the conclusion to be made that this element, atomic
number 72, is not a lanthanon, but is an analoguc of zirconium. In this
way the quantum theory has limited the number of lanthanons to fourteen
elements, for which there was no previous criterion, and indicated the
correct place of the clement hafnium, similar to the way in which Mendeléeff

predicted correetly the positions of gallium, germanium and scandium.

The electronic configuration of all atoms is shown in Table VII and the
periodicity of the elements in Tables VI and 1X. Table VIII is based on
that of Mendeléeft but whereas the division of the elements into groups
and subgroups was originally empirical, it is now shown to be based on the
clectronic structure of the atom. Under each subgroup there is given the
distribution of the outer electrons. On the right hand side of the table is
given the electronic configuration of the penultimate shell and the main
quantum number of the outermost electrons. The superscript given to each
symbol refers to the clectronic configuration of the completed inner shells
which are given bencath the table. The division into the subgroups A and
B is based on the fact that the penultimate electron shells of the elements in
these groups contain the configuration s2 p® and 52 p8 d19 respectively. The
lanthanons and actinons, in which the 4f and 5/ orbitals respectively are
filled, are not shown on the table.

The absence of inner completed electronic shells where n = 1 leads to
certain differences in the properties of hydrogen and helium compared
with other elements having a similar configuration of the outer clectrons
and these two clements have therefore been placed in a separate part of
the table. Helium cannot be grouped with the alkaline earth metals,
although their electronic configuration, s?, is identical ; chemically, helium
is an inert gas, but since the remainder of the members of this group
possess six p clectrons in the outermost shell, a different classification 1s
required. In a similar way the electronic configuration of hydrogen is
identical with that of the alkali metals, the s electron of the hydrogen atom
is, however, bound more strongly than in the alkali mctals and furthermore,
the chemical behaviour of hydrogen is not very similar to that of lithium or
sodium and it is therefore placed in a separate group.

To illustrate the use of the table, let us consider the configuration of
tungsten. It has an atomic number of 74, the superscript 5 indicates that
the structure of the inner complete shell is

152 2,2 2p8 352 3p® 3410 452 4p8 4410 414
The penultimate clectronic shell, as indicated at the right hand side of the
table is 552 5p® and in the outermost shell there are present four 54 and
two 6s clcctrom, the 54 electrons being unpaired. The number of unpaired
electrons in the ground state of the atom is determined experimentally
from spectroscopic data in the following way. If the multiplet splitting is
denoted by M, then the multiplicity is given by M = 2§ + 1, where §
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is the resultant spin vector equal to £s. Thus when M = 1 (singlet state)
it follows that § is zero and hence all the spins must be paired ; when
M = 2 (doublet state), § = 1/2, indicating the existence of one unpaired
clectron ; when Af = g (triplet state), § == 1 and there will be two un-
paired electrons, each with the value s = + 1/2. Thus in general the
number of free unpaired electrons is given by (Af — 1).

The expanded form of the periodic table shown in Table 1X has several
advantages over the original form and is based much more closely on the
clectronic distribution obtained from spectral data and the Pauli principle
(see Table V) than is the Mendeléeff form. It is not now generally con-
sidered that the chemical similarity of elements containing the same number
of clectrons in p and 4 orbitals is such as to justify their classification as
subgroups of the same periodic group. ‘The transition group of clements,
whose chemical behaviour is closely determined by the presence of an
incomplete d shell of electrons, have therefore been removed from the sub-
groups and placed between the main groups I and II1. The only serious
objection to this form of table lies in the inclusion of the copper and zinc
groups within the transition group. 1If we regard a transition clement as
onc with an incomplete, but not empty, o shell then those elements together
with palladium are not transitional. 1t is convenient, however, to include
them in the transition group as representing the limiting stage to be
attained by the completion of the d shell. What similarity exists between the
copper and zine groups and the alkali and alkaline carth metals respectively,
may be attributed to the similarity of the electronic configuration of the
s orbital, but the influence of the completed shell of d electrons on the
properties of these clements (e.g. the ionization potential) is sufficiently
marked not to justify their inclusion as subgroups of groups I and IT.

Until very recently only ninety-two clements were recognized and the
periodic classification ended with the element uranium. In 1940 McMiLLAN
and Aberson® showed that bombardment of uranium with neutrons led
to the production of an isotope of a new clement, neptunium, of atomic
number g3. This isotope Np*3?, which has a half life period of 2:3 days,
is the decay product of U2%? formed by the neutron hombardment of U=,
The chemical behaviour of this element showed that it was closely related
in its propertics to uranium and dissimilar from rhenium. These data were
the first convincing cvidence that it was the 5f shell that was being filled
and not the 6d. These elements thus form a group named the actinons,
analogous to the lanthanons. A sccond isotope of neptunium, Np?37, was
obtained by bombarding uranium with fast neutrons, the reaction taking

place being U238 (n, 2n) U237 5 Np23?.  ‘The importance of this isotope
lies in the fact that it has the very long half lifc period of 2:25 % 108 years,
and that it has been prepared in weighable quantitics. The sccond trans-
uranium element to be prepared was plutonium®, Pug® having a half’ life
i
period of 50 years, the reactions being U2 (d, 2n) Np?* L putss,
Chemical studies show it to have propertics very similar to uranium and
neptunium but the lower oxidation states arc more stable.  Americium,
atomic number g5, was the fourth transuraninm clement obtained.
The reactions taking place on the bombardment of U?¥ by high cnergy

. . ? - .
helium ions are U2 (a, n) Pu?4!~Am?4!, Thc third clement to be
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PERIODIC CLASSIFICATION OF THE ELEMENTS

Table VIII. The Periodic Classification of the Elements (Mendeléef)

Periodic group 1 11 i8¢ v \Y vI .
VIL VIII (] — -
Sub group A B 4 B A B A B A B, B, A B, B,
A B, B, B, B, C, C, C, D, D, | Dy - -
T otons ! 2 3 ¢ 5 6
7 8 9 10 8 1 2 .
§
v v ¥ 3 3
, A b : : e
v VA A
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ih““:ﬁ v v ‘LT s I lT 1 J‘T v (¥ VYL ALY (¥4 Wl Wiy Ay § §
R ¥ Vv [ v v v v v v [¥ il
, ) e VIV v v v [ [V A Ik
] v vy vV I3 v v A A 8
v v vy Ty AR A R A R T 2R 2R 2
Number of ¢ ¢'r *T ¢+ ¢T ** '&* ++ *1‘ **
unpaired 1 o 1 2 3 5 2 4 6
electrons 1 5 4 3 1 2 °
H. ch —
Li Be B (¢ N o]
3 Y 5 [ 7 8 F. Npm st
Na:l Mg:. All Sll Px Sl N 1
1 1 13 18 Cl“ \r"
K’ Ca’ Sc’ Ti' v’ o N ; : X s
1 20 21 22 ) 2 Mn“ Fc“ Co” Nx”
Cu;l Zn' Ga2 Gc. As’ Se2 2 2
29 30 3t 31 33 34 Br“ Kr" STp8A10
Rb' s’ Y ze Nb* Mo s . s s 1y
a7 as s w0 at [t Tc“ Ru W Rh“ Pd L
Ag), cd | sn., sb, Te,, " xe!, e
o' Ba' La' He' Ta’ w’ ; . s s
ss se 87 ” 8 " Re Os | Ir P sTpt
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Electron configuration of inner shells (indicated by superscript)
s % 1572528 3 157257283573 p03d"° ¢ 157257290353 034104574 pO4 "0 5 | s22522535%3 p5d 194524 p54d104 [ 14 6 15222083523 B3 010452 pl4d 104 f 145525 pB5d10

32
oM,—3 33



THE STRUCTURE OF MOLECULES

Table 1X  Periodic Classification

PERIODIC CLASSIFICATION OF THE ELEMENTS

of the Elements (expanded form)

Periodic group

Transition group 1 v v VI | VH | vIi
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}Vumbndo/l . o P 2 3 5 1 6 5 5 4 4 3 3 1 2 2 o 1 2 I 2 3 2 1 0 1 0
unpared electrons Configurations of inner shells
1 H He
2 Li | Be B ¢ N (o] ¥ Ne st
Principle 3 Na | Mg Al Si P S Cl1 A Ist20%2p8
quanium K Ca| > | Ti v Cr | Mn Fe Co Ni Cu | Zn 15%2st2p'35%3p*
4
number Ga GCe As | Se Be Kr 1572512903513 p3d 104 5*
ofouer Rb Sc Y YA Nb Mo Te Ru Rh Pd Ag | Cd 15%25%2p*35%3p 3d 0 s Y4 p®
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Cs Ba La Hf | Ta w Re Os Ir Pt Au | Hg |s'z;’ap‘gx’3p'3d‘°4s‘4p'4d‘l'l5£'5p‘
6 ~
TC | Pb | Bi | Po | At | Rn 15725%2p35"3p*3d' 4574 p4d 0y 145575 50541965
7 Fr Ra Ac U’?I’70'3JX3P'3J"41'4ﬁ'4d"4f“5I'50‘5l“51'69‘
Lanthanons Ce | Pr | Nd Pm| Sm | Eu | Gd | Tb | Dy | Ho | Er | Tm | Yb | Lu
Actinons Th | Pa U Np | Pu | Am | Cm
34

35



THE STRUCTURE OF MOLECULES

prepared was curium, which was identified in the product of the bombard-
ment of Pu?¥® with helium jons, the reaction being Pu?3® (a, n) Cm?242,
Both americium and curium form triply charged positive ions in solution
and are carried quantitatively by the lanthanon fluorides in precipitation
reactions and are separated from them with difficulty.

Of the synthetic transuranium elements only plutonium has been found
naturally ; it exists in very small quantities (1 part in 10'4) in pitchblende
and carnotite in which it is produced by the absorption of neutrons from
various sources by the uranium isotope U238 in the ore.

The problem of the structure of the atom may be regarded as falling
into two parts : the configuration of the outer electronic shells, upon which
the chemical behaviour of the elements largely depends and the structure
of the nucleus in which the greater part of the mass of the atom is centred.
In view of the very large number of isotopes of the elements which are
known to exist, it cannot but be significant that in only four cases does the
order of the atomic weights differ from the order of the elements when
arranged with increasing value of nuclear charge, i.e. atomic number.
Many more exceptions to this might be imagined ; thus there exist isotopes
of argon, chlorine, calcium and potassium whose isotopic weights are
respectively 36, 37, 40 and 41, and if these isotopes were to predominate
in the naturally occurring elements, the order of atomic weights would be
different from that which actually exists and which is identical with the
order of these elements in terms of their atomic number. Any theory of
the structure of the nucleus must therefore ultimately explain why there
exists an approximate relationship between the mass m, in hydrogen units,
and the nuclear charge <, in electronic units, given by :

mfZ = 1/2 to 1/2:6

PERIODICITY OF PROPERTIES

Quantum mechanics has shown that periodicity is conditioned by the
repetition of the configurations of outer electrons and it is natural that only
those properties which are concerned with the structure of the outer electrons
of the atoms should reveal periodicity. Thus it is found that ionization
potentials, ionic dimensions, polarisation ef¢c when considered as a function
of atomic number give a curve similar to the atomic volume curve. Other

690 a
S He
] A'/ Ne
¥ 460
e 3 A Ar|
e ¥ Kr
S ol AA z X A9 R
S S 230 . n Cd . A
Y
I 0 s e v
|
[¢] /0 20 Jo 40 50 60 70 80 92Q
Atomic. Number of Element
Figure 8 lonization potentials of the elements as a function of atomic number

henomena, such as the heat capacities of monatomic gases, which are not
influenced by the outer shells of electrons, show no periodic properties.
A study of properties which sho w pericdicity is therefore mostimportant,
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and leads to a better understanding of the observed chemical periodicity ;
such deductions that may be made, however, are at the moment only
qualitative.

Ionization potentials— The ionization potential represents the energy
necessary to remove an electron from the atom. This energy we shall
designate as ; and is generally termed the first ionization potential. The
second ionization potential, I,, represents the energy required to remove an
electron from the singly charged positive ion. The first ionization potentials
of the atoms are given in Table X and are also represented in Figure 8.
where the periodicity is evident. The variation of the ionization potential
with atomic number reveals a series of important generalizations, which
will be discussed in some detail because of the importance of ionization
potentials in several chemical processes, such as the tendency for a given
element to form ionic compounds.

Table X. First Ionization Potentials (kcals)

H He

312 5638

Li  Be B C N O F Ne

1238 213°8 190'1 258'3 333'4 312'2 (414'7) 494'4
Na Mg Al Si P S Cl  Ar
117°7 175°3 137'3 1866 253'4 237'5 2986 3613

K Ca Se Ti V. C Mn Fe Co Ni Cu Zn Ga Ge As Se - Br Kr
99'5 140°3 154°0 156'9 155'7 155'3 170°5 180 4 1958 175°3 1769 215°6 1375 186-¢ 241°9 223'5 (265) g3ara

Rb S Y Zr Mo Ru Rh Pd Ag Cd In Sn Sb Te I Xeo
95'8 130°6 150  150'4 165°9 (r77) 177'4 191°2 173°7 2064 1327 168 2 1924 206'4 2419 2788
Cs Ba La w Os Pt Au Hg Tl Pb Bi Ro
892 119'6 1288 1866 2004 204'6 211°7 239'1 139'8 170 1670 2465
Ra
1210

Consider the series of elements in the first and second groups shown in
Table X :
Li Na K Rb Cs

1235 1177 99’5 958 892

Be Mg Ca Sr Ba
2138 1753 1403 1306 1196
The energy involved in liberating an clectron from an atom of an alkaline
earth metal is greater than that required in the case of the corresponding
alkali metal ; thus we may conclude that an unpaired s electron is removed
from an atom much more easily than a paired one. This indicates that the
pairing of two electrons in an s orbital increases the attraction energy
between an s electron and the atom.
Considering the elements of the second and third groups :
Be Mg Zn Cd Hg
2138 1753 2156 2064 2391

B Al Ga In Tl

1901 137:3 1375 1327 1398
it is seen that a p electron is more easily removed from the atom than one
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of a pair of s electrons. The comparison of gallium, indium and thallium
with respectively zinc, cadmium and mercury rather than with calcium,
strontium and barium is necessary in view of the electronic configurations :
Ga 152 252 2p8 352 3p8 3410 452 4p1
Zn 1s2 252 258 352 3p8 3410 442
Ca 132 252 258 352 3p8 452
The inner shells of gallium and zinc are identic¢al, whereas those of gallium
and calcium are not (see below).
There appears to be a considerable difference between atoms containing
d electrons when compared with those which do not, e.g.

K Rb  Cs
995 958 892 (s*p%s)

Cu Ag Au
176:9 1737 2117 (s2p8dV05)

Ca Sr Ba
1403 1306 1196 (5% p% 52)

Zn Cd Hg
2156 206-4 2391 (5% p 410 52)

The presence of a completed d shell markedly raises the ionization potential
of the element. The explanation of this phenomenon is related to the
theory of the homopolar bond ; the additional mutual interaction of the
s and d electrons evidently increases the strength of the attraction energy
between the s electron and the atom.

In the case of the fourth and fifth groups, it is worthy of note that the
ionization potentials of the elements in the fourth group, possessing three
unpaired electrons, N, P, As etc, are greater than the neighbouring elements
of the fifth group, where only two of the p electrons are unpaired. The
ionization potentials of the halogens lie between the corresponding elements
in groups six and eight. In every case the inert gas, having a completely
filled series of s and p orbitals has the greatest ionization potential.

The dissimilar sequence of ionization potentials within a particular period
(see Figure 8) is closely linked with the electronic character of the outer
shell of electrons, whether it contains s, p, d or f electrons, and the number
of unpaired electrons within each shell.

The variation of the ionization potential in the groups of elements is also
of significance. As a general rule the ionization potential decreases as the
group is descended, i.e. as the atomic number increases and the difference
in the first and second periods is considerable, e.g.

Iy — Iy =80 kcals
I, — Iy = 747 kcals
' Iy — Iy = 717 keals
The decrease is less, however, between elements of the second and third
periods :

I — I, = 11.5kecals
Iy — I, = 14 kcals
Ig‘ -— IGB = o2 kcals
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This marked difference is possibly connected with the fact that .in
germanium, arsenic and selenium, a shell of d electrons is present. Com-
parison of the various different ionization potentials, Table X1, indicates a
marked difference in ionization energy between electrons of different main
quantum number. In this table the values given are relative to the ionization
potential of hydrogen (312 kcals). In the atom of lithium the relative
ionization energy of the outer 2s electron is 0:4 units, whereas the second
electron, which is a 1s electron requires an amount of energy fourteen times
as great, thus indicating that the electrons with quantum number # = 1,
are held much more firmly to the atom. In the case of beryllium, the
successive relative ionization potentials are 0-7, 1:34, 11-3 and 16. Here
there is a marked difference in value between the second and first electronic
shells. The same behaviour is observed with other elements, and in Table XI
the change of main quantum number is indicated by the thick line.

Table XI, Ionization Potentials relative to that of Hydrogen

E . Coygumlx‘on )
lement | Atomic of outer I, I, Iy I Iy Iy I, 1,
Number electrons
H 1 . s 100
He 2 53 1-84 400
Li 3 s 04 59 90
Be 4 52 o7 134 113 16-0
B 5 s 061 1-85 2:8 193 25
(o] 6 shp? 083 179 3'52 474 | 240 360
N 7 sip? 107 2:18 3'49 543 719 ) 405 49'0
o 8 st 1:00 258 404 569 807 1014 | 545 64
F 9 sipb (1-33) | 257 462 6-40 756 | 1170 136 70
Ne 10 stpt 158 302 467 —
Na 11 s 0-38 3'5 524
Mg 12 s? 056 1'10 589 !
Al 13 % 0'44 1-38 209 90
Si 14 s3p? o-60 1°20 246 332 1247
15 sip? 080 146 2'22 3'53 478

S 16 sipt 076 172 258 3'48 4'93 647
Cl1 17 s%p® 0'96 173 293 350 500 | (6:8) 8o
Ar 18 st 1116 2'05 301 12'6
K 19 s 0'32 234 3'47
Ca 20 s 045 o7 376
Se 21 s'd 049 095 1-82 533
Ti 22 s'dr 0'50 100 203 | 317 707
\4 23 s*d® 0'50 104 195 359 505 9:05
Cr 24 sd® 050 r23 | (z0) | (37) | (54)
Mn 25 d* 050 116 (2:4) (3-72) (5°6)
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Electron affinity— The electron affinity, which is a characteristic property
of an atom in a similar way to the ionization potential, represents the energy
Table XIT. Experimental Values of required t0 combine an atom and a free electron

Electron Affinity with_the formation of a negative ion. Until
relatively recently, values were calculated from
Atom | Energy | Atom | Energy the lattice energies of ionic crystals by the
kcals keals Born-Haber cycle. During the last ten years,
however, the electron affinity of the halogen

gl 2 (I) 7? atoms has been determined experimentally? and
Br | 84 7' in Table XII the values of Ioxov and DukELskr?

are given together with the value for oxygen
- determined by ViEr and MAaver®.  These

experimental values are in good agreement with the values calculated from
lattice energies and from experimental heats of dissociation of the alkali
metal halides. Calculated values of the electron affinity for several
different atoms arc given in Table XIII.

Table XIII. Caleulated Values of Electron Affinity The eclectron affinity of

mercury according to the

Atom | Energy| Refer- || Atom | Energy| Refer-|| Atom | Energy | Refer- experimental data of SimMoN
keals | ence keals | ence keals ¢ and SEw. ARDI3 is close to

H | 64 9 | Li) x2 ) 1o 11?4’:: _J3 | 1 s5keals, inreasonable agree-
B 3 | 1t | Al| 2 | o ment with the calculated

p S B T S I B value. The energy required

Fo|os | 10| & @ | 1z to give two electrons to

He | o | 1o || Ne (-2 | 12 | Ar |-23 | 12 OXygen as calculated from
Culo=s | xrf Ag | 26 | 1o Aulosh |t the Jattice energy of oxides
is between — 157 and — 175

kcals, and for sulphur the
energy of the reaction S — 82— is between — 71 and — 8o kcals. As is
shown clearly in Tables XII and XIII only the halogens possess a high positive
affinity for the electron ; with oxygen the affinity for a single electron is less
than in the case of the halogens, but the affinity for a second electron is
negative. It may be concluded from these data that the tendency to form
a complete electronic shell similar to an inert gas is not marked except for
the halogens. The transition of N to N3~ would require 550 kcals!*. In
general therefore with atoms having three unpaired electrons the tendency
towards taking up even a single electron is small and the electron affinity is
close to zero ; with atoms possessing two and one unpaired electrons, the
electron affinity may be considerable but with the inert gases the electron
affinity has a negative value.

The small affinities of lithium and sodium are of little importance, but
copper, silver and gold, with completed d shells, possess marked electron
affinity and whereas the alkaline earth metals, with completed s levels, have
negative electron affinities, mercury, with a completed d and s level, has a
high positive electron affinity.

Electronegativity— The comparison of atoms according to their electro-
positive or electronegative character i.e. their tendency to form positive or
negative ions has played an important part in the development of chemical
theory, and is in many ways more important than comparisons of electron
affinity and ionization potential.

Consider two atoms A and B and let the electron of atom A be removed.
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This process requires an amount of energy I, equivalent to the ionization
potential of A. If this electron is now transferred to B there will be a release
of energy Fy, the electron affinity of B. The overall loss of energy in the
transfer of the electron from A to B will be equal to I, — Fy. If we carry
out the reverse process, removing the electron from B and transferring it to
A the loss of energy will be I; — F,. If both these quantities are equal i.e.
L—FB=hL—Fo L+ F,=Lt+F
then the transference of the electron from A to B with the formation of
A+ and B~ demands the same amount of encrgy as the formation of A~ and
B+ and both atoms may be regarded as being equally electronegative.
If, however,
o I&% Ff>ln — F, then I, 4 F,>13 + Fy
m i
o it iy more tul to remase e e, 1. ety of s
to transfer the electron from Bto A. Thus

the electronegativity of A is more than Al .
¢ tivit

that of B. MuLLikAN!4 has suggested s
that the values of [ and F for each atom  Element
may be used to calculate the electronega- uncorrected value | corrected value
tivity and values calculated in this way ~ p 510 86
are given in Table XIV. cl 385 152

The lower values given in the second Br 349 418
column of Table XIV are due to the fact {{ 313. 383.
that the ionization potential (considering  |; 3294 3294
tha \con i 135 135
iodine) represents the energy involved

in removing from the atom of iodine one
of its paired p electrons, since the iodine ion according to the rule of Hund
will have the following configuration :

ALY [V

s j4

According to Mullikan, for the formation of an ionic bond interest lies
not so much in the normal ion which could take part in two covalent bonds,
but in an ion of the following structure :

Al |

s ?

containing no unpaired electrons. This type of ion will be produced by
removing from the atom the single unpaired electron, which will require
more energy than the ionization potential leading to the normal ion, the
difference between the two ionization potentials being equal to the excitation
energy between the above two states. Mullikan introduced corrections to
allow for this and the corrected values are given in the third column of
Table XIV. The corrected values show the halogens more electronegative
than hydrogen in agreement with their chemical behaviour. It is note-
worthy, however, that the electronegativity value of hydrogen lies much
nearer to the halogens than to the alkali metals.
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The electropositive character of the metals is determined by the fact that
their ionization potentials are not great and their electron affinities are close
to zero. The gradual variation of the electronegativity values of the metals
is due to the progression of their ionization potentials, theelectronegativity
falling in the case of the alkali metals from lithium to caesium. Mullikan
has attempted to calculate the electronegativities of polyvalent atoms but
the values obtained can only be regarded as approximate, as the higher
ionization potentials and the electron affinities, where several electrons are
involved, are not known exactly.
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THE HOMOPOLAR (COVALENT) BOND

DEVELOPMENT OF IDEAS ON THE CHEMICAL BOND

Tue fundamental problem of chemistry, which may be briefly stated as the
explanation of the combination of atoms to form molecules, has been
the subject of speculation for a considerable time, and by the beginning of
the nineteenth century a relationship between chemical reactivity and
electrostatic charges on the atoms was contemplated. The investigation of
the electrolysis of water, of aqueous solutions and of fused alkalis formed
the basis for the electrostatic theory of valency developed by BERzELIUS in
1812. This theory, which assumed that the force between atoms in
molecules was exntirely electrostatic in character was found to be entirely
satisfactory for a large number of inorganic compounds. The success of
this theory was, however, shortlived. The development of organic chemistry,
leading to the isolation of a large number of compounds whose properties
were very different from the inorganic salts, led to the rejection of the
electrostatic theory as a general theory of valency. The nature of the
problem may be indicated by reference to the C-H and C-Cl bonds. In
acetic acid 1t is possible to replace electropositive hydrogen by electro-
negative chlorine leaving the compound more or less unchanged in its
general properties, apart from an increase in acid strength. According
to the Berzelius theory these bonds would be represented by G~ H+ and
C+ Cl- respectively and it was argued that if this were correct, the re-
placement of a negative by a positive carbon atom would be expected to
alter considerably the properties of the compound. Similarly with methane
and carbon tetrachloride, whose formulae according to the Berzelius
theory would be :

H+ Cl-
H+ C4-H* Cl- G+ Cl-
Ht Cl-

Again the very great change in the polarity of the carbon atom was re-
garded either as impossible, or at least liable to produce a much greater
change in the relative reactivity of these compounds than was observed.

The systematic investigation of a large number of organic compounds
led to the formulation, largely by Van’t Horr and LE BeL, of a structural
theory of valency which permitted an adequate description ol organic
compounds and which is still of considerable application at the present day.
The ideas of this theory were very simple, ascribing to hydrogen, oxygen,
nitrogen and carbon valencies of one, two, three and four respectively. In
contrast to the theory of Berzelius which had attempted to explain the
nature of the force acting between atoms in compounds, the theory developed
from the study of organic compounds made no attempt to explain the
nature of the bonding forces. The structural theory has been developed in
recent years and modified considerably by the introduction of such ideas
as double bonds, ga%t_w‘mgland the resonance of valency structures,
but the basis of the idea remains unchanged.

. An extension of the structural theory of valency was made by WERNER
in the field of inorganic chemistry at a%out the same time a3 the develop-
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ment of structural organic chemistry. In order to explain the structure
and formation of complex inorganic compounds in which the number of
atoms or radicles surrounding a central atom did not correspond to its
normal valency as given in the periodic classification, it was necessary to
introduce the idea of the coordinate link. The nature of the forces in-
volved in this link, however, remained as obscure as the nature of the bond
in organic compounds.

The development of atomic theory at the end of the nineteenth and at
the beginning of the twentieth centuries and in particular the knowledge
that atoms consist of positively charged nuclei and negatively charged
electrons led to a revival of the electrostatic theory of Berzelius by KosseL
in 1916. The periodic system of the elements may be regarded as con-
sisting of two parts, the inert gases and all other elements. The group of
inert gases is characterised by a complete lack of chemical reactivity and
Kossel considered that the criterion of this inert nature was a complete
octet of electrons. Considering the atoms situated on either side of an
inert gas e.g. neon, sodium has an extra electron compared with neon
whereas the other element, fluorine has one less than neon. By the transfer
of an electron from sodium to fluorine leading to the formation of two
ions, Na+t and I'—, both atoms have obtained the stable inert gas structure
of neon. __The clectrostalic attraction between the two 1ons Na.:a and F~ then
1eads to the formation of the ionic crystal of sodium fluoride. If the total
energy involved in the three processes: Na=Nat +¢; F f-e=F—;
Nat + F— = NaF (crystal), is positive then the formation of the ionic
compound will occur.*

In the formation of binary salts of the type NaF, the electronic charges,
as suggested by Kossel, do play an important part. It will be shown later,
however, that electrostatic forces do not provide a complete explanation
of the stability of ionic compounds and the energy of gaseous sodium
chloride, for example, is a little greater than the value calculated on the
basis of Kossel’s theory. Nevertheless the electrostatic theory may be
regarded as a fair approximation for a large number of inorganic ionic
compounds.

In the same way as the theory of Berzelius failed to explain the nature
of the valency forces in organic compounds, so Kossel’s theory failed to
account not only for the valency forces in organic compounds, but also in

simple molecules such as H,, O ete. _The first attempt to explain
the formation of suc opolar compounds was made by
LEWES 1n 1916 and consisted of a correlation of the classical structural

tnEﬁ'r‘y'BTE%Znic chemistry and the newer data concerning the structure
of the atom. According to Lewis the covalent bond consisted of the inter-
action of two electrons, one being donated by each atom. The evidence
for this speculation lay in the observation that of the very large number of
molecules known at that time, all but a few exceptions contained an even
number of electrons. The few exceptions were extremely reactive molecules,
e.g. NO, which readily formed compounds containing an even number of
electrons, e.g. NOCL The theory of Lewis as modified by LANGMUIR was

* The position of chemical ecuilibrium is characterized by a minimum value of the Gibbs free energy G.
4G = AH — TAS, where H is the heat content, S the entropy and T the absolute temperature. In the case
of the formation of molecules from atoms, 45 is always negative, b se, as 1 mech show, the
entropy of a diatomic molecule is less than the sum of the entropy of the individual atoms since the randomness
has been reduced. Therefore — TAS will always be positive. Thus the more exotheg'mlc the reaction, f.e.
the greater — 4H, the greater the shift of equilibrium in favour of the formation of the diatomic molecule.
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a considerable contribution to valency theory, but this theory together with
that of Kossel must be regarded as an approximation, which although
giving a qualitative picture of the chemical bond and which describes in
certain cases the nature of the molecule, fails to explain completely the
nature of the forces involved in the chemical bond. A solution to this
problem has only come as a result of the application of quantum mechanics.

THE HYDROGEN MOLECULE ION, H,*

In the atom, electrons move in the field of a single nucleus whereas in a
molecule, the electrons exist in a field due to several nuclei and wave
mechanics show that the latter state may be more favourable on the basis
of energy considerations. Let us consider the simplest molecule »iz the
hydrogen molecule ion H,*, formed by the combination of a hydrogen
atom and a proton. In this molecule a single electron exists in the field
of two nuclei. The existence of this molecule has been demonstrated
spectroscopically and the heat of formation of the molecule from a hydrogen
atom and a proton is 61 kcals/gm mol. ; the distance between the nuclei
is 1-06A. The ion is, however, very reactive and the energy liberated in
the reaction Hy*t -+ e = H, is 354 kcals and it has therefore, a very limited
existence. The problem of the structure of the hydrogen molecule ion is
one which can only be dealt with adequately from the point of view of
wave mechanics ; attempts to 2pply the Bohr method to the motion of a
single electron round two nuclei were completely unsuccessful.’

The formation of the hydrogen molecule ion may be conceived in the
following way. Let an atom of hydrogen (proton a together with an
electron) and a proton b exist initially at a great distance apart:

ae ob

In this position the electron evidently belongs to the nucleus g, because it
exists for by far the greater part of its time in the field of this nucleus and
the probability of locating the electron very far from nucleus a is very
small, e.g. even if the distance between the nuclei is reduced to 5x 1077 cm
the electron will be found near the nucleus 4 only 1 in 101% years. Thus
it may be concluded that in this initial state, the energy of the system
is practically equal to the sum of the energies of the proton and the atom
of hydrogen. However, as the proton b approaches the atom a, the proba-
bility of the transfer of the electron from a to b increases, and it may be
calculated, that when the distance between the nuclei is 2 X 1078 cm (2 A)
the transfer will occur once every r1o—14 secs.

As the nuclei approach, the idea that the electron belongs to one par-
ticular nucleus loses meaning and once the H,* molecule has been formed
it is physically impossible to show whether the molecule has been formed
from atom a and nucleus 4 or from atom b and nucleus a. It will, however,
be convenient to picture three possible configurations of the electron in the
system of two nuclei : )

1 The electron may be regarded as being attached to nucleus a, and

nucleus 4 is denuded

2 The electron is regarded as being attached to nucleus b and a is denuded

3 The transitional state when the electron is attached to both nuclei

simultaneously; this may be represented physically as an electronic
cloud between the two nuclei.
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The resulting identity of states a and b and the production of the inter-
mediate state resulte in the formation of a chemical bond.

The first conclusion which may be drawn from this elementary intro-
duction is that a chemical bond between two atoms is only possible when
the atoms or molecules concerned have approached as close as approxi-
mately 1078 cm., since only at such distances is the probability of electronic
transfer sufficiently great to produce bonding. The interaction energies fall
off rapidly as the distance between the nuclei increases and from the point
of view of chemical reaction, a distance between nuclei of 10~7 cm may be
regarded as infinite.

1t will be clear from the above discussion that the delocalization of the
electron plays an important part in the theory of the chemical bond. In
place of the fixed orbits of Bohr, quantum mechanics leads to a statistically
probable description of the state of the electron when it exists both in the
field of a single or of several nuclei.

In order to simplify somewhat the following treatment, use will be made
of the atomic units of HARTREE! which result in a simpler form of the
Schrédinger equation. The Bohr radius, a = A2/4n2me? = 0-528A is taken
as the unit of length, the unit of charge is regarded as the charge on the
electron, ¢ = 4799 X 10710 e.s.u and the unit of mass is taken as the mass
of the electron, which is g'1 X 1072 gm. Energy is expressed in terms of
the charge and the Bohr orbit, E = ¢2/a.  This value, which represents
twice the value for the energy of the atom of hydrogen in its ground state,
Ey = ¢%[2a, is taken as the unit of energy and is equal to 27-08 ev = 624
kcals/gm mol.

Employing these units the Schrédinger equation 1.34 becomes

T+ 2E— V) =0 o (30)
The repulsion energy between the electron and the nucleus will be — 1/r,
where r is the distance from the electron to the nucleus in units of the
Bohr radius. .

In the molecule H,t+, 7, and 7, represent
the distances between the electron and the
. ’ nuclei 2 and b, and R is the distance between

& the nuclei (see Figure 9). The potential energy
V will be the sum of the various charge inter-
action terms, i.e. interaction between the electron
. i and nucleus 4, (—1/7,) ; interaction between the
gzg“;‘ 2 C""'d;"”’;‘ Jor  electron and nucleus b, (—1/r;); and the mutual
Wdrogen motecule 1% interaction of the two nuclel (+ 1/R).
The total potential energy is thus given by

a b

V=—1/r,— 1/ +1/R ....(3.2)
and the Schrédinger equation for the Hy* molecule becomes
Vi +2(E + Y0+ 1/n—1R)Y=0 veee(33)

This equation describes the state of the electron for a particular value of
R; variation of the value of the internuclear distance gives different values
for the energy of the system. When R is large, the interaction energy is
zero but as the atom and the proton approach each other, the electron
attracts both nuclei and the potential energy is decreased, i.e. an exothermic

rocess has taken place. The decrease of energy, however, has a limit.
gccuase as the nuclei approach each other, their mutual repulsiok
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reduces the attraction due to the electron and ultimately at very small
distances, is greater than the attraction energy, Thus a stable equilibrium
state, where the energy is a minimum, will exist at a particular value of
R which is found by experiment to be 1-06 A.

For the hydrogen molecule ion it is possible to solve the Schrédinger
equation and calculate the energy of formation of the molecule. The
solution is only approximate, however, and the value for the energy cannot
be regarded as exact, but the solution does permit a picture of the forces
involved in a chemical bond to be obtained. As pointed out above, when
the distance between the nuclei is great, the system may be considered as
an atom a and a separate nucleus 4. The Schrodinger equation then has
the form

Ve +2(E + /1) =0 ....(34)
which is identical with the equation for the hydrogen atom. The wave

function ¢, refers to the electron in the field of the nucleus a. The solution
of this equation in atomic units (see Table IV) will be

Ya={exp (= 1)}/ V7 veen(3:5)

This solution is only approximate as the electron is also attracted towards
the nucleus b, which thus exerts upon the electron a ° perturbing ’ action.
The term perturbation has been borrowed from planetary mechanics. Ifit
be imagined that the movement of the earth round the sun has been
calculated considering only the presence of those two bodies, then this
calculation would only be approximate since other planets, e.g. Mars,
exert some influence on the path followed by the earth. This influence is
termed perturbation and the resultant orbit is a perturbed orbit.

In the problem of the hydrogen molecule ion the perturbation is repre-
sented by, the existence of an additional energy of interaction, that of the
electron with the second nucleus, which will have the value 1/r;. Owing
to the distance between the nuclei, the perturbation is small and would
appear to be fully accounted for in equation 3.4 and its solution 3.5. But
the electron may be located at b, in which case the system would consist
of a nucleus 2 and an atom b. In this way the function i, is, by itself,
insufficient for the description of the state of the electron, and there is an
additional solution i, referring to the electron in the field of the nucleus b.
Each of the functions i, and i corresponds to the same value for the
energy of the system since in each case the system consists of an atom of
hydrogen and a proton.

Since we have two functiops corresponding to a single value for the
energy, the linear combination of these functions will also be a solution z.e.

b= c1ha + Caths ---(3:6)
where ¢; and ¢, are certain coefficients.

It must be appreciated that this solution is approximate, since it is a
combination of the functions 4, and ;. Such a solution will be correct
only when R is great and the perturbation produced by the second nucleus
is small. If the distance between the nuclei is decreased, perturbation
becomes important, but for the moment the solution in terms of the equation
3.6 only will be considered. The coefficients ¢, and ¢, are chosen so that
the energy of the molecule is a2 minimum. This means that of all the
approximate functions of the form of 3.6 the best possible approximate
solution will be chosen. This process is termed the variation method.
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The Schrédinger equation,

VH A+ 2E—V)$=0 e (8.)
may be rewritten in the form :
(—Vv¥2+V)g=E) = e (37)
or replacing (—V 2/2 + V) by the Hamiltonian operator o :
#y = Ey ....(3.8)

Since this condensed form of the Schrédinger equation will frequently be
referred to in the following discussion, it will be convenient to make a
digression here to discuss briefly the properties of operators.

An operator is an abbreviated expression representing a particular
mathematical operation. Operators are used even in elementary mathe-
matics although that particular term is rarely used in that connection ;
thus a3 is written for the successive multiplication of ¢ by a and again by
a. In the same way the symbols In and sin are operators. The calculation
of the differential coefficient d/dx is also a specific mathematical operation.
Let this operation be represented by the operator D such that the action
of the operator on a function e.g. x% is represented by Da?, the function
being written on the right hand side of the operator viz

Dxﬁngcx?:Zx

In a process of multiplication the actual order in which the multipliers are
written down is of no importance, e.g. $E¢ = Ey? but when the process
of differentiation is considered there is a significant difference whether the
function is to the right or to the left of the operator D. Thus xDx is not
equal to Dx? :
(4N —x:Dxr =% 2
xDx_x(gzx) = x; Dx ——d;x = 2x
Thus a multiplier on the left hand side of the operator indicates that x is
multiplied by the function which appears as the result of the action of the
operator D on ¥, whereas a multiplier on the right hand side of the operator
indicates that the functions are first multiplied together and the
operator then acts on the product.
In equation 3.8 the operator & is given by :
122 122 10292
H=—V2+ V= T T oyt 2z +V ....(39)

and its action on a function placed on the right hand side of & involves
the determination of the second differential coefficient for each coordinate,
followed by division by 2, a reversal of sign and the addition to the resultant
expression of the function V. The expression Ey in equation 3.8 means
simply that E is multiplied by the function ¢, since E is not an operator.

From equation 3.8 an expression for the energy of the Hyt molecule
may be determined. Let both sides of equation 3.8 be multiplied by ¢
and integrated over configuration space

[posar = [yBpar ....(3.10)
The right hand side may be rewritten as E f:ﬁ%r, but no such simpli-
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fication can be made with the left hand side. Thus from 3.10 it follows
that

oo f Wyt ydr
f YT

Since the function ¢ in equation 3.11 cannot be determined, the approxi-
mate solution for the case of the Hy* molecule viz

b= c1ils + oty .e..(3.6)

must be used. The variation method consists of choosing a function ¢
such that the minimum value of the energy is obtained. The use of
equation 3.6 can only lead to an approximate value for E, since it is based
on solutions which are true only when the distance between the nuclei is
large. [Exact quantitative results therefore must not be expected; the
value of the method lies in the information obtained concerning the nature
of the chemical bond.
For the hydrogen molecule ion the Hamiltonian operator has the form

H = — V%2 — 1Vr, — 1/r, + 1JR ceen(3.12)

and thus the problem becomes that of obtaining the minimum value of
the expression

g J4 =V =V — £ UR) yar
[w2ar
Substituting for ¢ from equation 3.6 we obtain,
| (cxta + catn) (— V22 — Ura — 1y + UR) (cyfis + caths) dr

E="*>-
[@xtha + cap)?ar e (314)
and since ¢, and ¢, are constants independent of E,

O e+ oxea [+ e [$uude + 32 [ W dude
er? [tdr + 2004 [Yuthdr + o [ Y% .. (3.15)

This expression may be simplified in view of the fact that in the particular-
case being considered there is no distinction between the two nuclei @ and
b and hence

.o..(g.11)

... (3.13)

[t pur = [ pudr .+ (3.16)

The expression 3.16 may be proved as follows. The left hand side of
equation 3.16 on substitution for % becomes :

v? 1 1 1
f‘/la( - “§¢’b“,ﬁ;'/’b"‘;b'/’b +§‘/’b>d‘r - (317)
but from the solution for the atom &,
. — V2 — s 1= Eps ....(3.18)
which on substitution in 3.17 gives
[beEssar — | %‘fidf + [P ... (3.19)
49
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Similarly the right hand side of equation 3.16 is given by
[ (= e b= 2o + gh)dr
(] 9 ra 2 a 75 a R7e
—_ '/’_db_b ‘/’a‘/’b
= [WBapudr — [° Pir + [*¥4r ... (3.20)

and since E, = E, equation 3.16 is correct. The functions ¢, and ¢, are
solutions of Schrédinger’s equation for the separate atoms and may be
normalized to unity, i.e.

[ atdr = 1and [ p2ar =1 ... (3.21)

Equations 3.16 and 3.21 permit 3.15 to be rewritten in the form
& ® [ patr 4 20, [astr +c;* [ duipdr

g 247 - (3-22)
s 1
Let
Haa = [ a8 futtr Hap = [ daIiudr
Xy = [ ot ds S = [ basdr ... (3.23)
Then equation 3.22 becomes :
; "W aa +V2‘1£2%Jb - ep’ s v (3.24)

¢4 + ¢p? + 2c455a
In order to obtain the minimum value of E, 3 24 is differentiated with

)
respect to ¢, and ¢, and the derivatives 5~ and 2% % equated to zero. 'Thus :
1 2

DE _ (26,0 oot 26aH ) (e1® o €42+ 2ercaSp) = (261 25Suw) (01" W 20,0a Hoon 2 Hn)
O, T(ea? + €3 + 261655m)*
AE (25117(@4‘2‘1 bb)(‘12+£2_2j:2£152‘$f32 —~(2¢, + 2‘1Sab)(012% : + 2‘1"2% w+Co %bb)
bc, (¢2® + ¢ + 2clc,éa,,)

..(3.25)
or, -
96, + 20,0) — (20, + 2ySg) (L an +xvab+°2 o) _ g
(201 aa + 209 o) — (261 + 2¢25a) T 0 - 2,695
and

01> H aa - 20103 4 4 ¢, 2K
(2e1H s + 2627 1s) — (20 + 2015) & of +c 21:— 221625'.-: ¥ =
. ) . ) ..(3.26)
On combining with equation 3.24, 3.26 may be written as :
(2013 aa + 2608 w) — (2¢1 4 2¢95m)E =0 .o (3.27)
(20,8 a + 20, 0) — (265 4 20,5a)E =0
and we obtain two equations of the first order with two unknowns, ¢; and
¢4, which may be written in the form :
¢1(#ea — E) + cy(Har — ESw) = 0 ... (3.28)

¢1(#a — ESw) + cy(Hw — E) =0 ....(3-29)
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The equations 3.28 and $.29 are a pair of simultaneous equations of
the form : .

bx —3y=10

6x —4y=10
It is evident that x = o0 and y = o are solutions of equation 3.30, but the
question arises, are other solutions possible ? From the first equation it is
evident that x/y = 3/5 and from the second that x/y = 2/3. Thus since
the ratio x/y derived from the two equations is different, it is evident
that the pair of equations 3.30 have no non-trivial solutions i.e. no solutions
other than x = 0, y == o. For the more general system

ax + by =0

cx +dy=0

... .(3.30)

....(3.31)
it follows that
—b/a= —d/cor bc=ad ....(3.32)

In such a case there exists a definite relationship x/y which satisfies the
cquations other than the solution x = 0, y = 0. Equation 3.32 may be
written as a determinant constructed from the coefficients of equation

3.31, thus :
a b

¢c d

The solutions of equaiions 3.28 and .29 in which ¢; = 0 and ¢, = 0
are clearly of no interest to the present problems ; other solutions will exist if

Hea—E  Ha — ESy

=0 coo. (3.33)

l:O .o (3.34)
%ob _— ES» %’” —_— E

or

(%a- - E)(x” - E) - (9?.. - ES¢))2 =0 e ‘(3'35)

Such an equation is generally referred to as a secular equation. From this
equation it is possible to determine E. This is the best solution obtainable
commencing from a function of the type 3.6, although it must be pointed
out that the choice of a more complex function, leading to a better approxi-
mation, might be made.

In the case of the hydrogen molecule ion both atoms, with nuclei 4 or &,
are identical and hence

%aa = %» PRI (3-36)
and thus equation 3.35 simplifies to
(Kae — E)2 = (Hy — ESa)? ....(3.37)
and so for the energy E, two expressions are obtained :
' Ko+ X
Ey =3 +S... ....(3.38)
and
%u _ a
E2 =.._1____T°;! soee (3-39)
From 3.28 it follows that,
—C.l_= _ x.. it ES“
0T T —E ... .(3.40)
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and by substituting the values obtained for E in equation 3.38 and 3.39
into 3.40 it is found that ¢;/c, = + 1, i.e.

6= 4¢ Or ¢ = —cy .. (3.41)
Thus the two different functions which exist, corresponding to the two
energy values E; and E,, are :

Py =¢y(e + ) ....(3-42)
Yo = c1(Ya — thy) .- (3-43)

and these functions represent solutions of the wave equation for the hydrogen
molecule ion given in equation 3.3.

Absolute values for the coefficients ¢; and ¢, may be found from the
normalization equations :

J’ da%dr = 012[ (g + o) 2dr = 012{ J' petdr + 2[putpdr + f ¢.2d7} =1

which from equations 3.21 and 3.23 simplify to

and

6,22 + 28s) =1 .o (3.44)
and consequently for ¢,
1
‘1—‘2*m -+ (3-45)
and for i, .
1
== ....(3.46
‘1 Cy m (3 4 )
The following expressions are thus finally obtained for ¢, and ¢, :
nd 1= (o + )/(2 + 25u)¥ oo --(347)
a
‘/13 = (llla - 9"»)/(2 - 2S¢t)} e .(3.4.8)

where i, and i, are solutions for the hydrogen atom,
Yo = {exp (=)} V7
s = {exp (—n) }/v/7 -ee-(3:5)
The fact that two expressions for the energy have been obtained and
two wave functions i, and #, is not fortuitous, but is most important from
the physical representation of the chemical bond as we shall see later.

We shall now calculate the values of the integrals #u, #o, Ha and Sa.
By definition,

How= [ — V22— Yro — U + YR)udr  ....(3.40)
in which i, is the solution of the equation for the hydrogen atom iz,
(— V%2 — 1fr) s = Euha ....(3.4)

where E, is the energy of the hydrogen atom. By substituting equation
3.4 in 3.49 we have,

¥e=E— [(pfr)dr + R=E,+C+ R ....(3.50)
where
=— f (a2fro)dr ....(3:51)
In this expression, i,2dr, as has been shown, represents the probability of
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locating the electron in the element of space dr ; this probability is pro-
portional to the density of the electron cloud at any given point, and C
may:. be regarded as representing the energy of the interaction of the electron
cloud with the second nucleus and thus represents the Coulomb energy of
attraction.

The integral K., thus represents the energy of the hydrogen atom
together with the Coulombic interaction of the electron of hydrogen atom
a with nucleus b and of the nucleiwith each other, 1/R. In the same way,

Ho=FE, — [(¥rdr + YR =E, +C+ 1R ....(352)

and since both nuclei are identical,

By definition, How =% e+ (399)
Ha = [ fol = V%2 = Ura— Vn + YRYpodr  ....(3.59)
which on combination with equation 3.4 viz,
(= V22 = 1n)gs = Evs oo (34)
leads to

Ha = . [ Yotrdr — [(eofrddr+1/R [ g ....(3.54)
= EaSaD '!’ 1 + SGD/R
An integral of the type, I = — f(«/:,.g[;,/r,,)d-r, termed a resonancé or exchange

integral, is met here for the first time and represents the energy of inter-
action of the electron cloud with one of the nuclei. S is generally referred
to as a non-orthogonal integral.

Substitution of equations 3.50 and 3.54 in 3.38 and 3.39 gives

- 1, ¢41
EI_E'+R+1+S.» .e..(3-55)
1, Cc—1
B=E+p+ti-g, s (3.56)

It is possible to show that the integrals C, I and Sy which have been
introduced into the formula for the energy, may be expressed in terms of
the distance between the nuclei as follows :

c =—1—1i+(1—",§£)exp(—-2k) .o (357)
I =—(1+R)exp(—R) oo (3:58)
Sa = (1 + R 4 R%3) exp ( — R) .. +(359)

Like E,, the integrals C and I are negative, and so when the state of
the system is such as can be described by ¢, as in equation 3.47, an
additional stabilization of the system occurs, the energy of the molecule
being lower than that of a system consisting of a separate atom of hydrogen
f_t SI . This energy term with positive sign

ad
represents the bond energy, which is released on the formation of the

molecule.

and a proton by the quantity
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By the use of equations 3.55, 3.57,
3.58 and 3.59 it is now possible to
determine the energy of the bond in
the hydrogen molecule ion as a func-
tion of the internuclear distance R;
this is shown in Figure 10. It will be
noticed that the energy passes
through a minimum, the position of
which corresponds to the ground
state of the stable molecule. The
calculated value of the bond energy T orstonce betweon Mocler R
is 41 kcals and for the internuclear
distance, 1'32A. The agrecement
with the experimental values of
61 kecals and 1-06 A is not good, but the discrepancy is due to the fact that
the atomic functions ¥, and s, have been employed in order to describe the
molecule. In spite of its approximate nature, the above treatment is of
considerable value in that it serves to introduce an important physical
concept. The fact that the electron may be located in a position where it is
equally under the influence of both nuclei emphasizes the fact that the
two atoms, as described by the functions i, and i, do not exist separately
but are superimposed. The particular function describing this state of the
molecule will now be discussed in more detail.

The function describing the case where bonding occurs has the form :

Energy

Figure 10. Energy curve for the hydrogen
molecule ion

b1 = (e + )2 + 25a) - (347)
and substituting for ¢, and ¥ from equation 3.5 we obtain
Yr={exp (—r.) +exp(—n)}/{r (2 +25)} ....(3.60)

The square of this finction which determines the density of the electronic
cloud at any point is
¥a? = (P + 29ty + ? )/(2 + 254)
={exp(—"1,) +exp(— 1) +2exp(—ra— )}/ (2 +2Sab)( 61)
... (3.61
It is evident from equation 3.61 that we can consider the total electronic
cloud as made up of three parts. The first two of these viz,

da? = {exp (— 2r)}/m and  ? = {exp (— 2n)}/m

represent spherical clouds corresponding to the electron being at one or
other of the nuclei. The third term,

2yt = {2exp ( — re—n)}/m
corresponds to an ellipsoidal cloud.*
The resulting electron cloud is shown
diagrammatically in Figure rr. The
upper curve shows the value of the
function ¢,? along the line joining the
nuclei and the lower diagram gives the
Figure 11.  Electron distribution function ~ CODtOUrs of equal electron density.

Sfor the hydrogen molecule ion The electron cloud shows a lower

* For the electron cloud, ya* = {exp (— 2r¢)’)ln levels of equal density are determined by the equation
exp (— zrg) = constant, or rg = constant, i.e. the levels of equal density appear as concentric spheres with
the nucleus as centre. In the case of the cloud 2yqdp = {2 exp( — e — 7))}/, levels of equal density will be
given by exp (~— rq — rb) = constant or rg + r3 = constant. This equation corresponds to an ellipsoid with

centres at the nuclei a and b.
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density in the region between the nuclei. The emergence of the chemical
bond may be regarded as due to the fact that the superposition or resonance
of the two states given by i, and ¢, leads to three structures, represented
by .2 ¥? and the transitional structure, Y.

An analogous phenomenon appears in optics. If ¢ represents the
amplitude of a vibration, then the intensity of this vibration is 2 If two
amplitudes are added together, i.e. when the two waves interfere :

=9 @ ... .(3.62)
and the intensity of the resulting vibration is
9? = (91 £ 92)* = 91* + 92° £ 2019, .-(3.63)

Thus this problem also does not resolve itself simply into the sum of the
two intensities, but may be greater or less than (¢,% + @,%) by the quantity
2919,

}I'l‘;'e relative contributions of the individual structures to the resulting
electronic cloud is termed the weight of that structure. These quantities
represent the ratio of that part of the electron cloud corresponding to a
given structure to the total electron cloud and are generally expressed as a
fraction or a percentage. From equation .61 it follows that these contri-
butions are for the first structure, $.%/¢;%(2 + 25») ; for the second
structure, $»2/¢,2(2 + 284) and for the third or transitional structure,
2uhathe/1,2(2 + 25.).  Integration of these functions throughout space and
normalization leads to the value for the first and second structures being,
‘1/(2 + 2S,) and that for the transitional structure being, Su/(1 + Sw).
If the value of S, for the equilibrium position of the H,+ molecule is now
substituted, the following structural weights are obtained : for the first and
second structures 31 per cent each, for the transitional structure 38 per cent.

It must be realised that, in view of the assumptions made, these calcu-
lations are only approximate, but nevertheless this treatment of the H,*
molecule makes an understanding of the nature of the chemical bond
possible. A more exact solution would lead to more complex functions
in view of the fact that the electron cloud is really continuous and the
division of the cloud into three parts is a considerable simplication. The
more exact solutions of HyLLERAAs and JarFt? show almost exact agree-
ment with experiment for values of the bond energy and internuclear
distance.

THE HYDROGEN MOLECULE, Hy

In the hydrogen molecule two electrons exist in the field of two nuclei
and attempts to solve the Schrodinger equation for this case have proved
unsuccessful. An approximate method similar to that given above for the
simpler case of the hydrogen molecule ion fnay, however, be solved. This
was first carried out by HErTLER and LonDoN? in 1927.

Previously we have only considered the application of the Schrédinger
equation to problems involving a single electron. In the case of several
electrons, the wave function depends upon the coordinates of all the
particles, (¥4 9,24+ - X Vg Zgewe o %, Y Z,) Wheére 7 is the number of
the electron which can have any value from 1 to n, where 7 is the number
of electrons.
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Thus the Schrédinger equation for the case of # electrons will be
n

d2 d2 22
Z(Sf% +3j/'s+b-z—'/§) +2E—-V)g=0  ....(364)

where V represents the sum of all the potential energy terms for all the
particles. Equation 3.64 may be more briefly written as

}élv,-w FUE— V) =0 ....(3.65)

In this case $2dx,dydz,....... Ay dVnldZ,
will represent the probability of the first
electron being located between x; and
%y +dzy, ; and y; + dyy, 24 and 2y +dz,y
and of the second electron between x,
and %, + dxy, y; and y, + dyy, 2, and
‘62 + dzZ elc.

Figmﬁmgg.”,;f}ffutff o the For the molecule of hydrogen there are

two nuclei, ¢ and b and two electrons, r and 2
(see Figure 12) and we shall define :

re, = distance between the first electron and the nucleus a
To, = ) ) » second ,, » 9 2 a
T, = »» 3 , first ’» 3 9 3 b
o, = 11 ”» ”» second 23 3 ” ” b

R,, = the distance between the nuclei ¢ and &
ris = the distance between the two electrons.

The potential energy term will consist of the various energies of inter-
action of the electrons with the nuclei, of the nuclei with each other and
of the electrons with each other. Thus in atomic units the potential energy
is given by,

V= —1ray — Lrag — 11, — 1fryy + 1Ry} 1/r,y ....(3.66)
and the Schrédinger equation for the hydrogen molecule becomes :

Vlz'ﬁ + Vza'/’ + 2(E + 1/’“1 + 1/": + l/rh + l/rbz - 1/&:’ l/ru)'lz3=67())

where as before,

v”=i+ﬁ+-a—2 ....(3.68)
w2 I t
Putting equation 3.67 in the operator form, we have
Ky = Ey ....(3.69)

where
= — V32 = V22 ~ 1fre,— Vriy — 1fry — 1y + l/&JGl‘ 1rys
....(3.70)

The treatment which we shall employ here is similar to that used for
the hydrogen molecule ion. The two atoms will be considered as being
initially a sufficient distance apart to prevent interaction. Under these
conditions the atoms may be considered separately and electron 1 will be
at nucleus a and electron 2 at nucleus 5. The total energy of the system
will be the sum of the energies of the two atoms i.e. 2E,. The state of the
system is described by the expression

P =a(1)Ps(2) = {exp (- re, — 1))} [V7  -...(3.71)
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in which y.(1) indicates that the first electron is located at nucleus a, and
¥»(2) shows that the second electron is located at nucleus b. .2(1)dx,dy,dz,
represents the probability of finding the first electron, belonging to nucleus
a, in an element of volume dxdy,dz; and % 2) dx,dy,dz, represents similarly
the probability of finding the second electron, belonging to the nucleus b
in an element of volume dx,dy,dz,. When the nuclei are a considerable
distance apart, we may assume that these probabilities are independent of
each other and the probability of finding the first electron in the volume
element dx,dy,dz, and the second electron in the volume element dx,dy,dz,
simultaneously, will be equal to the product of the individual probabulities :

v = $a2(1)$?(2)dx,dy dz, dxydyadz, o (3.72)

1 = $a(1)h(2) o (871)
The probability of the transference of an electron from one nucleus to
the other will increase as the nuclei approach each other and from the point
of view of wave mechanics it is incorrect to locate the first electron at
nucleus a and the second electron at nucleus b. The two electrons are
indistinguishable and it is impossible to regard one electron as located at
a certain nucleus. Therefore in addition to equation 8.71 we must con-
sider a second expression in which the electrons have been transposed,

e = $a(2) (1) 2o -(3-73)
The two functions i, and ¢, both correspond to the same energy value,
so that the system is two-fold degenerate. Hence the linear combination
of 3.71 and 3.73 will be a solution,
¥ =iy + ¥y = crhe(1)h(2) + cathe(1)ha(2)  ....(3.74)
The solution now follows the same procedure as in the case of the Hy+
molecule, and consists in the evaluation of the coefficients ¢; and ¢, for
which the expression

and

voro(3.11)

is a minimum, In polyelectronic problems integration must be carried out
for all the coordinates of all the particles, and dx,dy,dz,dx,dy,dz, is
normally written dr;dr,.

Substituting equation 3.74 in 3.11 gives
{0 0@ -+ eatu(l2) } 2 {erheV@ + cobul)h2)
[{eapu®ns(@ + cxto(0)4u(2) }ryir,

e (375)
Simplification and normalization, since i, and ¢} are solutions for the
hydrogen atom viz
[$atdr =1 and [ W =1 ... (3.21)
leads to
E— €12 13 4 > H gy + 20469 14 .. +(3.76)

¢y® + 0% + 20065512
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in which

Wy = f $a(1) $6(2) H iha(1) P (2) drdg -
Ky = j P5(1) $a(2) H o (1) ha(2) dr 7,
12 = [ Va(1)6(2) X a(2) (V) drydry
Siz = [ a1 (1) a(2)$o(2)drdry

Differentiating 3.76 with respect to ¢, and ¢, and equating to zero gives
b.@=,(,2‘19311'*'2"%1:)(‘12+022+2¢x€r9_11)___(2‘1+252512)(‘1"%’114“73’%"4‘241‘:”12)___0

e (377

d¢ey (62® + 62® -+ 26165815)*
lli:_ (2699 43+ 26,9 14) (6124652 +20104515) — (26520, 515) (1256 13+ 64> H 29+-2¢103 9 13) =0
¢y (¢2® + 63® + 26102515)?

....(3.78)

and following the method of simplication employed in the case of equations
3.25 to 3.27 we have :

¢ (# 13 — E) -+ cy(# 15 — ESyp) =0 .o (379)

¢1(# 13 — ESyp) + c(# gy — E) =0

From which it follows that :
Hyy—E H 1o — ESyy

=0 ....(3.80)
Hig— ESyy Hyp — E
and hence
d (13 — E)(#yy — E) — (X1, — ES19)* =0 ..-.(3.81)
an
(#1, — E)? = (¥, — ESp,)? . (3.82)
since, as before, it may be shown that
Hyy = Hoy -..-(3.83)
From equation 3.82 we obtain two expressions for the energy viz,
d Ey = (%11 + #19)/(1 + S13) ... (3.84)
an
Ey = (1 — H19)/(1 — Sy5) ..-.(385)

We will now consider the meanings of the integrals #,,, #;, and Sy,.
We have,

%= ¢..(1>¢b<2){-y—2—‘2—v—2~22——;}1 e TR g Oy
....(3.86)

The wave functions ¥, and ¥, are solutions of the Schradinger equation
for the bydrogen atom, i.e.

( __Yzf - ;})¢,(1) = Eyf(1) l
g 1, vene(3-4)
( - r_;.) P5(2) = E(2) j
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where E, is the energy of the hydrogen atom in its ground state. Intro-
ducing the relationships 3.4 into 3.86 we obtain,

1 1,1 1
xu=ma+f{—~a—7r+2:+R}¢ﬂn%%mw¢m=2&+c

....(3.87)

The term C is the Coulombic integral representing the interaction energy
of the electrons with the nuclei and also the interaction energy between
2(1
the electrons and the nuclei themselves. The integral f “|/i';"(“)d1‘1 represents
b
1

the attraction of electron 1, i.e. the electron originally located with nucleus
$*(2)

. dry is the attraction of the electron of
a
2

a, for nucleus b and similarlyJ.

atom b for the nucleus a. The term 1/R represents the energy of repulsion
of the nuclei and f{/}.2(l)t/132(2)d11d72/r12 the mutual repulsion energy of
the electrons.
In exactly the same way it may be shown that
Hog = H1, =2E,+C ....(3.88)
The integral &, is, however, the most interesting to the present study.
By definition,

Ha=[pm@{- - -t L L e D e

= 2B, [ DO ha@ s @Drsdry + [ { = o+ 7 |
XYa(1) (1) u(2)(2)dr i,

=2E,S,, + 4 .o +(3.89)

The integral 4 in 3.89 represents a new type of expression with no
analogue in classical mechanics and only an approximate physical picture
of its significance may be made. It may be regarded as the energy
developed as a result of the exchange of positions by the electrons as
represented by the expression

Ya(1) ¥ (1) 4a(2) #(2)

Furthermore by definition from equations 3.77 and 3.23,
S12= [ o) 9o(1) fu(2)a(2)drydiy

= [ )y [ $u(@2)a(@)dry
= S .. ..(3.90)
By the substitution of equations 3.87 and 3.89 into 3.84 and 3.85 we obtain
the following expressions for the energy of the hydrogen molecule,
Ey =2, + (C + 4)/(1 + §1,) e (391)
E, = 2E, + (C — 4)/(1 — Sjy) .. (3.92)
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Evaluation of the integrals C and A4 shows that both have negative
values and that the value of the exchange integral 4 exceeds considerably
that of the Coulombic integral C. E; is thus-less than the sum of the
energy of the two free, non-interacting hydrogen atoms, 2E, and thus
corresponds to the case where the atoms are mutually attracted and form a
stable hydrogen molecule. In the second solution, since 4 is larger than
C, E, will be greater than 2E, and thus the energy of the system will have
increased as a result of the electron exchange. Such a case can only lead
to the repulsion of the atoms.

Substitution of equations 3.87, 3.89, and 3.91 in 3.79 shows that when
bonding occurs,

Gftg=1 or ¢ =¢ ....(3.93)
and the substitution of .92 in 3.79 leads to the relationship
Gfcg=—1 or ¢ = —¢c, .. .- (3.94)
Thus we have two possible functions representing two states of the hydrogen
molecule viz
=1 {$a(1)1(2) + $o(1)a(2) } .+ +(3:95)
and
ur = o1 { Ya(1)$s(2) — $o(1)¢(2) } -+ ++(3-96)

or introducing the values of ¢ for the hydrogen atom in its ground state,
gr = {exp (— 1o, — "0,) +exp (—n, — 1 )}/ {7 (2 +281)1
..--(397)
and
= { exp (— 1, — 1) —€xp (— 1o, — 1)}/ {m (2 — 2519)}
....(3-98)
where™ the terms 1/{m(2 + 25,,)i} are obtained by normalization in the

same way as was shown in equation 3.44. On squaring 4, and ,; we
obtain expressions for density of the electron cloud :

U = {$a2(1)1h:2(2) + h2(1)$h2(2) + 24a(1) Ya(2)$a(2)¥n(1)}/ (2 + 2510)
= { exp (= 2[re + 1)) + exp (— 2[n, +7a]) }/{(2 4+ 2S1)7"} +
+{2exp (— [r‘,! +n +7a + ",])}/{ (2 + 283)m? } . +(3.99)

U = (2)122) + h2(1)h2(2) — 24(1)¢a(2)a(2)dh(1) } /(2 — 2555)
= { exp (— 2[re + 1)) +exp (—2[n + 7))}/ { (2 — 2517} ~
—{2exp(—[re +1 +ra + n M {@- 28y9)7%  ....(3.100)

The first and second terms of equations 3.99 and 3.100 represent the spherical
electron clouds, corresponding to the presence of the electrons at the nuclei
whilst the third term describes the exchange cloud, which is elliptical in
shape. This we shall term the transitional structure as for the hydrogen
molecule ion.

In the hydrogen molecule the contribution of the first structure to the
final state of the molecule is a2(1)$:3(2)/¥h,2(2 + 25;,), similarly the con-
tribution of the second structure is ¢,2(1)¢.’g2)/¢,2(2 + 25,,) and of the
transitional structure 2a(1)¢s(2)%a(2)h(1)/9*(2 + 251).  Integration of
these functions throughout space and normalization to unity leads to the
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expressions 1/(2 4 25,) for the first and second structures and $,,/(1+S,,)
for the transitional structures.

At the equilibrium position, §;; = 0-56 and hence the structural weights
of the first and second structures is 32 per cent and of the transitional
structure 36 per cent.

The electron cloud where a chemical bond is formed is shown in Figure 13 ;
Figure 14 shows the corresponding case where repulsion occurs. In the
latter if we consider the electrons to be equidistant from both nuclei (i.e.
when Tay= 1 and Te, = r,’) it is found on substitution in equation 3.100

that the probability of such a configuration is zero and hence the electrons
are never in these positions. This fact is indicated in Figure 14.

=

Figure 13 Electron distribu- Figure 14. Electron distribution for the

tion for the hydrogen molecule hydrogen moleculs when repulsion occurs
when bonding occurs

THE PAULI PRINCIPLE

In the above trcatment of the hydrogen molecule ion and the hydrogen
molecule, the effect of electronic spin has been excluded, but the complete
wave function of an electron must include not only the orbital motion,
with which we have been concerned so far, but also a contribution for the
spin. With single atoms it was possible to introduce a fourth quantum
number s in addition to the three quantum numbers n, [ and m in order
to account for the spin of the electron, and for polyelectronic molecules it
is possible to proceed in an analogous manner. The complete wave function
of an electron is considered to be the product of the orbital wave function,
i.e. the wave function that we have been considering so_far, and a wave
function representing the orientation of the spin axis of the electron.

If  represents the orbital wave function of an atom for a given value
of the quantum numbers n, [ and m, then the spin wave function may be
represented by two functions @ and B whose values are determined by the
following conditions :

@(+H=1,a(—§=0,p(+4=0,p(—}=1

....(g3.101)
These conditions mean that the wave function a refers to the state of the
electron in which the spin quantum number s, has the value + /,, and in
consequence the probability of it having the value — 1/, is zero. Similarly
the function B describes those states corresponding to a value for s of — 1/,
and consequently the probability of it having the value +- 1/, is zero. The
complete wave function of the electron is then represented by

DP=1ypa or D=yp .o..(8.102)
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For two electrons, the complete wave function of the first electron will
be i,(1)a(1) which denotes that the first electron is attached to the nucleus
a and the solution is given by

Pa(l) = {exp (—12)} V7 cee(35)
and that the spin wave function corresponds to s = + 1/2. The function

of the second electron is »(2) 8(2), which means that the second electron
is attached to nucleus b, its orbital wave function is ¢, and the spin wave

function corresponds to s = — 1/2. The complete wave function of the
two electron system is then given by,
P = s(1)$4(2)a(1) B(2) -+ - +(3.103)

The function given in equation 3.103 is, however, a special case in which
the spins of electrons 1 and 2 are antiparallel. In the general case each
electron may have any value of the spin quantum number, so that in place
of the two wave functions a(1)%(2) and ¢u.(2)¥s(1), representing the

Table XV. Complete Wave Functions for the Two Electron Problem exchange of the elec-
trons between the two

b Orienta- i
Complete wave function | Electyon 1 | Electron 2 Quantum number of li:::uo} n.u CIel’ we Shan have
at ucleus | at muclens | Electron 1| Electron2 | spin €ight  complete  wave
Vv @aa@ | a 5 T3 | +3 | vy functions (Table XV).
-pa(l)w,(z)p(l)p(g)) a b -1 -3 I : All eight wave functions
Ya(Dys(2)a(D)AC a b +1 ~# correspond to the same
Yol (2)p (1)) “(22)) : ¢ ": + : I i’ value of the ecnergy,
Vs (Da(@)a(l)a( a + + i i i
wDda@pa® | b a 3| I | yy  differing only vy the
W (D¥a(@)a(l)p(2) b a +1 | -# | v+ arrangement of the
¥a(1)¥a(2)8(1)a(2) b a -3 + ¥ t+{ electrons.
In view of the fact

that the electrons are indistinguishable, we have employed in place of the
separate functions ya(1)¢(2) and ¢s(1)%a(2), linear combinations of the

form :

P = cyha(1)hs(2) + catho(1)¥(2) <5 +(3-74)
and a similar procedure must be employed in the case of the functions
given in Table XV. Without further information it is not possible to state
which of the possible linear combinations are significant. Such information
is given, however, by the Pauli principle. It is essential to select the
combination which includes only those states permitted by the Pauli
principle. In order to do this it is necessary to understand symmetric and
antisymmetric wave functions.

Wave functions are termed symmetric if they remain unchanged on
transposition of the electrons. This process may best be explained by
taking an example. The function

dr=a(D)ih(2) + (1) a(2) <+ ++(3.95)
is symmetric because on transposition of the electrons we obtain
¥ = $u(2)th(1) + (2)¢(1) <+ +(3.104)

which is identical with equation 3.95 i.e. ¢; = ¢,/ and the function ¢,
remains unchanged on the rearrangement of the electrons. An antisym-
metric wave function reverses its sign in the transposition of electrons

e.g. the function
Yu = */'.(1)511»(2) — h(1)¢s(2) . .+(3.96)
2
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on rearrangement of electrons becomes
Y = $a(2) (1) — $h(2) (1) <+« +(3.105)

and Y= — Yu

The square of the wave function gives the density of the electron cloud,
and when two electrons, ¢.g. electrons i and £, exchange places, in view of
their identity, there is clearly no change in the density distribution and
therefore

L C TR A A =R C 7 X oo %) ....(3.106)

and y? will always be symmetric. In a similar way it is clear that the
square of the symmetric (3.95) and antisymmetric (3.96) wave functions
for the hydrogen molecule are symmetric. Thus

9% = (1) h2(2) + h (1) 1h(2) + 24a(1)1hs(2)a(2) 4o (1)
U = o2(1)42(2) + $2(1)$2(2) + 24 (1)a(2)6o(2) (1)

2
and hence 2= Y]

also g = P (D)h*(2) + (1) 1h2(2) — 24u(1)¢hs(2)¢ha(2) (1)
® = (1) $a%(2) + 2 (1) $h(2) — 2 (1) ha(2)¥(2) (1)

2
and hence i = oy,

Thus the orbital wave functions may be either symmetric or antisym-
metric and both types of function are important for describing the state
of a molecule.

The complete wave function is different, however, and it will appear
that only an antisymmetric complete function, which reverses its sign on
transposition of the electrons, is acceptable on the basis of Pauli’s principle,
which states in wave mechanical terms: ¢ Only that complete wave
function may be selected which does not permit the two electrons to
exist in the same state’. Let us consider a symmietrical complete wave
function and assume that the two electrons have the same values of the
quantum numbers 7, I/, m and s ; when the electrons are interchanged the
wave function will be identical with the original. Thus by the use of a
symmetric function it is possible to describe an electronic state which is
not permitted by the Pauli principle. It may therefore be concluded that
the complete wave function cannot be symmetric.

Now let us consider an antisymmetric complete wave function which is
also prohibited by Pauli’s principle. Again it is assumed that there are
two electrons having the same values of n, /, m and 5. Transposition of
the electrons should not alter the function since both electrons are in
identical states, but since the function is antisymmetric, the sign must be
reversed ; these two statements can be compatible only when the function
is zero. Thus when the complete wave function is antisymmetric it
becomes zero when in disagreement with Pauli’s principle. Thus not all
the linear combinations of the functions in Table XV are possible, but only
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those which lead to a complete wave function which is antisymmetric.
For example consider the linear combination

() $s(2) a(1) a(2) + (1) da(2) a(l) a(2) = {$a(1)(2) +¥a(2) (1) }agl):?g
By reversing the positions of the electrons we obtain T8
{h(1)%(2) + $h(2) (1)} a(1)a(2)
ie. the same function, and consequently it is symmetric and must be
rejected. Examination of the functions in Table XV lead to the following
four possible antisymmetric linear combinations :
Ye(1)$6(2)a(1) B(2) + ho(1)¢e(2)a(1) B(2) — Ya(1)$(2) B(1) a(2) —
— th(1)¢a(2)B(1)a(2)
= {$(1)s(2) + %(1)¥u(2) } { a(V)B(2) — B(L)a(2) }

. ....(3.108)
Ya(1)th(2)a(1) B(2) — do(1)a(2)a(1)B(2) + Ya(1)s(2) B(1)a(2) —
— (1) $a(2) B1)a(2)
= (daM)(2) — (D)) } { a(DB@) + BL)a(2) } (5100
S)h(2)a(l)a(@) — h(L)¢u(2)a()a(@) B
= (Pe)s(2) — (D)a(®) } a(D)a(2) v .(3.110)
Bo(1)1(2) B B2) — ¢(1)a(2) B(1) B(2)
= {$()$h(2) — $e(1)a(2) } BAR) coo(3e111)

These functions comprise the linear combination of the wave functions
which we have already discussed, together with terms representing the
spin wave functions. It has been shown in the last section that the for-
mation of the chemical bond is described by the symmetric wave function

1= Ya(1)¥6(2) + ¥(1)¥a(2) -+ (3.95)
and in order to make the complete wave function antisymmetric it is
necessary to combine function 3.95 with an antisymmetric spin wave
function’ since the product of an antisymmetric and a symmetric function
will be an antisymmetric function. The only possible antisymmetric spin

wave function is
o= a(1)B(2) — B(1)a(2) .o .(ge112)
The product of equations 3.95 and 3.112 leads to 3.108
It will be seen from Table XV that equation 3.112 describes the state of
the two electron molecule in which the electron spins are orientated in
opposite directions, and the total spin angular momentum will therefore

be zero, i.e.
Ls=(+14) + (-3 =0 oo.-(3.113)
Thus we may conclude that for a’bond to be formed the spins of the
participating “electrons must be antiparallel and the two electrons will
then be located in one orbital.
If the orbital wave function is antisymmetric

Yar = Pa(1)4(2) — (1) ¥a(2) ... -(3.96)
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then in order that the resultant complete wave function be antisymmetric,
the spin wave function must be symmetric. The three such functions
are :—

o, = a(l)a(2) o . (3.114)
0p = a(1)B(2) + A(L)a(2) oo (3115)
= B(1)B(2) ....(3.116)

where oy = a(l)a(2), s = (+ 1}) +(+3) =
o3 = a(1)B(2) £ ﬁ(l)a(2 Ls=(+4) + (— 1}) =0 and oy == B(1)B(2),
=(=d+(-H=-
Thus on the basis of the above conclusions we see that for the hydrogen
molecule there are four possible complete wave functions :

{$e(D)h(2) + (D) ha(2) } {2(1)B(2) — B(1)a(2) } Zs =

(3 108)
{4.(1)$h(2) — h(1)$e(2) } { a(1}a(2) } Ls= +1
....(3.96) and (3.114)

{#(D)h(2) — (D) ha(2) } {a(1)B(2) 4 B(1)a(2) } Ls=0
....(3.96) and (3.115)
(he()9e(2) — $o(L)9(2) } (BA)AE) ) s = —1
....(3.96) and (3.116)
It follows, therefore, that there is only one state of the hydrogen molecule
with a symmetric orbital wave function, which as we have seen leads to
bond formation. On the other hand there are three states with anti-
symmetric orbit wave functions, which lead to repulsion. The stable form
is termed a singlet and the repulsion form a triplet state. On a collision
between two atoms of hydrogen, the probability that a molecule will
result is therefore 1 : 4.

CALCULAT[ON OF THE BOND ENERGY AND INTERATOMIC DISTANCE
FOR THE HYDROGEN MOLECULE

Having calculated the values of the integrals
C and 4 (equations 3.91 and 3.92), it is
possible to determine the energy of the
molecule as a function of the internuclear
distance. The curves obtained are shown
in Figure 15. The upper curve gives the
repulsion energy of atoms with electrons of
parallel spins, the next lower curve repre-
sents the Coulombic energy, the third the
energy of the molecule according to equa-
tion 3.91 and the lowest curve represents
the experimentally determined value.

The Coulombic energy clearly is not very
large ; the curve passes through a shallow
mxmmum, which although representing
attraction of the atoms, gives an energy value
which is too small to explain the stability Distance between Nucles
of the molecule. Inclusion of the exchange Figure 15. Energy curves for the
energy (third curve) gives a much more hydrogen molecule
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satisfactory explanation of the strength of the chemical bond and shows
that only 14 per cent of the total bond energy can be regarded as
Coulombic in nature. The calculated value of the bond energy is 72-3 kcals
and of the interatomic distance is 1-64 atomic units = 0-86 A.

The experimental value for the dissociation energy of the hydrogen
molecule into unexcited atoms is 1032 kcals. To this value must be added
the zero point energy (see Chapter 8) equal to 6-2 keals; when the molecule
dissociates into atoms the whole energy of the bond is not used up, but
6-2 kcals less, since the molecule in its ground vibrational state possesses
this amount of energy. Thus the actual experimental value for the bond
energy of the hydrogen molecule is 109-4 kcals. The experimental value
of the internuclear distance is 074 2 The discrepancy between the
calculated and experimental values is explained by the fact that in the
treatment employed, we proceeded from atomic functions which were
correct only when the nuclei were at an infinite distance apart and applied
them to the state where the internuclear distance is of the order of 1078 cm.

Several authors have attempted to improve on the approximate. method
of Heitler and London. Wanc® made use of the functions ¢ and s, but
altered the effective charge on the nucleus by using the expression

Yo = {exp (— Zre)X*?/V/m} ceee(3117)
and obtained the value of Z, when E had a minimum value. Rosen?®
attempted to include the polarising effect of the second nucleus on the
electron cloud of the first atom and in place of a spherical 1s electron cloud
he employed a cloud elongated in the direction of the second nucleus.
This may be represented as the partial combination of the 2p with the

1s state, e.g.
o = by, + nihy, .. ..(3.118)

where 7 is a coefficient.
WeiNBAUMS introduced a further development ; along with the uncharged

states corresponding to the functions a(1)$s(2) and B(1)¢a(2) it is
possible that there exist also those states where both electrons are located
simultaneously in one or other of the nuclei. These ionic states may be
represented by the formulae :

H- H+ (both electrons on nucleus a)

H+H~  (both electrons on nucleus b)

To these ionic states there correspond the functions (1) (2) and ¢u(1) s (2).
The- calculations of Weinbaum show that the ionic states are‘sf higher
energy than the non-ionized states and are therefore less probable. The
contribution of these forms to the final state of the molecule is approxi-
mately 4 per cent, i.e. 2 per cent from each form. The wave function of
the system will thus have the form
¢ = { (1)(2) + Ya(@hs(1) } + ¢ {he(1)¥a(2) + '/'»(l)t/l»(2)(§ 0
ve.. (811
where ¢ is a constant determining the contribution of the ionic form.
The results of the calculations of Wang, Rosen and Weinbaum are
given in Table XVI. :
A more complex procedure was introduced by James and CooLpgE’.
One of the chief reasons for the incorrect value obtained by the earlier
methods is that the wave function does not take into account the mutual re-
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pulsion of the electrons. Itis  Table XVI. Bond Ensrgy (E) and internuclear

true that the Hamiltonian

distance (R) for hydrogen molecule

operator (equation 3.70) in- £
cludes a term for the Author rets | A 2 | n)c
interaction of electrons but 5 o Zondon | N -
allowance should also be made Sigiwra* .. 73 | © ! ° |°
. . ‘ang . . 866 078 11y [} o
in the wave function for the Rosen L ma | o 1 o1 | o

M M e e Q2 o Ir o'r [+
syStcrn.' Incorl?oratlng this l;:n;‘baum .. .. 739 | o N I I o158
effect it was possible, as shown Weinbaun .. .. | o022 om | x| o | o2
in Table XVI, to achieve almost James and Cootidge * ¥ P A L B
exact agreement with the ex- Swerimetalvalues | 1004 | 074 | — | — | —

perimental values.

The Heitler-London method, although approximate, has the advantage
that a physical picture of the nature of the chemical bond may easily be
obtained. The bond is formed by two electrons, one from each atom with
opposite spin and owing to the transfer of the electrons, two states arise,
which on superposition yvield a transitional cloud, which serves to bond the
atoms together. Such a bond is termed the homopolar or covalent bond.
This physical picture of the bond is clearly the basis of the electron pair

bond of Lewis.
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4

SATURATION AND DIRECTION OF
VALENCY BONDS

SATURATION OF VALENCIES. LOCALIZED BONDS

IN CONSIDERING the saturation of valencies it will be convenient to fallow
the method of Heitler and London and consider the interaction of helium
and hydrogen. The helium atom possesses two electrons in a completed
1s orbital. Let these clectrons be designated 1 and 2, in agreement with
the Pauli principle the spins of these electrons will be opposite.  'The
electron of the hydrogen atom is represented by the number 3. The
systemn heing considered is thus represented by :

Hel 4 pH

12 3

The possibilities of the exchange of the hydrogen electron with cither of
the helium electrons is restricted in the first place by the Pauli principle.
The exchange of clectrons 1 and 3 results in the appearance of two electrons
with parallel spins existing in one orbital which is not permitted by the
exclusion principle. There remains in consequence only the possibility of
the exchange of clectrons 2 and 3, which because they have parallel spins,
will, as has been shown in the last chapter, lead not to bond formation
but to mutual repulsion. Thus no molecule HeH is formed.

Following a similar argument, Heitler and London also considered the
possibility of the interaction of two atoms of helium. Let the two nuclei
be denoted by the letters @ and b and the electrons numbered 1 to 4. The
system to he considered is thus represented by :

a b
v A )
I 2 34

The formation of a bond can only occur by the transposition of two elec-
trons Faving OPpoOsItG spins, €.8. 1 and 4. Such an exchange, however, 13
forbidden by the Pauli principle, since electron 4 would enter into an
orbital along with electron 2 having the same direction of spin. This
inability for an exchange of electrons to occur explains both the mon-
atomic nature of helium and its chemical inertness. In general, all atoms
containing only orbitals with two paired electrons will be _c______l";emwaﬂy inert ;
only when_an_orbital_contains a single uapaired electron can bond for-

s e e

mation occur, -
A theoretical basis has thus been obtained for the hypothesis, put forward
earlier, giving the relati i valency of atoms and the

DWCICCUQDS’ Each_unpaired electron can take part in
theYormation ol one bond and thus chemical properties are determitnied

not{inwmmhmmwd Dy an atom, but
by the number of unpaired electrons. The presence of completed_ghells
of elecirons leads, on the formation of molecul€s; ¢ partial weakening
Ty e R .
ol Mﬁg}d T isiMastrated by @ comparison of the Hyarogen molecule
with the diatomic molecules formed by the alkali metals. As with
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hydrogen, the bond in these molecules is formed by s electrons located in
the outer orbit ; the difference lies in the fact that the hydrogen molecule
possesses no inner shell of electrons. Thus lithium, apart from the outer
25 electrons, has two more deeply located 1s electrons, and the two saturated
shells of the two atoms in the lithium molecule repel cach other, with the
result that the bonding due to the electron cloud of the outer 2s electrons
is considerably weakened. The dissociation energies and interatomic
distances at equilibrium* are given in Table XV1I, and it will be noticed that

all the molecules of thc lelfnll Table XVII.  Dissociation knergies and Interatomic
metals have much 1ower disso- Disances in the Diatomic Molecules of Hydragen and

ciation energles than has the the Alkali Metals
hydrogén molecule, and much” -
larger Interatomic distances. In Dissociation energy | Interatomic distance
the hydrogen molecule the in-  Molecule keals ;
teratomic distance is o074 A I T
whereas in the lithium molecule gy 1032 071
it is 35 times greater (2:67A)  Li, 260 26y
and the dissociation cnergy is  Na, 17°0 308
almost one quarter (26 kcals as Klz 120 392

v . k l A' Dy 110 —_
compared with 103-2 keals). As ¢, 100 .

the _number of complete
electronic shells 1§ incrc .cd_on proceeding from lithium to caesium, so
thedissoctation energy decreases and the Internuclear distance Increascs.

The quantui states of the two clectrons forming a chemical bond
determine the three quanturn numbers of the orbital within which they
are contained. Such an orbital is termed a molecular orbital and the
fact that any attempt at interaction by a third electron leads to repulsion
is the cause of valency saturation, which is a characteristic property of
covalency.

Attraction_by Coulomb forces does not lead to valency saturation. If a
positive jon is attracted by a negative ion, that does not prevent it from
being atwracted to other negative ions. Thus with clectrostatic attraction
it is not the normal valency which is characteristic, but the number of
surrounding ions. In the crysial lattice of sodium chloride, cach chloride
ion is surrounded by six sodium ions and in the caesium chloride lattice
cight caesium jons surround one ion of chlorine. The numbers 6 and 8
bear no relationship to the number of unpaired electrons.

The interaction of two unbonded electrons may be shown to lead in-
variably to repulsion®. When two electrons situated in different hydrogen
atoms come together, their spins can couple in four different ways, as
shown in Chapter 3. One of these, when Xs = o, corresponds to a sym-
metric orbital wave function and bonding occurs with the formation of a
hydrogen molecule ; in the other three cases, when Xs = + 1,0, — I, the
orbital wave function is antisymmetric and repulsion occurs. Since all
four types of coupling have equal probability, it follows that one fourth
of the encounters between hydrogen atoms will lead to the formation of
molecules in the singlet state and in the other three-fourths to the triplet
state and repulsion of the atom. Similar conditions will prevail when two
electrons, each situated in a different hydrogen molecule, approach each
other. At any instant the probability of finding the electron pair in the
singlet state compared with a triplet state will be in the ratio 1 : 3. Thus
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the average interaction energy E, of two non-bonded hydrogen atoms
in different hydrogen molecules will be given by,

E=}E, +1E, R

where E; is the energy of the singlet state and E, that of the triplet state.
If the integrals Sy, are assumed to be negligibly small, then the values of
E, and E, as given by equations 3.91 and 3.92 will be :

Ey=2E,+C+4 ... (4.2)
Ey=2E,+C—4 o (43)

where C is the Coulombic energy, 4 the exchange energy and E, the
energy of the hydrogen atom. From equations 4.1, 4.2 and 4.3 we obtain

E= 2ED+C':A + 3(04 4) _ ok, +C~~»§ e (44)
Since the numerical value of 4 is very much greater than C, A/2 will be
greater than C and since both are negative the resultant value of E will be
greater than 2E; thus there will be a repulsion between two atoms not
connected by a covalent bond. This argument is valid only if the two
H H hydrogen molecules are some distance apart. If the distance
b between the molecules becomes approximately equal to the
a 7 internuclear distance within the molecules there is no evidence
: - for considering the system abed (Figure 16) as consisting of
. p the molecules ab and ¢d rather than of the molecules ac and
{{ H bd. This particular case must be considered as a system
Fi 6—7'he in whi:h four elef(‘:trons1 exist (ijn the field (l)f four nuclei.
1gure 10, In such a system formula 4.4 does not a .
?;Z,m‘,fgd,{;:; In contra)s’: to the hypothetical molccull? ¥{4, real mole-
cules present examples of localized bonds in a very large
number of cases. The molecule of ethane, for example, can have only one
structural formula : - -

AN /
H—C—C—H

7N\
H H

Any other arrangement, e.g.

H H

N,

H—C=C—H

H—— —H
whilst not conflicting with the valencies of the atoms, is nevertheless im-
probable. The interatomic distance in the C—H bond is 1-09 A, whereas
the distance between the two hydrogen atoms of two CH;, groups is found
to be 2:02 A (this is the distance between the two hydrogen atoms joined
by a link in the second formula). The exchange energy in such a system
will be negligible as it diminishes rapidly with an increase of interatomic
distance ; in the hydrogen molecule this is 074 A. The energy of the first
structure is, therefore, so very much greater than that of the second that
the contribution of the latter is negligible. It is on the basis of this argument
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that a molecule may be considered as a collection of atoms joined by
localized bonds.

This conception of the chemical bond has been considerably extended
by SLATER® and by PauLiNe! and yields results of great importance in
chemistry. The essential postulate in this treatment, which has become
known as either ¢ the method of localized pairs ’* or ¢ the method of directed
valence bond ’, is that the energy of the molecule consists of the following
comporients : (1) the total Coulombic energy, (2) the sum of the exchange
energies of the various separate links and (3) the repulsion energy of the
unbonded electrons.  Let us apply this treatment to the simple triatomic
molecule abe,

a——>b——¢

NN
Atoms a and ¢ have a single electron each, but atom & has two valency
electrons and the complete molecule contains two bonds, ab and bc. The
electrostatic attraction and repulsion of all the electrons and nuclei enter
into the Coulombic energy term. The exchange energy of the links ab
and bc will be :

Aab + Abo

In addition, there will be the repulsion of the three pairs of electrons not
used in a particular bond, i the electrons of atoms & and ¢, it the electron
of atom a and the electron of atom 4, not paired with it, #t the electron of
atom ¢ and the electron of atom b, not paired with it. These repulsion
energies will be : ,

At’u A:D 4 be

2 2 2
where A’ represents the exchange integral in the case of unpaired electrons.
The interaction of the two unpaired electrons of atom
b have already been accounted for in the energy of the
atom. A, will not be equal to Al, as can be seen
by reference to Figure 17. Since it has been supposed
that atom b has two unpaired electrons, it follows that
these must be p electrons. The electron clouds of these
two g electrons will appear as two figure eights oriented
at right angles. The atoms a and ¢ will then place
themselves so that there is the greatest possible super-  Figure 17. Eleciron
position of electron clouds (a and ¢ are assumed to have d”‘”.b“"""[ f"; a ‘;“
a single s electron each, these are represented as circles atormi motecuie @5 ¢
in Figure 17) and it will be seen that the interaction of the unlinked electrons,
viz circle a with vertical figure eight and circle ¢ with horizontal figure
eight, will be very small. .

The total energy of the molecule therefore will be :

- A A A
E=C+dat d— "3 =700 —" oo (405)
and thus in its general form, the energy of a polyelectron molecule will be,
E=C + Z4, — }34, ....(4.6)

where A, represents the exchange energy of electron pairs forming a
covalent bond and Aj represents the exchange energy of nonbonding
pairs of electrons.
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Quantitative data relevant to the determination of the energy of mole-
cules will be discussed later.

DIRECTIONAL COVALENCY

gﬂrimental data indicate that valency bonds are localized in a particular
irection in space and the idea, first put forward by VANt Horr,thatthe
four valencies of the carbon atom are directed towards the four corners of
a tetrahedron has been supported by recent physical measurements which
permit the determination of valency angles.

The suggestion was put forward by PaurLing? that the direction of a
bond will correspond to that in which the electron clouds of the two
electrons forming the bond overlap to the greatest possible extent and the
clectrons will therefore exist most probably between the two nuclei. The
greater the overlap of the individual orbits the greater will be the density
of the charge between the nuclei and hence the stronger the bond. It was
shown in Chapter 1, that the fundamental difference between the s and
p orbitals was that the former was dependent only on 7, the distance of
the electron from the nucleus, whereas the latter was dependent also onr
the angles 6 and ¢. In general therefore, s orbitals are spherically sym-
metrical and consequently there is no directional property of the valency.
With p electrons, however, there are three possible orbitals, p,, g, and p..
consisting of figure eights directed at right angles to each other and 1t
follows therefore, that when an atom forms bonds involving p orbitals, the
angle between the bonds should be go° (see Chapter 18).

In the oxygen atom there are two unpaired p electrons,

Outlvt] ¥ [4]

¥
25 2p

and the two orbitals of the valency electrons will be at go° to each other.
Compound formation with two hydrogen atoms will occur through the
maximum possible overlapping of the hydrogen 1s orbitals with the oxygen
2p orbitals, say the 2p, and 2p,. This will result in the oxygen atoms lying
along the x and y axes, and hence the angle between the two O—H bonds
should be go°. Experimental data, based on spectroscopic and dipole
moment measurements, show that the molecule has a triangular structure

()
/U and that the angle between the bonds is slightly greater than
H H

90°. The reason for the discrepancy will be discussed later.

In the nitrogen atom there are three unpaired p electrons and thus the
angles between the three N—H bonds in ammonia should be go°. Experi-
mental data show that the angle is rather more than this, being 108° but
nevertheless the general structure of the molecule is that of a triangular
pyramid and the flat model,

H H
\N/

|
H
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is in disagreement with experiment.

nitrogen and other atoms are summarized in Table XVIII.

The experimental data for oxygen,

Table XVIII. Observed Valency Angles

Molecule Bond angle Experimental value Experimental method
H,O (gas) H—O—H 105° spectroscopic
F,O (gas) F—O—F 100° electyron diffraction
Cl1,0 (gas) Cl1—O0—Cl 115° ' »
(CH;) lo (ga:) C—0—-C e’ » ”»
H,—CH,
o] /O C—0—C 1to° » »
AN
CH,—CH, |
i
(IIH—--("T'H |
e f ¢—0—C 107° » o ow
!
H,S (gas) | H—S—H 92° spectroscopic
Sq (crystal) ¢ 8—8—8 106° X-ray
Ss (gas) I 100" electron diffraction
BaS;, (crystal) { $—8--8§ 103° X-ray
K830 (crystal) N 103° »»
(fH——C"lH ;
J'JH CH i C—S—C 91° electron diffraction
S |
SCl, (gas) Cl—S$—Cl 103° A
H,Se (gas) D HeSe—H | g0° (approw) spectroscopic
Se (crpstal) Se—Se—Se 105° X-ray
Te (crystal) Te—Te—Te 102° 5
NH, (gas) H—N-—H 108° spe:tﬂm?w
N(CHy), (gas) C—N—C 108° electron diffraction
PH, (gas) H—P—H 3° spectroscopic
P (crystal) P—P—P o iy
P(CH,), (gas) C—P—C 100° electron diffraction
(g as, F—P—F 1 040 EE) »
PFCl, (gas) Cl—P—Cl 102° » »
Cl, (gas) Cl—P—Cl 101° 55 »
PBr, (gas) Br—P—Br 100° » »
PI‘ (gas) " I—P—1 980 ”» ”
stal) As—As—As 97° ,
A,(éﬁ,>, (5o CAsGC o6° .o
AsCl, (gas) Cl—As—Cl 103° ’» »
AsBr; (gas) Br—As—Br 100° ” »
I, (gas) I—As—I 100° ”» s
Sb (crystal) Sb—Sb—Sb g6° X-ray
SbCl, (gas) Cl—Sb—Cl 104° elmrm diffraction
SbBr, (gas) Br—Sb—Br gg" ” »
L, (gas) I—Sb—I 98° ” »”
m (erystal) Bi—Bi—Bi 94° x-ray -
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The experimental error in the determination of valency angles is probably
not more than 5 per cent and the discrepancies between the observed and
theoretical angle may in certain cases be due to experimental error.
However, since all the valency angles are greater than go° a more signifi-
cant explanation must be given. In the water molecule the valency angle
is 105° thus exceeding the theoretical value by 15° This discrepancy is
brought about in two ways. First, there exists a repulsion between the
two hydrogen atoms by virtue of the interaction of non-bonding electrons
and secondly, as a result of resonance with the ionic states

o o
4\ /S
H H H H

both atoms of hydrogen possess positive charges thus producing a Coulombic
repulsion. In support of the latter explanation examination of the data
in Table XVIII shows that in a series of compounds in which the contri-
bution from the ionic forms decreases along the series, there is a corresponding
decrease in the magnitude of the valency angle e.g. H,O, H,S, H,Se ;
NH,, PH, ; PF,, PCl,, PBr,, PI,.

HYBRIDIZATION OF BOND ORBITALS

The carbon atom in its ground state has two unpaired p electrons :
¢yl |
25 2p

As with the oxygen atom it might be expected that the two p electrons
were used in bond formatinn thus leading to a valency of two. Since
carbon is normally tetravalent, however, the carbon atom must be in an
excited state with one of the s electrons transferred to the vacant p orbital.
This excitation requires an energy of 8o kcals® which must be compen-
sated for when valency bonds are formed. The resulting tetravalent carbon
atom has one s and three p orbitals and it might be supposed that three
of these should be oriented at right angles to one another and that the
fourth should have no directional
properties. It has long been
known, however, that the four
bonds of carbon are exactly
equivalent and are directed to-
wards the four corners of a tetra-
hedron (Table XIX). This is ex-

}

P
plained by the formation of four
sp® hybrid bonds in place of the
single s and three p bonds. The

states of the electrons are then des-
cribed by the linear combination
of the orbital wave functions, viz

' ¥ = ay, + by, + iy + dY,
. . b p P,
Figure 18. The s, p and tetrahedral hybrid sp® . 7 A
¢ ‘ u‘ﬁ.m; pone b It is found that a bond involving
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an orbital formed by the linear combination of s and p orbitals, taken
with certain values of the numerical coefficients a, b, ¢, and d, has a bond
strength greater than an s or p orbital alone (for greater detail see chapter 18).
The reason for this increased bond strength is seen in Figure 18 where the
hybrid sp® orbital is seen to be concentrated more in one direction, com-
pared with a p orbital, and in consequence enables overlapping of bond
orbitals to occur to a greater extent.

When carbon is linked with four neighbouring atoms, the four valencies
are directed towards the corners of a regular tetrahedron. Such a con-
figuration is favourable for several reasons. Firstly, the hybrid sp3 tetra-
hedral orbitals permit greater overlapping of orbitals and hence a greater
bond energy than s or p
orbitals. Secondly, when a Table XIX. Observed Valency Angles of some Carbon
reacting atom X approaches Compounds (by electron dyffraction)

the carbon atom, in addition

to the maximum overlapping Moleculs Valency angle E"P;;'l”u':"“'l
of the bonding orbitals, the

extent of the overlapping of CH, H—C—H | 109° 28’
the orbital of the electron of X CH,—CH, H—C—H | 109° 28’

with non-bonding electrons of ?C}E:{’Cc?{’;—é:}i‘ CC-—C——C ¢ ;::: ggi i go

the carbon atom is 2 minimum (GH;),C C—C—C | 109° 28
and finally the mutual repul- OHy.G G
: £ X i ( Cl C—C— 111° 30’ 4+ 2°
sion of the atoms is a (CH:):CBr G 111° 30 T 2°
minimum. The electron 'iH°G CG CC o 02T o
. . . PN - 111° 30" + 2
diffraction data shown in Table G,H,Br C—C—Br | 100° + 2°
XIX shows that the valency (CH,),CHCI C—C—Cl | 100° + 3°
angle of carbon is either equal o) L o
to or very close to the tetra- (CH’)é?HBr CG_CC_g'i 109, 3° *3
. g . 3 3 9 i 2
hedral angle. Hybridization cu,F, | F—C—F i 110° + 1°
of orbitals leading to a tetra- gg,g(l:.l ! %—C~€} lorr2d 4 2?

K . —C—Cl | 110° 4+ 2
hedral configuration occurs in CHl, C—C—Cl | 112° 1 a°
exactly the same way with &g 32 Br—C—Br | 112° £ 2°
silicon, germanium, and tin. Cﬂﬁr,' Br—C—Br , 111° + 2°

Similar behaviour is found gﬁlc’fN‘* é{:gv——Nl | 110° 2
. : i i—Cl | 110° 4 2
with other atoms. Boron in SiHBr. Br—Si_Br | 110° & a°

the trivalent state has one s and
two p electrons and hybridiza-
tion leads to the formation of
three equivalent hybrid sp? orbitals lying in the same plane and with
a valency angle of 120°. Experimental data® for B(CHj) 4 are in agreement
with this prediction. Beryllium and mercury in the excited state necessary
for bond formation, have one s and one p electron which form two hybrid
sp bonds at an angle of 180° to each other.

Comparison of the elements of the third and fifth groups, both having
three unpaired electrons leads to an explanation of their stereochemistry.
Boron has one s and two p electrons and thus forms three planar sp?
hybrid bonds, whereas nitrogen possesses three p electrons which form
bonds at right angles to each other. The comparison is similar between
elements of the sixth group and beryllium, in the former case the unpaired
electrons are p electrons thus forming two bonds at go°, whilst beryllium
with one s and one p electron forms two linear sp hybrid bonds.
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o~ AND - BONDS

The existence of multiple bonds between atoms has been known for some
considerable time. Thus with the nitrogen molecule each atom uses fully
its three valency bonds and the link is therefore a triple one. Such a bond
was represented by Lewis as three pairs of dots to correspond to the three
pairs of bonding p electrons,

N#N

Such a simple representation cannot be correct as the three p orbitals of
each nitrogen atom will be approximately at right angles to the other two.
One pair of electrons will give maximum overlapping along the line of
centres and such a link is termed a o bond. The remaining orbitals will
exist in two directions perpendicular to the line of centres and mutually at
right angles. Overlapping will also occur between pairs of these orbitals,
forming two supplementary bonds, termed = bonds. The arrangement of
bonds in the nitrogen molecule, which contains one
o and two w bonds is shown in Figure 19. The

| electrons forming a = bond are termed = electrons.
o With these bonds there is no directional property
N e < in the same sense that it exists in the examples

: considered in the previous section. The bond occurs
i when two p orbitals from different atoms are
parallel, since such a configuration permits the
maximum possible overlap. As the angle between
the orbitals increases, the exchange energy decreases
rapidly and is a minimum when the orbitais are
perpendicular to each other.

Two atoms, having one s electron each, on molecule formation give a
o bond e.g. Hy and Li, ; an s electron of one atom and a p electron or
hybridized electron of another atom also give a ¢ bond, as in such links
as H—Cl, O—H, N—H and C—H ; in H,O there are two, in NH, three,
and in CH,, four o bonds. If two atoms form multiple bonds, then only
one of these will be a ¢ bond and the remainder » bonds.

In order to study the application of the concept of o and 7 bonds we
shall consider first the double bond between the two carbon atoms in
ethylene. In this molecule each carbon atom is surrounded by three
atoms, two hydrogen and one carbon, with these it forms three o bonds
using up three of its valency electrons in doing so. The remaining un-
paired electron cannot form a second o bond between the carbon atoms
as this would cause four electrons to be in the same quantum state, a
condition which is forbidden by the Pauli principle. Thus the remaining
electron pair forms a = bond. The maximum bonding energy of a = bond
is only attained when two p orbitals are parallel to each other and hence
the 7 bond in ethylene is considered to be formed from °pure’, i..
non-hybridized p orbitals, in contrast to the ¢ bonds which are formed
between hybridized orbitals. In ethylene therefore the three o bonds of
each carbon atom are formed by three sp? hybrid orbitals similar to those
existing in boron. The three bonds will be in one plane and will be at
an angle of 120° to each other. The direction of the # bond formed by
the remaining p orbitals of the carbon atoms will be perpendicular to this
plahe and will be equally above and below the plane of the ¢ bonds. All
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sk atoms of the ethylene molecule lie in one plane, since only under these
¢onditions is the maximum energy of the = bond attained ; the bond
arrangement is shown diagrammatically in Figure 20. In a similar way,
the double bond in such groups as C=0 and C=Nis also composed of
one o and one 7 bond.

4 i
___________ . T

Hy| 7
c a H—0 _C o C A
T ! H

H H '

Figure z0. Arrangement of bonds Figure 21.  Arrangement of
in the ethylens molecule bonds in the acetylene molecule

The triple bond in acetylene, like that in nitrogen, is composed of one
o and two 7 bonds and here also the = bonds are formed between
electrons in non-hybridized p states. The o electrons, two to each carbon
atom, are located in sp hybrid orbitals, formed by the linear combination
of one s and one p wave function, as in beryllium, and the molecule is
therefore linear. The arrangement of bonds is shown diagrammatically in
Figure 21. In a similar way the triple bond in the nitrile group C=N is
composed also of one ¢ and two 7 bonds.

The planar configuration of ethylene and the linear structure of acetylene
are supported by experimental data. In Table XX are given the values
obtained by electron diffraction measurements for the valency angle of a
series of carbon compounds containing double bonds. It will be seen that
the values are all close to 120°.

We thus conclude from the foregoing discussion that carbon may exist
in three different valency states :

1 four o bonds, directed to the corners of a tetrahedron

2 three o bonds in one plane at an angle of 120° to each other and one

o bond perpendicular to the plane of the o bonds
3 two o bonds lying in a straight line and two = bonds perpendicular
to the o bonds and mutually at right angles.
The stereochemistry of the carbon compounds is determined entirely by the
number of surrounding atoms. When there are four neighbours, the
:.truc;ure is always tetrahedral, when three it is planar and when two,
mear.

In classical stereochemistry the molecule of ethylene was represented as
two tetrahedra with a common side.. This view is now shown to be erro-
neous since it suggests that the two bonds forming the double bond are
identical, whereas, as we have seen, such a link actually consists of a o
and a = bond. In a similar way a triple bond, as in acetylene, was
represented as two tetrahedra with a common face. Not only is this in-
correct in view of the fact that the bonds actually consist of one ¢ and two
« bonds, but it also predicts incorrect chemical behaviour. The addition
reaction in which an acetylenic compound is transformed to an ethylenic
compound, is represented on the classical model as a change from two
tetrahedra with a common face to two tetrahedra with a common edge.
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Table XX. Valensy Angle of Carbon Compounds containing Double Bonds
Molecule ‘ Valency angle Experimental Configuration
! value
| c c
N
(CH,),C~ C(CHs), C=C—C 124° Cc=C
/
(o] C
C
AN
(CH,),C=CH, C=C—C 124° C=C
/
(o]
Cl
N
coci, O0=C—Cl 117° C=0
/
Cl
Cl
CSCl, $=C—Cl 116° C=S
/
Cl
H
J/
CH,CHO C—C=0 122° CH,—C
AN
[0}
O—H
/
HCOOH o0—C=0 125° —C
AN
o
o-
7/
HCOONa O0—C=0 124° —-—C\
o
O—H
7/
NH,CH,COOH 0—C=0 122° —C
AN
o
O—H
COOH 7
| 2H,0 0—C=0 124° —C
COOH N o
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SATURATION AND DIRECTION OF VALENCY BONDS

Such a process would always lead to the formation of the cis isomer, whereas
it is known that treatment of acetylenedicarboxylic acid HOOCC=CCOOH
with bromine gives dibromomaleic and dibromofumaric acids, the cis and
trans forms respectively. The formation of the dibromofumaric acid is
more favoured from energy considerations, since the molecule is stabilized
by the formation of two hydrogen bonds with the bromine atoms (for
hydrogen bond formation between the hydrogen of a carboxyl group and
a bromine atom, see Chapter 12).

o)

COOH Br (iE
7N\
(IJ H \c o
[ - |
& b b u
| NN

COOH C Br

5
The structure of allene, CH,=C=CH,, is represented diagrammatically
in Figure 22, the o bonds of the middle carbon atom are linear, as in
acetylene and the two = bonds with the two other carbon atoms are
mutually perpendicular.

n

"Ne / ----- - -
- e
o [ A

Figure 22.  Arrangement of bonds in the allene molecule

The molecules CH,=C=0O and O=C=O (Figures 23 and 24) have
analogous structures ; the absence of any dipole moment in carbon dioxide
confirms the linear configuration,

It will be appreciated that the angles of 120° and 180° that exist between

n n
Ed X
....... - =
H S / P
- £ g C. g 5 Q a Vo4 )
H
Figure 23. Arrangement of bonds in Figure 24. Arrangement of bonds
CH,=C=0 in the carbon dioxide molecule

the valency bonds of carbon forming a double and triple bond respectively
must now be regarded as the normal valency angles. Hitherto the classical
theory had postulated that the normal valency angle was 109° 28', the
tetrahedral angle ; any marked divergence from this angle, as occurred in
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" the ethylenic and acetylenic compounds, was assumed to be accompanied
by a strain in the molecule. This theory was applied by BAEYER to the
problem of the stability of ring systems with considerable success. The
wave mechanical treatment, however, shows that there is no strain involved
in the formation of double and triple bonds and that valency angles of
109° 28’,-120° and 180° are normal for the valency states o4, ¢%r and o?n?
respectively. The decrease in the stability of ring systems in which the
actual valency angles deviate considerably from the theoretical values for
the particular valency state of the constituent atom, may be attributed
entirely to the decrease in the extent of the overlapping of bonding orbitals.
Thus a o bond is strongest when the atoms lie in the direction of the
original p or hybrid bonds, since maximum overlapping occurs in this
direction. Similarly = bonds have their maximum energy when the p
orbitals forming the = bond lie parallel to each other ; as the angle between
the orbitals is increased, so the strength of the 7 bond decreases. The
reactivity of ethylenic and acetylenic compounds, e.g. the ease of hydro-
genation and halogenation, is explained by the fact that a = bond is less
strong than a ¢ bond and less energy is used in rupturing a = bond than
is subsequently gained in forming the o bond, e.g. C—H. The most stable
state of a molecule is therefore that in which the number of ¢ bonds is a
maximum and the greater the deviation from that state by the formation
of 7 bonds the greater the reactivity of the resulting substance.
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5
RESONANCE OF VALENCY STRUCTURES

BENZENE

KNOWLEDGE regarding the localization of valency bonds in molecules
appears unsatisfactory in a number of cases, of which that of benzene is
one of the most important. In the benzene molecule each carbon atom
forms three o bonds, one with a hydrogen atom and one with each of the
two neighbouring carbon atoms ; the bonds are arranged in one plane at
an angle of 120° to each other. The six ¢ bonds between carbon atoms
lie in the same plane and form a regular hexagon. Perpendicular to the
plane of the ring are the orbitals of the remaining p electrons of the carbon
atoms, which form figures of eight with the loops lying above and below
the plane of the ring. Overlapping of these orbitals leads to the formation
of 7 bonds and it is possible to imagine two particular configurations, with
m bonds existing between carbon atoms 1—2, 3—4, 5—6 and 2—3, 4—s5,

6—1 ¢
8 ) o \2
® |
5K /s 5\‘ 3

According to the classical structural theory, the molecule should be described
by one of these formulae. Such an assumption, however, is not in con-
formity with the properties of an electron taking part in bond formation.
In the case of the hydrogen molecule, we have seen in Chapter 3 that
according to the Heitler-London theory there are two possible electronic
configurations : first, when electron 7 is located at nucleus a and electron 2
at nucleus &, and secondly, when electron r is at nucleus 4 and electron 2 is
at nucleus a. There is no justification for assuming that only one of these
two possible configurations exists since it is impossible to assign the electron
to a particular nucleus so long as there exists a second nucleus where the
presence of the electron is equally advantageous. Both states are equally
probable and the superposition of these states leads, as has been shown,
to a decrease in energy and the formation of the molecule.

Following a similar argument for the molecule of benzene, it is impossible
to prefer one of the two valency forms to the other since the electron of
the first carbon atom may equally well be exchanged with that of the
second carbon atom as with that of the sixth. Consequently both forms
exist in the molecule and when these are superimposed there arises the
transitional structure which possesses a lower energy th n either of the
original states and is therefore more stable. Unfortunately it is impossible
to represent this transitional structure with the use of the conventional
valency nomenclature and it was to overcome this difficulty that the idea
of the resonance of valency structures was introduced by SraTter! and
densties of R olecian Aois between Sl the pise ol catbon stoms &
densities of _the pairs of carbon atoms is
the same. Such an arrangement cannot be represented in a formula by
the conventional symbols of structural theory. Thus recourse is made to
two possible formulae, neither of which independently represents the
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actual state of the molecule, but only extreme states, in which the p electrons
are represented as being located at certain nuclei. The molecule is then
described as a resonance hybrid of these forms.

It is important to stress the difference between resonance and tauto-
merism. The concept of resonance has been introduced to describe the
delocalization of electrons ; in all the different forms of the molecule as
represented by valence bond structures, among which resonance is said to
occur, the configuration of the nuclei is the same. In tautomerism, on the
other hand, the atoms are arranged in different ways and tautomeric
changes, in which one form is changed into the other, occur as the result
of chemical reactions. The tautomeric forms are in fact different chemical
entities and in theory and frequently in practice, each can be isolated.

For benzene we have considered so far only the Kekulé structures in
which the 7 bonds are formed between neighbouring atoms ; such forms
represent the greatest possible interaction of the electron clouds, since the
distance between neighbouring carbon atoms is only 1-4 A, and will thus
contribute more than other possible structures to the resultant state of
the molecule. But it is necessary to consider all possible valency structures
among which there is resonance and thus for benzene the three Dewar
forms must be considered :

0 o ¢

In these structures one of the 7 bonds occurs between atoms in the para

osition. Since the exchange energy decreases very rapidly with increase
in distance between the nuclet, it follows that the energy of the para = bond
will be small. The energy of cach of the three Dewar structures is thus
greater than that of the two Kekulé forms and hence their contribution to
the final state of the atom is less. Nevertheless it is necessary when con-
sidering the benzene molecule, to consider these three possible forms along
with the structures of Kekulé.

Resonance occurs wherever one_molecule can be represented by two or
more valence bond structures. In general the resulting molecule is the
more stable, the greater the number of possible structures. Where a
molecule can be represented by two structures, the extent of the resonance
between these two forms is determined by the relative energies of the two
structures. If they are of equal encrgg, then their contribution to the final
state of the molecule will be equal and the resonance will be a maximum;
i, however, one form has a higher energy than the other, then the former
will contribute less to the final state of the molecule and resonance will
be less. In the extreme case where the energy of one form is so high that
its contribution to the state of the molecule is insignificant, resonance does
not occur. Although there is an arbitrary element introduced into the
concept of resonance by the choice of the various structures amongst which
resonance occurs, it is generally a simple matter to distinguish the most
probable forms. Only those states which have the same value for the
total spin of the valency electrons can be considered. Thus in benzene for
example, the total spin in each of the five structures discussed above, is zero.
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It may be shown by quantum mechanics that the number of independent
or canonical structures amongst which resonance can occur is given by,

n!
G

where n is the number of non-localized electrons. In benzene, besides the
electrons forming the o bonds, which are localized, there are six 7 electrons
and thus the number of canonical structures is :

1.2.3.4.5.6
1.2.3. 1.2.3.4_'5

The five structures are the two Kekulé and the three Dewar forms. It is
possible, however, to construct other structures of benzene ¢.g. by joining
atoms in the meta position with a = bond or by making all three = bonds

of the Dewar type :

These and other similar structures are not independent and for the case
when the atoms are arranged in a ring only those structures for which
the bonds do not cross need be considered ; all the other forms can be
represented by resonance contributions of these structures3 4 8,

If the benzene nucleus were to be regarded as consisting of a system of
three single and three double bonds between carbon atoms, the heat of
formation of benzene would be the sum of the heats of formation of three
C=C bonds, three C—C bonds and six C—H bonds. As we have shown,
however, the benzene nucleus cannot be regarded as a system containing
localized double bonds since each bond between carbon atoms is neither
single nor double, but has an intermediate character, and the value for
the heat of formation of the benzene nucleus is found to be approximately
39 kcals/gm mol. greater than that calculated assuming localization of the
double bonds. This energy, which stabilizes the molecule, is termed the
resonance energy. Similar results are obtained from data for the heats of
hydrogenation. It is this resonance energy which gives to benzene its
aromatic properties. From a thermodynamic viewpoint unsaturation of a
compound is due to the relative instability of a double bond compared
with two single bonds ; the resonance energy, by reducing this instability,
gives the molecule a degree of stability approaching that of a saturated
hydrocarbon. The distance between neighbouring atoms of carbon in a
molecule of bénzene is 1-40 A, a value which is between that in saturated
hydrocarbons (1-54 A) and that in ethylene (132 A).

The identity of all the carbon bonds in benzene are to some extent
supported by the experimental results of LEvINE and Core’. It is well
known that one molecule of benzene reacts with three molecules of ozone
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to give the triozonide which on decomposition yields three molecules of

glyoxal : fo)
(o) gH (0]
VR A4
H H
+ 30, - O - &
S /CH\ H
% 5 CH \o
]
(0]
Localization of the bonds in o-xylene would yield the following two forms :
CH, CH,
CH,4 CH,
( (
/
1 I

Ozonization of the form I would yield two molecules of methylglyoxal and
one of glyoxal,

CH,

I O=CH O=CH

CH, - | + 2 J;
- O=CH O=C—CHj,

whereas ozonization of the form /I leads to the production of diacetyl and
two molecules of glyoxal,

CH, O=CH CH;—C—C—CH,
N, CHy — 2 |+ I
: 0=CH O 0

4

Levine and Cole established experimentally that all three products were
formed. The significance of this work, however, must not be exaggerated
since it does not prove unambiguously that the bonds between the carbon
atoms are all identical ; an equally valid argument could be based on the
assumption of the existence of two isomers having the Kekulé structures.

The reactivity of benzene towards substituting reagents is linked with
the fact that in the course of substitution, not only is resonance of the
benzene ring structure preserved, but the possibility of resonance
structures involving the substituting groups may occur. This problem will
be discussed later.

CONJUGATED SYSTEMS
The partial delocalization of » bonds and the resulting resonance of the
molecule permit an explanation to be made of the properties of non-cyclic
compounds containing conjugated double bonds e.g. butadiene. The
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configuration of the butadiene molecule has been shown by electron
diffraction to be

CH = CH,

3 1358 4

The distance between the central two carbon atoms, 1:46 A, is smaller
than that between a normal single bond, 1-54 A. This observation suggests
that the bond between carbon atoms 2 and 3 possesses some double bond
character. The distances between atoms 7z and 2, and 3 and 4 is, in both
cases, 135 A which cannot be considered significantly different from the
value of the C=C bond in ethylene, 132 A. The heat of formation of
butadiene, however, is somewhat higher than the value obtained by the
addition of the bond energies of two C=GC bonds, one C—C bond and
six C—H bonds. This evidence shows that the molecule is stabilized by
resonance between two or more structures.

The anomalous behaviour of butadiene on halogenation has been
recognized for some time. It would be expected that the addition of
bromine across one of the double bonds would produce only the molecule
CH,Br-CHBr-CH=CH,.  However, in addition to the 1,2-dibromo,
compound there is a considerable yield of the 1,4-dibromo compound
CH,Br—CH=CH—CH,Br, which contains a double bond in the 2,3
position. In order to explain this behaviour, TrieLE proposed a theory
of partial valencies. In this theory the second link in a double bond does
not fully neutralize the affinity of the two carbon atoms so that they are
left with a ‘ residual affinity’." In a system of alternate double and single
bonds, the residual affinities of the inner atoms combine across the single
bonds whilst those of the outer atoms remain free to attract other atoms.
Thiele’s formula for butadiene was therefore

CH,=CH—CH=CH,

.

: vessecnss H

where the dotted lines represent the partial valencies. The nature of the
partial valencies remained obscure until the development of the wave
mechanical theory of valency which explains the behaviour in the following
way. The = bonds between carbon atoms r and 2, and 3 and ¢ are not
considered to be completely localized and as in benzene, electron exchange
between atoms 2 and 3 and 1 and 4 is possible. Thus we may write two
structures for butadiene

CH,=CH—CH=CH,
I

(I}H2~CH=CH—(|]H2

u

The second structure will have a higher energy than the first because of
the much reduced interaction between the electrons of atoms 7 and ¢, and
therefore contributes less to the final state of the butadiene molecule than
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the first structure, nevertheless resonance between the two structures does
result in a small increased stability of the molecule. The carbon atoms
1 and 4 are incompletely saturated since in the second structure the bonding
between them is very weak (the distance is 2-8 A in the ¢is and 3-5A in
the frans configuration). This nonsaturation of atoms 1 and ¢4 explains their
reactivity.

¢yclo-Butadiene has not been isolated, presumably because thede forma-
tion of the valency angles from 120° to go° produces a greater loss of
stability than can be overcome by the resonance of the resulting molecule.

¢yclo-Octatraene does not possess aromatic properties,

CH—CH
Cé \CH
tn bu

oo

and recent x-ray studies® have shown that the molecule is not flat and that
the bond lengths in the molecule are not equal, being 134 A for the double
bond and 1-54 A for the single bond, values which are almost identical
with those for bonds in aliphatic compounds. It has therefore been con-
cluded that in agreement with the thermochemical data, the molecule is
not stabilized by resonance.

NAPHTHALENE

The characteristic chemical properties of naphthalene which have to be

explained may be enumerated as follows :

a The reactions of naphthalene show it to be less aromatic i.e. more un-
saturated than benzene. Thus naphthalene is more easily oxidized and
reduced, and substitution reactions occur much more readily, particularly
in the a-position, than in benzene.

b Hydrogenation takes place more readily with naphthalene than with
benzene. This fact is well illustrated by the reaction of dihydro-benzene
with naphthalene resulting in the oxidation of the dihydro-benzene to
benzene, the formation of dihydronaphthalene and the liberation of
energy in the form of heat,

G CO - O+ OO

¢ The various stages in the hydrogenation process are well defined ; the
1,4-dihydronaphthalene is produced first, but as this is not one of the
more stable forms, an exothermic molecular rearrangement occurs with
the formation of 1, 2-dihydronaphthalene :

H H
2 sz
+ H, - -
H,

Further hydrogenation gives tetralin, 1,2,3,4-tetrahydronaphthalene, a
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process which takes place easily and rapidly. The hydrogenation of the

second ring to produce decalin, takes place less easily and more slowly.

d The substitution reactions of naphthalene, even in the case of the for-
mation of monosubstituted derivatives, are complex. Substitution in the
a-position is most common, e.g. in sulphonation and nitration, but a
complicating factor is introduced by changes in the relative magnitude
of the energy of activation for substitution reactions in the a- and g-
positions with variation of temperature, Thus at high temperatures the
energy of activation for the sulphonation reaction producing f-naphtha-
lene sulphonic acid is lower than that for the a-derivative. The equi-
librium mixture for the B-derivative is therefore formed first and this
form predominates in the product. At lower temperatures (80° C), the
energy of activation of the reaction forming the a-derivative is less than
for the B-derivative and hence a-naphthalene sulphonic acid predominates
in the reaction product.

¢ There are indications of inequality in the properties of the various bonds.
Thus although the 1,2-disubstitution products are well known, no
2,3-disubstitution products have as yet been isolated.

/ The formation of molecular compounds occurs more readily with
naphthalene than with benzene ;.this may be attributed to the greater
unsaturation of naphthalene compared with benzene.

It is not possible at the present time to give an exhaustive explanation
of all the properties of naphthalene and its derivatives. However, the
application of quantum mechanics does enable certain empirical rules to
be explained theoretically. In order to do this there is no need to reject
the Erlenmeyer formula for naphthalene, but only to consider the additional
properties due to the resonance in the two six membered rings.

Naphthalene contains 10 electrons capable of forming = bonds and
therefore the number of structures which contribute to the final state of
the molecule is :.

~ 10!

5160 =

The arrangement of the valency bonds in the various canonical structures

is determined by the same rule as for benzene. The atoms are distributed

symmetrically in a circle and joined by all possible ways without the
crossing of the valence bonds* % ¢  The fulrl’ number of independent
structures, corresponding to the total number of canonical structures, is

then obtained. A
If the naphthalene rings are numbered in the customary manner and

are rearranged in the same order in a circle iz,

. 8 l
A v *
6 3 3

N 6
5 5 ¢

then by uniting the atoms in the manner shown in the diagram we obtain
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Table XXI, Canonical Structure of Naphthalene
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the original Erlenmeyer formula. In a similar way it is possible to work out

4
> 9

all the remaining structures and all 42 canonical structures are given in

Table XXI. Although in this table there are formulae with intersecting

valency bonds, if the formulae are drawn out in the circular form it is

found that no intersections occur, e.g. in structure XLII the bonds are

between atoms 1—10, 2—8, 3—7, 4—0, and 5—¢ and when represented

in the circular form we have : 10
1
- 2
6 3
5 ooy !

Let us consider the first three structures (I, II and /I in Table XXI)in
which the = bonds are only between neighbouring carbon atoms. These
structures which may be referred to as the Kekulé structures, will con-
tribute more to the final state of the molecule than other forms because
of the greater energy of the m bonds. Since these three structures will
contribute equally to the resultant molecule, the 1-—2 bond possesses two
thirds double bond character, whereas the 2—3 bond possesses only one
third double bond character. Thus the lack of equality of the bonds in
naphthalene is explained. Furthermore, SHERMAN has shown that the
symmetrical structure I makes a greater contribution to the resultant
molecule than do the structures II and III. This will cause a further
increase of the double bond character of the 1—2 bond and a reduction
of the double bond character of the 2—3 bond.

Let us now consider those formulae containing four 7 bonds between
adjacent carbon atoms and one elongated m bond (structures IV to XIX in
Table XXI). Of these structures eight are of the Dewar type where the
distance between the carbon atoms is 2:8 A (structures IV to XI), four
contain a bond between carbon atoms 3-61 A apart (structures XII to XV),
two contain a bond between carbon atoms 3-65 A apart (structures X¥/ and
XVII) and there are two with a distance of 5 A between the carbon atoms
(structures XVIII and XIX). The strength of the = bonds decreases con-
siderably with the increase of distance and when this becomes as much as
5A (as in structures XVIII and XIX) the resulting bond contributes very
Little energy to the stability of the molecule.

In each of the structures XX to XXXVIII, there are three normal =
bonds between neighbouring carbon atoms and two between carbon atoms
at greater distances, whereas in structures XXXIX to XLII there are two
normal and three long = bonds. The contribution of these structures to
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the molecule is small and therefore we may regard only the first nineteen
structures as significant. In each of structures IV, V, X, XI, XVI and
XVII there occurs two unsaturated o positions, since in each case two
a positions are joined by a = bond of length > 2-8 A and such a bond is so
weak that the constituent carbon atoms may be regarded as being almost
trivalent in character in those valence bond structures. Structures XII to
XV each have one a and one B unsaturated carbon atom, structures VI to
IX each have one B carbon atom unsaturated and structures XVIII and
XIX two unsaturated B carbon atoms each. Thus the valency of the a
position is not saturated in sixteen cases, compared with twelve for the 8
position. This conception of the relative unsaturated valency of the a and
B positions leads to an explanation of the fact that substitution occurs
more easily in the o than in the B position. A more detailed calculation?®,
taking into consideration all the forty two structures, shows that the quan-
tum weights of the nonsaturated a and B positions in naphthalene are in
the ratio 2 : 1.

The behaviour of naphthalene on hydrogenation may now be explained.
The addition of two atoms of hydrogen occurs at the a positions of one
ring leading to the formation of 1,4-dihydronaphthalene.  Since the a
positions are the least saturated, the energy of activation for the reaction
with hydrogen at these positions will be less than at any other positions
and hence it would be expected that the 1,4 compound would be obtained
first. This molecule,

possesses a fixed double bond in the 2—3 position which cannot participate
in the resonance of the molecule since the 1 and 4 carbon atoms are fully
saturated, each taking part in four o bonds. Although the formation of
1: 4-dihydronaphthalene takes place more rapidly than hydrogenation in
other positions, this does not necessarily infer that the 1,4-disubstituted
molecule is the most stable modification and 1,2-dihydronaphthalene is
found to be more stable than the 1,4-compound by virtue of the resonance
that can occur in the partially hydrogenated ring :

H2 <§H2

Therefore the rearrangement of the dihydrogenated naphthalene from the
1,4-compound to the I,2-compound is thermodynamically favourable
and does in fact occur.

Complete hydrogenation of one ring occurs first, since only by so doing
can the resonance of the second ring be tEreservecl. If the four hydrogen
atoms were distributed throughout both rings, e.g. two in each, the
remaining double bonds would either become localized or the number of
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effective structures would be reduced. It is particularly interesting to note
that when two molecules of 1,4-dihydronaphthalene react together, one
molecule of naphthalene and one of tctrafi)n are produced, the reaction
being accompanied by the liberation of energy (4H = — 30 kcals/gm mol).
The reason for this behaviour is that although the total number of single
and double bonds remain the same, we have replaced two molecules in
which resonance only occurs in one ring in each molecule, by a molecule
of naphthalene which is greatly stabilized by resonance, and one molecule
in which resonance occurs in one ring :

- O - 00 + O

Hence the reaction may be regarded as a transfer from a benzene resonating
system to a naphthalene and a benzene resonating system, with a corre-
sponding increase in stability.

OTHER AROMATIC HYDROCARBONS

Certain other aromatic hydrocarbons will now be considered bricfly.

Anthracene is less aromatic than naphthalene. There are fourteen clec-

trons available for the formation of = bonds and so the full number of
. . 14! . .

canonical structures will be ST gl 429 The most significant structures,

however, are the following. Four Kekulé structures ({ to IV)

K\/\//‘) O/ N |/><\/\|

NN AN NAANY
s

1 ur
000
/ /
1w
and fourteen Dewar type structures V to X7

PO OO OCO

Sour structures three structures three structures
vV VI vir
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SCO eCO

one structure one structure one structure
vir X X
one structure
XI

With the aid of these structures we may obtain an approximate evaluation
of the relative unsaturation of the various atoms. This is shown in X7I where
the figures represent the number of valence bond structures in which a
particular carbon atom is involved in a Dewar type bond

4 H2
1 1
Q0 O
H,
xu XIIr

The g and 10 positions are the most unsaturated and hydrogenation leads
to the formation of g, 10-dihydroanthracene. Not only is the energy of
activation for the hydrogenation reaction reduced by the increased un-
saturation of the g and 10 carbon atoms, but the resulting molecule possesses
considerable resonance energy by virtue of the two benzene rings and
represents the most stable isomer of dihydroanthracene.

The higher reactivity of anthracene compared with naphthalene, as
shown by the greater ease of hydrogenation, is directly related to the fact
that the Dewar structures containing one long = bond contribute more to
the final state of the molecule in anthracene than in naphthalene. Thus
taking the Kekulé and Dewar structures for naphthalene I to X1, Table XXI,
the relative unsaturation figures, comparable with those given in XIT are :

1

/1

2

[y

X

Naphthacene (XV) has five Kekulé structures and Dewar structures with
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RESONANCE OF VALENCY STRUCTURES

one long = bond play an even greater part in the reactivity of the molecule
than in anthracene. This applies to even a greater degree

to 2, 3, 6, 7-dibenzanthracene (pentacene, XVI) in which the addition of
hydrogen atoms in the para positions in the central ring does not prevent
resonance in the two adjacent naphthalene ring systems, XVII.

H,

90999

H,
Xxvi
For the hydrocarbons so far considered, which consist of benzene rings
connected linearly, the number of Kekulé structures is one more than the
number of rings. Thus in benzene it is two, naphthalene three, anthracene
four, naphthacene five and dibenzanthracene six. The number of structures
with elongated = bonds, however, increases considerably as the number of
benzene rings in the molecule is increased and it is this fact that is responsible
for the gradual increase in reactivity with the size of the molecule.
A non-linear arrangement of three benzene rings occurs in phenanthrene
(Xvim)
910

8 1
{5
5 4
Xvinr

In this molecule five Kekulé structures occur :

xxir XX
It will be noticed that in four of the five structures the link between carbon
atoms g and 10 is double; these atoms are therefore the most reactive.
Hydrogenation produces g, 10-dihydrophenanthrene XXIV. This com-

H, H,
HZ
< H2
o 2 H2
XX XXv
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pound is also the most stable of the various possible dihydro derivatives,
since the resonance of the adjacent benzene rings is unaffected. Further
hydrogenation gives 1, 2, 3, 4-tetrahydrophenanthrene XXV ; the formation
of this molecule evidently involves the migration of the hydrogen atoms at
the g, 10 positions into the side ring. It is clear that this tetrahydrophenan-
threne is more stable than any other configuration since it does not
interfere with the resonance of the remaining naphthalene ring. If there
were no migration and for example, the 1,2, 9, 10-tetrahydrophenanthrene
XXVI were obtained, the resonance

H, H,
H, H H,
H, H, H,
H, H H
XXVI 2 vt Ot

energy, which is the same as for 2-phenylbutadiene, would be less by
about 30 kcals, than that of the 1,2,3, 4-tetrahydrophenanthrene, XXV.
Further hydrogenation produces octahydrophenanthrene (octanthrene
XXVII) in which the central benzene ring still possesses non-localized
bonds and its resonance therefore stabilizes the molecule.

Until relatively recent times there has been a controversy concerning the
validity of one or other of the formulae for the hydrocarbons described
above. Thus structures for naphthalene have been proposed by ERLEN-
MEYER, SCHERRER, HARRIES and WILLSTATTER, BAMBERG and others.
However it is now clear that such arguments are pointless since all such
formulae represent possible structures which contribute to the ultimate state
of the molecule. What is of importance, as we have seen, is the weight of
the various contributions, since it is this which determines the chemical
reactivity of the molecule.

In addition to the Kekulé and Dewar structures in the separate benzene
rings, diphenyl possesses additional structures with = bonds between the

rings - — — —
<~>f§_> §”<n>m<=>”

xxvi XXIX
Such structures are only possible if both rings lie in one plane, when the
figures of eight of all the w electrons are parallel. x-ray data suggests
that this is so!}, but it has not been confirmed by more recent electron
diffraction measurements!2,
Hydrocarbons of the type "

R

XX XXXI
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may also. apparently have resonance structures of the same type as diphenyl,
but owing to steric hindrance due to repulsion between the hydrogen
atoms, the various ring systems cannot lie in the same plane. For this
reason contributions to the resonance of the molecule from structures of
the diphenyl type cannot occur?s.

FREE RADICALS

The discovery of triphenylmethyl by GoMBERG in 1900 was most unexpected.
It had been anticipated that hexaphenylethane would be a stable, un-
reactive compound, but Gomberg found that it could be isolated only by
treating triphenylmethyl bromide with silver powder in the complete
absence of air. Solutions of hexaphenylethane reacted rapidly with several
reagents ¢.g. oxygen, iodine and nitric oxide and the conclusion that the
hexaphenylethane dissociated into triphenylmethyl radicals was confirmed
by molecular weight determinations. Since the tetravalency of carbon had
at that time been fully established it is not surprising therefore, that the idea
of trivalent carbon was difficult to accept. However, other free radicals
were discovered and it became established that in addition to trivalent
carbon they could involve divalent nitrogen, and monovalent oxygen and
sulphur. The common characteristic of all free radicals is the existence
in the molecule of one unpaired electron, this causes the well known
paramagnetic properties of all monoradicals.

The formation of free radicals cannot be explained on the basis of
classical valency theory ; the stability of these molecules may however, be
adequately explained by the quantum theory of valency. Ethane does not
under normal circumstances dissociate into two methyl radicals. The
reaction .
H,C—CH; —— 2CH,
only takes place with the absorption of 82:6 kcals i.e. it is strongly endo-
thermic (the dot over the carbon atom represents the unpaired electron).
This fact is not surprising since it is a stable single bond between two
carbon atoms which is being broken. In order to explain how the disso-
ciation energy required to break a molecule into free radicals may be
lowered we shall consider first the molecule of dibenzyl. On dissociation,
two free radicals are obtained : .

CgH,CH,—CH,CH; — 2CgH,CH,
and in each of these a trivalent carbon occurs. However, it is clear that
the unsaturated carbon atom need not necessarily be that of the CH,
group, I, but may also be that of the para and ortho carbon atoms of the
benzene ring, /I, Il and IV

e, Comen, o, { —cn,
{ i m v

Thus in the free radical several valency bond structures are possible in

addition to the normal resonance structures of benzene which are still

present in 7, and resonance amongst all these states will lead to an increase

in the stability of the free radical. Consequently, for the dissociation of

dibenzy! less energy is required than for the dissociation of ethane because
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of the stabilization of the resulting free radicals by resonance. Thus in
the molecule of dibenzyl, the link between the two CH, groups is weaker
than in ethane and the bond between the phenyl carbon atom and the
CH, group should be stronger in view of its partial double bond character.
The x-ray data confirms this conclusion by showing that the CH,—CH,
distance is 1-58 A as compared with 1-54 A in ethane and the CgH—CH,
distance is 1-47 A. An increase in an interatomic distance represents a
weakening, and a decrease a strengthening, of the bond.

The dissociation of hexaphenylethane leads to the formation of two
triphenylmethyl radicals. With the central carbon atom in the trivalent
state eight Kekulé structures are possible ; the nine carbon atoms in the
ortho and para positions in the three rings may also be in a trivalent state
and thus in all, 36 valence bond structures are possible for the free radical.
As a result of the resonance among these structures there is a gain in
energy of the free radical by 50 kcals, with the result that the dissociation
energy of hexaphenylethane is as low as 11-12 kcals.

In the hexaphenylethane molecule the valence bonds of the two ethane
carbon atoms are tetrahedral, but during the dissociation this configuration
is replaced by the planar configuration which is present in the free radical.
The planar structure may, however, be slightly distorted owing to the
repulsion of the ortho hydrogen atoms of the benzene rings.

When hexa-diphenylethane [(CgHz—CgH;)g C—C (CgH—CgHj);] dis-
sociates into two tri-diphenylmethyl radicals, each radical contains nineteen
carbon atoms which may exist in the trivalent state : the central carbon
atom and the ortho and para atoms of each ring. A very large number of
valence bond structures is therefore possible with this radical, giving to it
a considerable stability, thus explaining the great ease with which hexa-
diphenylethanc dissociates into free radicals.

Table XXII. Degree of Dissociation into Free Radicals

Dissociation Temperature Concentration

Free radical formed per cent °C molsfl
Triphenylmethyl . . .. .. .. 2-8 20 003
Diphenylyl-p~tolylmethyl . . .. .. 5 25 o1
(p-diphenylyl)~diphenylmethyl .. .. 12:8—141 25 0036
(m-—diphenylyl)-diphenylmethyl . . .. 11°4—12°0 25 0036
Diphenyi—o-tolylmethyl . . .. .. Qg 25 i o1
Diphenyl-B-naphthylmethyl . 25 I o
Duphenyl—a-naphthylmethyl .. 27 25 o1
Phenyl—di-(p-~diphenylyl)methyl . . 18 25 o1
Tri-(p-diphenylyl)methyl .. .. 26 25 00125
Tri-(m—diphenylylymethyl .. .. 60 23 0025
Di-B-naphthylphenylmethyl .. .. ég 25 o1
Tri-B-naphthylmechyl .. .. .. {& 2 ook
a-naphthyl—(p—diphenylyl)—phenylmethyl . . 54 54 o-o1

In Table XXII the degrees of dissociation of a series of substances are
given. The extent of dissociation is dependent on the temperature, con-
centration and on other conditions.
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The formation of a free radical possessing only one carbon atom which
can exist in the trivalent state e.g. the formation of a methyl radical from
ethane, does not take place to any great extent at normal temperatures.
This is due to the fact that since the free radical is not stabilized by
resonance, it can only be formed by a strongly endothermic reaction.
Those molecules which readily dissociate to form free radicals do so because
the dissociation energy has been reduced by the increased stability of the
resulting free radicals, due to rcsonance among several valence bond
structures. If in the free radical the single unpaired electron is localized
at one carbon atom, as in *CHj, then such a free radical is extremely
reactive, but if the unpaired electron is shared among several carbon atoms
¢.g. in tri-diphenylmethyl, where nineteen different positions arc possible,
the reactivity is decreased. As is to be expected in a molccule possessing
an unpaired electron, the electron affinity of free radicals is high, that of
triphenylmethyl being 48+ 5 kcals14,

Following the same general argument used above to explain the
dissociation of various arylethanes, an understanding may be obtained for
the relative stability of free radicals compared with free atoms, e.g. nitrogen
and oxygen, containing unpaired electrons. Tetraphenylhydrazine dis-
sociates to some extent into two molecules of diphenyl nitrogen :

e
gg - KOO

The unpaired electron, however, is shared with six carbon atoms, since

resonance amongst the seven structures represented by V, VI, VII and
VI occurs.

O OO

two structures {wo structures
vr

O

two structures

Vi

Thus the nitrogen atom cannot be regarded as divalent since if the con-
tribution of the structures V to VIII is equivalent, the proportion of
divalent character is only one seventh. Similar reasoning applies to free
radicals containing oxygen, e.g. the g-methoxy~10-phenanthroxy radical

1X. .
CH,O o) CH,0 O CH,0 O
. 7
> AN (" ) N
X

S.M.—7. 97
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CHO O GHTO o CH,O O
\ .
p.¢/4 X1v

Xur
CH,O o) CHO O

> &%}

Xv

In this molecule the possibility of resonance with structures containing
trivalent carbon stabilizes the molecule and reduces the rea:tivity of the

free radical.

BI-RADICALS

Molecules containing two trivalent carbon atoms occur in compounds such
as the meta derivatives of diphenyl, e.g. XVII, which cannot form a quino-
noid structure in the same way as the corresponding para derivative XVIII
in which all the carbon atoms are quadrivalent. Magnetic studies of the
dimeric form of XVII shows it to be paramagnetic thus confirming the

existence of the bi-radical.

CeH;),C* *C(CgH

(CeHy) v (GgHj) o

(CeHj) 2C‘=<>=’<>=C (CgHs)s
Xvil

The case of CricHIBABIN’s hydrocarbon (CgHj)y C-CgH—CgH, G- (CgHy)
is somewhat more complicated. This hydrocarbon is deeply coloured and
readily reacts with oxygen and for these reasons the suggestion was made
that it may exist in the form of the bi-radical XIX,

CESR D oD s

XIX

rather than in the quinonoid form XVIII.

The latter structure XIX represents the molecule in a triplet (paramagnetic)
state, whereas the former XVIII represents a singlet (diamagnetic) state. -
These two states cannot resonate with each other, since the total spin
moment is different in the two cases, and one state represents the ground
state and the other an excited state of the molecule. Magnetic studies
show that Chichibabin’s hydrocarbon is diamagnetic and hence it follows
that the ground state of the molecule is the singlet state XVIII and that
the energy of excitation to the triplet state XIX, must be large enough to
prevent the number of excited molecules in equilibrium with the ground
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state being significant at the temperature of the magnetic measurements.
If the number of benzene rings is increased, as in XX,

(CiH) 2c=<:>{j>=<‘>-=0<ceﬂs>,

the energy of excitation to the mplet state is reduced and at equilibrium
the concentration of the triplet (paramagnetic) state is sufficient to be
detected by magnetic measurements.

If the coplanar configuration of the two central benzene rings in XVIII
is made impossible by introducing substituent groups into the ortho positions,

as in XX7
Cl Cl
(CgHy) zc_®*c(06}15) 2
Cl cl

the quinonoid structure becomes impossible, and the molecule in the ground
state is a true bi-radical.
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6

RESONANCE OF COVALENT AND
IONIC STATES

THE IONIC (HETEROPOLAR) BOND

IN CHAPTER 3 the covalent bond has been discussed and the question
now arises whether this is the only possible type of bond between atoms.
Let us consider the gaseous molecule of sodium chloride. The sodium and
chlorine atoms each have one unpaired electron, gs in sodium and 3p in
chlorine, so that in principle the formation of a covalent bond is possible.
The calculation of bond energies presents considerable difficulties even in
a simple molecule such as hydrogen and the calculation for more com-
plicated molecules is impossible except by an approximate method such as
that introduced by PauLing!, In this method, it is assumed that the
energy of the covalent bond A—B, is equal to one half of the sum of the
bond energies of the homopolar molecules A—A and B—B, i.c.

E 4 p= 3 (Egeu + EB——B) e (6-I)
The bond A—A, ¢.g. Na—Na in the molecule Na,, and the bond B—B,
e.g. C1—Cl in Cl, are formed by the interaction of two electrons from
different atoms, both electrons participating in the formation of the bond
to the same degree. According to the method of Pauling, one half of the
energy of the bond is apportioned to each electron, and each electron of
the atoms A and B contribute the same energy to the molecule AB, as to
the molecules AA and BB.

A theoretical proof of this method of calculating bond energies cannot
be made and its validity can only be tested by its application to specific
cases where calculated and observed values of the bond energies may be
compared. A convenient series of molecules for this purpose is the inter-
halogen compounds, since because of the similarity of the properties of
the halogen atoms, the bonds will be largely covalent. For a similar
reason, molecules formed between alkali metal atoms may also be con-
sidered. The energies of the bonds in the molecules BrCl, ICl, IBr and
NaK are shown in Table XXIII. The values of the bond energies of Cl,,
Br,, I,, Na, and K, used in deriving the calculated value were 57, 45, 35,
17 and 12 kecals respectively. The agreement between the calculated and
experimental values is good and we may

Table XXI11. Calculation of Bond Energies therefore conclude that for bonds which

(Pauling) are highly covalent in character, the

Molecule Ecale. |Eobserved method of Pauling gives satisfactory
keals keals results.

BrCl o1 52 If this method of calculation is now

11 46 29 applied to molecules such as NaCl, LiF

1Br 40 .42 and KBr, we find considerable dis-

NaK 14'5 145  crepancies between the calculated and

experimental values. Thus for sodium
chloride the bond energy of the covalent bond will be :

} (Bxo, + Ea) = % (17 + 57) = 37 keals
a value in very poor agreement with the experimental value of g8 kcals
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obtained from spectroscopic data. It is therefore concluded that the bond
in the sodium chloride molecule is not covalent.

The bond energy may also be calculated on the assumption that the
molecule is ionic and that the bond energy is due entirely to the electro-
static interaction of the ions. The energy value E which is to be calculated
is that of the formation of the ionic molecule Na+Cl- from atoms, i.e.

Na + Cl— Na+Cl-,, + E

The transformation of a sodium atom into a sodium ion requires the
absorption of an amount of energy I, equal to the ionization potential, t.e.
Nag,,— Nat 4 ¢ — 1
where I = r18kcals. The electron is acquired by the chlorine atom and
an amount of energy equivalent to the electron affinity of chlorine is

liberated, i.e.
Cl+e>Cl-+F
where F = 86 kcals.
The Coulombic attraction of two ions of opposite unit charge situated a
distance r apart is given by :
E = —¢¥r ....(6.2)
It will be assumed that the ions are non-distorted ; the problem of polar-
ization will be discussed later. In addition to the attraction between the
ions there will be a repulsion caused by the completed electronic shells of
the sodium and chloride ions. The transfer of paired electrons, as we have
seen in Chapter 3, leads to a repulsion energy. Exact calculation of this
energy is difficult but it may be done by an approximate method. The
error involved does not significantly affect the result, as the repulsion
energy is small in comparison with the energy of attraction. In Chapter 3
it was shown that the exchange energy of repulsion decreased exponentially
with the distance between the atoms :
E, = Aexp (— ar) ....(6.3)
where 4 and a are constants. It is possible to replace this function by a
simpler one by assuming that the energy of repulsion, since it falls off very
rapidly with increase of distance, is inversely proportional to a high power

of 7, i.e.
E, = B/r .e..(6.4)
The error involved in making this approximation amounts to only a few
kcals for the sodium chloride molecule. This is negligible for our present
purpose. The total energy of interaction of the ions is then given by,
E' =E, +E,= — ¢*r + B/ «o..(6.5)
Since the molecule formed is stable, it follows that at a particular value of
r, E’ will be a minimum. Hence we may write :
dE' 2 nB
T T R =0 .v..(6.6)
where r, represents the interatomic distance at equilibrium.
From equation 6.6 it follows that
e? nB
;;E::;;';Tl ....(6.7)
and hence,
B = e?r~1n ....(6.8)
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Substitution of this value of B in equation 6.5 gives :

L S
E=- (1 n) ....(6.9)
and hence the bond energy of the ionic molecule Na+Cl~ is given by,
2 1
=—1+F+£(1—_‘) ve..(6.10)
7o n

The value of n in equation 6.10 is approximately 9, and calculation of E
gives the value as 85 kcals. This value is much closer to the experimental
value of g8 kcals than was the value obtained assuming that the bond was
covalent. Values for a series of alkali halide molecules are given in Table
XXIV and it is seen that in every case the bond energy, calculated for an
ionic type of bond, is much closer to the observed value than that calculated
on the assumption of a covalent bond. This conclusion is also supported
indirectly by the values of the interatomic distances of these molecules, all
of which are larger than would be expected if the molecules were covalent.
All the interatomic distances given in Table XXIV are above 25 A and
there is no known instance of a homopolar bond having an energy of the
order of 8o to 100 kcals at such a distance.

It is thus apparent that there are two different types of bond, the
homopolar or covalent and the ionic. In the former the main contribution
to the bond energy is due to the quantum mechanical exchange phenomena

. Ly e and in the latter to
Table XXIV, Bond Energies of Alkali Halides Coulomb attraction be-

Bond Energy tween the ions. In

Internuclear | Covalent bond Tonic bond molecules such_as -H,

Moleculs disiance aceording to according to | Experimental Nz, Clz, Naz, IBr and
4 Pauling’s equation | equation 6.10 wiw — NaK the bond may be

Naci A 4 & %8 regarded as covalent,
Nal 200 3% 50 73 but in molecules formed
K 279 34 92 4 from atoms of widely
Kbr zos 28 8 o differing electronegati-
RbCI 35 st 1 wr  vity, e.g. LiCl, NaCl,
RbEBr 3 2 4 9*  NaBr, KI, the bond is
R 326 23 70 J6  almost entirely ionic.
Gobr 3ie 3 H os Caesium fluoride pre-
Gal g4 23 78 82 sents a special case

however, since the
electron affinity of fluorine (g5 kcals) is greater than the ionization potential
of caesium (89 kcals) so that in the change of caesium and fluorine atoms
into ions, a small liberation of energy, amounting to 6 kcals, occurs.

Apart from the difference in the bond energy, other criteria, both direct
and indirect, exist between the two different types of bond. Ionic molecules
in the solid state form an ionic crystal lattice which is characteristic for the
particular molecule. In such a lattice, each ion is surrounded by ions of
opposite charge at equal distances from the central ion and individual
molecules cease to exist. The number of ions packed round the central ion
is limited by the size of the ions, the attraction and repulsion energies
between the ions and other factors. The links of the central ion with its
nearest neighbours are all of the same strength and the number of such

102




RESONANCE OF COVALENT AND IONIC STATES

nearest neighbours is not controlled in any way by the valency of the
central atom. Covalent substances in the solid state form molecular
lattices, formed by packing the molecules together to produce the most
stable structure. The forces holding the molecules together in the crystal
[attice are van der Waal’s forces, which are weak and diminish rapidly
withdistanice from the molecule. When an ionic compound passes from
the solid to the gaseous state, ionic bonds are broken and the heat of subli-
mwwmmﬁ ; for salts of the sodium
chloride type the value is between 50 and 6o kcals. For molecular com-
pounds, the heat of sublimation is much lower, about 10 kcals, because the
forces being overcome are very much weaker. For the same reason ionic
compounds melt at high temperatures whereas typical simple homopolar
substances, such as H,, Cl, and N3, are gaseous at room temperature.

The dissociation of gaseous molecules into ions and the process of

CIC'WM&W“”“WW
of a bond._ Each case must, however, be examined carefully as exceptions
occur. Thus although hydrogen chloride dissolves in water to form
hydrogen and chloride ions, it is not an ionic molecule ; owing to the
affinity of the water molecule for a proton (180 kcals), a chemical reaction
takes place between a molecule of hydrogen chloride and a molecule of
water with the formation of hydrogen H;O* and chloride Cl~ ions. In
the same way it is not always correct to determine the nature of a chemical
bond by the products of dissociation of the gaseous molecules, i.e. whether
it dissociates into atoms or ions. Instances are known where at distances
of 2 to g A, the energy of the heteropolar bond is greater than that of the
covalent bond and the link is primarily ionic, but that at greater distances
the electrostatic interaction is small and does not compensate for the
difference between the ionization potential and electron affinity of the two
atoms ; because of this possibility, an ionic molecule may dissociate into
atoms.

The nature of the bond in a molecule will determine whether or not
there is a permanent electric dipole moment. An elcctric dipole exists
wherever the centres of gravity of the positive and negative charges in a
molecule are at different points. The magnitude ofthis dipole is measured
in terms of the dipole moment y defined by

w=cr cer.(6.11)
where ¢ represents the charge, positive and negative, on the two parts of
the molecule and r is the distance between the centres of charge. In a

true covalent molecule the dipole . .
moment is zero ; polarization of a Table XXV. Dipole Moments of ITonic Molecules

covalent molecule occurs, however, i .
whenever it is placed in an electric Molecule - : Molecule | 10 :
field, but the resulting dipole is . _
induced and is not a permanent KCl 80 RbBr 10
property of the molecule in the Ilé?r 907 CS(I" 1o
absence of an applied field. On 924 Gs 1oz

the other hand, an ionic molecule
is strongly polar ; in the limiting case, the positive and negative charges
are focused at the centres of the ions. Under these conditions, the dipole
moment will have a value of g to 12 X 10718 es.u, since the electronic
charge is approximately 48 X 1072 e.s.u and the interionic distance
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between 2 and 3 A. This value is in agreement with the experimental
data (Table XXV) determined by the molecular beam method.

BONDS OF INTERMEDIATE TYPE

In a very large number of compounds the chemical bond cannot be con-
sidered as purely ionic or purely covalent ; the dipole moments of such
bonds are greater than zero but considerably less than the values given
in Table XXV. Typical examples of such bonds are HF, HCI, HBr,
HI, NH, OH, CCl etc. If the experimental values for the bond energies
of the hydrogen halides are compared with those calculated by the
Pauling’s method it is found (Table XXVI) that for HI the calculated
value is greater than the experimental. Such a result is clearly im-
possible since, because of resonance which was not taken into account

. ., in the calculation, the experimental
Table XXVI. Bond Energies of Hydrogen Halides value should always be the greater.

Molecule E calc. E observed A N imilar result occurs with the hy-

(kcals) (kcals) drides of the alkali metals. Inorder

to overcome this difficulty Pauling

HF 84 147 suggested that the geometric mean

I}}](;rl gz 'g; of the covalent bond energies
HI 69 63 should be taken :

E p= (E4u X Egg)t ....(6.12)

in place of the arithmetic mean (equation 6.1). The calculated value of
the bond energy of hydrogen iodide then becomes 60 kcals, i.e. below the
experimental value ; in a similar way satisfactory values for the hydrides
of the alkali mctals are obtained. Although the calculated values are, in
general, more acceptable in these particular cases, the difference between
values calculated by the two methods are not significantly different. In
the series of compounds HF, HCI, HBr and HI the divergence between
calculated and observed values is least with HI and greatest with HF and
Pauling considers that the magnitude of the difference between the two
values is a measure of the deviation of the bond from true covalency.

The idea that a link, such as that which occurs in hydrogen chloride, is
of an intermediate type is not new ; Fajans, LEwis and Sipewick all
considered that there existed an uninterrupted change of bond type from
a pure covalent bond on the one hand to a pure ionic bond on the other.
Such an intermediate type of bond may be considered as an ionic bond
which has been polarized, i.e. the electron cloud of the anion has been
displaced towards the cation by electrostatic attraction, and the suggestion
has been made that the bond could be described in terms of electrostatic
theory. In a nonpolarized anion the centre of gravity of the negative
charge is coincident with the nucleus ; the field due to the cation, however,
produces a displacement of this negative charge in the direction of the
cation thus inducing in the anion a dipole moment acting in the reverse
direction to the original dipole. The resulting dipole moment of the
molecule is thus less than that given, by the product er.

The magnitude of the dipole moment m induced by a field of unit
strength is termed the polarizability a of the molecule :

m= oF ....(6.13)
where F is the electric field. Attempts to calculate the induced polarization
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using equation 6.13 and thus to calculate the energy and dipole
moment of the bond have, in general, failed owing to the use of the molar
refractivity R to calculate a. The relationship between o and R is given
by the Lorentz-Lorenz equation :

4 _nt—=1 M cv..(6.14)
R=grhe=r2'7

where M the molecular weight, N the Avagadro number, n the refractive
index and d the specific gravity. The inaccuracy of this assumption has
been demonstrated by DEeBYE? in the following way. In the hydrogen
chloride molecule the internuclear distance is 1-27 A and if the bond were
entirely ionic in character, the dipole moment would be :

p=er =48 X 10710 x 1-27 x 10~8 = 6:06 x 10-8es.u

as compared with the experimental value of 1-03 X 10-18 e.s.u
The field due to the proton is given by

F = ¢[r? ....(6.15)
and this induces in the chloride ion a moment acting in the reverse direction :
m = afF = aefr? ....(6.16)

and the total moment is then given by,
p=-e —m=er(l — afr’3) e (bary)

The refractivity of the chloride ion is R = 8-45 cc and hence by equation
6.14, o = 322 X 1022 cc. Substitution of this value of a in equation
6.17 and putting r = 1-27 X 1078 cc gives :

p=606x 10-18 (1 — 1-63) = — 3-8 x 10-B es.u

The calculated moment thus considerably exceeds the experimental value
and furthermore represents the dipole as acting in the opposite direction:
the chlorine is represented as positive and the hydrogen negative. This
result is clearly incorrect and Debye has shown that the error is due to the
fact that the Lorentz-Lorenz equation is not valid at the small distances
considered owing to the non-uniform character of the ficld. If the inter-
nuclear distances were of the order of 5 A, this type of calculation would
be permissible. Attempts have been made to calculate the polarizability
in a non-uniform electric field by the methods of wave mechanics3, but
have not yet been successful in producing a theory of the intermediate type
of bond.

A different approach to this problem has been made by Paulingl, 4. If
each of two atoms forming a bond have a single valency clectron, it is
theoretically possible for either a covalent or an ionic bond to be formed.
In the first case the electrons are localized and both electrons move in the
field of both nuclei, in the second case an electron is transferred from one
atom to the other and both electrons move in the field of one nucleus. If
the energy of one type of bond is very much greater than that of the other,
then that form which has the higher energy will determine the nature of
the bond and in the extreme case, the bond will be either entirely ionic or
entirely covalent. However, when the energies of the two bond types are
closer together, but not necessarily equal, both forms will contribute to the
final state of the molecule and the bond will be a resonance hybrid of the
covalent and ionic forms, the molecule being stabilized by the resonance
energy. There is no difference between the resonance described here and
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that discussed in connection with the structure of benzene, which happens
to be a particular case, in that the two Kekulé structures are both covalent
and have the same energy. When the two forms possess different energies,
that with the greater energy is the more probable and contributes more to-
the final state of the molecule. Even in molecules such as sodium chloride
there is present, in addition to the ionic bond, a covalent bond, although
its energy is so small that it is generally ignored. The resonance between
the two forms, however, may be the explanation of the fact that the experi-
mental values of the bond energy are greater than the values calculated on
the assumption of an ionic bond for molecules of the sodium chloride type
(Table XXIV).

The resonance between the covalent and ionic bond structures of a
molecule produces, by the superposition of the electron clouds of the ionic
bond and of the covalent bond, a transitional electron cloud. This is
discussed below in terms of wave mechanics. The electron cloud of the
bond, however, will of course be continuous and the splitting into com-
ponent parts, which this method of treatment has incurred, is the direct
result of the attempt to describe a complex chemical bond in terms
of two simpler types of bonds which may be represented by classical
structural symbols.

If the covalent state of the molecule is described by the function ¢, and
the ionic state by i, then the intermediate state of the molecule may be
described by the linear combination of these two wave functions :

o=y + cat ....(6.18)

where the coefficients ¢; and ¢, determine the contribution of the two
states to the molecule and the ratio ¢,/c, will be such as to make the bond
energy a maximum for the particular set of molecular parameters (e.g. the
relative electronegativities of the participating molecules) pertaining to this
molecule. The wave function for the covalent bond (see Chapter 3) is

given by
e = Ya(1)¥6(2) + $u(1)%(2) ... (6.19)
and that for the ionic bond by
P = da(1)(2) <+ v+ (6.20)

which infers that both electrons are located at nucleus a (a refers to the
nucleus of atom A and b to the nucleus of atom B). Substitution of equations
6.19 and 6.20 in 6.18 gives the wave function of the molecule :
¥ = oy + oot = o1 { Yu(1)$(2) + ¢ ()¥a(2)} + vz*/fa(l)sl’a(z)(ﬁ )
ceea (621
The expression for the electron cloud of the molecule will be obtained by
squaring the expression 6.21, viz,

P2 = o { Y2(1)s2(2) + $h3(1)a?(2) + 2¢ha(1)th (1) a(2)4(2) } +
+ co22(1)Ya3(2) + 26165 { $a®(1) Pa(2)¥5(2) + $a2(2)9a(1) (1) (}6 )
ve..(6.22
This expression is composed of three parts, first the terms representing
the electron cloud in a covalent molecule (equation 3.99) :
a2(1)¥2(2) + ¥52(1)ha®(2) + 20a(1) (1) Ya(2) ¢(2) (6.222)
cee a
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secondly, the term representing the electron cloud when both electrons are
located at nucleus a, i.e. an ionic structure :

Y1) ¢a*(2) .. .(6.22b)
and thirdly, the transitional electron cloud :
$a2(1)a(2)$5(2) + Ya2(2)4a(1) (1) ve..(6.22c,

In the transitional structure one electron is located at the nucleus, ($.%(1),
and the second electron gives an elliptical cloud y,4; (see equation 3.61
et seq). The latter term is identical with that obtained for the hydrogen
molecule ion and we may therefore conclude that the transitional electron
cloud represents a state in which one electron is located at one atom,
whilst the second electron forms a single electron bond. The second term
in equation 6.22c occurs as a result of the exchange of the positions of the
electrons. Only one nucleus appears in expression 6.22c viz a ; this refers
to the more electronegative of the atoms forming the bond. The complete
electron cloud of the diatomic molecule may thus be conceived as elliptical
in shape with the maximum density not occurring midway between the
nuclei as in a true covalent bond, but nearer to one atom than the other.
The greater the ionic character of the bond, the greater is the shift of the
position of maximum density towards the more electronegative atom.

In the above discussion we have considered that the bond between two
atoms A and B may be described as a resonance hybrid of the covalent
A—B and ionic A~ B+ structures. Theoretically we should also consider
the alternative ionic structure A* B~ and resonance between the three
structures would further increase the energy of the bond. In general,
however, the second ionic state is so improbable as to contribute little
stability to the molecule. Thus for example, it will be appreciated readily
that the state Na~ Cl*+ or H~ Cl* are most improbable and do not play a
part in determining the behaviour of the molecules. The contribution of
such states to the resonance of the molecule is, therefore, in general neglected.

VALENCY STRUCTURES OF THE ELEMENTS

In order to apply the resonance theory of the transitional type of bond it is
necessary to reconsider the electronic states of the atoms of the elements
and to consider the valence bond structures of certain of their compounds,
which may make an appreciable contribution to the state of the molecule.

The number of covalent bonds which a given atom can make is deter-

mined by the number of unpaired eclectrons. The loss or gain of an
electron converts a neutral atom into a positive-6rnegative ion and we

shall consider two types of ions:

" a Tons having no unpaired electrons. Ions of this ty;pe generally possess
an inert gas electronic structure, e.g. H—, Lit, Be?+, O%-, F—, Na+, Mg?2+,
S%-, Cl~ etc. The interaction of such ions generally leads to ionic com-
pounds since in the absence of unpaired electrons covalent bonds cannot be
formed.

b Tons containing unpaired electrons, ¢.g. O~, N—, G+, C-, B+, B~ etc.
The role of such ions in molecules is extremely important since they may
take part in both ionic and covalent bond formation and it is most signi-
ficant that the number of covalent bonds made by such ions may be greater
than in the original neutral atom. The formation of the ion from the
neutral molecule will be accompanied by the loss of energy ; nevertheless
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this will be compensated for by the resulting Coulombic interaction, by
the formation of covalent bonds, and by the possibility of resonance between
the ionic and covalent structures.

In the following discussion, the terms mono- di~ and trivalent will be
used to denote the presence of one, two or three unpaired electrons
respectively. Defined in this way the valency represents the maximum

number of covalent bonds in which a particular el t can par The
WMMﬁw&im ’
Thus there are, for example, singly, doubly, and triply charged positive
and negative ions.

Such a definition of terms is necessary in order to avoid confusion of
meaning. For example, reference is often made to the trivalent ion
of aluminium. If by this it is meant that the aluminium ion is forming
three covalent bonds, then the statement is correct and the aluminium ion
is trivalent ; but if, however, the statement is meant to denote the fact
that aluminium has lost three electrons, then it is a triply charged ion and
not trivalent since its clectronic configuration will be that of an inert gas
and it will have no unpaired electrons. The correct description of aluminium
in this case is that it is a triply charged, zerovalent ion. The necessity for
this careful definition of valency will become apparent in the following
discussion, where it will often be necessary to refer simultaneously to the
charge and covalency of an ion.

We shall now discuss the ionic states of various atoms :

Hpydrogen 1s—1In addition to the homopolar monovalent state 1s, two
ionic forms of hydrogen are possible, H¥ and H-. The former corresponds
to the positive singly charged and zerovalent ion. The latter is formed
when an electron is acquired by a hydrogen atom and occupies the second
position in the 1s orbital. The negative hydrogen ion therefore possesses
a helium like 15% shell and is therefore zerovalent. The reaction between
a hydrogen atom and an electron is exothermic, 4H being — 16-4 kcals.
The hydrogen ion, H-, occurs in the ionic states of certain hydrides, thus
in lithtum hydride, for example, resonance occurs between the states Li-H
and Lit H-.

Helium 1s2—The two clectrons are paired in the 152 shell and as a
consequence helium is zerovalent. The loss of one electron converts helium
into a monovalent, singly charged positive ion He*, with a single electron
in the 1s orbit. The ionization potential is, however, very high, being
564 keals, and neither the formation of a covalent bond nor electrostatic
interaction with a negative ion would compensate for such a loss of energy.
The maximum energies of these two types of bonds is approximately
100 kecals and 200 kcals respectively. An additional electron would have
to be accommodated in the 25 orbital, and hence the formation of the
monovalent negative ion He~ (1s%2s) is strongly endothermic.

Lithium 15s%25—The neutral atom is monovalent and on the loss of one
clectron the zerovalent singly charged positive ion Lit is formed. The
formation of a negative ion Li~ is theoretically possible, this would have
the electronic configuration 152252 and would thus be zerovalent. Such an
ion could only be of importance in compounds with more electropositive
substances e.g. LiCs, but in molecules such as lithium hydride the con-
tribution to the resonance of the molecule of the form Li~ H* may be
considered as negligible.
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Beryllium 15%25%—The atom of beryllium forms two positive ionic states,
the monovalent singly charged Bet 1s22s and the zerovalent, doubly
charged Be?* 1s2. The ionization potential in the latter is very much
greater than in the former and therefore the singly charged ion must play
a large part in the compounds of beryllium. In BeCl,, in addition to the
covalent structure

Cl — Be — Cl1

formed by beryllium in the 1s?2s2p state, two ionic forms are possible
involving the monovalent singly charged ion :
Cl- Bet—Cl and Cl—Bet Cl-
and one ionic form involving the doubly charged zerovalent ion :
Cl- Be2+Cl-
The contribution of this form to the resonance of the molecule, however,
will be small.

The singly charged negative ion of beryllium may be either mono or
trivalent : Be™ 1s522522p or Be~ 15225292 respectively.

Boron 1s%25%2p— On the loss of one electron boron may form a zero-
valent 1s%2s% or. divalent 1s%252p singly charged positive ion. The
formation of the divalent ion requires not only the energy necessary to
expel the electron, the ionization potential, but also the excitation energy
necessary to transfer one 1s electron, to a 2p state viz 15%25s% — 1s5%252p
(compare with the corresponding excitation of the monovalent neutral
atom to the trivalent state, discussed in Chapter 2). The doubly charged
positive ion of boron, B2t 15225 is monovalent and the triply charged
positive ion B3* is zerovalent and in view of the high ionization potential
involved, is unlikely to make an appreciable contribution to the structure
of boron compounds.

Boron trichloride will be a resonance hybrid of the following structures

Cl\ /CI Cl Cl-
B B+
b b
covalent tonic

There will be three ionic structures, since the ionic bond can occur in each
of the three boron-chlorine links, and the negative charge is therefore not
located on any one chlorine atom but shared equally among all three.
The existence of the three equivalent structures amongst which resonance
occurs increases the stability of the molecule compared with the case
where the negative charge is located at one atom.

The contribution of the forms

Cl- CI- Cl- CI-
B2+ B3+
J}l Cl-
three structures one structure

will be very small.

When boron gains an electron it becomes a carbon-like tetravalent ion
1s5%252p% with a single negative charge. As in carbon the four valencies
are directed towards the corners of a tetrahedron. This electronic structure
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occurs in hydrofluoroboric acid [H+ (BF,)~], in which the BF,~ ion exists
as a resonance hybrid of the following valence bond structures

F F F- F F- F-

\./ /
B- B B+
7N\ 7\ VRN
F F F F F F
one structure Jour structures six structures
F- F- F- F-
B2+ B3+
AN
F- F F- F-
Sour structures one structure
(contribution small) (contribution very small)
Esters of boric acid, B(OC,H;),; dissolve in ethyl alcohol forming an
acid. The reaction which takes place may be represented as follows :
B(OC,H;); + 2C,H,OH = B-(OC,H;), + C,H;OH,*
The structure of the negative ion
T C,H;O OC,H;
A4

<
/
__C.H;0 OC,H;_|
may be represented by a similar series of structures to those given above
for BF, and as in that case, the negative charge is not localized in the
boron atom but shared with the oxygen atoms.

The problem of the structure of the boron hydrides will be considered
in Chapter 15.

Oxygen 15%2522p%— The neutral atom has two unpaired p electrons and
is therefore divalent. The gain of an electron gives a singly charged

monovalent negative ion,
o
25 2p
and the loss of an electron yields a singly charged trivalent positive ion,
O]y [V [V ]
25 2p
In the positive ion it will be noticed that a monovalent configuration is

possible:
o ]
25 2p

but in the ion, as in the molecule, that state is preferred which gives the
maximum possible number of unpaired electrons. Both of these singly
charged ions occur in molecules containing oxygen. The doubly charged
negative ion, having a neon electronic configuration, is zerovalent ; its
formation, however, 1s highly endothermic.
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Four structures exist for the molecule of water :
/N X o
H H H+ H H+ H+
two structures

the importance of the last structure containing a doubly charged negative
oxygen ion is very small. Similar structures exist in organic compounds
containing oxygen e.g.

/ N\ / AN
R H
and
(©)
7N\ /
R© R R" R+ R R
Trivalent positive oxygen is present in oxonium compounds ; water, for

example, possesses an affinity for a proton amounting to 180 kcals and
thus the hydrogen ion H;O+ has the following structures :

H H H+ H H+ H+
ANV /
O+ O (l)‘
| |
H H H
three structures three structures

The energy of formation of water from oxygen and hydrogen atoms is
220 keals. This value will be equivalent to the bond energies of two O—H
bonds so that the bond energy of the hydroxyl link is 110 kcals. On the
addition of a proton to water there is a further gain of 180 kcals, so that
in the ion HyO%, 400 kcals is shared between three O—H bonds ; the
hydroxyl bond energy in the ion is thus 133 kcals. It is therefore evident
that the transition from H,O to H;O* has caused a strengthening of each
bond and this fact is one of the causes of complex formation, hydration
and the dissociation of such acids as hydrogen chloride in water.

It was suggested by FriepEL and by CorLiE and TickLE that the com-
pound formed by the addition of hydrogen chloride to an ether has the
structure :

H,C H
/
(0]

7N\
H,C Cl
However, oxygen can be electrically neutral and tetravalent only in the
case when one 2p electron is excited to the 3s state :

manann
25 2p 35

The energy required for this excitation is 273 keals and is sufficiently large
to make the resulting atomxc state improbable. Spectroscopic investi-
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gation® of (CH,), OHCI has confirmed that fetravalent oxygen does not
take part in the structure. For a similar reason the tetravalent doubly

charged posiciveom, .,
2p

25

is unlikely to contribute to the structure of molecules containing oxygen,
as the energy required to remove one s and one p electron from the ground
state is greater than 1,300 kcals.

Carbon 1s22522p%— Both negative and positive ions of carbon may play a
part in the structures of carbon compounds. The gain of an electron gives
the singly charged negative trivalent ion,

[itfe 4[]
2s 2p

whereas the loss of an electron leads to a singly charged positive trivalent jon :
crlvlv[v] |
25 2p

The latter ion occurs in the structures of compounds of the type, CCly,

CHCl, : c- c- H
f of
7\ RN

Cl Cl Cl Cl

Sour structures three structures

and (R,)CO : N
)C+ O-
R

and these ionic structures resonate with the corresponding covalent forms.
The former negative ion occurs in compounds such as CH,Li and C;HgNa :

H Li* H H
|

C- H—C—GC- Nat
RN |
H H H H

Multiply charged carbon ions are not likely to be of significance in the
structure of carbon compounds because of the high value of the second
ionization potential.

In addition to the states described above, an electrically-neutral divalent
state and a singly charged positive monovalent ion can occur :

cwly]v] | el ]
2s 2p 2s 2p

which exist with other forms in the structures of carbon monoxide,
C=O C+-—-O— -EO+
¢ b ¢
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The triple bond in the third structure ¢ is formed by the transfer of one
p electron from the oxygen atom, in which it is paired, to the vacant p
orbital in carbon, thus producing two ions with identical electronic

o e !
2s 2p 25 2p

structure capable of forming the three covalent bonds. Thus the transfer
of an electron from one atom to the other has produced, in addition to
the Coulombic attraction between the ions, an additional covalent bond.
Such bonds have from time to time been given special names, ¢.g. semi-

polar, dative or coordinate, and have been represented in structure formulae

by an arrow, viz G~ -= O showing the direction of electron transfer. In

view of the fact that such bonds utilize no new binding force, such names
now appear unnecessary.

The bond energy of the carbon monoxide molecule, 210 kcals, is the
greatest for any diatomic molecule ; the bond energy of the nitrogen
molecule N,, in which the two nitrogen atoms are joined by three covalent
bonds, is only 170 kcals. This high bond energy is due to the considerable
resonance between the three structures g, b and ¢. The dipole moment
of carbon monoxide is very small, which indicates that the contribution of
the two ionic forms & and ¢ will be almost equal. This fact brings out the
essential difference between resonance and tautomerism, both the struc-
tures b and ¢ may be used to describe the molecule and contribute to the
resultant structure of the molecule, but if carbon monoxide were a tauto-
meric mixture rather than a resonance hybrid of the structures 4, b and ¢
then the experimental dipole moment would be high (about 5 X 107 e.s.u)
since the two tautomeric forms & and ¢ would be capable of orienting
independently in the applied field.

Similar structures to those given for carbon monoxide are proposed for
diethoxymethylene, which is formed by the dissociation of tetraethoxy-
ethylenc. The molecule is stabilized by resonance between a structure
containing divalent carbon I and one containing a singly charged, negative,
trivalent carbon atom and a singly charged, positive trivalent oxygen

atom I/
C,H;O C,H,O+
N

G G-
/ /
C,H,O C,H,O
I n
two structures
In carbon dioxide there exist in addition to the homopolar structure :

O0=C=0
four ionic structures :
O =C+—0O~ O—C+=0
O+=C—0- O—C=0+

The last two structures play a significant part, causing the raising of the
bond energy and a reduction of the interatomic distances. In a similar

II
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way, in carbon suboxide C30,, resonance occurs between the following
five structures :

O0=C=C=C=0
O0=C=C=C+—-0O- -—Ct+=C=C=0
O-—C=C—C =0+ O+=C—C=C—0-

Nitrogen 1s%2s%2p3—1In addition to the electrically neutral trivalent
structure I, a singly charged, negative divalent ion II anda singly charged,
positive, tetravalent ion III are important in the valence bond structures
of nitrogen compounds.

N N- N+
25 2p 25 2p 25 2p
I I mar

The doubly and triply charged negative ions IV and V which are mono-
and zerovalent respectively are much less probable structures.

2s 2p 2s 2p

v 14
The tetravalent, positive ion III has been recognized for some time as it
occurs in the ammonium ion *NH, and in the tetraalkyl ammonium salts
e.g. (CoH),N+I~. The other forms are now known to make a contribution
to the structures of many nitrogen containing compounds. Thus the follow-
ing may be considered to be the structures of ammonia,

H H H+ H H+ H+ H+ H+
A4 /
N -N Nz- N3-
t t t -
one structure three structures three structures one structure

although the first two occur with the greatest weights. Similar ionic
structures occur in the amines :

H H+ H
/
R—CH,—N R—CH,—N—\ R—+CH, -N
H H H

fwo structures

Compounds of the type NH,-halogen are very stable because in the
process of conversion of nitrogen to the tetravalent state, an additional
covalent bond is formed and the energy of the molecule is increased by
the difference between the electron affinity of the halogen together with the
Coulombic energy of the ionic bond between *NH, and the halogen ion
and the ionization potential of ammonia. It is noteworthy in this respect
that nitrogen, like boron, tends to assume a tetravalency of the carbon
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type. This occurs in nitrogen by the loss of an electron to form a positive
ion and in boron by the gain of an electron to form a negative ion, e.g.
BH,~. Furthermore as in the case of tetravalent carbon, the four bonds
in > N+ < are sp% hybrid bonds of equal energy and directed tetrahedrally.
That the four N—H bonds in *NH, are each stronger than the N—H bond
in NHy may be shown in the following way. We have the following

reactions :
N = jN, 4dH = — 8B kcals
3H = §H, AH = — 1545 kcals
3N, + $H, = NH, AH = — 11 kcals
and hence on summation,
N + 3H = NH, 4H = — 250-5 kcals

and hence the bond energy of an N—H bond in ammonia is 83:5 kcals.
For the formation of the ammonium ion from ammonia we have

NH,; + +H = tNH, 4H = — 206 kcals

and consequently the heat of formation of the ion *NH, from N, 3H and
H* is 4565 kcals. The energy of each N—H bond is thus 152 kcals, very
much greater than the N—H bond in ammonia.

In order to form pentavalent nitrogen it would be necessary to raise the
2s electron to the gs state, a process requiring considerable excitation
energy. It is not therefor= surprising that in all molecules where five
homopolar valencies are ascribed to nitrogen, a large dipole moment is
observed. Thus, for example, the nitro group has a dipole moment of
354 X 10718 es.u and in the amine oxides the moment is approximately
5 X 1078 esu. This fact would agree with the theory that the nitrogen
is in the singly charged, positive, tetravalent form in this compound :

/o- Rl\
R—N* R,—N+—O-
/
o R,
two structures

This view is substantiated by the work of MESENHEIMER who showed that
in the amino-oxyhydrates :

R

R,—N+—OH OH-
/

Rs

the two hydroxyl groups have different properties, one being ionic whereas
the other is covalently linked to nitrogen. Additional evidence arises from
the reaction between the sodium salt of diphenylamine and tetramethyl-
ammonium iodide ; the product, diphenylaminotetramethylammonium,
has the properties of a salt and therefore has the structure :

[ N*(CHy)s 10 N~(CgHg)g ]
in which there is a singly charged, positive, tetravalent nitrogen and a
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singly charged, negative, nitrogen instead of one pentavalent and one
trivalent nitrogen atom joined by a covalent bond.

When positive, tetravalent nitrogen is bonded to three atoms, a double
bond is formed with one of these atoms. In this case, as with carbon,
the o bonds lie in one plane with an angle of 120° between them (sp*
hybridization) and the # bond is perpendicular to this plane. Thus, for
example, the nitrate ion has the structure :

O—
[/
O—N*
O_-

three structures
and the nitro group the structure :
O

/7
R—N+
N
O—
two structures
as suggested above. Experimental data confirm this configuration, the
o

value for the N angle in the nitrate ion being 120° and in the nitro

O
group 127°. The larger value in the latter case is evidently caused by the
repulsion of the two negatively charged oxygen atoms.
Hydrazoic acid HNj is stabilized by resonance between the structures :

H-—N:N"’:N_
H—N-—N+=N
H+ N-=N+=N-

in which the three atoms of nitrogen are linear (sp hybridization, as in
acetylene and allene). The third structure, containing a positively charged
hydrogen possesses considerable stability owing to the Coulombic attraction
between the alternating charges. The large contribution of this structure
to the molecule explains the acidic properties of HNj.

For the free radical, diphenyl nitric oxide, the presence of a neutral
tetravalent nitrogen has been suggested (/). It will be clear

¢ L i

N N+ N

I §/4 I
twelve structures JSour structures
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from a consideration of the electron configuration of singly charged, positive,

tetravalent nitrogen :
N+
2s 2p

that nitrogen in the tetravalent state cannot be electrically neutral. The
structure of the radical will therefore be a resonance hybrid of structures
II and III in which the nitrogen is tetravalent, positive and trivalent,
neutral, respectively.

The possibility of boron and nitrogen existing in similar valency states
leads to the formation of a series of compounds, one of which, BsNgH,, has
a hexagonal type of structure. For this compound, in addition to the
structure in which both boron and nitrogen are trivalent :

H
|

H B H
NN
4
N N\

b

two ionic forms are possible in which the nitrogen is positively charged
and tetravalent and the boron negatively charged and tetravalent. The
two forms are analogous to the Kekulé structures of benzene :

H H
W b o Ho o4 om
N N\ N
1L Lo
H/ \N+/ \H H/ \N{ \H

In this molecule the B—N distance is found to be 1:44 A, which is con-
siderably less than a normal covalent bond between nitrogen and boron
(1-58 A), thus indicating a considerable contribution from the two Kekulé
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THE STRUCTURE OF MOLECULES
structures. 'The molecule B;O3(CH,)g has a rather different structure?,

CH,
o No

H,,c/ \o/ \CH,,

since although the ring is planar, the B—O—B angle is 110° and the
O—B—O angle 130°. In this molecule also, structures analogous to the
Kekulé structures are possible, but probably contribute less to the final
state of the molecule than in the corresponding nitrogen compound. The
reason for the apparently anomalous values for the valency angle

st CH,
o Nos o Nos
S 4k
HaC/ \O+/ \CHa H30/ \O( \CH,,

is that with oxygen in the normal divalent state and in the positively
charged trivalent state, the bonding electrons are p electrons, which tend
to make bonds at an angle of go° to each other and not at 120°.

o or
2s 2p 25 2p
Fluorine 1s%25%2p"—Fluorine may be used to illustrate the main valence
states of the halogens. The halogens may exist in three different valence
states of which the monovalent, neutral atom I, the singly charged, negative,

zerovalent ion II are well known ; in addition, however, there is a third
possibility a singly charged, positive, divalent ion I

Hal Hal - Hal*
25 2p 25 2p 25 2p

7 I iur

The first two valence states are present in all X—halogen bonds, e.g. H—C1
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and H+ Cl-. The third form occurs where a double or triple bond occurs
adjacent to a X—halogen bond. For the molecule

H
CH,=C for example, there exist the following possible structures :
Cl
H H H
/ /
CH,= C\ CH,=C+ -CH,—C
Cl Cl- Ci+

The contribution from the last form, however, will be small. A similar
series of structures occurs in chlorobenzene although in this case additional
structures are possible in view of the resonance of the benzene ring.

Cl (+31- Cl+ & &
v v vI vil vir

Of these structures, IV and V have the greatest weight, the contribution ot
VI, VII and VIII being small. The contribution of such states having a
positive halogen atom will, however, increase in the series F, Cl, Br, I. It
must be emphasized that when it is stated that structures VI, VII and VIII
contribute to the state of the molecule, it does not infer that there exists
a positively charged atom of chlorine in the molecule ; the effect of the
contribution of such structures will be to reduce the negative character of
the chlorine atom. This also occurs in the case of oxygen containing
compounds, e.g. furan, in which together with the covalent structure IX,

HC—CH

nf b
A4

X

there will be a contribution from the ionic states with a negative charge on
the oxygen atom :

%}C—CH I}C—%il
HC+ /%H HC +CH
X X1

and from structures containing the singly charged, positive, trivalent
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oxygen ion, which are possible owing to the presence of the conjugated
system of double bonds.

HC=C\H H/C=(if1 HC—CH HC—CH
HC/ CH- HG- CH H< \CH HC/ \CH
AN o +/ AN o +/ /7 o+/
p.¢/4 X X1V p.¢4

The contribution of structures XII to XV to the molecular resonance will
reduce the negative charge on the oxygen atom.

Molecular Resonance— The examples of resonance structures which have
just been discussed indicate that it is necessary to distinguish between two
types of resonance involving ionic states : molecular and bond resonance.
In the case of bond resonance, valence bond structures exist which possess
covalent and ionic forms of one single bond between two atoms e.g. resonance
between O—H and O- H+ H,C=0 and H,C+*—O-, H—F and H*+ F-.
Here it should be noticed that the charges occur on neighbouring atoms,
but in molecular resonance the charged atoms are separated by one
or more neutral atoms. The importance of differentiating between the
two forms lies in the fact that molecular resonance produces changes in
the valency states of the intermediate atoms. The difference between the
two types of resonance may be shown by considering the structures of
urea, where in addition to the bond resonance forms XVI to XIX :

H,N H,N
C=0 C+—O-
/
H,N H,N
XvI Xvi1
H,N- H+
C+=0 /N‘\
HaN/ H C=0
7
H,N
xvir XIX
two structures Jour structures
there exist also the molecular resonance forms XX and XX7 :
H,N+ H+
N
C—0O- / \
/ H C—O-
H
N I
XX XXI
two structures JSour structures

In the bond resonance structure XVII the oxygen becomes negatively
charged and monovalent because the carbon atom to which it is bonded
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becomes positively charged and trivalent, whereas in the case of molecular
resonance XX, the oxygen atom is also negatively charged, because the
nitrogen atom with which it is not directly bonded, becomes positively
charged and tetravalent ; in this valence-bond structure, the number of
bonds formed by the carbon atom do not differ from that in the covalent
form XVI but are only located differently. Other examples of molecules
in which molecular resonance occurs are phenol :

H H H H+ H+ H+
/ / /
+0O +O +O (@) (0] (o]
O O C OOV O
" / \ /
aniline :
H H H H H H
¢ N\ ¢
and nitrobenzene :
o- o~ Oo- Oo- O; (0
¢ N\ v
/
+

Molecular resonance involving the atom of carbon plays an important part
in organic compounds as the carbon atom may be either positively or
negatively charged and trivalent.

The most frequently encountered valence states of the elements of the second

Permd are summarl;ed Valence States of Second Period Elements
in the accompanying
diagram, in which the Li | Be | B C N | O F

charges and the number
of homopolar valencies
are indicated. On the
loss of one electron the

4- 4 4+

3 3+[ 3- | 3 3+

valencies of Li, Be, B and 2 ot 2 2—- | 2 2+
C are lowered by unity,

whilst those of N, O and 1 1+ 1- ‘ 1+ 1- 11
F are raised by unity.

The addition of an elec- 0+ 0=

tron raises the valency of
B by unity and lowers that of C, N, O and F. Carbon occupies a central
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position in the table, possessing a maximum valency of four and in that
valence state is electrically neutral. In carbon the ratio of the valency
electrons to the total number of electrons in the atom is 4/6, which is
greater than in any other element, excluding hydrogen which has only one
electron. The presence of the three valency states of the neutral atom, o4,
o®r and o272, together with the ionic states, account for the great diversity
of carbon compounds.

The elements of subsequent periods of the periodic classification reveal
certain similarities with the second period, but in addition further possible
valency states exist. This is due first to the fact that with the increase of
the principal quantum number the excitation energies decrease, thus the
transfer from a 3p to a 4s state requires less energy than the excitation of
a 2p electron to a 3s state, and secondly to the presence of the d orbitals.

Sulphur 15%2522p%9523p4— Sulphur, like oxygen, is divalent in the ground
state since two of the 3p electrons are unpaired. On gaining an electron
a singly charged negative, monovalent ion is produced :

5= ] ¢ ]
3

35
which exists in the valence bond structures of the thioethers,
C,H;—S—C,H; - CH,+CH, S—C,H;
and hydrogen sulphide,
H—S—H H+ S$—H

The doubly charged, zerovalent ion is much less important and the struc-
ture H+ 8%~ H* makes a very small contribution to the structure of the
molecule.

In many compounds, sulphur is shown as being tetravalent, but in order
to produce tetravalent sulphur, it is necessary to unpair two 3 electrons
and transfer one to the 45 or a 3d orbital, which according to spectroscopic
data requires excitation energies of 160 kcals and 200 kcals respectively.
The electronic configuration of the sulphur atom would be :

svIv V] [v] sty [y T [ ] ]
3 3 45 3s 3p 3d

It is not likely, therefore, that such valency states will make a large con-

tribution to the valency state of sulphur, unless the molecule is stabilized

in some other way. . . .
The loss of one electron produces a positively charged trivalent ion :

s[4y ]¥]
3 3

which occurs in the structures of SO, and SO,4?~ in addition to the
tetravalent form :
o- O (0] O-

0=5=0 N N
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The fact that sulphur dioxide possesses a dipole moment and is triangular
in shape lends support to the view that the contribution of the tetravalent
structure is very small. A direct indication of the existence of the positively
charged trivalent state lies in the existence of the sulphonium compounds
(RgS)* Cl~ which are formed readily from thioethers and alkyl halides
and behave in solution as strong electrolytes containing the (R4S)* ion.

If sulphur were to readily form compounds in which the contribution
of the tetravalent valence bond structure was considerable, it might be
expected that such molecules as SH, and SR, would be formed by analogy
with CH, and SiH,. The fact that such compounds do not exist infers
that in compounds frequently shown as containing tetravalent sulphur,
structures with trivalent singly charged positive sulphur make a large
contribution to the resonance of the molecule. Thus the sulphite ion is
best represented by the structure :

in which three p electrons give a pyramid structure similar to that formed
by the p orbitals of nitrogen in ammonia. This structure has been confirmed
by x-ray data. Similarly in the SOCI, molecule the main valence bond
structures will be :

/Cl Cl Cl-
O-—S§+ O= S"‘/ O==S§+
\Cl Cl- \Cl

In order that sulphur may be hexavalent, it is necessary to unpair two
pairs of electrons, one s and one p and excite one to a 3d orbital and the
other to the 4s orbital, or alternatively both to the 3d state, a process

sV T T ] 1yl

3 3¢ 3d

which requires considerable excitation energy. Sulphur may, however, be
doubly charged positive and tetravalent :

NN
3 3p

and it is evident that in the sulphur trioxide molecule, in addition to the
usual representation of the molecule involving hexacovalent sulphur :
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there are also three further structures of the type :
O-

O=S£
AN
O_
Since the electronic state of the molecule in this case is similar to carbon,
(sp?), the SO, molecule will contain three o and one = bonds, and the
molecule will ?.)e planar, the angle between the o bonds being 120°. The
same electronic structure of sulphur will occur in the sulphate ion in which
the main structure will be
O- O-
N ./

S2+

7\
o- O~

in which the configuration will be tetrahedral since the bonds will be sp3
hybrid bonds. In SO,Cl,, in addition to the less probable hexavalent
state of sulphur, the doub? charged positive, tetravalent state makes an
important contribution :

(@) Cl (0) Cl Oo- dal (0] Cl-
N N, N\ N
O/ \Cl O{ Cl- O{ \Cl O/ Cl-

Sour structures
In sulphur hexafluoride in which the fluorine atoms are arranged octa-
hedrally about a central sulphur atom it must be assumed that the main
valence bond structure is,

F o
F
N ot
-

The charges are not localized on any particular pair of fluorine atoms and
there are fifteen different valence bond structures, each bond thus being
two thirds covalent and one third ionic.

Phosphorus  15%2522p%35%3 p2—The electronic structures of phosphorus
reveal many similarities with those of nitrogen. The loss of an s electron
leads to positively charged tetravalent phosphorus which occurs in the
acids of phosphorus and in the phosphate ion. All these structures involve

OH OH OH (O

| | |
—o_+1>—on -O—+P—OH -O—+P—H -O—+P—0-

Ju b . b-

sp3 hybrid bonds and are therefore tetrahedral. The formation of penta-
124



RESONANCE OF COVALENT AND IONIC STATES

valent phosphorus by the excitation of a 3s electron to a 4s state requires
less energy than the corresponding transition in the case of nitrogen (2s to
3s state) and therefore compounds such as the phosphorus pentahalides
exist which have no nitrogen analogue. The structure of this molecule is
a trigonal bipyramid. The pentavalent form of phosphorus may also occur
in the valence-bond structures of the acids e.g.

OH

I
O=P—OH

I
OH

Trialkyl phosphines may be oxidized to the corresponding oxycompounds,
which will evidently have the following structures :

R R
R—-IL= (6] R—1L+—O‘

t ’

The decrease of the excitation energy required to form the pentavalent
state of phosphorus as compared with nitrogen and its greater electro-
positive character, explains the readiness with which the tertiary phosphines
undergo addition reactions with chlorine and sulphur.

Chlorine 1s225s?2$%3523p°— In contrast to fluorine, chlorine forms a
series of oxides and oxyacids and exhibits a variable valency. The ion
ClOj3 has been shown to have a triangular structure which would suggest
that the chlorine was in the singly charged positive, divalent state :

c V]
35 3f

Two p electrons thus participate in the two bonds which are therefore
mutually directed at go° :
Cl+

RN
The ClO3 ion is in the form of a pyramid with the chlorine atom at the top :
Clz+
O_
O_.
which suggests that the chlorine atom is in a doubly charged positive,

trivalent state,
cies (v [V V]
3s 3f
and three p electrons participate in the bonds. The CIOj7 ion is tetra-
hedral which would indicate that the four bonding electrons are in the
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hybrid sp? state, with the chlorine in a triply charged positive, tetravalent

state :
ce

3 3f
O_
0-—di+—o-

N

In addition to the structures given here, it is highly probable that other
valence bond structures, involving higher valency states of chlorine, con-
tribute to the resonance of the molecule.

ALTERNATING POLARITY OF ATOMS IN
VALENGCE BOND STRUCTURES
The bond energy of ionic states of individual bonds is strengthened if
alternate positive and negative charges arise on adjacent atoms. As an
example, we shall consider first, sulphamide SO,(NH,),, for which the
valence bond structure
O- NH,

Nofo

S2+
O—/ \NHZ
may be written. In each >N—H bond, there is resonance between the
covalent and the ionic >N~ H+ states, and the formation of a negative
charge on the nitrogen atom increases the stability of the molecule in view
of the gain of electrostatic energy in the S—N bond. Thus the contribution
of the structure :
H+

O- N-
\sﬁ \H
/

o~ \NH,
Jour structures

will be large in view of the increased stability produced by the alternate
positive and negative charges. The marked acid properties of sulphamide
and its ability to form salts of the type SO,(NHAg), are in agreement
with this structure. Sulphamide polymerizes with the formation of mole-
cules of the type :

NH;—SO,—NH—SO;—NH—SO,—NH—SO,—NH,
in which the contribution of the form :

o- o- o- o-
+H -NH‘\%“——N—-«&2+——N———£2+—N-ﬂ%’+—-NH H+

é)_ H+ é)_ H+ })_. H+ O_
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will be considerable. Such structures in which there are alternate positive
and negative charges on the atoms forming a ring or chain, play an im-
portant part in the resonance of certain organic molecules and results in a
mutual stabilization of the ionic states in neighbouring bonds’.

In the case of benzene, resonance is generally considered as occurring-
between the two Kekulé and the three Dewar structures, but other struc-
tures involving a separation of charge can be conceived e.g.

> ¢
1 11

Such structures do not produce any resultant polarity of the molecule since
for each bond the two forms G+ G- and G~ G+ contribute equally to the
final state of the molecule. In the case of benzene these structures may in
general be ignored in view of the much greater stability of the Kekulé
forms. In substituted benzene derivatives, however, this is not always the
case, in view of the possibility of the substituent groups being charged.
Thus in view of the positively charged nitrogen atom in the trimethyl
phenyl ammonium ion :

CH,
H,C—N+—CH,

the structures IIT and I¥ are much more probable than in benzene owing to

CH; C|Hs
I
H,C—N+—CH, H,C—N+—CH,
m 114

the increase of the energy of the molecule in view of the electrostatic cnergy
between the alternate charges, 4+~ — +. On the other hand structures of
the type V are most improbable in view of the repulsion between the
adjacent positive charges, 4+ + —

CH,

l
H,C—N+—CH,
+

N

v
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Other examples of stabilization in this way are given by benzene-
sulphonic acid and nitrobenzene :

O'\ /O‘ O\"\ O-
7
S#+—OH S**+—OH
| ]
/ /
VI viI
two structures
o O- (©) O-
N\ N
/ (5
+
viir IX
Jour structures two structures

Alternating polarity may also occur in aliphatic molecules, but is
generally present to a lesser extent than in the aromatic series. The
resonance in the non-substituted hydrocarbons between the forms C+ C-
and G~ G+ will be negligible ; on the introduction of an atom e.g. chlorine,
which forms a partially ionic bond with carbon, however, alternating
polarity can be induced and resonance between the forms X and XI will
occur.

L L
|
—é—C—é——Cl —+G C—C+ CI-
| J_l | I
H H H H H
X X1
REFERENGES

1 PavLINg, L. C. F. Amer. chem. Soc. 54 (1932) 988

2 DEBYE, P. Polar Molecules New York, 1929

3 Kirkwoob, J. G. Phys. . 33 (1932) 25y
GowMmBas, P. and NeuGeBAuER, T. <. Phys. 92 (1934) 375
PsHEZHETSKY, S. Y. J. phys. Chem. Moscow 12 (1938) 793

¢ PavLING, L. C. J. Amer. chem. Soc. 54 (1932) 3570

5 GANTMACHER, A. R., WOLKESTEIN, M. V., and SyrkiN, J. K. 7. phys. Chem. moscow
14 (1940) 1569

¢ BAUER, S. H. and BeacH, J. Y. J. Amer. chem. Soc. 63 (1941) 1394

7 SYrKIN, J. K. and DyarkiNa, M. E. J. phys. Chem. Moscow 14 (1940) 1594

128



7
METHOD OF MOLECULAR ORBITALS

MOLECULAR ORBITALS OF DIATOMIC MOLECULES

THE problem of the nature of the chemical bond may be approached by
two different methods. The first treatment, developed mainly by HerrLER,
LonpoN, SLATER and PauLing, has been discussed in the preceding chapters ;
the fundamental assumption of this method is that the atoms in the molecule
are considered as preserving to a considerable extent their individuality.
Thus the electrons in a diatomic molecule are described by functions
derived from the atomic wave functions of the constituent atoms, an
approximation which is justified only when the interatomic distance is
large, since the interaction of the two atoms at distances of the order of
10~8 cm is sufficiently great to cause distortion of the atomic orbitals. The
second method is that of molecular orbitals! which hasbeen developed mainly
by Hunp, MuLLIKAN, HERZBERG and LENNARD-JoNESZ. In this treatment
the same principles which have been used for describing the electron states
in a single atom (Chapters 1 and 2) are applied to the molecule, with certain
modifications which are necessary in view of the fact that the electrons move
in the field not of one, but of two nuclei. For our treatment of the electron
states of atoms, the simplest atom, hydrogen, was taken as representative
and the results obtained applied to the polyelectron atom. In the same way
we may consider the simplest diatomic molecule, the hydrogen molecule
ion, as a representative molecule and having determined the permissible
electron states for the single electron, construct polyelectron molecules,
either diatomic or polyatomic, by distributing the electrons in these states.
This distribution will be controlled by Pauli’s exclusion principle as in the
case of atoms.

Each electron in the molecule is described by a wave function 3, which
is the wave function of a molecular orbital. The value of % at any point
in space may be regarded as representing either the probability of finding
the electron at that point or the density of the electron cloud at that point.
The calculation of ¢ should be made by solving the appropriate Schrédinger
equation. This is a mathematical operation of too great a complexity except
in the simplest cases and the approximation is made that, when the electron
is in the neighbourhood of any one nucleus, the forces acting on it are due
mainly to that nucleus and other electrons on that nucleus. The appro-
priate wave equation and its solution will therefore closely resemble the
equation and solution for an isolated atom, and the molecular orbital is
assumed to consist of a series of superposed atomic orbitals. This idea
which forms the basis of the molecular orbital treatment was first intro-
duced by Lennard-Jones? and has been termed by Mullikan® the linea
combination of atomic orbita)s. It must be appreciated clearly that this is
an approximation, since the distortion of the atomic orbitals by the adjacent
atoms has been ignored in order to simplify the treatment. A detailed
study of the hydrogen atom* shows that here the assumption is justified.

It has been shown by Courson® that the bonding energy between two
atoms is a maximum if the component atomic orbitals of the molecular
orbital have the same energy. When these energies are not of comparable
magnitude no bonding can be attributed to these particular atomic orbitals.
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Thus in the hydrogen chloride molecule, the binding energy of the is
electron of the hydrogen atom to the hydrogen nucleus is much less than
that of the electrons of either the K or L electron shells of the chlorine
atom to the chlorine nucleus, but is similar to the energy of the 3p, 3¢, and
3p, electrons of chlorine. The molecular orbital can thus be formed only
by the combination of the H 1s atomic orbital and the Cl 3p., 38, 3p:
atomic orbitals, the principle of maximum overlap determining which of
the chlorine orbitals are involved. This argument will apply also to homo-
nuclear molecules, e.g. Cl,, when the inner shells of electrons of both atoms
have identical energies, since the extent of the overlap of the inner orbitals
will be very small and their contribution to the bonding energy negligible.
We may therefore conclude that only the electrons of the outer shell, i.e. the
valency electrons, combine to give molecular orbitals and all other electrons
possess non-bonding atomic character.

Turning now to the problem of the hydrogen molecule ion and applying
the principles outlined above, we may consider the formation of the molecular
orbital in the following manner. When the distance between the nuclei is
great, the electron will be represented by the atomic orbital ¢, ; as the
nuclei approach the electron may be found at either of the nuclei, a or b.
This process of exchange must be regarded as the first step in the formation
of the molecular orbital. Neglecting the deformation of the atomic orbitals,
we may combine the wave functions to give the molecular orbital,

Y= ‘/’(a:u) + C'/’(A:u) R (71)
where ¢ is a constant. Such a wave function is interpreted on the basis of
quantum theory by regarding the relative probabilities of .., and Yy
as being in the ratio 12: ¢2. Since we are dealing with a homonuclear atom
the electron must be equally divided between the nuclei ¢ and b, so that
¢ =1, and there are two possible linear combinations of the atomic
orbitals® to be considered viz,

'I’g = ‘/’(a:l.r) + '/l(b:l;) e (7'2)

¥, = '/’(a:u) - '/'(b:u) (RN (73)
The subscripts of g and  refer to gerade (even) and ungerade (odd). When
the two nuclei are different as in hydrogen chloride, symmetry no longer
exists and separation into g and u orbitals is not possible.

The densities of the electron clouds may be obtained from equations 7.2
and 7.3 and are :

q’gz = 1/12(';:1:) + 'I‘z(b:u) -+ 2‘/’(0:1:) ';t’(b:u) cene (74—)

V.2 = ¥y + PPon — 2 Yo ... (75)
In the first case, to the electron cloud densities of the two atoms is added
the cloud density, 2 (s Y0ns), Of the transition structure corresponding to
the electron being in the field of both nuclei. As a consequence of this the
density of the electron cloud between the nuclei is increased, the nuclei are
drawn together and there is an increase of energy. Such an orbital ¥,
is therefore a bonding orbital. In the second case (equation 7.5) the
density of the transition structure is deducted, and the electron is drawn
away from the region between the nuclei and, as a result, bonding does
not occur. The orbital ¥,, is therefore an antibonding orbital.

The transfer of an electron from the atomic orbital to an antibonding
orbital involves the loss of energy and therefore the electron will occupy
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such an orbital only when the bonding orbital is already filled by the two
electrons permitted by the Pauli principle. When, however, an electron
does exist in an antibonding orbital, it will always tend to return to an
atomic orbital and will therefore lower the stability of the molecule. Thus
there are two types of molecular orbital, the bonding orbital, in which the
electron is located at a lower energy level than in the atom, and the anti-
bonding, in which the electron is in a higher energy state. Each com-
bination of two atomic orbitals will produce two such molecular orbitals.
This conception of bonding and antibonding orbitals is fundamental in the
molecular orbital treatment as will be seen in the next section where it is
applied to simple diatomic molecules. Although the orbitals ¥, and ¥,
have been obtained by the combination of uncorrected atomic orbitals,
the division of the molecular orbitals into bonding and antibonding orbitals
would still be retained even if it were possible to allow for the distortion
of the atomic orbitals which must occur.

The formation of a molecular orbital may be pictured as occurring in
another way, in which the nuclei are brought together and imagined to
coalesce into a single nucleus.- This important idea’, known as the ‘ united
atom viewpoint ’, permits a characterization of the molecular orbitals to
be made in terms of quantum numbers by analogy to atomic orbitals. An
electron moving in a field of central symmetry is described by four quantum
numbers 7, /, m and s, three of which, siz, n, [ and m are orbital quantum
numbers. In the case of the united atom there will be no difference between
the significance of the principal quantum number 7, and of the azimuthal
quantum number /, compared with a normal atom. If the united atom now
divides into the constituent atoms in such a way that the internuclear
distance is still very small, the quantumn numbers n and ! will still be defined
as before, but there is a change in the significance of m. In a free atom,
m determines the component of the orbital angular momentum of the
electron on an arbitrary axis, such as the direction of an applied magnetic
field, which has the value m(k/27). In a diatomic molecule, the axis is no
longer arbitrary but is the line joining the two nuclei and in this case it is
customary to replace m by a new symbol, A. Thus A(h/2m) represents the
component of the orbital angular momentum of the electron about the
internuclear axis.

The possible values of n are 1, 2, 3, . . . and [ may have any value from
o ton — 1. The values of A, as form, are — [, — ! +1,....0,....
41— 1, + L Only the absolute value of A is usually of importance since
the state with A = - 1, for example, is of the same energy as that for which
A= — 1; thus the A = 1 state is doubly degenerate. If the molecule
rotates about an axis perpendicular to the line of centres, the difference
between the states described by positive and negative values of A becomes
manifest. This is of importance in the interpretation of the spectra of
diatomic molecules, but not in the present discussion. Molecular orbitals
with A = o are termed o orbitals ; with A = 4 1, = orbitals and with
A = + 2,  orbitals, etc. For each value of A there will be, as we have shown,
a bonding and an antibonding orbital and it is customary to represent these
as ¢ and ¢* ; = and n*, etc orbitals respectively.

The number of electrons which may exist in each orbital is restricted by
Pauli’s principle. Thus in each of the o and o* states there may be two
electrons ; in each of the 7 and #* states there may be four electrons, two
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in the orbital for which A = + 1 and two for the case when A = — 1.
Similarly, the remaining states : 8 and 8% with A = & 2, ¢ and ¢* with
A = 4 g, e, there will be four electrons in each state, whether bonding
or antibonding.

The molecular orbitals are formed by the combination of atomic orbitals
and the electronic states in the constituent atoms will determine the resultant
electronic state, i.e. the value of A, in the molecule. Thus in the case of the
hydrogen molecule ion the electron is in the 1s state in the atom and the
molecular orbital that is formed is denoted by o1s for the bonding orbital
and o*1s for the antibonding orbital. These orbitals may be represented
schematically! and are shown in Figure 25 where the increase and decrease

Figure 25. Schematic Representation of the Formation of Bonding and Antibonding Molecular
Orbitals: o and o* and 7 and w*

Atomic orbitals Molecular orbitals Wave function Symbol

T Y, = Yea:rn + Poun ols
4
.
®
W, = Pum — Pean o*ls

W, = Pasp,) + Pizs,) w2

) @/ =D

OO0, &
IS

q‘, = l/‘(a:;’p,) - 5&(]"2?,) "6‘2p

of the electron density between the nuclei in bonding and anti-bonding
orbitals are clearly shown. In the ground state, the hydrogen molecule
will have two electrons in this orbital and will therefore be denoted by
(e15)3,  For the combination of p orbitals ({ = 1) two different types of
molecular orbitals will be formed corresponding to the two possible values
of A (0 and 4 1). When X = o (for example, produced by the combination
of two p, atomic orbitals) we shall have a ¢ orbital which will be denoted
by op and o*p, which will be similar to the os and o*s orbitals respeciusily

When A = 4 1, however, a new type of molecular orbital, gimmmmed by

the combination of two p, or two p, atomic orbitals, is produced. The
general shape of the p, and p, atomic orbitals is a figure eight, which, in
the constituent atoms, will be at right angles to the line of centres and it
will be readily seen that the combination of two such orbitals will produce
a new type of orbital (see Figure 25) in which there is no symmetry around
the line of centres.
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The molecular orbital consists of two parts in which ¥ has different
signs. For the bonding molecular orbital it is denoted as mp and for the
antibonding molecular orbital as #*p. Examples of the notation of mole-
cular orbitals formed from different pairs of atomic orbitals are given in
Table XXVII in which an abbreviated notation due to MuLLIAN® is also
given. The advantages of this notation are that it may be applied to
heteronuclear molecules where a molecular orbital may be formed by

the combination of
atomic orbitals of Table XXVII. Molecular Orbitals of Homonuclear Molecules

different atomic ShCllS, Atomic Molecular orbitals Number of eles-
eg. H(N‘) and Cl(3px) orbutals o - - trons in mole-
in HCl, and it reduces ull notation lAbbmrlaud notation | .‘_"_lf'. o:éﬂ:_
the emphasis laid on the 15,15 |{{%7)s - ) 4
assumption that, for ex-
(o25)? 20

ample, the o2s molecu- 2+ 2s {asan) ‘ 0% 4
lar orbital is entirely .

. 2p)* x0
composed of atomic 25 *x *x {Eo‘kp)' uo }
orbitals. The main dis- 20y 2p, or {(TUQP)"" (mzap)? wn } 12
advantage, apart from 20, %, (my*ap)*= (mz*2p)* vm

the confusion which may
arise from the use of the symbols #, , z, . . . which have no relation what-
ever with the Cartesian coordinates, lies in the fact that Mullikan’s notation
disguises the pictorial relationship between the atomic orbitals of the
constituent atoms and the molecular orbital.

The electronic states of homonuclear diatomic molecules may now be
built up by feeding the electrons into the various orbitals, provided that the
relative order of molecular orbital energies is known. This has been deter-
mined by MuLLIkAN® from molecular spectra data and is generally found
to be :

Full notation :
ols< o*ls< 025< 0*25< o2p<m2p = m2p<m* 2P = W F2P< a*2p
Mullikan’s notation : '
o< yo < xo< war < v <uo

DISTRIBUTION OF ELECTRONS IN
HOMONUCLEAR DIATOMIC MOLECULES
H,*— When the hydrogen molecule ion is formed from a normal hydrogen
atom and a proton, the Is electron is transferred to the lowest bonding
o orbital denoted by the function, ¥, = Y(as) + $@ay. This may be
represented by the equation
H(ls) + Ht = H,*(ols)

H,_— Each atom of hydrogen in the ground state has a single 1s electron.
If the spins of two atoms are antiparallel they may both occupy the same
et bital :

H(ls) { + H(ls)4 = Hy(ols)?
If the spins of the electrons of the two atoms are parallel, then only one
electron, according to the Pauli principle, may exist in the lowest bonding
orbital, the second electron being transferred to the higher energy anti-
bonding o*1s orbital denoted by the function ¥,= Yy — Y- The
reason why the atom is transferred to an antibonding orbital when there
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exist other bonding orbitals lies in the fact that the latter do not correspond
to the ground state of the H, molecule but to excited states. Thus we may

write

H(ls) 4 + H(15)4 = Hy(ols)(o*1s)
The antibonding power of the o*1s orbital cancels the bonding power of
the o1s orbital, with the result that no bonding occurs. An attempt to
substantiate this argument theoretically has been made by PENIN using the
Heitler-London method. The normalized wave functions of the bonding
and antibonding orbitals are, according to equations 3.47 and .48 :

¥p= (b + )2 + 25)F 5 Wy = ($ — )/(2 — 25)}
and the density of the resultant electron cloud will be given by,
V2= W + V.2 = (da® + % — 20athsS)/(1 — §?)

Since the transitional structure term, 24.y,S, has a negative sign, the
clectrons will be drawn away from the region between the atoms and
repulsion occurs.

He,*—This molecule may be formed by the combination of an helium
atom, possessing two electrons in the 1s orbital, with an He* ion, having
one electron in the 1s orbital. In the molecule, two of these electrons with
opposite spins will occupy the lowest bonding orbital, o1s, whilst the third
electron will occupy the antibonding orbital o*1s, which is the orbital next
in the energy sequence. Thus we may write

He (1s2) + He *(1s) = He, *(ols)%(a*1s)
The presence of the electron in the antibonding orbital lowers the stability
of the molecule, the occurrence of which may only be detected by spectro-
scopic means.

}l;tz——The formation of this molecule may be represented in a similar
manner to that used for the He,* ion,

2He (152) = He, (ols5)%(o*1s)?

In this case the antibonding power of the (o*1s)? orbital cancels the
bonding power of the (o1s5)? orbital with the well known result that the
molecule is not formed.

Li,—FEach atom of lithium has three electrons, two 15 and one 25. How-
ever, we have shown above that the inner orbitals do not take part in bond
formation and retain their atomic character in the molecule and only the
electrons in the outermost shell need be considered in the formation of the
molecular orbital. The two valence electrons in Li, will occupy the o2s or
in the abbreviated terminology, the zo molecular orbital.

2Li (15%2s5) = Li, [KK(025)?)
The notation KK infers that the two K shells of the atoms are filled by
non-valence electrons.

Ng—The electron configuration of the nitrogen atom is 152252243 ; of
these the 1s% i.e. the K shell, will not take part in the formation of a
molecular orbital. The remaining electrons, vz, 252 and 2p3 will all exist
in molecular orbitals and hence contribute to the bonding of the atoms in
the molecule. In this fact lies one of the main differences between the
molecular orbital treatment and the method of localized pairs, i.e. the
Heitler, London, Slater and Pauling method, which only regards the three
2p electrons as bonding electrons. The result, however, is the same for both
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methods as may be shown as follows. The formation of the nitrogen
molecule from two nitrogen atoms may be represented by :

2N (1s22522p%) = N, [KK(20)*(y0)*(x0)*(wm)!]

The bonding power of the (xo)? orbital may be regarded as being cancelled
by the antibonding power of the (yo)? orbital with the result that the
bonding is in effect due to the (va)2and (wm)4 orbitals. This will correspond
to a o bond and two w bonds at right angles to each other, and as six
electrons are involved in the bonding, we may term this a triple bond.
The conclusion as to the number and types of bonds involved is thus the
same as in the electron pair method.

0,—The atom of oxygen contains one more electron than the nitrogen
atom, its configuration being 1s22s22p%. On the basis of the electron pair
theory it would be expected that the bond between two oxygen atoms would
be formed by the two unpaired p electrons which would therefore give rise
to a o and a = bond. Spectroscopic data, however, show that the oxygen
molecule has two unpaired electrons and is therefore strongly paramagnetic.
These facts cannot be explained by the theory of electron pairs. Application
of the molecular orbital treatment leads to the following electron con-
figuration

20 (152522%) = Oy [KK(20)*(y0)*(xe)X(wn)4(om)*]

The bonding (z0)? is cancelled by the antibonding (yo)? orbital and the
antibonding (vm)2 cancels one of the bonding (wm) orbitals, which is a
degencrate state owing to the equivalence of the m2p and ma2p orbitals.
The atoms are therefore bonded by a ¢ and a = bond involving four
electrons which may be termed a double bond. The important point about
the molecule as represented by the above electron configuration is that two
electrons occur in the v or w*2p molecular orbital. On account of the
degeneracy between the m, and , states, this orbital will accommodatc
four electrons and may be regarded as made up of two orbitals, the m,*2p
and the m*2p which may each accommodate two electrons. Since only
two electrons occur in this state in the oxygen molecule, according to
Hund’s law (page 24), one will go into each of the m,*2p and m,*2p orbitals
and will have parallel spins. The observed facts regarding the oxygen
molecule are thus completely explained.

F,—In the fluorine molecule there are, in comparison with O,, two
additional electrons, which will fill the v orbital. ~All electron spins are
thus paired and the molecule is not paramagnetic.

oF (15225225) = F, [KK(z20)2%(yo)%(x0)%(wm)$(vm)*]
The (20)% and (yo)? orbitals practically cancel as do the (wn)% and (vm)¢
since they are bonding and antibonding respectively. Thus the bond is
eftectively due to the (xc)? orbital and as only two electrons take part,
it is a single bond.

Neg—The electron configuration of the neon atom is (15%25%2p%), the
L shell thus being completely filled. The configuration of the molecule
would therefore be :

9Ne (1522:22p%) = Ne, [KK(20)%(y0)}(xa)X(wm)4(om)4(u0)?]
Here in addition to the cancellation of the bonding (z0)? and (w)4 orbitals
by the antibonding (yc)2 and (vm)4 orbitals as in Fy, the (x0)? is cancelled
by the (uc)? orbital and molecule formation does not occur.
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A similar representation may be made for the homonuclear diatomic
molecules occurring amongst elements of the third period, ¢.g. Na,.

DISTRIBUTION OF ELECTRONS IN
HETERONUCLEAR DIATOMIC MOLECULES

When a heteronuclear diatomic molecule is formed, the same principles as
those discussed in the previous section may be applied. The criterion that
the atomic orbitals, which combine to give a molecular orbital, must have
nearly equal energies’, implies that only the outermost shell of electrons of
each atom is involved (see page 129) and these for two different atoms will
not generally be in the same electronic state. The two atomic orbitals,
however, must have the same component of angular momentum, i.e. value
of the quantum number , in the direction of the bond axis. In the following
discussion we shall denote by p, a p orbital having the value m = o, the #,
and fp, orbitals will have the values m = 4 1. The x axis will thus be
considered as lying along the line of centres of the nuclei. Thus for the
bonding clectrons of hydrogen chloride, which will be compounded from
$uasy and Yoy, the molecular orbital, by analogy with equation 7.1 is,

¥ = g + P . o(7:6)
The constant ¢ no longer satisfies the relationship ¢% = 12, since the atoms
are not identical, and has to be calculated. However, there will still be
two values of ¢, as in equations 7.2 and 7.3, corresponding to a bonding
and an antibonding orbital. These orbitals may be termed the o3p and
o*3p respectively. The shape of the resulting molecular orbital will depend
on the value of ¢ ; if ¢>1, then there is a greater contribution from the
chlorine atomic orbital than from the hydrogen atomic orbital. This is
what happens in the case of hydrogen chloride as is well known, since the
electronegative character of chlorine, compared with hydrogen, attracts
the valency electrons towards the chlorine atom.

The electronic configuration of the hydrogen chloride molecule may be
represented as,

H (1s) 4 CI (1522522p%3523p%) = HCI [KL(35)%(03p)2(3,)%(34,)?]
It will be clear that only the o3 p orbital is molecular in character, the 3s,
3p, and gp, being mainly atomic. The K and L represent the K and L
shells of chlorine which remain entirely atomic.

In many cases the molecular orbitals for a heteronuclear diatomic
molecule may be worked out in a straightforward manner as for hydrogen
chloride. In others, however, certain difficulties arise and we shall take
as an example the case of carbon monoxide, the structure of which has
been the subject of much controversy. In carbon monoxide, as in the
nitrogen molecule, there are fourteen valency electrons and Mullikan?® has
formulated the structure of both molecules as

Ny, CO : [KK(z0)*(yo)*(x0)*(wm)]
in which there are four bonding orbitals : zo, 26, and wn which is doubly
degenerate, and one antibonding orbital yo. The resultant structure is
therefore approximately a triple bond. In order to substantiate this
similarity of electronic configuration in molecules possessing the same
number of electrons (isoelectronic molecules), attention has frequently been
directed towards the similarity that exists between certain physical properties,
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notably the boiling point, critical constants, interatomic distance, solu-
bility et of these molecules, Table XXVIII. Lonc and WaLsu!? consider,

M

Table XXVIII. Physical Properties of Isoelectronic Moleculss

Ellectronic configuration | (20)*(yc)*(xo) *(wn)* l (z0)¥(y0) Y(x0) (wm)* (20)*(y0)*(wn)*(ow)
Molccules N, co l CN (coy+ N+ NO O, *+

lonization pormtial (kcals 24 22 — — a1 —
Excitation ‘;kmial «.aki ?22. ?sao a2 = = il -
Polarizability (A%) .. 176 1 — — — —_ —
Intersuclear distance A .. 109 118 11y I 112 118 112
Frequency of vibration (cm=1) | 2,360 2,168 2,069 2,211 2,207 2,211 1,876
Dissoc'ation energy (keals) . . 2251 256°1 175 1 201" 150 1
Melsing point (-B) .. | 6 3 26 (2 % L s i
Boiling point (°K) .. .. 7 83 —_— — —_ — —
Critical temperature (°K) .. 127 133 —_ — - — —
Critical pressure(atm.) .. . 33 35 — — - — -—

1
Density in hquid state i 0796 0-793 — — — — —

i

® As these values correspond to the transfer of Ny and CO from the ground state to different excited states :
(zd%"(ya)"(f’d)f(ww)'(vn) or N, and (20)*(y0)*(x0) (wm)*(vn) for CO, no great significance can be given
to their similarity

however, that this argument is not logical, since many of the properties
cited infer similar molecular volumes and similar external fields of force
rather than similar electronic arrangements. Furthermore, these authors
point to the fact that the molecules of nitrogen and carbon monoxide differ
n a very significant way. When the nitrogen molecule ionizes to give N+,
the bond is weakened, as shown by the increase in the interatomic distance
and the decrease of the vibrational frequency, Table XXVIII. On the other
hand, when the carbon monoxide molecule ionizes to give (CO)t, the
interatomic distance decreases and the frequency of vibration increases,
thus showing an increase in the strength of the bond. These data are only
understandable if, unlike the nitrogen molecule, carbon monoxide con-
tains a double bond and forms on ionization, a third bond. On ionization
the nitrogen molecule reverts from a triple to a double bonded structure.
Long and Walsh derive a molecular orbital description of carbon monoxide
which approximates to a double rather than a triple bond in the following
way. Itis imagined that the two atoms are brought together without inter-
action and the molecular orbital is then gradually formed. Thus we start
with
C : 15225%2p.2p,
O 1522s%2p,2p,2p,°

where the carbon atom is in the state in which it occurs on the dissociation
of carbon monoxide, and we proceed to form the molecular orbitals, the x
axis being in the direction of the line of centres. The 15 orbital (K shell)
will remain unaffected whereas the 25 electrons will fill the zo and yo
orbitals, which will largely cancel each other. The 2p, electron of carbon
interacts with the 2p, electron of oxygen to form a x¢ orbital and the 2p,
electrons of carbon and oxygen may now interact to form a wm orbital.
The two p, electrons of oxygen remain and will show a small drift towards
the 2p, atomic orbital of carbon by occupying a molecular orbital of the
form ¢y, o + ¢‘°""z)’ The semipolar or coordinate bond denoted by the

arrow in the formula C % O, which is sometimes employed to describe
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carbon monoxide, implies that ¢ = 1. There is nothing in the molecular
orbital treatment to indicate that this is so and spectroscopic datal® suggests
that the factor z is very small.

The case of nitric oxide is more straightforward and the formation of the
molecular orbital may be represented as,

N (1522522p3) + O (1522522p%) = NO [KK(z0)3(y0)2(x0)2(wm)4(vm)]
The (z0)? (x0)2 and the doubly degenerate (ww)* orbitals are bonding,
whereas the (yo)? and (vm) are antibonding. There is thus a predominance
of bonding over antibonding orbitals and a stable molecule is formed. The
single electron in the antibonding = orbital is responsible for the reactivity
and paramagnetism of this molecule.

THE THREE ELECTRON BOND
The introduction of the idea of a three electron bond was an attempt to
explain the existence of molecules with unpaired electrons within the frame-
work of the Heitler-London treatment. According to Pauling!! the bond
in He,* occurs by the superposition of the two forms :

He : - Het
a b
He+ :He
a b

where the dots represent electrons. Calculation has shown that such
resonance leads to a value for the bond energy which is in satisfactory
agreement with experiment. In the helium atom both electrons are paired
and the atom is chemically inert, but the approach of a helium ion makes

ssible a gain in energy due to the resonance between the two structures.

his method has been extended to other molecules containing unpaired
electrons (NO, O,, CIO, CIO, et) and the bond in oxygen, for example,
is represented as a resonance between the forms :

:0—0: :0-0:

i.e. by one normal covalent bond and two three electron bonds. This is
more usually represented by

:O:—“O:

In a similar manner the nitric oxide molecule may be represented by
resonance between the two forms :

:N=0O: :N=0O:
or by the more usual formula

‘:N=O:
1
A comparison of this structure with the electronic configuration according
to the molecular orbital treatment brings out an important similarity. The
molecular orbitals of nitric oxide are
NO [KK(z0)%(y0)3(x0)*(wm)4(vm)]
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Since the (z0)2 and (ya)? orbitals cancel, these four electrons take no part
in the bond and will be represented by the two electrons shown to the left
of the nitrogen and two to the right of the oxygen in structure I. Of the
remaining three orbitals, the (x0)? and (wm)% (doubly degenerate) are
bonding and completely filled, and the vm orbital is antibonding and con-
tains only a single electron. The number of bonds will thus be a{)proximately
two and a half, in agreement with the calculations of Pauling!! which show
that the three electron bond has half the strength of an ordinary single bond.
We thus see that the same conclusion is reached by the two methods, which
are simply alternative ways of describing the same idea.

MOLEGULAR ORBITALS OF SIMPLE POLYATOMIC MOLECULES
The application of the molecular orbital theory to polyatomic molecules
meets certain difficulties which may be overcome only by assuming the
existence of localized molecular orbitals. This may best be shown by
considering an example. If we apply the principles developed at the
beginning of this chapter to the case of the molecule of methane, we conclude
that, of the ten electrons of methane, two occupy the K shell of carbon and
the remaining eight occupy molecular orbitals embracing all five nuclei.
Such a treatment does not explain why the characteristic propertics of the
C—H bond should remain effectively the same in a variety of different
molecules, although it does predicc a tetrahedral structure for the methane
molecule!2. This difficulty has been overcome (see for example Coulson')
by employing localized molecular orbitals, in which it is supposed that
each single bond is due to two electrons of opposite spins in a molecular
orbital almost completely localized between the two nuclei. Such a modi-
fication of the molecular orbital theory produces a similarity with the
localized electron pair theory of Heitler, London, Pauling and Slater, but
with the important difference that the molecular orbital treatment docs not
lead to the idea of a resonance between different valence bond structures.

The idea of a localized molecular orbital may be illustrated by the water
molecule. The atomic orbitals available for the formation of molecular
orbitals are the 2p, and 2, of oxygen and the two 1sof the two hydrogenatoms,
which we shall call H, and H,. The angle between the 2p, and 2, orbitals of
oxygen is go° and the maximum overlap between these orbitals and those
of the hydrogen atoms will occur in the directions of the 2¢, and 2p, orbitals
of oxygen. The two molecular orbitals produced will have the form :
¥, =d@) + cdon) and ¥, = Y@, + o) and are quite independent of
each other. The replacement of the atom H, by some other group will
change ¥, but have little effect on ¥;, thus we see that this treatment leads
to the conclusion that the electrons in a particular bond have characteristic
wave functions. As pointed out earlier the coefficient ¢ détermines the
polarity of the orbit and it is therefore unnecessary to consider the bond as
a superposition of the pure covalent wave function ¥(o—z) and the pure ionic
wave function ¥e—~+) which is necessary in the resonance treatment.

The theory of localized molecular orbitals, although most successful
when applied to the ground states of molecules containing not more than
one double bond, ceases to be correct for excited states and for systems
containing conjugated double bonds. The first of these cases may be
illustrated by considering methane. If one of the electrons be excited, it is
impossible to predict in which localized molecular orbital it will occur and
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it is necessary to allow for the possibility of the excited electron being at any
of the five nuclei and this can only be done in terms of non-localized
molecular orbitals.

The second situation referred to above, viz systems containing conjugated
double bonds, is perhaps more important to the present discussion. The
classical example of such a system is benzene. The molecular orbital treat-
ment regards the six C—C bonds and the six C—H bonds as completely
Jocalized molecular orbitals compounded out of carbon sp? hybrid atomic
orbitals and the hydrogen s orbital. So far the treatment is identical with
the electron pair theory, discussed in Chapter 4. The C—C bonds will be
o bonds formed by the overlap of two sp? hybrid atomic orbitals, one from
each carbon atom and the C—H bonds will also be o bonds formed by the
overlap of one sp2 hybrid atomic orbital of carbon with the s atomic orbital
of hydrogen. The six carbon 2p, atomic orbitals that remain will form com-
pletely non-localized molecular orbitals. Thus each 2f, electron will be
regarded as existing in the field of six nuclei and will possess a wave function
of the form :

¥ = oy + 6oy + s + Caths + G55 + ctfig NON(E)

where , is the atomic orbital at nucleus 1, , that at nucleus 2, ¢c and
the coefficients ¢;, ¢,, ¢fc are related to the probabilities of the electron being
at any particular nucleus. As there are six 2f, electrons, there will be six
distinct molecular orbitals of the form of equation 7.7. Of these, HicxeL!3
and CouLson!* have shown that three are bonding and three antibonding
orbitals and in the normal state of benzene the six electrons will be distri-
buted amongst the three bonding orbitals. The most stable of these is the

orbital
Y=oy + iy 4 Ps+ Y+ s+ e <. (7.8)

in which the two electrons may be imagined as ‘ swarming ’ round all the
nuclei, thus bonding them together. There is a distinct similarity between
the delocalized electrons of such a molecule as benzene and the conduction
electrons of a metal, and any electrical influence in one part of the system
is easily propagated to any other part, thus forming the basis for a theory
of directional substitution in conjugated compounds.

From the foregoing discussion we may conclude that the main difference
between the 7 bonds of benzene, or any other conjugated system, and a lone
« bond, is that the two electrons forming the localized 7 bond is situated in
the field of two nuclei, whereas in benzene each of the six electrons exist
in the field of six nuclei. The fact that the electrons in benzene have a
greater space in which to move will result in a lower total energy, i.e. a
greater binding energy, than when paired in localized bonds. This energy
which could be termed the ¢ delocalization energy * (Coulson?), is identical
with the resonance energy of the valence-bond treatment.

In the molecule of butadiene four non-localized electrons exist in the
field of four nuclei and HUCKeL!® has shown that of the four possible
molecular orbitals, two are bonding and two antibonding. Of the two
bonding orbitals the first, i.e. the more stable, draws all four nuclei together
whereas the second bonds together nuclei 1 and 2, and 3 and 4, more
strongly than the two nuclei 2 and 3. Thus calculations?® predict correctly,
that the links in butadiene alternate in length, the two outermost links
being the shorter.
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COMPARISON OF THE ELECTRON PAIR AND
MOLECULAR ORBITAL TREATMENTS

The essential feature of the molecular orbital method is the complete
freedom of movement of the electrons in the molecular orbitals. This means
that one electron has no influence on the location of another electron and
hence the probability of finding simultaneously one electron at a point
%,91, 2, and another at the point 5, 75, 2, will be the product of the
independent probabilities. For two electrons this will be :

P22, 0120 X20022) = PR(%10120) ¥ (%3 V525) e (7:9)
Therefore the wave function describing the state of a molecule will be the
product of the functions of the separate atoms. If we now apply this con-
clusion to the atom of hydrogen in which two electrons are located in the
molecular orbital ¢, + i, (see equation 7.2 ; we must of course consider
the bonding orbital). The state of the molecule will therefore be described

by the function,

¥ = [¥a(l) + (D)][¥(2) + ¢s(2)] «eee(7:10)
which implies that both electrons are quite independent and may both be
at nucleus a or nucleus 4. Expanding equation 7.10 we obtain :

¥ = d(1)$(2) + $(1)¥a(2) + da()ha(2) + fo(1)¥(2) (1)

The first two terms represent the two electrons as being one at nucleus a
and the other at nucleus b ; the third term describes the ionic state where
both electrons are at nucleus ¢, iz H,~ H,* and the fourth term represents
the alternative and equally probable ionic state where both electrons are
at nucleus b, viz H,t H,~.  Let us compare this expression, with that
obtained for H, by the Heitler-London method. This is

¥ = ¢a(1)4s(2) + ¢u(1)4a(2) ... (6.19)
and is identical with the first two terms of the molecular orbital expression.
In the application of the Heitler-London method it was found that correc-
tions were necessary to account for the contribution of the ionic terms which
are not represented in equation 6.19. On the other hand, the molecular
orbital treatment leads to the other extreme and over emphasizes the ionic
terms which are given the same weight as the homopolar terms. This is
due to the fact that the mutual repulsion of the electrons has been ignored
in obtaining equation 7.9 and this repulsion will considerably decrease the
probability of finding both electrons on the same nucleus.

For heteronuclear molecules a similar result is obtained employing the

expression
¥ =, +cth ... .(7.6)
in place of equation 7.2. The wave function for the molecule then becomes,
¢ = [$a(1) + et (1)1[a(2) + co(2)]
= c[a()(2) + $o(D)¢a(2)] + Pa(1)¢(2) + ®ho(1)44(2) (712)
The ratio of the contributions of the homopolar and two ionic forms being
in the ratio ¢:1:¢2
A more satisfactory equation than 7.12 would be
¢ = oy [Ye(D)$ha(2) + (1) a(2)] + catba(l)$a(2) + Caths(1)¥s(2) (.13)
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We may thus conclude that the two methods are both approximate,
being based on different limiting conditions. However, both treatments
lead to a qualitative picture of the formation of a chemical bond and to the
stabilization of the molecule by resonance energy. The quantitative aspect
of both approaches is less satisfactory and calculations of bond energy and
interatomic distance in satisfactory agreement with experiment have only
been made possible by the rejection of simplifying assumptions. Neither
method gives a satisfactory description of the polarity of molecules since
the Heitler-London theory neglects the contribution of the ionic forms
whereas these are over emphasized in the molecular orbital treatment.

The description of such molecules as He,*, O, and NO is more satis-
factory by the molecular orbital method than by thc Heitler-London since
in the latter an additional concept, that of the three electron bond, must
be introduced in order to explain the molecule and its properties. The
conception of directional valency is perhaps more easily conceived by the
method of localized pairs, but as already pointed out, the molecular orbital
treatment of delocalized electrons also leads to the tetrahedral model of
methane.
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SPECTRA OF DIATOMIC MOLECULES

GENERAL CHARACTERISTICS OF MOLECULAR SPECTRA

IN THE preceding chapters we have discussed the quantum mechanical
theory of the chemical bond at the present stage of its development.
Although the conclusions which have been reached are of fundamental
importance, they must not be permitted to overshadow the fact that at the
present time the experimental physical methods of studying molecular
properties give more precise data concerning the structure of molecules.
Thus spectroscopic, X-ray and electron diffraction methods and the deter-
mination of electric and magnetic moments have been developed to a stage
where accurate determinations of characteristic constants of molecules,
such as interatomic distance, valency angle, energies of dissociation and
excitation, electric and magnetic polarization and vibrational frequencies,
may be made. A description of these physical methods lies outside the scope
of this work, and we shall be concerned primarily with the application of
the results of such methods to chemical problems.

The interpretation of the spectra of molecules has only become possible
through the application of quantum theory ; previously, such relation-
ships as were obtained, were entirely empirical and were without theoretical
significance. As we have seen, atoms and molecules may exist only in
certain permitted energy levels and the transition from one energy level to
another is accompanied by the absorption or emission of energy, frequently
in the form of light radiation. The absorption spectrum of a molecule is
obtained when light possessing a continuous spectrum, e.g. white light, is
passed through the substance, generally in the gaseous state. The frequency
of the absorbed radiation v, corresponds to a quantum of energy Av, which
has been absorbed by one molecule and which has produced a transition
from an energy level E;, to an excited level E,, so that

hv=E, — E, ....(8.1)
If the molecule is excited, not by the absorption of radiation, but by an
electric discharge or some other method, the excitation energy is emitted
in the form of radiation of characteristic frequencies, as an emission
spectrum.

In atoms, the energy levels correspond to different energy states of the
electrons and in just the same way, the electrons in a molecule have a series
of possible energy levels. Transitions between these energy levels produce
the electronic molecular spectrum. The electronic states of a molecule
were discussed in Chapter 7 where it was assumed that the positions of the
nuclei were fixed ; this, however, is not correct. In the molecule, the nuclei
and the completed electronic shells round each of the nuclei, repel each

-other. This repulsive force, which operates at short distances, is balanced
by the bonding forces due to the valency electrons. As a result of these two
opposing forces the nuclei vibrate about an equilibrium position at which
the repulsive force is just counterbalanced by the binding forces. In
addition to this vibration of the molecule, it may also rotate about its
centre of gravi?'.

The electrical forces acting on the nuclei and on the electrons are of the
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same order of magnitude, but the mass of the electrons is very much smaller
than that of the nuclei and it is therefore possible when considering only
electronic transitions, to regard the nuclei as fixed. This enables the
electronic states of the molecule to be discussed independently of the
rotational and vibrational statesl, The vibration and rotation of a molecule
take place simultaneously and interaction between these two modes of
oscillation occurs, but to a first approximation it is permissible to regard
both as occurring separately and thus to discuss the vibrational and rotational
levels independently.

If the vibration of the two nuclei in a diatomic molecule is assumed to
be harmonic, then it can be shown (see Chapter 18) that the vibrational

energy is given by
E, = (n+ }Hiv ....(8.2)

where v is the frequency of vibration and = is an integer, termed the vibra-
tional quantum number. The various vibrational energy levels will thus
be: Eq = hv[2, E, = 3hv/2, Ey = 5kv[2, efc. It will be noticed that the
lowest level has the value Av/2 and not zero. This energy, termed the
zero-point energy, is possessed by all vibrating systems even at the absolute
zero of temperature.

The rotational energy is given by,

Ey = J(F + 1)h%8x%_ ....(8.3)
where 7 is the rotational quantum number and I the moment of inertia of
the molecule. For diatomic molecules with nuclear masses m, and m, and
internuclear distance 7,

I= T2 42 .ol (8.
F—— (8.4)
Since atomic masses are of the order of 10722 to 10724 gm and 7% will be
approximately 1018 sq cm, the values of I will lie between 10=3 and
10~4 gm sq cm.

The energy levéls of diatomic molecules are thus seen to be characterized
by three quantum numbers which determine the electronic, vibrational and
rotational states of the molecule. We shall now compare the relative mag-
nitudes of the changes in energy accompanying transitions between different
electronic, vibrational and rotational levels of the molecule. The relation-
ship between the change in energy and the frequency of the emitted or
absorbed radiation is given by equation 8.1 and it is general to give the
frequency in terms of wave numbers rather than frequencies. The relation-
ship between the wave number w and the frequency v is v = cw, where
¢ is the velocity of light ; w therefore is equal to 1/A and has the units cm~1.
A wave number of 1 cm ™! thus corresponds to a frequency of § X 102 sec—3,
and one of 103 cm™1 to a frequency of 3 X 10'¥sec~}. The corresponding
* energy in the latter case will be Av =66 X 10-% X 3 X 1018 = 19-18
X 10~18 ergs per molecule or calculating on the basis of 2 gram molecule
this must be multiplied by the Avogadro number, ie. 1918 X 10714

. 28 — 9. 10 _ 123 x 10
X 603 X 10 12:3 X 10%9 ergs 218X 100 2:84 kcals/gm mol or
0-123 ev/gm mol.
The magnitude of the electronic excitation energy in a molecule is close
to that in an atom and corresponds to a frequency of the order of 10* cm~?

(visible and ultraviolet regions of the spectrum). Vibrational transitions
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correspond to spectral lines with fre- 8
quencies of the order of 103 cm~1! (the
near infra-red region) and rotational 8,
transitions to frequencies of 10 ‘to
102cm~! (the far infra-red region). 5
It thus transpires that the values of the
quanta of rotational energy are much
less than those of vibrational energy
and during the period of a single rota- l ‘

{

i

tion the molecule will complete many
vibrations. — Electronic Levels

The bonding energy of a molecule — Vibrotional Levels
is dependent on the electronic state of — Rofotional Levels |
the molecule and therefore a parti-
cular equilibrium internuclear distance
and a series of vibrational energy levels
will exist for each electronic state. —
Every vibrational level is in turn =
accompanied by a series of rotational
levels and in Figure 26 there is shown a
schematic representation of the energy T
levels of a diatomic molecule. Mole- T
cular spectra may thus be divided into I y
three sections: rotational spectra, vi- Figure 26. Energy levels of a diatomic
brational-rotational spectra, and the  imolecule. The short arrows denote rotational
complete molecular spectrum pro- changes, the medium length arrows vibra-
duced by rotational, vibrational and  fional-rotational changes, and the long

. .. arrows électronic, vibrational and rotational
electronic transitions. The first type changes.
occurs through changes in the rota-
tional quantum number and is found to consist of a series of lines. The second
type is caused by changes in the vibrational energy. Each vibrational change
is accompanied by a number of rotational energy transitions which are repre-
sented in the spectrum by a number of lines situated close together, con-
stituting a band. The vibrational-rotational spectrum of a diatomic molecule
thus consists of a series of bands, corresponding to the vibrational transitions,
each having rotational fine structure. Finally the electronic spectrum con-
sists of many series of bands, each series of bands corresponding to an
electronic transition.

This interpretation of the molecular spectra has been confirmed by a
large amount of experimental data. Thus, for example, equation 8.3 predicts
that for transitions in rotational energy in which 47 = +1, the lines in the
spectrum will have a constant separation equivalent to 4%/47%I. For hydro-
gen chloride the separation of lines in the far infra-red is 20-68 cm~!, which
gives I =271 X 1049 gm cm?; substitution in equation 8.4, putting
mymy/(my + my) = 163 X 10—24 gm gives the internuclear distance 7, as
1-29 X 10—8 cm in agreement with values obtained by other methods. As
will be described in the following sections of this chapter the data obtained
from vibrational-rotational spectra may be used to calculate the dissociation
energy of molecules and the values obtained in this way are in excellent
agreement with those obtained from thermochemical data.
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POTENTIAL ENERGY CURVES

The vibrations performed by a diatomic molecule may not be regarded as
harmonic. This is readily understandable since a system of two nuclei
performing harmonic vibration would never dissociate into the constituent
atoms, since in accordance with the law F = — Kx (¢f equation 1.12) the
farther the internuclear separation, the greater would be the attracting
force between the nuclei. In thé ‘case of an actual molecule, the restoring
force is due to the bonding energy of the electrons which decreases rapidly
with increasing internuclear distance and at a separation of 6 to 7 X 10~% cm
the bonding force is effectively zero and the molecule dissociates into atoms.

For a harmonic oscillator, the vibrational quanta, i.e. the energy
difference between adjacent vibrational levels, all have identical values.
This may be shown by reference to equation 8.2 which relates the energy of
a vibrational level with the quantum number and the vibrational frequency
of the molecule. If the molecule is initially in the state characterized by the
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Figwe 27. Potential energy !
curve for the harmonic B O Interotomic Oistonce
oscillator ¢
Figure 28.  Potential energy curve for a diatomic

molecule

quantum number n, the energy will be : E; = (n 4 })Av ; on absorption
of one quantum of energy the molecule is transferred to the vibrational level
having a quantum number n + 1 which will have an energy given by
E, = (n 4 3/2)hv. The difference in energies will thus always be given

y E; — E; = hv, irrespective of the value of n, and the energy levels will
be situated at regular intervals, the energy difference between adjacent
vibrational levels being a constant. Figure 27 shows the variation of the
potential energy with internuclear separation for an harmonic oscillator
generally termed a potential energy curve ; the horizontal lines represent
the permitted energy levels. The meaning of this curve may best be
illustrated by considering an example. If the oscillator has an energy value
represented by E, the changes in potential energy during oscillation are
represented [by the curve A’A” and the nuclear separation varies between
0X' and OX". At a particular point B on the curve, representing some
intermediate condition of the system between its extremes of oscillation, the
internuclear distance is OC and the total energy AC is made up of kinetic
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energy AB and potential energy BC. At the extremes of vibration i.e. at
A’ and A" the kinetic energy is zero.

The potential energy curve of a diatomic molecule is represented dia-
grammatically in Figure 28 and possesses a minimum at the equilibrium
internuclear distance. At all other values of the internuclear distance the
potential energy is greater, since work has to be done either against the
molecular bonding energy or against the gepulsion energy of the nuclei and
their completed electronic shells. The molecule, however, is never found in
the non-vibrating state represented by the point O, since the molecule,
even in its lowest quantum state, possesses vibrational energy, the zero-point
energy. From a comparison of Figures 27 and 28, it is seen that the potential
energy curve of a diatomic molecule only approximates to the parabola of
an harmonic oscillator at low energy levels. A transition between a hypo-
thetical state of the molecule with an internuclear distance equal to r,
(Figure 28) to one with an internuclear distance equal to 73, involves the loss
of energy since work has to be done against the
forces of repulsion. This amount of energy, 4E
= E, — Ep has been converted from potential
into kinetic energy of vibration. The curve
approaches asymptotically the horizontal line
which represents the energy of the free atoms
formed by the dissociation of the molecule.

From the potential energy curve the relation-
ship between the force of interaction f and the
internuclear distance r, may be obtained since

f= ‘;:}’ where Vis the potential energy. This

—l

Force of Attraction | Force of Repulsion

Interatomic  Distance

EXd

-

variation is represented in Figure 29. The value
of r equal to 7, represents the minimum in the

. dV . Fi iati
v _o- jgure 29.  Variation of
potential energy curve and hence 7 =05 this Joaes. of wttraction and re-

fixes the zero on the ordinate and positive values ~ £ubsion  with interatomic
distance  for a diatomic

of f will represent the force of repulsion and molecule
negative values, the force of attraction. The force

of repulsion increases rapidly with decrease in r and may be represented
either by an expression of the type C/r" where n has a value close to 10 or by
an exponential expression. The force of attraction increases, i.c. becomes
more negative, as 7 increases, passes through a maximum, and then
decreases approaching zero asymptotically. Only in a small region close
to the equilibrium position does this curve approximate to a straight line
and therefore it is only in this region, as we have already noticed, that the
vibration can be assumed to be harmonic. The deviation of this complex
curve (Figure 29) from a straight line, emphasizes the very marked
deviation from harmonic vibration that occurs and clearly indicates that

uation 8.2 :
«d " E=(n+3) kv ....(8.2)

must be modified before applied to actual molecules, Equation 8.2 has
therefore been replaced by, :

E=(n+})hv—(n+1%)2ahv ....(8.5)
in which the second term may be regarded as a correction term and « is
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known as the anharmonicity constant. With this equation the difference
in energies of the two energy states characterized by the quantum numbers
n + 1 and n becomes,

E,—Ey=[(n+1+Hhv— (n+1+3)2hv] —[(n + kv — (n +§)?ahv]
= hv — 2nahv — 2ahv ....(8.6)

and hence the vibrational quanta decrease in value as the quantum num-

ber n increases.

The potential energy curve and

% vibrational energy levels of the
< hydrogen molecule are shown in
g Figure 30. The minimum of the
&l | oistonce between Hyarogen aoms (4) curve corresponds to a value of
o 0s 074 /0 1S 20 25 30 109-4 kcals, but in the ground state
(keot) |°~ .— the hydrogen moleculehas a slightly
70t — higher energy value owing to the
5770 7 zero point energy thv, which is
os1° 7 equal to 6-2 kcals. Thus the dis-
72718 7 sociation energy of the hydrogen
50T 7 molecule is 103-2 kcals/gm mole-
46 v cule. The diflerence between the
86 1. / 3 3 values of adjacent energy levels is
92 / 5 o seen to decrease as the quantum
95.“ e ! pumbcr increases, in the manner
S indicated by equation 8.5.
105 ! From a study of the vibration-
e pend rotation spectrum of a molecule,
"t the frequency of vibration, the
e e values of the energy levels, the an-
"e ; harmonicity constant and the dis-
620\ kv sociation energy may bedetermined.
I From the rotation spectrum or from

Figure 30. Potential energy curve and vibrational  the rotational fine structure of the

energy levels Jor the hydrogen molecule. The  vibration-rotation spectrum the

vertical, scale gives the [1'17("‘"“; ‘;’ ret®  value of I and hence of the inter-
4 ’ 4 13, $1 1

o e atomic distance may be determined

by using equations 8.3 and 8.4.

The above elementary treatment of molecular spectra is sufficient for
our present purpose and for a more extended discussion of the coupling of
the vibrational and rotational modes of oscillation, the polarization and
intensity of spectral lines, permitted and forbidden transitions, the Frank-
Condon principle and the application to thermodynamics, the reader is
referred to the many monographs which have been published?.

The potential energy curve shown in Figure 30, for the hydrogen molecule
has been obtained experimentally ; it is, however, desirable that such
curves be represented by a mathematical equation. We have already seen
that the parabolic curve only approximates to the potential energy curve
at low values of the quantum number and the expression for the variation
of energy with internuclear distance obtained by Heitler and London is also
a poor approximation, and moreover, has only been derived for the case of
the hydrogen molecule. Recourse has therefore to be made to the derivation
of empirical equations. The attraction energy may be represented by an
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expression of the type—d4/rm, and the repulsion energy by + Bjr*. Since
the repulsion energy increases very rapidly at small values of , it is apparent
that n must be very much greater than m. The expression for the potential
energy V may then be written

A B
V=— e . (807)

This expression unfortunately has not been found to be of general applica-
tion and a more useful approximation has been introduced by MoRrsg3 :

Vi = D, 2 (r—r0) — oD, ~alr=ro) ....(8.8)

where 7 is the distance between the nuclei, 7, is the equilibrium internuclear
separation and D, is the dissociation energy together with the zero-point
energy. The factor a is related to the anharmonicity constant by the ex-
pression

_ (8n%a  mym, 3
o= (_A.h. rh’{Tr’n}) ....(8.9)

The importance of equation 8.8 lies in the fact that if it is substituted for
the potential energy term in the Schrédinger equation, the latter may be
solved for the vibrational energy and yields equation 8.5.

The Morse equation describes the potential energy curve very satis-
factorily. Its main disadvantage lies in the fact that when r = o, a finite,
although large, value of the potential energy is obtained instead of an
infinite value. Various modifications to this formula have been proposed
by Rosen and Morse and by PéscHL and TeELLERS.

RESULTS OF SPECTROGRAPHIC MEASUREMENTS

The most detailed spectroscopic investigations have been carried out with
diatomic molecules and at the present time the characteristic constants,
obtained from vibrational-rotational spectra are known for more than 250
diatomic molecules. Several of these compounds are not sufficiently stable
to exist in the pure state and have only been observed and studied by
spectroscopic methods. Such compounds as CH, NH efc are of great interest
as they undoubtedly occur as intermediate products in many chemical
reactions.

The experimental data, which have been taken mainly from the mono-
graphs of HERzBERG? and GAYDON?, are grouped into different sections
according to the nature of the molecule. Homonuclear molecules are given
in Table XXX, hydrides in Table XXXI and oxides in Table XXXII. In
order to simplify the discussion, the tables have been compiled according to
the position of the element in the periodic table. Three constants (where
known) are given for each molecule. Reading downwards these are : the
energy of dissociation D in kcals ; the equilibrium interatomic distance 7,
in A'; and the frequency of vibration v in cm~1. The energy of dissociation
represents the difference between the limiting value of the potential energy
at infinite separation of the nuclei and the lowest vibrational level, which
is $hv above the minimum value.

It should be pointed out, that in spite of the very great importance of
spectroscopic methods, the interpretation of the data is not always un-
ambiguous. For example, the dissociation energy of nitrogen has at various
times been given as 268, 220, 206, 180 and 169-7 kcals. The latter figure,
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accepted by Herzberg? has recently been questioned by Gavpon and
PENNEY® who, by a reinterpretation of the same experimental data, arrive
at the value 2251 kcals. Thus of the values of the dissociation energies of
diatomic molecules which have been determined by spectroscopic methods,
only about 60 out of the 250 are sufficiently accurate and unambiguous to
be regarded as correct. It is unfortunate that carbon monoxide does not
fall within this category since if the dissociation energy and hence the heat
of formation of carbon monoxide were known exactly, it would be possible
by means of the following thermochemical equations to determine accurately
the heat of atomization of carbon which is of great importance in the
calculation and interpretation of the bond energies of carbon compounds :

Cpu=C AH,
o~ 30, 14H,
Cune + 30, = CO,.  4H,
C} o= to,., AH,

Since 4H, and 4H, are known, an accurate knowledge of the value of
AH, would lead to a value of 4H,.
Table XXIX. Internuclear Distances _ Lh¢ agreement between the data obtained
for Halogen Molecules by spectrospcoic methods and by other physical
methods is found to be excellent. For example,
Internuclear distance  in Table XXIX, the values of the interatomic
4 distances in the molecules Cl,, Br, and I,
Tleeron  Obtained by spectroscopic and electron diffrac-
Spectroscop | gifraction  tion methods are compared and the agreement
is found to be within the order of accuracy of
g:n ;gg ::gé electron diffraction measurements, + 0-03A.
I, 267 265  Alsotheheatof formationof NaClfrom thermo-
chemical measurements is g6 kcals, close to
the value obtained from spectroscopic data of g8 kcals.

Some relationship must exist between the energy of dissociation, the equil-
ibrium internuclear distance g0
and the frequency of vibration, Ny
since the greater the value of the /50|
dissociation energy, the greater
will be the frequency of vibra- /40
tion and the smaller the inter-
nuclear distance. Attempts to /20 o)
relate these quantities by an
empirical or semi-empirical §/9°f"™ as
formula, however, have so far < 2
failed. 2%

Homonucleardiatomicmolecules—E ot Fa Se,
The experimental data for Cl T2
homonuclear diatomic mole- 4, | Br,

cules are summarized in Table ! U \ ' g
XXX and Figure g1, where itis 2o} ~* KNq, A
Rb, C

seen that amongst elements of \: l 52
the second period there is a o030 40 S0 60
progressive change in the values Atormre Number

of the dissociation energy, ..  Fiure 3r. Dissociation energies of diatomic

the bond energy, and the homonuclear molecules
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frequency of vibration. The values increase from Li, to C; and reach maxi-
mum values with N, and then fall again with O, and Fy. These changes are
paralleled by the variation of the internuclear distance which is shortest in
N,, greater in O, and C, and greater still in the cases of Fg and Li;. Such
behaviour may easily be interpreted on the basis of the molecular orbital
treatment. The orbitals concerned in this group of molecules are the 20, yo,
x0, wr and vw of which the zo, xo, wr orbitals are bonding and the yo and
vm orbitals antibonding. The configurations of the molecules formed by
the second group elements is as follows :

Li, [KK(20)?]
s [KE(20)%(y0)}(x0)?]
Cy [KK(20)%(yo)*(x0)¥(uwn)?]

N, [KK(20)2(yo)*(x0)2(un)’]

O, [KK(z0)%(yo)*(x0)%(wm)4(vm)?]

Fy [KK(20)(yo)*(x0)%(wm)4(vm)*]
If we now assume that the yo and vw antibonding orbitals cancel the bonding
of the zo and wr orbitals (see Chapter 7), we see that the effective number
of bonding orbitals in these molecules, remembering that the wr and vr
states are doubly degenerate, is : Lig, 1; By, 15 Gy, 25 Ny, 3; Oy, 2 and
¥,, 1. Thus the bond energy should increase from Li, to N, and then
decrease to Fy, which is in agreement with the spectroscopic data given below.

Table XXX. Dissociation Energies, Internuclear Distances and Vibration Frequencies of He lear
Diatomic Molecules
I 1032
H,< 074
L4405
26 69 83 225°1 1171 72
Li,< 267 | — By< — | Gy 1431 N,y< 1709 | O4< 1721 Fi< 1°45¢
351 —_ 1,641 2,360 1,580 —
17:8 116 <83 571
Nag< 308 | — — — Py 1-8g | Sy< 189 | Cl<{ 199
159 780 726 565
11-8 (908 65 45°
K,{s'gz —_ —_— — As,{ — Seﬂ{2-16 Br,{z'z
93 L429 392 323
111 21 69 53 356
Rb,;{ — — |Cdg< — — — Shy< — Tey< 2°59¢ I,< 2:67
57 - 270 25t 214
104 14 (14) | (396
Csg< — — [Hg,4 33 -_ Pb, 4 — Bi,{ — - -
42 36 — 174
‘The figures, reading from top to b are the dissociation energy in keals, internuclear distance in A and
vibration frequency in cm~!; ¢ signifies that the i lear di has been d by el diffraction

It is particularly interesting in this connection to notice that the dis-
sociation energies of F,, O, and N, are very nearly in the ratio 1 :2: 3.
If we compare the properties of Li, and F, each of which have a single
effective bond we should perhaps expect that owing to the increased elec-
tronic repulsion in F,, the dissociation energy of Li, might be greater than
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that of F, ; actually this is not found to be the case, the bond in Li, being
weaker: D = 26 kcals ; r, = 2:67 A, than that in F,: D = 64 kcals; 7,
= 1-45A. The reason for this behaviour must lic in the difference of the
two bonding orbitals, that in Li, being a zo orbital (i.¢ o 2s5), whereas in
F, the effective bonding orbital 1s the xo (i.e. 02p,). The much greater
overlap possible with p orbitals compared with an s orbital causes the
difference in bond strength?. In this connection it is interesting to note the
marked similarity in the values of the dissociation energies of Fy and B,,
since in both molecules the effective bonding orbital is the xo. A similar
gradation of properties occurs amongst the elements of the succeeding
periods of the periodic table. In every case the maximum values of the
dissociation energy and of the vibration frequency, and the minimum
values of the internuclear distances are observed with the elements of the
fifth group, where the number of effective bonding orbitals has a maximum
value and the molecules may be regarded as containing a triple bond. The
shortest single bond is that occurring in Hy: D = 1032 keals, 7, = 0-74 A,
v = 4,405 cm~1, in which there are only two electrons, both existing in a
bonding orbital.

The absence of diatomic homonuclear molecules of the second group
(Be,y, Mg,, Ca,, Gry, and Ba,) is understandable in view of the fact that
in the single atoms there are no unpaired electrons. The electronic con-
figuration of Be,, for example, would be: [KK(z0)2(y0)%] in which the
bonding effect of the zo orbital is cancelled by the antibonding effect of
the yo orbital and no molecule is formed. In order for a molecule to be
formed an atomic s electron would have to be excited to a p state so
that the molecule formed would have the configuration Be, [KK(z0)2(x0)?]
in which both the 26 and xo are bonding orbitals. The excitation energy
involved, however, is too great to be compensated by the bond energy and
such molecules are not therefore formed.

Hydrides— The experimental data for the diatomic hydrides are sum-
marized in Table XXXI. In LiH, the internuclear distance is much less than
in Li, which may be attributed to the fact that there is only one inner
compﬁete shell, that of lithium. In addition to the homopolar valence bond
structure Li—H, the ionic form Li* H- makes an important contribution
to the resulting state of the molecule and will thus increase its stability.
The reason for the existence of a negative charge on the hydrogen, which
is unusual, is that the ionization potential of hydrogen, 312 kcals, is much
greater that that of lithium, 123 kcals, and that hydrogen possesses a small,
but significant electron affinity of 16-4 kcals compared with the zero
electron affinity of lithium. These data all tend to show that the ionic form
Lit H- is more probable than the alternative structure Li—H+*. The
energy of dissociation is found to decrease progressively in the alkali metal
hydrides from LiH to CsH, but the decrease is only from 58 kcals, in the
case of LiH to 41 kcals for CsH, compared with the corresponding decrease
from 26 kcals to 10'4 kcals in the homonuclear diatomic molecules (see
Table XXX). The smaller proportional decrease in the hydrides may be
attributed to the decrease in the ionization potential from lithium, 123-5 kcals,
to caesium, 89-2 kcals, with the corresponding increase in the contribution
of the ionic form Cs* H~— to the state of the molecule.

The hydrides of the second group of elements can only be formed by the
initial excitation of an s electron to a p state. It will be noticed that the
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THE STRUCTURE OF MOLECULES

vibrational frequencies are noticeably greater and the internuclear distances
less than in the corresponding hydrides of the alkali metals, a fact which
may be attributed to the stronger bonding of a p compared with an s electron.
But it is important to note that even so, the dissociation energies of corre-
sponding elements of the two groups of compounds are very similar. This
is due to the fact that energy is required to produce the initial excitation
of the atoms from the s? to the sp state and the observed value of the dis-
sociation energy represents the difference between the true dissociation
energy and that required for the excitation of the atom.

In boron hydride there is a noticeable strengthening of the bond compared
with lithium and beryllium hydrides and the dissociation energy continues
to increase in the series BH, CH, NH, OH, and HF. For boron and carbon
hydrides, this increase of bond energy compared with the corresponding
hydrides of the first and second groups will be due to the fact that the bond
is formed by an unpaired p electron with a greater overlap with an s orbital
compared with the extent of overlap of two s orbitals. The continued
increase of the strength of the bond in the nitrogen, oxygen and fluorine
compounds will be due to an increasing contribution of the ionic state to
the resonance of the molecule.

In the halogen group, the dissociation energy decreases from ro4 kcals
in HF to 634 kcals in HI. This is a much greater relative decrease than in
the corresponding alkali metals where the decrease is from 58 kcals in LiH
to 41 kcals in CsH. This is due to the fact that whereas the contribution of
the ionic form M*H- to the molecular state increases from lithium to
calcium hydride, owing to the increasing electro positive character of the
metal, the contribution of the ionic state H+ Hal~ to the halogen hydrides
decreases from F to I, owing to the decreasing electronegativity of the
halogen.

Oxides and Nitrides— 1t is unfortunate that most of the dissociation energies
of the oxides are not known with sufficient exactitude to permit any systematic
study. However, on the basis of the data given in Table XXXII, it is possible
to make a few tentative conclusions. The dissociation energies of the oxides
are noticeably greater than those of the hydrides as is to be expected from
the fact that the bond will largely possess double bond character and that
there will be a considerable contribution to the state of the molecule from
ionic forms. The shortest internuclear distances occur with the oxides of
the fourth group elements of the periodic table : CO, SiO, etc, a fact which
may be explained in the same way as the similar property of the homonuclear
molecules of the fifth group Ny, P,, efc, with which they are isoelectronic.
Thus, employing the molecular orbital treatment, the maximum number
of six bonding electrons in three molecular orbitals is characteristic of both
groups of molecules, or in terms of the localized electron pair theory, reson-
ance between three valence bond structures occurs :

A=0 A+—-0- A-=0¢t
Since the ionic structures will make a greater contribution in the oxides
than in the homonuclear atoms, the fact that the oxides of the group
four elements have greater dissociation energies than the correspond-
ing homonuclear molecules of the group five elements i.e. Dgo>Dy,,
Dyo> Dy, els, is explained.

The ionization potentials of the elements of group four decrease from
carbon to lead and it would be anticipated that the contribution of
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SPECTRA OF DIATOMIC MOLECULES

the form A—=O+ de- Table XXXIII. Dissociation Energies, Internuclear Distances and
creases in the same Vibration Frequencies of Diatomic Nitrides
order. Thusin PbO the
main contribution to the g | 9% |y 91775) N ?2391 NO{ 1o
molecule will come from _ 2,069 "1 2,360 .,925
the stru_cj:)rcs Pb=0O s
and Pbt -, [ 104 13 15
Very little data have S'N{l:57 PN{:""Q SN{T
so far been obtained for 152 1337 220
the nitrides and the 115
known values are given AsN< —
in Table XXXIII. An ; 3
interesting comparison SbN<{ — BrN{i—
may be made between - -
the three compounds

CN, N2 and NO which  The figures reading from wiw bottom are the dissociation energy n
A . . . S R
contain I 3, 14 an d 1 5 kcals, internuclear distance in £ and vibration frequency in cm!
electrons respectively. The electron configurations of these molecules is
as follows :

CN [KK(z0)%(yo)*(x0)*(wm)?]

N, [KK(z0)(y0)¥(xo)*uwn)i]

NO [KK(z0)*(yo)*(x0)*(wm)4(vm)]
The maximum number of bonding orbitals is present in N, (six electrons in
three bonding orbitals) and in this molecule the dissociation energy and the
vibration frequency are greater and the internuclear distance smaller, than
in the other two atoms. The existence of an additional electron in the anti-
bonding orbital s= in NO decreases the dissociation energy by 75:1 keals
whereas the absence of an electron in the bonding orbital wn only decreases
Table XXXIV. Dissociation Energies, Internulear Distances 1S CRCT8Y by 40:9 keals.

and Vibration Frequencies for Some Diatomic Molecules and the Unf:ortur.)atel)' similar bp-
Corresponding Molecular Ions haviour is not observed in

the case of SiN, PN and NS,

1032 61-07 2561 189  if the most recent data is
Hx{°'74 Hu+{"0‘5 00{1'13 (CO)+{1'11 considered, and it may be

4,405 2,297 2,168 2211 guggested only tentatively

2261 2013 (150) — that the presence of an
N,{rog N,+{mz No{ru NO)*+ {( 107) electron in an antibonding

2,360 2,207 2,211 —  orbital has a greater rela-

1172 149 - r04 tive effect than an electron
0,4 121 |0+ 112 | HCIS 1727 [(HOD)*+< — ina bondmg orbital.

1,580 1,876 2,989 — Molecular ions—The data
for some diatomic mole-
908 As,* 4 CH{??m (CHY* 83 cules and the correspond-
429 314 284 —  ing molecular ions, given
in Table XXXIV, show

57-08 97 53 74  that in certain cases the
Cl’{ e Cl'+{é'89 BeH{;'g“'s (BeH)* {: strength of the bond in the
595 45 05 ionis stronger and inothers

e Ggures reading from top 19 bottom are the disociation weaqu than in the corre-
in keals, internuclear distance in A and vibration frequency in em-! Sponding molecule. This
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THE STRUCTURE OF MOLECULES

apparently anomalous behaviour, however, may be explained by the sequence
of molecular orbitals. The bond in H,* is much weaker than in H,, since
in the ion there is only one bonding electron, whereas in the molecule there
are two. Similarly there are six bonding electrons in N,, as shown by its
clectronic configuration

N, [KK(z0)*(y0)*(x0)*(wm)’]

Nyt [KK(20)%(70)%(x0) *(wm)?]
but only five in the ion N,*, thus explaining the weaker bond in the latter.
A similar argument will apply to As, and As,*. The case of CO and CO+
has already been discussed in Chapter 7, but it should be pointed out that
although the internuclear distance decreases and the vibration frequency
increases on formation of the ion, indicating a strengthening of the bond,
the dissociation energy has decreased considerably.

With O, and Cl, the position is reversed and the bond in the ion is
markedly stronger than in the neutral molecule as indicated by the increase
in dissociation energy, decrease of internuclear distance and increase of
vibrational frequency. The clectronic configuration of these molecules and
the corresponding ions is :

Op [KE(20)%(y0)%(x0)*(wm)4(vm)?]

Oyt [KK(20)%(y0)2(x0)*(wm)4(vm)]

Cly [KKLL(z0)* yo)2(x0)*(wm)*(vm)?]

Cly+ [KKLL(20)*(ya)2(xo) Hawm)t(vm)°]
It is seen that, in both cases, on ionization an clectron in the antibonding v
orbital is lost, and the bond strength is increased as shown by the experi-
mental data, According to this argument the addition of an electron to O,
to give the ion O,~, will bring about a weakening of the bond, since the
additional electron must enter an antibonding orbital. The energy of the
reaction Oy = O + O~ may be calculated from the dissociation energy of
O,, 117-2 ﬁcals, the electron affinity of the oxygen atom, 71 kcals, and the
electron affinity of O,. The value for the latter has been given as 62 kcals
by WEiss® and as 18 kcals by Kazarnovsky?. The latter figure is probably
the more accurate since it has been obtained from the lattice energy of
crystalline KO, which consists of K+ and O,~ ions, whereas the calculation
of Weiss involves certain assumptions concerning the value of the heats of
hydration of ions. Using these values, the dissociation energy of O,~is 64 kcals.
Thus it is seen again (compare with NO) that the addition of an electron
in an antibonding orbital weakens the bond more than the loss of an
electron formerly in an antibonding orbital.

For NO+ only the internuclear distance is at present known. The value
is less than for the neutral molecule, thus suggesting a stronger bond in
NO* than in NO, in agreement with the molecular orbital formula

NO [KK(zo)%(yo)%(x0)2(wm)4(vm)]
NO* [KK(z0)%(pa)2(xa) ()]
which indicates the absence in the ion, of an electron in the s7 antibonding
orbital.
The experimental data for the hydride ions is as yet insufficient for dis-

cussion and furthermore, the electronic arrangement in the molecular
orbitals is still somewhat in doubt.
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Isotopic molecules— The determination, by spectroscopic methods, of the
molecular constants of molecules and their analogues containing an isotope,
gives interesting information concerning the dependence of these constants
on atomic mass. The greatest amount of data has been accumulated using
one of the isotopes of hydrogen, deuterium of atomic weight 2, and these
data are summarized in Table XXXV. It is clear that those properties
which depend only on the electronic configuration and nuclear charge and
are independent of mass, remain almost unaltered when deuterium is

Table XXXV. Molecular Constants of Some Hydrides and Deuterides

Reduced Dissociation | Zero-point | Inter- | Moment of | Force | Vibrational
Molecule mass energy energy* | nuclear inertia constant | frequency
(atomic units) keals keals | distance | gmem®  |dynesem™'  cm™!
A X 10% | "X 107%
H, 05 10322 618 074 — 571 4.305
HD 067 104°02 536 074 - 575 3,817
D, 10 10502 4'39 074 - 573 3,119
LiH 0-88 (58) 1-99 1-60 368 1-02 1,405
LiD 151 (58) 1'51 1-60 6:53 1-03 1,065
NaH 0-g6 47 166 1-89 565 o7y 1,170
NaD 184 (51) 177 189 1081 074 825
CH 0-92 8o 401 112 191 4'33 2,824
CD 1-72 81 296 1’12 — 4'33 2,073
OH 0'94 101 529 097 1:45 7:70 3,728
OD 1-77 1030 — 097 — — —
HCI 099 102°1 421 127 2:61 511 2,989
DCl 1-99 1034 303 127 508 — (2,091)
HI 1-0 634 324 1-61 431 311 2,309
DI 2:0 645 2-31 — — = -

® Certain values of the zcro-point energy have been calculated with allowance for the anharmonicity, by
the formula Eq =/vy (} - }a)

substituted for hydrogen. Properties dependent on mass, such as internuclear
distance and force constant, however, change considerably on such sub-
stitution. The moment of inertia I is related to the reduced mass m by :

I=m?= _T1T2 g2 ... (8
e (8.4)
and values for the deuterides are almost double those for the corresponding
hydrides. The frequency of vibration will be expressed by v = (k/m)}/2m
where £k is the force constant. This expression is obtained by combining
equation 1.27 with 1.12 and 1.13, the displacement in this case referring to
that of an harmonic oscillator and the mass m to the reduced mass.
I X1 2 X2 _
1+ 2 2
Thus the vibrational frequency in H, will be /2 times greater than in D,
in agreement with the experimental data. This difference in the valuc of
the vibrational frequency also effects the zero-point energy, with the result
that D,, which has the lower frequency of vibration, has a ground energy
state which is 1-79 kecals below that of H,. The difference in the dis-
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THE STRUCTURE OF MOLECULES

sociation energies is therefore due to the difference in the zero point energies,
the addition of these two quantities giving the values 109-40 kcals in the
case of H, and 109:41 kcals for D,. For a similar reason the energy of
activation in chemical reactions involving deuterium is greater than that
of the corresponding reactions involving hydrogen. In addition to the
influence of the lower ground energy level of deuterium, however, the velocity
of the reaction will also be reduced by the smaller velocity of the heavier
deuterium molecules.

The differences in molecular properties for the isotopes of other elements
is less marked than in the case of H, and D, where the ratio of the isotopic
weights, with the exception of the case of hydrogen and tritium, is a
maximum,

ORTHO AND PARA HYDROGEN

In 1927 HeisenserG!® and Hunp!! deduced, by the methods of wave
mechanics, that pure hydrogen is a mixture of two different types of mole-
cules. This apparently surprising result is due to the fact that spin is not
only a property of electrons, but of protons and neutronsalso. Inthemolecule
of hydrogen, therefore, two orientations of nuclear spin are possible,
the antiparallel | 4 and the parallel| . Corresponding to these two
orientations, there are two distinct forms of molecular hydrogen ; that with
antiparallel spins is called parahydrogen and that with parallel spins,
orthohydrogen. By means of this theory it was possible to explain the
alternating intensity of the rotational fine structure in the spectrum of H,
observed by MEckE!? in 1924 and also the temperature variation of the
heat capacity of hydrogen!3. It was a triumph for the quantum theory
when in 1929, BoNuOEFFER and Harteck!4, and EuckeN and HILLER!S
were able to produce direct experimental evidence for the existence of these
two forms. A detailed description of this work is given in the monograph
of FARKAs?S,

The complete wave function of the hydrogen molecule must describe
the electronic orbital motion, the electronic spin orientation, the vibration
of the nuclei, the rotation of the nuclei and the nuclear spin orientation.
As a first approximation the various forms of motion must be considered as
being independent of each other and the complete wave function may thus
be represented as the product of five separate functions :

1 2 3 4 5

b= clectronic electronic spin\/ nuclear \{nuclear) {nuclear spin
~ \orbital motion /\ orientation vibration /\ rotation / \ orientation

For the normal electronic state of the molecule, since Pauli’s principle must
be obeyed, the entire function must be antisymmetric in the two electrons,
i.e. when the electrons are transposed, the sign of the wave function must
change. Let us consider the symmetry of cach of the above five wave
functions with reference to the two electrons. The electron orbital motion
function is (see Chapter 3),

Y1 = Ya(1)h(2) + ¢u(1)%a(2) .v..(8.10)
which on transposition of the electrons gives
¥1’ = a(2)Pa(1) + $s(2) (1) oo (8.11)
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and hence

g =’ ce..(8.12)
and the function is symmetric. The electronic spin function is antisymmetric
and the nuclear vibration function, the nuclear rotation function and the
nuclear spin orientation are independent of the electrons and hence sym-
metric. The signs of the various functions after transposition of the electrons
will therefore be :

1 2 3 4 5

(+) (=) (H) () () = (=)
The complete wave function, ¢, of the molecule is thus antisymmetric as
required by Pauli’s principle.

The Pauli principle must also apply to the nuclei so that the trans-
position of the nuclei must lead to an antisymmetric function. Let us now
consider the symmetry character of these functions with respect to the
nuclei. Transposition of the nuclei in equation 8.10 gives :

1" = dn(1)¢a(2) + Ya(1)hs(2) EERICAL)
(note that the subscripts a and b have been transposed and not the numerals
as in expression 8.11). Again ¢, = ;" and the electron orbital motion
function is symmetric with reference to the nuclei. The electron spin
function is independent of the nuclei and consequently symmetric. The
nuclear vibration function will be symmetric for all vibrational states, inas-
much as the variable 7, the internuclear distance, is unchanged on trans-
posing the nuclei. The nuclear rotation and nuclear spin functions may be
either symmetric or antisymmetric with reference to the nuclei. If one is
symmetric then the other must be antisymmetric in order to produce a
complete wave function that is antisymmetric. The theory of spin functions
has already been discussed in connection with the spin of electrons and the
same argument may be applied to protons (see Chapter 3). If the spins
are oriented in an antiparallel manner as in parahydrogen then we have an

antisymmetric function,
a(1)B(2) — B(1)a(2) ....(8.14)
where the symbol a(1) 8(2) indicates that proton (1) has a spin of + } and
the proton (2) has a spin of — }. The nuclear rotation function must in this
case, be symmetric and on interchange of the nuclei we have the following
distribution of the signs of the functions :
1 2 3 4 5
() () (H) () (=) = (=)
the full wave function ¢ thus being antisymmetric. When there is a parallel
orientation of the spins of the protons (orthohydrogen) there are three
symmetrical spin functions (see Chapter 3) viz
a(1)a(2) l
B(1)B(2) .- (8.15)
a(1)B(2) + B(1)a(2) J
The nuclear rotation function must now be antisymmetric and hence
transposition of the nuclei must give rise to the following arrangement of
the signs of the functions :

1 2 3 4 5
(H) (R () (=) () =(=)
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The solution of the Schrédinger equation for a rotating diatomic molecule
shows that interchange of the two nuclei causes a change of sign if the
rotational quantum number 7, is odd and leaves the function unchanged
if 7 is even. Thus the rotational wave function is symmetric when
J =0, 2, 4, 6, etc and antisymmetric when 7 = 1, 3, 5, 7, efc. The energy
of rotation is given by

Ey = J(F + 1)A%/8x ....(8.3)
which may be conveniently written for the present purpose as :
E;=jJ(F+ 1B ....(8.16)
where
B = h?[8x3I

Thus molecules of parahydrogen have values of the rotational energy
equivalent to :
0 2 4 6 8 .
E; 0 6B 20B 42B 112B ...

and orthohydrogen may have the energy values :
J 1 3 5 7 9 ..
Ey 2B 12B 30B 56B 90B -....

The ortho and para forms of hydrogen thus possess different amounts of
rotational energy (Table XXXVII, columns 2 and 3) and consequently
different heat capacities since C = Z—T Therefore properties depending on
the specific heat, such as thermal conductivity, will not be identical in the
two forms and the method of their identification depends on this fact.

At each temperature there will be a thermodynamic equilibrium between
the two forms. At the absolute zero, the molecules must be located at the
lowest energy level, i.e. 7 = 0, so that only the para modification is stable.
At higher temperatures molecules may exist in both odd and even energy
levels and in consequence both forms exist. The thermodynamic equilibrium
between the two forms is governed by the Boltzmann distribution law.
According to this law, the fraction of molecules Ny of the total number N,
in the rotational state 7 is given by :

Ny = Nopyexp (—Ey/kT) oo (817)
where py is the statistical weight i.e. degeneracy and Ej the energy of the

rotational state 7. In determining the statistical weight of each state it is
necessary to consider separate degeneracies. Thus

b7 = Eya X Espin e (8.18)
Each rotational state will have 27 + 1 orientations of the angular momentum
in an applied field viz: + 7, + 7 — 1, ---oo- 0, «+eee y—J+ 1, —F e

G =2F +1 ....(8.19)
For the spin degeneracy we have seen that for the antiparallel form (para-
hydrogen) there is only one spin function (8.14) which corresponds to a
value Zs = o (equation 3.113). For the parallel form (orthohydrogen)
there are three spin functions (8.15) corresponding to the values of ng of
+ 1, — 1, and o (equations 3.114, 3.115, 3.116 ef seq). Thus the statistical
weight of states corresponding to even values of 7 is :

I’Jum = 2] + 1 P .(8.20)
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and to odd values of ¥
by = 3(2F + 1) ....(8.21)

The ratio of the number of molecules of parahydrogen to the number of
molecules of orthohydrogen thus may be written :

Sprexp (=~ EART) (3] + 1) exp (— J(T + DBAT )

_ [pH,] _T=dads. _ J=este.
o) 3, exp (— ExfkT)  E3@27 +1) exp (— J(F + DBKT )

F=ias1.. F=L8H ...
....(8.22)

For the lowest level, 7 =0 and (27 + 1) exp ( —J(JF + 1)B/KT ) becomes 15

forf=1,302F +1) exp( — 7T+ I)B/kT) becomes g exp ( —2B/kT ) ete
and hence

14 5exp( — 6B/KT ) +9exp (— 20BkT ) +13exp ( — 42B/KT ) +--

3{3 exp (— 2BJKT ) + Texp (— 12B/kT ) + 11 exp (— 30B/KT ) + }

.. ..(8.23)

At high temperatures B is very small compared with £7 and 8 = 1/3.
Thus the ratio is determined only by the statistical weights due to nuclear
spin. The value of B may be obtained from spectroscopic data and is
1-19 X 10~ gm cm? sec™®. The values of B calculated according to
equation 8.23 at various temperatures together with the percentage of
parahydrogen are given in Table XXXVI.

A.t T0OM tEMPErature oz, yy ypy, Percentage of Parahydrogen at Various Temperatures
ordinary hydrogen is an
equilibrium mixture, zog| 4 Parahydrogen || T°K 8 Parahydrogen
containing 25 per cent per cent per cent
of para and 75 per cent

of orthohydrogen mole-  © 5508 ‘;g S g’ﬁ;gi gg'sl

cules. The transfer of ;|5 9698 210 | 03463 2572

one modification to the

other does not generally 40 778 8861 273 | 03357 25°13

take place spontaneous- 5° 3'327 7989 e | 03333 2500
75 1-077 51-86

ly, but is a very slow
process.  This is ex-
plained by the fact that the transfer from an even to an odd rotational level
is accompanied by a change in the spin orientation, and according to
WIGNERY the probability of the transference occurring by the absorption of
light radiation is insignificantly small. Thus when normal hydrogen is
cooled, the original ratio of the ortho to the para form is maintained although
the proportion of parahydrogen must increase slowly as the system is not in
thermodynamic equilibrium. It was this constant ratio of the two forms
that permitted DENNISON'3 to explain the temperature change of the heat
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Table XXXVII. Rotational Energy of Hydrogen capacity of hydrogen. In

" Table XXXVII are given

Pure Pure | Equilibrium| Normal  the en of rotation of

T°K paral}rlydlrogm ortht;riydlrogm mI:'xtl;n Ig;?'roim the grt%rgyand para forms
il i il “ together with that of the

o 000 337°17 o000 | 25288 equilibrium mixture and
20 000 gg;:g 73‘53 25:'32 of normal hydrogen. Even
50 020 : 3 25294  at the absolute zero of
10 3056 33859 21978 | 26217 temperature, therefore,
200 290-22 39359 36676 | 36775 both modifications exist
273-1 47334 502°16 49484 | 49491 although thermodynamic-
2981 | 52912 54692 54246 | 54247 ally orthohydrogen should

have all passed into the
para form. Each modification will be in the lowest possible energy state,
i.e. J = 1 for orthohydrogen and ¥ = o for parahydrogen. The presence
of the orthohydrogen at the absolute zero produces a residual entropy of
439 kcals/degree/gm mol.

The rate of conversion of orthohydrogen into parahydrogen may be
accelerated by a catalyst such as active carbon, or paramagnetic ions and
molecules. In the last case the transformation is presumnably produced by
the change of the spin orientation under the influence of the very strong
heterogeneous magnetic field operating in the vicinity of the ion or molecule.
This fact has been used to determine the paramagnetic susceptibility and
to detect free radicals.

Ortho and para forms are known for the molecules D,, N,, Cl,3% and
Br,” in addition to H,.
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VIBRATIONAL FREQUENCIES AND INTER-
ATOMIC DISTANCES IN POLYATOMIC
MOLECULES

RAMAN, MANDELSTAM AND LANDSBERG EFFECTS

THE ANALYsIS of the spectrum of a polyatomic molecule presents many
difficulties since the motion of the nuclei in such a molecule is invariably
complex. If the molecule consists of n atoms, each atom has three degrees
of freedom and hence the total number of degrees of freedom of motion in
space will be gn. Of these, three will represent the translational motion of
the molecule in space and another three will describe the rotation of the
molecule about three mutually perpendicular axes. The remaining 37-6
degrees of freedom will be associated with the motions of the atoms relative
to each other, which involve neither a translation nor a rotation of the
molecule. There are therefore gn—6 vibrational degrees of freedom, which
will correspond to 3n—6 fundamental modes of vibration of the system. In
the particular case of the linear molecule, ¢.g. diatomic molecules and such
polyatomic molecules as CO, and C,H,, there are only two degrees of
rotational freedom, that about the axis joining the nuclei and that about
an axis perpendicular to the line of centres ; the number of vibrational
degrees of freedom will therefore be 3n—5. The energy levels of the molecule
will be obtained by adding the energies of the gn-6, or gn—5 if the molecule
is linear, independent oscillating systems,

For the majority of simple molecules the normal modes of vibration may
be obtained by a straightforward, if tedious, procedure and the motion of
the atoms relative to each other obtained. In certain cases several normal
modes possess the same frequency and the system is degenerate ; this point
will be discussed later when we consider specific molecules.

The oscillations of a polyatomic molecule may be divided into two types.
First, the valency oscillation in which the atoms move in the direction of
the line joining the two nuclei and in which only the internuclear distance
changes during the course of the vibration. Secondly, the deformation
oscillation in which the valency angle changes. Clearly diatomic molecules
can only show vibrations of the valency type.

The multiplicity of the modes of vibration and rotation considerably
complicates the interpretation of experimental data, and little progress has
so far been made with the analysis of the electronic spectra of polyatomic
molecules. The study of vibrational-rotational (infra-red) spectra is less
difficult and has led to the determination of interatomic distances, valency
angles and vibrational frequencies of some of the simpler polyatomic
molecules.

The application and scope of infra-red spectra was considerably extended
by the discovery by Raman and KrisuNaN and independently of them by
LANDSBERG and MANDELsTAM, of what is now known as the Raman effect.
When a beam of light passes through a gas, liquid or transparent solid,

art of the light is scattered in all directions and if the incident light hasa
ine spectrum, it is found that the scattered light contains exactly the same
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frequencies as the incident beam. This scattering is termed Rayleigh
scattering. However, on closer examination, by taking a spectrogram in
which the lines due to Rayleigh scattering are strongly over exposed, some
weak additional lines are found which do not appear in the line spectrum
of the incident light. An examination of the frequency of the additional
lines shows that each one of the original lines is accompanied by one or
more lines of weak intensity and furthermore that the difference, 4v, between
the original frequency v, and the frequency of the additional Raman line,
v, is independent of vyand dependent only on the nature of the scattering
substance.

If E, be the energy of the molecule before illumination by the incident
radiation, then absorption of a light quantum kv, produces a change in
the molecule to an excited state with energy E, :

. E, =E, + hv, ....(9.1)
The molecule may now either return to the original level by emitting a
quantum kv, or return to another level with energy E, by the emission of
a quantum hv;. Thus :

Ey + hvyg=E| + hv, ....(9.2)

E, — Ey=hvy — hvy = hdv ....(9.3)

The resultant effect of the series of changes represented by equations 9.1
and g.2 is the same as if the molecule, in the original state
£ with energy E,, had absorbed a quantum k4w and had
thereby been transferred from the E, to the E; energy level
(see Figure 32). Raman spectra may be divided into two
classes, large Raman displacements in which it is found
° that the value of 4 v corresponds exactly with the frequencies
of band heads in the vibration-rotation spectrum, and
small Raman displacements in which the value of 4 v agrees
& exactly with the frequencies of the lines in the far infra-red,
g rotational spectrum. Thus both vibrational and rotational
. transitions may be studied by means of the Raman spectrum
Figure 32. lllus-  and since 4 v is independent of the frequency of the incident
tration of the o . e
Raman efct Tadiation, the measurements may be made in the visible
part of the spectrum. The infra-red and Raman spectra
are not, however, identical since the transitions which occur and which are
responsible for the two different types of spectra are governed by different
selection rules in the two cases.

In addition to the frequency v, of the Raman line, which is smaller
than that of the incident radiation v, there is also a frequency v, which
is greater than v, such that

vy — Vo= vy — V3 ....(9.4)
This means that a quantum of light £v,, greater than the absorbed quantum
kv, has been emitted. The explanation of this process is that the molecule
was originally in an excited state and returned to a lower energy level
after the absorption of light. The lines of smaller frequency than the
incident radiation, which will be on the red side of the original line, are
termed Stoke’s lines, whereas the lines of higher frequency, which will be
displaced in the direction of the violet part of the spectrum are termed
anti-Stoke’s lines. The intensity of the anti-Stoke’s lines is much less than
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that of the corresponding Stoke’s lines, since it is less probable that the
molecule will be initially in an excited state than in the ground state.
The number of molecules in the ground state, with energy E, and in an
excited state with energy E, is governed by Boltzmann’s law and the
intensities of the Stoke’s and anti-Stoke’s lines is given by the approximate
relation,

Im.gm-,/lgwhv, = ‘NBI/'NEO = exp [ - (El ad EO)/kY—] = Cxp ("" hA l’/kT)

....(9:5)

Certain aspects of infra-red and Raman spectra may be explained on
the basis of the classical theory of light absorption and scattering. In
order to interact with a stream of electromagnetic waves, a molecule must
produce an oscillating electric field. Such homopolar molecules as Hy and
O, have no permanent dipole moment and hence during rotation and .
vibration no fluctuating field is produced. Thus homopolar molecules do
not yield a rotation or a vibration-rotation spectrum. Molecules possessing
a permanent dipole moment, however, will form a fluctuating electric
field during vibration and rotation and therefore give infra-red spectra.
It is possible that a molecule in its equilibrium position may have no
permanent dipole moment but that on vibration a dipole is produced.
This type of behaviour occurs in carbon dioxide. This molecule is linear
and although each individual carbon-oxygen bond is polar, i.e. there is an
equal negative charge on both oxygen atoms, the centres of gravity of the
positive and negative charges are at the same point and the molecule as
a whole is non-polar.

Let us now consider in detail the possible modes of vibration of the
carbon dioxide molecule. In the deformation vibration, the carbon atom
is displaced away from the axis of the molecule in one direction and the
oxygen atoms are displaced in the opposite direction (see Figure 33).

Equitibrium
Position /\O O\'/O

Displocement Positrons
Figure 33. Deformation vibration of carbon dioxide

The previously linear molecule is now bent and the O—C—O angle is no
longer 180°. After attaining maximum displacement, the carbon and
oxygen atoms return to the axis and are displaced in the opposite directions
to those of the initial displacements. During the course of this vibration
the centres of gravity of the positive and negative charges separate and a
periodically changing dipole moment is produced. Light radiation of
corresponding frequency may therefore be absorbed or emitted and this
particular mode of vibration of the carbon dioxide molecule produces an
infra-red spectrum. In the other two possible modes of vibration of the
carbon dioxide molecule the molecule remains linear. In the first case
(see Figure 34) both oxygen atoms move away from the central carbon
atom along the molecular axis and then, after reaching maximum displace-
ment, move back towards the carbon molecule. During the course of this
symmetrical vibration no change of dipole moment is produced, the
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molecule remaining linear and symmetrical. This mode of vibration
therefore does not produce an infra-red spectrum. The third possible mode

o @—=0 +~O—@—O0> O —@—<D

Equilrbrium o——8&——O0 Oo—e—0
Position Displacement Positions
Figure 34. Symmetrical valency vibrations of carbon dioxide

of vibration in the carbon dioxide molecule is shown in Figure 35, in
which the molecule remains linear, but the vibration is not symmetrical,
the carbon atom approaching one oxygen atom whilst receding from the
other. This non-symmetrical vibration will give rise to a varying dipole
moment and hence give an infra-red spectrum.

Whether or not a particular vibration gives a Raman spectrum depends
on a different basis. Under the influence of the incident radiation the
molecule is polarized and executes forced vibrations. If a molecule is

O——@&—0 O—<—@——0> O @0
Equitibrivm Oo—@——0 OoO—@—O0
Positron Dusplacement Fositions

Figure 35. Non-symmetrical valency vibrations of carbon dioxide

intoduced into an electric field ¥, an electric dipole is induced into the
system. The resulting dipole moment m is proportional to the strength of
the field F and hence we may write,

m = oF ....(9.6)

where a is termed the polarizability. The varying electric field due to a
light wave of frequency v, is given by

F = Fycos 2myyt .o (9.7)
where 1 is the time. From equations 9.6 and g.7 it follows that,
m = aF cos 2wyl .o .(9.8)

During the course of the vibration, the internuclear distance, and conse-
quently the forces acting on the electrons, change. There is therefore no
reason why we should assume that a remains constant during the vibration
and to a first approximation for small displacements, we may write
a=ay+ a; x ....(9.9)
where aq is the polarizability in the equilibrium position and a,x represents
the change in polarizability during the course of the vibration where x is
the displacement. For small displacements the molecule may be assumed
to execute harmonic vibrations and consequently
x = %o cos 2mv,t ....(9.10)
where v, is the vibrational frequency of the molecule. From equations
9.8, 9.9 and 9.10 we obtain
m = [a, + a;%, cos 27 v t]F, cos 2m vyt
= ol cos 2mygt + a Fgx, cos 2mvyt. cos 2mvgt coo(911)
and employing the well known trigonometrical expression

cos acos B =3} cos (a + B) + 4 cos (a— ) ... (9.12)
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we obtain

m = aoFgcos 2wyt + % a Fgxy cos 2m( vy + vyt

+ % a Fxg cos 2r(vy — v,)¢ veon(9.13)
Thus it is seen that m varies not only with v,, the frequency of the incident
light, but also with the frequencies v, + v, and v, — v;. The molecule
will therefore emit radiation, not only with the frequency equivalent to
the frequency of the absorbed radiation, but also with frequencies v, + v,
and vy — v;. This elementary treatment of the Raman effect shows that
the appearance of Raman lines is to be associated with a change of
polarizability during oscillation. A more detailed treatment of the Raman
effect involves the use of a more complex expression than 9.9 for the
variation of a.

If we now return to a further consideration of the symmetrical vibration
of the carbon dioxide molecule (see Figure 34), it is seen that during the
course of the vibration the carbon-oxygen distance changes and conse-
quently the polarizability changes. Thus this mode of vibration which
does not give rise to an infra-red spectrum, does produce a Raman spec-
trum. During the course of the deformation vibration (Figure 33), however,
the polarizability does not change since the carbon-oxygen distance remains
unaltered and hence this particular mode of vibration, although giving an
infra-red spectrum, does not produce Raman lines.

In the above discussion we have considered all the possible modes of
vibration of carbon dioxide; according to the formula 3n— 5, these should
be (3 X 3) — 5=4 in number. The four oscillations will be the sym-
metrical, the non-symmetrical and two deformation vibrations. The
deformation oscillation may occur in any plane passing through the axis
of the molecule, but all such vibrations may be described by the projections
on to two mutually perpendicular planes passing through the molecular
axis.

CHARACTERISTIC FREQUENCIES

An extension of the methods described in the preceding section to com-
plicated molecules presents many difficulties, and attempts to analyse the
spectra and so determine the molecular constants has been found possible
only for relatively simple molecules. For complex organic compounds in
particular the complete analysis of the spectra has been found impossible,
but information of considerable value may be obtained by following the
change in the infra-red spectrum as certain groups are introduced into a
particular molecule. This procedure makes possible the formulation of
certain empirical rules and leads to the assignment to certain molecular
groupings of characteristic frequencies which are generally independent of
the structure of the remainder of the molecule. Thus, for example, in the
spectra of all saturated mercaptans a line of frequency 2,570 to 2,575 cm™!
is found to occur which is absent in the spectrum of the corresponding
hydrocarbons. Furthermore, in the spectrum of the hydrogen sulphide
molecule, there exists a line of frequency 2,578 cm™! and hence it is con-
cluded that the frequency 2,573 £ 8 cm™! is characteristic of the S—H
link. In exactly the same way characteristic frequencies are found for the
C=N and C—NH, groups (see Table XXXVIII). The very small
variation in the values of the frequencies justifies the conclusion that the corre-
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Table XXXVIII.

sponding molecular vibrations are charac-
Characteristic Frequencies [cm—1]

teristic of a particular bond or group and
do not depend on the remaining part of

Mercaptans | Nitriles | Amines  the molecule.  Such frequencies as those
R RSH RCN | RNH, given in Table XXXVIII are termed the
CH, 2,572 2,249 3,372 Characteristic frequencies of a particular

CHs 2,570 | 2,243 | 3,369
Gty 2,575 | 2,244 | 3,377
CyH, 2,575 | 2,240 | 3,371
CsHyy 2,573 2,242 -

bond or group. A knowledge of these
characteristic frequencies will clearly be
most useful in the analysis of complex
spectra, and the assignment of particular
lines to certain groups.

However, the use of characteristic
frequencies must be carried out with
care since variations of the characteristic frequencxes from the normal
value do occur in certain instances. Such variations are generally due
either to the resonance of the molecule between valence bond structures
or to the existence of relatively heavy atoms near to the bond concerned.
For this reason it is preferable to refer to the characteristic frequency range
of a particular bond. Many such frequency ranges are now known and
are based on a considerable amount of experimental data. Thus, for
example, frequencies greater than 2,500 cm™! are characteristic of bonds
involving the lighter elements ; the valency vibrations of the C—H bond
lies in the range 2,800 to 3,300 cm~1, the N—H bond at 3,300 cm™L,
the O—H bond between 3,350 and 3,450 cm™1 and the S—H bond at
2,570 cm™1, The valency vibrations of bonds involving the heavier atoms
have lower frequency values, and the deformation vibrations still lower
values. Thus thevibrationsin — CHg and > CH,, in which the H—C—H bond
angle is deformed, have values
between 1,300 and1 ,400cm,
deformation vibrations in-

Average
value 2,573 2,244 3,372

Table XXXIX. Vibrational Frequencies of Multiple Bonds

volving the first carbon atom Molectde Bond Frequency
of the hydrocarbon chain, i.e. em™t
the C—C—H bond angle, lie
. 1 Triple bonds
in the range 800 to 1,200 cm
. ; (6 bonding electroru‘)
and the deformation vibra- HCCH C= 1,960
tions of the carbon chain, 7.e. CO C_O 2,150
the C—C—C bond angle, fall RCN C=N 2,250
in the range 300 to 400 cm~L Nitric oxide
In diatomic molecules it (5 bonding electrons)
was observed that the vibra- NO N=O 2,211
tion frequency increased with
the multiplicity of the bond Double bonds
L . (4 bonding electrons)
and similar behaviour occurs H,CCH, C=C 1,620
in polyatomic molecules. The Iéf?gHNOH g:g :,(7;20
frequency of the C—C bond GEH! = 1,050
lies in the range 800 to 1,200 SHONO N=0 1,640
cm~! and increases to 1,600 Single bonds
cm-~1 for the C=C bond and H.CCH (2 bondg-g_ éectrom)
to 2,100 cm~! for C=(C. H,UCH, 990
Similar behaviour is observed SH:OQH 0 1,030
. CH NH, C—N 1,030
in bonds between other atoms NH,0H N—O 1,000
and the data are summarized
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in Table XXXIX. On comparing the frequencies associated with different
types of bonds between various atoms it is apparent that the vibrational
frequencies of bonds of different multiplicity lie in certain frequency
ranges. Thus the frequencies of single, double and triple bonds lie in the
“region of 1,000 cm™1, 1,600 cn™! and 2,100 cm™1 respectively, Some of
the bonds whose frequencies are quoted in Table XXXIX are not pure
covalent bonds but contain a certain proportion of ionic character. The
variable amounts of ionic character in different bonds will slightly alter the
frequencies but, nevertheless, it is seen that the frequencies remain within
the same region and the assignment of particular values or ranges of values
to a particular type of bond is not invalidated.
We shall now discuss various types of bonds and consider how the
vibrational frequency changes with changes in the rest of the molecule.

The carbonyl group—Compounds containing the carbonyl group have
been the subject of many investigations and a considerable amount of
experimental data has accumulated concerning the vibrational frequencies
of the C=0 bond. In a series of saturated ketones the value for the
frequency of 1,710 cm~! remains constant irrespective of the chain length ;
similar behaviour has been observed in the saturated aldehydes where the
frequency is slightly different, being 1,720 cm~1, Similar constancy of the
vibrational frequency is observed in many other compounds, e.g. carboxylic
acids, esters and acid chlorides (see Table XL). Let us compare the values
for the ketones, the carboxylic acids and the acid chlorides. In the car-
boxylic acids the frequency is noticeably lowered in comparison to the

Table XL. Vibrational Frequency of the C==O bond (cm™1)

R RCOCH,; | RCHO | RCOOH | RCOOCH, | RCOOC;H; | RCOCI
CH, 1,706 1,715 1,663 1,736 1,736 1,798
C;H; 1711 1,722 1,651 1,735 1,731 1,786

n-CsH, 1,710 1,718 1,654 1,734 1,731 1,791
is0-CaH, 1,709 1,721 1,649 1,733 1,729 —

n-CH, 1,709 Ly717 1,652 1,732 1,731 1,792
is0-C,H, 1,709 1,717 1,652 1,732 1,734 -
sec-C4Hyg 1,708 1,718 1,646 1,732 1,728 —_
tert-C Hy 1,702 1,721 1,645 1,729 1,728 —_
n-CH,, 1,709 1,720 1,653 1,738 1,734 —

is0-CsHy, 1,709 1,720 1,653 1,738 1,734 1,794

sec-CgH,, 1,701 1,725 1,643 1,728 1,721 —_

n-CeH, 4 1,710 1,721 1,654 1,737 1,732 —_
n-C;Hy, — 1,723 1,652 1,734 1,737 —
n-CgH,, - 1,721 1,654 1,736 — —
n-CoH,, 1,710 1,722 1,649 1,737 — —

ketones : 1,650 cm™! instead of 1,710cm™!; in the acid chlorides it is
raised to 1,790 cm~l. In the ketones there is a bond resonance in the
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carbonyl group between the valence bond structures > C=O and
> C+—O-, molecular resonance involving the structure

R

C—O-
7/
H,C
H+
making a smaller contribution. In the acid chlorides, the strongly electro-
negative chlorine atom may be regarded as competing with the oxygen
atom for the negative charge and new valence bond structures occur which
contribute to the final state of the molecule. Apart from the resonance
in the CO and CCl bonds we shall have the following structures :

o- o)
/ /7
R—C+ R—C*
al -
1 4

and also a new type of structure in which the chlorine is negative, not
with reference to the carbon as in 77, but with the oxygen,
o+
Y4
R—C

Cl-
iss
Thus the CO bond becomes partially a triple bond and experimental data
(Table XXXIX) show that as the multiplicity of a bond increases, so also
does the vibrational frequency of the bond, in agreement with the results
in Table XL. In addition to the above three valence bond structures,
there will also be a contribution from structure IV,
O_
/
R—C\
N\
Cl+
v
but in view of the greater electronegativity of chlorine compared with
oxygen this structure is less probable than the structures I, I, and II1.
In the carboxylic acids an additional valence bond structure occurs.
Because of the contribution of the structure VI,

O O-
R—C/ R-—C<
\OH \O+ —H
vV VI
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the single bond character of the carbonyl group is increased, with the
result that the vibrational frequency is det;lrieased.
o o In the anions of the carboxylic acids
g;“fbl: "f,f‘ﬁ“ dfﬁ';"g’gﬁjj&m‘tx the characteristic carbonyl frequency
it ¢ is absent although a characteristic
frequency of 1,350 to 1,400 cm™l,
present in the acids is retained (see
Table XLI). This is evidently due to
HCOOH 1,400 — 1,657 the fact that in the anions, both
gﬁ%%—oﬂ :’35(‘) o o OXygens are equally charged and the
CH,COO~ ,’gz,, x’ﬁs 1% two carbon-oxygen bonds are identical
’ ’ and equivalent to 1-5 bonds. The two
structures VII and VIII will thus
contribute equally to the structure of the molecule :

Molecule Frequency
om—1

O o~
/ /
R—C R-—C\
\O‘ N 0]
vit Vil

In gaseous formaldehyde and also in strong solutions of the sodium
salts of carboxylic acids, frequencies of 1,768 cm~! have been observed.
Hieeen! and KRriscHNAMURTI? noticed that in dilute solutions this frequency
decreased and there was a certain similarity of the spectrum to that of
glycol. These authors have proposed that during the dilution process the
formation of CH,(OH), occurs.

In Table XLII the values Table XLIL Vibrational F s of Carbonyl Group i
of the vibrational frequenc a . tbrational Frequencies of Carbonyl Group in
of the carbonyl grgup ix); Molecules of type R,CO R, (em~)

molecules of the type R
R, R : o
1
AN o NH, | CH, | H |OCHg| Cl
/ NH, 1,655 1,652 1,671 1,602 1,731
CeHy — 1,653 | 1,696 | 1,715 | 1,768
R, H — — — 1,71 —
are given, and the observed oc,H, — — —_ 11743 1,772
frequencies are in agreement Cl — — — — 1,810
with the resonance struc-

tures of the corresponding
compounds. In urea, (NH,),CO, a considerable lowering of the frequency
is observed on account o[Z the contribution of the structure IX to the
resonance of the molecule.
+NH,
AN
C—0O-
/
NH,
IX
This view is supported by dipole moment measurements ar.)d by other
properties. The highest frequency of the carbonyl group exists in phosgene,
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COCl,, in which structures X and XI containing a triple carbon-oxygen
bond contribute to the molecule.

O+ O+
4 4
Cl—C —-Cl C\
Cl- Cl
X X1

The groups OH, NH, and CgHj increase the contribution of structures
containing a single carbon-oxygen bond, C—O-, thereby lowering the
frequency. On the other hand, the presence of chlorine, as in phosgene
increases the contribution of the triple bond structure, C=0%, and the
frequency is thereby increased. It is interesting to note that in the molecule
NH,COCI, the negative charge is shared between the —NH, group and
the chlorine atom, with the result that the vibrational frequency of the
carbonyl group is raised to a less extent than in the other cases discussed
above.

In acetophenone CgH COCH,, the frequency of the carbonyl group has
the value 1,684 cm~! which is lower than in the case of acetone 1,706 cm—1.
This will be due to the contribution of the structure XII, thus increasing
the single character of the bond.

H,C
\C/

|
O

p.¢/ 4
In acetyldurene XIII and acetylmesitylene X1V :
HsC\ /O HaC\
/ 7
C C

Hsc\ CH, H,,C\ )\(‘CHS
/

H,C CH,

O—

o

Hs
Xur X

the frequency (1,699 cm~!) is not decreased to any significant extent?,
although it would appear that similar resonance structures involving the
ring system would contribute to the structure of the molecule. However,
conditions for resonance incorporating structures of the type XII are most
favourable when the carbonyl group is in the plane of the ring. Only
under these conditions is the transfer of the = electrons at a maximum. In
acetyldurene and acetylmesitylene, the methyl groqu in the ortho position
prevent the acetyl group from lying in the plane of the ring, the orbitals
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of the 7 electrons are thus not parallel and the electron transfer is made more
difficult. Thus structures of the type XII make a much smaller contribution
to the structure of the molecule in the case of acetyldurene and acetyl-
mesitylene and the frequency of the carbonyl group is therefore greater
than in acetophenone. In mesitylaldehyde,

H\ o)
7
C
H,C CH,
H3
XV

the aldehyde group has been shown to be in the plane of the benzene
ring!, resonance structures involving the ring will thus be possible in
agreement with the low value for the frequency of the carbon-oxygen
bond viz 1,687 cm~L
The structural formula of betaine is often given as
H,
(¢

VRN
(GH,) 4N C=0
NS

(6]
xvi

involving a four membered heterocyclic ring and a pentavalent nitrogen
atom. However, a dipolar ionic zwitterionic structure XVII is more in
accordance with modern views and furthermore is in agreement with

0]
/
(CH,);N+CH,—C
O__
xvi

the insolubility of betaine in aprotic organic solvents and its marked
solubility in water. If the cyclic structure XVI were correct, the spectrum
should contain the characteristic frequency for the carbonyl group. In
the case of the dipolar ion structure XVII, the carbon-oxygen bond would
be equivalent to 1-5 bonds and the characteristic frequency of the carbonyl
group should be absent. Experiment has shown® that in the spectrum of
betaine there is no line with a frequency of 1,700 cm=1, although lines are
found with frequencies of 1,336, 1,394 and 1,416 cm™1, Evidently the dipolar
ionic form represents the correct structure. In the same manner,
amino acids exist in the zwitterionic form *NH;RCOO™~ and give spectral
lines at 1,330 to 1,360 and 1,410 to 1,420cm~%. On conversion to the
corresponding hydrochloride, the intensity of the first group weakens
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Table XLII. Vibrational Frequencies in Amino and the second group disappears

Acids and Derivatives * (see Table XLIII)“.
The spectrum of betaine thus
Molecule Frequency reveals a marked similarity to that of
cm . .
the carboxylate anions and differs
+NH,CH,COO~ 1,331 | 1,412 considerably from the spectra of com-
EINH,CH,COOH 5 1,315 ~— pounds containing a carbonyl group.
NH,CH(CH,)COO 1358 | 1,416 This example illustrates the use
CINH,CH(CH,)COOH | 1,356 ., Of Raman spectra in the solution of
+NH,CH(C,H{)COO~ | 1,358 | 1,413 P in the 5o
CINH,CH(C,;H;)COOH | 1,363 " structure problems.
The double bond, C=C — The double

bond in cthylene and in substitution
products of ethylene gives a Raman spectrum in the region 1,600 to
1,680 cm™1. In ethylene the value is 1,620 cm~1, and on the introduction
of methyl groups into the molecule the frequency increases, as shown in
Table XLIV. In the di-substituted compounds the values for the ¢is and
trans forms are different from each other and different from that in which
both methyl groups are attached to the same carbon atom. This distinction
may be used as a method of distinguishing between isomers.

Table XLIV. Frequencies of Some Ethylenic Hydrocarbons

Molecule Frequency Molecule Frequency
cm™t cm—1
CH,CH=CH, 1,647 CH 3\
CH,CH=CH CHj cis 1,669 C=CHCH, 1,679
/
CH,
CH;CH=CH CHj, trans 1,681
CH, CH, CH,
N /
C=CH, 1,654 /C=C\ 1,674
CH,4 CH, CH,4

In the monosubsti- . .
tuted ethylenes (Table Table XLV. Frequencies of Some Monosubstituted Ethylenes

XLV), there is very
little’ change in the Molecule Freqvie;wy Molecule Frzqu::lwy
frequency as the size of o o
the substituent group is C,H,CH=CH, | 1,642 || G,H,,CH=CH, 1,642
increased and it would g,g,gg=gg, 1,242 ggé:};{égliigﬁ, 1,242
i - Sl ln=0UH, | 1,042 2 =L, 1,049
;’L‘:}%"?ﬁ;ﬁ;ﬁ;ﬁg’?ﬁi’h GUH,GH=CH, ~16s2 | CHGHGH CH=CH, 1646
¢H,;3;CH=CH,
of the frequency had
been attained. How-
ever, there are a number of substituent groups which lower the value of
the frequency by an appreciable amount (7Table XLVI) and it would appear
from the nature of such substituents that this change is associated with the
contribution of valence bond structures to the resonance of the molecule
in which the ethylenic bond has single bond, rather than double bond
character. In the lowering of the frequency, the mass of the substituent
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group may play an important part and a semiquantitative treatment for
the halogen vinyl compounds’ has shown that approximately one third of
the frequency shift can be attributed to the influence of mass and the

Table XLVI. Raman Frequencies in RCH=CH, Compounds

R Alternative structure Frequency Frequency lowering
em™1 compared to CH;CH,=CH,
CeH; +CH,—CH= o 1,631 - — 16
C=N +CH,—CH=C=K~- 1,608 — 39
Cl —CH,—CH=Cl* 1,608 — 39
Br —~CH;—CH=Br* 1,598 — 49
C=CH *+CH,—CH=C=C——H 1,595 - 52
1 ~CHy—CH=I*+ 1,581 - 66
OC,H; —CH,—CH=0+—C,H; 1,635 — 12

remaining two thirds to the resonance effect. Resonance in vinyl com-
pounds between, for example, the valence bond structures :

CH,—=CH—Cl  and -CH,—CH=CI+
is supported by the observed increase of the carbon-carbon distance, the
decrease of the dipole moment in comparison with the saturated com-
pounds and by the change of chemical behaviour. Where the resonating
groups are separated by a group which cannot partake in the molecular

resonance the characteristic frequency of the ethylenic group is retained
(Table XLVII).

Table XLVII. Ethylenic Bond Frequency where Resonance Cannot Occur

Molecule Frequency Molecule Frequency
cm™t cm—t
CH,=CHCH,0COCH, 1,649 CH,=—CHCH,Cl 1,640
CH;=CHCHOHC=CH 1,646 CH,=CHCH,Br 1,63
CH,—CHCHOHCH=—CH, 1,646 CH,—CHCHBrCH, 168
CH,=CHCH,C=CC¢H, 1,642 CH,=CHCH,C,H, 1,642
CH,=CHCHCICH, 1,640

Molecules containing both ethylenic and carbonyl groups and in which
resonance may occur, show a change in the multiplicity of both the CC
and the CO bonds. Both give reduced Raman frequencies ( Table XLVIII),
indicating an increase in single bond character. Organic radicals are
found to have the following sequence in their effect on the frequency of
the ethylenic double bond :

COOH < COOC,H; < OC,H; < CgH; << CHO <
< Cl< COCl< CN< Br< C=CH<1

Similar general behaviour is observed with the poly-substituted de-
rivatives of ethylene ; if only one of the substituent groups is effective
in changing the resonance of the molecule, the change of frequency of the
double bond is analogous to that observed with the corresponding mono-
substituted derivative. If several of the substituent groups or molecules
participate in the resonance of the molecule, however, the problem is more
complex and empirical relationships can no longer be formulated.
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Table XLVIII. Frequency of C==C and C==O Bonds in Molecules of the typ: CH,=CHR

R Alternative structure Yomo gm0 Yomo Moo
OH
e
COOH +CH,—-—CH=C\ 1,637 —10 1,657 o
o~
OR
COOR +CH,——CH==C/ 1,635 —12 1,720 —15
AN
H
/
CHO +CH,—CH=C 1,618 —29 1,692 —30
N
O—
'd O._
/
+CH,—CH=C
Cl
cocl < o 1,609 —38 1,752 —34
7
+CH,—CH=C
L a-

Allene, CH;=C=CH,, and its derivatives are an exception among
compounds containing a carbon-carbon double bond, in that there is no
Raman frequency in the range 1,600 to 1,680 cm~1, although characteristic
frequencies occur in the region 1,080 to 1,130 cm™. This may be ex-
plained by the fact that the vibration of two carbon atoms, as in the double

Table XLIX. Raman Frequencies of Triple Bond, C=C

T
Molecule Frequency Molecule | Frequency
cem™1t | cm™1
CH,C==CH 2,123 CH,C=CCH, I 2234
CH,C=CH 2,121 | C,HC=CCH, ! 2,238
(CH,),CHCH,C=CH 2,118 C;H,C=CCH, |22 38
C;H,,C=CH 2,118 CH,C=CCH, i 2,235
CH,;C=CH 2,119 i C;H,,C=CCH; t 2,233
CH=C(CH,),C=CH 2,119 C;HuCECCHgO(}]{H i 2,226
3 !
i
CH,CH,0=CH 2,120 C4H,,C=CCH 2200
OCH, |
CH,OCH,C=CH 2,118 |
CH,OHC=CH 2,118 EC sH,,C==C),CHOH | 2,250
(CH,)4(OH)CC==CH 2,120 CgH,,C=C),COH 2,236
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bond C=C, cannot occur in this molecule and will be replaced by the
valency vibration of all three carbon atoms.

The triple bond, C=C — The Raman frequency of the triple bond in
acetylene is 1,960 cm™1, on monosubstitution this value is increased to
about 2,720cm™! and with the di-substituted derivatives is raised to
approximately 2,235 cm™1 (see Table XLIX).

Bonds involving Nitrogen— The C=N bond has a Raman frequency of
approximately 2,250 cm~! in saturated aliphatic nitriles. In GgH;CN,
however, owing to the contribution of the valence bond structure with a
double bond between, the carbon and nitrogen :

N.—
I
C

N

IK /l
the frequency is lowered to the value 2,227 cm~!. In the molecule
C¢H,CH,CN, where molecular resonance involving the benzene ring can
no longer take place, the frequency has the value of 2,252cm™1. A
comparison of the nitriles and the isonitriles shows that different valence
bond structures in which the charge on the nitrogen molecule is different
contribute to the resonance of the molecules. The frequency of the CN
bond in CHGNC is less than in CH4CN by over 1oocm~! (CH,CN,
2,261 cm~! ; CH3NGC, 2,146 cm~1) which can only signify that the contri-
bution of the structure containing a double bond, viz R—N==C, is greater
in the isonitrile than in the nitrile, where a separation of charge occurs
viz R—C+=N~.

In the aliphatic nitro derivatives, Raman frequencies characteristic for
the nitro group occur at 1,383 cm™! and 1,555 cm~!. These values are
between those observed in compounds containing a single N—O bond
(approximately 1,000 cm™!) and those containing a double N==O bond
(approximately 1,640 cm™1). In nitrobenzene these characteristic fre-
quencies are lower, being 1,345 cm™! and 1,523 cm~! respectively, which
is most probably due to molecular resonance with the benzene ring and
the contribution of the structure :

o- (0]
N/
N+
l
\/
<+
in which the nitrogen-oxygen bond is single. In nitromesitylenc the
corresponding frequencies are 1,363 cm~! and 1,523 cm~. Theslight shift
_in the direction of the frequencies of aliphatic nitro compounds has been

interpreted? as indicating that the methyl groups in nitromesitylene prevent
the nitro group from lying in the plane of the ring, thereby reducing the
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molecular resonance. This view is supported by the dipole moment data
(see Chapter 10).

In dimethyl nitrosamine the molecule may be represented as a resonance
hybrid of the two structures :

CH, CH,

N
N—N=0 and N+=N—O-

/
CH, CH,

and hence both the NN and the NO bonds will possess double bond
character. This view is in agreement with the existence® of a Raman
frequency of 1,399 cm~! which lies between the single and double bond
frequencies of the NO bond (see above).

Applications of the Raman effect— In the above discussion we have seen
that the so-called characteristic frequencies may vary, being dependent
on the nature of the bond and on the adjacent atoms or groups. Never-
theless, the spectra of homologous substances have many similarities and
this fact may be used for analytical purposes. Thus impurities in, for
example, pure hydrocarbons can be readily detected by Raman spectra.

The differences in the Raman spectra of ¢is and trans isomers may be
used to identify these forms. As a result of the greater symmetry of the
trans isomer, the number of degenerate vibrations is greater and hence
there are fewer spectral lines than in the case of the c¢is isomer.

One of the earliest

Table L. Raman Frequencies in Acetoacetic Acids applicat jons of the

Molecule Frequensy Raman effect was to

a1 keto-enol  tautomerism.

Thus in the case of

CH,COC(CH,),COOCH, — | — {710 acetoacetic ester, a
CH,COCH(CH,)COOCH, 1,595 | — | 1,718 characteristic frequency
gg‘gggg‘ggggg' ke uti 1,395 ”255 L7233 corresponding to that of
9 2! gin hexane solution | 1,602 | 1,641 the C—C bond is ob-

served. In the keto
form, CH4COCH,COOC,H;, such a bond does not occur, nor does such
a bond exist in the hydrolysis products (acetone, CH;COCHj, and ethyl
acetate, CH,COOC,H,). The presence of this frequency shows that in
acetoacetic ester the enol form, CHsC=CHCOOC,H;, must exist in

H

equilibrium with the keto form. In dimethylated acetoacetic ester,
enolization cannot occur and the only observed frequency is that
characteristic of the carbonyl group (see Table L). The monomethylated
derivative shows a weak Raman line at 1,595 cm™?, which is a frequency
corresponding to the double bond C=C, together with the frequency for
the carbonyl group. The solution of acetoacetic ester in hexane gives a
Raman spectrum in which there is no line corresponding to the carbonyl
frequency and it must therefore. be concluded that this solution consists
mainly of the enolic form.

Raman spectroscopy has also been used to identify the intermediate
products of exchange reactions. Thus, for example, in the mixed crystal
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of SnCl, and SnBr, new lines occur, which have been interpreted as
indicating the existence of SnBryCl, SnBr,Cl; and SnBrCl,.

INTERATOMIC DISTANCES

For a number of comparatively simple polyatomic molecules the moments
of inertia and hence the internuclear distances may be calculated from the
rotational fine structure. In addition to the spectroscopic method, inter-
atomic distances and valency angles may also be determined by x-ray and
electron diffraction. Thus an exact quantitative picture of the molecule
may be made whenever it has been possible to make the necessary calcu-
lations. In those cases where the same quantity, e.g. the interatomic
distance, has been determined by more than one method the agreement
between the two values is generally found to be good.

The CC bond — The considerable amount of data that has accumulated
for various interatomic distances, show that it is almost a constant quantity,
almost independent of the nature of the adjacent atoms or groups but
dependent on the multiplicity of the bond. This conclusion is illustrated in
Table LI for the single bond, C—C, which for a wide variety of substances
is found to have an interatomic distance of 154 A. In the double bond,
C=C, the four bonding electrons hold the atoms together more strongly
and the interatomic distance is reduced to 1-34 A. (Values for : ethylene,
1-34 A ; stilbene, 1-33 A ; benzophenone, 1-32 A ; ketene, 135 A ; allene,
134 A). In acetylene, with six bonding electrons, the internuclear distance
is 1-20 A (values : for diacetylene, 1-20 A ; dibromacetylene, C;Br,, 1204
di-iodoacetylene, C,lI,, 1-18 A ; and in monohalogen derivatives, HG=CHal,
1-20 A).

As has been shown

previously some links Table LI, Single Bond Carbon—Carbon Distances

cannot be regarded Iteratomi ! Interatom
1 1 nteratomic nteratomic

;‘:ﬂglg ::b};:l;gos;gflebg: Molecule di.rﬁnu Molecule disﬁmca

p)

are of an intermediate

type. In benzene for Diamond 1°54 Butylbromide 155

example, the bonds have I‘f"“’"‘ 155 f’ﬁﬁfiﬁ% rok

50 per cent double bond Is?bp:t’t;ene :g: Melalde/ﬁm’e l?,{;

character and the value n—Pentane 1°54 trans-2, 3~Ethoxybutane 1'54

for the interatomic -

distance is 140 A, which Glopropane) 153 || cis-=2, 3-Ethoxybutane 154

. Cyclopentane 1'52 Tetrahydrofuran 1'54

is between the values Cyelohexane 133

for a single and a double i

bond. In cyclic mole-
cules similar to benzene, e.g. pyridine, pyrazine, pyrrole, thiophene,
dibenzyl, tetramethylbenzene, naphthalene, anthracene, chrysene, hexa-
chlorbenzene, efc, the value for the interatomic distance of the cyclic
carbon atoms varies only between 1-39 and 1-41 A. In quinone,

e

where the double and single bonds are fixed, x-ray data show that the
double bond distance is 132 A and the single bond distance 1°50 A,
There exist 2 number of compounds in which the distance between two
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adjacent carbon atoms is less than 1-54 A, although in the structural
formula the links are represented as single bonds (7able LII). This
alteration of the bond length is due to the fact that alternative valence
bond structures contribute to the state of the molecule. In these alter-
native valence bond structures, bonds normally represented as single bonds
appear as double bonds and thus in every case, owing to the partial double
bond character of these links, the interatomic distance is less than the
accepted value for the single bond, C—C (1-54 A).

Table LII. Carbon-Carbon Di in R ting Molecul
Interatomic Example of alternative
Molecule Bond disﬁnw valence bond structure
CH,=CH—CH=CH, HC—CH 1-46 CH,—CH=CH—CH,

k Z— ]

j‘/‘c 2—3 146 ‘ {

N N
CH=C—C=CH c—C 1-36 CH=CH=CH=CH
Nz=(C—C=N C—C 1-36 N= — =N
CeH,CH=CHC,H, CuiCar 144 <—>:-CH——CH—<:>

N '.
CeH,C=CC,H, Cai™Car 140 =
==
CH,C=CH C—CH, 146 +H CH,=C="CH
CH,C=C—C=CCH, &—CH, :j‘;g +H CH,—C=C=-CCH,
HC=C—CH,Hal c—C 147 +CH=C=CH,Hal
3
X =\
AL 2—3 1:46 _< 7
(o) o+
3 2_3
1/—\4 1<._.\‘ 23 1-44 <;\
7 N, .7 W4
\lf/ S +N/ R
|
H H
/ AN A\=""\V"
o=l 1—2 1:46 | |
N\ V4 NSNS
H,C—C 147 +H CH;=C=C——CH=CH,
H,C—C=C—CH=CH,
=C—CH=| 142 CHy—C=C=CH—CH,
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Although most of the data given in Table LII has been confirmed,
there is still some doubt about the value for the Cgypgue—Ceomee bond
in methylbenzenes and stilbene. The older data show small values for
Casratsi—Coromaia bonds in polyphenyls and in durene, but more recent
measurements on héxamethylbenzene® show that the length of this bond
is 1°53 A. Furthermore, there is some doubt as to whether the distance
between the benzene rings in diphenyl is less than the bond length of a
single C—C bond?0. :

The dependence of bond length on the bond multiplicity, however, is
not quite so simple as might be imagined from the data given above. This
complexity may be illustrated by a more detailed examination of diacetylene,
HC=C—C=CH. The bond length in the ‘single ’ 2-3 bond is less than

1 2 3 4
a normal single bond having a value of 136 A, i.e. it has been lowered

almost to the value for a double bond. We may consider that this has
taken place by a considerable contribution to the resonance of the molecule
of the structure HC=C=C=CH, but if this is so, it is reasonable to
assume that the bond distances in the acetylenic bonds, 1—2 and 3-4 must
be correspondingly increased. This is not supported by the experimental
data and these acetylenic bond distances have the value 1-20 A as in
acetylene. Other instances are known where the contribution of valence
bond structures, involving an alteration of the bond multiplicity, has been
shown by independent methods, which is not in agreement with the
measured bond length. Thus the dipole moment of isobutylene, 0:49 D,
suggests that structures of the type :

H+H,C

\c—c -H,

H,C

contribute to the resonance of the molecule. Nevertheless, the experimental
data give a value of 1-54 A for the C—CH, bond distance, thus indicating
the absence of double bond character. Anomalies of a similar type occur
with such molecules as tetramethylethylene, mesitylene, hexamethyl-
benzene and 2-butene. It would appear that a re-examination of the
molecular constants of molecules showing these anomalous properties is
desirable.

The CH bond—In methane the C—H bond distance is 1-09 A and in
acetylene 1-06 A. The greatest bond distance, 1-12 A is observed in the
molecule CH. It is probable that the decrease of the bond distance from
this value is related to the nature of the bonding orbitals of the carbon
atom. In CH, the bond is formed by a p electron of the carbon atom and
an s electron of the hydrogen and in CH,, C,H, and C,H, the carbon
bonding orbital is sp?, sp% and sp respectively. Before any satisfactory
theory can be made, however, more exact values for the bond distance
must be obtained. Indirect evidence in favour of this sequence is given
by the Raman frequencies which are : in CH 2,824 cm—1; in CH, 2,870 cm™;
in C;H, 3,000 to 3,100 cm~! and in C,H, 3,320 cm-1, and by the calculated
exchange energies of the CH bond which are 50, 91, 96 and g7 kcals for
the bond involving a p, sp?, sp2 and sp electron of carbon respectively.

181



THE STRUCTURE OF MOLECULES

The CO bond — For
the single C—O bond a

Table LIII. Interatomic Distances of Single Bond, C—O

Interatomic Interatomic constant characteristic

Molecule | distance Molecule distance  value of the interatomic
4 4 distance is obtained fior

. . e e . a number of molecules
32;’;‘,::‘,’ m{'f' :ﬁ ;:f,,ﬁ’.g E.%g%ﬁ,am :zg (Table LIII). The case
Paraldehyde 143 Tetrahydrofuran .. 1433 of the double bond
Metaldehyde 143 a~Methylhydroxylamine 144 C=0 is rather different
from that of the ethy-

lenic bond C=C, since
the C=0 bond is not

T - L . . )
able LIV. Interatomic Distance in Multiple Bonds between homopolar and contri-

Carbon and Oxygen

v butions from other
Interatomic Interatomic Valence bond structures,
Molecule distance Molecule distance With a separation of
4 A charge and a different
multiplicity of the bond,

HCHO 1-21 (HCOOH) 1-25; 1°36
CH,CHO 120 | HCOONa ' iay always occur. In
Cco 113 COOH aldehydes and ketones,
o OOHQH,O 1-24-1-30 for example, the struc-
115 ture > C+—O~ con-
cos 116 || Be,O(CH,COO)s| 129 yihytes to the resonance
CH=C=0 117 || CaCO, 131 of the molecule and in
gé)(&ﬁ ) 120 BH,CO 113 carbon dioxide the
L) 125 . structure O—C=0+
NH,CH,COOH | 1-25-1-27 || Ni(CO), U155 occurs. In Table LIV, the

internuclear _ distances
of this bond in various molecules is given. In aldehydes the CO bond
distance is 120 A and very probably the same distance occurs in ketones.
In urea, because of the contribution of the structure

+NH,

C—0O-

/
NH,

in which the carbonyl group has single bond character, the bond distance
is lengthened in comparison with the aldehydes. In the carboxylate ion,
both CO groups are identical and equivalent to 15 bonds, the internuclear
distance being 1-27 to 1-29 A. The data at present available suggest that
the carbon-oxygen bond distances are different in the acids, but more
exact measurements are required. In the carbonate ion CO4%~, each
Yond possesses 0-33 double bond character owing to the resonance that
exists between the three structures :

O

O‘-——C/

AN

O-—
and the distance is 1°31A. A contribution from a triple bonded structure
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will cause a marked decrease in the interatomic distance as in BH,CO, in

which resonance occurs between HgB~—C+=0 and HgB+—C=0", and
probably also in the acid chlorides where the possible valence bond
structures are
(0] o+
4 v
CH,;—C and CHy—C
Cl Cl-

The CS bond— The CS bond is very similar in its properties to the
carbonyl group. The single bond distance is 1-82 A in (CH,),S. In
thiophene it is decreased to 1-74 A and in thiourea, where similar valence
bond structures to those in urea are also possible, the bond distance,
according to X-ray data, is 1-64 A.

The CN bond— Values for the internuclear distance in the CN bond
are given in Table LV. The single C—N bond has a length of 147 A in
N(CHg)y. In pyrrole, pyridine, pyrazine, urea and thiourea it is decreased,
a fact evidently connected to the possible contribution of structures con-
taining multiple bonds :

= O N H,N+ H,N
/ \ +

HC\ /C_H j l( J 2 \C—~O~ 2 \c S-
N+ N~ N p p
}g{ H,N H,N

According to the experimental data of Boerscu!l, the C—N-—N atoms of
diazomethane are arranged linearly and it therefore follows that the
structures :
H H\
N
C=N+=N- /C'——N*aN
/
H H
will make a considerable contribution to the resonance of the molecule.
In agreement with this, the C—N distance is lower, having the value
1-34 A. In dicyanogen, methyl cyanide and methyl isocyanide the CN
bond is partly a double and partly a triple bond,

N=C—C==N N:C:C:N N-=C+—C=N
CH;—C=N CH,—C+=N~-
CH;—N=C CH;—N+=C-

and the bond distance is found to lic between 1-15 and 1-18 A,

The valency angles, in addition to the bond distances, may be deter-
mined from electron diffraction studies and the magnitude of the bond angle
may be regarded as an indication of the extent of the contribution of
various valence bond structures in which the angle is different. For
example, methyl isocyanide is generally considered as being a linear mole.
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Table LV. Interatomic Distances in CN Bond cule in which a con-

Interatomic It siderable contribution is

Moleculs distance Molecule disane.  ade by the structure

4 4 CH;—N+=C-inwhich

N(CH,), 14 C.H,N (pyrrole) r42  the nitrogen forms two
C&Hﬁé‘uN—Cﬂ. e Sg}:’% g%',‘f{";',,),) 138 o bonds at 180° to each
CHNy L4 | cOd), r37  other. However, the
CH,—N=C {x-fﬁ éa.gﬁ CS(NHL), rgs  structure CH,—N=C,
CeH, N, (Hexa-, 142 CHICN 134 @n which the bond angle
methylenetetramine) (CN)s 116 s 90°, must also make a

contribution to thestruc-
ture of the molecule. Attempts!? to measure the bond angle in methyl

isocyanate show that the angle cannot be measured with the desired accuracy
and the conclusion was made that the angle is between 160° and 180°. In
certain cases it is impossible to decide the multiplicity of a particular bond.
In dicyandiamide the arrangement of the atoms in space according to
X-ray data is :

Nl.zzAC1.zsAN1.a4Acl‘37ANH2

1.37A H,

This molecule is generally represented as having the formula

5
NH,
/
N=C—N=C
1 2 3 4\
NH,
6

I

which is clearly not in agreement with the observed bond distances. Thus
the G—NH, bond distance (1-37 A) is only very slightly longer than the
C=N (3-4) distance (1°34 A) and there is no justification for regarding
the 3—4 bond as double and the 4~5 and 4-6 as single bonds. Further-
more, the 2-3 distance, represented in formula I as a single bond, has a
value of 1-28 A, less than the 34 distance, 1-34 A, which is represented as
a double bond. Thus we may conclude that the contribution of the
structure [ is not great and that resonance between formulae 17, III and
1V involving a separation of charge, gives a more accurate description of
the molecule.

NH, +NH, NH,
/ 7 /
N—=C=N-——C\ N-——-G-:N——C\ N-=C=N+=C
AN
+NH, NH, \NH,
n I v
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Phthalocyanine is generally reprcscntcd by the structure ¥V

c c
/c —-ll\IH N —
N/ \N
N 7

(VRN
v

and X-ray data 13 have shown that the molecule is flat and that the bond
distances and angles are as given in VI The inner system of sixteen
alternating mtrogcn and carbon atoms is partlcularly interesting since this
system occurs in a number of naturally occurring substances. All the
C—N bond distances are found to be equal and have the value 1- 34.A
This fact clearly indicates that any localization of the double bonds as in
formula ¥ is incorrect and all the bonds have an equal multiplicity.
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The distance between adjacent carbon atoms in the benzene rings is 1:39 A
and that in the five-membered heterocyclic rings is 1-49 A, being a little
less than the normal value for a single G—C bond, 1°54 A, owing to the
contribution of structure of the type :

The exact position of the two central hydrogen atoms cannot be established
by x-ray methods, but since the distances between the central nitrogen
atoms are 265 A and 2-76 A it would appear that the two hydrogen
atoms form a hydrogen bridge between those two nitrogen atoms that
show the shorter interatomic distance, 2:65A. On replacement of the
hydrogen by a metal atom, the distance between the nitrogen atoms is
somewhat distorted4.

Interesting information concerning the CN bond is forthcoming from
the x-ray data of RoBERTSON® and of Hampson and ROBERTSON'® on the
cis and trans isomers of azobenzene. The trans form VII is flat and

N=N
vl
the C—N distance has the value 1-41 A, in agreement with the suggestion

that the bond will have some double bond character owing to the con-
tribution of the valence bond structure VI7I,

Q
<:§N-—N

Vil
In cis azobenzene, steric factors prevent the molecule being flat owing to
the interference of the two hydrogen atoms in the ortho position, and the
C—N—N system (the C being in a benzene ring) is not linear, with the
result that a valence bond structure of the type VIII cannot contribute to
the molecular resonance. The CN bond distance is found to be 1:46 A as
in the single bond and the molecule is represented correctly by the

formula IX.
N=N

S D

2.4
186
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The Carbon-Halogen bond—In saturated compounds containing halogen,
the CCl bond has the value of 171 A (see Table LVI). In chlorine
substituted vinyl and benzene molecules the distance is decreased (7Table
LVIT), which will be due to the contribution of structures of the type :

ar+ I+
/7 |
c

\H

H,C~—

in which the bond between the

carbon and chlorine atoms is Table LVI. Interatomic Distances in CCl Bond

double. We have already seen ] _
that in vinyl chloride the C—C I"d‘f’“‘“mw M Interatomic
bond is increased to 1-38 A, in olecule istance olecule distance
accordance with this structure.

These structures are also in CH,CI 177 CHFCl, 173
agreement with the dipole CH,Cl, 177 CFCly 1:76
moment data. In propargyl SSIC” 7 ggicéiﬂo L
chloride, H—C=C—CH,Cl, ¢ Fal S * 7
the CCI bond distances possess

the very high valuel? of 1-82 A,
owing to the contri~ Table LVII. Interatomic Distance of CCl Bond in Unsaturated
bution of the structure : Molecules

— C+=C= -
H C. 1 CHz .Cl . Interatomic Interatomic
in which the chlorine is Molecule distance Molecule distapce
in the fully ionic state.

i CH,=CHCl 169 p-CHCl 6
In phosgene the distance GHs=CHE 15 Tl -
between the carbon and chg-ccggln 6. 167 o-CH,Cl, .l e

. . - (] 1 1, 8, 53—
chlorine atoms is 1-68 A anai-ca, rans a4 5 ili_ G, | 1
173 170

and in thiophosgene Gifl, s +Cle 7

1-70 A.

In the fluorine derivatives of Tyl LVIIL Interatomic Distances of C¥ Bond
methane and chloromethanes
the variation of the CF bond is Interatomic Interatomic
somewhat complex. As is seen Molecule d”‘j"“ Molecule di\'ﬁ"“
in Table LVIII, the bond length

varies from I-42 A_ to 135 A. CH.F 142 CHFCl, 141
Pauling considers this to be due CH,F, 1:36 CFCl, 140
to the contribution of structures SFer 136 CHF,CI 136
of the type * 40 ™ 35
H H
N/
C\
F- F+

to the resonance of the molecule. This explanation, however, is not in
agreement with the dipole moment data for these compounds?®,
The data for the bromine and iodine compounds are as yet insufficient
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for discussion. The most reliable values of the bond length in CBr and
CI bonds are 1-91 A and 212 A respectively.

The NN, NO and OO bonds— The interatomic distance between two
nitrogen atoms forming a single bond is known from hydrazine in which
alternative valence bond structures are not possible, and according to the
results of GiGUERE and ScHOMAKERY?, the value is 148 A. The double
bond distance N=N in azomethane, CH;—N=N-—CHj,, is 1-24 A, whereas
in diazomethane the bond distance is 1-13 A.

The single bond O—O distance is obtained from hydrogen peroxide
and is found to be 148 A. SHAND and SPURR® established the following

configuration for ozone,
o
1~2€?/ \y26A
127A O

which is in agreement with the dipole moment data of PriLLips, HUNTER
and Surron2l; who consider that ozone is best described as a resonance
hybrid of the structures

o+ /O
VRN /
() o- O (@]
two structures two structures

The single bond N—O distance in NH,OCH, is 1-37 A. In the nitro
group, where the bonds are equivalent to 1-5 bonds, owing to the resonance
of the type

/o o~
/
CHy—N+ CH,—N+
AN
o- o

both bonds have a length of 1-21 A,

The structure of anhydrous nitric acid is interesting since the three
NO bonds are not identical and the experimental evidence?® suggests that
the molecule consists of an hydroxyl group and a nitro group. There are
two NO bond lengths of 1-21 A, and one of 1-4 A, thus corresponding to
the formula

H (o]
Not
X (o]

The Raman spectra of nitric and deuteronitric acids have been examined
by RepricH and NIELsen® who found that the characteristic frequencies
of the hydroxyl group were changed by the substitution of deuterium for
hydrogen. Solution in water brings about the formation of the nitrate ion
in which all the oxygen atoms are identical and the O—N—O bond angle

188



VIBRATIONAL FREQUENCIES IN POLYATOMIC MOLECULES

is in each case equal to 120° (sp? hybridization). The structure of the
nitrate ion will therefore be a resonance hybrid of the three forms

o- o- o}
N B L.
o’ No- & Yo o No-

in which the bond lengths are all 1-21 A.

In the oxide of trimethylamine, (CHg)sNO, the electron diffraction data
of LisTER and Surton show that the NO bond distance is 1-:36 A which
is approximately the value for a single bond. If the nitrogen were penta-
valent, the bond would be double and the distance less and evidently, in
the amine oxides, structures of the type (CHg)gN—O, make a large
contribution. In nitrosyl chloride and nitrosyl bromide the NO bond
length is decreased, from 1°11 to 114 A, which suggests that the bond is a
hybrid of the structures

N=O N=0O+*

/
X X-

and the multiplicity of the bond is between two and three.

COVALENT RADII

During recent years the application of the methods of x-ray and clectron
diffraction to the determination of the structure of molecules has per-
mitted interatomic distances of a large number of bonds to be obtained
and attempts have been made to find simple additive laws which will
describe the observed data. In the case of ionic crystals the suggestion was
made that each ion could be regarded as a small sphere, which just touch
cach other in the crystal. To cach ion, therefore, there may be ascribed
an ionic radius which is maintained by the ion in all crystals of a particular
type, for example, in which the coordination number of the ion remains
the same. For different coordination numbers of a particular ion, it is
necessary to give different ionic radii.

Although the idea of ions being likened to rigid spheres which are in
contact in the crystal state is clearly incorrect when we consider the wave
mechanical conception of a molecule or an ion, it has proved of considerable
use in studies of the solid state. In the same way also, radii may be ascribed
to atoms taking part in a covalent bond, such that the addition of the
radii gives the interatomic distance. In this case, different values of the
radius will have to be taken, depending on whether a given atom is taking
part in a single, double or triple bond. For the construction of a table of
covalent radii, half the measured bond lengths in homonuclear molecules
are taken. By this means the radii of the atoms in Cl,, Br,, Na, e
may be obtained. The covalent radius of nitrogen is taken as half the
N—N single bond distance in hydrazine, and the double bond distance
is similarly obtained from azomethane.

The conception of a covalent radius may be tested by considering the
hydrides. The covalent radius of the hydrogen atom as measured from
molecular hydrogen will be half the bond length, ziz 0:37 A. In Table LIX,
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Table L1X. Covalent Radius of Hydrogen determined from Hydrides the value of the covalent
radius of the hydrogen
Half of atom has been deter-

Interatomic | interatomic | Covalent .
Bond Molecule distance distance radius of mined from the data for

H—X H—X X—X | hydrogen the hydrides, and it is
4 4 4 seen that the radius
varies from 0-37 to

HH H, P 037 ogy 020 A. This variation
C—H CH 12 077 035 might possibly be
C—H CH, 1-09 077 032 attributed to the vari-
C—H C,H,, HCN|  1-06 077 029  ation of the ionic
N—H NH 104 074 30 charactt}r 9f the bond ;
N—H NH, 1ot 074 o027  that this is not so, is
O—H OH 097 074 023 shown by the fact that
O—H H,0 097 074 023 for the case of the most
homopolar bonds e.
S_H S I . . polar bon g
Fh | Hb osd | 0% | 0% H-H, H-I, H-G,
Cl—H HCl 1-27 0-99 028 the variation 1is still
Br—H HBr 142 114 028 Jarge, bing from o-27
—H HI - I . to 0-37 A, whereas in
Li—-H LiH ‘.gg ‘gg gg; the series H——Cl, H—Br
Na—H NaH 1-89 1°54 035 and H—I, where there
K—H KH 224 1:96 028 js a marked change in

the ionic character of
the bond, the value of the radius is almost constant (0-27-0-28 A).

The experimental value of the internuclear distance in gaseous sodium
chloride is 2-51 A ; the sum of the covalent radii is 2:53 A whereas the sum
of the ionic radii is 248 A. In obtaining this figure, allowance has been
made for the decrease, by about 11 per cent, of the ionic radii in the
gaseous molecule compared with that in the ionic lattice. A similar result
is obtained in the case of sodium bromide and iodide. Since the radius
of the positive ion is less, and that of the negative ion is greater, than the
corresponding covalent radii, it would appear that differences have been
compensated.

In order to improve the agree-
ment between the calculated and Table LX. Covalent Radii ()
experimental values, Pauling® ;
has taken average values. Thus,

for fluorine the radius is taken as H G N o F
0'30-0°37 077 074 074 072
. o f
064 A rather than o2 A, for ) s M S

hydrogen 0-30 A instead of 0-37 A.

In Table LX, these values of the ';’4 vy vie 104 9

covalent radii for several elements ;‘4 x_G;z l‘;‘:‘ ff7 f{ .
e given, as correcte b

are gien, ected by ¢ Sn | Sb | Te 1

Shomaker and Stevenson?®,

In Tables LXI and LXII, “9° |74 |4t | v37 | 133
experimental values of bond
lengths are compared with the
sums of the covalent radii and it will be seen that the agreement is not
good. Nevertheless, the idea of covalent radii is often useful in spite of the
lack of a theoretical basis, since they permit an approximate evaluation of
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Table LXI. Comparison of Exterimental Values of Interatomic Distances
and Sums of Covalent Radii for Halogen Compounds (A)

Element| Compound F Cl Br I
expt. cale. expt. cale. expt. cale. expt. calc.

B BX, ) 130 162 174 1-89 187 20 — —
(o] CX, 1-36 1°49 176 1-76 1°94 x~9§ 2'15 2°10
N NOX+t — — 198 173 214 1-88 — —_
o OX, 141 146 168 17 — — — —
Si SiCly 154 189 2'00 21 2'14 2:31 2:43 2°'50
P PX, 152 1-82 2:00 2'09 223 224 2:52 2'43
S SX, 1'57* 176 200 2'03 — — — —
As AsX, 172 193 2:16 2°20 2:36 2:35 2:58 2'54
Sb SbX, — — 237 2:40 2:52 2'55 275 274
Pb PbX, — — 2:46 2:43 — — — —
Cd CdX, — — 2:23 2:44 2:3) 2'59 2:56 278

* Obtained from data for SF,

t Tl)\(«}\llirge_‘.increue of the NX bond length in NOX is evidently due to the contribution from the structure

Table LXII. Comparison of Experimental Values of Interatomic Distances
with the Sum of Covaleat Radii for Bonds involving Carbon (4)

Experimental Sum of Experimental Sum of
Bond value, from radit Bond value, from radii
X—(CHy)n X—(CHg)u
B—C 157 167 P—C 1-87 1-87
Al—C 2-05 2:11 As—C 1-98 1
Si—C 1-93 194 O0—C 1:42 1:51
Pb—C 2-25 2-21 S—C 182 1-81
N—C 147 151

Table LXIII. Interatomic Distances in Gaseous Alkali Halides (4)

Difference Difference Difference

Cs |(CsX—RbX)| Rb | (RbX—KX)| K | (KX—NaX)| Na

1 341 o015 326 003 323 033 2'90
Difference

(MI—MBr) 027 0°20 029 026

Br 314 008 306 012 2'94 0°30 2:64
Difference

(MBr—MCl) | o-08 o017 015 013

Cl 3-06 017 2-89 010 279 028 2:51

Note—In the vertical column are arranged the differences between the radii of the
cations, and in the horizontal columns the differences in the radii of the anions,

the bond lengths in molecules where direct measurement has not been
mat}:. The deviation from the correct value is generally not greater than
02 A,

The additivity of the ionic radii of the alkali metals*” and of the halogen
anions is shown in Table LXIII, where it is seen that the divergence is of
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the order of 01 A. The closer agreement is not surprising as_the ionic
radii of the halogens and the alkali metals are originally obtained from
the measurements of the interionic distances in sodium chloride, potassium
chloride etc.
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In Table LXVII the refractions of atoms of the inert gases and of several
molecules isoelectronic with the inert gases are given. The refraction has
a minimum value for each period at the inert gas, in which the electrons
are located in the field of one nucleus. As the number of atoms in the
molecules is increased, the electron cloud becomes more and more decentx:al-
ized and polarization increases. Similar behaviour is noticed with the iso-
electronic ions with one negative charge, ¢.g. F~(2:42) and OH~(5:10) ;
Cl—(g-0) and SH—(13-2). It is interesting to observe from Tables LXVI and
LXVII that the refractions of thehydrogen halides are approximately
three quarters of the values for the cqrresponding negative halogen ions.
This may be related to the fact that .. - ; ;
in the lons F-, Gl-, Br and 1~ Table-LXVIL Refacton of Ludectronic Atams
there are eight outer electrons where- '
as in the corresponding isoelectronic ~ Ne JF | H,O | NH, gﬂé
molecule, two of the eight outer elec- 1© | (1'9) 375 | 567 5
trons are bonding electrons, leaving A, HCl | H;S | PH, | SiH,
six, i.e. three quarters of the total, 42 67 o57 | 117 11°34
capable of being polarized

Let us now consider the effect of 6}_{' HB&' H,Se
the variation of charge on the refrac- 87 | 91 1202
tion of isoelectronic molecules. Asis  Xe HI
shown in Table LXVIII therefraction 104 | 137
falls with a decrea,se in the ne_gatlve In order to convert values of the polarization, or
charge and falls still farther with the molecular or atomic refraction into polarizability it is
formation of a positive charge. But "< o divide by 4nV = z52 X 1o,
the decrease in negative charge and the increase of positive charge is also
accompanied by an increase in the number of nuclei between which the

electrons are distributed. This will in itself
Table LXVIIL.  Refraction of Isoclec- bring about a decrease in the refraction and
tronic lons and Molecules (cc) therefore the change of refraction with charge

is not so great as is indicated by the data in

O™ 69 Table LXVIII. Nevertheless, it is interesting

gl'g 51 NH g, tomote that the refractions of O%?-, OH~and

10, 375 s, 597 H,O are approximately in the same ratio as
Hy,O%" 3-04 NH,* 41 2 ..

that of the outermost electrons not participat-

ing in the formation of bonds, .. 8 : 6 : 4.
The refractions of bonds containing hydrogen are given in Table LXIX.
These values have been obtained from the refractions of the corresponding
Eglegﬁ;erbzf g(‘)‘r’:g;“g Tlﬁﬁ Table LXIX. Refraction of Bonds Containing Hydrogen
refraction of the bonds of '
elements of the second period
with hydrogen, are very simi-
lar, whereas those with c—H (CH,) 169 | Si—H (SiH,) | 30
elements of the third period g—_—_g $¥IH(5)) lgg g:g ((II-’IHS’)) 3‘85
increase considerably. The 3 r 3 A
refractions of they bond, F—H (HF) () | C—H (HQ 2'7
O+—H in HO+ (Table
LXVIII) is 1-01 cc whilst that of NtY—H in +*NH, (Table LXVIII) is 1-02 cc.
Both these values are considerably less than the corresponding values for
O—H and N—H (Table LXIX). As expected, the refractions of bonds in
anions are greater than in the corresponding neutral molecules. Thus in
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(CN), the CN bond has a refraction of 53 cc whereas in CN~ it has the
value 8-3 cc. The latter value is also greater ‘han the values for CO and
N, (4°4 cc), which are isoelectronic with CN™-,

Table LXX. Refraction of Bonds ContainingOxygen |, A C?mparison.()f the
f e I08en refractions of different
Refragtion i Refraction i Refraction i

Motete | “ESsond” | ot | "G hond” | Motte| iyionin types of bonds between
e P P oxygen and carbon,
O 33 Si0*, 361 SO 8 able shows that

CO,~ 11 $i0 . O° 37 .
co' 4 ' ©46 || %o, 49 two factors may bring
about an increase in the

value of the molecular refraction, an increase in the multiplicity of the bond
and the appearance of a negative charge. The first effect is shown by a
comparison of the values for the carbon oxygen bonds occurring in esters,
CO; and CO. In CO 327, each bond possesses only one third double bond
character, but owirg to the two negative charg,es, the refraction of the bond
is greater than i, CO,. Similar behaviour occurs with SiO, and SiO,42~ and
with 593, in which each bond possesses one third double bond character
OWIN® o the resonance between three structures of the type
O_.
/
O = 8%+
N
0_
and SO,, in which the bonds possess one half double bond character owing
to the resonance between two structures of the form

S+
O/ AN

Organic compounds— For a large number of organic compounds it is found
that the bond refraction is an additive quantity. As an example of this
relationship between the number and type of bonds and the molecular
refraction, Table LXXI gives the differences in the values of the molecular

Table LXXI. Additivity of Refractions in a Homologous Series

Difference as Difference as
Molecule Refraction compared with Molecul, Refracti pared with
c previous member l 3 previous member
n—Pentane 2528 n—Nonane 4378 465
n—Hexane 29-86 458 n—Decane 4841 463
n—Heptane 34'51 468 n~Undecane 53°06 465
n—Qctane 3913 462 n—Dodecane 57:67 461

refraction of neighbouring members of a homologous series ; these are found
to be almost constant. Furthermore, the refractions of isomers are found to
be the same, e.g. 0-xylol, 3575 ; m—xylol, 359, and p-xylol, 35-69. From the
molecular refractions the bond refractions may be obtained and the values
for some typical bonds are given in Table LXXII. The bond refraction
increases with the multiplicity as is shown by the data for the CC bond :
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C—C, 1-25; C=C, 416; C=C, 6-4. The transfer from a single to a
double bond increases the refraction by 2-91 cc and the transfer from a
double to a triple bond increases the refraction by the smaller value of
2-24 cc. Thus it appears that for carbon, the o electrons are polarized less
than the 7 electrons. This is not so, however, with the O—O and N—N

Table LXXII. Bond Refractions

Bond Refraction Bond Refraction Bond Refraction

cc o« cc
C—H 1-69 C—Br 937 C=C 64
C—N 1°54 C—I 14'55 C—O 151
C—F 172 C—C 125 C=0 338
C—Cl 653 C=C 416

bonds. The refraction for the single O—O bond may be obtained from the
data for hydrogen peroxide and from organic peroxides and peracids and
the values obtained are given in Table LXIII, from which the mean value
for the O—O bond is taken as 2-25 cc. The refraction of the normal oxygen
molecule is 409 cc and the second pair of bonding electrons produce a

Table LXXIII, Refractions of Peroxides

Molecular Bond Molecular Bond
Molecule refraction | refraction Molecule refraction | refraction
cc cc cc cc
H—O0—O—H 581 2:21 CH;O0CH, 15°40 2:15
CH,O0OH 1074 2:31 CH,00C,H, 2009 2-22
C,HOOH 1518 2:17 C,H,O0C,H, 24'72 2:23
(CH,), CHOOH 2001 2'33
|

refraction of only 1-84 cc i.e. less than that produced by the first pair.
Similar behaviour is noticed with nitrogen. The refraction of the single
N—N bond, may be obtained from the molecular refractions of hydrazine
and the value obtained is 1-72 cc. In molecular nitrogen, where the atoms
are bound by a triple bond the molecular refraction is 4-4 cc. Thus the
contribution from the four = electrons is 2:68 cc, i.e. 134 cc for each pair of
7 electrons, which is a smaller value than that obtained for the ¢ bond.
This difference between the behaviour of carbon and of oxygen and nitrogen,
will be discussed again in the next chapter from the point of view of the
bond energies.

The refraction of molecules may be calculated by the addition of the
appropriate atomic refractions. It is necessary to add to the sum so obtained
additional quantities corresponding to the multiplicity of the bonds in-
volved. For a large number of molecules, the calculated and measured
values of the molecular refraction agree, within the limits of experimental
error. In molecules containing a conjugated system of double bonds,
however, deviations from the additivity rule occur, the experimental value
always being greater than the calculated. The difference, R,,,~ R, may
be termed the refraction exaltation and values are given for a variety of
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Table LXXIV. Exaltation of Molecular Refraction for Molecules with Conjugated Double Bonds
Molecule Exalta Molecule |Exalta-
tion cc tion cc
CH,=CH—CH=CH, 1°42 || CqHy—CH=CH—CH==CH, 474
CH,=C—CH=CH, 088 | @ H—CH=CH—CH=CHCH, 471
H
: C,H;—CH=CH—CH=CHCH,CH, | 5-40
CH,CH=CH—CH=CHCH, 146
C,H CH
S o o
H=CH—CH=CH 68
CH;=CH—CH=C 173 CH—CH=CHC *
CH
CH, ?
CHy=C——C==CH, 075 || CGeHs /CH,
=CH—CH=CHCH,CH 414
Hl Hl \
CH,CH=CH-—CH=CHCH,CH, | 1-96 CH,
CH, CeH;—CH=CH—C,H, 6-20
CH.=G—CH=< 086 | CH—CH=C—C,H, 398
H, CH, H,
H,CH=C—CH=CHCH .
CH, : %% | 0gH,—CH=CH—CH,—CH, 635
H,
CH,=CHC==CCH==CH, 207
C¢H,—CH=CH, 116
CH,—CH=CHCH, 131 CoHs—CH=CH~CH=&§_I;;2;Hs (3-5)
CH,—C=CH, 077
C4H;—CH=CH—CH=CH—C,H; | 789
H, (cis-cis)
C¢Hy—C=CHCH, 082 ||CH=CHCHO 062
H, \ CH,CH=CHCHO 1-36
/
CH ,—C=C\ o5y | CHy==CHCN 031
H, CH, CH,CH=CHCN 082

molecules containing a conjugated system in Table LXXIV. In all such

compounds, owing to the contribution of the structure CH,—CH=CH—CH,

to the resonance of the molecule, carbon atoms 1 and 4 have partly the
character of free radicals and very probably the exaltation is caused by this
property, since the number of electrons used in bond formation by the
terminal carbon atoms has been reduced. The replacement of a hydrogen
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Table LXXV. Exaltation of Molecular Refraction for Cyclic Compounds

Molecule Exaltation Moleculs Exaltation
¢ o

H

CH, &H‘
2:45

5'53

H, H,
280 ;2 376
H,
244 H, >04

S 3 S

5

2 t ]
2:97 CH
3
HC—CH, 395
H,
H, 1-30 ci
/ 3
H,
o5 | -
2 <8> 8-03
2 <>—O 1.80

atom by a methyl group on a carbon atom forming part of the conjugated
system, i.e. not a terminal carbon atom, as in 1-methylbutadiene (isoprene),
2,3-dimethylbutadiene and a-methylstilbene, considerably lowers the
exaltation. Molecules containing double bonds which do not form part
of a conjugated system, e.g. CH,=CHCH,CH,CH=CH, (diallyl) or
C¢H,CH,CH=CHCH,CH,CHj; do not show exaltation of the molecular
refraction.

The absence of exaltation in a number of conjugated ring systems such
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as benzene, dihydrobenzene, hydrindene, tetralin, cyclopentadiene,
cycloheptadiene, cyclo-octadiene is not clearly understood. In polycylic
systems, exaltation does appear (Table LXXV) and increases with the
increase in the number of rings. For a-methyl derivatives of naphthalene
and anthracene, the exaltation is somewhat less than for the f-derivatives.
Comparison of the 1, 2— and 1, 4-dihydronaphthalenes shows that in the
former compound there is a small exaltation (1-30 cc), probably due to
the contribution of the structure

H,
/\I\H
]2
A

to the resonance of the molecule. With the latter compound however the
double bond is isolated in the 2, 3-position and the exaltation is consid-
erably reduced (0-27 cc).

One of the main difficulties in the interpretation of refraction data, is
that reliable measurements, such as those given by EGLOFF®, are not always
available and many of the values recorded must be regarded with sus-
picion. Furthermore, in the majority of cases, extrapolation to infinitely
long wavelengths is not possible owing to the lack of data. It is true that
if the substance absorbs in the far ultraviolet the difference between R,
and R, will be small, ¢.g. for benzene R, = 26:19 cc and R, = 25:12 cc,
and comparisons of the values for different substances is permissible, but
for molecules which absorb in the longer wavelength regions the exaltation
may depend considerably on the wavelength at which the refractive index
was measured. As an example of this behaviour, the data® for p-nitraniline

Table LXXVI. Variation of Exaltation of Molecular Refrac- aredglf’en. in Table hLaXX [;I )
tion of p—Nitraniline with Wavelength and 1t 1s seen t_ t t' €
variation of exaltation with

Wavelength A| 4,358 | 5.460 | 5,700 | 6,707 | oo (extrapolation) wavelength is very large.
Evaltationcc | 1485 | 701 | 640 | 323 P The exalt.atlons of mole-
cular refraction for a number
. : of strongly polar substances
yryT p 1444 AdA]L 1. 42 . -
Table LXXVIL. Polar Mf;flml” Refr * Y are given in Table LXXVII
and it would be of consider-

Molecul Exaltati Molecule Exaliation able interest to determine
o “ the influence of the reson-
2,3-Dinitraniline 09 | o-Nitrophenol 28  ance of the molecule on the
2,4-Dinitraniline 2'1 m-Nitrophenol ~1'06 ltati I .
2, g':"'."“’".f':"‘ —0'9 p—thDmphma’l, . —4'90 exaltation. In certain cases
~Dinitraniline o2 2,4—-Dinitropheno 21 3 1
g:i, -IT!rinitmniline 17 23—-D:’nilr$lmwl 1'g the exal;atlon 15 very lOW, a
Nisrophenylendiamine co || 26-Dintrphenat | a4 fact which may be related
i£ * 1. phmo * ‘e .
g_x?m-a-u napzthhﬁaa:{m —og s:g:gxinilwpmf 17 to a small contribution from
~Nitro—-a-napht, ine | —164 X initre 2°0 H 1
2,6-Dimethyl-y-pyrona vos || ¥ohss Reions’ | a3 the ionic form. In general,
however, the existing data

* All data given in this table have been obtained from refractions is insufficient for any general
extrapolated to co. The data used for the calculated values were d- .
obtained from b and the bstitution products of benzene. A1SCUSS1ON.

DIPOLE MOMENTS AND THE IONIC CHARACTER OF BONDS

In the diatomic molecule, which must form the basis for a discussion of the
experimental data on dipole moments, the relative contributions of
the covalent and ionic forms determine the magnitude and direction of
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the dipole moment. Molecules containing a purely homopolar bond do not
possess a permanent dipole moment as i1s shown by the data for diatomic
molecules consisting of identical atoms. However, in Chapter 3, it was
found necessary in order to improve the calculations of the bond energy
and interatomic distance of the hydrogen molecule, to consider in addition
10 the homopolar form, H—H, the ionic states H-H* and H*H~. Never-
theless, it would be incorrect to ascribe any polarity to the hydrogen molecule
as the contribution of the two ionic forms is exactly equal and the electron
cloud due to the two electrons forming the bond is symmetrical. ‘The absence
of a permanent dipole moment has been proved for all homonuclear diatomic
moleculgs, e.g. Hy, Ny, Oy, Cly, Bry, I, etc. .
It is possible to show that for covalent bonds between different atoms,
the dipole moment does not exceed o1 D. For a purely ionic bond the
dipole moment g must be equal to T T
p=ced
where ¢ is the charge and d the distance between the centres of the ions.
Intermediate values of the dipole moment show that the bond is neither

entirely covalent nor purely ionic, but is formed by a superposition of the

covalent and jonic forms; a comparison of values of dipole moments of
different bonds permits a quantitative assessment of the contributions of
the covalent and ionic forms in a bond to be made. It is necessary to
appreciate, however, that the magnitude of the dipole moment is dependent
on two factors, the charge and the internuclear distance. Thus for a
comparatively small effective charge, the dipole moment may be significant
if the bond length is considerable. A more significant characteristic of
polarity than the dipole moment would perhaps therefore be the ratio
between the observed dipole moment and the interatomic distance.

From the experimental values of dipole moments it is possible, in a
number of cases, to make a semi-quantitative evaluation of the weights of
the various valence bond structures contributing to a bond (see Chapter 18).
These calculations must be regarded as only approximate since the bond
is described in terms of the Heitler-London theory with the superposition
of ionic states. The results cannot, therefore, be more precise than is
permitted by the Heitler-London approximation. Nevertheless, the cal-
culations are of significance since they permit an assessment to be made
of the more important structures contributing to the bond and thus assist
in predicting and explaining the reactivity of bonds.

According to Pauling, a bond in a diatomic molecule may be regarded
as a resonance hybrid of only two structures, the ionic and the covalent;
the contribution of the transitional structure is thus assigned partly to
the ionic and partly to the homopolar states (in Chapter 3, and in particular
in Chapter 7, it was shown that the wave function for a bond may be
represented by a combination of the following functions : ¢,(1)¢s(2)
-+ ta(2) (1), representing the homopolar molecule ; (1) (2)¥s(1) $a(2),
representing the transitional structure and ¢,(1)¢(2) + ¢(1)¥s(2) repre-
senting the ionic structure). This treatment causes, in general, an over-
estimateé of the contribution of the ionic structures, as for instance the
O—H bond in H,0, which Pauling does not consider to be correct (see
Dvatkina?). The calculation of the contribution of the transition structure
and its separation from the other two structures is most important since it
is in the transitional structure that the quantum mechanical concept of
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exchange occurs and as we have seen, it is the exchange energy which is
largely responsible for the stability of the molecule.

During the following discussion we shall employ wherever possible dipole
moment data obtained from measurements on gases, since these values are
the most accurate. When such data are not available the values are taken
from measurements on dilute solutions in non-polar solvents. Such values

Table LXXVIIL, Dipole Moments and Weights of Structures 215, _demoted by the sub-
tn Hydrogen Halides script s. .
Table LXXVIII gives the

Bond | Divols Tntermuclear Weights of bond strucsures per et dipole moments and the
ond | Dipols momens | - dist . Tonic | Transitiomat Calculated weights of struc-
tures for the hydrogen

H—F 200 0'92 32 3 35 N .

H—al 103 ra 71 8 a3 halides. The data show, in
—Dr > . . K4

H-—I o e o $ 8 agreement with the chemical

behaviour, the increasing
homopolar nature of the bond in the series, HF, HCl, HBr, HI, the tran-
sitional structure in each step making a greater contribution than the
ionic structure.

The resultant dipole moment of a polyatomic molecule is conditioned by
the presence of polar groups and bonds, each of which may be regarded as
having its own dipole moment ; the total dipole moment of the molecule
is obtained by adding vectorially the moments_of all'the bonds, This pro-
cedure is supported by the data of EuckeEN and MEYER® and may be
illustrated by considering the water molecule. The water molecule is
triangular in shape, with the H—O—H bond angle having the value 105°.
The resultant moment of the molecule will therefore be the vector sum of
the moments of two O—H bonds. From the experimental value for the
water molecule of p = 1-84 D and the formula that

2p0,C08 52° = 1-84
we obtain
Mog= 161D
Making a similar calculation for dimethyl ether we obtain pa,_o = 1-12D.

Applying these values to methyl alcohol which contains one CH;—O and
one O—H bond,

o)
Hsc/ N

we find that the calculated value, 1-71 D is very close to the experimental
value 1-69 D.

Table LXXIX. Relative Weights of Valence Structures

Dipole Dipole Weight of structures
moment of Valn;‘q Bond o/mmt ll.?mul per cent
Molwuls | ol - D Homopolar | lonic | Transitional

H,0 184 105° O—H 15t 093 53 18 2
CH.).0 12 e® | O—CH, | ri12 142 7 7 1

1 109° N-—H 142 101 5 15 8o
N(dl-l,), 065 110° N—CH, o6t 1'47 5 5 10
H,S 0'93 92° s—H 06y 185 82 3 15

206



DIPOLE MOMENTS

The vector addition of dipole
moments is only permissible if the

Table LXXX.
Relative Weights of Valence Structures in H,0

weights of the- ionic states in the

various bonds does not alter signifi- Structure Weight of structure
cantly in the various compounds, such per cent

as would be produced if molecular

resonance occurred ; in these cases Homopolar

only is it possible to assign definite H—O—H 27
values for the contributions of the Single ionic form

various valence bond structures, The H O™—H 2X95=19
data for the bonds OH, OR, NH, Double ionic form

NR and SH are given in Table HY O~ H* i 4
LXXIX and the weights of the various 7,4isional LI 31
structures contributing to the bonds Transitional -1 8
have been calculated and are given Transitional Ir-1r 11

in Tables LXXX to LXXXVII.

It is possible to make certain general deductions from Tables LXXX

Table LXXXI. Relative Weights
of Valence Structures in CHyOCH,

Structure Weight of structure
per cent
Homopolar
CH,;—0O—CH, I 57
Stngle ionic form
+CH, O——CH, Vil 2 X §=10
Double ionic form
+CH, O* +CH, II 1
Transitional i3/ 27
Transitional I-117 3
Transitional - 2

to LXXXVII. The contribution of the
entirely ionic structures of the type
suggested by Kossel, in which the
electronic structure of the ions re-
sembles that of an inert gas, is found
to be insignificant. Thus in water the
contribution of the structure
H+O2-H+ is 4 per cent whereas in
dimethyl ether the corresponding
structure tCHz; O2- +CH; contri-
butes only 1 per cent. This observa-
tion must be connected with the small
affinity of oxygen for two electrons,
i.e. although the electron affinity of O
is considerable, that of O~ is negative.

The single ionic structures are, however, significant, the contribution

of the forms H* O-——H and H—O-
H+ being 19 per cent.

In ammonia there is no evidence for
the existence of the triply ionic form
(Table LXXXIIIT) a fact which is ex-
plained by the exceptionalendothermic
nature of the reaction N—N3-. Ofthe
possible ionic structures of ammonia,
only H, N—H* (13-5 per cent) appears
to be of significance. The ammonia
molecule is a trigonal pyramid with
the nitrogen atom at the apex and
the three hydrogen atoms in the plane

of the base. The NH bond length +CH€ ”gl.f.ioﬁiiﬂ ™ w
is 1-01 A and thedistance from the apex

of the pyramid to the centre of the

base is 0-3 A. If we assume that there g’“""‘i"""l
is one negative charge at the apex of

Table LXXXII.
Relative Weights of Valence Structures in CHyOH

4 ¢ bructure Weight of structure
per cent
Homopolar
CH,—O—H 36
Single ionic form
s—O~ H*t~ b/ 4 16
Single ionic_form
+CH, O——H m 3
2
Transitional -1 23
i I-I11 13
emaining transitional 7
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Table LXXXIII.
Relative Weights of Valence Structures in NH,

Structure Weight of structure
per cent
Homaopolar H
H—N 1 16
H
Single ionic H
/
HiN- II | 3X45=135
AN
H
Double ionic
orm H* ;
H — N2~ ur 3 X 1'3= 39
Ht
Triple ionic
Jorm H-

H+ N3— 1w 03
Transitional I-11 273
Transitional 1-11r 15
Transitional I-1v 3
Transitional -1 15
Transitional 1-1v 4
Transitional HI-1v 2

the pyramid, i.. on the nitrogen
atom, and one positive charge in the
centre of the base, i.e. shared equally
amongst the hydrogen atoms, then
the dipole moment will be, u=48
X 10710 X 0'3 X 1078 =144 X 10718
es.u, which is close to the experi-
mental value of 146 X10718 es.u.
We may thus obtain an approximate
picture of the nitrogen molecule as
having a single negative charge on
the nitrogen atom and one third of a
positive charge on each of the hydro-
en atoms. From this argument it
ollows that the nitrogen must be
essentially divalent.

Homopolar structures make a sig-
ficant contribution in all the molecules
observed and their weight increases

in the series water, alcohol, ether
(27, 36 and 57 per cent respectively).
In hydrogen sulphide-the contribution
is much greater than in water (67
compared with 27 per cent). Re-
placement of hydrogen by a methyl
group causes a gradual increase in
the contribution of the homopolar
structure in amines, the values for
ammonia, primary, secondary and
tertiary amines being 16, 24, 38 and
61 per cent respectively. In methyl-
amine, the structure with a positive
charge on one hydrogen atom i..
CH, “NH H+ makes a contribution
of 6-8 per cent whereas the analogous
structure with a positive charge on
the carbon, +CH; "NH,, makes an
insignificant contribution. This ob-
servation is in conformity with the

Table LXXXIV.
Relative Weights of Valence Structures in CHyNH

Structure Weight of structure
per cent
Homopolar H
CH;—N I 24
H
Single ionic
form (two) Ht
CH,—N~ " 2 X 6.8 =136
H
Single ionic H
Sorm /
+CH; N~ 1
H
Double
ionic form Ht
CH;—N#* 2
Ht
Double ionic
form (two) Ht
s N7 2X 1 =2
AN
H
Triple ionic
Sorm Ht
+CH,; N3- o1
H+
Transitional 1-I1 42
Remaining transitional 15
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fact that the single bond C—N is
more homopolar than the NH bond.

Table LXXXVI.

Relative Weights of Valence Structures in N(CH,) 5

The data show that the transitional
structures make important contri-
butions to the structure of the mole-

Structure

Weight of structure
per cent

cules and may not be ignored. In this
respect our data differs from that of
Pauling who did not- consider the
transitional structures separately.
Comparison of the dipole moments
for NH,, PH; (055 D) and AsH,
(016 D) show that the PH bond is less
ionic than the NH bond, whereas the
AsHbond s almost entirely homopolar.
From the dipole moments of the halides
of phosphorus, arsenic and antimony
it is possible to calculate the contri-

CH,

CH;

CH,

Homopolar
N —CHy I

Single ionic form
(three)
- +CH, II

CH ,/

butions of the ionic states in these *CH,

Double ionic
Jorm (three)
N*—CH, 1lI

61

3X 33 =099

3 X 016 = 05

Table LXXXV. Relative 'V :ig'i!s
of Valence Structures in (CHyg) JNH

Structure

Weight of struciure
per cent

CH, Homopolar
N — H 1
CH,
CH;  Single ionic form
N- H' I
CH,

Single wonic
+CH,

form (two)
- m

CH,
CH, double ionic
AN Jorm (two)
Ht IV

N
+CH

: double
ionic form
|4

+CH,

N*~ —H
+CH,
+CH,
+CH,
Transitional I-I1

Transitional -1
Remaining transitional

triple ioni. form
N~ Ht vI

38

2X2=4

2X07=14%

21

14’5

SM.—14

+CH,

+CH,
+CH,

Triple ionic form
N~ +CH, IV o

Transitional I-Ir 23
Remaining transitional

molecules. The polarity of the bonds
decreases in the series fluorine,
chlorine, bromine and iodine :
AsFy p, = 2:65D; AsClyp,=2-15D;
AsBrg, p, = 16 D ; Aslgu, = 1r0D.
The values of the dipole moments of
phosphorous halides are less than
those of the corresponding halides of
arsenic, whereas the values for anti-
mony are greater. Thus, for example,
the dipole moments of the bromides
are : PBry, p,=o06D; AsBr,
u,= 16 D ; SbBrg, u,=2-5D. This
change indicates the increase in the
ionic character of the bonds and is
in agreement with the general con-
ception of the electropositive character
of these elements,
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Table LXXXVII The dipole moment of nitrogen

Relative Weights of Valence Structures in HyS  trifluoride NF, is almost zero, which
- indicates, since the shape of the mole-
Structurs Weight of structure cule will be a trigonal pyramid as
per cent in NH,, that the N—F bond is

Homapolar homopolar, notwithstanding the high
H—S—H I 61 electronegativity of fluorine. This
may be explained by the fact that
the positively charged, divalent state -
7| 2X25=5 of nitrogen, as distinct from the nega-

Single ionic form (two
Ht "S——H )l

Double ionic form tively charged, divalent state, is

S Bt 1774 o1 improbable. In oxygen compounds
- the contribution of the positively

Transitional -1 24

Remaining transitional 99

charged trivalent state —O*  is not

great, the contribution of the corresponding state is, however, greater in
sulphur and greater still in selenium. In the case of S,Cl,, p, = 16 D and
for Se,Cly, p, = 2'6 D and most probably the structures

Set=Se Se=Se*
/ and AN
Cl Cl- Cl- Cl

are present to a greater extent than in the corresponding sulphur compound.
TeCly has the large moment of 2:54 D which is explained by the irregular
tetrahedral arrangement of the bonds as shown by electron and x-ray
diffraction measurements®.

If ozone, O,, were represented as a resonance hybrid of the two ionic
structures

O+ o+
/ /N
(0] \0- o~ o
the dipole moment would be of the order of 16 D. The experimental value,

p, = 0-49 D, has been interpreted by PuiLLips, HUNTER and SutTon!? as
indicating a considerable contribution from the forms

O 0]

and
0/ (6] (0} \O

In SO,, however, the experimental value of the dipole moment is 1:60 D
in agreement with that calculated from the structures

S+ S+
and
O/ \O' " O‘/ \O

In SOg4 the moment is zero in agreement with a symmetrical, planar con-
figuration. The marked polarity of NyOy, p, = 1:39 D, is most probably
explained by the nitrogen being in the positive, tetravalent state and with
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two negative charges shared by the oxygen atoms.
The molecule may thus be represented as a re-
sonance hybrid of the structures

O- o o- O O o
o N N N

& 4 & &b

The repulsion of the two positively charged
nitrogen atoms will tend to increase the
N—O—N angle and thus to decrease the dipole
moment.

The experimental value for the dipole moment
of hydrogen peroxide is w,=2:13 D, which is
in agreement with the formula proposed by
RoBERTSON!! in which the two O—H bonds
are at an angle of 106°, as shown in Figure 37.

The absence of a dipole moment in mole-
cules such as HgHal, and BeHal, is in agreement
with the proposed linear configuration of these
molecules. The two equal moments of the bonds
are directed in mutually opposite directions, with
the result that the molecule has a zero moment. A similar compensation
of bond moments is responsible for the zero moment of BHaly molecules,
which has a symmetrical planar configuration.

Figure 37. Structure of the
hydrogen peroxide moleculs

DIPOLE MOMENTS OF HYDROCARBON MOLECULES

Symmetrical tetrahedral molecules such as CH,, CCl,, SiH,, SiCl; etc have
a zero dipole moment. Let us consider methane, CH,, in some detail.
We shall let the moment of each CH bond be pcq and calculate the resultant
dipole moment of the ~CHj group in the CH, molecule. The configuration
of this group will be a regular trigonal pyramid with the carbon atom at
the apex and the three hydrogen atoms at the base. The resultant moment
due to the three CH bonds will e directed along a line joining the apex to
the centre point of the base. This line lies in the direction of the extra-
polation of the fourth CH bond in CH,. The resulting moment of the -CH
group will thus be equal to the sum of the projection of the three CH bong
moments on this line viz

Pors= 3poncos(180° — 109°28’) = ugy
Thus we see that in molecules such as CH,, having a symmetrical tetrahedral
structure, the resultant moment of the ~CH, group is always exactly equal
and opposite to the moment of the CH bond. Thus the moment of CH, is
zero and furthermore, since pog,= pem, the replacement of a hydrogen
atom by a methyl group will not cause an alteration of the moment.

The evaluation of the moment of the CH bond from experimental data
has so far proved impossible, although some authors have suggested a value
of approximately 0-4 D. It would be best, however, for the present to regard
the moment as very small and assume that the bond is almost entirely
homopolar. This conclusion is in agreement with the bond energy data.

The symmetrical arrangement of the CH bonds in ethylene, acetylene
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Table LXXXVIII, Dipole Moments of Unsaturated Hydrocarbons

Molecule Dipole moment Molecule Dipole Ir)noment
D
CH,CH=CH, 035 CHC=CH o-8os
CH,CH,CH=CH, 0-30 CH,C¢H ,C:=CH 1-o1s
CH,),C=CH, 049 C,H,C¢H C=CH 1-058
H,CH=CH—-CH=CH, 068 (CH,),CHCH,C=CH 1-125
CH,=(|J—CH=CH, 038
CH=C(CH,)—C(CH,)=CH, 052 | CH,
CH,CH, o-g !
sUally O
C¢HC(CH,), 07 | I
C¢HCH=CH 0-37s | [ : 0 455
CH,C,H ,CH=CH, L oes | CH,
(é.l:;().ﬂ.CH:CH, 063 y
1gH ) 4C==CH a5 AN
H,C=CH 0778 i \! N o-6gs
C,H,C==CH o-80 I J
AV CH,
085
0-87
0-86
(CeH,)3CH o215

and benzene results in zero moments for these molecules and it might be
expected that their homologues, e.g. propylene, methylacetylene and toluene
should also have no dipole moment. The experimental data, however, show
that many unsaturated hydrocarbons possess a small dipole moment
(Table LXXXVIII). The carbon atom, as we have seen, may exist in either
the positively charged trivalent state, or the negatively charged trivalent
state. In saturated hydrocarbons these forms appear only in the bond
resonance involving the ionic state, e.g. G-H*, in the CH bond; in
unsaturated hydrocarbons on the other hand, owing to the presence of
= bonds, other valence bond structures ant possible and contribute to the
resonance of the molecule. Thus in propylene, together with the homo-
polar structure
CH,—CH=CH,
1 2 3

there are possible three ionic structures, due to the three H atoms in the
CH, group
+H CH,==CH—-CH,

in which the localized » bond occurs between the 1~2 carbon atoms in
place of the 2—-3. Because of the contribution of this structure, the molecule
has a permanent dipole moment. The carbon atom in the g position thus
possesses a negative charge and in the reaction of propylene with hydrogen
chloride it would be expected on the basis of the above evidence that the
hydrogen atom would bond to carbon atom 3 and the chlorine atom to
carbon atom 2. This prediction is in agreement with the empirical rule of
Marxkovnikov, which states that in the addition of HCI to a double bond
the hydrogen atom becomes attached to the carbon atom bonded to the
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reater number of hydrogen atoms. The product of the reaction is thus
CH,CHHalCH;. The reason why the reaction gives this product, even
though the contribution of the ionic structure may be very small, is due to
the fact that the problem is largely one of the kinetics of two or more
alternative reactions. If the energy of activation is reduced slightly through
the contribution of the ionic structure, the rate of reaction will be increased
considerably owing to the exponential function in the rate equation.
From the dipole moment of propylene, the relative contributions of the
different structures may be calculated approximately?; these are found
to be : homopolar, 94 per cent ; ionic, 3 per cent ; transitional, 3 per cent.
It is evident that the molecule is essentially homopolar, the contributions
of the ionic and transitional structures being very small. In isobutylene,
(CHi)),C = CH,, the dipole moment is appreciable, having the value

0-49 D, which may be attributed to the fact that the number of structures
of the type
+H CH,
AN
C—-CH,
/
CH,

is equal to six and the contribution of these forms will therefore be fairly

large. In butylene CH,=CHCH,CHj, the number of analogous structures

viz "CH;—CH=CH—CH, is only two and the dipole moment is less,
H+

being 03 D. In acetylene and acetylenic compounds the electron affinity
of the carbon atoms taking part in the acctylenic bond is greater than in
the case of the ethylenic bond. This is manifested in the acid character of
acetylenc as in the formation of acctylides, and in the dipole moments of
acetylene derivatives which, as is shown in 7Table LXXXVIII, have a
-moment about 0-4 D greater than in the case of the corresponding ethylene
derivative. The contribution of the ionic structures
+H CH,=C="CH
in methylacetylene is estimated at 7 per cent, of the transitional structure
6 per cent, and of the homopolar 87 per cent. If the molecule contains both
a double and triple bond as in vinylacetylene, CH,=CH—C==CH, then
owing to the greater electron affinity of the acetylenic compared with the
ethylenic carbon atoms, the contribution of the structure
+CH,—CH==C=*CH
is greater than that with the charges reversed. For this reason this com-
pound, on reaction with hydrogen chloride, yields
CH,Cl-CH=C=CH,
Similar behaviour is observed with divinylacetylene,
CH,=CH—C=C—CH=CH,

in which the two forms :

+CHy—CH=C=C-—CH=CH,

CH,=CH—C~=C=CH—*CH,
are the main ionic valence bond structures. On reaction with hydrogen
chloride, the molecule

CH,Cl—-CH=C=CH—CH==CH,
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is obtained®, The polarity of 2-methylbutadiene is accounted for by the
contribution of similar structures to those in propylene
-CH,—C—CH=CH,

o
In 1-methylbutadiene, in addition to the structures :
CH,—CH=CH—CH=CH,
+H CH,=CH—-CH—CH=CH,
there is an additional possible structure,
+H CH,=CH—CH=CH—-CH,
which will cause an increase in the moment!4.
The polarity of the homologues of benzene is caused by resonance of the
benzene ring:
+H CH, +H CH, +H CH,

v ' '

and toluene has a moment of o-4 D. In fluorene, in addition to four
homopolar structures, thirty six ionic structures are possible and are
responsible for the existence of a dipole moment,

/

H/

H+
and will be responsible for the acid properties of the hydrogen atom in the
9 position ; indene also has an appreciable moment for the same reason.
Cyclopentadiene is polar owing to the resonance of the structures

In symmetrical unsaturated hydrocarbons, ¢.g. CHCH=CHCHj,, it is
necessary to consider the structures
+H CH;=CH—CH—CH; and CH;— CH—CH=CH,H*
when discussing the reactivity of the molecule but owing to the symmetry
of the molecule, the moments are mutually compensated and the molecule
has zero dipole moment.

DIPOLE MOMENTS OF ALIPHATIC COMPOUNDS

The dipole moments of derivatives of the saturated hydrocarbons are
generally found to be almost independent of the chain length and of the
branching of the chain as shown by the data for the alcohols and for the
chloro- and nitro-paraffins (Table LXXXIX). The dipole moment is
therefore due almost entirely to the polarity of the bond ; thus in alcohols
the dipole moment is due to the COH group, in nitro-compounds to the
CNO, group and in chloro-compounds to the CCI bond.
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Table LXXXIX. Dipole Moments of Derivatives of Aliphatic Hydrocarbons

Dipole Dipole Dipole
Maw‘ w j ALl Y} W N AL AL 1. l
D D D
CH,Cl 1-92 || CH,OH 1-69 || CHgNO, 35
C,H,Cl 2-05 || CG;H,OH 1'70 {| CgH{NO, 3'5
n-C,H,Cl 2:10 || n~-CyH,OH 164 || n-C4H,NO, 3'57:3°67
n-C,H,Cl 2-12 || n~-CH,OH 1466 | n-C H,NO, 3~g5
(CH,;,CHC! 2.15 || n~-C4H,,OH 165 éCH,).CHNO, 3:67
(CH,)CHCH,C1 2-04 || n-CgH,,OH 1-64 CH,),CNO, 366
CH,CH,
gCH.).CHOH 158
CHCl 2-12 CH,),COH 1.65
/ (CH,),CHCH,;OH | 163
CH,
CHj,),CCl 2'13 || CHy=CHCH,OH | 163
H,=~CHCH,Cl 1°95
CH,—CH\
CH, CHCI| 207
AN
CH,—CH,/

Halogen derivatives— If we assume that the dipole moment of the CH,
group, and hence of the CH bond, is zero, then it is possible to assign thc

whole of the moment of

the alkyl halide mole-
cules to the CHal bond.
The polarity of this bond
is caused by the super-
position of the two states
> C-Hal and >+C~Hal,
and the values of the
contribution of these
structures to the bond
are given in Table XC.
The data shown serve to

Table XC. Relative Contributions of Valence Structures in CHal bond

Weight of structure
Dipole | Internuclear per cent
Bond ¢t disi
D A Homopolar | Ionic | Transitional
C—F 1-83 141 58 25 17
C—Cl | 205 176 61 20 1
C—Br | 2'04 191 71 13 lg
C—I 1-80 2'10 77 9 14

illustrate the fact that the dipole moment does not indicate, by itself, the
Thus the moments of the CF and CI bonds

ioni¢c character of a bond.

are very close, but the contribution of the ionic form in CF is much greater

Table XCI.  Dipole Moments of Halogen Derivatives of
Methans (D)

T

F a Br {  attached
Moleculs
CH,X 183 | 192 | 180 | 1 gg
CH,X, — 155 143 1
CHX, 159 | 1oz | ogg | o8o
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viour occurs, for example, in

than in CI, as the interatomic
distance is much less.
If one carbon atom

is
to more than one

halogen atom, it is found that
the moment of the resulting
molecule differs from the
vector sum of the constituent

This beha-
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the polyhalogen derivatives of methane, as shown in Table XCI. The vector
sum of the bond moments in the group ~CX, should be equal to the bond
moment of CX, but as is shown in Table XCI, this is not the case, and
the moments of all the CHX, molecules are less than those of the corres-
ponding CH,X molecules. Similar behaviour occurs in the CH,X,
molecules and is also observed in the chloro derivatives of silane (SiH4Cl,
p = 128D ; SiH,Cl,, p = 117 D ; SiHCl,, p = 0-85 D). This behaviour
cannot be attributed to a change in the bond angles, which in every case
are close to the tetrahedral angle, nor to molecular resonance, but indicates
that in a particular group the lonic states of the various bonds are not
independent of each other. In CH,CI, the carbon atom possesses a positive
charge on account of the presence of one chlorine atom, and on substitution
of a second chlorine atom to form CH,CI, the existing positive charge on
the carbon will decrease the ionic character of the second CCl bond. Thus
the contribution of the structure

Cl

H
N’

Cl- Cl-
to the resonance of the molecule is less than that of the structure

H Cl
N
C+

N

Cl- Cl
as is to be expected. The rather higher values of the dipole moment,
compared with those given in Table XCI, observed for the molecules,
CH,CHCl,, p=2-07 D ; CH;CCl,CHg, p=2-25 D ; CH3CClg, p=1-78 D ;
CH,CF,, p=2-27 D, might appear to contradict the theory of the mutual
suppression of ionic structures developed above ; however in these com-
pounds resonance can occur, since valence bond structures of the type

CH,=CCl,

H+ CI-

are possible. In the example given, the number of such structures is nine,
more than in CHyCH,Cl which is found to have a lower moment. For
a similar reason, the moment of CH,CCl,CHj is larger than that of
CH,CHCI,. In the polyhalogen derivatives of methane, similar structures
are only possible if the carbon is assumed to be in the divalent state,
+H CCl,Cl-, which is not very probable.

If the halogen atom is linked to a carbon atom taking part in a double
or triple bond the moment is somewhat lower than if the bond is single
(Table XCII). This fact indicates that in the vinyl halogen derivatives, in
addition to the structures

H H

/ /
CH,=C and  CH,=C*

Hal ~Hal
I /4
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there will be an appreciable contribution from the valence bond structure
containing a divalent, positively charged halogen, viz
-CH;—CH=1*Hal
nr

In the halogen derivatives of the acetylenes, the corresponding structure
makes an even greater contribution and the values of the dipole moments
are less than in the case of the corresponding vinyl derivatives :

HC=CHal HC=+*C-Hal H—C~-=C=*Hal

1 /4 m

Calculation of the relative
weights of the structures of the
halogen derivatives of the
acetylenes shows that the con- ™~ _ X al Br I
tribution of the valence bond Molecule -~ .

structure III is not very great

(Table XCII), nevertheless, CHy=CHX 44 141 1-26

this small contribution is suffi- gggcgchH=CH. 142

Table XCII.  Dipole Moments of Halogen Derivatives of
Unsaturated Hydrocarbons (D)

~—

- o ° —
cient to affect the resultant ¢H,C=Cx ,.3‘;, 1065 | 0755
dipole moment as the structures

are strongly polar (the distance gsg. Cﬁng :Zgi 105 0-Bos
between the charges in C:H:CECX 1ofos oBss | osss

H—C-=C="Cl, is 2-89 A and
in H—C-=C=1Br, g-o1 A). -

In the phenyl vinyl halogen derivatives, structures containing a positively
charged halogen atom and a negative charge, cither in the side chain or in
the benzene ring are possible, e.g.

{>—cr—cH=X+ { >=cH—cH—X*

. The increased resonance
Table XCIII. Relative Weights of Valence Bond Structures in qye to the benzene ring

Halogen Derivatives of Aceylene produces a decrease in
, . the dipole moment.
Dipole’s Weight of siructure The di-substituted

ment 1 . .
Molecule i I per cen halogen derivatives of

D I\ @\ -\ - L= ethylene, in which the
halogen atoms are
located on different car-
bon atoms form cis-
and frans-isomers. In
-trans-dichlorethylene owing to the mutual compensation of the moments

due to the two G~Cl bonds, 744, XCIV. Dipole Moments of Aliphatic Aldehydes
which are directed in oppo-

HC=C—l 044 | 49161 |20 | 11
H—C=C—Br | o 57| 705|195 13

W W

site directions in space, the Dipole Dipols
dipole moment is zero. With Molecule Molecult ¢
the cis comliounds, on the D D
other hand, larger moments - CH.CH.CH.CHO | 272
arc_obtained (cis- CHCl Giofio | 274 | CHIGH=CHCHO | 547
=CHCI, p = 1-89 D; cis- CH,CH,CHO | 273

CHBr=CHBr, p=1-35D;
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¢is- CHI=CHI, p = 075 D). This difference in the dipole moments of
cis- and trans-isomers may be used as a method of identification and for the
analysis of mixture of the two isomers.

Aldehydes— The dipole moments of various aldehydes are given in Table
XCIV. "In formaldehyde resonance can occur only in the carbonyl bond,
structures  and II, since the structure III, with a positive charge in one
of the hydrogen atoms, involves a divalent carbon atom.

H H
\C=O \C+—O‘
/ /
H H
1 n
H+
C—-O-
/
H
ur

If one of the hydrogen atoms is replaced by a CH, group, the structures
I and IT still contribute to the resonance of the molecule, but in addition
the structure IV is now possible

H

H+CH,=C/

()—
14
three structures
and in agreement with this we see in Table XCIV that the dipole moment of
acetaldehyde is 272 D which is greater than that of formaldehyde, 2-27 D.
Furthermore, replacement of the second hydrogen by a methyl group, to
give acetone, produces a further increase of the moment to 2:95 D owing to
the greater number of structures of type IV which are possible.

If the molecule contains an ethylenic group C=C in addition to the
carbonyl group, the molecular resonance is increased and the dipole
moment raised. Thus in acrolein, CH,=CHCHO, the dipole moment
measured in solution is 2-88 D, a value greater by 0-39 D than the dipole
moment of acetaldehyde also measured in solution, 2:49 D. This is due to
the contribution of the structure

H

+CH,—CH=C

O—
to the resonance of the molecule. In agreement with this picture of the
acrolein molecule, the addition of hydrogen bromide to acrolein gives
CH,BrCH,CHO, the negative bromine atom uniting with the most positive
atom and the positive hydrogen atom with the most negative. A still
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greater increase in dipole moment is observed with crotonaldehyde which
will be due to the contribution of the structures

H H
/ /
CHyq—+CH—CH=C and H* H,C=CH—CH=C
o- o-
Nitriles— In nitriles, structures of the type CHg—C+=N— will be re-
sponsible for the dipole moment of the molecule. If the moments of
hydrogen cyanide and of methyl cyanide are compared (Table XCV) a

similar behaviour to that described for the aldehydes is observed. The
corresponding valence bond structures are :

H—C=N H—C+=N- H+C=N-
CH;—C=N CHy—C+=N- H+CH,=C=N-
I I ur

The CC distance in methyl cyanide

. : . . i iphatic Nitril
is 1-49 A compared with the single Table XCV. Dipole Moments of Aliphatic Nitriles

bond value of 1-54 A, indicating Dipole Dipole
an appreciable contribution from  Molecul ¢ Molecul moment
the structure /II. The low moment b D
observed in the case of acrylo- Lo 293 | CH,CN 409
nitrile is not fully understood, but cH,cN | 394 || GH~CHCN 88
the high moment for crotononitrile C,H,CN| 02 || CH,CH=CHCN | 450
is in agreement with the expected C,H.CN| 405

contribution from the structures
CH,—tCH—CH=C=N~"
and

H+CH,=CH—CH=C=N-

DIPOLE MOMENTS OF

Table XCVI. Dipole Moments of Aliphatic and AROMATIC COMPOUNDS

Aromatic Compounds

D Do The difference between the
Moleculs mament Molecule m;rﬁ.;m chemical behaviour of the substi-
D D tution products of benzene and the
corresponding aliphatic derivatives
CH,CH, o CH,CH, o4 are well known and are reflected
%:Slo. ;jgz 8:5:2‘0' ;fgg in the values of their dipole
CH,CN 394 | CeH,CN 439 moments (Table XCVI). In chloro-
CH,CHO 272 || CgH,CHO 316 benzene, 1n addition to the bond
resonance structures, I and I,
gg'gg’ e 8‘2'132’ :zg there are three additional structures
C,H,SH ,.g% CeH,SH w33 411, 1V and V contributing to the
CH, s 129 || CgH;OCH, 1-35 molecular resonance and the dipole
C,HOCH, | 135 moment is lowered in comparison

GH,SCH, | r4os|| CHSCHs | 1505 yith the alkyl halides.
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Cl Cl- ,
| Cl+ Cl+ Cl+
C (Ohs
O O O
v /
I n m v Vv
The polar character of nitromethane is due to the formation of a positive

charge on the nitrogen and the sharing of the corresponding negative charge
between the two oxygen atoms

/O o-
CH,——N+\ CH;—N+
O- (o]

In addition to these structures there will be a contribution from the CN
bond in which the carbon atom is negatively charged and the nitrogen
positively charged. In nitrobenzene additional structures are possible in
- which both of the oxygen atoms are negative and the corresponding positive
charges occur at the nitrogen atom and at either the ortho or the para carbon
atoms in the benzene ring :

In benzonitrile, CgH,CN, the dipole moment is also noticeably greater than
in methylcyanide, CH4CN, since the nitrogen atom may be negative not
only with respect to the adjacent carbon atom, but also to the ortho and
para carbon atoms in the ring :

L L L

+ +

/

¥

Similarly, in the case of benzaldehyde, in addition to the bond resonance
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in the carbonyl bond, >C=0; >C*+—O-, there are also the additional
structures

H O- H O H O
N AN C/ N\

+ +

/ %

which contribute to the resonance of the molecule and bring about an
increase in the dipole moment.

In aniline there are three additional structures containing a tetravalent,
positively charged nitrogen atom :

H H H H H H
N,
N+

N
] / 5{ @
/ \ y

compared with the aliphatic amines. The basic properties of the aromatic
amines are thus reduced in comparison with the aliphatic amines since the
nitrogen atom is already partially tetravalent, and thus partially neutralized
on account of the resonance with the benzene ring.

In the phenols, the structures I to ZI1, which cannot occur in the alcohols,
as well as the structures IV to VI, tend to reduce the dipole moment. The
acid properties of the phenols compared with the alcohols are due to the
contribution of, the forms IV to VLI

H H H H+ H+ H+

/ / /
O+ O+ O+ O O O
-
(/ SRV, J ) I)I
1 1 ur 1w 14 vi

Iodobenzene reacts with chlorine to form phenyliodochloride CgHICl,,
which is considerably more stable than the aliphatic iodochlorides. In
phenyliodochloride, the following structures are possible, and the stability
of the molecule will be due to the resonance energy of the molecule. In
solution the dipole moment is 2:61 D19, i.e. 1-3 D greater than iodobenzene.
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Such an increase could not be due to a polar bond between the iodine and
chlorine atoms and resonance, involving the benzene ring must occur :

Cl Cl Cl Cl- cl- Cl-
\./ AN
1 I+ I+
+
two structures three structures

In derivatives of diphenyl, owing to the presence of two benzene rings,
the number of possible resonance structures is greater than in the case of
the corresponding benzene derivatives and the dipole moment is increased.
Thus with p—aminodiphenyl :

OO

the dipole moment, is 1-76, D, which is 0-23 D greater than in aniline owing
to the contribution of structures showing resonance in both the benzene
rings :

w3 OO

two structures

two structures

In p-aminoazobenzene, u, = 2-71 D; one of the nitrogen atoms in the
azo group may be negatively charged.

.

The difference in the dipole moments of p-nitrodiphenyl, 7, u, = 4:17 D,
and of the meta isomer, II, p, = 340 D, is due to the exclusion of the second
ring from the molecular resonance when the nitro group is in the meta
position.

O,N
I

The experimental data on the dipole moments of aliphatic and aromatic
compounds clearly indicate the existence of molecular resonance in the
latter. The resonance, which produces either positive or negative charges
on the carbon atoms in the ortho and para positions, determines the
specificity, which has been observed in the substitution of the benzene
nucleus. The substituent groups may be divided into two classes depending
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upon whether their presence gives rise to negative or positive charges on
the carbon atoms in the ortho and para positions. The most important of
the groups giving rise to negative charges are : CHg, Hal, OH, NH,,
OCHj,, N(CHy),, and of those giving rise to positive charges : NO,, Cl\f,
CHO, SO4H, and COOH ; the first class lead to substitution predominantly
in ortho and para position and the second class to substitution in the meta
position. This selective substitution is not only dependent on the nature of
the charges in the carbon atoms of the benzene ring and the substituting
group, but also on the different energies of activation of reactions in-
volving carbon atoms with different electron densitiest”. The quantitative
treatment of the direction of substitution in the benzene ring presents many
difficulties, since the difference between the effects producing the different
types of substitution is not large. This may best be brought out by consider-
ing an example. Let us suppose that the substitution in the ortho position
proceeds ten times faster than the corresponding reaction in the meta
position. Since the rate of reaction is proportional to exp (— E/RT), where
E is the energy of activation, it follows that the energy of activation for the
ortho substitution reaction is only 1-4 kcals less than that for the meta
substitution reaction. Thus although there is a very noticeable and signifi-
cant difference in the nature of the reaction product, it has been produced
by only a small difference in the properties of the ortho and meta carbon
atoms. In this connection it should be emphasized that the contribution
of the valence bond structures showing molecular resonance is not great
and the bond is very largely homopolar. Nevertheless, because of their large
dipole moment, the small contribution of the polar structures is generally of
great significance in determining the properties of the resultant molecule.

Sign and direction of the dipole moment— For the determination of the dis-
tribution of positive and negative charges in various structures we have
been guided by data on the possible valency states of atoms. The direction
of the resulting dipole moment, however, is not always clear. For example,
it is necessary to have experimental data in order to determine whether,
in toluene, the methyl group carries a positive charge and the benzene ring
a negative charge or vice versa. For this purpose it is necessary to have a
second substituent group in the benzene ring with which there is no doubt
as to the directional nature of its dipole moment. Thus, for example, in the
halogen derivatives of benzene, there is no doubt that the chlorine atom
forms the negative end of the dipole. The effect of structures of the type

—_ CI+ reduces the dipole moment, but does not cause a change

of direction. Returning to the problem of toluene, we find that the dipole
moment of p—chlorotoluene, p, = 1-go D is greater than that of chloro-
benzene, p, = 1:55 D. This result is only possible if the moments act in
the same direction I. Consequently it is concluded that the methyl group
forms the positive end of the dipole.

CH,—O-CI ogN—<§—m

+ - - +=- -« + + - -
I/

The dipole moment of p-nitrochlorobenzene, u, = g~78 _D, ‘is less than the
dipole moment of nitrobenzene, p, = 4-01 D, which indicates that the
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moments are directed in different directions, II. Consequently in nitro-
benzene the moment is directed from the positive ring to the negative
oxygen atoms. The lower value of the dipole moment of p—chlorobenzo-
nitrile, p—CICgH,CN, p, = 2'08 D, compared with that of benzonitrile,
439 D, indicates that the moment is directed from the ring to the
nitrogen, in accordance with the resonance structures given above.

The dipole moments of the isonitriles, RNC, are related to the contri-
bution of the structures R—N+=C~ and R—N=C to the resonance of the
molecule, and comparison of the moments of CgH;NC, p, = 3-49 D, and
p-CICH,NC, u, = 207 D, supports the following charge distribution

a— >—N=c

Owing to the planar configuration of the benzene ring, it will be clear
that in C4H,CH,, C,H;Hal, CgH;NO,, C;H,NGC and C;H,C=CH, the axis
of the dipole moment corresponds to a line in the plane of the ring passing
through the benzene carbon atom and the substituent atom or group
linked to it ; such groups or atoms may be described as being regular. In
other cases this is not so. Thus in phenol for example, the moment is not
directed along the CO bond since there are two polar bonds, CO and OH,
which are at an angle to each other and consequently the resultant moment
forms an angle with the axis of the CO bond. The valence bond structures
I to III (see page 221) decrease the moment
of the CO bond, whereas structures with Table XCVIL.  Valency Angles from
positive charge on the hydrogen atom, IV Dipole Moment Data
to VI, influence the direction of the resulting
dipole moment of the molecule. Similar  Group | Angle | Group | Angle
irregular structures occur with substituent

NO 20° || OCH 75°
groups such as NH,, OH, OCH; N(CHj),, ng o | CHO® o
SH, SCH,;, COOR, CHO. Fucus and N(CH,), 4% | cocn, | 30
WoLr® have calculated from the dipole OH 38°

moment data the values of the valency
angles (Table XCVII).

Di-substituted derivatives of benzene— The comparison of the experimental
values of the dipole moment of di-substituted derivatives of benzene with
the vector sums of the individual bond or group moments leads to some
important results. If in the benzene ring there are two regular groups then
the axes of the moments g, and p, in the ortho position will form an angle
of 60°, in the meta position an angle of 120° and in the para position an
angle of 180°. The vectorial sum of the moments will be given by :

ortho p = (p® + po? & pamo)t ... (10.21)
meta  p = (p® + po® F papa)t ... (10.22)
para p = p; F p, ....(10.23)

The upper signs in formulae 10.21 to 10.23 correspond to the case where
the directions of the moments of the substituent groups, relative to the ring,
are the same and the lower signs refer to the case when they are opposite.
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In the particular case when the substituent groups are identical, as in the
dichlorobenzenes, p, = p, and we have :

ortho p = (3u,%)t ....(10.24)
meta p = p, ... (10.25)
para p=o0 ....(r0.26)

If in an irregular group the angle between the direction of the moment and
the axis of the molecule is known, the vector sums of irregular groups may
be measured!®. The dipole moment measurements on di-substituted
benzene derivatives have generally been obtained by measurements in
dilute solution. Therefore, for calculating the vector sum it is necessary to
take data for the monosubstituted derivatives which have been determined
in solution. These values differ slightly from the gas phase measuremer’

recorded in Table XCVI. The

values are : CgH,Cl, 1-55 D; Table XCVIII. Dipoleclfl{ogeritf ‘n\f Molecules o
: , ; 7 4

CH.Br, 152 D; CHNO,, e SR

3.96 D; CgH,CN, 392 Dj; ortho meta para
CgH;NH,, 1'53 D; GgH,OH, X - e

156 D. Hezp | Healc Hezp | Hcale | Hexp | Hoale
] !nallthcdcrivativesof toluene 135 | 139 | 178 | 179 | 190 | 1°95
it is found that the calculated Br 144 | 137 | 1075 | 176 | 194 | 192
values almost correspond with II\I 121 (115 | 157 | 164 | 171 | 1070
the experimental values, Table NOz | 366 | 370 | 417 | 4716 | 444 | 435
XCVII, which shows that the oN | 377 | 374 | 418 w15 | 437 | 430
two substituent groups have little NH, | 158 | 174 | 143 | 146 | 127 | 125
effect on each other. Most OH | 141 | 1:61 | 154 | 160 | 157 | 1°60

probably this will be due to
the small polarity of the methyl group. When the substituent groups

are strongly polar, as in
Table XCIX. Dipole Moments of Di-substituted Benzene Derivatives the halogcn derivatives
of nitrobenzene or in

X Y ortho e pere the nitroanilines, al-

tazp | posto | Meap | poato | pew | peae though good agrecement

— - is observed in the case
I(VHHz ﬁg: 1;3, g%, ggg, ‘;gg, g;g, 2;;, of the meta derivatives,
Br | NO, 420 | 488 | 341 | 345 | 260 | 243 considerable deviations
I NO, 392 | 472 | 343 | 348 | 304 | 265 occur In certaln cases
a |en o8 8 ol 2 2 with the para and ortho
a | a, ‘;;g 3-6 33 227 lgg 133 derivatives (Table XCIX).
Cl C=CH | 169 | 213 | 138 | 136 | 096 | 068 Thus in p-nitraniline
the experimental value

* These values were obtained fro

m ts in the gas phase ; all R
other measurements were made in solution. ’ 13 greater than the cal

culated value, owing to
the contribution to the molecular resonance of the structure /.

H O~
AN Q /
N N+
/ AN
H ; O-
225
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In a similar way, the contribution of structure II in p—chloronitrobenzene

and of structure III in CICgH,C=CH, decrease the moment of the CCl
bond so that the resultant moment of the molecule is increased.

o-
Cl+=<:>=N+< Cl+=<:>=(:= -CH
o-

/4 I

The difference between the calculated and experimental values in ortho
derivatives is also due in part to the additional structures IV and ¥V which
‘e possible in the di-substituted derivatives :

o o o
v s a+ s
N+ N+
7\ 7\
I H O~
\/ /
v vV

In addition, however, steric effects may influence the structure of the
molecule, especially if the groups are large when, because of their close
proximity, they may cause mutually induced moments. These various
factors are difficult to separate and the anomalies observed are generally
referred to as the ortho effect.

The nitro group and the nitrile group give rise to structures in which
the ortho or para carbon atom is positively charged :

O~ O- N-
W !

A
Q) ()

In the nitrobenzonitriles, such resonant structures will be mutually suppressed
and consequently no large deviations from the additivity rule occur, such
as exist when the two groups are of opposite charge so that the resonance is
augmented by additional valence bond structures. The dipole moment of
p-nitrobenzonitrile is zero, of o—nitrobenzonitrile, 6:19, D and m-nitro-
benzonitrile, §-78, D. Similar behaviour is observed with the di-substituted
halogen derivatives of benzene and with the phenylenediamines.

In the polysubstituted derivatives the importance of additional valence
bond structures is even greater in determining the resultant dipole moment.
For example, in picramide, it might be imagined that the moments of the
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nitro group in the 2, 4 and 6 positions would cancel and the moment be

NH,
O,N NO,

NO,
equal to that of aniline, g, = 1-53 D. This is not the case, however, since
the nitro groups are distributed in the ortho and para positions with respect
to the amino group, with the result that additional valence bond structures

are possible which contribute to the resonance of the molecule. These
structures are :

HoOH H H o, B H
o % Y4
AN N

O,N K No- oN( \NO, o-" \ INO,
k/ N/
No, [ Xo,

N+
oZ No-

The dipole moment is therefore much greater than that of aniline, being
3-25, D, measured in dioxane solution.

Resonance of the type existing in p-nitraniline, is also present where
several benzene rings are linked together, so long as the resonance of the
ring systems is not blocked by a saturated carbon atom as in the diphenyl
methane. Thus in 4-nitro~4"-aminodiphenyl (/) together with

O- H

AN /

o3 OO XX
I n

the resonance structures occurring in nitrobenzene and aniline, structures
in which resonance occurs in both rings ({I)arcpossible. The contribution
of such structures noticeably raises the dipole moment (see Table C).

Derivatives of durene and mesitylene— In Chapter g it was pointed out that
in derivatives of durene and mesitylene steric factors due to the methyl
groups may hinder the resonance of the substituent group with the
ring system.  In Tables CI and CII the dipole moments of these compounds
are compared with the corresponding aromatic and aliphatic derivatives.
The dipole moments of the acetyl derivatives of durenc and mesitylene are
very similar to the value for acetone but lower than that for acetophenone,
where resonance with thering occurs. In aldehydes, on the other hand, where
apparently there is no steric hindrance, the moment is almost identical with
that of benzaldehyde.
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Table C. Dipole Moments of Molecules containing Many

Resonating Systems %
Dipole
Molecule moment
D
O,N—CH —CH,—NH, 6-46
O,N—CH ——CH:——-CH——C.H‘—-—N (CHy), 83
O,N—CH,—N=N—CH,—N(CH,), 81
(CH,) ;N—CeH (—CHO 429
CH,) ,N—CH ,—CH=CHCHO 54
CH,) ;N—C¢H,—CH=CHCOCH, 53
CH,) N—CH~CH=CHCH=CHCOCH, | 6
( CH,) ,N—C4H,—C—CH,—N(CH,), 518
O,N—CgH,—OCH, 474
O,N—C¢H,—CH=CH—C¢H,—OCH, 7-8
O,N—C¢H —N=N—CH,—OCH, 65

.

* Al made in

Table CI.  Dipole Moments of Durene and Mesitylene Comp

h

The lower values of the
dipole moments of, for ex-
ample, nitrodurene and
nitromesitylene in compari-
son with that of nitrobenzene
is regarded as being due to
steric hindrance and this view
is corroborated by Raman
spectra data. Itisconsidered
that the methyl groups in
the ortho positions cause the
nitro group to leave the level
of the benzene ring. This
has the result that the reson-
ance with the ring and with
other groups in the para posi-
tion is less probable. A
similar argument may be
applied to other derivatives.
This explanation of the

ds with Corresponding Aliphatic and

Aromatic Derivatives

H,C CH, CH,
Ve

X CHX CH X X H,C < NoX
< N

H,c/ CH, CH,
Br 145 152 155 152
COCH,4 2:72 2-88 2-68 2:71
CHO 2'49 2:95 2:96 —
COCl 2°40 332 — 2:95
NO, 317 3'96 3'39 365
NH, 1°32* 1°53 1°39 140

* Measured in the gas phase, all other measurements made in solution

dipole moment data has

Tabls €II. Dipole Momentx of Di-substituted Dumw Compounds

yet to be substantiated and Corresp tic Der

by x-ray diffraction

measurements. H,C  CH,
Derivatives of naphtha- N

lene and other polycyclic X Y X—C/—"Y X Y

molecules— The dipole

moment of the mono- H,C CH,

substituted derivatives NO, | NH, 617 498

of naphthalene and te- NO, | OG,H, 474 369

tralin are gnvcn in Table NO, | N (CH,), 616 511

CIII, and it is observed Be | NH 299 275

that thf.:re is an appreci- p; | NO! e EE

able difference in the OH | NO, 504 408

values of the moments of
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the « and B derivatives. Table CIIL Dipole Moments of o and p Monosubstituted Derivatives
The values for the a of Naphthalenc and Tetralin *
derivatives are close to

1]
those of the correspond- Dipole moment ;! Dipole oment
ing monosubstituted Molecule T |' Molecul -
benzene compounds but g —— — % ll e -
the values of the 8 deri- Naphhplamine 300 | 435 L Napheto i 'l.gg

. luoronaphthalene 142 | 1°52 |, Naphthalene sulph ide| 5 .
v?t;:'ers T(;I]‘eb ﬁ.lvx{ays ghlomwpluha‘cm 1;1 i ': .Nll’:olthnlin ulphonamide! g;g 231
gre €r. s behaviour Bromenaphthalene 152 ! 170
1s also observed in other
* Al made in

similar  compounds.
Thus the dipole moment of quinoline, /, is 2-19, D, a value which is close
to that of pyridine, 2-25, D, whereas the *

o UG

i

moment of isoquinoline, II, is 2:55, D. Also the moment of r1-nitro—2-
naphthylamine?®, 1] is 447, D and that of 2-nitro~1-naphthylamine, 1V,
is 4-89, D

NO, NH,
oo O
AN

I v

the moment of 4-nitro—2-naphthylamine, V, is 4-62, D and that of 3-nitro-
1-naphthylamine, V1, is 5-14, D.

o v
O (e,

It might be considered that the moments of 4—-nitro~1-naphthylamine, V1I,
and of 5-nitro-1-naphthylamine, VIII, would be equal.

NO, NO,
viI 2714

This, however, is not the case, as the former has a moment of6-67,D and the
latter one of 5.22, D, which is close to the vectorial sum of the moments in
m-nitraniline. It will be evident from the above examples, that the con-
ditions of resonance in the various positions of the rings are not the same.
In monosubstituted naphthalenes there are seven possible valence bond
structures with a separation of charge in the case of the a derivatives and
only six for the 8 derivatives, viz
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X+ X+ X+
[
/ NN\
| 00
WA A WA
X+ X+ X+ X+
O O )
I\ y \) A VAN NS
_ X+ _ X+ X+
¢ )(\./ Y Y
N\ IS \ \)’
X+ X+ _ X+
NN AN\ NS
O | OO
\/—\) AN\ NS

This explains the difference between the a and B derivatives.
In benzene derivatives, the centre of gravity of all charges on the carbon
atoms of the ring lies on the extension of the line through CG—X.

In naphthalene, however, this is not so and irregularities in the values of
the dipole moment must therefore occur?®.
In the molecule of phenanthraquinone :

o O
N/

<>

all the rings contribute to the resonance of the molecule, there being
several structures of the type

o O
s
\;>‘“\=/
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and p, = 56 D. The moment of each CO group in this case is 3:23, D, a
value which becomes still greater, 3-49,, in benzanthrone22 :

=
VAV AVAN
OO0
I\+

where forty two valence bond structures contribute to the resonance of the
molecule.

Heterocyclic compounds— The polarity of heterocyclic compounds is due to
the formation of ionic valence bond structures. Thus in furan, I, structures,
similar to those in esters occur, II, as well as a structure with a trivalent,
positive oxygen atom, I7], and the moment is o-71, D.

HC—CH HC—CH HC=CH
C/ AN 7N\ SN
H CH HC +CH HC- CH
N 7
O N O- N O+
I /4 nr
two structures Jour structures

The dipole moment of coumarone,

SN

N

Ao/
is 0-79, D and of diphenyleneoxide,
N

N

oA/
0-88, D which is less than the values for simple cthers. If the oxygen atom
can be positively charged not only with reference to a carbon atom but also
with respect to some more electronegative substituent group, then additional
valence bond structures occur. In the first column of Table CIV the values
of the dipole moment of several such molecules are given. In the case of
y dimethylpyrone23 the value is 4:62, D, whercas the vector sum of the
moments due to the carbonyl group and of oxygen in the ring is only
2-18, D. This considerable increase must be due to the contribution of the

structure :
O_

\l
JoA
H,C' + CH,
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In xanthone and coumarin the analogous structures :

O_
|
00 OO
\NAoAS Nor,
+ +

contribute to the molecular resonance. Similar behaviout is noticed with

Table CIV. Dipole Moments of Heterocyclic Compounds

Molecule ll Dipole moment Molecule Dipole Dmomenl
D
| |
o ‘ o
l ‘ '
462 /\ ‘ N ' 54
(ol SO
alY NSNS
H,C CH,
O 3
I ‘ i
A ) |
! !
SO AN o
H,Cs CeH, | o L
o CH, ;
0 | 0 1
! |
| . N ,
m | 2'04 < ' {) f w5
° | NN
‘1 Hy \
! |
|
00, | 00
J ; 454 i
o\ ; N
o | |
| CH, i
0
l 439 i
(| G
HC,  GCgH, | OH
I ; 2:06
! NN ‘
| NH, ;
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DIPOLE MOMENTS

heterocyclic compounds containing sulphur and nitrogen (see Table CIV)
and the contribution of structures containing trivalent, positively charged
sulphur is found to be greater than in the case of the corresponding oxygen
compounds. In N-methylketopiperidine and in N-methylacridone, the
dipole moment differs from the vectorial sum of the group moments owing
to the contribution of the structures :

O -_—
AA N N
NAA \N*J\O_
n, &,

respectively to the final state of the molecules. In a-oxypyridine, the
nitrogen can be divalent and negatively charged and the oxygen trivalent
and positively charged

.
N_
o

H

and in e-aminopyridine the structure

N
lk -
NN\
+NH,

contributes to the resonance of the molecule.

Dipole moment of free radicals— It has already been pointed out in Chapter
5 that in the stabilization of free radicals containing oxygen and nitrogen
atoms, the superposition of ionic states plays a significant part. This view
is supported by the values of the dipole moments of «,a’-diphenyl-
B-picrylhydrazine, I, p; = 492 D

s
SN\ \{

1
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and of a,a’-diphenyl~B-picrylhydrazyl®4, II, u, = 359 D.

/NOz
— o.NG D
<_/\N~ﬁ><N02

O

The large moment of the molecule I is due to the contribution of structures
of the type III :

The moment of the free radical II will also be raised significantly by the
contribution of the structures IV and V :

O,N

(CH,),N+ N*Q ~
6" *5/2 \

O,N
1w
O,N o-
(CaHg)Not—N—_ >—N¥
— \O _

O,N
4

In certain cases, the number of carbon atoms which may contain the
unpaired electron may, through the resonance with ionic structures, be
increased. Ifthisisso the free radical will be stabilized and itsformation facil-
itated. Thus hexa—p-nitrophenylethane, (NO,CgH,);C—C(C;H,NO,)q
dissociates completely into the radical (NO,CgH,),C* under conditions in
which hexaphenylethane only partially dissociates. In the first case the odd
electron is not only shared between the ortho and para carbon atoms of the
ring systems but also with the other carbon atoms, as for example, in the

structure o
O,NC,H, -
C+—‘—\ =_—-N+/
/ = AN
O,NC,H, o-
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Therefore the free electron is delocalized to a greater extent than in tri-
phenylmethyl, and the radical is more stable.

DIPOLE MOMENTS AND MOLECULAR STRUCTURE

In a number of cases the magnitude of the dipole moment may be used
to determine the geometrical configuration of the atoms in a molecule.
Thus the first proof of the triangular structure of water arose from dipole
moment measurements. Calculation may also be made of the valency
angles from dipole moment data, but the values obtained are not as accurate
as the more direct methods employing spectra, x-ray and electron diffraction
measurements. However, for complex molecules when the application of
more exact methods is not possible, the analysis of the dipole moment data
may give valuable information. Thus the moment of thianthrene is 1:57, D,

OO

If these molecules were flat they would have a zero dipole moment as is the

case with oxanthrene,
O
(0]

The existence of a permanent dipole moment shows that the sulphur and
selenium bonds do not lie in the same plane and the molecules have a bent
structure.

Dipolar structure of amino acids—The dipole moment data support the
dipolar, zwitterionic, structure of the amino acids, »iz N'H,RCHCOO-.
If the molecule atits iso-electric point possesses this structure, 1t will have a
very large dipole moment of the order of 13-g D since the distance hetween
the charges is approximately 2:9 A. Unfortunately such compounds are
only soluble in polar solvents and it is therefore impossible to measurce the
dipole moments directly. The dielec-
tric constant of aqueous solutions of 7Table CV. Dielectric Properties of Amino Acids
amino acids is, however, greater than

of selanthrene, 1-41, D,

that of water and furthermore in- Amino acid — Aelde
creases in direct proportion to the 1
concentration. The value of 4¢/4¢ RCH(NH,)COOH (@ | 22-26

i.e. the change of the dielectric constant RCH(NH,)CH,COOH  (8) | 32-36
as the concentration is increased by RCH(NH,)(CH,),COOH (y) | 51-55
1 gm mol/lis found to have an approxi- RCH(NH,)(CH,)sCOOH (3) 63
mately constant value for each amino RCH(NH;)(CH.),COOH (¢) | 73-77
acid. With an increase of the number RCH(NH,)(CH,),COOH (g) 8y
of carbon atoms between the polar
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groups de/Ac increases almost linearly. These data (Table CV') are indirect
corroboration of the large dipole moment of the amino acids.

The dipole moments of the esters of amino acids measured in non-polar
solutions are generally of the order of 2:1 D, evidently amino acids in the
non-zwitterionic form, RNH,CH,COOH will also have a small moment.
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BOND ENERGIES

ADDITIVITY OF BOND ENERGIES IN ORGANIC COMPOUNDS

THE BOND ENERGY of a diatomic molecule is equivalent to the energy of
dissociation of the molecule, which, as we have seen in Chapter 8, may be
obtained in many cases from spectroscopic data. For polyatomic molecules,
the bond energies cannot be obtained from spectroscopic measurements and
therefore must be calculated from thermochemical data. Thermochemical
measurements are somewhat less accurate than spectroscopic measure-
ments, but improvements in experimental technique developed over
several years, particularly by Rossint and Kistiakowski, have reduced the
error to the order of 1 in 5,000 kcals. This degree of accuracy has per-
mitted the investigation of the energy changes accompanying several
important reactions where small differences in energy are import.nt, such
as the heats of formation of isomers.

As is well known, the heat of formation of an organic compound is
equal to the sum of the heats of formation of the products of combustion,
generally CO, and H,O, from which is subtracted the heat of combustion
of the particular substance. Such heats of formation, however, arc generally
given in terms of a standard refucence state of the participating substances
which is generally taken as the physical state of the compounds at normal
temperatures and pressures, e.g. gaseous carbon dioxide, liquid water, solid
carbon, gaseous hydrogen, H,, and gaseous oxygen, O,. In the evaluation
of bond energies, however, we shall be concerned with the heat of for-
mation of the compound in the gaseous state from the constituent atoms,
for example, from atomic carbon C, atomic hydrogen H and atomic
oxygen O. In order to obtain this value of the heat of formation, it is
necessary to add to the heat of formation from the standard states, the
necessary latent heats of sublimation and evaporation, and the heats of
formation of H,, O, and solid carbon, C,, from the respective atoms,
The heat of evaporation is known for a number of organic liquids ; when
it is not known, however, Trouton’s rule may be used without very great
error. Thus for the hydrocarbon CpHgny,, the energy of formation E
from gaseous atoms will be

E=nQco + (0 +1)Qup — L+85+ (0 F DQu, - (111)
where Qco’ and QBZO are the heats of combustion of carbon and hydrogen

in the standard state, Q is the heat of combustion of the hydrocarbon in the
gaseous state, S is the heat of sublimation of diamond, and Q 5, the disso-

ciation energy of H,. All these quantities are accurately known from
either spectroscopic or thermal measurements except the heat of subli-
mation of solid carbon (diamond) to gaseous carbon atoms. The latter
quantity may be determined either directly, or from the dissociation energy
of CO determined spectroscopically. The values recorded in the literature
vary from 170 to 80 kcals/gm mol, but the older values are clearly incorrect
and on the basis of a critical survey of the data HERZBERG! gives the value
as 124'1 4+ o-5 kcals. This value has been employed in the following dis-
cussion, although Gaypon and PennNeY have suggested a different value?,
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A very large number of organic compounds contain relatively few
different types of bonds, ¢.g. C—H, C—C, C=C, C—Cl, and it has been
suggested that each bond possesses an energy which is independent of the
other bonds in the molecule and that the heat of formation of the gaseous
molecule will be equal to the sum of the energies of the various bonds
occurring in the molecule. Thus the energy of formation of methane is
equal to the encrgy of four C—H bonds ; of ethane to the sum of the bond
energies of one C—C bond and six C—H bonds. In general, for the
molecule C H,, , we may write

E=(n—1)E¢c+ (2n + 2)Eq_g e (11.2)
where Eq_; and E,_g represent respectively the bond energies of the
C—C and C—H bonds. The bond energy is often dependent on the
actual reaction occurring and in particular on the nature of the molecular
fragments formed. For example the average energy of the C—H bond
in methane is one quarter of the energy of formation of methane and
equals 348-6/4 = 87-15 kcals, whereas the reaction CH, = CH, 4+ H
requires 102 4 1 kcals and the reaction C,Hg = C,H; -+ H requires
98 +-2kcals. In a similar manner the energy required to dissociate
C,Hj into two CHj radicals is 826 kcals and for the dissociation of C,H,,
into two C,Hj radicals, 77+6 kcals, neither energy value being the same as
the average energy of the C—G bond. Nevertheless, when additivity is
confirmed by experiment, it is frequently possible to speak of the energies
of separate bonds.

If the concept of the additivity of bond energies be assumed, the difference
in the heats of formation of two adjacent members of a homologous series
must be constant. From equations r1.1 and 11.2 it follows that

M=V Eq o+2n+2)Eg = ”Q.co,“F (”+1)Q,nzo —Q+nS+ ("+1)QH,
....(11.3)

Thus in one gram atom of diamond, there are 2V carbon to carbon bonds so
that the heat of sublimation is twice the bond energy per gm mol,i.e. S=2E,_,.
In diamond each carbon atom is bonded covalently to four other carbon
atoms arranged tetrahedrally and since each bond is common to two carbon
atoms, there are twice as many bonds as atoms. Substituting this value for
§ in equation 11.3 and rearranging, we obtain

..%ji:%cg’ == Q,coa+ Q,nao'f‘ Eo o+ Q,Hg —2Ec.u ....(11.4)
n

Thus for a series of saturated hydrocarbons the quantity (Q + Qoo,)/(n + 1)
should have a constant value, irrespective of the value of n. The experi-
mental data, however, given in Table CVI show that for the n-saturated
hydrocarbons, the additivity of bond energies is not fulfilled for the first
four members of the series but is applicable to all higher members. We
may therefore use the data for the molecules from C;H,, to C,,H,, for the
calculation of the energies of the C—C and C—H bonds and we obtain,
using the method of least squares

E, o = 62:77 kcals ‘
E._g = 85-56 kcals

These values have been used for calculating the heats of formation of
hydrocarbons in Table CVI {column 5).
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Table CVI.  Heats of Formation of n-Saturated Hydrocarbons In order to calculate

, l T by a similar method the

‘ | ; i Heatof I energy of the C=Cbond

fb‘i"" i le k I?Jl‘ | kEl ; f"f"m""b" " Q;l-:_(?l.eo * we may use either the
caroon cats cals ! cals tcalc. from Do . b

} | | " energies keals data ofNRossml on the

| | i heats of combustion of

CH, I 2128 184 | 3486 3423 1536  the hydrocarbons or the

C,H, 3728 1 212 v 579 576°1 1558 values of the heats of

C,H, 53061 262 Bii6.  Bioo | 1563 hydrogenation obtained

CiHyo 687'9i 308 o8 - noayzr 1565 1y Kistiakowski. The

CH,, | 84531 372 (12778 ' 1,2778 1566 data show, as in the

CeHyq | 1,0016 ¢ 437 L9 L 150y 1566 saturated hydrocarbons,

CHye  1,1582 | 500 | 1,7458 . 1,7456 1566 that for the straight

Gt | 13146 564 19795 1,979 1566 chain ethylenic hydro-

CHy | 1,4713 625 2,2135  2,2134 1566 carbons with the dqu})lc

CjoH,; | 1,6282 | 685 ' 2,447°1 2,4472 1566 bond in the 1—2 position

uHa | 178404 | 750 126803 1 26811 1 1566 the additivity concept is

CisHee | 1,941°9 l Bo¢ i 29142 ’ 29150 I 1566 1ot fulfilled in the first

threc members of the
* is the heat of formation of the substance from the clements 1 1 -
Qf in their standard states series, but is first ob

served in 1-pentene.
The energy of the C=C bhond is found to be 101-16 kecals. Similar cal-

culations for the n-alcohols (Table CVII) give the sum of the bond energies
in the group C—O—H as 185 kcals. The heat of formation of H,O is
220 kcals, which gives the bond energy of O—H as 110 kcals. Combination
of these data gives the energy value of 75 kcals for the single bond between
carbon and oxygen (C—O).

These examples show that in a number of cascs the bond energy is
found to be an additive quantity, but the extension of these calculations to
other series of molecules is unfortunately not possible owing to the lack of
accuratc data. Bond energics of other groups must therefore be obtained
by employing approximate data and the values may have to undergo
alteration as more accurate data become available. ‘The values calculated
from the available data are given in Table CVIII, the encrgy of the bond
C=C is obtained from the heat of formation of acetylene, with the
assumption that Eq_y = 85-56 kcals. The homologues of acetylene show a
higher value for the
energy of the triple

bond ‘and thiswillbedi Table CVII. Heats of Formation of the n-Alcohols
ond,and thiswillbedis-
cussed later. In allene, o N i Dif bt
i - tfference Detween
.;ﬁl;ll;zx;zdt?:;‘iz . lzf 3:-1 Oﬁ?ﬂe Alcohol keals kca{s keals adjaz;nt members
of series
bonds, the energy of the
C=Chbondislow. The CHOH | 18258 4860 | 43750 23625
value of the bond energy ngbog | 33678 5723 7375 23699
1 0 GH:OH | 4932 | 6364 | 91074 230
of the carbonyl group in  &lHloH 400 | 6977 | 1,14147 23073
aldehydes has been ob- G;H,,OH | 80675\ 7575 | 137495 | o204
tained from heat of CH;,OH | 9636 | 81-73 | 1,608:63 233-42
hydrogenation of acet- G/HisOH 11,1206 | 87:56 | 1,842:05 23344
aldehyde, 5544 kcals. SHOH 112776 | 9339 | 2,07549 | pq5.4g
yde, R, * GoHygOH 11,4346 | 9922 | 2,308-92 23343
In the carboxyl group, GieH,OH | 5916 | 10505 | 215435
owing to the molecular
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Table CVIII, Bond Energies in Organic Molecules

Bond Energy Bond Energy
keals keals
C—H 8556 C—F 104*
Cc—C 6277 C—Cl 69
C=C 10116 C—Br 57
C=C (acetylene) 128-15 C—I 43
O—H 110 N—H (NH,) 83
C—O (alcohols) 75 N—C 535
C—O (ethers) 75 C=N (HCN) 146
C=0 (ketones) 155-157 C=N (nitriles) 149
C=0 (CH,0) 144 N=C (isonitriles) 139
C=0 (aldehydes) 149'5 C=N 84*
o
7
d (HCOOH) 348 N=N 8o*
N
OH N—N 2743
o
/ N-—-O 61*
(¢ (acids) 360%
N N=0O 108%
OH
o P O
7 /7
C ( formates) 313 N"’\ 169 < E < 186
ocC o~
(0] C=S5 (CS,) 1075
/7
C\ (esters) 327 C—S 54
I
oc i S—H 82

* approximate values

resonance, it is not possible to assign separate energy values to the C=0,C—O
and O—H bonds and in Table CVIII the heats of formation of the groups

o (0]
C< in acids, and Ci
O—H Oo—C

in esters are given. It will be noticed that for formic acid and the esters
of formic acid, lower values of the energy are obtained compared with the
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higher homologues; this is most probably duc to the fact that resonance
with a structure having a positively charged hydrogen atom, viz

O.—

‘H G
AN

O—H

is improbable since it involves a divalent carbon atom. In the higher
members, the corresponding structure

H+ O-
/
H,C—C=C
H \O-4H

may partake in the resonance of the molecule.

The energy of the C—CIl bond has been obtained from the heat of
chlorination of cthylene, 43-65 kcals ; the heats of bromination of several
ethylenic hydrocarbons have been determined, which permits the evalu-
ation of a more accurate value for E._j than for E, . The value
obtained is 57 kcals which is slightly greater than that obtained from the
values of the heat of bromination of mcthane and ethane, 53 kcals. The
C—1 bond energy has been obtained from the heats of combustion of
alkyl iodides and it is very probable that the valuc obtained is somewhat
low. The energy of the single bond between two nitrogen atoms, Ey_y,
has been obtained from the heat of dissociation of hydrazine and will be
discussed later. The energy of the N—O and N=O bond may not be
obtained so directly, but may be calculated from a knowledge of the energies
of the following groups : C—O—NO, (312 kcals), C—O—N=0 (244 kcals),
C—NO, (240 kcals), N—NO, (231 kcals), C—N=0 (162 kcals), N—N==0
(148 kcals) and C=N—OH (255 kcals).

An examination of the values of the encrgies of different bonds shows
that the bond encrgy is increased if the bond possesses some ionic character.
Homopolar double bonds, in general, have a value of the order of 100 kcals :
C=C, 101'16 kcals ; N=N, 8o kcals ; C=N, 84 kcals ; but in the strongly
polar carbonyl group the value of the bond cnergy is much higher, being
of the order of 150 kcals. This increase in strength with increase in ionic
character is reflected in the internuclear distance which is, for C=C, 1-34 A
and for C=0, 1-20 A. This behaviour is also shown by the corresponding
single bonds, E;_ being 62-77 kcals and Eg_, 75kcals and the bond
lengths respectively 1-54 A and 147 A.

According to the Heitler-London theory of valency, the energy of a
molecule consists of the exchange energy 4 and the Coulomb energy ¢
(see Chapter 3). The exchange energy of a localized bond will include
both the attraction and the repulsion energics, and the Coulomb energy
will represent the energy of interaction of all the charges in the molecule.
In addition, it is necessary to take into account the energy of cxcitation V
required to transfer a carbon atom in its ground state, 1s%2s22p2, to the
excited state, 1s2252p%, where it may form four identical sp® hybrid bonds.
The total energy of formation of a bond will thus be

E=—V4+2C+3Z4—-4ZA vers (115)
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H where ¥4 represents the exchange energy of all

s electron pairs forming bonds, and XA’ represents
the exchange energy for all other pairs of non-
localized electrons.

H" “hro oy In methane there are eight valency electrons,
; four from carbon (Figure38;1,2,3 and 4) and
one from each hydrogen atom (5, 6,7 and 8). The
exchange of electrons 1-5, 2-6, 3-7 and 4-8 gives

7 rise to the four C—H bonds with a total exchange
H energy of 44cg. In addition to the above ex-
Fi 8. Methane electron ChaDge process, each electron of the carbon atom
w3 ,,af,; e e may be exchanged with one of the other hydrogen
electrons and there are twelve such interchanges :
1-6, 1-7, 1-8
2-5, 2-7, 2-8
3-5, 3-6, 3-8
4-5, 4-6, 4-7

with a total cxchange energy of — 122 A’cg.  Finally there will be the

interaction energics of the four clectrons of the hydrogen atoms :

5-6, 5-7, 5-8

6-7, 6-8, 7-8
and we will designate the energy of each such interaction by R. Thus for
the energy of formation of methane we have

Ecn‘:—‘ V+2C+4Acn—6Alcn—‘6R ....(11.6)
Similarly we may write
Ecz“a = — 2V 4 BC - 6Agy + A — 94y — A ¢ — O6R

(1)
Eou = — 3V + EC + 84eq + 24cc — 124" — 1564'cc — TR
c...(11.8)
where Ag is the exchange energy of electrons forming the C—C bond
and d4’c, is the exchange cnergy of the non-localized electrons of the
different carbon atoms.
In general we may write
Eo oy ™ nV +XC -+ (2n -+ Ndeg + (n — D Aee — (3n + 3)A'cx
— T (n— DA — (n + 4R co..(11.9)
As will be evident from equation 11.9 the quantum mechanical treatment
has led to the appearance of a number of additional terms in the expression
for the energy of formation compared with the simple additive treatment
(equation 11.2). The bond energy terms, e.g. Eq ¢, Ec g, arc in fact
complex functions, including in addition to the exchange and Coulomb
energies of a bond, the excitation energy of the valency state of carbon
and the repulsion energy of the non-bonding electrons.
The quantum mechanical treatment gives a constant value for the
difference in energy of two adjacent hydrocarbons commencing with
ethane, viz

Eon“2n+2_E°n— l“2n= - V+2Acn+Acc—3A’cx“‘7%A’cc-R+Azc(vl : IO)
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Thus the quantum mechanical treatment is not in agreement with the
experimental values.

DEVIATIONS FROM THE ADDITIVITY RULE

Isomeric effect— The additivity rule for bond energies applies only to
compounds in a homologous series and small changes in structure cause
deviations in the heats of formation. If the additivity rule were correct,
saturated hydrocarbons possessing the same number of carbon and hydrogen
atoms would have identical heats of formation. This, however, is not
correct as is shown in Table C1X, where the experimental data indicate that
the heat of formation

of a branched chain Table CIX. Heat of Formation of Isomeric Hydrocarbons

hydrocarbon is always Heat of Heat of
c (ydrocai bons wth formation o ontspon ing lormation ifjerence
greater than that of th Hyd qui s k| formation of | C }1 ff g Di ;
T anci chamn 1someric norma. of normna ails
no::mal hyfirocarbon. hydrocarbon | hydrocarbon | hydrocarbon
This effect is not only keals heals |
shown by the hYdI‘O- Isobutane 1,046°4 Butane 1,044'8 16
carbons, but also by opmiane 270 .
1279'74 . 194
other classes of com- 7Tetramethyimethane 1,282 7 }Pm!ane 12778 49
pounds: alcohols, Mellylhexane (2-and 3-) | 1,747°4 16
3-Ethylpentane 1,746'3 oy
esters, ketones, efc. 37 a-Dimethylpertans 17468 | Urteptane igss | 18
The difference in the 2, 3-Dimethylpentans L7474 ' 16
. 3, 3~Dimethyltentane 1,7482 2°4
heat of formation of 2, i~Duncthyipentane 1,747 6 8
two isomers is relatively , , . 7 : .
, 2, 4= Trimethylpentane 1,0826 . 31
small (about Itos kcals, Hexamethylethane 1,984'6 }Oclam 1,979°5 51
see Table CIX) and since 2-Methylnonane 2,44865 143
Decane 2,247 2
the heats of formation 5-ehvinonane %448 25 ' o8

aregenerallydetermined
at 298° K, the question arises as to whether the difference is duc to some
contribution to the heat of formation, dependent on the symmetry of the
molecule and on the nature of the vibrations. Prrser3, however, has shown
that the transfer from the normal to the branched chain hydrocarbon at
0° K does incur the absorption of energy (Table CX).

If we consider this

Table CX. Change of Heat Content on Isomeric Transformation problem from the poin t

| 4H i . of view of the rcpulsions
Reaction ‘ ato® K at 298’ K cxisting between
i keals keals . 2
" S ncighbouring hydrogen
n-Butane —» Isobutane — 127 £ 021 — 16 4 020 .
n-pentane = Isopentane — 1'42 4 0'27 - 1'g + 027 atoms, we ﬁnd thdt fO!‘
n-pentane = Tetramethylmethane — 402 + 032 —49 to03 each CHa group there

- are three such repul-
sions, but for a CH, group only one. Thus in the quantum mechanical
equation for the heat of formation of butane, there will be eight repulsion
terms and for isobutane, nine such terms. This treatment, therefore, leads
to the prediction that the heat of formation of the branched chain hydro-
carbons is less than that of the normal hydrocarbons, a conclusion which
is the reverse of that obtained from the experimental data. Furthermore,
the heat of formation of the molecule is greater, the greater the number
of interactions between hydrogen atoms, H . . ... H. Thus in pentane there
are nine, in isopentane ten, and in tetramethylmethane, twelve such
interactions ; whereas the heat of formation of isopentane is greater than
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that of pentane by 1-g kcals and that of tetramethylmethane by 4-9 kcals.
Similarly, in n—octane there are twelve H.....H interactions and in
hexamethylethane there are eighteen and the heat of formation is increased
by 5°1 kcals.

It may be that it is necessary in compounds containing tetravalent
carbon atoms, to take into account the resonance with valence bond
structures in which carbon is in the divalent, i.e. s?p? state. If this be so,
then for methane it is necessary to consider the resonance between the

orms @ H H H H
A4 N
C and C
VAN /o

H H H H

one structure six structures

Such resonance will bring about a gain of energy, and the greater the
branching, the greater is the number of such structures.
The heat of formation of the ethylenic hydrocarbons is dependent

: ; . o Hvdh upon both the position of
Table CXI. Heats of Formation of Ethylenic Hydrocarbons the double bond and the

Heat of | Number of |Number of degree (.)f branching. A
Molecule formation e ionic ~ comparison of the d_a'ta
keals | interactions | structures for butylene and iso-
pre el e R B butylene shows that the
CH,=CHCH,CH, 911'9 I 5 2 latter compound has a
CH, ! ' heat of formation

i greater by 3-5kcals than
CH,=C 9154 7 C 6 that of the former
| (Table CXI). This

CH, : difference is possibly in
¢is 0136 | N part due to the isomeric
CH,CH==CHCH, 1 6 . 6 effect, but there will
trans 914'6 j ! also be a greater
CH,=CHCH,CH,CH, | 1,451 | 6 , 2  resonance energy owing
! ; to the contribution of
/CHa | | ionic structures which
— CHC i o | is suggested by the di-
CH,=CHC ’ b147ro ; 7 ' pole moment data. In
CH, ; ’ isobutylene (p = 0:49 D)
. | there are six structures
CH,CH=CHCH,CH, | L1472 7 w 5 of the type,
CH, | 1 ‘ +H CH
CH CH——C/ | 1,150" 1‘ t N J
3 - g 1504 : 9 ; 9 C——-CHZ
CH, : | ! /
| : ! H,C

whereas in butylene (u = 0-30 D) there are only two analogous structures,
viz H+
CH;—CH=CH—-CH,
The data for other ethylenic hydrocarbons is given in Table CXI.
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The energy of the acetylenic bond, C==C, in acetylene is 1286 kcals; in
methylacetylene the value is 132-2 kcalsand in dimethylacetylene, 135-5 kcals.
Thus the energy of the C=C bond is found to increase as the homologous
series is ascended, although it is possible that, as in other cases, the value
may become constant after the fourth or fifth member ; the necessary
experimental data, however, is not available. The increase of the bond
energy is most probably associated with the increased contribution of ionic
structures to the resonance of the molecule. Thus in methylacetylene
there are three structures of the type

+HCH,=C=-CH

and in dimethylacetylene six similar valence bond structures. It should,
however, again be emphasized that in calculating the energy of the C=C
bond, the energy of the C—H bond has been assumed to be that in methane,
an assumption which is not necessarily valid.

Resonance energy— Where the deviations from the additivity rule are such
that the actual energy of formation is greater than the calculated value,
it is found possible to describe the molecule by more than one valence
bond structure. Thus it is found that every resonating molecule is more
stable than it would be if it had the valence bond structure assumed for
it in calculating the bond energy. The difference between the calculated
and observed values has been termed the resonance energy by PAuLingt.
This quantity we shall denote by the symbol Ep.

In butadiene resonance occurs between the ordinary structure
CH;=CH—CH=CH, and other structures involving only one double
bond, viz—CH,—CH=CH—CH,— and also, but to a lesser cxtent,
+CH,—CH=CH—"CH,. The sum of the energies of the bonds in the
ordinary structure is 7784 kcals and the experimental heat of formation
is 782:g kcals ; the difference, which is the resonance energy Ly, is 4°1 kcals.
For 1-methylbutadiene CH;=CH—CH=CHCHj;, [Ejy = 6-16 kcals, for
2, 3—dimethylbutadiene CHy=C—C=CH,, Ey = 4-0 kcals and for isoprene

|
CH, CH,
CH,

!
CH,—C—CH=CH,, [y = 8-3 kcals. If the resonance of the molecule is
prevented, the additivity rule is found to apply, as in
CH,=CH—CH,—CH=CH,
or in
CH,—CH—CH,—CH,—CH=CH,
A comparison of the

resonance eqcrgics . of  Tapie CXII. Energies of Structures having Different Multiple Bonds
structures involving

triple and double bonds

Arrangement | Energy of | Arrangement | Energy of

may be made by con- Moleeul a/h}md: cC ;m; ofbombd cG bom:s i

1 1 i olecui in first n fost 1n secon in secon ifference
SI.(ierlng dlacetylene’ Structure structure Structure Structure
vinylacetylene and keals keals

butadiene. Their Diaeers | = = Z| 3197 | = = = | soas | 163
iyl acetylene | = —~ = 292 = m - 2 a7
resonance  structures ymisbime| = - - ag = = - | 36 ”

are as follows :

N
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HC=C—C=CH HC=C=C=CH

HC=C—CH=CH,

......... TPYPTRY

H,C=CH—CH=CH, H,C—CH=CH—CH,

I n

In Table CXII the differences in energy between the two valence bond
structures I and /I for the three compounds are given and it is seen that
the energy difference increases in the order diacetylene, vinylacetylene,
butadicne, and it is therefore to be expected that the contribution of the
second structure IT will decrease in that order, i.e. the contribution of
structure I to the resonance of acetylene will be greater than in the case
of butadiene. That this is so is shown by the values for the polarizability.
The case of polarization of the molecule, as shown in Chapter 10, is
dependent on' the contribution of the valence bond structures with non-
saturated carbon atoms and in the hydrocarbons considered here, the
polarization increases in the order butadiene, vinylacetylene, diacetylene.

Table CXIII. Resonance Energies of Aromatic Hydrocarbons

Molecule Resonance energy Molecule Resonance energy

keals keals
Benzene 944 Diphenyl 6-8
Naphthalene 134 Triphenylmethane 98
Anthracene 86-22 Diphenylmethane 3'9
Phenanthrene 19302 Toluene 37
Chrysene 27+ 7 o0-Xylene 36
Stilbene 10°2
Ethylbenzene 41
Styrene 3-8
Diphenylacetylene 57

Perylene 143 + 7

The resonance energies of some aromatic hydrocarbons are given in
Table CXIII. Further insight into the resonance of benzene may be
obtained from a study of the three successive stages of the hydrogenation
reaction. We have

CeHg + H, = GgHy 4dH = 5-57 kcals
Ce¢Hy + H; = C¢H,, AH = — 26-78 kcals
CgHyg - Hy = CGgH AH = — 28:59 kcals

The first stage is endothermic owing to the high resonance energy of
benzene. The value of the heat content for the second stage is less than
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that of the third, since in 1, 2-dihydrobenzene, resonance with the structure

(s

N
can occur, and the difference between the heat contents for these two
stages will be the resonance energy of 1,2-dihydrobenzene (Ey = 28-59
— 2678 = 1-81 kcals). If Ey is the total resonance energy of benzene,
the resonance energy neutralized in the first stage of hydrogenation will
be Eg — 1-81, and if the change of heat content for a normal stage in
the hydrogenation is taken as — 28-59 kcals we have that

28:59 — (Egx — 1-81) = — 5-37 kcals

and hence Ej = 35-97 kcals, a value which is in satisfactory agreement
with that obtained from the heat of formation of benzene, 34 kcals.

The high resonance energy of benzene frequently dectermines the course
of a reaction, when compared with a similar reaction involving a molecule
possessing no resonance energy. For example, cyclohexene may be
catalytically transformed to cyclohexane and benzene8,

3C H,, = CgHg -- 2CH,, 4dH = — 35-97 kcals
This reaction is thermodynamically favourable since the resonance energy
of benzene is gained in the reaction. Similarly, the catalytic dchydro-

genation of cyclohexane into benzene at 300° K has
been shown by TAYLOR® to occur owing to the gain  Table CXIV. Resonance Energies

of the resonance energy, whercas the dehydro- o Heterogyelic Compounds
genation of cyclopentane and cycloheptane are ,
thermodynamically unfavourable. Molecule . Resonance energy
In pyridine and its analogues, in contrast to o hals
benzene, ionic structures of the type Pyndine . q22
Jutnoline 67
‘ \ a&l’irolme E 4(7)2
-N J n p-Picoline { 482

. contribute to the reso-
Table CXV.  Additional Resonance Energies of Benzene Derivatives yance of the molecule in

addition to the Kckulé

i Resonance " Resonance (ype  structures.  This
Molecule ’ ik Molecule DY has the effect of increas-
. o —- ing the resonance energy
C¢H,Cl a6 (CgH),N 54 of pyridine compared
oH CHLNH, 63 :}f/l\t’}llVlicnzcnc (sce Table

y p .
C,H, orthe . 6q CH,0H 42 The resonance of the
substituted derivatives
COOH CeH,OC,H, 52  of benzene arc of par-
co ) C.H.NO 20 ticular interest since
/N ‘ e @9 .dditional resonance
C.H, (e] 195+ 5 GCH,COCH, (—3) occurs, apart from the
C resonance of the
co ; : CH,CHO "9 henzene ring. In
NH,CH,CHNH, | 123  CH,.CN 39 Table CXV the values

of the additional
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resonance energy, excluding that of the benzene ring, are given for various
benzenc derivatives. The presence of two substituent groups, if located in
the ortho or para position will create additional resonance structures. For
example, in p-nitraniline the following valence bond structure is possible :

and its contribution to the molecule resonance has been confirmed by
dipole moment measurements. We should, therefore, expect deviations to
arisc in the values of the bond energies. Unfortunately, however, there
have been few thermochemical measurements with compounds of this type
and such data as exist are inaccurate. An alternative method based on
the heats of neutralization of amines has therefore been employed for the
determination of the resonance encrgies of these compounds. The heats
of neutralization of methylamine, ethylamine and ammonia are respectively
13 keals, 13-2 keals, and 12-3 kcals, the reaction being

RNH, ,q + HyO* oq = R*NH, 54

In aniline owing to the contribution to the resonance of the molecule of
the structure

the nitrogen atom may be regarded as being already partly in the tetravalent
state and positively charged, i.e. the amino group is already ° partially
neutralized’. On neutralization with an acid, therefore, less heat will be given
out. Alternatively we may say that a certain amount of energy has been used
in overcoming the resonance of the molecule and that therefore the heat
of neutralization is 13 — Ez. This method of calculating Ey is open to
criticism as it does not take into account the heats of hydration of the
molecules and ions. The heats of ncutralization are given in Table CXVI
and the value obtained by this method for the additional resonance energy
of aniline, viz 13 — 7:4 = 56 keals, is in reasonable agreement with the
value calculated from the heat of combustion. The heats of neutralization
of p—aminoazobenzene and of o- and p-nitraniline are considerably lower
than the normal value owing to the high resonance energy of these molecules.
In p—aminophenol, which is not a zwitterion, the reverse effect is observed
and the heat of neutralization is raised by comparison with aniline. This
result is most probably caused by the suppression of the resonance of the
amino group with the benzene ring by the presence of the hydroxyl group.
The oxygen atom may exist in the positive trivalent state, as in the structure

H—O+—O=+NH,
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and the resonance of Table CXVI. Heats of Neutralization of Aromatic Amines
the amino group with 1
the benzene ring will | Heat of

1

It Heat of
thus be lowered and Molecule {neulmlxzalwn ‘1 Molecule neutralization
hence the contribution i keals | heals
of the = *NH,, state t0 Aniline .. T a0 || p-Nitranitine e
the resonance of the a-Naphthylamine | 644 | o-MNitraniline | 181
amino group reduced. A-Naphthylamine | 5:30 || o-Aminophenol, 8'33

The value of the heat of ?~Amiroazobenzens | 1-77 l p—Toluidine i .

neutralization of p—tolu-
idine, CH3CgH,NH,, is very near that for aniline, being 7+6 kcals ; evidently
the CH,4 group has a negligible influence on the resonance of the molecule.

The heat 6f formation of carbon dioxide is 336-9 kcals and since the
energy of two C=O bonds is 310 kcals it follows that Ej = 26-g kcals, the
resonance being between the two structures O=C=0 and O—C=0+,
By similar calculations using the energies of the C=0,.C—0O and O—H
bonds, we find that for the group COOH, Ej = 20 kcals and for the group
COOC, Eg = 22kcals. A greater deviation from the additivity rule
occurs in acetic anhydride

o)
//
CH,—C
N
(o)
s
CH,—
AN
o)

where, owing to the presence of two C—O bonds, Eg == 28 kcals. In
carbonic acid and its derivatives resonance occurs among the three
structures :

O- o-

: L ;
R—O/ \O-——R R—-O/ \O+—R R——O+/ \O—-R

the resonance being somewhat inhibited in the esters, but not in the ion.
For the esters the resonance energy is 27 kcals.

When the resonance is between purely homopolar valence bond struc-
tures, the resonance energy is less than when ionic structures are involved.
This general rule may be illustrated by considering the resonance structures
of furan and cyclopentadiene. In furan, I, the resonance involves

HC—CH HC = CH HC=CH
SN
Hé %H HC-  CH HG:eoeees H
/ N7 N
Ot
1 u 1/

the ionic structure I7, as well as the cross linked structure /II. From the
heat of formation we find that Ey = 144 kcals. It is very probable that
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this resonance energy is largely due to the resonance between states I and
II since cross linked structures do not generally make large contributions
to the resonance of the molecule. This reasoning is substantiated by the
fact that the energy of hydrogenation of furan is 36-63 kcals and of cyclo-
pentadiene 5056 kcals. Since any resonance that occurs in the cyclo-
pentadiene molecule can only involve the structures /V and V, the difference
between these values, viz 13-93 kcals, represents the resonance energy

HC—CH HC=CH
VAN 70N
HC /CH HC\ . /CH
C (¢
H H

v V

of the normal [ and ionic /I statcs of furan. This behaviour is even more
marked in pyrrole, where £ = 25 kcals,
In diacetyl the two neighbouring C=O groups mutually hinder their

bond resonance since the ionic structure

CH;—C+—C+—CH,4
Oo- O-
is improbable owing to the positive charge on cach of the adjacent carbon
atoms. The bond resonance in both carbonyl groups will thus be reduced
and in agrecment with this view, the bond energy of the carbonyl groups
in diacetyl is found to be 14730 kcals, a value which is significantly lower
than that in normal ketones : 155 to 157 keals.

In the bond between a carbon and a halogen atom, considerable resonance
occurs between the homopolar, C—Hal and ionic, CGtHal~ states, as
indicated by the dipole moment data. This may also be shown by a com-
parison of the experimental bond energies with the values calculated by a
formula suggested by Pauling?, for the homopolar bond between carbon
and halogen. A normal covalent bond AB will be similar in character
to the homopolar bonds A—A and B—B, and it is to be anticipated that
the energy of the bond AB will lie between the values for the bonds A—A
and B—B. Pauling therefore assumes that the energy of a purely covalent
bond between the unlike atoms A and B is given by the arithmetic mean of
the energics of the bonds A—A and B—B. There is no particular reason why
the arithmetic mean has been chosen and in certain cases better results
arc obtained using the geometric mean. In general, however, the diver-
gence between the values of the two means is small and for convenience
the arithmetic mean is generally used (sce Chapter 6 for a full account of
this method), Thus

(B~ B)eovatent == 3 (Ex-a + Esp)
Using this formula we find that the energy of the covalent C—F, C—Cl
and C—3Br bonds are 63, 60, and 54 kcals respectively compared with the
experimental values of respectively 104, 70 and 57 kcals. The difference
between the experimental and calculated values are : C—F, 41 kcals;
C—Cl, rokcals ; C—Br, 3 kcals, an order which is in agreement with the
decrease in polarity of the bonds. The experimental value for the energy
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of the C—I bond is slightly less than the calculated value due, most
probably, to experimental error.
In acetyl chloride the energy of the group
. /O
—C

AN
cl

is lowered by comparison to the sum of the C—O and C—Cl bond cnergies
by 6 to g kecals owing to the contribution of the structures
(O o+
/ N 4
CH;—C and in particular CGHz—C
AN
Cl+ Cl-
Similarly, deviations from additivity arc observed when resunance
between C=0 and C=C or C=C groups can occur. Thus the heat
of formation of CHZCH,C-=CCOOC,H; is 3 kcals greater than that of
CH,C=CCH,COOC,H; owing to the contribution of the ionic form

CH,,CH20+zC==(I]——OC2H5

O_.
which can occur in the former molecule but not in the latter.
Table CXVII gives the resonance encrgy of several compounds con-
taining the CONH, group in which resonance with the structure
O__
—C

+NH,
is possible.

The data given in Table CVIII show a diffcrence in the encrgics of the
C=N bond in HCN, nitriles and isonitriles. In the nitrile group, bond
resonance occurs between the homopolar structures —C==N and the ionic
form —C+=N-, the contribution of the latter structurc heing largely
responsible for the high dipole moment of the nitriles, The difference
between the energy values of the C-=N bond in HCN and RCN lies in
the fact that there are fewer ionic structures in HCN compared with RCN.
For example, in CH4CN, in addition to the homopolar structure H,C—C=N
and the bond resonance structures described above, there arc three ionic
structures of the type THH,C=C=N~ with which resonance can occur.
In hydrogen cyanide there is only one such structure, 2iz +HC=N~, which
is less probable than the corresponding structures for methyl cyanide, since
it contains a divalent carbon atom. In the isonitriles, bond resonance will
occur between the forms R—N=C and R—Nt==C~ but molecular
resonance of the type described in hydrogen cyanide and the nitriles is not
possible. Thus the values of the bond energies arc expected to increase in
the order isonitrile, hydrogen cyanide, nitrile, in accordance with the
experimental data. The value of the encrgy of the C=N bond obtained
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Table CXVII. Resonance Energies of Nitrogen Compounds*

Resonance Resonance
Molecule energy Molecule energy
keals keals
)
RCONH, ' 114 NH—CO
CO(NH,), ‘ 230 CH—NH 1 70°5
C¢H,CONH, ‘ 173 i O—NH CcO f‘
(C,H,CO),NH L a1y NH, ‘;
(Allantoin) |
CH,CO E
NH I 338 1
/ : NH—CO ;
C,HyCO | | /NH !
| CH C \
(C¢H,CO)NH i 245 11} | y CH 916
(CeH,CO){N i 482 N 4
CO ‘ (Hypoxanthine)
VRN |
CeH, NH ' 198
AN |
coO !
II NH—C|O
NH
C,H,NHCOH L a2 bo & N
\ | | co 839
CeHNHCOC,;H{ | 192 NH— NH/
(CeHZNH),CO i 328
(Uric acid)
C,H,CONHC,H; 232
i
IIIH—»CO NH—CO
NH
do ko 302 H.N—J: L N
| | 1& £| CH 1109
NH—CO — ‘\ 7
N
(Alloxan)
(Guanine)

* The values have a possible error of + 5 kcals since only approximate vglues are known for the heats of
sublimation.

from the heat of formation of dicyanogen, C,N,, is 142 kcals which is
4 keals less than the value for hydrogen cyanide. This is most probably
due to a suppression of the bond resonance, since the structure
N-=C+=C+=N- is energetically unfavourable owing to the positive
charges on the’adjacent carbon atoms.

The resonance energy of thiourea is 8-9+ 5 kcals, considerably lower than
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that of urea. Evidently oxygen participates more readily in the resonance
of the molecule and the structure J makes a greater contribution to the
resonance of urea than structure I7 to the resonance of thiourea.

+NH, +NH,
/ /
o-~c\ s—*c\
NH, NH,
I 7

In methylisothiocyanate, CH;NCS, the resonance energy (15°g kcals) is
produced by the contribution of the ionic structures :

CH,—N+=C—$§-, CH,—N-—C=S+

to the resonance of the molecule. In methylthiocyanate the only possible
ionic structure is

CH;—S*+=C=N-
since the structure involving a positively charged nitrogen atom is im-
possible ; the resonance energy should therefore be lower in comparison
to CH,NCS.

Distortion of rings— In the cyclic hydrocarbons, the heat of formation is
lowered considerably in comparison with the calculated value on account
of the distortion of the valency angles. The extent of the distortion
decreases in the order ¢pclopropane (C—C—C, angle 60°), ¢yclobutane
(C—C—C, angle 90°), c¢yclopentane (C—C—C, angle 108°). In ¢yclo-
hexane and cycloheptane the structures are formed without distortion of
the tetrahedral angle. The effect of the distortion of the ring on the heat
of formation is shown in Table CXVIIl. The effect makes itself apparent
in other physical properties such as molecular
spectra and refractivity and also is the causc
of the chemical instability. This effect has
been frequently referred to as ring strain.

Table CXVIII. Lowering of Heats of
Combustion on Distortion of Bond Angles

[ : Decrease in
This is an_unfortunate term as the energy Moleewle | GG bond
difference is entirely due to the fact that in | energy
these structures, the bonding orbitals do not keats
overlap to the maximum extent, except when oo ,
the line joining the two nuclei forming the C;ilzllinge - 'f)
bond happens to lie along the axis of both Cyclopentane .. 2'g
bonding orbitals. In carbon in the sp3 statc nyclohexane . 18
the angle between these axes is the tetrahedral
angle Cycloheptane .. 1

g e . cis-Dekalin .. 09

Keto-enol  tautomerism— The change from gans-Dekalin .. 04
the keto to the enol form of a molecule

generally involves the transfer of a proton
from a carbon atom to an oxygen or nitrogen atom and the energy changes
incurred in such a process may be studied from the point of view of bond
energies. In acetone, for example, there exists an equilibrium between the
keto form
CH3——i}—~CH3
O
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and the enol form
CH,—C=CH,

OH
In the keto form the bond system
C—C—H
|

occurs with a total energy of 303-4 kcals whereas in the enol form, the bond
system becomes
C=C

|

O—H
which has a total bond encrgy of 286-2 kcals. Thus the keto form is more
stable by 17'2 kcals than the cnol form, a value which is sufficiently large
to cause the equilibrium mixture to consist almost entirely of the keto form.
The equilibrium may favour the enol form if additional factors are present
which bring about a gain in cnergy. Thus phenol is normally regarded as
being in the enolic form, but may exist in the keto form :

H H

of

This structure, however, is much less probable from energy considerations,
since although 17-2 kcals have been gained on account of the redistribution
of the bonds, this transformation is accompanied by a much greater decrease
of the resonance energy of the benzene ring. Thus the keto is much less
stable than the enol form and the latter predominates.

Stabilization of another type occurs in the case of acetyl acetone :

H,C H CH,
AN
C
u ]
O (@]

In the enolic form, resonance of the two normal structures I and II with
the ionic structures III to VI occurs :

Hac\ /CH CH, H, C\ CH\ CH,
7 /
? \f o N
| |
O—H O O H-O
I g
H,C  CH CH, H,C CH CH,
N7 N\_./ NSNS
DL Tl
O- H* O- O- H+ O-
m w
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Hsc\ /CH CH, H,C CH CH,
c \C/ \G/ \G/
bk boet b
| 4 |74

The result of the contribution of these structures to the molecular
resonance will be that the hydrogen is equally bonded to the two oxygen
atoms which may thus be regarded as joined by a hydrogen bond (for a
discussion of the hydrogen bond, see Chapter 12). The gain in cnergy
owing to the resonance is sufficient to make the enol more stable than the
keto form and the equilibrium mixture is found to be 92 per cent enol
and 8 per cent keto in the gas phase.

BOND ENERGIES IN INORGANIC COMPOUNDS

In organic chemistry we have a very great variety of molecules which are
formed by only a few different types of bonds. It is possible therefore to
establish experimentally the constancy of the bond encrgy of any particular
bond. A rather different state of affairs exists in inorganic chemistry
where there is both a wide varicty of different types of bonds as well as
of compounds. We shall consider firs. the energies of the normal single
bond between like atoms. In the case of the clements of the first and
seventh groups accurate data are obtained from spectroscopic measurements ;
this has been discussed in Chapter 8. In P, and As, the atoms are
arranged tetrahedrally and each atom of phosphorus or arsenic thercfore
forms three single bonds, using the three unpaired p electrons. The
number of bonds in P, and As, will be six, corresponding to the number
of edges of the tetrahedron, and the energy of one P—P or As—As bond
may thercfore be taken as equal to one sixth of the heat of formation of
the molecule from gascous atoms. The heat of the reaction 2P, == P, may
be obtained from vapour pressure measurements and is approximately
gokcals. Using a spectroscopic value for the dissociation cnergy of P,
into atoms (116 kcals) we obtain the value of 262 kcals for the heat of
formation of P, and hence the encrgy of the P—P bond is 44 kcals.
Similarly we find that the heat of formation of As, is 203 kcals, and hence
the As—As bond encrgy is 34 kcals. In addition to the molecules S, and
Se,, which are stable only at high temperatures, sulphur and sclenium
exist in the vapour state as cyclic structures having the formulae Sg, S,
and Scg, Seq.  In these structures each atom forms two single bonds, there
being eight bonds in Sg and Seg and six in S; and Se;.  The bond encrgies
may be calculated from the energies of the reactions 3S3=4S,, S;=3S, ;
S,=28. For the encrgy of the S—S bond, the value of 52-5keals is
obtained employing the data for Sg and 51 keals using the data for S,
The corresponding values for the Se—Se bond are 42 kcals and 40 kcals
respectively. These values are somewhat different from those given in the
literature, since more recent values of the spectroscopic dissociation encrgies
of Py, Asy, 8, and Se, have been used. The main possibility of error lies
in the determination of the heats of formation of the diatomic molecules
from the higher polymers.

The energy of the S—S bond may be determined by another method.
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If in H,S, the atoms of sulphur form a normal single bond H—S8—8—H,
then by subtracting from the heat of formation of H,S, twice the energy
of the S—H bond, the energy of the S—S bond is obtained. The heat of
formation of H,S, is 205 kcals and the energy of the S—H bond is a half
of the heat of formation of H,S (162 kcals) and hence Ey_g = 205 — 162
= 43 kcals, a value which is somewhat lower than that obtained from the
heats of formation of Sgand Sg.  This discrepancy may he due to a difference
in the ionic character of the S—H bond in H,S and H,S,.
. . The data obtained may be used to
Table CXIX. Energies of Single and  compare the energies of the single and
Double Bonds multiple bonds (7able CXIX). The single
bond energies of phosphorus and arsenic

Atom if:;‘{;:f:g ”gigl‘)g"«"fg{ are slightly more than one third of the

keals keals energy of the triple bond. For sulphur and

- selenium, the single bond energies are more

p ne | 44 than half the energy of the double bond.

Qs A -/ A simil iation of bond energy with
A 83 | i similar variation of bond energy

Se 62 | ) multiplicity occurs in carbon: Eg_ o= 62

‘ kcals, Eguq = 101 keals, Eg=c= 128 kcals.

The existence of such molecules as Py, As,
and C, is now understandable since the transfer from multiple to single
bonds is accompanied by an increase in the stability of the molecule.

The encrgy of the single hond between two oxygen atoms may be
obtained by a process analogous to that used above for the S—S bond.
Hydrogen peroxide has the structure H—O—O-—H, thus containing two
O—H bonds and one O—O bond. The hcat of formation of water is
220 kcals which gives a value of 110 kecals for E,_y. Employing this value
and 254-5 kcals as the hcat of formation of hydrogen peroxide, we obtain
E,_o = 345 kcals. This value must not be regarded as too exact, however,
since for the successive dissociation of H,O we have

H,O = OH + H AH = 119-5 keals
OH=-0 4+ H AH = 99-5 kcals
Employing the latter value as the energy of the O—H bond we obtain for
the dissociation of hydrogen peroxide into two peroxide groups
H,0, = 20H 4H = 555 kcals
The energy of the O—Cl bond in ClL,O is found to be 49 kcals, hence
employing Pauling’s equation (page 100) we may write,
Eooa 2% (Eoo + Ea-a)
and hence using the value L _g == 57-8 kcals, obtained spectroscopically,
we obtain
Eo_o < 402 kcals
The examination of a considerable amount of data shows that the energy
of the O—O bond is to a great extent determined by the nature of the
adjacent molecules and we can therefore give only a very approximate
value for the bond energy.

The heat of the reaction 20, = O, is practically zero, although the
molecule O, exists as a separate entity. Pauling rejects the structure
0—0
[ ]

0—O
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and the heat of formation of the molecule, 275 kcals, is too great to be
accounted for by four single bonds. However, resonance between the
homopolar and eight ionic structures of the type
+0=0
b—o-

may occur and thereby increase the heat of formation. The molecule is
unstable, however, since the entropy of the O, molecule is less than twice
the entropy of an O, molecule.

The energy of the N—N bond may be obtained from the heat of for-
mation of hydrazine, HN—NH,, if the energy of each of the four N—H
bonds is assumed to be one third of the heat of formation of ammonia,
249 kcals. The value obtained is 22 +- 2 kcals. This is a particularly low
value, especially in view of the fact that the energy of the N, molecule is
of the order of 170 kcals and hence the energy of the single bond is much
less than one third of the energy of the triple bond. There are, however,
other data which confirm indirectly the low valuc of the encrgy of the
N—N bond. First, although the elements phosphorus and arsenic give the -
stable molecules P, and As, formed by ¢ bonds, the corresponding molecule
N, has never been observed. Evidently in this case, the transfer of = bonds
to ¢ bonds is unfavourable from energy considerations. Sccondly, the nitric
oxide molecule shows little tendency to dimerise to the molecule N,O,.
The heat of formation of NO is 122 kcals and if we assume that the energy
of the N=0O bond is 108 keals as in organic molccules, it follows that the
three electron bond contributes 14 kcals to the encrgy of the NO molecule.
In the formation of the dimer O=N—N=0, the encrgy of two three
electron bonds is lost and that of one N—N bond is gained. Since the
heat of this reaction is close to zero it follows that the energy of the N-—N
bond is of the order of 28 kcals, a value which, although approximate,
satisfactorily confirms the previously obtained low value.  Finally, the
cnergy of bonds between nitrogen and other atoms is relatively small :
thus Fyx_q = 38 kcals and [, _y, notwithstanding the resonance with
ionic states, is only 53 kcals.

In molecules forming single and multiple bonds, a parallelism is found
to exist between the decrease of the internuclear distance and the in-
crease of bond energy on converting a single into a double or triple bond.
Thus, where there is a large increase in the bond cnergy on increasing the
multiplicity of the bond, there occurs also a marked decrease of the inter-
nuclear distance. The variation of bond distance with bond multiplicity
is shown in Table CXX.

The heats of formation of the oxides of .
nitrogen are given in Table CXXI. ~ The ;“Jb’fﬂ cg’;“:fslngf:';%;%l[t’:ﬁ:";ﬂ;g
nitrous oxide molecule is linear, with the

oxygen atom at one end of the molecule and Taouble ‘] Teviple
is gencrally represented as a resonance hybrid g, | Bond

of the two structures Vsingle ]l Tsingle

N-=N+=0 N=N+—0- —

The contribution of these forms to the 90 | 82 | NN [ o7
resonance of the molecule must be about gg 3,90 s coO ‘;,;9
equal as nitrous oxide has an almost zero dipole SeSe | o093 d CC | o8
moment, and it is therefore not possible to PP | o085
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Table CXXI. Heats of Formation regard either of these formulae as a basis
of Nitrogen Oxides for the computation of bond energies.

Pauling? has suggested that in nitrogen
Mol lglhatﬁf o J,f"”,’.’f dioxide resonance occurs between the
*hcals keals  two structures :
O
N,O 208 N,Og 462 7 /O
NO 122 s (248) N/ N
NO, 194 N.O, (247) .
N,O, 325 HNO, | 344 N\ AN
N,O, 401 (@]
the dotted line '‘‘* representing a
1Y g

three electron bond. If the bond energics of N—O is taken as 61 kcals,
of N=O as 108 kcals and the three electron bond as 14 kcals, we obtain
the value 183 kcals for the calculated heat of formation, compared with the
observed value of 194 kcals. The difference of 11 kcals represents the
resonance cnergy. Although this resonance stabilizes the molecule, it is
insufficient to prevent dimerization to N,O,. The structure of this mole-
cule has not been established, but x-ray diffraction measurements suggest
that the atoms are arranged in the following manner :

o O
N N

For such a configuration it would appear that the arrangement of bonds
would be
O“\ O- @) (0]
/ N\ /
N+—N+ or \N——N/

O/ \O O/ \O

I /4
Structure I is unsatisfactory®, due to the adjacent positive charges, a
view which is upheld by an attempt to calculate the heat of formation.
The encrgy of two nitro groups, including resonance energy, lies between
338 and 372 kcals ; therefore since the measured heat of formation is
401 kcals the energy of the bond N*—N+ cannot be less than 29 kcals,
but since the energy of the normal uncharged N—N bond is of this order
of magnitude, the bond energy being considered must be less, since there
is considerable electrostatic repulsion. Thus a calculation of the bond energy
of the structure I, with the inclusion of the resonance energy, will fall below
the observed value. In structure II containing pentavalent nitrogen
atoms, the energy of excitation of nitrogen atoms to the pentavalent state
(25%2p® —> 2529%35) is so great that it is most improbable that the molecule
would have an energy of 401 kcals. An alternative structure not in agree-
ment with X-ray data would appear to be
(O N=0O

\N+-—-O/

o
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and the calculated value of the heat of formation assuming the molecule
to consist of one nitro group, two N—O bonds and one N=O bond, lies
between 399 and 416 kcals in agreement with the observed value.
Nitric acid has the structure :
H O
N /
O—N+
N
O_

and if it be regarded as the combination of a hydroxyl group and a nitro
group, we obtain the value 234 kcals as the heat of formation of the nitrate
ion. This ion will have the structure :

in which, through resonance, all the oxygen atoms are identical. The
following structures are possible for N,Og

O (@]
/ /
N+ N
O/ \O“ ’ O/ \0
N A
N+ N
\O" \O
1 1/ 4

For the purpose of estimating the heat of combustion, structure I may be
regarded as being composed of two
O
7/
O—N+
AN
O—
groups. This gives a heat formation of the order of 475 kcals in agreement
with the observed value. This structure I is also supported by the dipole
moment data. The formula 17, involving pentavalent nitrogen, is regarded
as improbable owing to the high excitation energy of the valency state. In
the decomposition of nitrogen pentoxide, it has been suggested that the
molecule NO, is formed as an intermediate product. This molecule is a
free radical and most probably may be represented by six valence bond
structures of the type
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For the dissociation energy of S—O, Herzberg! assigns the value
92 kcals ; from the heats of formation of SO, we find the average value
of the SO bond is 122 kcals and from SOy, 109 kcals. These values are in
agreement with the multiplicity of the SO bonds, since in the sulphur
dioxide molecule, each bond possesses one half double bond character
owing to the resonance between the structures O=8+—0~and O~—S+=0
and in sulphur trioxide the bonds possess one third double bond character
owing to the resonance between three structures of the type

@)
/
O-—82+
N
O—
The electrostatic interaction is greater in SOj although the excitation
energy of sulphur to the tetravalent, doubly charged, positive state is
greater than that to the trivalent, positively charged state.

If in the molecule S,Cl,, the energy of the S—S bond is taken as 52 kcals,
each S—CI bond has an energy of 61 kcals. Such an apportionment of
the encrgy of the molecule is only approximate since in addition to the
normal homopolar structure Cl—S—S—Cl, the ionic forms :

~Cl S=S+—Cl and Cl—S*+=S CI-

will contribute to the molecular resonance, The heat of formation of
SOCI, is 214 keals, of SO,Cl,, 316 kcals and of S,04Cl,, 615 keals.  With
these molecules, owing to the great varicty of resonance structures, it is

not possible to apportion particular energy values to individual bonds.
Table CXXII. Bond Energies for Hydbid The encrgies of bonds in-
aote - Dond Linergies jor [iydrides volving hydrogen (MH) and
and Halogen Compornds the ha%ogens (MHle) mzly be

Fnergy Frorgy Frergy obtained by dividing the
Y wne Y .
; heats of formation of the
Bond keals Bond keals Bond keals
o . o " molecules MH, and MHal,
SiH 75 BBr 77 PCl 75 by x. The values obtained
I S T 61 are given in Table CXXII.
AsH 5‘6 SiCl gg AsCl gg The \{alues for the energies of
the Si—O and Si=O0 bonds,
8_11-1 1 ;; 0 gl?r 69 25?" 53  which are also given in Table
! ol 51 S 34 (CXXII are obtained in the
SeH 65 Gedl 104 Sbf'l 73 former case from the heat of
TeH 51 SnCl 77 OF 59 . o A .
formation of silica (SiOy),, in
BeCl 107 PbF 105 ocl 49  which each silicon atom is
g;l lgg §II<(‘31 gg 2:5‘_0 gg bonded to four oxygen atoms,
BClI 96 NCl1 38 §i==0O 161 and in the la}ter from the
heat of formation of gascous

(molecular) SiO,.

An examination of the data given in Table CXXII shows that there is a
steady decrease in the encrgy of the MH bond as a periodic group is
descended. This behaviour is probably associated with the repulsion of
filled electronic shells and a decrease in the contribution of the ionic state.
The bonds of the elements of the sixth group with hydrogen are more
stable than those of the fifth group since the ionic structures M~H* will
be present in oxygen and its analogues to a greater extent than in nitrogen.
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From the values for the bonds involving halogen, no generalization can
be made. On descending a periodic group there will occur an increase
both of the repulsion due to the electronic shells, and resonance involving
the ionic state M*Cl—. It would appear that these two opposing factors
more or less cancel each other.

The energies of the bonds in polyhalogen compounds MHal,, do not
correspond in the majority of cases, with the dissociation of the corre-
sponding sub-halogen, MHal. Unfortunately, the relevant cxperimental data
are neither complete nor accurate and it is hardly possible therefore on the
basis of the existing data to make any generalizations. It may be pointed
out, however, that in a number of instances the observed data are in
agreement with ideas developed in Chapter 2 for the excitation of valency
states.  For example, with mercury and beryllium, the energy of formation
of the molecules MHal is less than that for the second stage of the reaction
MHal 4 Hal — MHal, :

Be +Cl=BeCl A4H:-=—99 kcals BeCl --C1=:BeCl, AH= —116 kcals
Hg 4 Cl=HgCl 4H=-—27kcals HgCl--Cl=HgCl, 4H= -— 52 kcals
Hg+Br=HgBr A4H=—25kcals HgBr+Br=HgBr, 4dH—~= — 45 kcals
Hg+1I =Hgl AH=~-11kcals Hgl +I =Hgl, A4ll—= — 35kcals
Ca+F =CaF  AH=-—29kcals Cal' 4-F =CaF, 4H=(—285 kcals)

Mercury and beryllium in the ground state have no unpaired electrons
and for the formation of a chemiczl bond it is necessary to unpair the two
s electrons and excite one to a p state. This excitation is necessary before
bonding can occur. Thus the energy of the reaction Hg + Cl = HgCl
does not indicate the energy of the Hg—Cl bond, but that bond energy
reduced by the electronic excitation energy. In the formation of the
second bond, the bonding electron is already unpaired and the correct
bond energy is liberated as the heat of reaction. In the casc of boron and
aluminum on the other hand, the energy of the first stage is greater than
that of the middle stage in the formation of BHal; and AlHalg. The
energies of the first stage are : AlCl, 110 kcals, BBr, 101 kcals, BCI, 117 kcals
and for the middle stage gt kcals, 77 kcals and 16 kcals respectively. The
electronic configuration of these atoms are s% and hence the first bond is
formed by the unpaired p electron whereas, in the sccond stage an s clectron
has to be excited to the p state and the heat of reaction is equal to the bond
energy less the excitation energy. Similarly in PCl,, the energy of each
P—Cl bond is 75 kcals, for the reaction PCl; + 2Cl = PCl; the heat of
reaction is only 78 kcals, i.e. 39 keals for each bond. In phosphorus the
electronic configuration is s2p3 so that in the formation of PCl, all the
unpaired electrons are used and the formation of further bonds will require
an additional expenditure of energy to transfer the atoms to the new
valency state.
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12
INTERMOLECULAR ATTRACTION

VAN DER WAAL’S FORCES

THE FORCES of attraction between molecules are responsible for the
changes in the physical state of substances which occur when the tempera-
ture or pressure is changed. Since the molecules do not fall into one
another, there must also exist forces of repulsion which will be operative at
short intermolecular distances in contrast to the attractive forces which
exert their influence over comparatively long distances. In gases the
forces of attraction are responsible for the divergence of behaviour from
that predicted by the perfect gas equation PV = RT. In liquids the
forces of atiraction play a considerable part in determining the physical
behaviour, and the magnitude of these forces may be obtained from the
heat of evaporation of liqui¢s. If 1 gm mol of a liquid is evaporated at
constant pressure, an amount of work P (Vi yeur = Vigua), is obtained. If
this quantity is subtracted from the latent heat of evaporation A, we obtain
a value for the energy spent in overcoming the attractive forces between
the molecules. A comparison of such values for different substances must
be made at corresponding states, and it is general to assume that the boiling
point of the liquid fulfils this condition since it is, for many substances,
0+64 of the critical temperature. The term P (Vypour — Viqua) may then be
replaced by RT without great loss of accuracy. Some values of the
intermolecular attraction energy for different compounds are shown in
Table CXXIIT and it is seen that the values vary over a wide range, but in

every case are very much lower than the energy value normally associated
with a chemical bond. In

Table CXXIII. Heats of Evaporation solids, which consist of an

Boiling pont | \RT Boiling point | & T 0rdered array of molecules,
Substonce t A ' s the encrgy of attraction

ch;’um . &2 o013 .;mm{mig .:d' 2396 g-gg may be obtained from the

rogen .. 20°4 o021 rop fonic act 327°4 -2 H : :

WNirogen | 39 on | Bbimionl| 3574 | 83, heat of sublimation in a
similar way to that de-

Qxygen .. go°1 146 Water .. 373°1 8-90 . Y

Krypton .. 119°9 192 || Anilme .. 457 9'39 scribed for llqulds.

Heon .. | w65t | 29 Many substances are

known to associate in the
gaseous or the liquid phase or in solution and in certain cases pairs of
molecules or higher associated groups are known to exist. The nature of
the forces of attraction which cause this molecular association is electrical
in origin, and is due ultimately to the fact that matter is composed of
positively charged nuclei and negatively charged electrons. For polar
molecules it is necessary to distinguish between two types of electrostatic
interaction, dipole-dipole and dipole-induced dipole. When molecules
possess a permanent dipole moment, the oppositely charged portions of the
molecules are attracted to each other and the portions with like charge
repelled. The resulting force between the molecules, whether it be attractive
or repellant, depends on the mutual orientation of the molecules and if all
configurations were equally probable the repulsion would compensate the
attraction and no association would occur. However, the distribution law
favours those orientations leading to attraction, since when the positive
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end of one dipole is attracted towards the negative end of the other, the
molecules are drawn together and the energy of attraction increases. On the
other hand when the ends of like charge approach, the repulsion increases
and the molecules are repelled. Attraction therefore prevails over repulsion.

Molecular association will be opposed by thermal agitation and thus a
high degree of association only exists at very low temperatures ; at high
temperatures all orientations will tend to become equally probable. This
behaviour is analogous to the orientation of a molecular dipole in an external
field, since in the present instance we are considering the orientation of a
molecule in the field due to the surrounding polar molecules.

The induced dipole interaction is due to the polarization of one molecule
by the dipole of a second mglecule, or more generally by the field due to
the surrounding polar molecules. The induced polarization is superimposed
on the dipole—dipole association and since it will have the effect of increasing
the dipole moment of the molecule, the attraction energy is increased. This
effect is reciprocal, each dipolar molecule polarizing the other.

The average energy of dipole-dipole interaction (see Chapter 18)
is given by

E, = — 2 p (12.1)

o 3 PRT coaa (e
where p is the dipole moment, r the distance between the centres of the
dipoles, ¥ Boltzmann’s constant and 7 the absolute temperature. This
equation may be applied at fairly high temperatures and only when the
distance between the dipoles is considerably greater than the length of the
dipole. The energy of attraction due to the induced dipoles is given by

Epy = — 2u2a/r® cono(12.2)

where a is the polarizability. We thus see that on the basis of classical
electrostatics it 1s possible to develop a theory which will account for the
two types of intermolecular interaction of polar molecules.

In order to account for the attraction between non-polar = rr
molecules on the basis of the electrostatic theory, it is neces-
sary to regard the molccule as a quadrupole, which may be

pictured as a molecule with two identical dipoles directed * -
in opposite directions. The quadrupole may be either linear
or rectangular as depicted in Figure 39. Such a treatment
may be applied not only to molecules such as CO,, which
consist of two identical polar bonds pointing in opposite = +

. . ) +a  Figure 39. Linear
directions, but also to homopolar molecules such as H,. Itis P

possible to calculate the field due to the quadrupole and to ™ g0l
consider, in a way similar to that described above, two types
of interaction, mutual orientation of the quadrupoles and polarization of one
molecule in the field of another. The calculation shows that the field due
to the quadrupole decreases more rapidly with the distance from the mole-
cule than does the field due to the dipole. The attractive force is thus a
short range force which rapidly falls to zero as the distance from the molecule
is increased.

A value for the quadrupole moment of the hydrogen molecule may be
obtained by the methods of wave mechanics, but it is found to give too low
a value for the van der Waal’s energy. Furthermore, the quadrupole
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treatment would also appear unsatisfactory when applied to the atoms of
the inert gascs, which have electron clouds possessing spherical symmetry.,
Nevertheless, the inert gases interact with each other in a similar manner
to other substances, as shown by their physical behaviour. Evidently,
quadrupole interaction, although occurring in certain cases is not a general
phenomenon and may be regarded as being supplementary to the interaction
of permanent dipoles. However, experimental data show that even with
polar molecules, another attractive force in addition to those produced by
the dipoles is operative. This fact is illustrated by the data given in
Table CXXIV. The heats of sublimation of the hydrogen halides increases in
the order HCI, HBr, HI, whereas the dipole moment and therefore the
dipole~dipole intcraction decreases in the same order. Although the
polarizability increcases
in this order, the in-
duced dipole interaction
is proportional to u?a,

Table CXX1V. Heats of Sublimation of Hydrogen Halides

Distance between | Dipole Polarizabililyi Heat

Molecul. lecules in t| (cc X 10%) | sublimation
solid state A D keals ~ and the square of the
» dipolemomentdecreases
ll}l(;l 389 g '*"6% 505  more rapidly than the
‘1br 417 07 35 552 arizabili . . .
HI 450 058 530 o polarizability increases

We must therefore con-
clude that electrostatic
theory does not account for a force which cause’ interaction between all
molecules both polar and non-polar.

An alternative and more acceptable theory of intermolecular forces was
developed by Lonpon by quantum mechanical methods. We shall illustrate
the basis of this theory by considering the interaction of two atoms of
hydrogen when they are sufliciently far apart so that no electron exchange
occurs .e. at a ‘ van der Waal’s distance’ of § to 4 A. Each atom possesses
no dipole moment, since owing to the spherical symmetry of the clectron
cloud, it is equally probable for the electron to be found on any side of the
nucleus.  This, however, only means that the average dipole moment,
taken over a period of time, is zero. At any given instant, the nucleus and
the electron are located at a certain distance from each other in a particular
configuration relative to an arbitrary set of coordinates. Thus each atom
always has a momentary dipole moment and such momentary dipoles
interact one with another in the same way as permanent dipoles. Although
we have considered the particular case

of the hydrogen atom, the same ideas + — +—- I } a
may be applied toany atom or molecule. -+ - n

According to the relative orientation + — — 4+ 1 } b
of the momentary dipoles, either attrac- -+ + — 1
tion, Figun 404, or rCPUISion’ Figure 4ob’ Figure go. Dipolar interaction, a attraction
may occur. A gain in energy of the b repulsion

system leading to attraction will occur

if the motion of the electrons in adjacent molecules is synchronized, for
example, moving from the first to the second position in Figure g40a and then
back again. The position of the electron in the atom is not fixed even at the
absolute zero, and this random movement of the electrons will tend to oppose
the effect of synchronization, having the same effect as thermal energy on
the orientation of permanent dipoles.
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The momentary dipoles set up a field which polarizes the adjacent
molecules or atoms and the induced moments tend to keep in phase with
the oscillation of the original dipoles. Calculation for the ideal case of the
interaction of two harmonic oscillators leads to the following expression for
the energy of interaction (sce Chapter 18).

3 a?

E = ‘";,’ir/"'o v (12.3)
where v, is the frequency and a the polarizability. This equation may be
applied to any atom or molecule and we find that the interaction of tem-
porary dipoles always leads to an attraction energy which is independent of
the presence of a permanent dipole. The energy, represented in equation
12.9 is generally referred to as the dispersion energy. A more detailed
treatment shows that that term /vy in the expression 12.4 may be replaced
by the ionization potential without significant error. Ionization potentials
are known for a number of molecules and in Table CXXV the data of
Sugpen, Warsa and Price! and of Stevenson and Hiepre? are sum-
marized. It is scen that the ionization potentials of molecules do not
vary over wide limits and for an approximate evaluation of the dispersion
energy a value of 230 kcals may be used ; thus the magnitude of the
dispersion energy is mainly determined by the polarizability of the different
molecules.

Table CXXV. Ioni- stion Potentials of Molecules

J |
Tonization { ITonization | ITonization
Molecule potential Molecule potential | Molecule potential
keals I‘ keals i keals
1 "
H,0 289 | NH, 249 i1 CHC—CzCH 247
CH,OH 249 | CH,NH, 226 | CHy=CHQL 229
C,H,0H 247 ll (CH,),NH 221 | CHCl=CHCl dis 221
C;3H,OH 247 ]1 (CHy)gN 217 CHCl=CHCI trans| 228
(CHy),0 242 | HCHO 250 Csllg 212
(CyH;),0 235 || CH,CHO 235 || Cai;CygHy 191
H,S 240 U (CHy),CO 233 i CgHyCH, 202
C,H,SH 224 l: CH,=CHCHO 232 | Cell,(CH,), 191
(CH,),S 217 ‘; CH,CH=CHCHO| 235 (Cl,),C=CH, 204
(C,H,),S 214 5; CH,CH,CH, 258 CH,C=CH 250
(n-C3H,)S 212 1 CH,CH==CH, 225

An important difference between dispersion forces, on the one hand and
dipole and induced dipole forces on the other, lies in their additive properties.
Let us consider first induced dipol;
forces. Let the dipole AB (Figure 41
polarize the molecule located at C. If A_B ¢ D E
on the other side of Cand at an equal ) + - - +
distance from C, there is located a Figure 41. Cancellation of induced moments
second dipole DE with a momentacting
in the opposite direction, it will polarize the molecule C to an equal extent,
but in the opposite direction to that induced by dipole AB, and the molecule
C will not be polarized. Thus we may conclude generally that the polariza-
tion of a molecule due to one dipole may be weakened or neutralized, if the
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fields due to other dipoles are superimposed on that of the original dipole.
The same conclusion applies to dipole-dipole interaction ; if two dipoles
are so arranged that they are attracted towards a third dipole they will be
prevented from occupying positions which are most favourable to their
own mutual interaction. Thus, in liquids and solids, as a result of the
ordered arrangement of molecules, dipole-dipole and induced dipole forces
may be compensated to a considerable extent.

The dispersion forces, however, possess different properties. As LoNDON?
has pointed out, if several molecules interact simultaneously with one another,
each molecule will introduce into the other molecules a series of coordinated
periodic dipoles, which are in phase with the exciting dipoles. Each molecule
thus produces a number of induced periodic dipoles each of which is
always oriented so that it is attracted to the corresponding inducing molecule.
The resulting simultancous interaction of several molecules leads to the
additive superposition of the forces of attraction of individual pairs of
molecules. Thus, for example, if we have three molecules, the dispersion

energy will be
E=Ej,+E3+Ey; cooo(12.4)

where E,;, E,; and E,; represent respectively the interaction energies of
the pairs of molecules 1 and 2, 1 and 3, and 2 and 3.

The van der Waal’s forces arc generally considered as the combination
of the three individual attractions described above. The average attraction
energy between two molecules will therefore be

1 /2u,%u,2 3 vV
E=— ,6(’%%’72' + py?ay + pola; + 4h“1“2;ﬁi)

oo (12.5)

where g, is the dipole moment, a, the polarizability and », the frequency
of the first molecule and p,, a, and v, the corresponding quantities for the
second molecule. The first term in the bracket represents the dipole-dipole
interaction, the second and third terms the induced dipole interaction and
the fourth term the dispersion intcraction.

In equations 12.1, 12.2, 12.3 and 12.5 the energy of interaction is found
to be proportional to 1/r®. This arises from the fact that the interaction is
between dipoles, either permanent or induced, and the field F due to a
dipole is proportional to 1/r3. Since the energy of interaction is al®/2, we
see that it will be proportional to 1/r8. In order to obtain the force of inter-
action, the energy must be differentiated with respect to the distance r and
hence is proportional to 1/r".

In addition to a dipole, a molecule may possess a constant or periodic
quadrupole or moment of higher order. The equation 12.5 obtained above

Table CXXVI. Relative Contributions of Dipole, Induced Dipole dgfs not include all pos-

and Dispersion Effects in van der Waal’s Forces sible energy terms and
is only the first term of
Dipole | Induced Dipole | Induced an infinite series. For

‘a. | dipole | Disper- || Sub ipole | Disper- .
Substance | associa- | dipole | Disper- || Substance | astomsa- a‘,’}ﬁé’w b= example, the energics of

hon fion the dipole-quadrupole

co o o |10 || HO 70 | 40 | 190 or quadrupole-quadru-
HI o1 o4 | 995 CH,OH 34 14 22'2 . .

BBe 33 | w |9 (C;.,I{;.OH 330 | 126 | 324 pole interactions are

% 2 14 o o 100 1 ive-

< g | a7 ) Sd | Gl proportional respective

ly to 1/r® and 1/rl® and
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hence at large distances make an insignificant contribution to the interac-
tion energy.

The relative contribution of the various interactions in the van der Waal’s
forces are given for a series of substances in Table CXXVI. As pointed out
above, the dispersion energy is present in every case and only makes a rela-
tively small contribution in strongly polar molecules in which dipole-dipole
association prevails. The variation of the dipole-dipole interaction energy
is very great, being zero in non-polar molecules but increasing to 77 per cent
for water owing to the fact that it is proportional to uf. Although the values
of the dipole moments of methyl and ethyl alcohol are almost identical, the
polarizability of ethyl alcohol is greater and the dispersion encrgy is corre-
spondingly increased.

In the van der Waal’s equation of state for real gases, the interaction
energy of the molecules is represented by the term a. The interaction of
the molecules produces the so-called  inner pressure’ given by the term
a/V2 The work done in overcoming this attraction will be

lf,:adV=3, v (12.6)

and consequently a/V is a measure of the energy required to overcome the
forces of intermolecular attraction. The quantity b in the van der Waal’s
equation is related to the volume of the molecules. The introduction of this
quantity, by regarding the molecules as rigid spheres, takes into account
the repulsion of the molecules. Measurement of these rigid spheres gives
the so-called van der Waal’s diameter of the molecule.

The forces of interaction between molecules are fundamental in deter-
mining the physical properties of liquids. Although, at the present time,
there exists no comprehensive theory of the liquid state it is possible, never-
theless, to observe some quantitative relationships. For example, the
boiling point rises as the number of carbon atoms increase in an homologous
series. This behaviour will be related to the increase of the polarizability
as the molecule increases in size which will cause-an increase of the dis-
persion forces. If we consider molecules of approximately the same
polarizability but with different dipole moments, as with the strongly polar
RNO, and the much less polar esters of nitrous acid RONO, then it is
found that the former boil at a much higher temperature (7Table CXXVII).
In the case of the nitriles  Tuple CXXVIL Influence of Dipole Moment on Boiling Point
and isonitriles, thedipole —

H Dapole Dipole Diflerence
moments are approxi- moment 1 | Botling moment in |Boiling | in boiling
mately the same and Substance Joltgion [:gz}l Substance Nh;;“"' ﬁgz_“ P:(l:'ll
there are correspond-

. N . CH,ONO — —12 1t
ingly smaller differences GHNG,| 317 | 13 | GHONO| 20 17 83
in the boiling points. As GHMNOi| "— | 16 | GHONOJ w28 | 57 o
the hydrocarbon chain ch,cN 351 815| CH,NC — 60 21y
is ince in 1 h C,H,CN 357 98" || CHNG 347 78 20
is increased in length, @%3len | 337 | 116 | GHNG — 995| 163

however, the relative — - -
contribution of the dispersion forces is increased and the differences in the

boiling points of corresponding members of the two series of compounds

becomé less. ) ] ]
In the gaseous phase, polar molecules may be oriented without hindrance

by an external field and experiment shows that this is also so in dilute
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non-polar solutions. In a polar liquid, however, each molecule is closely
surrounded by neighbouring dipoles which make rotation impossible in an
external field. It is therefore necessary to consider the inner field due to
the polar molccules of the liquid ; the direction and size of this field will
be dependent on the momentary orientation and arrangement of the
neighbouring molecules. As a result, the total polarization of the liquid,
i.e. (¢ — 1)M/(e + 2)d, may be less than in the gaseous phase. Thus for
example in the case of CH,I, polarization in the gas phase is 77 cc and in the
liquid 42 cc ; in CH,;COCH, the figures are respectively 176 and 63 cc and

in C,H;OCHj 62 and 52 cc. In the gas phase the orientation polarization
will be

4 ot
3™ gkr
and in a pure polar liquid the effective orientation polarization will be
e 1 M
Pm_afnqumﬁ"z d = (Px + Pa) oo (12.7)

where €qyq is the dielectric constant of the pure liquid and Pg and P, are
the electron and atom polarizations. A number of attempts (DEBYE!,
Onsacer®, Pierkara® and Kirkwoon?) have been made to obtain a relation
between the effective and ideal (i.e. gas) orientation polarization and
Syrkin® has proposed the following relationship :

-1 M
. (Ellquld 7__) A (PE + PA)
4 v (wawt?) 4 7T (12.8)
37 SkT 1 (e 1) I
ellquld'Jf 2
or
P,
P E T,
1eal 1 €uqua— 1 2 ... (12.9)
T\ enqua +2
Table CXXVIII. Dipole Moments Calculated from Dielectric Constants of Pure Liquids
Dielectric Dipole moment D
Molecule Density constant of | Refractivity -
hquid cc Calculated from | Measured in
D equation 12°8 | non-polar solvent
CH,I 2286 71 19-26 1-40 1-37
C HBr 143 9'5 19°11 1°99 2-01
CH,COCI 11051 159 16-31 2:59 2-68
HCOOC;H 092 8-27 1771 194 1-92
CH,COOCH, 09338 7:03 181 174 1-78
C,H,CN 0783 277 15-88 3'45 387
C.H,NO, 1-207 34°09 32:72 428 396
CH,CH, 08659 239 3081 04 o4
C.H,0OCH,4 0994 4°41 330 129 123
C,H,N 1:093 90 39'5 2:18 2-19
a~C,,HgBr 1-4868 517 5132 147 1°52
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By means of equation 12.8 it is possible to obtain the dipole moment from
measurements of the density, refractive index and dielectric constant of the
pure liquid. In Table CXXVIII the application of this formula is illustrated
by comparing the values of dipole moments employing equation 12.8 and
the experimental values determined in non-polar solvents. The agreement
is good in most cases, but with strongly associated molecules containing
intermolecular hydrogen bonds, formula 12.8 is not applicable since it
gives values which are too high (e.g. 3 D instead of 1-84 D for water).

MOLECULAR COMPOUNDS INVOLVING VAN DER WAAL’S FORCES

The action of van der Waal’s forces between molecules brings about the
formation of a number of molecular compounds from molecules in saturated
valency states. For example, the inert gases form molecular compounds
with water (hexahydrates), phenol and cresol®, the association being due
to dipole-induced dipole forces and to dispersion forces. More stable
molecular compounds are formed, however, between organic nitro com-

ounds and aromatic hydrocarbons. The nitro group is strongly polar and
the double bonds of aromatic hydrocarbons possess a high polarizability.
Thus conditions are very favourable for dipole-induced dipole intcraction.
Dispersion forces will only play a small part as hydrocarbons do not generally
form molecular compounds with each other. The structure of the association
compound will be such that the nitro group is as close as possible to the
polarized double bonds. This will gencrally result in the two molecules
lying side by side and hence the dipole, which is induced into the hydro-
carbon, will be in the opposite direction to the original dipole. The
resulting moment of the molecular compound is therefore less than that of
the original dipolar molecule. This behaviour is illustrated by the fact
that the moment of nitrobenzene, 4-22 D, is reduced, when measured in
naphthalene solution to 3-73 D and the molecular compound?® of m~dinitro-
benzene, p = 379 D, with naphthalene, has a dipole moment of 3-43 D,
measured in benzene solution.

The heat of formation of molecular compounds of this type depends upon
the number and configuration of the nitro groups in the molecule. In the
case of the dinitrobenzenes the most stable compounds are formed by the
ortho derivative and the least stable by the para derivative. In order to
Table CXXIX. Heats of Formation of Molecular Compounds illustrate the order of magni-

between Trinitrobenzene and Hydrocarbons tude of the heats of formation
of molecular compounds, the

Heat of Heat of  values for the compounds of
Hydrocarbon f";{';‘gl‘;‘m Hydracarbon f",’fg{’l‘;f"" trinitrobenzene with a num-

| ber of unsaturated hydro-
Benzene 06 || Phenylbutadrene 2.1 carbons are given in Table
Naphthalene 34 || Diphenylbutadiene 29 CXXIX. Asisto be expected,
Phenanthrene 40 Diphenylhexatriene 2°4 the heat of formation in-
Anthracene | 44 ; 3°6 || Phenylacetylene 06 ) . T
Styrene 18 | Diphenylacetylens 207 creases with the polarizability
of the hydrocarbon.

MOLECULAR COMPOUNDS INVOLVING CHEMICAL BONDS

In addition to the molecular compounds which we have so far discussed
and in which the dipole moment of onc of the molccules is the primary
factor in causing the association, intermolecular compounds exist in which,
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in addition to the purely physical van der Waal’s forces, chemical forces
play a part by the formation of additional valency bonds. The inorganic
halogen derivatives form two distinct classes of compounds with organic
substances depending upon whether they form an ionic or molecular crystal
lattice. In the former type, the organic molecules surround the central ion,
by which they are polarized, whilst the halogen ions are displaced from their
original positions, the interionic distance being increased. This type of
compound is similar to those discussed in the previous section, the only
difference being that the forces of attraction involved are ion-induced dipole
forces in place of dipole-induced dipole forces. With the halogen compounds
of boron, aluminium and tin, which form molecular and not ionic crystal
lattices, association compounds involving chemical bonds are formed.
Several of these compounds have been extensively studied. According to
the data of LAUBENGAYER and FiNLAY1l the heat of formation of gaseous
BF,+(CH,),0 from gaseous BF,; and (CH,),0 is 13-9 kcals, and vaN pEr
MzurrN and HELLER12 have shown that the heat of formation of BF,, *C;HN
is 51 kcals. Electron diffraction data!® show that in BF,+(CH,),0, the
B—O distance is 1-52 A and the configuration of the dimethyl ether molecule
remains unchanged. The B—F distance however is increased from 1-30 A
in BFy to 1°41 A. Thus we may conclude that the actual energy of the B—O
bond is greater than 13-9 kcals, since the deformation of the molecule and
the lengthening of the B—F bond distance will be endothermic processes.

Table CXXX. Dipole Moments of Molecular Compounds and their Organic Components

Dipole Moment D Dipole Moment D
Afn], 1, )l ], 1,
[L 41 Molecul, Organic C ; 4 Molecular O'gm
Compound | Molecule Compound | Molecule
BeCly-2(CyH,) ,0 684 1118 AlCl;-p-CIC,H,NO, 779 2:78
BeBr,-2(C,H;),0 757 1118 AlCl;-0-NO,CH,CH, 892 37
AlCl;-p-NO,C4H ,CH, 9-68 44
BF,- (CH,),0 435 1-29 AlBrgy- (C,H,).0O 643 118
BF,-C,H,OCH, 507 — AlBr;-CH,NO, 913 4°00
BF,- (C,H,),0 492 118 AlBr;-H,S 514 093
BCly- (C,Hy) ,O 5098 1118
BCl,-CH,CN 7-65 304 TiCl,-C,H,CN 6-05 405
BCl,-C,H,CN 775 405 | TiCly*C4H,CN 616 ; 706 | 439
AlCl,- (C,H{) 0 654 118
AlCly-CyHNH, 6-86 137 SnCl,*(CyH;) O 3-60 118
AlCly- CgH NO, 905 400 SnCl,-2(CH,),CO 77 2:95
AlCl,-C,H,OCH, 654 135 || SnCl,-2C,H,COCH, 8-y 2:96
AlCl,- (C4Hy) ,CO 872 313 SnCl,-2CH,CHO 753 81 300
AlCl,:0-NO,C,H,Cl 948 459 SnCl,-CH,CN 6:55 439

The dipole moments of various non-ionic molecular compounds are given
in Table CXXX and in each case the moment of the compound is greater
than that of the organic molecule from which it is formed. Furthermore,
the moment is also greater than that obtained for the inorganic compound
when dissolved in an organic solvent : All; and AlCl; in benzene have
moments of 2:5 D and 5 D respectively!® and for BCl; and AICl, in dioxane
the values 4-86 D and 202 D have been obtained!s. Although dipole-dipole
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and dispersion forces will undoubtedly play some part in the formation of
such compounds, in view of the magnitude of the bond energies and of the
dipole moments they cannot be the only bonding forces and must be regarded
as supplementary to the valency forces. The boron atom may acquire an
electron and thus become negatively charged and tetravalent, thereby being
able to form four homopolar bonds. If in the associating organic molecule
there exists an atom such as oxygen or nitrogen, which can increase its
valency by the loss of an electron, the formation of a chemical bond is
possible. The compound between BF3 and (CHg),O evidently involves a
bond between a tetravalent, positive boron atom and a trivalent, negative
oxygen atom and the structure I will contribute to the resonance of the
molecule.

F CH,
AN /
F—B-—O%
/ AN
F CH,
1

This structure is strongly polar and evidently explains the large dipole
moment of the compound. It has been suggested that the large dipole
moments of this type of compound may be due to the deformation of the
BF, molecule to a pyramid structure. Although this configuration of
the bonds does occur in the B+ ion in which the four bonds are tetrahedral,
the value of the moment could not be due to the BF bond without assuming
the completely ionic structure B3+gF-, which is improbable. From the
experimental value for the dipole moment of BF3+(CHjg),0, viz 4:35 D, it is
possible to calculate by vector addition the contribution of the B—O bond
to the moment of the molecule. The value obtained is 2-1 D, which is much
lower than the calculated value for the moment of a unit positive and a
unit negative charge separatcd by a distance of 1-52 A, viz 7:4 D. There
must therefore be a superposition of structure I with the van der Waal’s
structure 17,

F CH,
N /
F—B:-.- ..0\
/
F CH,
T

thus giving to the molecule the observed stability and dipole moment.
It is very probable that in addition to the structure I the ionic structure
111 may contribute to the resonance of the molecule.

/
F—B—O+ (three structures)

/ AN
F CH,

ur
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Such structures will certainly be present in the molecular compounds of
titanium and tin e.g.
Cl- Cl CH,

Sn——O+ (four structures)

Cl/ \01 \CH3

and their existence is substantiated by the fact that on substituting a chlorine
atom by methyl radical, as in SnCl3(CH;) or B(CHy)s, the tendency to
form molecular compounds decreases.

Molecular compounds of BF 3 with (C,H;),O and (is0-C3H,),O are some-
what less stable than those formed with (CH3),O. This has been explained
on the basis of steric hindrance caused by the CH, groups:1¢
BF,

H H

H H
NS NS
C o) C
SN NN

H CH, CH, H

2
Tetrahydrofuran, on the other hand, gives a more stable compound :

CH,—CH,

CH2—(}JH2

The compound between aluminjum chloride and ammonia, AlCl;NHj,
is remarkably stable and may be distilled without decomposition at 400° C.
The energy of the Al—N bond in AlCl;*NH,, AlBr,;-NH; and All;*NH,
have been found to be 40, 38 and 30 kcals respectivelyl”. Evidently reson-
ance exists between the following valence bond structures

Cl H Cl H+
AN / AN
Cl—Al*+—N—-—H Cl—Al —N—H
/ N / N
Cl H Cl H
one structure three structures
Cl- H+ Cl- H
/
Cl—Al—N—H Cl—Al—N+—H
/ AN / AN
Cl H Cl H
nine structures three structures

Analogous structures will contribute to the resonance of AlCI; H,S,
PH,-CuHal and PH;-AlHal,. In the complexes formed between aluminium
chloride and unsaturated hydrocarbons, valence bond structures are possible
in which the aluminium becomes negatively charged with respect to a
carbon atom, i.e.

Cl

AN
Cl—Al-—CH,—*CH,

Cl/
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which will resonate with both the alternative ionic structures :

Cl-

Cl—Al—CH,—+CH,

Cl

three structures

and that involving van der Waal’s forces :

Cl

N
Cl—Al"+-CH,=CH,

Cl

THE HYDROGEN BOND

The term hydrogen bond has been introduced to cover a type of molecular
interaction of considerable significance, the qualitative effects of which

have been extensively observed.
The interaction generally occurs
between a hydrogen atom,
chemically linked to one mole-
cule and an O, S, N, Cl or F
atom in a different or in the
same molecule. The latter case,
where the bonding is intra-
molecular, will be discussed in
the next section and we shall
confine ourselves here to inter-
molecular bonding, which may
arise in the solid, liquid or
gaseous states to produce mole-
cular association. Some values
of the bond distance of hydrogen
bondsaregivenin Table CXXXI.

Most of the characteristic
properties of the hydrogen bond
may be illustrated by a con-
sideration of the dimer of formic
acid which has been studied by
electron diffraction methods?8.
The dimeric form, which is
dissociated only to the extent
of 7 per cent in the gaseous
phase at 3° C has the following
structure

S.M.—18

Table CXXXI. Lengths of Some Hydrogen Bonds

Hydrogen Bond | Bond éength Substance
O—H----0 2:76 Ice
270 C(CH,OH),
270 0-CgH,(OH),
2:55 % 0'15
271 % o135 | (COOH),
276 CF;COOH),
273 HCOOH),
276 (CH,COOH),
2:55 NaHCO,3
2-78 HIO,
2:63 CO(NH,),'H;0,
F—H:---F 225 + 02 KHF,
2:51 + 02 NaHF,
N—H:..-'N 2-96 NH,N,;
2:65 Phthalocyanine
N—H:---O | 2:¢8; 30 CO(NH,)
296 388 | NH,CH.COOH
2:85 Diketopiperazine
N—H..--F 2:63 NHF
276 NHHF,
O—D-..--O 276 CH;(COOD),
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O—H:w:0 % a5k
/ .
H—d @:\ ¢ _H
AN «1-36 A>
fo O H—O/

The hydrogen of the hydroxyl group is located between the oxygen atom to
which it was originally joined by a covalent bond, and the carbonyl oxygen
of the second molecule. The atom of hydrogen has only one unpaired
electron and consequently can participate in only one covalent bond.
Therefore we shall have to consider bonding mechanisms other than the
homopolar bond to account for the formation of the hydrogen bond.

In the hydroxyl and carbonyl bonds, in addition to the homopolar
structures —O—H and > C=O0, the ionic states —O~H* and > C+—O~
contribute to the bond resonance. When the bonds are located adjacently,
as in the dimer of formic acid, the contributions of the ionic structures will
be increased owing to the mutual induction of the two groups. The additional
electrostatic attraction energy, between the positively charged hydrogen
atom and the negatively charged oxygen atom of the carbonyl group
produced thereby, will increase the stability of the molecule. The dimer
may therefore be regarded as a resonance hybrid of the structures I to V of
which I and IT are ionic, IIT and IV homopolar and V a charged homopolar

structure :
/O- H+ O- O H—O
/
H—-C< >C——H n_o \C+——H
o_n o \o— H+ o—/
I /4
/o H——O\ /O-—-H o\
7
H—C C—H H—C Nen
AN
O—H o/ o H—O/
I v
/O+——-—H o—\
H——C\ /C—H
/7
0- H—O%
14

The resonance in the carboxyl group between the homopolar and charged
structures VI and VII will assist in the formation of the hydrogen

/O O-

_ G/ _ C/
\O—H \0 +—H
vi vir
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bond, as it increases the negative charge on the carbonyl oxygen atom
and also increases the ionic character of the O—H bond since, in structure
VII, the positive charge on the oxygen atom of the hydroxyl group will,
most probably, be transferred to the hydrogen atom.

The nature of the forges responsible-for the hydrogen bond are still not

contﬂi;tg%fﬁnﬁéﬁtood. owever, it is now considered® that the forces
are largely van der W@al’smm\vﬂ’éﬁé? forces are superimposed,
thereBy strengthénitiy ¥He Bond. 'Lhe main ¢vidéncé on which this con-
clusion is based is the fact that the %né‘ﬁiqnéé’?ﬁot appreciably
increased when the hydrogen atom takes part in a, m%rgggﬁ bond. “Thus
in the case of the dimer of formic acid, Davies and SUTHERLANDZ have
found that the O—H bond distance is 1-04 A, compared with the value of
0-g8 A in the monomer, and since the O—H-..... O distance is 2:73 A it
follows that the H-.--.- O bond distance is 1-69 A, which is a much greater
value than the covalent bond distance. Thus we see that hydrogen forms
an almost normal homopolar bond with one oxygen atom and that the bond
to the other oxygen atom is due very largely to van der Waal'’s forces. The
main contributions to the molecular resonance in formic acid will thus be
from structures I, IT and I1I.

The suggestion which has sometimes been put forward, that the hydrogen
atom is not localized but is spread out in the form of a proton cloud, in a
similar manner to the single electron in the hydrogen molecule ion, appears
most improbable in view of the :nuch greater mass of the proton and the
fact that similar bonds occur in deuterium compounds.

The heats of dimerization of formic, acetic and benzoic acids have been
determined and are 141, 16-4 and 8-7 kcals respectively. Since in each case
two hydrogen bonds are formed, we obtain the values 7-05, 8-2 and 435 kcals
for the encrgy of a hydrogen bond. The magnitude of these values is much
lower than for a homopolar bond and these figures therefore confirm that
the bond is produced largely by forces of the van der Waal’s type.

As will be clear from an examination of the structures I, II and V for
formic acid on page 274, the dipole moment is reduced considerably on
dimer formation, since the moments of the two molecules will compensate
cach other.

The frequency of the valency vibration of the O—H bond in molecules
containing this group, lies in the neighbourhood of 3,500 cm~! and the first
overtone at 7,000 cm~1, The N—H bond gives a similar absorption bond
at 6,850 cm~1. In compounds, however, where the O—H or the N—H
groups are involved in strong hydrogen bond formation it is found that
radiation is not absorbed at these characteristic frequencies and instead of
a sharp peak, the spectra of these substances show only a broad diffuse band
in these regions. This effect has now been observed for so many substances
giving hydrogen bonds, that it may be regarded as a criterion of hydrogen
bond formation.

In gascous hydrogen fluoride, long chain or cyclic polymeric molecules,
(HF), are formed, the energy of the intermolecular bond being between
4 and 7 kcals. The formation of these polymers is due to hydrogen bond
formation between fluorine atoms. In molecular hydrogen fluoride, in
addition to the homopolar structure H—F there is a considerable con-
tribution of the ionic form H+F~ and if the two fluorine atoms are locafed
side by side this contribution is increased owing to the mutual induction
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produced by the configuration H*F-H+F-. Further stability may be
given to the structure if a covalent bond occurs between the atoms of
hydrogen and fluorine of different molecules. The polymer may thus be
represented as a resonance hybrid of the structures
H—F H—F H+*F-H+F- HF—-HF
I 4 m

The distance between two atoms of fluorine is 2:26 A and in the isolated
hydrogen fluoride molecule the HF bond distance is 0-g2 A, thus making
the H-.. F bond approximately 1:34 A in length. the hxdro en bond it
is characteristic that the hydrogen atom is bo 1 to not_more thar two
‘atoms; altHough structures in which the hyd rogen is bound to more than
W6 Atoins are not theoretically 1m99551b1c aulm‘gtcbnsxdcrs We
hfatiity~to steric effects, o that_jo_hydroged f fluoride, for ‘example, olie
pxofon is surmunded by two large negative jons which prevént a_third

negative ion apfproachmg sufficiently close to roduce bon ing.
The tendency for atoms to také part in Hydrogen bond formation decreases

in the order F, O, N, Cl and S. This sequence follows the decrease in
electronegativity of the atoms and hence of the ionic character of the X—H
bond. There is some indication that bromine and iodine take part in
hydrogen bond formation, but as is to be expected these are very weak in
character.

In Chapter 6 it was shown that in the compound (CH,),0 HCI, the
structure

CH,

H

\ /

any N
involving tetravalent oxygen was clearly incorrect. A recent examination?!
of the equilibrium between (CHj),O and HCI between 260° and 303° K
shows that the heat of reaction is 6-7 kcals and the energy of activation very
small. Evidently this compound is brought about by the formation

CH,

of a hydrogen bond in which the van der Waal’s forces are augmented by
the superposition of the oxonium structure :

CH,

\O+——H Cl-
/
CH,

The energies of hydrogen bonds between oxygen and nitrogen are given
in Table CXXXII. There is some evidence for the existence of hydrogen
bonds involving the C—H group. Although such bonds will be very
weak, they may be responsible for the formation of molecular com-
pounds between chloroform and acetone, (CH,),CO---HCCl, and ether,
(CHj,),0---HCCl,.
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Association in solution— It has been known Table CXXXII.  Heats of Formation
for a long time that certain substances in ¢ Molecular Compounds Containing

solution associate to form dimers or higher Hydrogen Bonds
polymers, the first systematic work on this He
subject being that of BECKMANN and VON  pficular Compound fw"'ﬁ?f
Auwers?2. More recently a considerable y " keals
amount of data has been accumulated using ——

the cryoscopic method which has shown that PJ’.‘“"I".""“"Z"I"’I”'Z"’“ ! gg
the most important cause of molecular associa- %mdmmmﬁmxl a5
tion between organic compounds in solution Toluidine-pchlorophenol 32
is intermolecular hydrogen bonding?3. The

important groupings are again found to be
those between H and O, N and S. Thus ethyl alcohol is associated in
solution, whereas diethyl ether is not.

The nature of the solvent determines to a large extent whether a solute
is associated in solution or not and this behaviour is closely related to the
solubility of the solute. Compounds possessing an intermolecular hydrogen
bonded structure will preserve that structure only in aprotic solvents such
as benzene and the solubility is generally less than with similar compounds
or isomers in which the hydrogen bonded structure is lacking. In polar
solvents, which can take part in hydrogen bond formation, however, the
intermolecular hydrogen bond may be destroyed in favour of a hydrogen
bonded structure between the solate and the solvent, with the result that
the solubility is increased. For example, benzoic acid and phenol dissolve
in benzene, chloroform, carbon tetrachloride and other aprotic solvents to
form an associated complex, whereas in solvents of the type CH,C¢H X,
the association decreases in the series

X = CH,, Cl, Br, I, NO,, COOR, CN, CHO, NH,, COOH, OH
and in acetone, ethyl ether, ethyl alcohol, acetic acid and ethyl acetate
solution, no association occurs owing to the preferential formation of
hydrogen bonds between solute and solvent molecules, e.g.

R—C /R
\O—H---O=C

R
This behaviour may also be illustrated by the case of formanilide,
C,H,NHCOH, which dissolves in toluene to form polymers produced by
intermolecular hydrogen bonding ; the addition of pyridine considerably
reduces the degree of polymerization owing to the formation of hydrogen
bonds between the formanilide and pyridine :
O\ /H
C

N—H.N

s
v
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In addition to solubility and cryoscopic studies, the association of solute
molecules may be investigated by the variation of the dielectric constant
with concentration. If the solution is non-polar, the value of the dipole
moment calculated from the value of the dielectric constant at infinite
dilution, obtained by extrapolation, may be close to the value obtained in
the gaseous phase. If this be so, there are no anomalous solvent effects, but
cases exist where this is not so and such behaviour may be explained by
two theories. The first assumes that association of solute molecules persists
at low concentrations and may be illustrated with reference to the curious
variation of polarization of ethyl alcohol in hexane solution. As the con-
centration is increased, the polarization falls, passes through a minimum,
rises to a maximum value and then falls to the value for the polarization of

ure ethyl alcohol. In dilute solution the molecules are evidently associated
in such a way that the dipole moment is decreased, this may occur through
the formation of quadrupoles by means of hydrogen bonds, vz

R—O-....H
foodr

On increasing the concentration, larger complexes will be formed and this
can only occur by the formation of linear polymers of the type :

R R R
bondwdon

in which the O—H bond moment is increased through mutual induction.
At high temperatures, the formation of such complexes will be opposed by
thermal agitation and the variation of polarization with concentration is
very slight.

In the second theory the formation of intermolecular complexes is not
assumed and the variation of the dipole moment with concentration is
considered to be caused by the limited orientation of the dipole molecules
in the external field, due to the field of the surrounding polar molecules.

The dioxan effect — For the measurement of dipole moments in solution

Table CXXXIIL. Dipole Moments of Organic it is usual, for reasons which have been
Compounds in Benzene and Dioxan Solution discussed above, to use non-polar sol-

vents. However, this is not always

Dipole Moment D Practicable since, as we have already
Molecul - pointed out, solubility is to a large
In benzene | In dioxan  extent dependent on solute-solvent
Nitrobenzene gor 403 interaction and in inert solvents such
Trimethylamine oxide | 504 s0s  interaction is considerably reduced and
Aniline” 154 177  the solubility thereby restricted. For
p-Nitraniline 617 681 this reason dioxan,
B-Naphthylamine 177 210 CH,—CH,
Fluorene 053 065
Triphenylmethane 020 046 o o
Pyrrole 2-2 32 \
Methylglyoxaline 48 62 CH,—CH,
Erazole 7 2'2
c—oxypyridine 146 g1 has been used as a solvent for the
measurement of dipole moments. The
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bond moments of the two ether linkages are largely compensated and it has
only a small dipole moment : 0-4D. It is to be expected that the oxygen
atoms will form hydrogen bonds with X—H groups in the solute molecule
and this will lead to an increase in the ionic character of the X—H bond
and hence to an increase in the dipole moment of the solute molecule. In
Table CXXXIII the dipole moments measured in benzene and dioxan
solution are given for a number of substances. In the case of nitrobenzene
and trimethylamine oxide, the moment in the two solvents is practically
the same since the only bonds of the X—H type, are the C—H bonds,
which are not sufficiently polar to take part in hydrogen bond formation.
In the case of aniline, the dipole moment in dioxan solution is greater by
023 D than in benzene solution on account of the structures :

H  CH,—CH,
N
N- (0]
D= N\
H CH,-—CH,\

two structures \ +

<O € ©
H \GH,—-CH,/

two structures

o

/
CH,—CH,

H CH,—CH,

= N/
N O 0
<-—>= f:lr{mucmflz~CH 2/

In p-nitraniline the effect is still greater owing to the additional possible

structure :
O- H\ /CHg——CHz\
N
N-==-<:>=N\ o+\ 0
/ /
o- H CH,—CH,
An example in which the effect is most marked is a~oxypyridine for which
the moment in dioxan is greater than that in benzene by 1-6 D. This will

be due to the large contribution to the resonance of the molecule from the
structures :

N\
() H cHz—cH,\ ( _J\ H\ /C.H,_CH,\
N
N o- \O+/ le] o O{ o
AN /
CH,—CH, CH,—CH,
Effect of hydrogen bonds on the properties of liquids— The effect of hydrogen
bonded structures is to produce certain anomalies in the physical properties of
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liquids. Thus, for example, in the series H,Te, H,Se, H,S, the boiling points
and the heats of evaporation are lowered and it might therefore be expected
that the next member of the series H,O would boil at a lower temperature
than H,S, whereas in fact it boils at a temperature 160° higher. The same
behaviour is noticed in the hydrides of the fifth group elements, where NH,
boils at a higher temperature than PH, and in the seventh group elements
where the boiling point of HCI (— 85° C) is only slightly less than that of
HBr (— 69° C) and HF boils at 19° C. Normal behaviour is only found to
occur in the fourth group where the boiling point increases in the series
CH,, SiH,, GeH,. The cause of this behaviour is that the molecules HF,
H,0, NH; and HCI form association complexes by means of hydrogen
bonds. In the isoelectronic series CH,, NH;, H,0 and HF, methane, in
which there is no _association, has the lowest boiling point (— 112° C);
ammonia has a higher boiling point (— 33° C) since a nitrogen atom of one
molecule forms a weak hydrogen bond with the hydrogen atom of a neigh-
bouring molecule. The boiling point of water is considerably higher owing
to the formation of two hydrogen bonds by one oxygen atom to two neigh-
bouring water molecules, thus :

H H
\O/

These hydrogen bonds are more stable than those formed by nitrogen. In
HF, as we have seen, each atom of fluorine gives only one stable hydrogen
bond and as a result the boiling point is lower than that of water. Thus it
is essential, when considering the effect of hydrogen bonds, to take into
account both the stability and the number of hydrogen bonds formed.

In the series of compounds CHyCH,;, CH,NH,, CH,OH and CH,F,
ethane (— 88° C) and methyl fluoride (— 78° é), where hydrogen bonding
is absent, have the lowest boiling points and methyl alcohol has the highest
boiling point (4 65° C). This behaviour was originally considered in terms
of an anomalous Trouton’s constant, A/T, where X is the latent heat of
evaporation per gm mol and T is the boiling point, which in the associated
liquids is always greater than the normal value given by Trouton’s law :
MT = 21 cals/degree/gm mol. This law, stated in another way, indicates
that the entropy change on evaporation is a constant. The fact that on
transformation from the gaseous state (ideal state, with no association) to
the liquid state, the entropy change is greater in the associated liquid than
+ in the non-associated liquid, means that the associated liquid has the lower
absolute entropy and is, therefore, the more ordered state. The reason
for this ordered state is now apparent since hydrogen bonding will tend to
produce an ordered array of hydrogen bonded molecules.

The mutual solubility of liquids is also conditioned by the extent of inter-
molecular action. Although ideally the mixing of liquids is a natural
process accompanied by an increase in entropy, in real systems the heat of
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mixing may be positive or negative, as it is dependent on three different
quantities, the energies of attraction of like molecules in the two original
liquids and the energy of attraction of the two unlike molecules in the mixture.
The empirical rule that similar substances are mutually soluble is found
to hold generally. Thus hydrocarbons dissolve other hydrocarbons. If one
liquid is polar and the other is not, mixing will occur only if the polar
molecule has a large non-polar section capable of dispersion interaction
with the first, e.g. nitrobenzene and benzene. If both substances are capable
of forming hydrogen bonds, e.g. water and the short chain alcohols, solution
will occur. If the chain length of the alcohol is increased, the OH groups
of the alcohol are screened by the hydrocarbon chain and the extent of
hydrogen bond formation with water molecules is correspondingly decreased.
In addition, there is little dispersion interaction between the water molecules
and the hydrocarbon chain and hence as a result of the combination of all
these effects, the solubility of the higher alcohols in water is small. Similar
behaviour occurs with the ketones and the ethers. In the latter case the
screening of the polar group is particularly effective even in relatively short
chain compounds, such as diethyl ether

H H H H
N4 N/
AN ENPAN
H/\C/ C H

When liquids of similar chemical structure and polarity are mixed, there
is generally little change in volume, only small deviations from Raoult’s law
and very small heats of solution. This behaviour occurs on mixing methyl
and ethyl alcohols, methyl and ethyl acetates etc. If however, the substances
interact strongly, as occurs, for example with acetone and chloroform where
hydrogen bonding occurs, there is generally observed a decrease in volume,
a lowering of vapour pressure compared with that predicted by Raoult’s
law and a positive heat of solution. These results will be due to the energy
of interaction of the unlike molecules being greater than the sum of the
energies of interaction
of the like molecules.

Sometimes, on mixing a Table CXXXIV. Deviations from Ideal Behaviour in Liquid Mixtures
t

polar and a non-polar
liquid the reverse effect Mixture av 4p AH
is observed and there is percent | percent | keals
an increase in volume, (G0 o6 R o
anincrease in the vapour CH—cH,déH,al T o34 o | +o1
pressure compared with ¢ty GH G,H,0H +oo5| —o8 | —oo09
that predicted by CH,COOCH,—
Raoult’s law and a nega- C,H,COOCH, | +008| +1 |+ o021

i luti CS,—CH,;OH 4+ 13 | + 22 + 31
tive heat of solution. ¢ i 6 .

4 ¢ H,—CH,0H + 69 | + 24

Examplesofthedifferent ciy,6ocH,—CS, +14 |+59 |+50

kinds of behaviour are CH,COCH,—CHCl, —o2 | —22 |—556

given in Table CXXXIV.
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INTRAMOLECULAR HYDROGEN BONDS

The physical properties of a number of ortho-di-substituted derivatives of
BehZenie show_a miarked dlﬁ'erence from those of the corresponding meld—and
pard="iothers,” This eflect was first noticed by vON AUWERS and PFIEFFER
for-the nittophenols and hydrox _}y}rgmalgchydes o-Nitrophenol melts at

5° G which 1s much lower than the me tmg*'pomt of either m-nitrophenol
(96° C) or of p-nitrophenol (113° C), is less soluble in water than the m—~
and p—isomers, does not give addition compounds with triphenyl chloro-
methane unlike most compounds containing an hydroxyl group, and in
solution it does not associate, in contrast to the m— and p~isomers. These
properties may all be explained if an intramolecular hydrogen bond is
considered to exist between one oxygen atom of the nitro group and the
oxygen atom of the hydroxyl group, thus,

O O

N H
/
and similarly for o-hydroxybenzaldehyde

H O
X u

éb
/

These substances have subsequently been shown not to absorb radiation
in the 7,000 cm~! region, which is a characteristic frequency of the valency
vibration of the OH bond, thus confirming the hydrogen bonded structure.

The formation of intramolecular hydrogen bonds, sometimes referred to
as chelation, occurs in a very large number of organic compounds and only
a few of the more important examples may be referred to here®. In
2-nitroresorcinol both oxygen atoms of the nitro group take part in
hydrogen bond formation with the hydroxyl groups :

Hl
§ “o-
i
v

282



INTERMOLECULAR ATTRACTION

and similar ring formations are possible, whenever groups such as —N=0,
—CONH,, —COGCHj are in the ortho-position to a hydroxyl group.

Salicylic acid is as strong an acid as o—chlorobenzoic acid, in spite of the
acid weakening resonance of the hydroxyl group and is much stronger than
the o~ and p-isomers®. This increase of acid strength is due to the partial
neutralization of the carboxylate ion by the proton from the hydroxyl
group and the resulting increase in the stability of the ion by the contribu-
tion to the molecular resonance of the structure :

The increase in acid strength due to hydrogen bonding of this type is even
more marked in 2, 6-dihydroxybenzoic acid (K, = 5 X 107%) in which the
stability of the ion is increased by the contribution of the structures :

o O (OO
SN SN\
H CH C

:
104 10

to the molecular resonance.

It is important to appreciate the difference between the hydrogen bonding
occurring in salicyclic acid, which leads to an increase of acid strength and
that existing in o—nitrophenol which leads to a decrease in the acid strength
of the hydroxyl group. In the first case, the proton of the primary acid
group (COOH) does not take part in the hydrogen bond and it is the ion
that is stabilized, whereas in the second case, the hydrogen atom of the acid
group (OH) is involved in the hydrogen bond formation and the acid
strength is decreased, because of the increased stability of the acid.

When dissolved in benzene or carbon tetrachloride, salicylic acid forms
a dimer and the infra red spectrum shows no absorption at the normal OH
frequencies. The structure of the dimer must therefore be
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H
o
H\é/
d

/

O

(Y ke
v\o/

in which the hydrogen atoms both of the hydroxyl and the carbonyl groups
take part in hydrogen bond formation.
Intramolecular hydrogen bond formation may also occur in a carboxyl

group :
/O
—C )

H
\o/

Such bonding, although sufficient to partially inhibit the free rotation of
the hydroxyl group, is very weak on account of the long O -..-H distance.
Therefore wherever possible intermolecular hydrogen bonds are formed
where the O---H bond is shorter and the resulting structure more stable.

Acetoacetic ester can exist in both the keto and enol tautomeric forms
and it might be expected that the enol form would have a higher boiling
point and would dissolve more readily in water, than the keto form. This
is not the case, however, and the enol form has the lower boiling point and
dissolves in water, approximately twenty times less readily than the keto
form. This behaviour is explained by the formation of a hydrogen bond in
the enol form as in structure /,
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which is probably stabilized by resonance with structure 1,
H,C\ /O
¢ 'm

b

\C/
br
u

Similar structures occur in the case of acetylacetone (III and IV)

H,C CH CH, H,C CH CH,
\C/ \C/ \C/ \C/
ur w

which exhibits anomalous behaviour of the same type.
Hydrogen bonds may also occur with nitrogen-containing compounds
such as the oxime formed from aniline and salicylaldehyde (V and VI)

CH CH OH
\ N—GH, \N/
H H
/ /
O (0]
14 VI

The formation of such hydrogen bonds, permits a distinction to be made
between the cis and trans forms of compounds such as VII

R—C—H

|
N—X

v
For example, two oximes of o-oxybenzophenol VIII are known :
H

S

and the infra-red spectra of the acetyl derivatives shows that the character-
istic hydroxyl frequencies are absent for one of the isomers. This must be
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the trans form IX, in which the formation of a hydrogen bond is possible

O/ N—OCOCH,,

d@

since such bonding is impossible in the cis form X :
..,COCO

do

From a consideration of the above examples it is possible to define the
conditions favouring the formation of an intramolecular hydrogen bond as
follows :

1 The configuration of the atoms in the molecule must be such that the
hydrogen atom can be situated between two electronegative atoms.

2 The distance of the hydrogen atom from the adjacent electronegative
atoms must lie within certain limits. Thus in o—oxybenzonitrile, there is no
hydrogen bond in spite of the fact that the hydroxyl group is adjacent to

the nitrogen atom : o
)
H
C

)
N

The reason for this is that the nitrile group is linear and the H-..N distance
is about g5 A, which is too great for hydrogen bond formation.

3 The o-positions of a planar six-membered ring are most favourable for
hydrogen bond formation and the molecular resonance involving the ring
will generally stabilize the hydrogen bond.

INTERNAL ROTATION

The various forces which we have hitherto only regarded as producing
interaction between different molecules viz, dipole-dipole, dipole-induced
dipole and dispersion forces, and the repulsion between non-bonding
electrons, may also produce interaction between the non-bonded groups of
the same molecule. Such interaction will determine the extent of the
freedom of rotation of various groups in the molecule and factors, such as
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the dipole moment, which are dependent on the average configuration of
the molecule, may therefore serve as an indication of this interaction.

Van’'t Horr postulated free rotation round a single bond in order to
explain the lack of ¢is and trans isomers in molecules of the type of di-
chlorethane. In the light of the quantum mechanical theory of the chemical
bond, the free rotation is explained by the axial symmetry of the o bond
between the two carbon atoms. Thus the o bond is not in itself a hindrance
to free rotation, but as the rotation occurs the relative configurations of the
atoms will be changed, so that the distances between the non-bonded atoms
and consequently their energies of interaction will alter.

————————

Figure 42. Cis-configura- Figure 43. Trans-
tion of ethane configuration of ethane

In the ethane molecule, it is pussible to conceive various configurations
of the two methyl groups with respect to each other. In one limiting con-
figuration (cis) the hydrogen atoms of one methyl group are situated directly
above the atoms of hydrogen of the other (Figure 42). “As one of the methyl
groups is rotated with respect to the other, the distance between the atoms
of hydrogen changes and after rotation through an angle of 6¢° from the
original ¢is configuration, the trans configuration is obtained (Figure 4£3).
On further rotation, a similar series of configurations are obtained, but in
the reverse order until at an angle of 120° to the original structure, the ¢is
configuration is again obtained. Different distances between the hydrogen
atoms and hence different interaction energies, characterize the different
configurations.

Of the infinite number of configurations obtained during the rotation,
one will be the most favourable and this particular configuration will be
adopted by all the molecules at absolute zero. At higher temperatures,
however, the molecule may, by the absorption of energy, exist in con-
figurations other than that corresponding to a minimum potential energy.
The probability of the different configurations will be determined by
the exponential term of the Maxwell-

Boltzmann  distribution law, iz = 5

exp (— EJ/kT), where E is the energy ¢

and T is the absolute temperature. A 1

rotation of 60° will take the mole- &

cule from the most probable con- § —L NS
figuration, with minimum potential 0% 60° /20" /80" 2407 J00° 360°
energy, to the most improbable con- G6O° /20" 180° 240° 300" 360° 60
figuration with maximum potential Angle of Rotation

energy. The form of the potential  Fiyure 4. Change of potential energy
energy curve for ethane is given in with internal rotation for ethans
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Figure 44, where the most favourable positions are separated from one
another by an energy barrier, which must be surmounted if rotation is
to occur. If the height of the energy barrier is E, then in accordance
with the rate equation in unit time there will be approximately

(%Zexp (—E/k‘T)

transfers across the barrier. Thus the presence of internal rotation is
determined by the height of the potential energy barrier. The experimental
data obtained by as many methods as possible (spectroscopic, dipole moment,
electron diffraction and thermodynamic) show that internal rotation is very
largely restricted in the
Table CXXXV. Energies of Activation of Internal Rotation molecules which have been
About Single Bonds studied. For a number of
Bond Energyof | Literat different molecules the
0, 7, H 1
Molecule about which ac'tlfvgi:;n r:ferzn::‘ magnitude Qf th? potentia !
energy barriers is given in

1 keals
rotation occurs | ke Table CXXXV. It should

CH,-CH, ¢—C 275 26 be pointed out, however
CH, CH, CH, CH,—CH, | 33 27 that the majority of these
CH,CH,CH,CH,; | CHy;—CH, 34 28 1 ded
CH,—CH, | 38 28 values must be regarde
CH,),CHCH, CH;—CH 3-8 28 as approximate since accu-
CH,),C CH,—C 4-2 28 rate determinations are, as
gg:gg:’ 00:8 ;«15 ;g yet, not possible. Never-

theless all the values for

.CH: - <08 the energy of rotation of
CH,-CH:CH, | CH—CH {{<00 }a7, 35, 32y 0B & P G

CH,CH,CH:CH, 8%3*8% 3t Qg saturated  hydrocarbons
— 0" 2

(CH,),C:CH, CHi—C 18 28 are of the order of g kcal§.

CH,CH:CHCH; | CH;—CH |<o0'8 28 In ethane the value is

CH,C:CCH, CH,—C <o'5 33 2-75 kcals and we shall

first consider the reason for

>?:g4 g; this Tather unexpectedly
CH,OH CH,—O 34 36 high value. The obvious
64 37 explanation of the hin-
CH,CH,OH 8§=:8‘§2 30 32 dered rotation is the repul-
(CH,),CHOH | CH,—CH 2-4 gg sion of the non-bonded
CH—OH 60 8 electrons of the hydrogen

3 ydrog
atoms of the two methyl
CH,COCH, CH,—C 125 38 groups. In the trans con-
(CH,4),0 CH,—O 3.‘;’ 33 figuration the distance be-
&C{H,).S CH,—S 20 41 tween the hydrogen atoms
© PﬁHI\?H gga—g 15 42 is at a maximum, there
88 3 3’5 43 being six H—H distances
CH,CICH,Cl ¢ =50 44 of 2:47A and three of
CH,Br-CH,Br c—C >50 m 3:07 A. If the configura-
ch’g}\}cé{ﬁBé N c—C >50 44 tion is,in fact, determined

. c—C T2 4 :

Si,!«’l. 3 Si_si o : l;y the rc}})lulsu})lndforces
JHe B—B 40—60 47 etween t € hydrogen
Si(CH,) Si—C 13 48 atoms, then this structure,

in which this repulsion
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will be a minimum, is the most probable. In the cis position where there are
three H—H distances of 2:27 A and six of 2:89 A, the energy of repulsion
will be a maximum, and EvrinG has shown that on the basis of this theory
the magnitude of the energy barrier is only the order of 0-3 keals. Clearly,
therefore, this theory is not able to explain the high value for the height of
the energy barrier obtained experimentally and GoriN, WALTER and
EvrRING® have put forward the suggestion that the hindered rotation is
due to resonance in the ethane molecule between the structures :

H H H H
AN / AN /
H—C—C—H and H—C=C—H

AN
H H Heeerrrerenn H

In this case the cis configuration will be the most probable, since in the
trans form, the resonance energy will be less.

Certain tentative conclusions may be drawn from the data given in
Table CXXXV. In unsaturated compounds, the rotation in a single bond
adjacent to a double bond is less restricted than in saturated compounds.
This behaviour cannot be satisfactorily explained on the basis of the theory
of Gorin, Walter and Eyring. Prrzer’s data suggest that the height of the
energy barrier is greatest in the non-linear hydrocarbons, the energy ine
creasing in the order CH;CH,CH,CHj, (CH;),CHCHj, (CH,4),C. The
energy barrier decreases with an increase of distance between the interacting
groups, e.g. the energy barrier is much lower in Si(CHj,), than in G(CH,),
and in Si,Hg the rotation is almost completely unrestricted.

In dichlorethane, CIH,CG—CH,CI, various configurations may also exist.
In the first limiting case (cis), the two chlorine atoms are arranged above
each other, with the distance between them at a minimum. On revolution
of one —CH,Cl group through 180°, a second limiting position is obtained
(trans) in which the distance between the chlorine atoms is a maximum.
These two configurations may be represented didgrammatically in the
following manner :

Ci [el]
< -7
‘é \ /
Ct
Icis 11 trans

In addition to these configurations, two other forms are possible in which
the angle of revolution of the —CH,Cl group from the cis configuration is
60° (1II).
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Cl
< - C
\ /
r
two structures

In this molecule the most important factor in determining the repulsion of
the non-bonded atoms will be the repulsion of the two negatively charged
chlorine atoms. It is therefore to be expected that that position possessing
minimum potential energy will be the trans configuration and electron
diffraction data® is in agreement with this conclusion. The variation of
the potential energy with rotation shown in Figure 45, has been calculated
assuming that the #rans configuration is the most stable and that the probability
of deviation from this position is determined by the Maxwell-Boltzmann
law. The cis configuration, since it possesses maximum potential energy,
cannot exist as a stable isomer,

a >
g s
< §
;,; trons ¢y i“ —=180° —"*J
Angle of Rotation Angle of Rotation
Figure 45. Potential energy Figure 46. Potential energy
curve for internal rotation of curve for internal rotation of
dichlorethane ethylene derivatives

The dipole moment of the trans form of dichlorethane will be zero,
whereas configurations obtained during revolution will have finite moments.
Since the probability of configurations other than #rans will increase with
Table CXXXVI.  Temperature Variation of Dipole Moment of ‘C0PCrature the dipole

the Di-substituted Derivatives of Ethane moment must also in-
crease. This prediction

CIH,C-CH,Cl || CIH,C"CH,Br || BrH,C-CH,Br|| NCCHy'CH,CN is in agreement with

o | DB | o | Diele | | Dipols | Digole the experimental data
moment moment moment momen H

m m ¢ ment as shown in Table

" P R e e - CXXXVI. The Raman

11 N " - 2" .

g& 124 95 114 05 009 —60 3»?6 spectrum of dichlor-

10! 1-32 132 1-20 132 103 —~30 33l H H R

by 135 B S T T S B o 33°  ethane contains, in addi

& ) o Hon to lines which may

oy | vl Z |2l == % | 33 be ascribed to the trans

) - — - = % | 8% form, additional fre-

quencies, disappearing
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at low temperatures, which correspond to a second isomer having the
configuration III. If these data are correct, the potential energy curve
(Figure 45) must show shallow minima corresponding to the isomer formed
by rotation through 120° from the frans configuration.

In certain cases rotation may be inhibited by the formation of a weak
hydrogen bond. This is considered to be the case in the carboxyl group
for which the dipole moment is close to the value to be expected for the
fixed configuration

o)
/

—C H
\O/

in which the hydrogen atom is situated as close as possible to the oxygen
atom of the carboxyl group.

The bond between the two carbon atoms in ethylene consists of a ¢ and
a = bond. The o bond permits free rotation, but in the = bond two con-
figurations, at 180° to each other, in which overlap of the = orbitals is at a
maximum, give minimum potential energy and maximum stability. The
variation of the potential energy in such cases is therefore marked by a
very high potential energy barrier (Figure 46), the height of which corre-
sponds approximately to the energy of a 7 bond. Thus rotation requires a
very high energy of activation and is not possible at ordinary temperatures.
In ethylene, the two configurations are indistinguishable but in the di-sub-
stituted derivatives one configuration refers to the cis and the other to the
trans form. In these cases the potential energy curve will no longer be
symmetrical and the value of the minimum energy will be different in the
two cases. Nevertheless, in view of the high energy barrier, the transfer
of one form into the other is generally not possible.

The photochemical transformation of maleic and fumaric acids

HCCOOH HCCOOH

| =

|
HCCOOH HoocéH

occurs on absorption of ultraviolet radiation of wavelength of 2,800 A. This
reaction evidently proceeds as the result of the excitation of one of the =
electrons, thus permitting rotation of the C—C bond.

If, owing to resonance, the double bond possesses some single bond
character, the height of the energy barrier will be lower than in the case of
a pure ethylenic bond. This evidently occurs in the case of p-nitro—f—~
aminostilbene®?! :

H,N—CgH,—CH=CH—CH,—NO,

in which resonance occurs amongst a number of structures containing a
single bond between the two central carbon atoms e.g.

o-
O->\J+=<>=CH——CH=<:>= +NH,
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13
THE CHEMICAL BOND IN CRYSTALS

CRYSTAL STRUCTURE OF THE ELEMENTS

A CRYSTAL consists of an ordered three dimensional array of atoms,
molecules or ions, which undergo only slight fluctuations from their mean
position. The importance of studies of the crystalline state lies in the fact
that these investigations lead to information on the spatial arrangement
of the elementary particles forming the crystal, the nature of these particles,
i.e. whether they are atoms, molecules or ions, the type of force or bond
existing between the particles and the relationship between the structure
of the crystal and its physical and chemical properties. The spatial con-
figuration of the elementary particles forming the crystal may be determined
by x-ray analysis. The particles are found to be arranged in simple
structural units whose repetition throughout the whole crystal forms the
macroscopic solid.

The close packing of equivalent spheres— The atoms of the elements may be
regarded as spheres and we should expect that their crystals would be formed
by packing the spheres on top of each other in the closest possible way.
This is what actually occurs. There are, however, two possible ways of
arranging equivalent spheres so that the interstitial space is as small as
possible, one with cubic and one with hexagonal symmetry. There is only
one way of arranging the spheres as close as possible in a single layer, i.e.
when each sphere is surrounded by six others (Figure ¢7). In the layer
around each sphere are six interstitial spaces or holes formed by three
spheres in contact. A second layer may be superimposed on the first layer
in only one way, by placing each sphere of the second layer in contact
with three spheres of the lower layer. By this means, one half of the holes
are covered by spheres of the second layer (Figure 47). The third layer
can now be added in one of two possible ways, either with spheres
directly above those of the first layer, or over the holes of the first layer

0 A
=4 P
>
P O G

Fi; . Cl king of Figure ¢48. Hexagonal (a) and cubic (b) close
e 47 :pmofi: pocking packing of spheres

not covered by the second layer. The first structure, which has hexagonal

symmetry, is termed hexagonal close packing (Figure 48a) and the second

structure with cubic symmetry is termed cubic close packing (Figure 48b).
A convenient method of describing these structures uses the symbols
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THE CHEMICAL BOND IN CRYSTALS

A, B and C to represent the three layers of close packed spheres which
differ from one another in their relative positions. Thus hexagonal close
packing follows the sequence ABABAB...... (or BCBC......, or ACAC...... )
and the cubic close packing the order ABCABC...... (or CABCAB...... s OF
BCABCA......). In both types of close packed structures, each sphere is
in contact with twelve other spheres. This number is generally referred
to as the coordination number. Six of these spheres lie in the same layer
in the form of a hexagon, and the other six are located three above and
three below in the form of two triangles. In hexagonal close packing, the
upper triangle has the same configuration as the lower and in cubic close
packing it has been rotated through 60°.

The cubic close packed structure may also be represented as a face
centred cubic structure in which eight spheres are located at the centres of
the faces (Figure 49). The relationship between this representation of the
cubic close packed structure and that given in Figure 48b, is that the plane
111, which cuts the cube in Figure 49, represents a layer of spheres in
Figure 48a.

[ ,'
] AL L.
] :‘
Figure 49. Face-centred cubic Figure 50. Body-centred
lattice cubic lattice

In addition to the close packed structures, other more open structures
exist. The most important of these are the body centred cubic and the
diamond, or zinc blende, structures. In the former structure, eight spheres
are arranged at the corners of a cube and a ninth sphere at the centre of

<
h
i
'
]
'
]
‘
]
’
'
'
i
'
i
'
'
:

Figure 51. Tetrahedral lattice Figure 52. Diamond
lattice

the cube (Figure 50). The central sphere is thus surrounded by only eight
nearest neighbours (coordination number eight) ; in addition to these
eight neighbours, six more (at the centres of the six adjacent cubes) are
found at a distance only about 15 per cent greater. The effective co-
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ordination number is therefore sometimes considered to be fourteen. The
diamond (zinc blende) lattice is obtained by removing four of the spheres
from alternate corners of the body centred cubic lattice (Figures 51 and 52),
leaving a central sphere surrounded tetrahedrally by four others. The
coordination number is thus four.
Even in the close packed

structures, a considerable 7Tapl CXXXVII  Relative Volumes occupied by Spheres and
part of the total volume Interstitial Holes in different Close Packed Structures
remains unfilled, since

between the spheres there | Volume Volume
are holes of considerable Coordination | occupied | not occupied
volume. This volume is  Types of packing number by spheres | by spheres
greater in the body centred per cent | per cent
cubic structure and in the

. . Close packed 12 74°05 2595
diamond lattice. The Body centred cubic 8 68-02 3198
relative volumes occupied Cubic 6 5236 4764
by the spheres and by the 7Zetrakedral 4 340 66-0
interstitial space are given

in Table CXXXVII.

The crystal structure of the elements is given in Table CXXXVIII in which
the type of structure is indicated in the following way : Ar : cubic close
packed (face centred), A2: body centred cubic, Ag: hexagonal close
packed and A4 : diamond. The interatomic distances and the number of
atoms at that distance are also given.

The crystal structure of the non-metals— The atoms of the inert gases are
spherical and we should naturally expect them to exist in a close packed
structure in the solid state. This does in fact, occur and of the two alter-
native close packed structures the inert gases choose the cubic close packed.
The only forces which exist between the atoms are van der Waal’s forces
and in view of the absence of a permanent dipole moment, these will be
dispersion forces.

The molecules N, and O,, although far from spherical, crystallize
approximately in a close packed form. Each atom has one nearest neigh-
bour to which it is bound covalently and the molecules will be bound
together by dispersion forces. The lattices of the halogens have a similar
structure except that in the case of iodine, the high polarizability of the
molecule produces a high dispersion attraction, with the result that iodine
exists as a solid at room temperature when other molecules, e.g. Cl,, F,,
Oy, Ny, etc which in the crystal are held together by weak dispersion
forces, exist in the gaseous form.

In the crystal lattice of diamond, each atom of carbon is surrounded
tetrahedrally by four other atoms to which the central atom is bound by
four ¢ bonds. Each crystal is thus a large single molecule in which every
atom is joined to four others by homopolar bonds. The bond between
the carbon atoms is almost identical in properties with that of the single C—C
bond in hydrocarbons, thus the interatomic distance in diamond is 1:54 A
and the value of the dielectric constant, 5-3, leads to a value for the
polarizability of the bond of 1 cc, which is only slightly less than the value
for the C—C bond in hydrocarbons.

The X-ray investigation of diamond using the methods of Fourier analysis
enables the variation of the electron density in the vicinity of the carbon
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atoms to be determined. The
electron density diagram is
shown in Figure 53, in which
the contours connect points
of equal intensity and the
figures refer to the number of
electrons per 1sqA. Between
the atoms, ‘electron bridges’
exist which show that the
electrons are not localized on
particular atoms, but are ex-
changed between them. This
electron exchange is a char-
acteristic of the homopolar
bond and the fact that the
electron bridges are directed
; along the line joining two

: v ' S ~— atoms is direct corrobora-

Figure 53. Variation of electron density in the tion of the localization of
diamond lattice e
electrons in a o bond.

In the diamond lattice, even when it is assumed that the atoms are in
contact, the proportion of the available space occupied by the atoms is
only 34 per cent. From this point of view the diamond lattice might
appear unstable. It is, however, extremely stable as shown by the physical
properties of diamond and this stability is due to the fact that the forces
acting between the atoms are homopolar valency forces. Any attempt to
increase the coordination number would involve the deformation of valency
angles which would be accompanied by a considerable loss of energy.
Thus in crystals formed from atoms joined by homopolar bonds, the co-
ordination number is determined by the valency of the atom. Such crystals
will therefore be characterized by a small coordination number.

Another form of crystalline carbon, graphite, has a layer lattice (Figure 54).
Each layer represents a two dimensional crystal formed from condensed
benzene rings. Each carbon atom forms three ¢ bonds, by means of three
sp? hybrid orbitals, which are in one plane at an angle of 120° to each
other. The fourth electron of the carbon atom is located in a p orbital
forming a figure of eight perpendicular to the layer. This electron will
participate in a = bond with the three
adjacent carbon atoms, with the result
that each bond possesses one third
double bond character in contrast to
benzene where the C—C bond possesses
one half double bond character. The
C—C distance in graphite (1-42 A) is
thus somewhat greater than in benzene.
The non-localization of the = electrons,
as described by the molecular orbital
treatment, explains the high electrical
conductivity of graphite. The various
layers of graphite are held together by
van der Waal’s forces, the distance Figure 54. Structure of graphite
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between two adjacent layers being 3:45 A. The relative configuration of
adjacent layers is generally considered to be that shown in Figure 54, in
which the same configuration is repeated every two layers. LipsoN and
StokEs!, however, have suggested on the basis of X-ray measurements
that in about 10 per cent of the graphite the configuration is repeated
every three layers. Boron nitride has a similar structure to graphite,
being composed of six membered rings containing alternate boron and
nitrogen atoms. In addition to the homopolar structure I, the ionic
form 11, containing tetravalent positively charged nitrogen and delocalized
double bonds, will contribute to the resonance of the molecule.

AN /7
B—N B-=—=N+
7\ / N /
N B—N —*N B-—N+
AN 7\ AN /7 N\
/B-—N B /B“——"'N B~ ——
e \B—-N 4 7 \B R N+/

—O <D

The heats of formation of diamond and graphite are very close, since
although in diamond each atom has four ¢ bonds and in graphite each
atom forms only three ¢ bonds and one weaker = bond, in the latter
there is an increase of stability owing to resonance of a similar type to that
occurring in benzene,

The dispersion energy existing between the graphite layers is not great
and calculation by formula 12.3 gives a value of only 1 to 2 kcals.
Because of this weak attraction, it is possible for many different atoms or
radicals to be taken up between the layers, thereby forming compounds
or salts. In this process the graphite crystal retains its original form,
except that an expansion occurs in a direction perpendicular to the layers.

The action of strong oxidizing agents, such as nitric acid and potassium
chlorate on graphite produce the so called graphitic oxide. During the
course of the reaction, the graphite swells in one direction and the colour
changes from black to green or brown according to the conditions and the
electrical conductivity of graphite is lost. Measurement of the distance
between the layers shows that in these compounds it has increased from
3'45 A to a value between 6 and 11 A. It is clear that oxygen atoms have
penetrated between the layers and formed bonds with the = electrons, the
atoms being bonded to both sides of the same layer. The presence of
the oxygen atoms renders the graphite hydrophilic and it may readily be
dispersed in water to form a colloidal solution. The ratio of the number
of carbon and oxygen atoms is not constant but varies between 2-9 and
3'5t0 I.

Graphite also absorbs molten potassium to form two compounds CGgK
and C;gK. The metal may be dissolved out of the graphite by mercury.
Also known are the graphite salts formed by suspending graphite in con-
centrated sulphuric acid to which a small quantity of an oxidizing agent
has been added. The graphite develops a blue or purple colour and swells
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owing to the absorption of HSO,~ and SO,%" ions between the layers.
Not every layer takes part in the absorption process and various structures
in which every second, fourth or sixteenth layer absorbs the ions have
been proposed. Graphite also forms a compound with fluorine known as
carbon monofluoride, in which the separation between the layers increases
to 8:17 A. The conductivity is decreased to 10~5 times that of graphite.

All forms of so-called amorphous carbon are graphitic in character
being formed of microcrystals having a graphite structure. The number
of regularly arranged laminations and the extent of the layers varies from
one form to another. In lamp black, the layers are approximately 40 to
50 A in diameter and the crystals 10 A thick. This corresponds to about
two or three layers each containing about one hundred rings.

In the crystals of the elements of the fourth to seventh groups of the
periodic table the number of nearest neighbours corresponds to the number
of homopolar valencies. This behaviour was first realized by Hume-
RoTHERY who established the empirical law that the coordination number
equals 8 — N, where N is the number of the periodic group of the element.
The halogens form molecules of formula Hal, which are close packed in
the crystal. In solid selenium the selenium atoms form spiral chains in
which each atom is joined by two homopolar bonds to two other selenium
atoms. The chains, like the layers of graphite, are held together by van
der Waal’s forces and possibly by weak forces similar to those occurring in
metals. Rhombic sulphur consists of cyclic Sg molecules in which the rings
are puckered, each sulphur atom forming two bonds with a bond length
of 2:10 A. The distance between the atoms in the different rings which are
held together by van der Waal’s forces, is 3-3 A. At 119° C rhombic sulphur
melts to give a transparent liquid which on heating to 200° C changes to a
red viscous modification in which it is believed that the Sg rings have been
broken, thus forming Sg chains. The unstable modification, known as
plastic sulphur, also consists of chains of sulphur atoms. For the group VI
elements other than oxygen, which is an exception to the 8 — N rule, the
ratio of the distance between corresponding atoms of different molecules
to the interatomic bond distance is 1-56 for sulphur, 1-48 for selenium and
1-21 for tellurium.

In group V, the 8 — N rule requires an element to have three nearest
neighbours. Thus four atoms form a tetrahedral structure, with an atom
at each corner and in which the bond angles are not distorted far from
the theoretical go° for the bonds involving p electrons. Two types of
tetrahedral structure are possible, either an infinite layer in which the
atoms lie in two parallel planes so that each forms three pyramidal bonds
with its nearest neighbours, or a tetrahedral molecule. Arsenic, antimony
and bismuth generally form the layer structure, although the very unstable
yellow forms of arsenic and antimony are believed to contain tetrahedral
molecules. Phosphorus forms tetrahedral P, molecules in the white modi-
fication and layer molecules in the black modification. The ratios of the
longer interatomic distances between the tetrahedral or layer molecules and
the bond distances are : phosphorus, 1-76 ; arsenic, 125 ; antimony, 117 ;
bismuth, 1-12. This sequence is in agreement with the increase of polarity
and of metallic character, with increase of atomic number.

In group IV the formation of four tetrahedral bonds results in a three
dimensional complex extending throughout the crystal. This occurs in
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all the elements of this
group (carbon, silicon,
germanium and tin) with
the exception of lead.
Carbon and tin form two
other modifications, gra-
phite and white tin res-
pectively. We have
already considered the
structure of graphite ;
white tin possesses a
deformed octahedral
structure.

Nitrogenand oxygendo
not obey Hume-Rothery’s
rule, since in both cases
there is only one nearest
neighbour and not 8 — N.
This is evidently due to
the fact that the bonds
in O, and N, are more
stable than two single
O—O bonds and three
single N—N bonds res-
pectively.

In the first and second
groups of the periodic
table the 8 — N rule does
not give the number of
possible covalent bonds,
furthermore the elements
of these groups, together
with those of the transition
groups do not form homo-
polar or ionic bonds but
ametallic bond possessing
definite characteristics.

The structure of metallic
crystals— Of the charac-
teristic properties of
metals which distinguish
them from non-metals,
the high thermal and
electrical conductivities
are perhaps the most sig-
nificant. We shall, how-
ever, be concerned here
mainly with the problem
of the nature of the bond
between two atoms in
metallic crystals and we
must refer those who are

Th 90

Re 75

Er

Li

S 4 3 2 / [o]
Distance in A
Figure 55. Interatomic distances in metallic crystals
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THE STRUCTURE OF MOLECULES

interested in the extensions of the theory to account for the thermal and
electrical properties of metals to the various monographs which deal with
these problems?,

With only a few exceptions all the metals whose crystal structure is
known have a structure which is either hexagonal close packed, cubic close
packed or body centred cubic. A number of metals e.g. caesium, which
crystallize under ordinary conditions with a body centred cubic structure,
at high pressures (22,000 kg/sq cm) change to a close packed modification®.
The exceptions are zinc, cadmium, mercury, aluminium, gallium, indium,
thallium, lead and manganese. Zinc and cadmium crystallize with a
distorted form of hexagonal close packing, in which there are two groups
of six nearest neighbours at slightly different distances from the central
atom. Crystalline mercury has a distorted simple cubic lattice (rhombo-
hedral) in which each atom has six nearest neighbours and gallium
crystallizes in a very complex structure in which an atom has the following
group of neighbours : one at 2:44 A, two at 2:70 A, two at 2:73 A and
two at 279 A. Aluminium, indium, thallium and lead crystallize with
approximately close packed structures in which the interatomic distance is
rather larger than would be expected from a comparison with the values
of neighbouring elements. It is interesting to note that all these elements
possessing distorted close packed structures have lower melting points than
expected by comparison with neighbouring elements in the periodic classi-
fication. Manganese may crystallize in one of three complex structures
unrelated to other forms.

The variation of the interatomic distance in crystals of the elements is
shown in Figure 55. A marked periodicity is observed, the values being
greatest in the case of the alkali metals and least with the middle members

Table CXXXIX. Heats of Sublimation of Metals (kcals)

Li Be
39 75
Na Mg Al
26 36 55
K Ca Sc Ti v Cr Mn Fe Co Ni Cu Zn Ga Ge
20 47 70 100 85 88 74 94 85 85 81 27 52 85
Rb Sr Y Zr Mo Ru Rh Pd Ag Cd In Sn
19 49 90 110 160 120 115 110 | 68 27 52 78
Cs Ba La Hf Ta w Os Ir Pt Au Hg| T1 Pb
9 | (73) | 90 | (>172) | (>97) | 210 125 | 120 127| o2 15 40 47

Th

177

of a long period. Thus in the first long period the largest value occurs
with potassium. On increasing the atomic number the interatomic distance
decreases to about the seventh element, manganese, then remains constant
to the eleventh element, copper, and then increases up to selenium.
PauLING relates this variation with the possible number of unpaired
electrons. In the long periods the s, p and d orbitals are being filled
(9 orbitals in all) and hence the maximum number of unpaired electrons
may equal 9. 1In the first part of the period the number of unpaired
electrons may increase and during the latter part decrease.

The values for the heats of sublimation of metals given in Table CXXXIX
although only approximate, bring out some important relationships. In
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the same period, the value of the heat of sublimation increases with in-
creasing number of valency electrons, ¢.g. Na, 259 keals ; Mg, 36-3 kcals ;
Al, s5kcals. The effect of completely filled d orbitals on the heat of
sublimation is shown by comparing the values for the alkali metals, viz,
K, 20 keals ; Rb, 19 kcals and Cs, 19 kcals, with Cu, 81 kcals ; Ag, 68 kcals
and Au, 92 kcals respectively. These data confirm the suggestion made
above, based on the variation of the atomic distance with atomic number,
that the d electrons take part in the interatomic bond. The effect of the
d clectrons is also shown by the high values of the heat of sublimation of
all the transition elements, the values being particularly high for platinum
(127 keals), molybdenum (160 kcals) and tungsten (210kcals). The
relatively low values for zinc, cadmium and mercury are presumably
related to their distorted close packed lattices.

The electrical properties of metals require that a metal should contain
free electrons and the spectroscopic properties indicate that the number of
free electrons should be comparable with the number of atoms present. The
latter requirement is based on the fact that the second ionization potential
of an element is generally very much greater than the first, ¢.g. for sodium,
the values are 118 and 1,084 kcals respectively. The density of the electron
cloud of an isolated atom, as shown in Chapter 1, increases at first with
increasing distance from the nucleus, passes through a maximum and then
rapidly falls to a low value and approaches zero at infinite distance. In
the metallic state, however, the density of the electron cloud does not fall
to zero, but falls to a constant value in the space between the ions. This
permits the metal to be regarded as a close packed structure of positively
charged ions existing in an electron cloud of fluctuating density. Such a
general qualitative picture of the struc-

ture of a metal is supported by the x-ray

data for the variation of the electron §

density in magnesium. The method of ?

Fourier analysis applied to the x-ray data ¢

for magnesium?* gives the curve shown in ¢

Figure 56 for the variation of the electron | |

density between the magnesium ions. 4 Interatorrie Distonce 8
As in a simple molecule, the electronic Figure 56. Variation of electron

states in a metallic crystal must be defined Z‘_'m")' mb"u’a”w mg’“ft;:;" with

by molecular orbitals and not by refer- Snance a;;‘g’(’b’;".;’m":'fm"g’::g

ence to the quantum levels originally )
occupied in the uncombined atoms. The single crystal is thus regarded as
a very large molecule and the energy of the crystal will consist of the
interaction energies of the electrons and nuclei, and of the kinetic energy
of the electrons. The latter quantity can be obtained by considering the
electrons located in a box of volume V¥, and assuming that the electrons
move in a field of constant potential. We then obtain (see Chapter 18)

£ =g7,,!1;;u7s‘ (”12 + ny? + ”32) s (131)

where k is Planck’s constant, m is the mass of the electron and n,, n, and
ng are three quantum numbers which may have only positive integral
values, i.e. 1, 2, 3....etc. The energies of the possible electronic states are
thus characterized by the squares of the three positive integers. Each
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state, according to Pauli’s principle, may contain only two electrons, there-
fore only two electrons occupy the lowest level when 7,2 = n,2 = n32 = 1,
the next electron pair must occupy the next higher energy level and hence
even at the absolute zero of temperature, the electrons will still possess
kinetic energy. At the absolute zero the levels will be successively filled
by electrons and the total kinetic energy will be a minimum ; if there are
N electrons, then N/2 states are filled. At higher temperatures, higher
energy levels may be occupied by the electrons. The interval between
successive energy levels is 4%/8mV23 and since 4 is of the order of 10-%
erg sec and m is of the order of 1072 gm, the interval between successive
levels becomes appreciable only when V is of atomic dimensions. When
V is large compared with atomic dimensions and the number of electrons
is considerable e.g. 1022, the energy levels are so close together that the
uncertainty principle prevents us from assigning a particular electron to a
particular state and the states may be regarded as forming a continuous
series of energy levels, although it must be remembered that the Pauli
exclusion principle still holds.

In a real metallic crystal, however, the potential field is not constant
but periodic and increases, as we have seen (Figure 56), to a maximum at
each metal ion and falls to a minimum between the ions. The solution of
the appropriate wave equation shows that the electrons cannot assume any
value between zero and the maximum energy value, but that there are
certain permitted zones of energy values between which there are dis-
continuities or bands of forbidden energies. Within the limits of any one
zone the arrangement of the electronic energy levels does not differ sig-
nificantly from that of the free electron in a constant potential field.

In the alkali metals all the electrons may be accommodated within the
limits of one zone. This may be shown by comparing the zone in a crystal
with a particular atomic orbital. If the interatomic distances in the crystal
lattice are assumed to increase, but with the retention of the original
symmetry, the zones become narrower and are finally reduced to atomic
dimensions. The first zone in a crystal of sodium corresponds to the s
orbital and will contain /N energy levels, i.e. it can accommodate 2N
electrons. But for these there are only N electrons for which N2 levels
are sufficient for their accommodation. Therefore one half of the levels of
the first zone remain unoccupied. The differences in energy between
the individual levels of the zone is not great and excitation of the
electrons takes place easily ; in this fact lies the explanation of metallic
properties. ‘

In other metals the situation may be more complex. Sometimes the
first zone may be insufficient to accommodate all the electrons, or over-
lapping of the zones may take place. In the former situation, the electrons
are divided amongst zones separated by forbidden regions, and excitation
as in the case of sodium cannot occur. This occurs in diamond where the
zones corresponding to the atomic orbitals of carbon are divided and the
electrons are concentrated along lines joining neighbouring atoms, thus
forming localized, homopolar bonds.

In the analogues of carbon having higher atomic number, the s and p
orbitals are more spread out and in consequence overlapping of zones
occurs, causing the appearance of metallic properties. Thus there is a
gradual transition of the bond type from the metallic to the homopolar.
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For example, in bismuth, the electrons of each atom participating in
homopolar bonds with its three nearest neighbours may be partially free
and hence responsible for the metallic properties and for the bonds between
the layers of covalently bonded atoms.

The structure of alloys— When two or more metals are melted together in
suitable proportions a homogeneous solution often results. On cooling, the
homogeneous solid is termed a solid solution, since as in a liquid solution,
the atoms are distributed in a random fashion. If the structure of the
solid solution is identical with that of one of the components (the solvent)
the solution is termed a primary or a solid solution. Primary solid solutions
are of two types : interstitial solid solutions, in which the atoms of the
dissolved substance are situated in the holes between the atoms of the
solvent and substitution solid solutions in which the solute atoms have
taken the place of solvent atoms in the lattice of the latter.

In a close packed array of atoms, two kinds of holes are formed between
the spheres. The first is formed by four spheres in contact and a solute
atom placed in such a hole will have four nearest neighbours arranged
tetrahedrally around it. Such holes are generally referred to as tetrahedral
holes. The second is formed by six spheres in contact, and a solute atom
placed at the centre would have six nearcst neighbours forming an octahedral
group around it, and the holes are therefore referred to as octahedral holes.
Clearly there is an upper limit to the size of atoms that can be accom-
modated in such holes and taking the radius of the close packed atoms as
unity, the maximum radii are 0'41 for an atom in a tetrahedral hole and
0-59 in an octahedral hole. Solid solutions in which the maximum radius
is exceeded, with resulting deformation of the original lattice, are known,
but the divergence from the theoretical radius is generally not very great ;
e.g. for carbon dissolved in iron the ratio is 0-63.

Interstitial solid solutions are only formed between the non-metals
possessing small atoms : hydrogen, boron, carbon and nitrogen, and the
metals of the transition group. Other metals of the first and second groups
generally tend to form with these non-metals, not interstitial solutions, but
ionic lattices, e.g. calcium carbide. Since the total proportion of the
volume occupied by the atoms, as represented by spheres of two sizes, has
increased, the interstitial compounds are much harder and melt at much
higher temperatures compared with the original metal.

In a substitution solid solution two possibilities arise : the distribution
of the atoms may be entirely random throughout the lattice, or at par-
ticular ratios of the constituent atoms an ordered arrangement may exist
in the crystal. Such a solid solution is termed a superlattice.

A number of factors determine the formation of solid solutions :

1 The two substances must be chemically similar ; if they differ con-
siderably in electronegativity, the tendency will be for the formation
of compounds rather than solid solutions.

2 The relative size of the atoms is important. According to HuME-
RoTHERY, MaBBOTT and EvaNs®, a continuous series of solid solutions
may be formed over the whole range of concentrations if the sizes of
the atoms of the two metals do not differ by more than 15 per cent.
The limiting value of this ratio is by no means definitely established
and depends to some extent on other factors such as the coordination
number.
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3 The mutual solubilities of metals are not reciprocal. A metal of low
valency is more likely to dissolve one of higher valency than vice versa.
For example, in the solid solutions of copper and silicon, a silicon
atom may replace four copper atoms in the copper lattice, but a copper
atom, with only a single valency electron, cannot replace a silicon
atom which is linked tetrahedrally with four other silicon atoms.
Hence the solubility of silicon in copper is 14 per cent but that of
copper in silicon only 2 per cent. In a similar way tin dissolves only
1 per cent of silver whereas silver can dissolve up to 122 per cent

of tin.

When the a phase, ie. the primary solid solution, has only a limited
range of stability, other intermediate phases are formed. At particular
concentrations of the second component a transformation from one crystal
structure to another takes place. In alarge number of binary systems, e.g.
Cu-Au, Cu-Al, Cu-Sn, a transition from the cubic close packed structure
of copper to a body centred cubic structure (f phase) occurs at a particular
concentration. The B phase is stable over a particular range of concen-
tration and at higher concentrations is generally converted to the y-phase
which has a complex structure, followed by the ¢ and » phases which are

Table CXL. Ratio of Number of Valency Electrons

to Number of Atoms

pf Phase

CuZn, CuBe, AgZn, AgCd 1+2 8.
AgMg, AuZn 2 2
AgyAl, CugAl 3‘:“;‘3 2"
CusSn é%'i 2—
¥ Phase
CuyZny, CuyCd,, AgsZng, AusZng 2 -:-3'6 %
CuyAl,, Cu,Ga,, AgyAl, 9_:';?32 f—;
Cu,xSn,, Agalsnl = + 3 ?‘l-
39 13
FegZng,, PtyZn,,, NigZn,, 9-:642 (:%
€ Phase
CuZn,, CuCd,, AgZn,, AgCd 146 _7
AuZan,, AuC:'l,, (gJuB:a, A“Héa} & 4
Cu,Sn, Cu,Ge 3ts 1
4 4
AgsAl,, AugAl, 3 ; 9 Z‘

hexagonal close packed
structures. Each phase
has a definite range of
stability and Hume-
Rothery obtained empiri-
cal rules connecting the
composition of the phases
with the ratio of the num-
ber of valency electrons
N to the number of
atoms N,. In order to
obtain these values it was
found necessary to consider
that the number of valency
electrons of the elements
iron, copper, nickel, ruthe-
nium, rhenium, palladium,
osmium, iridium and
praseodymium was zero.
The values of the ratio
NN, are given in Table
CXL and it is evident that
each particular phase co-
incides with a particular
ratio of the number of
valency electrons to atoms,
although the phase may be
stable over a considerable
range of concentration.
An attempt at a
theoretical approach to
this problem hasbeen made
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by Mot and Jones®. It might be expected that the structure of a definite
phase would be stable so long as all the electrons can be arranged in the
energy levelsof a particular zone. When this zone has become fully occupied,
the remaining electrons must occupy levels in a higher zone separated from
the first by a forbidden region. On the basis of the assumption of a
continuous sequence of levels in a field of constant potential, the energy of
the highest occupied energy level is given by :

G E A
Emu=8~"7(1ﬁ;) v .. (13.2)

where N is the number of electrons in volume ¥V (for derivation see Chapter
18). To each electron with a kinetic energy E = } mv?, there will corre-
spond a wavelength given by :

A = hjmp = h{(2mE)V2 oo (13.3)
If the electrons occupy all possible levels up to E,,,, then the minimum
wave length will be :

A = 2(m[3)18.(V]N)18 <o -(13.4)

The greater the number of electrons N, the greater will be the number of
energy levels occupied and hence the larger the value of E,,. From
equation 13.4, however, the greater the value of N, the smaller will be
Aua and it may become sufficiently small to satisfy Bragg’s law of reflexion,

A=2dsinf ....(13.5)
where d represents the distance between the planes of the crystal and
is the angle or reflexion. It is possible to show that if A satisfies this
equation it corresponds to the upper limit of the filled zone and the
electron may no longer enter the crystal, since if it did it would undergo
total reflexion. If the energy of the electron were increased, however,

©/0) (110) 1)

Lot
- > g
R

V2
Figure 57. Distances between planes in a cubic crystal

it would occupy a level in a higher zone. A structure in which the number
of electrons is less than critical is stable, but the addition of electrons above
the critical value produces an unstable condition which is compensated by
a rearrangement of the structures with a different sequence of zones and
another critical wavelength. The maximum value of the wavelength
which will cause reflexion at a given distance between the planes is
Aot = 2d ce..(13.6)

For face centred cubic crystals the lattice planes (010), (110) and (rr1)
are represented in Figure 57. The distance between the (111) planes is
ajy/3, where a is the lattice constant given by:

d= a/(h2 + k2 + l2)1l2

and k, k and [ are the indices of the faces. From equation 13.6 the
critical wavelength will be given by

D = 2a/4/3 c(13.7)
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In the unit cell of such a crystal with volume 43 there are four atoms, so
that

ad® = 4V|N, ....(13.8)
where WV, is the number of atoms in the volume V. From equations 13.7
and 13.8 we have
2 [4V\1/3
Agtt = —e | — e .
ottt \/3 (-NA) (13 9)

The dependence of A on the number of electrons is given by equation
13.4 and on combining 13.4 with 13.9 we obtain the condition for reflexion
of the electrons :
2 (4V\'?
1/3 s — 2 (%7
2ty isrinte = 2 (57
From equation 13.10 it follows that the ratio of the number of electrons
to the number of atoms at the critical state is
NIN, = m/3/4 = 1-362 oo (13.11)
Thus the o phase will become unstable when N/N, = 1362 and this
electronic concentration limits the region in which the structure of the
solid solution can be identical with that of the solvent. The experimental
values for N/N, at the limit of stability of the a phase for several systems
is given in Table CXLI. For two metals with the same number of valency
electrons NJN, = 1 at all concentrations of the components, so that there
is no obstruction to the formation of a complete series of solid solutions.
In the B phase, which has a body centred cubic structure, the planes
which are the greatest distance apart are the (110) planes. For these

Awtt = 2a/+/2 ... (13.12)
In a unit cell there are two atoms, and making a similar calculation to that
given above we obtain :

....(13.10)

NN, = 74/2[3 = 1:480 ....(13.13)
The experimental values of N/N, for the B phase vary from 148 to 1-50
with the exception of the Cu-Al alloy which gives 1-37. An analogous
treatment for the y and e phases may be made, but is more complex. In
these cases also the agreement between the theoretical values and the
experimental data is good. The electron : atom ratio is not always correct,
however, because other factors, such as the dimensions of the atoms and
other energy relationships, may introduce complicating factors.

MOLECULAR CRYSTALS

The crystals of such inorganic substances as carbon dioxide and ;the hydrogen
halides and of the majority of organic substances are composed of molecules
bound together by van der Waal’s forces. If the molecule has a relatively
simple structure and only a small polarity, the heat of sublimation is found
to be small and for such molecules, LoNDON? has calculated the heats of sub-
limation assuming that only dispersion forces are responsible for the inter-
molecular attraction. The attraction energy is considered to be given by

= — C|r8 where r is the distance between the molecules and C = § o?
(see equation 12.3). In addition to non-polar or weakly polar molecules,
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e.g. Ny, CO, CH,, etc, London considered 7able CXLI. Electron : Atom Ratios for
also certain dipolar molecules, e.g. HCI, Maximum Solubility in o. Phase
HBr, HI, ¢ic ; disregard of the dipole-
dipole forces in these cases was con- a-phase | N/Na || a-phase N/Na
sidered justifiable since in the crystals -
such molecules are in a state of constant g“‘l“ 1384 | Ag-Cd | 1425
. . .. Cu-Al 1°408 Ag-Zn 1378
rotation so that the effect of thedipole is Cu-Ga | 1406 | Ag-Hg | 135
considerably reduced. The variousquan- Cu-Si 1420 || Ag-In 140
tities necessary for such calculations, to-
gether with the calculated and experi- g“’gk 1360 || Ag-Al 1408
. . u~-Sn 1270 || Ag-Ga 1:380
mental values of the heats of sublimation Ag-Sn 1366
are given in Table CXLII. The lack of
agreement between the values is not sur-
prising since repulsion, dipole and quadrupole forces were neglected®. Never-
theless, it is seen that dispersion forces do give values for the heats of
sublimation which are of the right order of magnitude.
More complex mole-

Table CXLII. _ Heats of Sublimation Calculated from Dispersion cyles possess greater
Forces betaween Atoms and Molecules polarizabilities and the

i o dispersion forces between
Heat of sublimation kcals 3
Tonization the molecules in the
Substance | Density | Potential | Polarizabulity| Theoretical | Expersmental value crysta] are greater.
gmfec keals I eatrapolated to 0°K
Furthermore, other
Ne 146 494 0 40 040 0°59 icati
PP g B °8 i %39 complicating ~ factors
Kr 32 321 254 310 280 may be introduced, such
Ns 103 391 174 161 1-86 N
. . as the existence of polar
(o) 14 299 157 14 2°0 H : -
cd 1ol | 339 4 i ot groups which will pro
CH, o33 | 334 258 247 x70 duce strong dipole-
' 419 4 7 dipole or dipole-
HCL 1-56 315 263 404 5'05 i i
oa b g e o o induced dipole forces,
HI 33 292 54 7 21 and the distribution
NO 158 235 176 204 429 f th
of the polar groups

throughout the mole-
cule. The latter factor is illustrated by the different heats of sublimation
of the isomeric fumaric and maleic acids (Table CXLIII). The effect®
of increasing size and polarity of the molecule on the heat of sublimation
is shown in the Table CXLIIL

As is to be expected from the difference in the nature of chemical and
van der Waal’s forces, the distances between atoms in a molecule and between
adjacent atoms of differ-

ent molecules in a Table CXLIII.  Heat of Sublimation of Organic Crystals

crystal, differ consider-

ably. The bond length Heat of o Heat of
between two atoms is a  Substance mat Subst o ation
fairly constant quantity, o ’
differing only slightly Benzene .. 98 o~Dinitrobenzene 207
from one molecule to Naphthalens 159 m~Dinitrobenzene 194
another. Intermolecus Himbrn | 201 | f-Piinkezes | 23
lar distances on the Dy .. 164 Fumaric acid 325
other hand, in addition Benzoic acid 201 Maleic acid 263
to being much greater
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(see Table CXLIV), are also more variable. For example, the distance
bctweix adjacent carbon atoms in different molecules varies from §:4 A
to 4°1 A.

’%‘he shape and size of a molecule are the factors which determine the
form of the crystal lattice, and BERNAL has distinguished between five
main classes of organic moletules : simple molecules, ¢.g. CHy, GO(NH,), ;
molecules containing a long hydrocarbon chain, e.g. the higher paraffing
and their derivatives ; molecules composed of planar rings, ¢.g. aromatic
compounds ; complex molecules in three dimensions, e.g. the terpenes ;
high polymeric compounds. ‘

In the methane
crystal, the molecules
are in constant rotation
and therefore possess

Table CXLIV. Interatomic Distances in One Molecule and
Neighbouring Molecules in a Crystal

Distance between atoms A spherlcal symxpetr Y-
——— The crystal lattice of
Substance Within the molecule nei g;xbz::;:‘ ng m";‘; e::k: ]glethane dmday there{orc
e regarded as a close
Eth . . C—C, I C...C 3°6.
f;hﬂ;.h R gncic ot .G 3-34 packed structure of
fexamethylbenzene .. —C, 142 “es 369 - :
Hvame b oensivesina | Car—Car Qg far 3% spheres with a radius of
L ) 2:28 A. The cubic type
m~Dinitrobengene .. Q . q 382
Naphlhalene | Gar=Gar var | GG 86 of close packed structure
nthracene .. . 14 - .

Durene .. .. | Ca—Car 141 | CH,...CH, 39 :is adop{)ett:lw and tthe
. it e m.
Dibengyl .. . Cagr—Cqgy 141 CH,...CH, 41 fSt;n(ci c eefp a O hs
Chrysine ga;:gal :-it’i gar--écar 37 ot hydrogen of neigh-

. . . e 3 : .
Nonacosans .. .. | CoG ' 145 | CHy..CH, st-go bouring molecules is not
Carbon dioxide . C—0 107 0...0 323and 345 less than 25 A com-,

pared with the inter-
atomic distance in the
molecule of 198 A. Carbon tetrabromide and carbon tetraiodide also
give a cubic lattice and in the tetradiodides of both carbon and silicon
the iodine atoms form an approximately face centred cubic lattice, the
distance between the atoms of iodine in different molecules being only
slightly greater than the distance in one molecule, the dispersion forces
between the readily polarizable iodine atoms being responsible for the
compact structure. The crystal of ethane may be regarded as a close
packed system of ellipsoids, formed as a result of the rotation of the
H;C—CH, molecules.

Molecules containing a long hydrocarbon chain are arranged in the
crystal so that the chains are parallel, the chains themselves being close
packed ; in such an arrangement the dispersion interaction between the
molecules is at a maximum. As the hydrocarbon chain length is increased,
the number of bonds per molecule taking part in dispersion interaction
with the neighbouring molecules is increased and it is consequently more
difficult to separate the molecules. Heats and temperatures of melting
and sublimation therefore increase with increasing chain length.

Where one end of the molecule is polar and the other end non-polar,
as in the mono-carboxylic acids, it is possible to distinguish between two
types of intermolecular bonding, produced either by the interaction of
the polar groups, which will be caused by van der Waal’s forces of the
dipole-dipole type, and in carboxyl and certain other groups by hydrogen
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ZnS, SiO,; and CdI, the division of the crystal into single molecules is
impossible. Only in TiO, is there a suggestion of a molecular unit. Such
formulae as NaCl, CsCl etc thus represent the ratio of the different species
of atoms or ions present in the crystal and not the formula of a single
molecule. We must now consider the nature of the forces producing the
various crystal structures.

IONIC CRYSTALS

The crystal of sodium chloride consists of an ordered array of Nat ions and
Cl— ions which are held in a stable configuration by the Coulomb forces
acting between the ions. In the gaseous state, where the NaCl ion-pair
(molecule) has a separate existence, the force between the ions is — é?/r.
Unlike homopolar forces, electrostatic forces do not show saturation and
electrostatic interaction will occur with all the neighbouring ions, so that
when two NaCl ion pairs are brought together to form a rectangle, as
shown in Figure 64, the energy of attraction will be the sum of the various
attraction energies between ions of d""&.ﬁfﬁ{t' charge and the repulsion
energies of ions of like charge, 1.e. o

= — 4¢%r + 2¢%ry/2 = — 2-57¢%r = — 1-285.2¢%/r
This value is greater than the sum of the energies of the two ion-pairs
taken individually, viz — 2¢%/r, and hence the rectangular configuration is
the more stable. If four moiecules are arranged in the form of a cube
(Figure 65) the total interaction energy becomes
= — 12¢e2[r — 4e?[r /3 + 12e3/r\/2 = — 5:8e?fr = — 145 X 4e¥r

which is to be compared with
the value — 4¢%r, the sum of
the ionic attraction in four
separate ion-pairs. We see,
therefore, that the union of ions
into large aggregates brings
about a gain of energy which
is of the same order of magni-
tude as a single ionic bond.
Thus on bringing two ion-pairs
together, the increase in energy
over 2¢%[ris 28 per cent, for four
molecules the gain over the
value of 4¢%/r is 45 per cent, and
in the limiting case for an infi-
nite crystal the gain in energy is
75 per cent. These figures are
based on the assumption that
the interionic distance in the
crystal is the same as in the lone
ion-pair. This is not so and as
will be shown later the equili-

brium interionic distance in the (o5 V" R e °;;“~.oa4.-o, °5 oyt ige, "
o Q ..

508

crystal is 13 per cent greater [es A\ LA Sop
than in the gaseous molecule.  Figur, 66. Variation of electron density in sodium
The gain in energy of the chloride lattice
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infinite lattice is therefore somewhat less than 75 per cent. This gain in
energy is indicated by the stability of ionic lattices and their large heats
of sublimation e.g. for NaCl, 55 kcals/gm mol.

When two sodium chloride molecules are arranged as shown in Figure 64,
the weight of the ionic state in each molecule will be increased, since this
will cause a further gain of electrostatic energy. The crystals of salts
similar to sodium chloride, though not necessarily of the same crystal
structure, will thus consist almost entirely of jons. This picture is con-
firmed by x-ray data, which shows (Figure 66) that the electron cloud is
concentrated on the ionic centres and rapidly decreases with increase of
distance. Between the ions the density falls to zero. From the x-ray data
the number of electrons centred on each atom may be obtained and for the
NaCl crystal the values are found to be sodium g-98 and chlorine 1772,
which closely correspond to the theoretical figures of 10 and 18 for Nat
and CI- respectively. In the liquid state and in solution these substances
have high conductivity owing to the existence and freedom of motion of
the ions.

The electronic energy of the ionic crystal may be obtained from the
sum of the energies of all possible pairs of ions of like and unlike charge :

2
E=Zz—'§;i .o..(13.14)

where 7 and z, represent the charges on two ions i and k, and 7, represents
the interionic distances. Each value of r, may be expressed in terms of r,
the shortest distance between two ions of unlike charge in the crystal. We
can then write equation 13.14, for 1 gm mol of a crystal, in the form :

E = — NAer «...(13.15)
where J is the Avagadro number and 4 is Madelung’s constant. Different
methods exist for the calculation of Madelung’s constant and these have
been described by SHERMAN® and FrenkerLll. Values for Madelung’s

constapt for different types of crystal, calculated on the basis of 1 gm mol
are given in Table CXLV.
In addition to the

Table CXLV. Values of Madelung’s Constant for Various Crystals attraction and repulsion
between the ions as ex-

Crystal structurs Coordinati b Madelung’s ¢ pressed by the function
- - — Ae?/r, repulsion forces
S&adm‘i‘m Ié:‘g g}g "_7%4%5 also arise between the
Sinchlende - Zna S 4 ;_(753?,0(75 filled electron shells of
Wartzite Zng S 4 1641 the ions. These forces
) fall off very rapidly with
Fluorite .. Ca8 F 4 5.03878 increasing distance from
Cup!ttc .. C!.l 2 O 4 411552 the i d _
Rutile.. .. Ti6 O3 3816 he ion and are some
B-Quartz Si 4 0 2 44394 times represented by the
expression B/, where n

is sufficiently large to
produce a considerable decrease of the function as r increases. In the
simplified treatment of the ionic crystal, it is usual to assume that the
repulsion term is the same for the different charged ions, hence in the
simple cubic lattice, round each ion there are 6 ions at a distance 7, 12 at
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74/2, 8 at r4/3 etc. The total repulsion energy of this type will therefore

be given by :

B ( 12 8 )

- 6 o "-{— T e e

AT vy v
Generally, within the limits of order of the calculation, it is sufficient to
consider only the first term, i.e. to consider only the repulsion due to the
nearest neighbours.  The repulsion energy then becomes BK/r*, where K
is the coordination number of the ion. The total energy of the crystal
per gm mol then becomes

E = N (— Ae*r + BK[rm) ....(13.16)

At the equilibrium distance when r = r,, the energy will have a minimum
value and differentiation of equation 13.16 and equating to zero gives

7o = (nBK[Ae?) /o= o (13.17)

and
Ae? 1
E, = _..]\/'7_° (1 _;) ....(13.18)

The quantity E is termed the lattice energy, and represents the energy
required to transfer 1 gm mol cf the salt from the crystalline to the gaseous
state in which all the ions have a separate existence. The lattice energy
is generally taken as the positive quantity — F.

In equation 13.18 values of 4, ¢ and 7, are known. The value of # is
generally obtained from experimental data on the compressibility of the
crystal. The compressibility x is defined as the relative decrease in volume
per unit of applied pressure. This may be written as

#=—V15 ....(13.19)

where V is the molecular volume and P the applied pressure. If all the
energy of the crystal is potential energy, dE = — PdV, and hence

P dE
av = T di?
and combining with equation 13.19 we have,
d’E av
¢TI72=_1/EP=1/”V ....(13.20)

V' is proportional to r3, provided that the atoms remain in the same relative
positions. Let us call the proportionality constant «, which can readily
be found from the geometry of the crystal. E is a function of r, as shown
in equation 13.16 and hence the terms in equation 13.20 may be evaluated.
It is found that

— 4NA4e?/9a%" + n(n + 3)BK[9a%" + & = 1/xar® ....(13.21)
If % is measured under conditions in which 7 = 7,, then equations 13.21
and 13.17 both give relationships between n and B and these quantities
may therefore be evaluated. The values for n which have generally been
used are as follows!2 : for ions with an electron structure of He, 5 ; Ne, 7 ;
Ar, 9; Kr, 10; Xe, 12. Frequently the value n = g is used since the
actual value is not critical.
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Table CXLVI. The Contribution of Various Factors to the Born and Maver1®
Lattice Energy as a percentage of the Electrostatic Energy A¢*fr  have attempted to im-

prove the accuracy of

Repulsion | Repuision || zeropoi Dij ernce beaen equation 1318 by
accor accorain, an aal’s ero-point cale, from I M
Crystal | to the I::: lo the law' interaction :wlz' | equation 13,18 and Ipakmg certain (':O-ITCC-
Bl | exp (-an) by Bornand Mayr tions. 'The additional
NaCl | 128 ™ 14 o8 -3 factors considered were
Nabr | 28 o b 4 ok 4 the van der Waal’s
KCl 114 113 21 o8 -2 forces between the ions,
KBr 1o 106 20 o7 -2 the zero-point energy,
Csl 1o e ] o5 - and in place of the
function Bfr* they in-
troduced an exponential

expression of the form exp(— ar). These corrections, however, do not
appreciably effect the values obtained as shown in Table CXLVI.
The second column

of Table CXLVII gives Table CXLVII.  Lattice Energies

the lattice energies of Esperimental value Jor .
various crystals calcu- g, | Sododaed MX oot Beperimental valua
lated by the method of Bornand Mayer | apb -y Born-Haber aycls
Born and Mayer. These o

values must not be  Nar 24 248
regarded as theoretical ~ K. 193 192
values, as the repulsion G 17 178
energy has been ob- Licl 200 200
tained by an empirical =~ Tl 8 B s
method. Comparison of  Rbcl 16 165
these values with experi- &% 19 157
mental values for the  MBe 190 1r6ie 189
heat of dissociation of  Ks: 162 16018

the crystal into gaseous  Gor 4 e 14
ions is possible only in ., 16 i

a few instances owing  Nal 166 1

to lack of experimental KL o 151 431.’-"4"

data but the agreement Gl 143 1411

obtained is within the
limits of experimental error. An alternative method of obtaining experi-
mental values, when the direct thermal data is lacking, is by means of the
Born-Haber cycle. From thermochemical data the heats of formation of
the solid crystalline salts of the alkali metal halides from the solid alkali
metal and gaseous molecular halogen are known, e.g. for sodium chloride :

) Nayga + 3Clgg, = NaCliw, 4dH=—Q el (i)
We also have the following data :
Na,ua = Nay,, AdH = §
Na,,, = Nat,,, + ¢ A4AH =1
3Clggn = Clpue 4H = D
Cly + e =Cl, AH = —F

Na+t,,, + Cl=q, = NaCly, 4H = — E,
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Summing we obtain

Nayua + $Clogs = NaClyoya 4H=S8 +I1+3{D —F —E,
ceee(nl
Combination of i and ii gives )

S+I+4D—~F—~E,=—Q
and hence
E,=Q—F+4+S+I4+3D <. (did)

This equation permits the calculation of the lattice energy if we know F,
the electron affinity of the halogen atom, S, the heat of sublimation of the
alkali metal, I, the ionization potential of the metal and D, the dissociation
energy of the molecular halogen. These quantities are known, but to
different orders of accuracy, and furthermore, the values should all refer
to the same standard temperature, either absolute zero or room temperature,
a condition which is not always fulfilled. However, the agreement between
the calculated and observed values is sufficiently good to indicate that the
theory developed for the lattice energy on the basis of ionic interaction is
basically correct.

The theory of Born and Mayer has been extended by the work of
LANDSHOFF!? using the methods of quantum mechanics. Taking sodium
chloride as an example, Landshoff accepts the assumption that the lattice
consists of Nat and Cl— ions and calculates the ionic interaction energy on
the basis of the Heitler-London theory using the known distributions of
electrons in the Nat and Cl~ ions. In addition to the correction terms
of Born and Mayer, additional interactions related to the superposition
of the electron clouds, the attraction between electrons and nuclei and the
mutual repulsion of electrons are incorporated. The values obtained by
this more exact method, however, differ from the values given in Table
CXLVII by only a few kcals, the value for sodium chloride being 183 kcals.

INTERIONIC DISTANCES IN CRYSTALS

The distance between the ions in a crystal is determined by the equilibrium
between the forces of attraction and repulsion. Values of the interionic
distances may be obtained from X-ray data. On the basis of the Born
theory of lattice energies we have,

7, = (nBK[Ae2)t/0~1 oo (13.17)
and r, is dependent on the nature of the law of repulsion, i.e. on n and B,
the coordination number K and Madelung’s constant 4. If the same
substance can crystallize in both a NaCl and a CsCl type lattice, then the
equilibrium distances between the ions must be related by

Toa _ (Ii’o,c. A xa ),.%,= (g 17476 );‘.1
a1 KN.Q A a1 6 17627
and when n = g this ratio becomes 1-036 and when n = 12, 1-207.
Ammonium chloride, NH,Cl, crystallizes in a CsCl lattice up to a tem-
perature of 174:3° C and above that temperature, in the NaCl lattice.
Similar behaviour is observed with ammonium bromide (temperature of
transformation 187-8° C) and ammonium iodide (temperature of trans-
formation —.17-6° C). The interionic distances in the CsCl lattice are
actually found to be approximately 3 per cent greater than in the NaCl
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lattice. Pauling has given the following ratios of the interionic distances
for various lattices assuming n =g :

K=8->K=6 :ﬁﬂ = 1036 Tt _ 1,031

NaCl rutile
K=d4>K=¢ Totteomeme_ g5 e g4
"§aa1 Tratile
The equilibrium interionic distance in the crystal is not the same as

that in the gaseous molecule (ion-pair) since in the latter the distance is
determined only by the mutual interaction of two ions, whereas in the
former case each ion is located in the field of all its nearest neighbours.
The equilibrium interionic distance in the molecule (ion-pair) is obtained
from equation 6.8 which may be written in the form

1, = (nBJe2)1/"—D ....(13.22)
From equations 13.17 and 13.19, on combining we have,
Tolle' = Tayu[Teu = (K[A)M*D .v..(13.23)

If the value of n is taken as g, then the ratio 7ymm/fe, becomes 1-18 for the
NaCl and 1-21 for the CsCl type lattice. The experimental values obtained
are : 1-13 for NaCl, NaBr, Nal, KCl, KBr, KI, RbCl, RbBr and RbI and
1-16 — 1-18 for CsCl, CsBr and Csl.

Ionic radii— The experimental determination of the interionic distance
in crystals has led to the suggestion that in many crystals these distances
may be correlated by assuming that each ion has a definite and constant
radius, such that the sum of the ionic radii of two ions gives the interionic
distance in the corresponding crystal. This concept of the additivity of
the ionic radius is illustrated by the data given in Table CXLVIII, where
the interionic distances in the crystals of the halogen compounds of the
alkali metals are given. The data for CsCl, CsBr and CsI, which crystallize
with a body centred cubic lattice, are shown in parentheses. All other
structures are of the simple cubic type. If additivity of ionic radii is
achieved, the difference between the interionic distances in such pairs of
compounds as KI and KBr, Nal and NaBr, Lil and LiBr should be
constant since it equals the difference of the ionic radii of iodine and
bromine. These differences are found to be very approximately constant,
the deviations being of the order of 0'1 A. We may conclude therefore
that for the halogen compounds of the alkali metals the conception of the
ions as spheres in contact with each other is approximately correct.

Table CXLVIII. Verification of the Additivity of Ionic Radii in Ionic Lattices

Cation Distance A
Agion Gs |CsRb| Rb |Rb-K| K |K-Na| Na |NaLi| Li
| §3'95) (029) | 366 | o13 | 353 | o030 | 323 | o23 | 300
I-Br 0.24) 023 | 024 | o025 025
Br (371) | (028) | 343 | o014 | 329 | o031 | 298 | o023 | 275
Br-Cl (or14) 016 015 017 018
Gl Es~57) (030) | 327 | 013 | 314 | 033 | 281 | o024 | 257
CI-F 0°57) 045 048 050 056
F 300 | 018 | 282 016 | 266 | 035 | 231 030 | 2-01
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The experimental data, however, give values only of the distance
between two ions and therefore in order to obtain values for the in-
dividual ionic radii certain assumptions have to be made. Where the
anion is large and the cation small, e.g. Lil, it may be assumed?® that in the
crystal the anions touch and that the radius of the anion is half the inter-
atomic distance. In other crystals where such an assumption may not be
made, other methods have to be employed to determine the ionic radii.
WasasTJERNAY used a method based on the assumption that the molecular
refraction of an ion is proportional to the cube of the radius. These
values were used by GorpscumibT?? to give a systematic table of ionic
radii. The most satisfactory method, however, is that of PaurLing2l. In
a crystal such as KCl, the two ions Kt and Cl- have the same electronic
structure and differ only in the charge on the nucleus. Clearly, the K+ ion,
which has the greater nuclear charge, will draw the electrons closer to the
nucleus than the Cl- ion, so that the radius of the K+ ion will be smaller
than that of the Cl~ion. The difference in size will depend on the effective
charges on the nucleus of the ions and Pauling proposed that for the
isoelectronic ions, e.g. K+ and Cl—, Nat and F-, the radii are inversely
proportional to the effective nuclear charges. The effective nuclear charge
is equal to the actual nuclear charge, <e, minus the screening effect, Se, of
the other electrons in the ion. Values of the screening constant, S, have
been obtained by theoretical calculation and experimentally®l,  The
value of § for ions with the neon structure is 4-52 and the effective nuclear
charges for Nat and F~ are thus 6-48¢ and 4-48¢ respectively. By dividing
the interionic distance in the sodium fluoride crystal, 2-31 A, in the inverse
ratio of these values we obtain the values 0-g5 A for the ionic radius of
the Nat ion and 136 A for that of F~. By a similar method the values
for K+, Cl1~ ; Rb*, Br— ; Cs*, I~ ions are obtained. Furthermore, knowing
the jonic radius of the K+ ion and the ratio of the effective nuclear charges
of the isoelectronic ions K+ and Ca2t, the radius for the Ca2?+ ion may
be obtained. However, using the value for the ionic radius of the calcium
ion obtained in this way, the calculated interionic distances for the crystals
of calcium compounds do not agree with the observed values. This dis-
crepancy was ascribed by Pauling to the doubly charged character of the
calcium jon and it can be considered that the value obtained by the method
described above represents the radius that the calcium ion would have, if
it possessed only a single charge, i.e. its energy of interaction with, for
example, the CI~ ion is — ¢2/r and not — 2¢%/r. The dependence of the
interatomic distance on the charge on the ion, z, is given by the general
form of equation 13.1%

1, = (nBK|Az%%)Y/—b ... (13.24)

For singly charged ions we have,
r, = (nBK[Ae?)'/»D oo (13.17)
and hence the radii of ions with charge z and unit charge are related by
: rfry = 26 ... (13.25)

By this means and using the value of n given above, Pauling derived
values for the radii of a large number of ions of different charge2? and the
values are given in Table CXLLX. In this table we have omitted many of the
poly-charged ions, such as ClI’+ and N5t which are never encountered.
The gradual variations of the radii in members of the same group and of
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the same period are to be expected. It is interesting to note, however,
that the radii of Cut, Ag* and Au*, which possess filled d orbitals, are
less than those of K+, Rb* and Cs*. Similar behaviour is observed with
Zn?t, Cd2+, Hg?t and Ca?t, Sr2t, Ba?t.

If the ionic radii are used

Table CXLIX. Ionic Radu (A) according to Pauling to calculate the interionic
Lit Be2+ distances in crystals of the
obo . 031 sodium chloride type, good

agreement is obtained with the

?; f‘sﬁ :‘9’; yg; " experimental values for the

salts of potassium and rubi-
8 cr- Kt Car*  Cut  Zn* dium, but it is less satisfactory
8¢ 18: 133 o049 096 074 with the salts of sodium and
Se*-  Br- Rb*+ S Agh  caw+ Agrecment is poor for lithium.
198 1-05 148 113 126  ogy 1husin LiCl, the experimental

interionic distance is 2'57 A
Ter— I Gt Ba**  Aut  Hg* whereas the sum of the ionic
221 246 w69 135 137 110 qi s 241 A, in LiBr the

values are respectively 2-75 A
and 2:55 A and in Lil 3-02 A and 2:76 A. In Nal the difference is 3-23 A
and 3:11 A. On the basis of the concept of ionic radii, these discrepancies
are explained by the fact that lithium ions are very small and occupy the
hole formed by the packing of the large anions which are considered to
be in contact. Thus the anions are not in contact with the cations, which
is the basic assumption on which the conception of ionic radii rests. This
explanation, however, is not entirely satisfactory since the interionic distance
in lithium iodide, for example, is not twice the ionic radius of the I~ ion.
In fact the equilibrium distance is established as a result of the balancing
of the forces of attraction and repulsion and is not dependent on the
dimensions of hypothetical stable spheres with radii equivalent to the
ionic radii.

The introduction of the concept of ionic radii must make an implicit
assumption concerning the variation of the repulsion energy with the
interionic distance. The curve showing variation
of the repulsion energy with distance which shows
a steep rise as the distance is decreased, is replaced
by a vertical straight line parallel to the ordinate
and at a distance from it equal to the sum of the
radii of the two ions. Thus it is clear that the
ionic radii have no real physical meaning. This
may be illustrated in another way. In Figure 67
the variation of the density of the electronic cloud
with the distance from the nucleus for the K+ Y 1
. . . . istonce from Nucleus
ion is shown. The vertical line at 1-33 A corre- Figure 6. Variation of the
sponds to the ionic radius of K+ (1-33 A) and it d:f"";‘n 7. . wm'f'fx.-?mW
is clear the eclectron density at this distance is ., Mt;kwmg in potassium
almost insignificant and the radius does not (K+) ion
correspond to any definite limit of the electron
cloud. On the basis of Figure 67 the value of the ‘radius’ might have been
taken equally well at a value greater or less than 1-33 A.

From the above discussion it will be appreciated that the magnitude of
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the radius assigned to a particular ion will be dependent on the particular
lattice structure of the crystal.. This fact explains the divergences which
have been noticed for CsCl, CsBr and CsI in Table CXLVIII. The inter-
ionic distances in body centred cubic lattices are approximately 3 per cent
greater than the sum of the radii (Table CL), due to the rtalculation of
ionic radii being made almost invariably from lattices of the sodium
chloride (simple cubic) type. !

The wide variation of the radii of Table CL.. Experimental Interionic Distances
different ions has been considered as and Sums of Radii in CsCl ppe Lattices
a possible explanation of the for-
mation of different lattices, possessing Experimental
different coordination numbers. In Salt | distance | Sum of radii | Ratio
the case of the close packing of equiva- 4 1

lent spheres it is possible, as we have ¢ 356 350 1-027

seen, to pack twelve spheres round a CsBr 372 364 1-022

central sphere. If, however, the Csl 396 385 (r-029)*
RbI 375 364 1-030

surrounding ions are larger than the
central ion, it is not possible for it to
be in contact with more than eight, * Pauling’s value of the radius of the Cst ion given
thus replacing a close packed lattice Hymer o Cet st denrone poaeae interiontc
by a body centred cubic lattice. The conform with an NaCl lattice.
coordination number would thus

appear to be dependent on the ratio of the ionic radii. This problem may
be considered quantitatively. Let us consider the CsCl type lattice and
let r, and r, be the radii of the anion and cation respectively. The distance
between the nuclei when the ions are in contact will be 7z, 4 r,, which 1s
half the length of the diagonal of the cube. If the values for the radii
are close, i.e. 7,~1,, the anions will not touch. On increasing the radii
of the anions, there is reached a limit when the anions are in contact. At
this limiting condition the length of the edge of the cube is twice the radius
of the anion, i.e. 27,, and since the ratio of the diagonal of a cube to an
edge is 4/3/1 we have for anion contact

(ra + 1.)/2r. = +/3/2

rofre=1/3 — 1 =0732
This relationship establishes the lower limit of the radius ratio for which
the CsCl type lattice may occur. The condition of its formation being that

refr, = 0-732

If the radii are such that r,fr, < 0-732, the cation cannot be in contact
with eight anions, the coordination number Talls to six and a lattice of the
NaCl type is formed. In this case the distance between the nuclei of the
anion and cation, 7, + 7., is equal to the side of-the cube, and the distance
between. the nuclei of two anions is equal to the diagonal of the face of
the cube. If all the ions are in contact, we have

(ra 1) V2 =120,

rfre= /2 — 1 = 0-414
This ratio gives the lower limit for the formation of the NaCl type lattice
and the condition for its formation is therefore,
r.jr. > 0-414
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By a similar method, we may obtain the analogous expression for the
tetrahedral structure, where the coordination number is four. This is :

rfra = v/6 — 1 =0225
If r,r, < o-225, the coordination number is reduced to three, and the

three ions are arranged round the central ion in a planar configuration.
The lower limiting ratio is then :
rfr. = 2/v/3 — 1= 0-155

The significance of these critical ratios was first pointed out by Macnus®
for ionic complexes and later applied by GorLpscuMDT® to crystals. In
the case of CsCl, CsBr and Csl, the value of the ratio 7,/r, is greater than
0-73. It is therefore understandable that these salts form crystals with a
coordination number of eight. There are, however, many exceptions to
the conditions formulated above. For example, the halides of rubidium,
potassium chloride and potassium fluoride, which crystallize with a NaCl
lattice, have a value of 7,/r, greater than o-732.

Some alkali halides which at normal pressures crystallize with the NaCl
lattice are transformed at higher pressures into the more compact CsCl
lattice2s. The choice of the lattice, however, is not determined by the
most suitable arrangement of the hypothetical spheres, but by the attain-
ment of minimum free energy. The theoretical prediction of the type of
lattice that is formed is made difficult by effects other than the electrostatic
interaction, which may be decisive factors. MAYER, and MAYER and
LEvY? calculated for the salts of silver, thallium and copper the change
of energy on the transformation from onc type of lattice to another. These
authors took into consideration all the terms in the energy expression.
Unfortunately the values obtained can only be regarded as approximate
and moreover the calculation is only correct for the crystal structure at
absolute zero. The calculations show correctly, that for silver fluoride,
the NaCl lattice is more stable than the tetrahedral lattice by 8 kcals and
more stable than the CsCl lattice by 2-5 keals. For silver iodide, however,
the theoretical predictions are not in agreement with the experimental
observations, a result explained by the authors on the grounds that silver
jodide cannot be treated on the basis of an elementary ionic model.

The concept of ionic radii is useful as a means of assisting in the deter-
mination of structure, but in the opinion of the authors its extension to
such structures as that of silica, with the suggestion of the existence of the
Si4+ and O2- ions, is unwarranted.

HALOGEN COMPOUNDS

The crystals of the halides of copper and silver are rather different in
their properties compared with the halides of alkali metals. In Table CLI
are given the lattice energies calculated by electrostatic theory and by the
Born-Haber cycle. The agreement between the -values is clearly not as
good as that indicated in Table CXLVII for the halides of the alkali metals
and although the accuracy of the figures is not.very great, the divergencies
cannot be attributed to experimental error. It would therefore appear
that electrostatic theory alone is insufficient to use as a basis for the calcu-
lation of these lattice energies. The variation of (£, — E') which is
observed shows that agreement is best in the case of AgF and increases
in the order AgCl, AgBr, Agl, ie. in the order of decreasing electro-
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negativity of the halogen. It would therefore appear that the discrepancies
are due to the partial covalent character of the bond in these crystals.
The copper salts appear to be more covalent than the silver salts, and
the covalent character of the bond again increases in the order chlorine,
bromine, iodine.
AgF, AgCl and AgBr

crystallize with a  Table CLI.  Lattice Energies of Silver and Copper Halides
sodium chloride lattice
and CuCl, CuBr, and

| .
Cul with the lattice | Lattis energy
given in Figure 62 in i
which copper has a | By | By clectrostatic .
coordination number of $%* ‘ ‘l‘;z;’,ﬁ“jw mﬁ%‘i‘:’%’d ,_?y bff":"'k 1};{"1"‘5
four. This difference | E Waal’s forces E’ B2 g
in crystal structure of l keals keals keals keals
the two salts is not
determined by the g‘;g: o z(')g 233 -
difference in the dimen- ] ,32 199 224 25
sions of the Agt and AgF 194 219 228 9
Cu™ ions, since accord-
ing to Pauling the latter ﬁgg :7g 203 2;3 :g
has the value o0'g6 A, Agl ,;9 : 13(7) 202 14
which is not outside the | )

limits for a sodium
chloride lattice. The decrease of the coordination number from six to
four and the formation of a tetrahedral configuration are more probably
determined by the covalent character of the bonds between copper and
chlorine. However, it is to be emphasized that the bonds are not entirely
covalent any more than they are entirely ionic, but are of an intermediate
type.

Yll)'\t low temperatures silver iodide forms a structure in which silver has
a coordination number of four. On raising the temperature the lattice is
deformed so that three iodine atoms are closer to the silver atom than the
fourth. Above 146° C a further transformation occurs to give a structure
in which the iodine ions form a body centred cubic lattice and the silver
ions move freely in the interstices. Owing to the free mobility of the silver
ions, the high temperature form conducts electricity.

The inter-atomic distances in crystals where the bond is known to be of
an intermediate type have frequently been compared with the correspond-
ing ionic and covalent radii. There is, however, considerable difficulty in
arriving at these two quantities and it is doubtful whether any of the values
recorded in the literature can be regarded without suspicion. For example,
Goldschmidt obtained the ionic radius of the Ag* ion by assuming that
the bond in silver fluoride was entirely ionic and subtracted from the
Ag—F distance the ionic radius of the F~ ion, thus obtaining the value
1-13 A, which he considered to be the ionic radius of the Ag+ ion. The
value obtained by Pauling for the ionic radius of Ag*, 1-26 A does not
agree with Goldschmidt’s value, but owing to the assumptions made
during the course of the calculation the error may be of the order of 0-15 A.
The covalent radius of silver is obtained on the assumption that the bond
in Agl is entirely homopolar and substracting from the bond distance one
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half of the interatomic distance of I,. Clearly these calculations are very
approximate and it is doubtful whether the values so obtained, not only
for Ag+, but also for copper, platinum, zinc, efc, are of great significance.

In the solid state the halides of ammonium consist of NH,* and Hal~
ions arranged in a lattice. From the value for the lattice energy it is possible
to obtain the afficity of ammonia for a proton, by considering the following
thermochemical processes :

NH; + H+ = NH,* 4H = — P
The heats of formation of crystalline ammonium salts, NHyHal from N,,
H, and Hal, are known from thermochemical data ; we have
‘}sz + 2H2gn + %Cl’hu = NH4CIde 4H = — Q, PR (i)
We can also proceed from the reactants to solid ammonium chloride by a
different method :

%sz + %H-zg,,, = NH;, 4H = — Q,
IH,,, = H 4H = DyJ2
H=H'+e 4dH =1
iCl,,, = Cl AH = D,/2
Cl 4-e = ClI™ 4dH = — F
NH; + H+ = NH,*_, AH = — P

NH,*_, -+ Gl = NHCly AH = — U
Summing we obtain,
N, + 2H,,, + 3Cl,,,, = NH,Cl,, h -
and > o (id)
AH = Dy/2 + 14 Dy2 -~ Q, —~F—P—U J
From equations i and ii we obtain
P=Q—Q,+Dy2+1+Dy2~F—U .. (i)
Table CLII gives the values of Q and U for different ammonium salts
together with the values of P calculated by means of equation iii. It is
interesting to notice that the values increase in the order I, Br, Cl and F,
and that the value for the fluoride is significantly greater than the other
values. NH,Cl, NH,Br, NH,I crystallize in lattices of the sodium chloride
and caesium chloride type. The lattice of NH,F, however, is of the
tetrahedral, wurtzite type. The NH,T jon is tetrahedral and in NH,F,
the fluorine ions are arranged along the
continuation of the direction of the N—H
bond. The hydrogen bonds N—H.. .- F
so formed stabilize the molecule, resulting
in a gain in energy which is responsible
for the high value of P for NH,F given
NH.F rrg 1775 | 220 in Table CLII.
NH,Cl 751 1533 | 210 The halides of the elements of the
NH ,Br 640 1474 | 206 second and higher groups of the periodic
NH,I 486 1436 | 201 classification are evidently not ionic com-
Average | 209 pounds in view of the improbability of the
| formation of poly-charged ions such as
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Al3*. We would therefore expect that the bonds in such crystals would
possess considerable covalent character. It is not possible to determine
the nature of the bond directly from the melting point of the crystals as
will be apparent from the following discussion. The melting points of
several fluorides are given in Table CLIII ; the values for LiF, BeF,, NaF,
. . o MgF, and Allg3 are

Table CLIII. Melting Points of some Fluorides °C very much higher than

i those of the remainder
LiF | BeF, | BF, CF, | NF, OF, | F, ofthecompounds. Such
842 800 | —127 | <—15 | <—210 | <—146 —233 a sharp change in the
M IF sF. | P | melting point as indi-

1;8? ,,f(,i’ ',Atol‘,}?, 3}7’7 l P 160 : cated by these data
| cannot be regarded as

evidence as a transfer
from one limiting type of bond to the other, since the substances differ
from one another in the type of lattice formed. The fluorides of sodium,
magnesium and aluminium all crystallize in coordination lattices, the
coordination number of fluorine being six in NaF, three in MgF, and
two in AlF,;. In these crystals, as in all coordination lattices, there cannot
be any suggestion of individual molecule formation. In the process of
melting, chemical bonds are broken, and the melting point is therefore
high. In the case of the fluorides possessing low melting points, molecular
lattices are formed in which separate molecules are held together in the
crystal lattice by van der Waal’s forces. In the process of melting it is
these forces which are overcome by the thermal energy of the molecules
and the nature of the bond between the element and halogen have little
influence on the melting point. The character of the bond in these com-
pounds will vary with the nature of the electropositive element. In LiF,
BeF,, NaF and MgF, the bond is essentially ionic. In BF; and AlFy there
will be resonance between the ionic and homopolar states and in CF,,
NF,, OF,and F, the contribution of the covalent form increases considerably.

A!dl“’“g};) it . not Table CLIV. Melting Points of Chiorides and Electrical
possib ¢, therelore, to Conductivity of the Fused Salts
determine the nature of

the bond from the melt- HCl | Licl NaCl  KCI RbCl  GsCl
ing point, it is cvident 7 °C —r114| 606 800 768 717 645
that the bond type is Aokms™' | 107° 1 166 134 104 78 67

. . > ’

’".‘P.O”a“}t n deterf ; BeCl, MgCl, CaCl, SrCl, BaCl,
mining the type of 7o 408 - 718 774 870 = g6o
lattice. The greater the » ohms—1 0066 29 52 56 65
ionic character of the . l —

bond, the more probable . ! 1101137 A/l?é,’* G;&:" ;g(({ ls T}Sl‘”
is the formation of a 3 jpmet | ° ;\syfo—-s 753 47 | 1078
coordination lattice. |

Table CLIV gives the * boiling point

melting points of g PO

various chlorides, together with their electrical conductivity, A, in the fused
state. There is an obvious correlation between the two properties ;
chlorides with high melting points have a high conductivity and those
with low melting points, low conductivity. It is, however, important to
observe that there is a much greater difference in the conductivities of the
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corresponding elements of the first and second periodic groups than in
their melting points. This evidence clearly indicates a type of bond which
is less ionic in the second group elements compared with the first. In
diamond, the bond between the carbon atoms is homopolar. Nevertheless,
since the carbon atoms form an infinite network of carbon atoms arranged
tetrahedrally, the melting point is extremely high. Thus we may conclude
that the melting point of a crystal is, to a very large extent, a characteristic
of the type of lattice formed and not of the nature of the bond between
the atoms.

Certain metals, such as thallium, may give rise to two zero valent ions
with different charges, e.g. TI+ (5d° 652) and TI3+ (54°). In the mono-
halides of thallium, according to Maver and Levy®, van der Waal’s

forces contribute a significant
Table CLV. Lattice Energies of the Thallium Halides amount, approximately 30

Caleulated val ! kcals, to the lattice energy.

aicuiated value s 1 1 -

by the method of | Calculated by | Van der Waal’s V.\Qhen this is taken mbto con

Salt Born and Mayer| Born's cycle energy sideration, agreement efween

keals keals keals the calculated and experimen-

: tal values of the lattice energies

TICl 167 [ 168 28 is obtained (Table CLV). This
TIBr 164 | 169 28 L

TII 154 160 30 result would tend to indicate

, that in these compounds the

bond between thallium and
halogen is largely ionic. In

the trihalogen compounds, Table CLVI. Electrical Conductivities of Halides
hoy(xirever, thtcel experimental Energy of Electrical
evidence tends to show that emission of one Boiling point | conductivity of
ihc bond possesses greater Salt elecm;n {rolm of chlgrides fwedhmwfd”
omopolar character, e.g. | metal keals ° ohms™
the electrical conductivity -~ 133 _ 70
data (Table CLVI) clearly 1nq, e 550 %
shows that in the fused state TICl 140 806 46°5
InCl, TICl, SnCl, and PbCl, TICl, 430 100 o
have a higher ionic charac-
1 .
ter than InCly, TICl, SnCl, Snci’ | 233 b 29
and PbCl,. PbCl, 257 i 954 407
A study of the subhalides PbCl, 554 | 105% <2 X 1078
of the alkaline earth metals
*decomposes

has been made by Guntz
and Benoir®8, The heats of formation of CaCl, SrCl and BaCl are as
follows:

Ca + CaCl, = 2CaCl AH = — 2-7 kcals

Sr + SrCl, == 2SrCl AH = — 146 kcals

Ba -+ BaCl, = 2BaCl AH = — 165 kcals
If the subhalides form entirely ionic lattices, then it follows that the
lattice energy of SrCl would not be greater than the corresponding
value for RbCl If this were so the reaction Sr + SrCl, = 2SrCl
would occur with the absorption of 112 kcals whereas it actually

occurs with the evolution of 14:6 kcals. Such a large discrepancy cannot
be due to experimental error and it can only be concluded that the simple
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ionic structure does not give rise to the entire lattice energy, it being
possible that the unused valency electrons of the Sr* ion give rise to a
bond of the type occurring in metals. The data on the subhalides are,
however, very incomplete.

CdI,, Pbl, and NiCl, crystallize with layer lattices of the CdI, type.
A layer lattice of a somewhat different type is given by MgCl,, ZnCl,,
CdCl,, MnCl,, FeCl, and CoCl,. The layer lattice must be regarded as
a transitional type between the coordination lattice and the molecular
lattice. Each infinite layer represents a large coordinate molecule in which
the bonds between the atoms will be a resonance hybrid of the covalent
and ionic forms. The layers will be bonded by van der Waal’s forces. In
contrast to the halides discussed here, the fluorides of some elements, where
the bond is largely ionic in character, give lattices of the CaF, and TiO,

type.

HYDRIDES, OXIDES, HYDROXIDES AND THE ANIONS
OF THE OXYACIDS

The hydrides of the alkali metals in the solid state are salt like compounds,
constructed from the ions M* and H~ as indicated by the electrical con-
ductivity of the fused compounds in which hydrogen is liberated at the
anode. x-ray data show that the crystal lattice is of the sodium chloride
type ; the interionic distances are given in Table CLVII. The calculation
of the lattice energy by equation 13.18 is not possible owing to the absence
of data on the compressibility of the hydrides, but the clectron affinity of
hydrogen (164 kcals) has been calculated by ) .

the methods of quantum mechanics, and the 7able GLVII. Lattice E.""gm;f the
knowledge of this value permits the calcu.  FPdrides of the Alkali Meta
lation of the lattice energy by the Born-Haber l

cycle (third column of Table CLVII). A Hydride | Interatomic | Lattice energy

quantum mechanical calculation of the | distance 4 | keals
lattice energy of LiH has been made by ;5 | 504 220
HyLLERAAS?! who obtained the value 219 NaH | 244 193
keals, in excellent agreement with the value KH | 285 165
obtained by the Born-Haber cycle, 220 kcals. gtﬁ{ N 16(2;
The value obtained for the interionic A i 15

distance was 2:20 A, compared with the
observed value of 2-04 A.
From the heat of formation of solid LiH,

Luoua + $H,,,, = LiHuu 4H = — 216 kcals

and the heat of formation of the gaseous molecule, it is possible to determine
the heat of sublimation. The value obtained is g5 kcals, but the value of
the dissociation energy of the gaseous molecule is not known accurately, so
that this value has no great significance. If, however, it is of the correct
order of magnitude, the high value would suggest that LiH forms a co-
ordination lattice.

The oxides of the alkaline earth metals crystallize in a sodium chloride
lattice although in SrO and BaO the radius ratio is greater than o-732.
It has been proposed that the crystals are constructed from the ions M2+
and O2-; the electron affinity of the oxygen atom calculated on this
assumption by the Born-Haber cycle for the different oxides give rather
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divergent values (Table CLVIII, column three), a result which may be
interpreted as indicating that the bond is not entirely ionic. A more
accurate calculation of this affinity by Maver and MALTBIE?, taking
into account the van der Waal’s forces and the zero-point energy, shows
an even greater range of values, from — 190 to — 144 kcals.

If it be assumed that the average of the values given in column three of
Table CLVIII, viz — 166 kcals, is the affinity of the oxygen atom for two
electrons, it is possible by means of the Born-Haber cycle to determine the
lattice energies of other oxides and to compare them with the values
calculated by equation 13.18. The values obtained are given in Table CLVIII
and although the agreement is good in certain cases, in others there is a
wide discrepancy, indicating the inadequacy of the simple ionic theory.
The data suggest, however, that the crystals of Li,O, K,0 and Na,O are
ionic ; these oxides crystallize in an anti-fluorite lattice (Li+ replace F-
ions and O2~ replace the Ca®t ions in the fluorite lattice).

Table CLV1I. Lattice Energies of Metallic Oxides in keals

Lattice Affinity Lattice Lattice Lattice Lattice
energy | of oxygen energy energy energy energy
Oxide | calculated atom Oxide | calculated | calculated || Oxide | calculated | calculated
by equation | for two by equation | by Born- by equation | by Born-
13.18 electrons 13.18 Haber cycle 13.18 Haber cycle
MgO| 940 , —175 | Li,0] 695 692 | Cu0| 644 488
CaO 842 —171 || MnO 9r2 929 Ag,O 585 714
SrO 791 | —160 || FeO 944 937 CdO 867 913
1 CoO 950 963
| NiO 968 965 SnO,; | 2,734 2,812
BaO 747 —157 || ZnO 977 964 PbO,| 2,620 2,829
| [ |ALO, 3708 | 3613

In its compounds,

Table CLIX. Coordination Number of Oxygen in Oxides .
) oxygen shows a wide

Coordination | range of coordination
oo | Compound numbers (Table CLIX).

3 1.0, Na.0, K0 — ——————-—-— The higher coordination
6 Ca0, MgO, Si0, BaO, GdO, MnO, FeO, Go0, Ni0 Dumbers will be deter-
4 ZnO, BeO, PbO, SnO, PtO, PdO. Cu,0, Ag:0 mined by the ratio of the
3

TiO,, Sn0,, PbO,, VO,, NbO,, TeO;, MoO,, WO i icipati
MO, RuO;, 010y, 110z, GeO, » WO, radii of the participating

$i0,, GeO, ions, but the lower co-

ordination numbers will
be due to an increased contribution of the covalent structure to the bonds
in the crystal.

The x-ray and electron diffraction data reveal that the ZnO crystal is
intermediate between the coordination lattice and a molecular lattice.
The general structure is tetrahedral, the zinc atom being surrounded
tetrahedrally by four oxygen atoms. The structure, however, is not regular,
the zinc atom heing located not at the centre of the tetrahedron but nearer
to one oxygen atom than to the remaining three. Furthermore, the elec-
tron density diagram shows that the electrons are not arranged symmetrically
around the zinc and oxygen atoms as if all were in the ionic form, but
there is an increased density between the zinc atom and the nearest oxygen
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atom?, It would therefore appear that the bond between the zinc atom
and this oxygen has considerable covalent properties. In a similar manner
in the sesquioxides, Al,O5, Fe,Oy, CryOj, Ti,04, V0,5 and Gay0y, it is
possible to distinguish a molecular group e.g.

O

Al—<O>Al

(@)

in the crystal lattice. In these examples the lattice, although primarily
ionic, does show a trend towards the formation of molecular groups and
the lattices must therefore be regarded as inter-
mediate between the coordination and mole-
cular types.

The oxides of antimony (senarmontite) and
arsenic (arsenolite), to which the formulae Sb,O
and As,O, are normally ascribed, give mole-
cular lattices consisting of packed SbyOq and
As,O4 molecules. In these molecules, the six
oxygen atoms form an octahedron (Figure 68),
and the atoms of arsenic and antimony are
located outside the octahedron on the perpendi-
culars from the centre of every other face. Thus Figure 68. Structure of the
each atom of arsenic (or antimony) forms a As, O, molecule
pyramid structure with three oxygen atoms,
corresponding to the three p electrons of arsenic or antimony. The
AsO bond distance in the crystal is 201 A, and the ShO distance
2-22 A. In the gaseous state, the structure of molecules As,O4 and ShO,
is retained, although the AsO distance is less, being 1-80 A and the
As—O—As angle is 126° compared with a tetrahedral angle in the solid
state30, In the bonds between arsenic and oxygen, resonance between the

homopolar >As~—O and the ionic >As+0"structures will occur. The

contribution of the ionic form is probably of significance even though
the structure is mainly homopolar, since the alternating charges produced
throughout the structure will increase the stability. In the crystalline
state the contribution of the ionic form will be increased by mutual in-
duction between the molecules, compared with the molecule in the gaseous
state. This is the probable cause of the deformation of bond angles and
bond distances on crystallization. It is clear from the experimental evi-
dence discussed above, that the poly-charged ionic states of arsenic and
oxygen viz As3+ and.O2%- make no contribution to the structure of the
molecule. )

The separate As,Og and Sb,O4 molccules are arranged in the crystal
in a diamond structure, the distance between the oxygen atoms of the
neighbouring molecules being 2:8 A. This value is smaller than usual for
a molecular crystal and the closeness of the packing is evidently due to
strong dispersion forces. In addition there will be some electrostatic
interaction of arsenic and oxygen atoms of different molecules. These
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strong intermolecular forces are responsible for the melting point being
unusually high for a molecular lattice (Sb,Os, 656° C).

The structure of hexamethylenetetramine, C¢H,;,N, is similar to that of
As,Oq4 and SbyOq4. The nitrogen atoms occupy the corresponding position
to that of the arsenic atoms and the CH, groups correspond to the oxygen
atoms. The structure of P,Oq is also similar, and in P,O,, each phos-
phorus atom is bonded to four oxygen atoms, so that the structure resembles
that of P,O4 (As,O4 type), but with an additional oxygen atom located
on the same perpendicular from the octahedral face as the phosphorus
atom, but farther away from the centre of the molecule. The fourth PO
bond is different (interatomic distance = 1-39 A) from the other three,
resonance occurring between the structures :

—0 —0

N\
.__O>.P—_-O —OQ—P+ — O-
o) e)

The structure of P,0.S, is similar, the PS distance being 1-85 A.

In a second modification of Sb,Oz (valentinite), BUERGER and
Henbricks?! have concluded that the crystal consists of endless chains of
atoms joined by homopolar bonds :

o’ o
AN /
Sb Sb
o/ So/ \o
\\Sb Sb//
7NN
o) o) o
AN s

The SLO distance is 2:00 A, i.e. less than in senarmontite, the Sb—O—Sb
angles are 132° and 116° and the O—Sb—O angles are 81°, 93° and g9°.
The monoxides of lead and tin, PbO and SnO,
form layer lattices®. Each oxygen atom is sur-
rounded tetrahedrally by four atoms of the metal.
The PbO distance is 2:30 A and the SnO distance
2-21 A. For the distance between the metal atoms
the following values have been obtained :
Pb—Pb (in one layer) 3-95 A
Pb—Pb (in different layers bonded by 3:82 A
F van der Waal’s forces)
Pb—Pb (in thesame layer butseparated  3:67 A
by an oxygen atom)
In SnO the corresponding values for the Sn—Sn
distance are 3:80 A, 370 A and 351 A res-

@ Py oo pectively.
Figure 69. Palladium oxide The structure of the PtO and PdO crystals3?
(PdO) lattice (Figure 69) are of considerable interest. Four
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oxygen atoms (open circles) are arranged round each platinum or
palladium atom (black circles) in a plane, thus forming a rectangle
(almost a square). This arrangement of bonds is shown in the following
chapter to be characteristic of these metals in this valency state. The
oxygen atoms are surrounded by four atoms of the metal which are
located at the apices of a rather deformed tetrahedron. The configuration
of the atoms is determined by the direction of the covalent bonds of
platinum and palladium. The Pt—O distance is 2:02 A and the Pd—O
distance 2-01 A. It is very probable that CuO has the same configuration.

The hydroxides of the metals give layer lattices. The layers of crystalline
LiOH consist of three sheets of Li atoms and OH groups, the Li atoms
lying between the two sheets of OH groups and in such a way that each
Li atom is surrounded by four OH groups :

X L] X (] X L]
x Liatoms
o X o X o x
o OH groups below sheet
x . x . x . of Li atoms
o X o X 0 b o OH groups above sheet

of Li atoms

Mg(OH),, Mn(OH),, Ca(OH),, Ca(OH),, Co(OH),, Ni(OH), and
Fe(OH), all form lattices of the (z,'ldI2 type in which each layer consists of
two parallel sheets of hydroxyl groups, between which is located the layer
of metal atoms. The hydroxyl groups of different layers form a close
packed layer in which each hydroxyl group from one layer is surrounded
by three hydroxyl groups of the other. The structure of AI(OH), is
similar to that of Mg(OH), but two aluminium atoms take the place of
three magnesium atoms, which causes a rearrangement of the sheets of
atoms in the layers. The mutual arrangement of the layers, however, is
quite different, each hydroxyl group of the upper layer being directly
above that of the lower layer.

Hydrogen bond formation may play an important part in the stability
of the hydroxide lattices. In LiOH the bond between lithium and the
hydroxyl group is almost entirely ionic. This will reduce the ionic character
of the OH bond since the structures Li—O~H* and Li*t O%~ H* are much
less probable than the form Lit O~—H. A similar argument will apply
to Mg(OH),, and this effect will tend to reduce the possibility of hydrogen
bond formation. In AI(OH)4 the
conditions for the formation of hydro-
gen bonds will be more favourable,
and the layers of B(OH),; molecules !
in boric acid are strongly linked by Hydroxide | Distance || Hydroxide Dif‘ffm
hydrogen bonds, since resonance may 4
occur between the forms B—O~ H*, [:on 361 Fe(OH), 3-06
B—O—H and Bt O—H. The Mg(OH), | 322 Cd(OH), | 298
distances between the hydro::lyl Ca(OH), | 322 Zn(OH), | 283
groups in the various hydroxides ) )
are given in Table CLX; these ?;’f,‘zg)}%); g:i Q%S’;Si“ 2;?
values enable the effect of hydrogen Ni(OH); | 310
bonding in these structures to be
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assessed, since the shorter the distance the greater is the hydrogen
bonding.

The salts of the oxyacids contain anions such as SO,%~, NO,~, CO42~
etc, and in the crystal lattices these ions exist as separate structural units. In
Table CLXI the structure of these ions is given as determined from x-ray
analysis. The directional characteristics of the bond in such jons have been
discussed in Chapter 4. The structure of the salts of iodic acid, MIO;, was
at one time regarded as consisting of 104 and MOy octahedra, the bonding
in the latter casc being entirely ionic. The data of RoGers and HELmuoLZ
for periodic acid, however, has established the fact that in the crystal the
103 ion cxists as a unit, the ion having a pyramidal structure, the O—I
distance being 180 A and the O—I—O angles having a value between g6°
and 101°. At considerably greater distances from the iodine atom there
exist three other oxygen atoms (the values being 2-45 A, 2-70 A and 2-95 A).
"The six atoms of oxygen form astrongly distorted octahedron. The threeshort
1—O bonds are cvidently largely covalent and the O—I—O angle is that
characteristic for p bonds. For this ion the following structure is suggested

O._

1‘ O~
/
-0
Table CLXI. Some Ionic Configurations The bond between

iodine and the more

Triangular ions (p?) : distant oxygen atoms is
NO,~ Clo,~ considered to be due to

Planar configuration, bao_nd anglé (l) 2(;1 (sp?) N O S}I;ZCtSIOsSt?rtllc(i:s alggi;nto:(;
? : ! great for a covalent

Pyramidal ions (p°) : bond and too short for
50,2~ G104~ BrO;~ van der Waal’s forces.

Tetrahedral ions (sp®) : This view is confirmed
SiO#~  CGrO2~ WO, MoO2~ MnO,~ by the I—O—I angle
POB~ SO~ 8e0* ClO,” 10, which is much greater

ReO,~ VS  AsS,*  SnS,*~ BeF2 BF,~ (1 I4°——138°) than the
normal valency angle of
oxygen. The distance between the oxygen atom of one 10, ion and the
two oxygen atoms of a neighbouring ion is 2:78 A and in this triangular
zone is located the hydrogen atom which will form two hydrogen bonds with
the neighbouring oxygen atoms.

O
R
o o
SILICATES

In silica and the silicates, each atom of silicon is surrounded tetrahedrally
by four atoms of oxygen. This structure is in agreement with the tetra-
valency of silicon and with the directional character of the four sp3 hybrid
bonds. In such an SiO, group, only one of the two valencies of oxygen
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are used, and two possible structures may therefore exist; either the
oxygen is present as a monovalent ion —O~, or forms a second covalent
bond with another silicon atom. The various possible combinations of
these two forms of oxygen are responsible for the complex structures of the
silicates. In silica, the four oxygen atoms of an SiO, group are all bonded
covalently to four other silicon atoms, each oxygen thercby forming a
bridge between two atoms of silicon. An infinite network is thus built up
and the different possible ways of grouping the SiO, tetrahedra are
responsible for the six different crystalline forms of silica mentioned
above. Thus in silica the coordination numbers of silica and oxygen, viz
four and two respectively, are identical with the number of bonds. These
bonds, however, being between two unlike atoms, are not homopolar as
in diamond, and in addition to the homopolar structure

—S8i—QO—, the ionic state —Sit O~

will contribute to the resonance of the molecule. Such a structure as that
given below, having alternate positive and negative charges,

| | l l
O—S8i+—0~ 8i—0 — Sit O-—Si*+—
| |
O~ -0 O *l()
l l
—Sit O-—*8i—0~ +§i —O— Si*+--
| | | I

would increase considerably the stability of the molecule.  An indication
that such structures do in fact contribute to the resonance of the molecule
is given by the fact that the Si—O—Si angle is very much greater than the
normal value for the valency bonds of oxygen (theoretically 9o°) and is
close to 180°, the value depending on the type of lattice.  The coordination
numbers of silicon and oxygen, however, are not determined by the close
packing of ions but by the valency of the uncharged atoms. If silicon and
oxygen existed respectively in the form Si*t and O%~, each ion would
possess ten electrons and Bracc3 has shown that this does not agree with
the x-ray diffraction data. Brace and Wrst® have shown by Fourier
analysis that in beryl (BegAl,S1,0,4) it is possible to ascribe 1247 clectrons
to the silicon atoms and 8-g5 electrons to the oxygen atoms. Even though
these results are not very accurate owing to experimental difficulties it is
clear that the silicon and oxygen atoms are closer to the Si+ and O~ ionic
states than to the Si4+ and O2- states. In confirmation of the partial
covalent nature of the SiO bond, BriLL, HERMANN and PrTERs®*® have
shown that in silica the electronic density does not fall to zero between
the atoms, as in NaCl, but only to a minimum value of 2-25 electrons per
Az, This value is less than that to be expected if the bond were homopolar
and on the basis of the above evidence it is fairly certain that the SiO
bond in SiO, is intermediate between the homopolar and the ionic.

The very great difference between the crystal structure of SiO, and
CO, is of particular interest. Although carbon and silicon belong to the
same group of the periodic table, the crystal lattices are quite different.
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The CO, lattice is molecular and possesses typical properties of such a
lattice, for example, it possesses a low heat of sublimation, as sublimation
occurs at —79° C. SiO, on the other hand, forms an infinite lattice in which
there are no separate SiO, molecules and the melting point is 1,625° C.
The energy of the single C—O bond is 75 kcals compared with the appre-
ciably higher value for the SiO bond of 89 kcals which is the result of the
greater electropositive character of silicon (the ionization potential of
silicon is 70 kcals less than that of carbon) which causes an increased
contribution from the Sit O~ ionic state. The heat of formation of gaseous
CO, is 336 kcals and of gascous SiO,, 322 kcals. The heat of formation
of a molecular lattice of S10, molecules would therefore be approximately
330 kcals, the van der Waal’s forces being assumed to be 8 kcals, whereas
the heat of formation of the coordination lattice is 4 X 8g = 356 kcals.
The latter form, with the greater heat of formation is thus the stable
modification. For CO, on the other hand the heat of formation of the
molecular lattice, 342 kcals (heat of sublimation is 6 kcals), is greater than
that of a coordination lattice of the silica type, which has the value
4 X 75 = 300 kcals.

We have already pointed out that the two forms of oxygen in which
it is divalent, and monovalent and singly charged, are responsible for the
wide number of silicates. The crystal of silica, in which the oxygen atoms
are divalent form one extreme structure, and the so called orthosilicates
in which the silicon and oxygen atoms form a tetrahedral ion possessing
four negative charges :

\/
/\

forms the other extreme. In this ion the Si—O distance is 1-6 A and the
distance between two atoms of oxygen is 2:6 A. The ions are held in the
lattice by the electrostatic attraction with the cations which exist between
the close packed (SiO,)%~ ions and the distance between the oxygen atoms
of different tetrahedra varies from 2:8 to 2:9 A. Typical silicates of this
type are Mg,S5i0, and Fe,SiO,. The oxygen ions are arranged in an
approximate hexagonal close packed structure, each silicon atom being
surrounded by four oxygen atoms. The ions of magnesium or iron are
arranged so that they are surrounded by six oxygen atoms. One might
thus describe the structure of these silicates as a hexagonal close packed
structure of oxygen ions, in which the tetrahedral holes were filled by
silicon atoms and the octahedral holes by magnesium or ferrous ions. In
zirconium orthosilicate a different structure arises in which each zirconium
ion, Zr#t, is surrounded by eight oxygen atoms, four at a distance of
2-05 A and four at 2- 41 A,

In the silicates containing hydroxyl groups, the latter are not bound to
the silicon atoms. For example, in enclase, BeAlSiO,(OH), there are
independent (SiO,)%~ ions and OH~ ions. Thus each aluminium ion is
surrounded by five oxygen atoms and one hydroxyl group and each
beryllium ion is located between three oxygen atoms and an hydroxyl group.

In addition to these two limiting cases, intermediate structures occur in
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which oxygen atoms may be
shared between two tetrahedra
(Figure 70). Thus in the ion
(Si,0O,)%~ one oxygen atom is

common to two tetrahedra :
O~ O- - . 6= RPN
(510,) (5i,0,) (5,05
.. v
O~—S8i—0—S8i—0-
/ N b
O- . O-
In this structure the oxygen atoms oS
are not all in identical valency Qo
states. The six outer oxygen
atoms are singly charged and *‘U\&/Q”

monovalent, whereas the seventh,

central oxygen atom is divalent.

Such an atom is sometimes termed Gi0" PRSI

inactive and in the lattice the e

cations are located nearer to the  Figure 70. Structure of silicate ions formed from
active, i.. negatively charged (8104)*~ teirahedra

atoms, than to theinactive. Three,

four or six SiO, tetrahedra may be united in ringstructures to form the ions
(SizOy)%~ which occurs in benitoite, BaTiSiyOy, (51,0,,)8~ and (8igO )2~
which occurs in beryl, Be;Al,SigO,q.  The structures of these lons are
shown in Figure 70. In addition to the cyclic structures, infinite chains of
SiO, tetrahedra may be formed (Figure 71) such as occur in the pyroxenes,
CaMg(SiOy)e. In such a chain, each tetrahedron has two active and two
inactive oxygen atoms and such chains may be represented by the empirical
formula (SiOy),2~. It is important to realize that there is no separate
(SiO4)2~ anion, the position being similar to that of the SiO, group in
silica.  The individual covalently bonded chains will be held together in
the lattice by the cations spaced between the chains. In the amphiboles,
e.g. (OH),Ca,Mg;(Si,O4),, two pyroxene are joined together with a
common oxygen atom (Figure 72). In this structure, some of the SiO,
groups have three inactive oxygen atoms and others only two, the structure
may be represented by the empirical formula (5i,0,),*~. Such minerals
as the pyroxenes and the amphiboles readily cleave between the chains, a
process which does not involve the breaking of any covalent bonds. Further
polymerization of the SiO, groups produces infinite layers in which in
every SiO, tetrahedron, three oxygen atoms are inactive and only one active.

est OO eSi Qo
Figure 71. Chains formed from (Si0,)*~ Figure 72. Sheets formed from
tetrahedra (SiO() 4~ tetrahedra
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Such layer type structures are present in mica, (OH),KMg3(AlSizO,,)
and talcum, (OH),Mg4(Si,O,,) which are characterized by the ease in
which they split into layers.

In the aluminosilicates, e.g. felspar, NaAlSi;Og4 and zeolite, NaAlSi, O,
the aluminium may be present in either of two forms. In the first,
aluminium may function as a cation, with a coordination number of six
and in the second it may replace silicon from the SiO, tetrahedron thereby
having a coordination number of four. The first type is illustrated by the
mineral Ca,yAl,Si,O,,, which belongs to a sub-group of the granites and in
which the separate (SiO,)*~ tetrahedra are held together in the lattice by
aluminium ions (coordination number 6) and calcium ions (coordination
number 8). In this structure each oxygen atom has as its nearest neigh-
bours one atom of silicon, one aluminium ion, and two calcium ions. In
sillimanite, Al,SiO;, the aluminium occurs in the form of cations in
oxygen octahedra (Al—O distance 1-g A) and also alternates with silicon
in oxygen tetrahedra (Al—O distance 1-7 A). In the tetrahedra, the bonds
will possess more covalent character than in the octahedra.

Germanium oxide, GeO, differs from SiO, in that in addition to a
quartz type structure in which the coordination numbers of germanium
and oxygen are respectively 4 and 2, there exists a second modification
with a rutile structure (coordination numbers respectively 6 and 3). The
reason for the formation of the second structure is not clear, but it may
be due to an increased contribution from the ionic form of the GeO bond.

Ions with an infinite chain structure, analogous to that occurring in the
silicates, are formed by. the borates, e.g. CaB,O,. Each boron atom is
surrounded by three oxygen atoms, all four atoms being in one plane.
Two neighbouring boron atoms are joined through a common oxygen
atom with the result that an infinite chain, having the empirical formula
(BO,),™ is formed ziz

O- o~
S
O—B

\o—-

/
O—B
—O—B \O—B/
\o- \0_

In K3B3Og4 the BOjy groups form a ring structure,
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which is probably stabilized by resonance involving the structure con-
taining tetravalent negatively charged boron :
O

B-—O
o/ \B-—-O-
AN /
B—O
/

The BO distance in CaB,0O, is 1-36 A ; in K B3O, the distance between
boron and an inactive oxygen atom is 1-38 A and between boron and an
active oxygen 1-33 A, the smaller value in the latter being due to the
partial double bond character of the link.

On cooling fused SiO,, B,O; or certain silicates, glasses are formed in
place of the corresponding crystalline state. Glasses as distinct from
crystals, give a diffuse X-ray pattern indicating a lack of an ordered structure.
This ariscs not from a loss of the symmetry of the SiO, tetrahedra but
from the random manner in which they are joined together. This may be
illustrated by reference to the planar BO; group. In the crystal the groups
are bonded together to form identical repeating units, whereas in the glass
there exists a variety of ring structures containing different numbers of
BO, groups (Figure 73), in which the O—B—O angle is preserved but the
B—O—B angle may be changed.

a

Figure 73. (a) Two-dimerfsional crystal (b) Two-dimensional glass

The difficulty in transforming a glass into a crystal is due to the funda-
mental characteristics of the Si—QO and B—O bonds. These are covalent
and therefore directional. A change of a glass-like structure into a crystal
would thus involve the breaking of covalent bonds, followed by a molecular
rearrangement and the reformation of the bonds. Such a process requires
considerable energy of activation and therefore those bonds which already
exist in the liquid state are retained on solidifying and in this sense the
glass may be regarded as a supercooled liquid. In ionic compounds e.g.
MgO there also occurs a disordered grouping of the ions in the liquid
and in the rapidly cooled solid. But since electrostatic forces are not
directional a disorder-order reaction can take place yielding, at equili-
brium, an ordered structure. Substances which may give rise to glass
formation are those which have a three dimensional infinite lattice struc-
ture ; orthosilicates, on the other hand, rarely give glasses?’.

339



THE STRUCTURE OF MOLECULES

SULPHIDES AND SOME OTHER COMPOUNDS

In the sulphides, selenides, tellurides and arsenides, all types of bond,
ionic, covalent and metallic occur. The compounds of the alkali metals
with sulphur, selenium and tellurium form an ionic lattice with an anti-
fluorite structure and the sulphides of the alkaline earth metals form ionic
lattices with a sodium chloride structure. If in MgS, Ca$S, SrS and BaS,
the bond is assumed to be entirely ionic, the lattice energies may be
calculated from equation 13.18 and from these values the affinity of sulphur
for two electrons obtained by the Born-Haber cycle. The values obtained
vary from — 71 to — 8o kcals and if van der Waal’s forces are considered,
from — 83 to — 102 kcals.

The type of lattice formed by a particular compound does not necessarily
define the character of the bond. Thus, although PbS, PbSe and PbTe
crystallize with a sodium chloride type lattice which is normally associated
with a purely electrostatic force between the jons, these compounds possess,
in some part, the properties of a metal,

Among compounds of this type, zinc blende and wurtzite structures
often occur vz, (BeS, BeSe, BeTe, ZnS, ZnSe, ZnTe, CdS, CdSe, CdTe,
HgS, HgSe, HgTe, MgTe, AIN, AlP, AlAs, AlSb, GaP, GaAs, GaSb).
In these structures where the coordination number is 4, the bond is pre-
dominantly covalent, as we have seen previously.

The type of lattice is not always determined by the radius ratio. For
example, the ratio of the ionic radii in CaS and CdS is identical (0'53)
but nevertheless CaS crystallizes in a sodium chloride lattice and CdS in
a zinc sulphide type. Similar behaviour is observed with the corresponding
tellurides. For sulphur, nitrogen and their analogues where the valency
state of nitrogen is sp3

\... .~
N+
VRN
and of sulphur either sp?,
AN
g or p3d N
VRN RN

the formation of four covalent bonds is characteristic. In sp3 hybridization
four homopolar valencies are directed towards the corners of a tetrahedron,
and the tetrahedral configuration is therefore encountered in a large
number of nitrogen and sulphur compounds.

The structure of zinc sulphide on the basis of an ionic bond, would
consist of Zn®+ and S2- ions arranged tetrahedrally. The covalent struc-
ture, however, requires the sulphur to be doubly charged, positive and
tetravalent and the zinc to be doubly charged negative and tetravalent,
both the Zn2~ and the S+ thereby being in an sp® valency state. The
actual molecule will be a superposition of these two extreme states and
although the contribution of the covalent form may be small, it does
nevertheless determine both the configuration of the atoms and their
coordination numbers.

In pyrites, FeS,, it is possible to distinguish the S, group in which the
bond distance is 2:10 A as in the homopolar bond of pure sulphur. The
sum of the ionic radii of two S2~ ions is 3:5A. In the crystal lattice
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surrounding each atom of iron are six S, groups, each of which is in turn
surrounded by six atoms of iron. This structure may be pictured in
another way. Each atom of sulphur is joined on one side to a second
atom of sulphur in the S, group by a covalent bond, and on the other
side there are located three atoms of iron, the five atoms thus forming a
tetrahedral arrangement in which the coordination number of the sulphur
is four. The Fe—S distance is 2-26 A. Similar structures involving
diatomic groups of S,, P,, As,, AsS and SbS are observed in marcasite
(another modification of FeS,) and in FeAs,, FeAsS, FeSbS, PtAs,, PtSb,
and P¢P,.

The structure of covelline, CuS, is more complicated than would be
anticipated from its simple stoichiometric formula. In this crystal there
are two types of sulphur atoms, the S, groups located between six copper
atoms as in pyrites and, in addition, isolated atoms of sulphur surrounded
by five atoms of copper, three in the form of a triangle at a distance of
2:19 A and two, one above and one below, at a distance of 2:35 A. The
copper atoms are also arranged in different ways, some being located at
the centres of tetrahedra and others at the centres of triangles of sulphur
atoms. In view of this complex structure the formula CugsSS, has been
suggested. The PtS crystal possesses a similar structure to the PtO crystal.

In SiS,, each silicon atom is at the centre of a tetrahedron of four atoms
of sulphur, and each sulphur atom is joined to two atoms of silicon thus
forming an infinite chain in which the bonds are almost entirely covalent.

S S
NSNS NS
Si Si Si
/ \S/ \s/ AN

It is possible to distinguish three methods of joining tetrahedral struc-
tures, i.e. with common points as in SiO,, with common sides, as in SiS,,
and with common faces as in Al,O,. Pauling considers that a transfer
from a common point structure to a common side structure is related to
an increase in the covalent character of the bonds.

From the data on the structure of crystals discussed in this chapter we
may make the same conclusion as that reached for gaseous molecules,
namely, that the homopolar and the ionic bond are only limiting cases
and that actual bonds, as characterized by the distribution of the electron
cloud may be described in terms of the relative contributions of the
limiting structures. In the crystalline state diamond and sodium chloride
may be taken as characteristic of the limiting structures. A satisfactory
theory of crystals, intermediate between these extremes, will only be
attained when, by wave mechanical methods, it is found possible to describe
the motion of electrons in the periodic field due to the atoms arranged in
the crystal.
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COMPLEX COMPOUNDS

VALENCY STATES OF ATOMS INVOLVING d ELECTRONS

THE EXPERIMENTAL evidence shows that a complex compound such as
K,Fe (CN), cannot be regarded as a mixed crystal, 4KCN.Fe(CN),, since
in solution it may be demonstrated that the ion Fe(CN)g~ exists as an
independent species. In such an ion each CN group will be at an equal
distance from the atom of iron and bound to it by an identical type of
bond. The existence of such compounds clearly involves a valency
greater than the classical di- or trivalency of iron and this was originally
accounted for by WERNER by supplementing the classical valency theory
by the idea of the coordinate bond. The modern views on the nature of
the chemical bond, however, permit a somewhat more rigorous approach
to the problem of complex compounds.

A particular atom may exist in one or more valency states and so far we
have considered only those cases involving s and p electrons, but nevertheless
we have observed cases where the normal valency of an atom does not
correspond to the number of unpaired electrons in the ground state, but
to that in some excited electronic state. This occurs in divalent beryllium,
trivalent boron and tetravalent carbon (see Chapter 2). The loss or gain
of an electron also incurs a chanye of valency, as shown in the compounds
of nitrogen, oxygen, boron and carbon. This production of new valencies
by the transformation of the atom to a new valency state forms the basis
for the understanding of complex compounds owing to the great number of
possible valency states of atoms containing d electrons in the penultimate
electronic shell. In these atoms the electrons are located in the five d orbitals
in accordance with Hund’s rule, so that the number of unpaired electrons,
W, is a maximum. The ground states of some atoms having d clectrons are
given in the following diagram.

A

viv[yy W 50,5
o VI3 6 Sd5s
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For atoms possessing d electrons, the energy of the d and s states is very
close and in Table CLXII are given the energy differences for various dis-
tributions of electrons in the d and s orbitals in which the number of un-
paired electrons in each state remains constant. In scandium, titanium,
vanadium, manganese, iron, cobalt and nickel in the ground state, there are
two paired s electrons and the transfer of one electron to the d shell, thereby
pairing with a d electron already occupying an orbital, requires in the case
of scandium the absorption of 58 kcals. On increasing the number of d
electrons, however, the excitation energy falls as shown by the values given
in the first row of Table CLXII, until with nickel the transfer requires the
absorption of only 0-6 kcals, a value which is of the same order as RT.
The transfer of both the s electrons in nickel to the d shell (d8s2—d'%) with the
pairing of all electrons, requires the absorption of 42 kcals. In platinum
the corresponding excitation energy (d%-—>d10) is 17 kcals and in palladium
the d'0 state is the ground state.

Table CLXII.  Difference in the Energies in kcals of d and s Stales in Different Atoms

i

Sc i Ti ; \% i Mn Fe Co Ni
ds?—>d®s d%2—>d3% 1 diP>dls | dSsP—>dds dSs2—>d’s d7s?—>d8 d8s2—>d®

58 } 43 { 42 | 48 20 ' 10 06

Yy | | i  Ru | Rn
dst—>d?s | d%s?—>d% | ! d's—>d®s? des—>d’s?

53 | 36 | | f 36

|

? Pt
d®s—>d8s?

| 2
|

i
: ; |
|

| i .
| : i

In addition to the formation of new valency states by transitions between
the s and d states, the p orbitals may also be filled, since, for example, the
difference in the energy of the 3d, 45 and 4 levels is not great and electronic
transitions can readily occur between these levels. Such transitions increase
the number of unpaired electrons without involving energy changes of any
considerable magnitude. The maximum number of unpaired electrons that
is possible is therefore nine : five in d, one in s and three in p orbitals. In
addition, the gain or loss of electrons by the atom to give an ion may also
cause a change in the valency state. The valency states of various atoms
possessing d electrons is summarized in Table CLXIII, the number of un-
paired electrons being given for each.

With vanadium, owing to the existence of unoccupied d orbitals, in
addition to the ground state d3s? in which the two electrons in the s orbital
are paired, an excited state in which the electronic configuration is d%s or
d3sp is possible in which the number of unpaired electrons has been increased
from three to five. In other neutral atoms and in ions, in addition to the
ground state various excited states exist similar to that described for
vanadium in which the value of N has increased. It is interesting to notice
that the maximum values of V in the case of vanadium (5), chromium (6),
manganese (7), and iron (8) correspond with the number of the group in
which these atoms were placed in the Mendeléeff periodic table, but owing
to the somewhat artificial nature of this grouping, there is no group into
which chromium (g) may be placed. Chromium and molybdenum are the
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only elements in which, in the ground state, there are six unpaired electrons.
With these atoms, excitation of the d or s electrons to a p orbital does not
lead to an increase of V. Of the various possible electronic configurations
of the negative ions, only those are given in Table CXLIII for which ¥ has
a maximum value. The greatest possible number of unpaired electrons, 9,
is achieved in Cr®—, Mn2~, Fe—, Co and Ni*. In these cases the further
addition of electrons brings about a decrease of N. Similar valency states
are possible in the analogous atoms of the fifth and sixth periods.

The spectroscopic data for the energies of excitation of atoms with 4
electrons to states with an increased value of NV are rather limited ; the
available values are given in Table CLXIV. The energies of excitation of s
electrons to the p state in scandium, titanium, manganese, iron, cobalt,
nickel, ytterbium and zirconium are of the same order as in the alkaline
earth elements and it is found that the energy of excitation increases con-
siderably with the increase of the number of inner d electrons. In order to
transform a nickel atom from the ground state to that in which /¥ is six or
eight, it is necessary to unpair two or three pairs of electrons respectively ; in
iron, to produce the same values of N, it is necessary to unpair only one or
two pairs of electrons. Furthermore, the excitation energy in the case of
the first electron pair (Fe, d%2->d%p ; Ni, d8s%->d8sp) is less for iron (54 kcals)
than for nickel (73 kcals). This evidence indicates that the production of

atoms with six unpaired
Table CLXIV. Excitation Energies of Atoms Containing d Electrons electrons requires more

Excitation Excitation S"CT8Y for nickel .tl}an
Atom |  Transition energy || Atom | Transition energy for iron, thU-S’ explaining
keals keals  why, with nickel, com-
i N _— plexes with a coordina-
%-“ j;,::ﬁp Zg Ez zm;‘::z,;/; 1 ; tion number of four are
Ti | di%%>d?%p 45 || Sc | dsi>d?s 33  characteristic whereas
Zr | d%P>disp 42 Y | dst>d?s T with iron the value is
six.
82 L] 2 2 .

Po | awnawy | 3 | T |Gt | 4 The energies of ex-
Co d’s*>d’sp 67 Zr | dit-sdds 11 cn.:atlon of zinc, cad-
Ni | ds?>d°sp 73 V| d3s?adls 6 mium and mercury are
greater than those of

Z dw 2. dlo W 4¢3, ds . .
cd dmi::dxozﬁ 3% | ra filli_:p N :g calcium, strontium and
Hg | d*s*>d%sp 108 - barium, where there are
no d electrons in the

penultimate electronic
shell, and also greater than in the case of manganese, iron, cobalt and
nickel. The existence of compounds, however, in which zinc, cadmium and
mercury form covalent bonds, e.g. Hg(CH;), indicates that unpairing of
electrons must occur.

Very little data exist on the transfer of d electrons to p orbitals. For
chromium the excitation energy of one d electron to a p orbital without
change of WV, d®%-—>d%p, is 71 kcals. For copper and gold the excitation
energies for the transfer d'%—>d®%p involving change of ¥ from one to three,
are respectively 111 kcals and 129 kcals. Although these values are rather
large, the existence of compounds involving trivalent gold indicates that
the loss of the excitation energy is compensated by the gain of energy due
to bond formation.
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The low values of the excitation energy for vanadium and tungsten
shown in Table CLXIV indicates that the excitation of an s electron to a d
state requires only a very small absorption of energy.

Directional nature of bonds involving d orbitals— The atoms of the transition
elements may take part in both ¢ and = bonds in the formation of a
compound. The number of ¢ bonds formed by the central atom cannot
exceed the number of surrounding atoms or groups since between any pair
of atoms, only one & bond is permissible, but the number of ¢ bonds may
be less than the number of neighbours, since bonds other than the covalent
are possible, ¢.g. bonds due to ion-dipole and dispersion forces.

A very large number of complex compounds exist in which the co-
ordination number is either six or four. By the methods of classical
stereochemistry it was established that the coordination number of six
corresponded to an octahedral configuration of the atoms or groups about
the central atom and that when the coordination number is four the con-
figuration was either planar or tetrahedral. More recently these configura-
tions have been confirmed by x-ray analysis.

It has been shown by PauLNG?! that six stable and equivalent o bonds
may be formed if the electrons of the central atom are located in states
described by a hybrid function composed of the functions of two d, one s
and three p orbitals, generally termed d2%sp® hybridization. The six equivalent
o bonds are formed by the overlapping of the d%p® hybrid orbitals with
orbitals of the surrounding atoms, and are directed towards the six corners
of a regular octahedron. Each of the d2sp? hybrid orbitals is represented by
an electron cloud which is almost entirely concentrated along one axis,
thus permitting considerable overlap of the orbitals to occur. In the case
of a coordination number of four, similar calculations lead to two possible
linear combinations of the atomic orbitals, the first being the four sp3 hybrid
orbitals which are directed towards the four corners of a tetrahedron and
which have been discussed in Chapter 4, and a second type of hybridization
due to the combination of one d, one s and two p functions leading to the
formulation of four dsp? hybrid orbitals, which are situated in onc plane
and are directed towards the four corners of a square.

+ The most complete discussion of the various possible combinations of
atomic orbitals to form hybrid atomic orbitals is that of KimBaLL2, who
considers the problem of directed valence from the point of view of group
theory. The various spatial arrangements of the surrounding atoms which
are possible are considered in turn and the hybrid atomic orbitals, necessary
to form a o bond between the central atom and each surrounding atom, are
derived from the 5, p and d atomic orbitals. All coordination numbers
from two to eight are considered and the results are given in Table CLXV.

Where the coordination number is two, linear and triangular configura-
tions of the three atoms are possible, and Kimball’s results show that the
former case may result from sp or from dp hybridization and the latter case
from p?, d2 or ds hybridization. In addition to a ¢ bond between a pair of
atoms there may be two 7 bonds. The axes of the 7 bonds are perpendicular
to the axis of the ¢ bond and perpendicular to each other. In the case of
the linear configuration, four = bonds may be formed, two by p electrons
and two by d electrons. In the angular configuration, however, as Kimball
points out, the four 7 bonds are not equivalent. If the ¢ bonds are formed
by two p electrons (p? hybridization), then the 7 bonds are of two types :
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Table CLXV. Spatial Arrangement of Hybrid Bonds and Possibility of Multiple Bond Formation
- . Electrons Electrons participating in m bonds
Co;::nuzimn Cwy;gzz%n of participating participating in 7 bo
in o bonds Strong Weak
Linear sp pd? —_
d pd? —
2 Pt dp or d® ds or d?

» Angular ds dp or d? prordp

| d? dp or d? sp or p2or dp

i sp? pd? d?
Trigonal plane dap? pd? d?

d%s pd? 2?
3 a3 pd? »?
Unsymmetrical plane dsp pd3 pd or d?
Trigonal pyramid p — ds or d5
d% — sp*d® or pd
Tetrahedral sp® d? a3
d3s d? b8
dsp —_ d
Irregular tetrahedron dp® — K
dp — K
4 Tetragonal plane :ﬁz: g:z -
Tetragonal pyramid a4 d sp or p?
TeCl, configuration pd d d?
(CI-T=Cl in linear configu-
ration, other two bonds d%p d d*p?
in planes perpendicular to dp? d sd®
- this line)® a4 d sp®
Bipyramid dsp® d? d?
dzsp d2 PZ
d3sp? d pd?
Tetragonal dis d i
5 bipyramid d2p? d sd?

; dip d sp?
Pentagonal pyramid d° — sp? or p3
Pentagonal plane d3p?

Octahedron | d2sp? a® —
6 Trigonal prism | disp — pd
I dsp — b3

Trigonal antiprism dap? — sd
Octahedron with one extra d3sp? — d?

atom in centre of face dSsp p?

7 Trigonal prism with one disp? — dp
extra atom at centre of d'p® — ds

one square face d’p? —_ ps
Dodecahedron disp? d —_—

8 Antiprism dsp? — s
Face centred prism (only two dbsp? b —

square faces occupied)
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two 7 bonds are obtained from one d and one p electron, or from two d
clectrons, whilst the remaining two = bonds, which are weaker, are formed
by either one d and one s electron or by two other d electrons,

With a coordination number of four, the tetrahedral configuration arises
by the formation of sp® or d% hybrid orbitals. The remaining electrons
form = bonds which may be strong (4% hybridization), or weak (4% or p3
hybridization). The planar configuration, due to either dsp? or dZp?
hybridization may have four stable 7 bonds between the central atom and
the surrounding atoms, depending on the number of available electrons.

MAGNETIC CRITERION OF BOND TYPE

The investigation of the magnetic properties of compounds gives information
concerning the valency states of the individual atoms in the compound.
Before dealing with the magnetic properties of complex compounds we shall
discuss briefly the magnetic properties of simpler compounds. .

When any substance is placed in a magnetic ficld a magnetic polarization
is produced which may be represented by

JF=IM cooo(14.1)

where J is the magnetic moment per unit volume and M is the magnetic
moment of the atoms, molecules or 1ons forming the compound. For reasons
which will be apparent later the polarization may either oppose or augment
the applied field, the substance being termed diamagnetic or paramagnetic
respectively. In addition to these two main classes, certain substances in
which the paramagnetism is very strong are termed ferromagnetic. Ferro-
magnetism is not a molecular or atomic property but a property of the
crystal and will not concern us here. In paramagnetic and diamagnetic
substances J is proportional to the strength of the applied field H,

F=xH o (14.2)

The proportionality coefficient X is termed the magnetic susceptibility and
in paramagnetic substances has a positive value whereas in diamagnetic
substances it is negative. In order to indicate the order of magnitude of the
magnetic susceptibility in the three types of magnetism, the diamagnetic
susceptibility of water per gm is — 0-72 x 107# c.g.s units, for the para-
magnetic susceptibility of copper sulphate the value + 6 x 107% c.g.s units
has been obtained, and for ferromagnetic substances the value is of the
order of + 40 c.g.s units.

On the basis of classical theory, the motion of an electron in an orbit
around the nucleus will give rise to a magnetic moment and as shown by
LANGEVIN, the presence of an external magnetic field will exert an accelerat-
ing influence on the electrons and results in the formation of an induced
magnetic moment directed against the applied field. A quantum mechanical
derivation leads to the same expression for the diamagnetic susceptibility
as the classical treatment. It will be evident that diamagnetism will be
inherent in all substances irrespective of whether they are also para- or ferro-
magnetic.

PascaL’ has attempted to account for the diamagnetic susceptibility of
organic compounds by considering it as an additive quantity in a similar
manner to induced electric polarization. The data show that the addition
of the same group to different molecules often changes the diamagnetic
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Table CLXVI. Additivity of Diamagnetic susceptibility by the same amount ( Table

Susceptibilities CLXVI) and Pascal suggested that the
‘ i diamagnetic susceptibility of a molecule
Substance . — 10% | Difference i3 equal to the sum of the susceptibilities

!

of the individual atoms constituting the

Ethyl acetate . 552 . 3

Etigl chlotoacetate Sag | 171 molecule. However, in order to produce
! | agreement between the calculated and

Acetone .. -] 337 i} 172 observed values it was found necessary to

Chloroacetone .. | 50'9 | introduce additional constants for double

Benzene e and triple bonds and for other structural
o 551 .
Trichlorobenzens .. | 1065 ‘} 3x17:1 factors. The relative magnitude of these
structural constants compared with the
molecular values was much greater than
in the analogous case of molecular refractions and furthermore, many more
structural factors were found to be necessary. For cxample, a constant
had to be introduced for the group CH,=CH—CH, (45 X 107% c.g.s
units) in ¢yclohexene and in cyclopentene. Different increments were
necessary for halogen atoms in mono-, di- and polyhalogen derivatives
since if only one value is assumed for thc chlorine atom, the deviation from
additivity is found to be : in CH,Cl,, 9 per cent ; cH ,Bry, 10 per cent;
CH,I,, 7 per cent; CHCl,, 19 per cent; CHBra, 25 per cent ; C,Clg,
17 per cent ; C,Brg, 31 per cent and CBr,, 32 per cent. These observations
tend to show that there is little evidence for considering the diamagnetic
susceptibility as an additive quantity in the same sense that additivity
occurs in molecular refraction. An alternative system of addition of atomic
and group diamagnetic susceptibilities suggested by GRAY and CRUICKSHANK®
is equally unsatisfactory.

In paramagnetic substances, the atoms or molecules possess a permanent
magnetic moment, which are oriented in the external magnetic field. As
in the orientation of permanent electric dipoles, the orientation is opposed
by the thermal motion of the molecules and atoms. The classical theory of
paramagnetism was developed by Langevin and was later applied by
Debye to the case of electrical polarization. The application of quantum
mechanics to the problem introduced certain modifications to the theory of
Langevin, the most important being that only certain limited orientations
are permissible. The total susceptibility of a substance is thus composed of
the diamagnetic susceptibility z, which is a property of all substances, the
paramagnetic susceptibility x,, which is dependent on the temperature, and
an additional paramagnetic susceptibility yz independent of temperature
and conditioned by electronic excitation. We thus have

%= Xa + Xu + An ....(14.3)
The value of the paramagnetic susceptibility in those molecules and atoms
possessing a permanent moment is much greater than that of the
diamagnetic susceptibility. The diamagnetism, although present,is thus
invariably more than compensated by the paramagnetism and all such
substances have a resultant paramagnetic susceptibility.  Sometimes,
however, ¢.g. KMnO, where y, = 0, xx may be greater than x, and the
substance possesses a small paramagnetic susceptibility which is independent
of temperature.
The paramagnetic susceptibility may be attributed almost entirely to the
electrons since the magnetic moments of the nuclei are relatively so small
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that to a first approximation they may be ignored. The electric moment of
the electrons is due in part to the spin magnetic moment and in part to the
magnetic moments associated with the motion of the electron relative to
the nucleus. Since in Bohr’s theory the electrons were represented as moving
in definite orbits, the latter quantity is frequently referred to as the orbital
magnetic moment.

On the basis of the Bohr theory the orbital magnetic moment may be
obtained in the following way. The electron, during rotation about a closed
orbit, is equivalent to an electric current, ev, where v is the number of
rotations of the electron in the orbit per second and ¢ is the electronic charge.
For such a system, the magnetic moment will be equal to the product of
the area of the orbit, #r% and the current flowing, i.e.

p == mriev .o (14.4)
We also have the angular momentum p, given by
p = mor ... (14.5)
and also that
v = 2mvr ....{(14.6)
From which it follows on combination of equations 14.5 and 14.6 that,
p = 2amvr® e (147)
Then from equations 14.4 and 14.7
it = e/2m ....(14.8)

The angular momentum of the clectron may, however, only have the values
given by

b= VIl + 1).h2m, where I =0,1,2,3, .... ....(14.9)
Combining equations 14.8 and 14.9 we obtain
p = VI + 1).ehjdmm = V/I(I 4+ 1)-ps ....(14.10)
or on transfer to electromagnetic units,
p = Vil I 1).eh/dmmc T (14.10)

The term eh/4mm, generally denoted by psg, is termed the Bohr magneton.
The value of pg is 09273 x 107% ergs/gauss.
The spin angular momentum of the clectron is given by

s = Vs(s + 1).h/2m = V3.h/4n oo (14.12)
The spin magnetic_moment of the electron will be,
pe = 2V5(s + 1).pp = V3.ps ... (14.13)
thus
pelbs = e/m . coo(14.14)

i.e. twice the value given for the corresponding ratio for the orbital moment
in equation 14.8. . .
In an atom with N electrons there are 2V magnetic vectors (N spinvectors
and N orbital vectors). The resulting spin magnetic moment will be
pe = V4aS(S + 1) -p» - oo (14.15)

where § is the resultant spin quantum numbpr, ie. §= |Zs], 1/2 for one
electron, for two electrons with antiparallel spins o, or with parallel spins 1,
for three electrons 1/2 or 3/2, elc). The resultant orbital magnetic moment is

pr=VL(L + 1'-ps v (14.16)
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where L is the resultant orbital quantum number. If, for example, there
are two electrons with quantum numbers /, and /,, then L may assume any
integral values from (/; +1,) to (I, — l,), and similarly for more than
two electrons.

The resultant spin and orbital angular momenta are coupled, employing
the method of RusseL and SAUNDERs, to give a total angular momentum
characterized by the quantum number ¥ which may assume the values :

(L+S), (L+S—1), (L+5—2), -+~ (L—5+2), (L—S+1), (L—S)

For example, if L = 2 and § = 3/2, 7 may have any of the values 7/2,
5/2, 3/2 and 1/2.
The resultant magnetic moment of the atom is given by

pr=8VF(F +1)-1s oo (1417)

where g is termed the splitting factor for which Landé deduced the
empirical relation :

g =14 TN +SE+ Y —LL+ D

7T+
.e..(14.18)
The resultant angular momentum is
ty=VJ(F +1)-hjom v (14.19)
and
wylpy = ge[2m ... .(14.20)

It will be seen from equation 14.18 that when L = 0 i.e. when the magnetic
moment is due only to the electron spin,

g=2 eo. . (14.21)
and when § = 0 and the magnetic moment is due only to the orbital motion
of the electron

g=1 ... (14.22)

The ratio of the magnetic and mechanical moments may be determined
experimentally by means of the gyromagnetic? effect (SucksmiTe®, by
rotation during magnetization and BARNETT?, by the converse method, of
magnetization by rotation). If for a particular substance this ratio is found to
be equal to e¢/m, the paramagnetism will be due entirely to electron spin ;
if the ratio has the value ¢/2m, the paramagnetism will be due to the orbital
motion of the electron. Intermediate values will indicate that the magnet-
ization of the substance is determined partly by spin and partly by the
orbital motion of the electron. In all atoms with completely filled electronic
shells, both S and L will be zero since all the electrons will be paired, hence
7 = 0 and the atom has no permanent magnetic moment.

Atoms and ions with unpaired electrons will possess constant magnetic
moments. The paramagnetism is due in every case to the incomplete
electronic shell, since the completed inner shells in which all the electrons
are paired cannot contribute to the magnetic moment. By means of equation
14.17, using the appropriate values of L, § and ¥ it is possible to calculate
the moments of atoms and ions containing unpaired electrons. We are more
interested here, however, in the magnetic moments of molecules rather than
of atoms and ions ; in a very large number of molecules the resultant
magnetic moment is zero owing to the complete pairing of the electrons and

352



COMPLEX COMPOUNDS

the only compounds which we have so far discussed which are paramagnetic
are nitric oxide, the free radicals and molecular oxygen (O,).

Compounds incorporating elements of the transition, lanthanon or actinon
groups which contain d or f electrons, possess permanent magnetic moments.
For example ferrous chloride, FeCl,, is paramagnetic. The iron atom in
the ground state contains four unpaired electrons ; in different ionic states
this may increase, but in FeCl, there are only two Fe—Cl bonds and on
the formation of these bonds, whatever their character (i.e. ionic, covalent
or intermediate), only two of the four unpaired electrons are used. If the
bonds are ionic, two electrons will be transferred from an atom of iron to
two chlorine atoms to form two Cl~ ions with a completed electronic shell.
If on the other hand the bonds are covalent, two electrons from the atom of
iron would form electron pairs with unpaired electrons of the chlorine atoms.
Thus, whatever the nature of the bond, two electrons of the atom of iron
are excluded from contributing towards the magnetic moment of the atom.
Such a state of the iron atom, where two of the electrons are employed in
bond formation, we shall designate Fe™. The two remaining unpaired
electrons are responsible for the magnetic moment of the molecule.

The magnetic moment of ferrous chloride must be compared with the
calculated moment of the atom of iron containing only two unpaired
electrons, i.e. with the calculated moment of the Fe2* ion. It must be stressed
again that the agreement which is ohtained does not indicate that the bond
in FeCl, is ionic ; the comparison only permits us to establish the number
of unpaired electrons in the molecule. The same is true of zinc chloride,
which is diamagnetic. In the covalent structure both the two unpaired
s and p electrons of Zn (d'%p) participate in covalent bond formation ; in
the ionic structure both ions Zn?t+ (d1%) and Cl- are diamagnetic. In certain
instances the magnetic data does permit a conclusion to be made regarding
the nature of the prevailing bonds. For example in the covalent structure
of PtCl,, the two unpaired electrons in the ground state of platinum (d°)
become paired so that the substance would be diamagnetic. In the ionic
structure, the ion Pt2+ (d8) is formed, which in its ground state will have
two unpaired electrons. The formation of the diamagnetic Pt?+ ijon in
which all the eight d electrons are paired, would involve the loss of energy
and this state is therefore less probable. The experimental magnetic
properties .Of PtCl2. show Table CLXVII.  Magnetic Moments of the Sulphates of the
that it is diamagnetic and Lanth in Bohr .
hence thecovalentstructure

(4

. Calculated .
represents the actual state Electronic ey Experimental
L St o st gnetic moment .
of the 1moleculei) Sln(;ll?.r Ao | T umevy(raiy|  enet
examples are observed in - -
Lam —_ ol o] o o Diamagnetic
the complex compounds to Cem n iz | 3 |slz 25 2:50
be discussed later in this Num f alz| & |ofa 322 328
chapter. Smut £ sl2| 5 |52 084 147
The magnetic moments Eu o AR o g8
of the sulphates of the lan- Fha s 7?’ S 17% Tos o33
thanons have been meas- Dy o sfz| 5 fisf2) 100 1033
ured and the experimental
d with E™ 1 3fz| 6 |15/2 96 0’5
values are compared with Tmm o ‘5|6 6 9as
- Ybm f1s /2 2 g .
those calculated by equat- ¥bm P 213 | 4 DS .
ion14.17,in Table CLXVII. s

S.M.—a23



THE STRUCTURE OF MOLECULES

The agreement in the majority of instances is very close and it should
also be pointed out that the values of the Landé splitting factor, cal-
culated by equation 14.18 and determined experimentally from gyromag-
netic measurements are in good agreement ( Table CLXVIII). For an explan-
ation of the discrepancies occurring between the experimental and calculated
Table CLXVIIL.Langs Y2Iu€s for samarium and europium the appropriate
Splitting Factor from Momographs? should be consulted. . .
Gyromagnetic Effect The position is rather more complicated with the
—— transition elements of the fourth period for which data
Atom| cale | exp  8r€ given in Table CLXIX. The agreement between the
experimental values and those calculated by equation
Nd™| o073 | 078  14.17is not good, but when it is assumed that the magnetic
Gd™| 200 | 212 moment is due only to the electron spin and the moments
Dy=| 132 1136 are calculated by equation 14.15, the agreement is more
—————— satisfactory. It would thus appear that the magnetic
moment of these atoms is due only to the spin magnetic moment and that
the contribution from the orbital motion of the electron has been quenched.
This is generally attributed to the influence of the fields of the neighbouring
molecules, atoms or ions. In the case of the lanthanons, the f electrons lie
sufficiently deep in the atom to be effectively screened from the influence of
the fields of neighbouring ions and the total magnetic moment is given by

Table CLXIX. Magnetic Moments of Salts of Transition Elements, in Bohr Magnetons

E;ectrw;ic Number of py= u* =
configuration ived N erimental —_
Atom | F illed | iowems | S | L | T | eVITF) rmmet | VaSEET)
d shell
. K,MnO,, 1-71 .
Mn" & v |2l 2 |32] 135 { oL } 193
A d? 2 1|3 | 2 1-63 2-83
Crm CrCl,, 3-81
Mn™ a® 3 3/2| 3| 3 078 Cr,0,7H,0, 3-85 3-88
A% 2KCIMnCl,, 3-89
Mn,(SO,)s, 510, }
4 2 4/3 .
Mnm d 4 2|20 o { Mndl,, 508, 490
MnCl,, 5°65-5-92
Mn= d® 5 5/2| o |5/2] 501 MnSQ,, 5:90 5°91
Fen Fey(SOy),, 5°86
X FeCl,, 523 .
Fer d° 4 2124 676 { Fchi, 526 } 490
CoCl,, 504 }
7 N 25 o
Con d 3 3/2| 38 |9/2 6-68 { CoSO,, 504-525 3-88
. . NiCl,, 3-24-342 .
Ni® & 2 1 ]3] 4 561 { NiSOL 512 3 2:83
. CuCl,, 2-02 .
Cun & 1 12| 2 |5/2| 356 { CuSO,, 201 } 173
® Subscript s indicates that value has been obtained from made in soluti
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the sum of the orbital and spin moments. With the transition elements the
d electrons form the outermost shell and interaction with neighbouring ions,
leading to the quenching of the orbital moment, is apparently almost
complete. The discrepancy between the experimental values and those
calculated assuming complete quenching of the orbital moments, is greatest
in Co", Ni" and Cu™. This difference is dependent on several factors such
as the nature of the surrounding atoms or groups and, if measured in
solution, on the concentration. The magnetic moments of Ni! and Cu" are
decreased on complex formationl?, approaching more closely the theoretical
values calculated on the basis of complete quenching of the orbital moments
(from 3-42 to 8-09px for Ni' and from 2- 01 to 1-85u, for Cu™).

In the majority of instances, it will be evident that the magnetic data
permit the number of unpaired electrons to be determined!!. The salts of
cobalt are an exception since the moment for CoCl,, which must contain a
considerable contribution from a moment due to the orbital electronic
motion, has a value not only greater than three, but also greater than four
unpaired electrons calculated on the basis of spin moments. In the complex
compounds of cobalt, where evidently there is the same number of un-
paired electrons as in CoCl,, the magnetic moments vary considerably
(e.6. Co(NyH,),(CH3COO),, 4:56 ua; Co(NyHy),Cly, 4:93 a3
Co(N,H,),SO3H,0, 4:31 pg ; Co(NH;)4Cly, 5:3 ps).

The magnetic data indicate the nature of the atomic or ionic valency
states in atoms containing a numbher of unpaired electrons (Table CLXX ).
In compounds of chromium, for example in CrCl,, three electrons are
employed in bond formation leaving three which, from the value of the
magnetic moment, are unpaired. The original configuration of the atoms
with six unpaired electrons is therefore d5. In other compounds of chromium,
more than three electrons may participate in the bonds, thus the ion CrO %=
may be represented by the following structures between which resonance
occurs :

O- O O- 0] O- O-
\Cr/ \Cr+/ Cr2+
/7 N\ /N /7 N\
(02 O O- O- O- o~
six structures Sour structures one structure
I u mr

In these structures all the six electrons of chromium are employed in
bond formation. In the covalent structure I, all the bonds are homopolar,
in the other structures electrons have been transferred to the oxygen atoms,

airing with the electrons of thelatter. The tetrahedral configuration of this
1on indicates that four o bonds are formed with d% hybrid electrons and =
bonds are formed with the remaining d electrons (Table CLXV). The other
elements of the same group, viz, molybdenum and wolfram, give halides
with four, five or six halogen atoms (MoCl,, WI,, MoCl;, WBr;, MoFs,
WCl,).

The manganese atom possesses seven unpaired electrons (d%sp) which indi-
cates that the atom is in an excited state compared with its normal ground
state (d%?%). All seven electrons are employed in bond formation in KMnO,,
whereas in K,MnO, only six electrons are so used and there remains one
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Table CLXX. Electronic States of Atoms in the Original State unpaired electron. In
and in Complex Molecules MnCl, there are four bonds
Number of | Number of | Number of and t‘.hree unpaired elec-
Compound clectrons | unpaired | unpaired ~ trons, in MnCl; three bonds
occupied in | electrons | electrons in  and four unpaired electrons
bond formation initial state  and finally in MnCl, two
electrons participate in
Cr. M ﬁ‘;%‘,’o . (3, 3 6 bonds and five remain un-
» MO MoF, 5 1 paired.
MoF, 6 o The iron atom has four
unpaired electrons in the
M:g:: ; 2 ground state d%? and also
Mn MnCl, 3 3 7 in FeCl,. This indicates
K,MnO, 1 that the valency state of the
KMnO, 7 ° ion in FeCl, is d®p and of
FeCl, 2 4 6 the six unpaired electrons
Fe, Os {Fc(ll,, 3 5 } P two are employed in bond
OsFy 8 o formation. In FeClg in
Coll 2 addition to the three elec-
Co 2 3 5 . .
{(;0(;1a 3 4and6 | 7andg tronsusedin the formation
- - of bonds, there are five un-
Ni, Pt II:]tlglh i . } 4 paired electrons, showing
! that the valency state of
CuCl 1 o 1 iron in FeCly is d°p2 In
Cu, A“{C“Q'z 2 ! } 3 osmium, which also has the
AuCl, 3 o .
same valency state as iron

in FeCl;, all eight elec-
trons are used in bond formation in OsO,4 and OsFg.

If we assume that the magnetic moment of CoCl, corresponds to three
unpaired electrons (see above), then cobalt is in the d%sp state in CoCl,.
In Co™ compounds, the magnetic moment corresponds to 5 or 7 and the
number of unpaired electrons is not certain, being either four or six. The
cobalt atom is therefore in either the valency state d%p% (N = 7) or ddsp?®
(VN =9). With nickel and platinum compounds, the valency state in
compounds is generally that in which there are four unpaired electrons,
d%p. In NiCl,, two of these are employed in bond formation and two
remain unpaired. In PtCl, all four unpaired electrons are employed in
bond formation.

With copper, two types of compound are characteristic, a diamagnetic
form, e.g. CuCl and a paramagnetic series CuCl,, CGuSO, etc. In the first
group only the single unpaired s electron of copper (¢'%) forms a chemical
bond. In salts of divalent copper (d%sp) only two of the three unpaired elec-
trons are used in bond formation, presumably the s and p electrons, whereas
the third d electron remains unpaired and is responsible for the paramagnet-
ism of these compounds. These examples show that in many compounds of
elements containing d electrons, a number of electrons remain unpaired.
In atoms containing only s and p electrons, or a completely filled and screened
d shell, the unpaired electrons almost invariably bring about bond formation
with other atoms, so long as this leads to a considerable gain in stability.
Molecules with unpaired electrons are, therefore, only comparatively stable
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when additional stabilizing factors exist. This occurs, for example, in the
organic free radicals of the triphenylmethyl type in which stabilization
is caused by delocalization of the unpaired electrons and by the resonance
of a great number of structures.

The compounds of the transition elements containing unpaired 4 electrons
may be regarded as a particular type of free radical and the question arises
as to how these molecules are stabilized. We consider that this behaviour
may be explained on the basis of intra-atomic resonance. In the same way
that electron transfer may occur between different atoms, so also will there
be transfer of the electrons between the different electronic levels of one
atom. In the former instance the exchange integrals are negative and the
transfer of electrons with antiparallel spins leads to a decrease of the energy
of the system and with parallel spins to an increase in energy. Within the
atom, however, the exchange integrals are positive and the transfer of electrons
with parallel spins gives stability to the atom!2 On the formation of
chemical bonds the nature of the intra-atomic resonance may change. If
an unpaired electron of the atom enters into bond formation with another
atom, the system gains energy and the conditions for resonance within the
atom may be less favourable. The explanation of the preservation of un-
paired electrons in simple and complex molecules evidently lies in this
concept. The formation of bonds will occur only if the energy gained
compensates for the loss of energy of intra-atomic resonance. In compounds
containing d electrons a number of factors exist which tend to decrease the
bond energies. First, the electrons of the surrounding atoms are repelled by
the many non-bonding electrons of the central atom (the number of outer
electrons not taking part in bond formation in an atom of a transition element
is greater than in bonds formed by s and p electrons). This will result in a
lowering of the bond energy. Secondly, there occurs a repulsion between the
electrons of the coordinating atoms, which is increased if the interatomic
distance between the central atom and a coordinating atom is small and if
the latter are themselves large. This second factor is evidently the explana-
tion of why high valencies generally occur with fluorides but not with other
halides, and with the atoms of the fifth and sixth periods but not of the
fourth, e.g. molybdenum and wolfram give MoFg; and WF,; and OsF,
exists, but FeFy and OsClg do not occur. The formation of multiple bonds
decreases the effect of the steric factors. For example, chromium is hexa-
valent only in CrO,%-, where it is necessary to arrange only four atorns
round the central atom. It should be pointed out, however, that the six
electrons of the chromium atom in the d5s state do not form six equivalent
¢ bonds, but invariably form multiple bonds, e.g. four ¢ and two = bonds,
as in CrO,2-. Only by this means can the six electrons be employed in
bond formation. In this connection the data of BRAUNE and PiNnNow?!3 are
interesting. These show that in WFg and MoF, the fluorine atoms are not
arranged in a perfect octahedron but the arrangement round the central
atom is distorted. The fluorine atoms may be separated into three groups
arranged at different distances from the central atom. Ewgns and LisTer4,
however, have shown that the chlorine atoms in WClg form a regular
octahedron and in MoCl; a regular bipyramid. The problem of the
equivalence of the bonds in such molecules still requires further
investigation.
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METALLIC CARBONYLS

None of the metallic carbonyls are paramagnetic, a fact which indicates
that all the unpaired electrons existing in the ground state of the metal are
paired in the molecule. The pairing of electrons could come about in two
ways, either by the pairing of the electrons in the d orbitals of the atom,
or by the formation of chemical bonds with the carbon monoxide molecule.
However, spectroscopic data show that the pairing of electrons in the atom
requires considerable excitation energy, e.g. the pairing of two electrons in
iron requires 59 kcals, in cobalt 47 kcals, and in nickel 38 kcals. These
values are greater than could be compensated for by van der Waal’s
attraction between the central atom and the surrounding CO groups and
since the diamagnetic properties of the carbonyls also confirm that such a
method of bonding is not possible, it is therefore concluded that covalent
bonds are formed between the metal and the CO groups. Electron diffrac-
tion data show that in the metallic carbonyls the carbon and not the
oxygen is bonded to the metal atom.

e have already shown that the carbon monoxide molecule may be
represented by the following structures among which resonance occurs :

=0 C—=0+ C+—0O—
and it is to be expected that in the carbonyl, the metal atom will participate
in the resonance by virtue of the existence of different valency states. Thus
the CO group may form a double bond with the metal atom by the pairing
of two electrons of the metal with two electrons of carbon, I':
M=C=0
I
In addition to this structure, the CO group may donate one electron to the
metal thereby permitting the structure to be
——CEO+ M"—-C"’:O
I mr
The bond between the metal atom and the carbon atom may be considered
as formed by two electrons from the carbon atom, which thus move in the
field of two nuclei. The carbon and oxygen atoms may also exist in the
singly charged negative trivalent and singly charged negative, monovalent
states respectively, thus leading to the structures :

M+—C-=0 M+=C—0~
1w 14
and the much less probable structure,
M+—GC—O-
VI

involving a divalent carbon atom. In these structures-the metal atom con-
tributes either one or three electrons to a covalent bond and also donates
one electron to the carbon or oxygen atom. In the metallic carbonyls-all
the above structures J-VI contribute to the resonance of the molecule and
the numbers of electrons contributed to the bond by the metal may be
summarized as follows : zero in structures II and JII where an empty
orbital is occupied by electrons from the carbon atom ; 2 instructures 1, IV
and VI; and 4 in structure V.
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The formula and bond distances of the metallic carbonyls are given
below, the latter being obtained from electron diffraction data. (Compounds
of the alkali and alkaline earth metals with formulae of the type Kg(CO),
have been shown to be phenolates of hexahydroxybenzene.)

Cr Mn Fe Co Ni
Cr(CO), unknown Fe(CO), Ni(CO),
Cr—C Fe—C Ni—C
192 A -84 A 1-82 A

Fe,(CO), Co,(CO)g
Fey(CO)y, Co,(CO),4

Mo Te Ru Rh

Mo(CO);  unknown Ru(CO),
Mo—C Ru,(CO), Rh,(CO),4

"2:08 A [Ru(CO)la [RR(CO)sly
w Re Os
\% c%)‘1 Os(CO),

206 A Rey(CO);p Osy(CO),

Although those metals which contain in the atom an even number of
outer d and s electrons (Cr, 6; Fe, 8; Ni, 10; Mo, 6; Ru, 8; W, 6)
give carbonyls, it is interesting to notice that Mn, Tc, Re and Co which
contain an odd number of d and s electrons in the atom do not give carbonyls
containing only one metal atom in the molecule.

The MCO group of atoms in the carbonyls is linear, as would be expected
from the multiple nature of the bonds shown in structures I to ¥I. The CO
distance is 1:15 A compared with 1:13 A in the carbon monoxide molecule.
According to the data of ANDERSON, the Raman spectrum of Ni(CO), shows
the presence of a frequency at 2,038 cm~! which evidently corresponds to
the vibration of the CO group. In carbon monoxide the frequency is
2,158 cm~! and the decrease of the frequency in the carbonyl group
is evidently an indication that in the carbonyls, the contribution of the
structure with the triple bond is smaller than in the carbon monoxide
molecule. This conclusion is in agreement with the slight lengthening of
the CO bond as indicated by the data given above.

The values of M—C distances given above are, as pointed out by Pauling,
about 0-1 to 0-2 A less than the sum of the covalent radii for single bonds.
From this it is concluded that the M—C bond has some multiple bond
character. Although this is evidently correct, the evidence based on the
summation of covalent radii must not be regarded as of great significance.

The heat of formation of Fe(CO); in the gaseous state from gascous Fe
and 5CO, is 138 kcals and for Ni(CO), from Ni and 4CO in the gaseous
state is 121 kcals. These data give for the M—CO bond the value of 28 to
30 kcals. The actual bond energy is probably greater, since the energy of
the CO bond in the carbonyl group is probably less than that ip the free
carbon monoxide molecule, i.e. the CO group in the molecules’ M(CO),
possesses more carbonyl character than in carbon monoxide. In addition,
the bond energy as determined from the heat of formation will be low,
since in the formation of the carbonyl, the metal atom has been raised from
the ground electronic state to its valency state.
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The nickel atom possesses ten outer electrons and of these a maximum
number of eight may be unpaired. Nickel forms a tetracarbonyl, Ni(CO),,
the four CO groups being arranged tetrahedrally about the central nickel
atom ; four o bonds are therefore formed involving either s¢3 or d3s hybrid-
ization. The structure VII is therefore possible in which the nickel atom
makes four double bonds with the carbon atoms :

o o
AN 7
C c
Ni
c/ \c
o/ \o
vii

In addition, the structures VIII and IX, in which a distribution of charge
occurs, must also be considered.

|
O+EC——1\:IL'EC——O_ o.=c+—1\:nEc—o—
|
A I,
0O—C= "l—c—=—o+ 0-—C=Ni—C+=0
I
v X

Other possible structures for nickel carbonyl are X, in which the nickel
is positively charged and employs nine unpaired electrons in bond formation :
(o] O~
AN /

C G

N

N
c/ C
/ N

0] o
X

and XI and XII in which the nickel atom, having accepted one electron
from a carbonyl group, possesses seven unpaired electrons :
o O+

¥

7/ N\

(0]
\C C// \C C{
P M
C C C C
O/ AN o O/ \0
XI p.¢/4
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KimBaLL? has pointed out that with the tetrahedral configuration, only two
strong 7 bonds are formed (Table CLXV) and he therefore suggests the
structure XIII as being perhaps more stable than the other structures which
involve three, four and five = bonds

O+\ o
Ng C/
N

1

X

It s clear, however, that the structure of the Ni(CO), molecule is a resonance
hybrid of several structures in which varied localization of = bonds and
of charges occur ; the valency state of nickel varying in the different struc-
tures from six to nine.

In compounds of elements involving d electrons our understanding of
the term valency must be somewhat modified. In simple molecules, involving
only s and p electrons, e.g. H,O and NH,, it is possible to consider the
oxygen as being predominantly divalent and the nitrogen as trivalent, in
spite of the fact that resonance occurs with other states in which, for example,
the oxygen atom may be negatively charged and monovalent. This is due
to the fact that in these compounds the contribution of the other structures,
although significant, is relatively small. With the transition elements,
however, the position is different. The structures with g, 8, 7 and 6 valent
nickel in Ni(CO), evidently vary little in their relative stabilities and it is
impossible to assign one dominating structure to the compound. We cannot,
therefore, consider a particular valency as being typical for nickel, but must
consider a range of valencies.

All eight of the outer electrons of iron and ruthenium may be unpaired
(d®sp?). This makes it possible for each atom to link with four CO molecules.
However, there still remains an empty p orbital which permits a fifth CO
group to form a bond of the type

“Fe—C=0*
on account of the lone pair of electrons in the CO group. Therefore in

iron pentacarbonyl, or ruthenium pentacarbonyl, the five structures XIV
will predominate.

O +\ O
\C C/
N
Fe~
& e
/ Jl) N\ o
Five structures
Xv
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Structures with an octavalent neutral iron atom :

) 7
e C

are less probable in view of the negative charge being located on the carbon
atom and not on an oxygen atom.

In addition, resonance can occur in the pairs of double bonds and
structures XV and XVT will contribute to the structure of the molecule.

\. 7
o~——c_——:Fue—/—ch+ o--c\E\F"e/—m::o
Xxv Xvi

The five CO groups in iron pentacarbonyl form a bipyramid, three CO
groups being arranged around the Fe atom in a plane with one CO group
above and another below the plane of the triangle. All five CO groups are
equidistant from the central atom, and the dipole moment should be zero.
The value of 06 to 0-8 D reported by BERGMANN and ENGEL!® and by
GrarrunDer and HEyMANN1S, is probably due to atom polarization as in
symmetrical trinitrobenzene.

In addition to Fe(CO); iron forms a carbonyl with the formula Fe,(CO),.
The configuration of the molecule has been established by PoweLL and
EwensY? by a detailed x-ray crystallographic study and is shown to possess
trigonal symmetry (distribution of charges not shown in XVII) :

!

o) o
A\ / A
NS (‘c‘):\\ S
O=C—Fer—"  ~Fe—C=0
C (@ C
Y 4 A
o o)

xvir -

In this molecule three of the carbonyl groups, which are linked to two atoms
of iron, possess different properties to the other six. The CO distance in
these e groups, 1+3 A, is similar to that in organic carbonyl groups and
is due to the absence of the contribution of structures of the type —C=0O+
to the bond resonance. The Fe—C distances are different also, the value
being 1-g A for the inner carbon atoms, i.e. those linked to two iron atoms,
and 1-8 A for the others. This shorter value indicates that the bond must
have a partial double bond character. The distance between the two iron
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atoms is approximately the same as that in metallic iron, 2:48 to 2:52 4, so
that bonding between the iron atoms is not impossible. Although these
data give a precise picture of the positions of the atoms relative to each
other in the molecule, the exact nature of the various bonds is somewhat
more obscure. The structure XVII in which the iron is represented as being
hexavalent is not entirely satisfactory since it does not indicate any difference
between the Fe—C bonds. The molecule is best represented as a resonance
hz'brid of the following structures which satisfies the observed diamagnetism
of the molecule!s,

O O
AN /0 /7
N s
O=C=Fe—  Fe=C=0
. 4 N

N
o/ No+
eight structures ’
XVIII

nine structures
XIX

i

o]
AN /0 V4
I G

C /
- C N+
O;:C>Fe/ T Fe—C-=0

/
A RN
o O
six structures
p.0.¢
The Fe—C—Fe angle is 87°, and has therefore been considerably decreased
in comparison with the normal valency angle of carbon with a coordination
number of three (120°). This may be due to the strength of the Fe—Fe bond.
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For the molecule Fe,(CO),, an analogous series of valence bond structures
may be considered. The geometry of the molecule is represcnted by the
structure XX/, which in all probability, represents one of the main reson-

ance forms.
O O
O+ O+
\\ \ / (?\
o= c\ / N L r {c—o
= ‘,\C/Fe\c}/;ei =
C ([g I C
O
O/ \O
XX1

The six unpaired electrons of the atoms of chromium, molybdenum and
tungsten may form three double bonds with three carbonyl groups. Three
unfilled p orbitals remain, which may be filled by the donation of an electron
pair from each of three carbonyl groups. The structure of these compounds
will therefore be represented by the valencc-bond structure XXII :

O+
\ /
Ng C/

O=G>Cr{-—CEO+
C/ \C
O+ O
p.o.¢/4
which is one of several such resonance structures. A distinctive feature of

many complex compounds of chromium is the fact, which will be discussed

again later, that the chromium is present as the ion Cr®—. The valence
bond structures :

O+ (o) (o] y O+

N AN 74

A C C/ \C\—\ /C
O=C=C!‘K——CEO+ O+=C—Cr—C—=

7\

p (6] Cf\ /C- C S

2 N
O+/ (o) (o] A O+

XX xXI1v

in which the charges on the chromium atom have been delocalized and
shared between the CO groups are less probable than the structure XX,
in view of the fact that the C(g groups are arranged round the central atom
in the form of a regular octahedron which must be due to d2p® hybridization
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and the bonds formed by the chromium ion (Cr3~) will be six o and three
« bonds.

If cobalt were to form a tetracarbonyl, one electron in the atom would
remain unpaired, and therefore the carbonyl Go,(CO)jg is formed in which
two tetracarbonyls are joined by a Co—Co bond i.e.

(@) (0] o O
\C % ("l C/
N | /
Co — Co
LN

I
XXv

Many of the metallic carbonyls form hydrides, ¢.g. Fe(CO) 4H,, Co(CO) ;H,
0s(CO),H,, Ir(CO),H. The structures of the first two compounds have
been investigated by Ewens and Lister!® by electron diffraction methods.
An exact determination of the position of the hydrogen atoms was not
possible, owing to the small scattering produced by these atoms. The data,
however, show conclusively that the hydrogen atoms are attached to the
oxygen atoms of the carbonyl group and not directly to the metal. Both
compounds have a tetrahedral configuration as in Ni(CO), which is iso-
electronic with the ions Co(CO),~ and Fe(CO),%~. The tetrahedra are,
however, somewhat distorted, there being two different M—C distances.
In Fe(CO),H, these are 1-84 A, which is considered by Ewens and Lister
to be the Fe—CO distance, and 1-89 A which is the Fe—COH distance.
To this hydride it is therefore possible to ascribe the structures :

O O (@) O
N c C/ \H \C C/ \H
\_ 7 AN 4
Fe~ Fe—
SN /7 \
C C H /C C\ Ht
V%
O+// \O/ O/ \O
XXVi xxvir
O O-
\C C/ Ht
N\, 7
Fe-
C/ \C H+
)/ \O

XXviil
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It would, therefore, be more correct to give the formula of this compound
as Fe(CO),(COH),. In Co(CO),H the CO distance is 1-83 A and the
C—COH distance 1-75 A and its structure may be represented by

(0] (o] O o~
\C C/ \H \C C/ H+
N\ _ 7 N\ _ 7
Co Co
C/ AN - C/ \C
O/ \O O/ \O
XXIX XXX

The shorter M—C distance in the M—COH group compared with M—CO
may be regarded as due to a greater contribution from the structures with
a triple bond than from those with a double bond for the MC linkage.
The hydrogen of the hydrides of the carbonyl may be replaced by metals
with the formation of salts such as KCo(CO), and K,Fe(CO), et.

NITROSYL AND NITROCOMPOUNDS

The tendency of nitric oxide to form addition compounds is related to the
possible formation of different valency states of nitrogen and oxygen and
to the presence in NO of an unpaired electron. For the bond of a metal
with NO the following structures are possible :

M—N=0

M~-=N+=0
M+=N—O-
M=N+—-0O-

and resonance will occur amongst these structures. Iniron nitrosyl Fe(NO),,
a large number of valence bond structures are possible of which [ is an
example

The fact that in the formation of the MC bond in carbonyls the metal
always donates an even number of electrons, and that in the nitrosyls the
number of electrons donated by the metal to the MN bond is always odd,
is the reason for the formation of mono-metallic carbonyl-nitrosyl compounds,
e.g. Co(CO),NO. In addition to structure II for Co(CO);NO, in which
the nine electrons (d7sp) are employed in the formation of o and » bonds,
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I

there will be additional structures in which the nitrogen becomes positively
charged with respect to an oxygen atom of a carbonyl group,

mr

In addition to the two valence bond structures IT and II1, represented above,
other structures may be considered in view of the possibility of cobalt
existing in other valency states (Table CLXX).

In Fe(CO),4(NO), a large number of possible structures may be considered
of which we give only four (IV-VII) :

O Oo- (o] O-
\G N+/ \C N/
\F 4 \Fe/

C/ \N C/ \N
O/ AN o O/ \O
114 | 4
(0} o- Oo- (0]
\C.' N+/ \C N/
\_ 7 N/

Fe~ Fe
,,C/ \N+ C'./ \N+
O/ \O O/ \O
VI vir

In these compounds the NO distance is 1-11 A, thus being somewhat
shorter than in the molecule of NO (1-14 A).
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The capacity of both carbonyl and nitrosyl groups to assume both a
positive and negative charge, as illustrated by the formulae given above, is
related to the existence of the nitrosyl and carbonyl compounds as neutral
molecules, in contrast to other complex molecules which may exist only as
ions whose charge is compensated by ions of opposite sign in the crystal.
Such is the case for example in complexes where the central atom is bonded
only to nitro groups, as in K,NaCo(NO,)s. In the nitro group, in contrast
with nitric oxide, the nitrogen atom is already positively charged and tetra-

O
/7
—N*+
AN o-

valent and in the bond with the metal, resonance of the following valence
bond structures are therefore possible :

(0] (02
/ /
M—N+ M—N+
o \,
o_
/
M=N+
o

The formation of the latter structure in which the metal atom is joined to
the nitrogen atom by a double bond, would be improbable, if by so doing,
a positive charge were formed on the metal atom, since we should then have
two adjacent atoms both positively charged. For this reason the complexes
formed between metals and nitro groups are all negative ions, the charge
being equalized by cations in the crystal. The structure of the Co(NO,) 43~
ion has been shown by x-ray methods to be octahedral and we may represent
the structure as follows, in which the cobalt atom forms six o and three =
bonds (d%sp3-hybridization). ’
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Several structures other than that given above, VIII, are possible with a
varied localization of the = bonds and distribution of charges on the nitro
groups.

CYANIDES

In the bond between a metal atom and the cyanide group, resonance will
occur among the following structures :

M—C=N

M=C=N-
M C-=N
M C=N-

The last two structures, which represent an electrostatic bond between the
metal atom and the cyanide ion, may be conveniently written as M(CN)~
since the localization of the charge in the (CN) group is unimportant to the
present discussion. Theoretically there should also occur a bond of the
1socyanide type, in which the metal atom is joined to the nitrogen atom of
the (CN) group. The x-ray analysis of these substances cannot, in general,
permit the distinction of the carbon and nitrogen atoms because of their
similarity, but there is, however, some evidence in the case of K,Mo(CN),
that the metal is bound to the carbon and not to the nitrogen atom.

Of the simple cyanides, Hg(CN),, Cd(CN), and Zn(CN),, it has been
established® that Hg(CN), is linear and it may therefore be represented

by the formula
NC—Hg—CN
I

in which two o bonds are formed by the s and p electrons of the mercury
atom in the valency state d1%p. A significant contribution to the structure
of the molecule will also be made by the structure
NC—Hgt+ CN-
n
in which the mercury is positively charged and monovalent (d'%) and by
NC—Hg+=C=N-
r
in which the mercury is positively charged and trivalent (¢%p). Less signif-
icant structures are
NC- Hg?*t CN- and N-=C=Hg?+=C0=N-
w | 4
As a result of the contribution of the structures I7] and Vit is to be expected
that the HgC distance will be somewhat less than in a single Hg—C bond
as occurs for example in Hg(CH,),.
The complex ion Ag(CN),~ is analogous to Hg(CN), and it may be
described in terms of the following structures :
in which the silver atom is uncharged and trivalent, forming two ¢ bonds
at an angle of 180° on account of sp electrons and a 7 bond formed by the

unpaired d electron,
N-=C=Ag+ (CN)-

(CN)~ Ag—C=N
369
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The complex cyanides formed by the transition elements have frequently
been discussed in terms of the simple compounds formed by these atoms.
Thus, for example, K,Fe(CN)q has been referred to as a compound of
ferrous iron and K,Fe(CN), as a compound of ferric iron. This procedure,
however, is not correct as the valency state of iron in K,Fe(CN)4 is quite
different from that in Fe(CN), or FeCl, ; thus FeCl, has a magnetic moment
corresponding to four unpaired electrons, whereas K,Fe(CN), is diamag-
netic. The suggestion that the diamagnetism of K,Fe(CN)g is caused by
the pairing of electrons in the Fe2+ ion under the influence of the strong
electric field due to the (CN)~ ions, appears inadequate since (NH,)gFeF,,
where the field due to the F- ions is stronger, is paramagnetic?!. These
facts can only mean that in FeCl, some of the outer electrons of the iron
atom are not used in bond formation and remain unpaired, whereas in
K, Fe(CN), all the outer electrons are paired in bonds with the (CN) groups.
The suggestion has been made by Pauling that the formation of such covalent
complexes occurs as the result of the pairing of all the outer six electrons of
the Fe?t ion in three d orbitals. The ion will therefore have two d, and one
s and three p orbitals empty, viz,

b4

et [T [ ]
d
The vacant orbitals are then used in the formation of six coordinate (donor-
acceptor) bonds with six (CN) ~ions ; this may be represented as the donation
of six electrons (one from each (CN)~ ion) to each of the six orbitals with
the formation of an Fe?~ ion containing six d2sp® unpaired electrons :

Ky

Fe- [Tty [e [ 4 4] 4]
d s ?
These electrons then take part in six covalent bonds with six unpaired

electrons in the CN groups. If this representation of the structure of
K, Fe(CN)4 were correct, it would be represented by the structure VI

NC CN
N/

NC—Fel-—CN | 4K+
/

NC CN

VI

However, VAN VLECK and SHERMAN22 and PauLinG?! have shown that such
a structure is improbable owing to the high negative charge on the central
iron atom, since iron generally tends to assume a positive charge.

We consider that for a description of this and similar complexes there is
no need to assume that the outer electrons of the Fe?* ion are paired and
that the union of the ion with the (CN)~ ions occurs through coordinate
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bonds. The structure of these complexes may be understood if the valency
states of the metal ion, as described above and in Chapter 2 for simple ions,
are considered. The ground state of the iron atom is d%? in which there
are four unpaired d electrons, two paired d electrons and two paired s
electrons. Excitation of the paired electrons to the p state leads to an atom
of iron in the d5sp? state in which there are eight unpaired electrons, which
may therefore take part in the formation of eight covalent bonds. If the
iron atom accepts an electron into the vacant p orbital from a (CN)~ ion,
then the Fe~ ion will be formed with the electronic configuration d%sp3,
which may thus take part in the formation of nine covalent bonds. This
therefore leads to the structure VII for K,Fe(CN), :

/
N-=C=Fe-—C=N | 4K+

124

in which the four negative charges occur, one on the iron atom and three
on three nitrogen atoms. This formula has also been proposed by Pauling?,
The nine covalent bonds between the Fe~ ion and the six (CN) groups will
consist of six ¢ bonds, formed by d%p3 hybrid electrons, arranged octa-
hedrally and three = bonds (formed by three d electrons), in accordance
with the data of Kimball (Table CLXV). The structure VII represents only
one of many resonance structures with various localizations of the 7 bonds
and of the negative charge on the nitrogen atoms, and the stability of such
a complex will compensate for the energy absorbed in the excitation of the
iron atom. In addition to structure VII, resonance is possible with the
form VIII in which the iron atom is octavalent :

N-=C=Fe—C=N 4K+
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and other structures, VIII and IX, in which the iron is hepta- and hexa-
valent :

(NG)-  (CN;- (NC)-  (CN)-
N-=C=Fet—C=N | 4K+ N-=C=Fe?+ (CN)~ | 4K+
C ¢ C c
/ N / N\
-N N- -N N-
) 1x - B X -

In the structures VI to X, all the electrons are paired, so that the total
spin angular momentum is zero. These structures may therefore resonate
with each other and it is important to appreciate that, although certain
CN groups, for example in formula X, are represented as being in the ionic
state and therefore bound to the central iron atom by electrostatic forces,
all the CN groups are attached to the central atom by the same type of
bond which is in part ionic, in part a o bond and in part a = bond. The
pairing of spins also explains the diamagnetic character of this substance.

Let us now compare the structures given above, VII to X, for K ,Fe(CN),
with hypothetical structures in which the iron atom is in the same valency
state as in FeCl,, viz, d®p and in other valency states in which there are
four unpaired d electrons. In the following formulae we shall represent
the unpaired electrons by dots :

(CN)- (CN)-
(CN)= Fe?+ (CN)- | 4K+
(CN)- (CN)-
- (Fe?+ = db)
X7
No | N
/ 7/
(CN)- C (CN)- /C
(CN)~ Fe—C=N | 4K+ (CN)- Fe~—C=N | 4K+
A Vi A
N N N
i (Fe = d5sp?) - - (Fe~ = d%p?3)
X X

The similarity between structures X and X1, VIII and XII, and VIl and XIII,
is evident, but in the forms VII, VIII and X there are additional covalent
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bonds of the type Fe=C=N—, in which the unpaired electrons are em-
ployed in bond formation with a consequent loss of paramagnetism and
increase in stability of the complex.

The entirely ionic form of K ,Fe(CN), :

(CN)- (CN)-
(CN)- Fe+ (CN)- | 4K+
(CN)- (CN)-
p.¢1%4

can only be compatible with the observed diamagnetism of the compounu
if the six d electrons of the Fe?t ion are all paired. The molecule could
then also participate in the resonance between structures VII to X. The
pairing of the electrons to give the configuration,

Fc“L”l“!tfl l lsl lpl |

involves the absorption of energy ; such an electronic state is therefore un-
favourable for the stability of the molecule and the corresponding structure
X1V is hence improbable.

It is not possible to formulate a diamagnetic structure for KI'e(CN),q
since the total number of electrons in this molecule is uneven. The experi-
mental data show that the magnetic moment is 2:33u5, thus corresponding
approximately to the presence of one unpaired electron. It is therefore
clear that here the electronic state of the atom of iron in the complex
is essentially different from that in FeCl; in which the Fe3+ iron possesses
five unpaired electrons. It is possible to describe the structure of the
complex by the following :

N- I N-
N
\c CN | c\ /CN
N—=C>Fc"/—CN 3K+ I N-=C=F¢~CN | 3K+
VRN N
| Ne CN | MO~ oN
i XV . ) XUl

Similarly the magnetic moments of the complex cyanides of manganese,
K,MnCN,, 325 pp, corresponding to two unpaired electrons, and of
K ,Mn(CN),, 218 pp, cotresponding to one unpaired electron, indicate that
in these compounds the valency states of the manganese atoms are different
from those in MnCl, (p = 592 pts) and MnCl (p = 51 py). In KMn(CN)s,
& = 422 pg, corresponding to three unpaired electrons, and it is possiblac
that this compound possesses the formula K,[Mn(Mn(CN),)], where the
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inner manganese atom has one unpaired electron as in K,Mn(CN)¢ and
the outer manganese atom, five unpaired electrons®?asin MnCl,. According
to the treatment discussed above the molecule K ;Mn(CN)q will be repre-
sented predominantly by the covalent structure XVII in which the manganese
atom is monovalent and doubly charged negative, i.c. in the electronic state
dsp? corresponding to the ion Mn2~. In such a structure there are no un-
paired electrons and the complex should be diamagnetic. In addition to
the covalent structure XVII, ionic structures, such as XVIII and XIX will
contribute to the molecular resonance.

N- (NC)- N-

AN
C CN c

N/ /

NC—Mn?-=C=N- | 5K+ -N=C=Mn+CN)- | 5K+
7 \ N\

o) CN

-N/ (NC)- \N—

p.e714 XVilI

(NC) - N-
C/
/
(NC)~ Mn=C=N- | 5K+
/
C CN
/
-N

Xix

GOLDENBERG’S?® measurements show that the magnetic moment, of
K;Mn(CN), is 105 pg, which is less than the calculated value for one
unpaired electron. From the above possible structure this cannot be due
to electron spin, so it is evidently due to incomplete quenching of the
orbital moment.

The limiting covalent and ionic structures of K,;Mn(CN)4, in which
there is one unpaired electron, are

NC CN (NC)- (CN)-
N—=C\;M§—=C=N~ 4K+ N-=C=Mn?*=C=N- | 4K+
NC/. \CN (NC).— (CN)-
) AX ) ) XXI ]
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and similarly for K;Mn(CN)g in which there are two unpaired electrons,
we have

N- N-
\c CN \o (CN)-
N&Mé‘-——GN 3K+ (NC)- Mn®+ (CN)- | 8K+
N N (NC)- - (CN)-

) XxIir B B XX )

In K Cr(CN),, the experimental data show that there are three unpaired
electrons and, since both the Cr3+ ion and CrCly also contain three un-
paired electrons, the complex is sometimes written in the form XXIV :

(CN)- (CN)~ NC CN
(CN)- Cr3+ (CN)- | 3K+ NC>Cr3/‘—CN 3K+
(CN)- (CN)- NC/ \CN
XX1v XXV

However, K;Cr(CN)g may be equally well represcnted by an alternative
limiting structure, which also satisfies the observed magnetic moment,
represented by XXV. In this structure it is assumed that the chromium
atom in the {[Cr(CN),]3~ ion is in a d%p? clectronic state and possesses three
negative charges. Six of the nine electrons are employed in covalent bond
formation (d%p3 hybridization) with the CN groups, and three remain
unpaired. We have already postulated that chromium is in this electron
state in the carbonyl compounds. Both the structures, XXIV and XXV may
at first sight appear improbable owing to the high charge, either positive
or negative, carried by the central atom. However, we consider that the
structure of K3Cr(CN), may be represented as a resonance hybrid of the
forms XXIV and XXV and of other structures in which the central atom
possesses the same number of unpaired electrons, e.g.

T (NG)- oN |
(NO)- Gr¥—CN | 3K+

(NC)~ (CN)-—

XXvr

The description of a molecule or complex in terms of resonance among
several structures is, as we have emphasized before, only a convenient way
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of describing the real state of the molecule which is intermediate between
these extreme forms. In fact the twelve electrons of the central atom and
of the surrounding groups or atoms are located in the field of all the nuclei
in molecular orbitals. In K,Fe(CN), all the electrons of the complex ion
occupy molecular orbitals in pairs, thereby neutralizing their spins?l. In
K Fe(CN)g, one electron in the outermost molecular orbital remains un-
paired as n NO and in other instances it is possible that an electronic
configuration is more favourable when some electrons occupy molecular
orbitals, not in pairs, but singly as in the molecule of oxygen, O,. This is
evidently what occurs in K;Cr(CN)4 and in other paramagnetic complexes.

Twelve electrons take part in bond formation in K;Cr(CN), and hence
all the CrC bonds may be regarded as single, as in the limiting covalent
structure XXV. In K,Cr(CN),, however, the limiting covalent structure,
XXVII, must include one double bond, since the magnetic moment corre-
sponds to only two unpaired electrons.

- N-
NC C/

NC\—\Cr/"*—CN 4K+
7N
NC CN

six struclures
xxvir

A limiting ionic structure with a doubly charged positive chromium ion
and six CN~ ions is not in agreement with the magnetic data, since the
Cr2+ jon has four unpaired electrons. Furthermore, such a structure cannot
resonate with the form XXVII since resonance can only occur when the
value of the total spin is identical in both forms. The ionic limiting structure
must, therefore, be given by XXVIII. An example of an intermediate
resonance structure is given by XXIX.

N- N-
(NC)— C/ (CN)- C/
(NC)— ?}‘2+ (CN)— | 4K+ (CN)~— (.]{——CN 4K+
(NC)— (CN)~ : | (CN)— CN
six structures six structures
xxvin XXIx

The diamagnetic octacyanides K,Mo(CN)g and K,W(CN); are known
in which resonance between all possible structures from the limiting co-
valent form XXX to the limiting ionic form XXX will occur.
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N—
NC !

NC\\\/C/CN

103~ 4K+
c // \\ cN
NC CN
eight structures
XXX

- (NG~ ceN)- -

(NC)- (CN)-
Mott 4K+
(NC)(‘}/ (CN)~

C -
VARG

XXXI

There now arises the problem of why the ion Cr3~ uses only six unpaired
electrons in the cyanide complex ion and has a coordination number of six,
whereas the ion Mo®~ may use all nine unpaired electrons to form a com-
plex with a coordination number of eight. There are probably two diffcrent
reasons. First, the large size of the atom of molybdenum permits the packing
of eight atoms or groups round it much more casily than in chromium and
secondly, the loss of intra-atomic resonance in molybdenum and tungsten
on bond formation is less than in chromium, owing to the greater principal

uantum number of the outermost electrons of these elements.

For K;Mo(CN), which must have one unpaircd electron, the following
limiting structures are possible,

NC /CN N(NC)— (CN)-
NC \\Moa- Z-CN | gxa NO™ o (CN) -
NC - NUON (NC)- (CN)-
NC CN (NC)-  (CN)~
Xxxu XXX

The x-ray diffraction data show that the complex [Mo(CN)g]3~ ion has a
dodecahedral structure in agreement with the prediction of KimBALL
(Table CLXV). A coordination number of eight, involving d, s and p
electrons may correspond to a dodecahedron (dp?) or to a quadratic anti-
prism (d%3%). The alternative geometric arrangement of the groups at the
apices of a cube is not permissible since it has been shown to require the
participation of f electrons?.
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The ion [Co(CN)gJ3~ is isoelectronic with [Fe(CN)gJ*~ and the most
probable structure will be
a
NC (o]

N =G>—COZCN

ne e
Ny-

XxXxiv

and the participation of all nine electrons of the cobalt atom in bond
formation causes the observed diamagnetism of the molecule. The complex
K ,Co(CN)j is less stable than K4;Co(CN)g. From the structure XXXIV it
is clear that the additional electron may enter into [Co(CN)g]3~ to form
[Co(CN)gl4-, only by utilizing a higher orbital such as the 4 d or 5 s of the
cobalt atom. In this fact lies the explanation of the observed differences
in the oxidation-reduction potentials of the complex cyanides of cobalt
compared with those of iron :

[Fe(CN)4— — [Fe(CN)gJ3~  — 0362

[Co(CN)g¢~ — [Co(CN)gl®~ +0-83v
The oxidation of [Co(CN)]4~ to [Co(CN)g]*~ occurs very readily since it
will be accompanied by the liberation of the excitation energy of the addi-
tional electron to the orbital of higher energy. The oxidation of [Fe(CN)g]*~
to [Fe(CN)g]®~ does not occur readily, since all the electrons are employed
in bond formation and one electron is left upaired in [Fe(CN)4]%~.

In K,Ni(CN), and in the analogous complexes of palladium and
platinum, various valence bond structures are possible of which XXXV and
XXXVI are examples and are in agreement with the observed diamagnetism
of these substances.

T N- N- | N N-
AN / A /7
c /C c\ /o
Snitr 9K+ N’ 9K+
/7 '\ 7 '\
C C G C
/ AN 7/ A
-N N- N N
- XXxv - - XXXvI -

The x-ray diffraction data show that the [Ni(CN),]*~ ion is planar, the
four CN groups being arranged symmetrically at the four corners of a
square around the central atom. Such a distribution of o bonds corresponds
to dsp® or d?? hybridization and up to four = bonds may be formed by
43 electrons.
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In contrast to the cyanides, other complexes of nickel with a coordination
number of four, e.g. [Ni(NHjy),]?*tSO.*~, show paramagnetism corre-
sponding to one or two unpaired electrons, which has been regarded as
evidence for a tetrahedral structure of the complex ion. This has not been
confirmed experimentally.

K Ni(CN), may be represented by the structures :

- -

N- N- N N-
Ng e A\ e
hvd 4K+ e 4K+
& e ¢ e
~ - ~ Sn
B xXxxvir B ) xXxxvinu )

Of the other compounds in which the central atom possesses a high
valency, K(OsO4N) is worthy of mention, in which according to the x-ray
evidence, the oxygen and nitrogen atoms are bonded directly to the osmium
atom, and we may therefore represent the complex by the structures XXXIX

to XLI.

(o) o) o) o)
\65/ K+ \Os/ K+
o/ \\N o/ \N"
B XXXIX - B XL )
o- O |
\Os/ K+
o/ \\N
- three structures -

XLI

HALOGEN COMPOUNDS

In the complex halogen compounds, as in the complexes we have discussed
above, the number of halogen atoms bonded to the central atom is greater
than the normal valency of the latter. In the case of the complex chloride
of gold, CsAuCly, the crystal structure consists of an aggregation of Cs*
cations and two different anions, AuCl,~ which is linear and AuCl,~
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which is planar. In the AuCl,~ ion, resonance will occur between the
forms :

Cl- Aut* CI- Cl—Au CI-
two structures
I Ir

in which the gold is either positively charged or monovalent. There will
also be considerable contribution to the resonance from the structure

Cl—Au——Cl
ur

in which the gold is negatively charged and divalent (electronic state,
d%p). The hybridization of all the s and p electrons and the formation of
two ¢ bonds is in agreement with the linear structure. In considering the
structures of the AuCl ~ ion, it is necessary to consider the gold atoms
initially in the excited, trivalent state, dp. This leads to the structure IV.

Cl Cl- Cl Cl Cl C1-
AN
Au Au-

u Aut
/7 N\ /N /
Cl Cl Cl Cl Cl Cl-

w vV VI

The gain of an electron gives the negatively charged tetravalent state of
gold, occurring in V in which the electronic structure will be d%p2, so that
four o bonds are formed by four dsp? hybrid electrons in agreement with
the observed planar configuration. The loss of an electron giving the
positively charged divalent ion d% leads to the structure V1. In the AuCl,~
ion resonance will occur among all three structures, all of which have a
total spin moment of zero. In the entirely ionic structure VII,

Cl- Cl-
Aud+

Cl- Cl-

Z/4

the electronic configuration of the gold atom is ¢® and in the ground state,
six of the eight electrons would be paired and two unpaired. Since the
total spin is not the same as that in the structures IV to VI, resonance may
only occur when the Au3t ion is excited to the state in which all of the
eight d electrons are paired. Owing to the magnitude of this excitation
energy, the form VII will not contribute significantly to the resonance of
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the ion. The position is the same in K PtCl,, which may be described by
the two limiting structures :

Cl Cl Cl- G-
\Ptz/‘ 2K+ Pt2+ 2K+
Cl/ \Cl Cl- Cl-
) Vil ) ) X )

together with a number of intermediate structures. As in the case of the
AuCl,~ ion, the completely covalent structure VIII has a total electronic
spin of zero, whereas in the ionic form IX the Pt?t jon will be in the
electronic state d® and in order to pair all the eight electrons in four d orbitals,
considerable excitation energy is required and the structure IX does not
therefore contribute significantly to the structure of the molecule. The
planar configuration of the PtCl,%~ ion is evidently caused by the contribution
to the molecular resonance of the covalent structure VIII in which the
tetravalent Pt?~ ion forms four dsp* hybrid orbitals. In neutral PtCl,, a
different configuration is to be expected since non-charged tetravalent
platinum has the electronic configuration d3sp, formed by the excitation of
one d electron in the ground state, d%. Here the bonds will be formed by
d%p electrons which according to Table CLXV will give rise to a non-
symmetrical tetrahedral configuration. This is what is found to be the
case in (CH;)4PtCl in which the bonds are mainly covalent, but in which
there is a small contribution from the ionic form (CHj),Pt+Cl-.

In K,PtCl; there exists resonance between the covalent and ionic
structures. The K PtCl, crystal consists of K+ jons and octahedral PtClg%-
ions arranged in a similar manner to the Lit and O?~ ions in an anti-
fluorite lattice. Each potassium ion is surrounded by twelve chlorine atoms
and the closeness of the packing will evidently be due to the attraction be-
tween the positive potassium ions and the partially negative atoms of chlorine.

On the basis ofP the above discussion of the complex compounds of gold
and platinum an explanation of the formation of the ICl,~ ion, asin KICIQ,
is possible. The entirely ionic structure X is improbable in view of the magni-
tude of the charge on the central atom. In the atom of iodine,

a-  a-
I3+ Kt
a-  c-

g -

X

or in the iodide ion, however, the excitation energy of an electron in the
6p state to a 6d or 7s orbital is not great and such a valency state is not
without possibility. Such an excitation of two of the 6p electrons in the
ion I-, leads to the valency states p*ds or p*d2, both of which give rise to a
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planar configuration (Table CLXV). Thus we have the limiting covalent
structure X1,

X1 i

Resonance can only occur between structures X and XI, if the I3t jon
(s2p%) has a zero spin moment. The electronic configuration in which this
condition holds is not necessarily the ground state of the ion.

In contrast to K Fe(CN), the complex molecule (NH,);FeF; has a
magnetic moment of 59 uy, which corresponds to five unpaired electrons.
The central atom of iron in FeF g3~ is therefore in the same electronic state
as the atom of iron in FeClj. Only three of the eight available electrons of
iron can participate in bond formation and it is therefore generally assumed
that this compound is entirely ionic (XII).

F- F-

F- Fet+ F- | 3(NH*
F- r-
- p.e/d -

Structures in which the bonds are partially ionic, however, are possible, viz

F- F F- F
F- Fcé F- | 3(NH)+ F- E?j:—/—F 3(NH)*
F- F- F- F-
) Xr - - X B
- .
F- Fe—F | 3(NH)*
P
-

The resonance of these structures will produce an increased stability of the
molecule. Thus it is evident that it is not possible to decide the exact nature
of the bond in these complexes simply on the basis of magnetic data, except
in certain cases (see page 353) and in general it is only possible to determine
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the valency state of the central atom. The existence of the unpaired electrons
in FeF g3~ may be in part due to the fact that in the bond between a halogen
atom and a metal atom, only bond resonance between the covalent M—F
and ionic M*F~— forms is possible and in contrast to the CN group a covalent
bond between the metal and the F- ion is not possible.

AMMINO COMPOUNDS AND SALT HYDRATES

A very large number of metals, including the alkali and alkaline earth
metals which do not generally form complexes, give ammino derivatives
and hydrates. In the complex NaCl(NH,)x, the bond between the metal
ion and the ammonia molecules is due to ion-dipole forces. The

M+ NH,
I

bond is therefore not strong and these substances often possess an appreciable
vapour pressure of amnmonia. More stable ammino compounds are formed,
however, with metals possessing d electrons. In such cases the attraction
is not only due to ion-dipole forces but, since nitrogen may exist in the
positively charged tetravalent state, there is a tendency for electrons to be
transferred from the nitrogen to a vacant orbital in the metal atom with
the formation of a compound of the type II. The possibility of the

FyB~—*NH,
/4

transfer of electrons from ammonia molecules to a metal atom is determined
by the number of available orbitals in the metal and if the metal has a high
electron affinity, a donor-acceptor (coordinate) bond between the metal
and the ammonia molecule is formed. By this means, bonds of the type :

M-—+NH, X~ M—+NH,
mr w

occur. In the —*+NH, group, the positive charge is not localized on the
nitrogen atom, but is shared by the hydrogen atoms. This is shown by the
fact that the ammonia molecule, NH,, forms coordination compounds
much more readily than trimethylamine, N(CHjg)g. Pyridine, on the other
hand, behaves in this connection as a primary amine owing to the contri-
bution of resonance structures in which the nitrogen atom is negatively
charged and divalent. Although ion-dipole forces may play some part in
the bond between the metal ion and the ammonia molecule, the bond is
predominantly homopolar, since molecules such as CH3Cl and CHyNO,,
which have a greater dipole moment than ammonia and which are smaller
in molecular size than pyridine, do not form complex compounds since carbon
is unable to exert a valency greater than four. If the electrostatic attraction
between the ion and the dipoles were of great significance in complex
formation, the tendency towards complex formation would be greater, the
smaller the radius and the greater the char%c of the central ion (the energy
of ion-dipole interaction is given by zep/r® where z¢ is the charge of the
ion, p the dipole moment, and r the distance between the ion and the
dipole). The ions Be+ and Al2+ would thus form complexes more readily
than iron, platinum, cobalt and nickel, which does not occur.

On the basis of the above discussion, in stable complexes, such as
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Au(NH,),Cl;, there will evidently be resonance between a number of
different structures, the limiting forms being :

H,N NH, H3N+\ +NH,
Aus+ 3CI- Au~ 3CI-
7\
H,N NH, H,N*  NH,
B vV - B VI -

In structure VI, the gold is in the negatively charged tetravalent state, in
which the four bonds are formed by dsp? electrons. The planar configura-
tion of the [Au(NH,) 3 complex, as determined by experiment, is in
agreement with the prediction that four dsp? hybrid bonds are formed.

In Cd(NH,),Cl, a similar limiting covalent structure occurs, VII, but
here the four valency electrons of the ion Cd2- are in sp3 orbitals so that
the complex ion has a tetrahedral configuration. The configuration of the
ions [Ag(NHj,),]t and [Cd(NHj),i2+ has been shown by experiment to be
linear, a fact which is in conformity with the sp hybridization of the valency

electrons :
H,N+—Ag~—+tNH,
H;N+—Cd—*+NH;,4
The limiting covalent structure of the complex Cu(NHj) ,Cl, VII, contains
copper in the doubly charged negative tetravalent state :

H,N+  +NH,
Cut~ 2CI-
7N\

H,N*  ¥NH,

vir

The electronic structure of the Cu?~ ion, however, is d%p® in which there
are five unpaired electrons and therefore one electron must remain unpaired
in the tetrammino comgound. Two forms of hybridization can occur in
the Cu?- ion, either dsp®~ or sp3— the former leading to a planar structure
and the latter to a tetrahedral configuration. Experiment shows that the
ion is planar, which would indicate that dsp2~ hybrid bonds are more
stable than sp3 bonds.

The magnetic moment of Cr(NHj)4Clg indicates the existence of three
unpaired electrons in agreement with the resonance between structures
VIII and IX and other types which are intermediate between the limiting
ionic and covalent forms.

H,N NH, H,N+  +NH,

HN Cr*+ NH, | 3CI- H3N+>gx_r3-——+NH3 3C1-
H,N NH, H8N+/ +NH,

- vi - h X -
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In all the examples considered above, the total electron spin is the same
in both of the limiting structures, i.e. that in which the bonding forces are
entirely ion-dipole and that in which they are homopolar, resonance
between these and possible intermediate structures may therefore occur.
The experimentally determined dia- and paramagnetism does not indicate
that one or other of the valence bond structures is to be preferred, since in
these structures the number of unpaired electrons does not change. Here
also, the number of unpaired electrons is the same in the simple salt and in
the ammino compound. Thus, for example, AuCl; and Au(NHjg),Cl; are
both diamagnetic, CuCl, and Cu(NH,),Cl, both have a single unpaired
electron, and CrCl; and Cr(NH,)Cl; have three unpaired electrons each.
In the ammino compounds of cobalt, however, the position is different,
Co(INH,)Cl, being diamagnetic, whereas CoCly is strongly paramagnetic.
Pauling considers this fact as evidence for the covalent character of the
bonds in Co(NHjg)4Cls, which therefore corresponds to the structure X,

H3N+\ +NH,
H,N+—CoS-—+NH, | 3Cl-
H,N*  +NH,

X

An ionic structure in order to be diamagnetic would have to include the
unusual triply charged, positive cobalt ion X7 :

H,N NH,
H,N Co%+ NH, |3CI-
H,N NH,

X1

in which the electronic structure is as follows :

cor+[vt[1A{it] | | |
d S

with all six d electrons paired in three d orbitals. In view of the energy
necessary to produce this excited state from the ground state in which
there will be four unpaired electrons, a considerable absorption of energy
would be involved and it is unlikely that this would be compensated to any
great extent by the ion-dipole forces repsonsible for the bonding in structure
XI. 1t thus appears that here the magnetic properties do lead to a decision
as to the nature of the bonds in the complex, the covalent structure X being
preferable to the ionic form XI. In the ion [Co(NHy)e]?+ of all the valency
electrons (nine in Co and twelve in six NH, groups), three are transferred
to the chlorine atoms and the remaining eighteen are located in pairs in
molecular orbitals in the field of an atom of cobalt and six atoms of nitrogen.
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These electrons may be regarded as taking part in six o bonds between the
d2sp® hybrid orbitals of cobalt and the sp? orbital of nitrogen ; the remaining
six electrons will form three 7 bonds. The structure of the complex ammine
containing two atoms of cobalt,

[(NH;);Co—NH,—Co(NH,;);] X

will have a similar covalent structure to X, i.e.

H N+ +NH,
HAN | *NH,
H,N+ — Co*——*NH;— Co®<— +NH, | 5 X~
N+ / \ +NH,
H,N+ +NH,
Xxu

in which the—+tNH,—group acts as a bridge between the two cobalt atoms.

In contrast with Co(NHjy)¢Clg, the compound Co(NH,)eCl, is para-
magnetic and has a moment of 53 pg, the moment of CoCl, being 504 py,
which indicates the presence of three unpaired electrons. Hence it is con-
cluded that in the ion [Co(NHj,)g]?+, the bond between the central atom
and the ammonia molecules is due to ion-dipole forces. The structure of the
complex is therefore

H,N NH,
HyN Co% NH, |2CI-
H,N NH,

Xir

The formation of a covalent complex in which the cobalt possesses three
unpaired electrons and is covalently bound to six ammonia molecules can
only occur by the excitation of two of the electrons to the 55 and 5p orbitals,
which would require considerable energy. On the basis of the magnetic
properties of the complexes of tetrammino cobalt, Pauling has described
[Co(NH,)4]%* as a predominantly covalent complex and [Co(NH,)g]?t as
predominantly ionic. In confirmation of this conclusion we find that
Co(NH,)¢Cl, is not stable and dissociates in water yielding ammonium
ions, whereas the Co(NHj)4Cl; complex is quite stable and the ion
[Co(NHjy)4]%+ does not decompose in solution. The Co—N distance in
[Co(NH,)4]3* is 1:9 A, considerably shorter than that in [Co(NHjy)g]**
which is 2-5 A.

The magnetic moments of Mn(NHg)gBr,, and Fe(NH;),Cl, and
Fe(H,0)4Cl; correspond to those of MnSO, and FeCl, respectively and
in these compounds, as in Co(NHj,)¢Cl,, the bond is largely ionic in
character.

In Co(NH,;)Cl; the complex ion [Co(NHjy)¢]3* has been formed by the
transference of three electrons to the chlorine atoms; no such process is
necessary in the case of Co(NHjg)4(NO,)4, since the NO, groups possess an
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odd number of electrons. The structure of this compound will therefore be
i H N+ NO, ]

O,N—Co*~—+*NH,

H,N+ NO,

Xxiv

in which all the bonds are covalent. The negative charge will not neces-
sarily be located on the cobalt atom but may be distributed on the oxygen
atoms. We thus have an alternative structure, XV, in which the cobalt atom
is monavalent, with six ¢ and three = bonds

O_.
+NH, \N+—o—
o- \\
\N+-——-=Co——+NH3
/
O_
+NH, N+—O-
/

O—
Xv

Since in many of the ammino complexes the bond M—*+NHj occurs, in
which the nitrogen is tetravalent and positively charged, the basic properties
of the nitrogen atom are reduced and its acidic properties correspondingly
increased. The loss of a proton is evidently facilitated by increase of the
positive charge on the hydrogen atom owing to the resonance between
M—+NHg and M—NH,H*.

The nature of the bonding forces in ammino compounds which has been
discussed above may, in general, be applied to the hydrates. Here the
ion-dipole forces occur in addition to the coordinate bond formed by the
donation of a pair of electrons by the oxygen atom. We thus obtain structures
of the type, - H

/ /
M—O+ and X- M—O+

\H \H

In addition to the formation of hydrated cations, bonding of water molecules
to anions may occur by means of hydrogen bonds as in, for example, the
sulphate ion XVI

O- O7..H
NN
O‘/ \OT . .H/
XvI
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The negatively charged oxygen atoms of the sulphate ion will appreciably
increase the strength of the hydrogen bond. We thus find that several
sulphates crystallize with an odd number of molecules of water of crystal-
lization, one being bonded to the sulphate ion and the remainder to the
cation, e.g. CuSO,.5H,0O (XVII). Four molecules of water are arranged in

)

HgO\ / \H /HO-\ /O"
Cub+ ‘o st
H,o/ \\ /H" Nof No-

0
&
Xxvil

a plane round each copper ion, while the oxygen atom of the fifth molecule
of water is tetrahedrally surrounded by four atoms of oxygen to which it is
bound by a system of covalent and hydrogen bonds. The first two stages
in the dehydration of CuSO,.5H,O evidently consist in the removal of
the four molecules bound to the copper ion, the fifth molecule is bound
more firmly, and the structure of CuSO,.H,0 is evidently that shown by
XxviI

H...O- O~

Cu""—O/ \82/+
\HO“/ \O‘
Xvir

With the hydrates of various salts, it is possible to trace a gradation of the
stability of the bond. This is greatest when it is caused by the superposition
of covalent and ion-dipole forces and weakest where the molecules of water
are adsorbed in an irregular manner between the ions, as in NaCl, when
the water is easily removed without destroying the lattice structure.
Such crystal hydrates as Na,SO,.10H O form a special class which are
best regarded as ice in which the ions Na* and 50,2~ are dissolved. The
formation of complexes between water and such organic molecules as
ethylene, butadiene and other unsaturated organic compounds is due to
the possibility of the carbon existing in other valency states. This view is
borne out bsy the Raman spectroscopic data of TaureN, MURRAY and
CLEVELAND?® who showed that in the complexes formed between the
olefines and concentrated solutions of silver nitrate, the characteristic
frequency of the C=C bond was appreciably lowered (1,584 cm~—? in the
complex in place of 1,653 cm~! in the pure hydrocarbon ; for cyclohexene
the values are 1,539 cm~! and 1,613 cm™%, and for ¢yclopentene, 1,598 cm~—*
and 1,660 cm™1), This shows that the formation of the complex involves
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the double bond and the nature of the bonds in the complex may be
regarded as due to resonance between the forms :

N oL N Ne o
/N N 2V L g N

the last structure being formed by van der Waal’s forces. Similar observa-
tions have been made for the complex formed between HgCl, and acetylene
by FREIDLINA and NESMEYANOV?S,

INNER COORDINATION COMPOUNDS

A particular type of non-localized bond occurs in the so-called inner co-
ordination compounds. This group of compounds may be illustrated by
reference to the copper salt of aminoacetic acid (glycine). This compound
dissociates only weakly in solution, it possesses a colour similar to the
ammino complexes of copper and does not react with ammonia. These
properties all tend to show that copper atom has a saturated valency and
may be explained by considering the copper as bound to both the hydroxyl
and the amino groups. In accordance with our concept of the nature of
the bond between a metal and an amino group in such a compound, the
structure of the complex will be represented by resonance amongst the
forms I to IX :

O=G——0\ /O—-—C.=O O=G—-—O\ /O—-——-G=O
Cu2- Cu-
77N\ 7
H,C—*NH, +NH,—CH, H,CG—*NH, NH,—CH,
I I
O0=C—0- /O—C=Q
Cu-
/7N
H,C—+*NH, +NH,—CH,
Ir*
O0=C—O0 O——C=0 O0=C—0- O~—C=0
\Cu/ Cu
H,C—NH, NH,—CH, H,C—*NH, +NH,—CH,
w Ve
O=C—0- O——-C=0 O0=C—0- /O-—C:O
Cu/ ' +Cu ’
/- |
H,C—*+NH, NH,—CH, H,C—NH, NH,—CH,
v+ vIr*
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O= - O——C=0 O0=C—0 O-—C=0
Cu?+ \Cu
. AN
H,C—NH, NH,—CH, H,G—NH, +NH,—CH,
VIII* 1X*

Resonance will also occur in the structures marked with an asterisk
between the types O=C—O~ and O~—C=0 and both oxygen atoms will
have identical charge. |

It was thought originally that in these complexes, the main bond was
that formed between the copper atom and the carboxylate ion, the bonds
existing with the amino group being auxiliary. It is now considered,
however, that all the bonds, whether to oxygen or nitrogen atoms, are
identical, This is evident since the reaction of the silver salts of the amino
acids with alkyl halides results in the formation not only of the ester but
also of the N-alkyl compound,

NH, NHC,H, NH,
/ / /
2CH, Ag+2C,H,I = C,H, +CGH4\ +2AgI
coo’ COOH COOC,H;

The formation of inner coordination compounds is connected with the
presence in the organic molecule of atoms which may exist in more than
one valency state, e.g. ,

=0, —O—, —OH, —NH,, =NH, =NOH, =N, =N—, —SH e

The formation of such complexes is conditioned by steric factors ; in the
-a- and - amino acids, when the ring consists of five or six atoms respectively,
a coordination compound is formed, but an increase in the number of atoms
separating the amino and carboxylic acid groups (iny, 8, €, éfc amino acids)
generally inhibits the formation of cyclic inner coordination compounds.

The same principles determine bond formation in the complexes formed
by the B-diketones. The ability of diketones to form metallic derivatives
is determined by the extent of enolization, e.g.
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The metal may replace the hydrogen atom of the enolic form with the
formation of a salt having a structure which resonates between X and XI :

R - R
él—O‘ (g—O
HC/ Na+ HC/ \Na
\C=O \C=O
% R
X XI

Owing to the conjugated system of double bonds,’ the structures XII and
XIIT are also possible.

R R
t=0 t=0
HC Nat HC Na
\C-—O‘ \C——O
i i
D¢/ xXur

Thus owing to the resonance between the four structures X to XIII the
sodium atom has a coordination number of two.

The triacetylacetone derivatives of aluminium, cobalt and iron are very
different in their magnetic properties, the first two being diamagnetic and
the last paramagnetic, having a moment of 5'9 up corresponding to five
unpaired electrons. Hence it has been suggested that the bonds in aluminium
and cobalt compounds are covalent whereas those in the iron compound
are ionic, but SUGDEN?? has pointed out that this conclusion is not in accord-
ance with the properties of the iron compound, which is volatile and soluble
in non-polar solvents. The formation of donor-acceptor (coordination)
bonds, as proposed by Pauling, does not explain the difficulty, but if the
formation of ordinary electron pair bonds are assumed the observed be-
haviour of iron may be satisfactorily explained. Thus the aluminium
complex forms the structure XIV.
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CH, CH,
&
HC/ \0 o)
¢
/7 N\
|

H,C 0/
o
I

C

C
Hsc/ \CH/ \CH3

Xv

7 \CH
d

/
Al—O \CH3

o

Since aluminium has the electron configuration s?, which becomes sp?
when trivalent, this compound will be diamagnetic. The analogous structure
for iron, d®%?, will leave five electrons unpaired in the 4 orbitals in agreement
with the magnetic properties. In cobalt, d’s?, it must be assumed that the
bonds are formed by pairing of the three unpaired electrons with the
formation of a diamagnetic complex.

The experimental data show that the compounds of copper with the
B-diketones are planar which indicates dsp? or d2p? hybridization. Com-
mencing with the ion Cu2t (49, it is impossible to consider the bond as
formed by the donation of an electron pair from the oxygen atom, since
Cu?t has no vacant d orbital??. It is, therefore, clear that the structure is
best represented as a resonance hybrid of all possible structures from the
completely ionic, XV and XVI, to the completely covalent, XVIII

Ne—o e Neo- -0
o car Vo < Cu?+ c—
Ne—o- o’ =0 e
/ N / N
XV Xvr
Ne—or 0=’
< Dok >c—

N’ Nold”

/ AN
Xvir

In the covalent structure XVII, copper is in the Cu®- state with five un-
paired electrons, four of these take part in the formation of four covalent
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bonds, dsp? hybrid electrons, and the fifth remains unpaired and is
responsible for the observed magnetic moment of 1-73 py.

GONCLUSIONS

From the above discussion it is possible to draw certain general conclusions.

Complex formation occurs most extensively with those atoms possessing
d electrons since, owing to the similar energy values of the d, s and p
levels, electronic excitation to form new valency states occurs readily.

In the simple compounds of atoms containing d electrons, not all the d
electrons are, in general, used in bond formation. The preservation of
unpaired electrons in the molecule may be related to the intra-atomic
electronic resonance.

In the complex compounds, bonds may be formed with all unpaired
electrons of the central atom or ion, the maximum number of unpaired
electrons able to participate in bond formation being nine.

Such groups as CO, NO, CN, NO, ef;, in which the atoms can assume
various valency states, are able to form ¢ and 7 bonds with the central atom.

Resonance amongst various valence bond structures occurs with varied
localization of the = bonds and different valency states of the central atoms.
Thus the valency state of the central atom cannot always be defined and a
range of valency exists.

The formation of complexes involving ammonia and water ef¢, cannot be
explained solely on the basis of ion-dipole attraction. A significant part is
played by the different valency states of nitrogen and oxygen and by the
formation of donor-acceptor bonds.

The observed configurations of the atoms are in agreement with the
direction of homopolar valencies of the central atom in the limiting covalent
structure.
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15
THE STRUCTURE OF THE BORON HYDRIDES

DIBORANE ByHg

THE BORON HYDRIDES! occupy a special position among chemical com-
pounds owing to the structural problems that they present. In the case
of the simplest boron hydride, diborane ByHg, the problem arises from the
fact that this molecule contains twelve valency electrons which must take
part in the formation of seven bonds, six B—H and one B—B bond. The
molecule BHg, does not exist and is evidently rapidly dimerized on forma-
tion to B,H,. It will be clear that diborane is deficient in electrons and
cannot therefore be represented by a valency structure involving seven
electron pair bonds. To overcome this difficulty, Smewick, LEwIs,
PauLiNGg and others have suggested that the B—B and four of the B—H
bonds are electron pair bonds and that the remaining two bonds between
hydrogen and boron are single electron bonds. As evidence for the possible
formation of such a bond, attention is generally drawn to its existence in
the hydrogen molecule ion, where the bond energy is as high as 61
kcals. However, the single electron bond occurs only in the hydrogen
molecule ion and in no other molecule and the suggestion that it occurs
in diborane is due largely to the fact that no suitable alternative was
considered to exist.

Recently the bridge structure I, originally suggested by DiLTHEY? has
been revived by several authors3-8,

who have put forward different suggestions concerning the exact nature of
the electronic structure. NEekrassov? considered that the stability of the
molecule was due to resonance between the two forms IT and 11 :

H H H H H H
Ny g \B/
VAN NN\

H H H H H H

1 ur

Syrkiv and DyATKINAY, however, have shown by a quantum mechanical
calculation, that in these entirely covalent structures the resonance energy
does not compensate for the repulsion of the electrons not taking part in
bond formation and it is therefore suggested that other possible valency
states of boron, in addition to the tricovalent form, should be considered.
Hence the additional valence bond structures IV to VIII have been formu-
lated amongst which resonance occurs as well as with the structures I
and III. In the structures IV to VIII boron, as well as being trivalent,
is present in the positively charged divalent and negatively charged
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tetravalent states. The forms V[ to VIII are much less probable than IV
and V, owing to the very small BBH bond angle:

H /H H H H H
>B' B+/ \B+ \B-/
H \H \H H/ H/ \H
v |4

H+ H+ H H
> - B/ B/—-—B"/
H \H H/ H/ \H
Jour structures Sour structures
VI vir
H+ H H
/S S
-B——B
Jour structures
12174

Calculation® shows that the energy obtained by such resonance is sufficient
to stabilize the molecule. This conception of the structure of diborane has
been criticized by LoNGUET-HiGeINs and BeLLS and by BeLL and EMELEUS?
who point out that there is some distortion of the valency angles in these
structures since BH, is planar (sp? hybridization), H,B* linear (sp hybrid-
ization) and ~“BH, tetrahedral (sp® hybridization) and furthermore although
there is considerai)le evidence that molecules with alternate valence bond
structures may be stabilized by resonance, it is not generally considered
that two parts of a molecule can be held together only by this method of
bonding.

An alternative structure has been suggested by Prrzer? which may be
referred to as a protonated double bond and is represented schematically
inIX:

IX

The protons are regarded as being embedded in the = orbital of the double
bond. This model accounts for the hindrance of internal rotation which
occurs in this molecule (see later), but the B—B distance is greater, and
the force constant lower, than is to be anticipated for a double bond, even
if allowance is made for some weakening of the bond by the protons.
From this formula acidic properties are to be expected, but they are not
observed. Another alternative structure, X, has been suggested by WarLsu®

H\ /H /H
~N
B B
VYN
H H
X
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in which it is assumed that the bonding orbitals in a normal B—H bond
may be used to fill the vacant orbitals of the other boron atom. This is in
fact only another way of describing the resonance formula II and III.

The method of molecular orbitals has been applied to the problem of
diborane by MuLLIKAN® who considered both the ethane-like structure and
the bridge structure X7 which is really identical with the protonated double

H H H
H/ l& \H
XI

bond structure IX and which resembles ethylene rather than ethane. The
latter structure appears most satisfactory and the molecule may be repre-
sented by molecular orbitals, identical with those of ethylene, which
embrace the two protons in addition to the boron nuclei.

The formation of such molecules as B(CH3)g and BF and not the
corresponding dimers and the absence of the monomer BHj, is due to the
stabilization by trigonal conjugation, the most important empirical evidence
for this being the very short B—X distances. This conjugation results
from the interaction of the excess = electrons of the outer atoms with the
vacant orbital of the central atom. In BHg, there are no such excess
electrons. The structure of BF3 may thus be represented as a resonance
hybrid of the four structures represented by XII and XIII.

F\ /F F\ / F
i il
F ¥

three structures
Xir X1

It is thus apparent that a choice between the various theoretical treat-
ments of the structure of diborane cannot yet be made. We shall now
consider the experimental evidence for the structure of the molecule which
is generally interpreted in terms of either the bridge structure I, the ionic
structure IX, or an ethane type of configuration.

The x-ray investigationl® of crystalline diborane has permitted the
determination of the position of the boron atoms in the crystal lattice, but
not of the hydrogen atoms. Consequently these data do not provide
evidence for the structure of this molecule.

The diffraction of electrons by gaseous diborane has been studied by
BauEer!, who originally interpreted the data in terms of the ethane model
and obtained the following values for the interatomic distances : B—B
= 186 A and B—H = 127 A. More recently'%!3, however, it has been
shown that the data agree equally well with distribution of atoms in the
bridge model, the values for the distances being as follows :

B—B = 1:80 4 0-04A
B—H ooter= 123 4+ 0:03A HBHouter = 125° 4 8°

B—H e = 1-33 £ 0-03A HBH joer = 95° £ 6°
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The structure being represented diagrammatically by XIV :

NN

NS

AN
Xiv

The B—H,,, distance corresponds to that in the molecule BH (1-216 A)
so that it may be considered that this bond in diborane is a normal, single
covalent bond. The B—H,,, distance is greater than the B—H,
distance and the bond is therefore weaker.

Such thermodynamic properties as specific heats are determined by the
dimensions and modes of motion of the molecules. The only experimental
data for diborane is that of STrTT!% who carried out specific heat measure-
ments from 100° to 300° K, and concluded that the hindrance of rotation
was considerably greater than in ethane, the rotational energy barrier
being 4 to 6kcals in ByHg and 3kcals in C,Hg.  This conclusion, if
interpreted on the basis of an ethane structure, is particularly surprising
since the distance between the hydrogen atoms of different methyl groups
in ethane is 2:26 A, whereas in diborane, assuming the ethane model of
Bauer, the value is greater, being 2:70 A, The ethane structure must thus
be rejected. Rotation cannot occur in either the bridge or the ionic
structures. For the bridge molecule, rotation is replaced by a torsional
oscillation and the vibrational frequency has been calculated approximately
by BeLL and LoNGueTr-Hiceins!5 and the vibrational specific heat obtained.
The results are found to agree with the experimental values at all but the
highest temperatures.

The Raman spectrum of liquid diborane has been investigated by
Anprerson and Burc!® and the infra-red spectrum of the gas by Strrr!?
and Price!8. The interpretation of these data has been attempted by
WAGNER!® and by Bell and Longuet-Higginsl8. The Raman spectrum
has two intensive lines at 2,102 cm~1 and 2,523 cm™! which must both be
attributed to symmetrical stretching vibrations, although the ethane model
permits only one such frequency. Furthermore, the infra-red spectrum
contains eight bands all of which appear to be fundamentals compared
with the five predicted for the ethane molecule. Attempts by Stitt and
by Anderson and Burg to explain these facts by resonance splitting
necessitate the introduction of various assumptions. The difficulties of
interpreting the spectra of diborane are considerably lessened if the ethane
model is rejected and the bridge model employed in its stead. The
molecule now more closely resembles ethylene rather than ethane and
the spectra is in many respects similar to that of ethylene. The most
important feature is that there are now two types of B—H bond (see
structure XIV) to which may be assigned the two Raman frequencies.

Further confirmation of the bridge type of structure comes from the
methylation of diborane. It is found possible to replace only four of the
hydrogen atoms with methyl groups and on further methylation instead of
B4(CH,)y, two molecules of B(CHg)y are produced. The molecule
BH(CH,), does not exist as the monomer, but like BH,, dimerizes imme-
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diately on formation. These results have been discussed by ScCHLESINGER
and BUrG?® in terms of the bridge structure.

THE HIGHER BORON HYDRIDES

The concepts discussed above, permit proposals to be made concerning
the structure of other boron hydrides which have not been subjected to
such an extensive experimental investigation as has diborane. The pro-
posed formulae fall into two groups, that favouring the resonance of
structures analogous to those represented schematically for diborane in
IV to VIII (SyrkiN and DyATKINAY) and that employing the concept of the
protonated double bond (Prrzer?).
B,H,,— This molecule is represented by SyrkiN and DyATKINA® as a

resonance hybrid of the following structures :

H H H H H H H H H H

N W Noe g ¥

H/ \H H/ \H \H H/ H/ H/ H/ \H
As pointed out above, it is doubtful whether resonance alone would be able
to link the two outer boron atoms to the central group, although the ready
dissociation of this molecule is explained by the looseness of this bond.
A more fundamental objection is the small value of the B-B+H and B*B-H
angles in the central group of atoms. The protonated double bond
structure is :

The main objection to these formulae would appear to be the full negative
charge existing on each boron atom.
BgH,— The proposed structures are :

H H
H / L\ H H / ]'; H
N7 N/ N,/ \ /
B B B B
H/ H H/ H H \H H \H
7 / N
B————B B~—-——-B\
H/ \H H/ H
H H
L H 1'3\ H
/ H
H/ \H H/ \H H H H H
N,/ N\
B+ B+ B B'\
H/ \H H/ -
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and
H

H VRN H
NN

B B
i H H%H+
B— B-

¥

B;H;;— In this compound the structure may be represented as a
resonance hybrid of the following forms :

} |
H H H H H H H H
N,/ / \ R N N // \ N,/
B-  B* B~ B+ B+ B~ B+  B-
& Du Nu H/ Nt N 7 v N\ H/ v
H H
H H ’ H H H H } H H
N7 B/ \B N g \B/ \B/ e
e H/ Ny H/ Nt i a2 M & w N

or by the protonated double bond structure :

BgH,, — For this molecule the following structures have been proposed :

-BH, +BH,
é N\
H,B—B BH—BH, H,B—BH BH—BH,
+BH, -BH,
BH, BH,
é N\
H,B—-B +BH—BH, H,B—+BH ~BH—BH,
BH, BH,
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/ \+BH H,B—-B/ \—BéH

N o
I 2 Ve N W
BH, H,
Ipt
H H H
/ ;3
" H%H* H\ // \ /H

H+ lm H+ ‘[ H+
H/ H+ \H H/ \\ / \
m ur

BgH,,— The following structures have been proposed for this compound :
a chain structure,

HH H HH
o b e W \BH.
H,n-/ B+/ \a/ \H H,B+ N / \ 4 H
Il
and the cyclic structure,
H
|
H /B- H+ H
\_B/ H+ B__/
He | me |
- H+ B-
H/ \\B _%l +\H
B

40t
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B,oH;4 — According to SYRkIN and DyATKINA4 this molecule may be
represented by the following possible structures :

HB BH HB BH
HB"/ \B*/ \:BH HB< \B-/ \**BH
W hwu wf v s ud um xm
+ \B'/ +BH \HB"/ B+ \'BH/
\HB/ \BH/ \HB/ \BH/
la
+BH, -BH,
H,B—BH B=B/ \BH—BH.
-BH, +BH,

Jour structures

BH, BH,
/ /
H,B—-BH +B=B- +BH—BH,
AN
BH, BH,
JSour structures
Ib
BH BH,
N,/
H,B—B BH—B +BH B~
VAN
H H
BH, BH
BH BH,
/ \ / / " / "
H,B—B BH—B /"BH\ B+\
/ H H
BH, BH

Nekrassov? has suggested a naphthalene-like structure for this molecule
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which has been modified on the basis of the idea of the protonated double

bond to give the formula? : .
H H

A

H+ }ll-H*' H+ ﬂ_ﬂ* H+ Il}-l*

VN N\ s
ko k

An investigation of the structure of decaborane has been recently carried
out by Kasper, Lucur and Harker?! by single crystal x-ray diffraction
methods and the results would appear to indicate that none of the above
formulae are correct, since the location of the boron atoms is as follows :
No suggestion has yet been made, how-
ever, as to the nature of the bonds
linking the atoms in this structure.

It will be clear from a consideration
of the structures given above that it is
no longer necessary to assume a single
electron bond to explain the structure of
the boron hydrides. The main objections
to the two groups of possible structures
given are that in the forms proposed
by Syrkin and Dyatkina the resonance
energy of the molecule is regarded as
sufficient to bond the separate parts of the molecule together and although cal-
culation appears to show that the energy thus obtained is sufficient to produce
astable molecule, the method has been criticized® on the grounds that the as-
sumptions made in the calculation are not valid. The objection to the Pitzer
formulae are that all boron atoms taking part in the protonated double bond
bear a negative charge which would appear to produce instability.

The properties of the hydrides show that B;Hy, BgH,, and ByoH,, are
more stable than B,H,,, BgH,, and BgH,,. This is understandable on
both proposed formulae since the more stable compounds are shown to
possess more resonance structures and more B—B bonds, or a cyclic in
place of a chain structure. The instability of the BgH,, ring structure
may be attributed to the fact that each boron atom is negatively charged.

Diborane forms several compounds in which decomposition to BHy has
occurred during the course of the reaction, e.g.

B,H; -+ 2CO = 2[HB~—C=0"]

ByHy+ 2N(CH,), = 2(H,B-—N*(CH,)]

The product of the reaction of diborane with ammonia is generally written
in the form B,H, (NH,), in which it would appear that the ion (B,H,) -
occurs, but since B;Hg does not show acidic properties, it would be more
correct to give the structure as

[-BH,—+*NH,—-BH,;] *NH,
which is in agreement with the behaviour of this compound in liquid
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ammonia?®® and further evidence for this structurc is shown by the existence
of a B—N—B system in ByNyHg and B,NH, 22

For the structure of B » two structures have been proposed: I which
is similar to dimethylamine and which since both N—B bonds are donor-
acceptor bonds, should perhaps be written more correctly as Ia

H H H H
% ¥
AN - N/
H-—N2+ H—
\ H . H
ANV
B- B\
/
H/ \H H H
I Ia
II which involves resonance between the structures
H H H

H\/ o
S AN
/\/ H/\B

7N\

4

The electron diffraction data do not permit a choice to be made between
the two formulae, but the chemical evidence indicates that the second
formula is probably correct.

The structure of triborane triamine (borazole), BgNgH, appears to be
analogous with benzene?3, The analogy, however, is not complete since
in triborane triamine the greatest contribution to the molecular resonance
will be given by the single bond structure

H

H\/\/
/\/\
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and the double bonded configurations
H H

L N

H\N / \N+ H H\ / \/H
! I

)
7 \N /B_\H H/J‘\/'L\H
| |

H
two structures three structures

will play a lesser role, owing to the fact that the charge distribution so
introduced is contrary to the relative electronegativities of the boron and
nitrogen atoms. As a consequence the B—N distance is only 0:06 A shorter
than in a single bond.

The product of the addition of four molecules of ammonia to B,H,, is
generally written (B Hg)(NH,),, but such a formula, suggesting the
existence of a (B,Hg)4~ ion, is unlikely in view of the instability of B,H,,
and the lack of acid properties of B;Hg. The structure is more probably
represented by

H,B-
+NH—-BH,—*NH,—-BH, | 2(NH/,)+
H,B~

One of the most important reactions of diborane is its interaction with
amalgams of highly active metals, e.g. sodium and potassium, to give
compounds such as K,B,Hg, which are sometimes referred to as salts of
diborane. These compounds are non-volatile, insoluble in liquid ammonia
and common organic solvents and react with water. Consequently their
formulae have been determined from magnetic measurements and not
from molecular weight determinations. The addition of two electrons to
the electronically unsaturated diborane,

B,H, + 2e — (B,H;)?~
leads to the formation of an ion analogous to ethane and therefore expected

to be stable ; in fact the diborane salts are more stable than diborane?2°.
It would appear therefore that the structure of these salts is represented

by the formula
2K+ [HgB—BH,]

In connection with the marked increase of stability of these compounds
it is interesting to notice that whereas B,H, does not exist, the corresponding
salt K,B,Hj is known ; evidently it possesses the structure

[H,B—BH—BH—BH;] 2K+
Schlesinger and Burg?® describe many metallo borohydrides which are
metal-boron-hydrogen compounds containing unusually large amounts of
hydrogen, prepared by the action of diborane on the metal alkyl compounds.
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Lithium borohydride is a salt-like substance to which the formula +Li-BH,
may be ascribed. The structure Li—-BHgH™* is less probable and evidently
for this reason lithium borohydride does not react with trimethylamine.
On the other hand Be(BH,), is unlikely to have the structure
-BH, Be?*+ ~BH, since it is volatile and possesses few salt like properties.
The structure is therefore formulated as
H+ -BH;,—Be—-BH; H+ H*+ -BH;—Bet -BH,

sixteen structures ’ eight structures
Beryllium borohydride reacts with triethylamine to give the compound
Be(BH,),N(CH;);. The structure of this compound is not fully under-
stood, but may be represented by

-BH, +Be—-BH, +NH(CH,),

or

H+ -BH,—Be—-BH,; *+NH(CH,),

Aluminium borohydride AIBgH,, possesses no salt like properties and
its structure may be represented by

H+ H,B- H+ H,B-
/Al-—-"BH, H+ and Al+ -BH,
H+ HB~- H+ H,{'
sixty four structures Jorty eight structures

This compound readily reacts with trimethylamine to give AIB,H,N(CHg)g.

An important feature of all the above structures is the presence of boron
in the negatively charged tetravalent state. Similarity with the boron
hydrides is shown by other members of the third group of the periodic
table. Thus gallium forms a hydride® having the formula Ga,H; and
the structures of Al,Cl,, Al,Brg, Al I, Al,(CH,),Cl,, Aly(CHg),Bry have
a similar configuration?’ to that occurring in B,H,. The structure of
Aly(CHy)g is not completely understood, the electron diffraction data
indicating an ethane structure and the Raman spectra?® an ethylene type
of structure.
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16

THE SOLUTION OF THE THREE ELECTRON
PROBLEM USING SLATER’S METHOD

THE REACTION OF ATOMS WITH MOLECULES

IN THE HYDROGEN molecule, the valencies of both atoms are fully
saturated and it is not possible to form a third bond to give the molecule
H,, since such a molecule is thermodynamically unstable by comparison
with the system H, + H. The molecule of hydrogen may therefore only
enter into reactions of the substitution type,

ab +c¢c=a+ bc

for which the reaction between a hydrogen molecule and deuterium may
serve as an example :
H—H +D=H + H-D

When the atom ¢ is a considerable distance from the molecule ab, the
distribution of the electrons may be considered to be,

a*{%b gc
1

The electrons 1 and 2 are transferred (exchanged) between the atoms a
and b thereby forming the covalent bond in the molecule ab ; electron g
at this distance takes little part in the exchange phenomenon. As atom ¢
approaches ab, owing to the non-localization of the electrons the possibility
of an electron transfer between the molecule ab and the atom ¢ increases.
Let us consider first the possibilities of transfer when the bond between
a and b is maintained ; this can only occur when electrons 1 and g are
exchanged since the transfer of electrons 2 and g is prohibited by Pauli’s
principle. The bond in the molecule ab is now formed by electrons 2 and 3,
electron 1 having been transferred to the atom ¢. Such a transfer of elec-
trons with parallel spins leads to an increase in the potential energy of the
system (see Chapter 3) and the approaching atom is therefore repelled.
Thus, in order that an atom may approach a molecule, its translational
energy must be such as to overcome this energy of repulsion.

However, owing to the delocalization of the electron, the electron 2 may
transfer from its original position to a position between the nuclei b and ¢,
i.e. it transfers from an @b molecular orbital to a b¢ molecular orbital and
the system now consists of an atom a and a molecule b, i.e.

at b V de
1 23
i

Since the distance between the atoms b and ¢ is greater than that between
a and b, the new bond is considerably weaker than the original. Never-
theless the state II is superimposed on the state I if the atom ¢ approaches
sufficiently near to ab. Owing to the fact that electron 2 is now not always
taking part in the formation of the bond between a and &, but also par-
ticipates in the bond between & and ¢, the bond a—b is weakened. Thus
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an approach of the atom ¢ to the molecule ab produces a stretching of the
bond a—b.

The repulsion of ¢ from ab (owing to the transfer of electrons 1 and 3)
increases as ¢ approaches ab. Simultaneously the state a—bc becomes more
probable and resonance between the states a—b¢ and ab—¢ somewhat
decreases the energy of repulsion. Thus, although it is necessary to expend
energy as translational energy in order to bring atom ¢ up to the molecule
ab, there may ultimately be attained a state! in which & is equally joined
to both a and ¢. This active complex or transitional state may be
represented as

@ovosorbeeenene

It does not represent a stable state and corresponds to the atomic con-
figuration at the highest point of the ____

potential energy curve. The energy ex- |  / N\ |
pended in bringing the system from the
state I to this configuration represents the £

’

energy of activation for the substitution
reaction.

The energy changes during the reaction
arerepresented in Figure 75.  As explained
above the energy at first increases, passes -~ - > mm— oo mo oo
through 2 maximum and then falls to the F ‘g}" 75 dfn”;’g-" "f"“‘"‘:g""f"
energy of the final state. Egq, represents oruar Teverse reactions
the magnitude of the activation energy of the forward reaction

ab 4+ c—>a -+ be
and Eg, represents the activation energy of the reverse reaction
a+bc—ab+c

The difference E4, — Eqq = 4H, is the change in the heat content for the
reaction.

SLATER’S METHOD

We shall now consider the system of three atoms quantitatively using the
method described by SLaTER?. We shall refer to the three atoms by the
letters a, b and ¢. At great interatomic distances the electron of each atom
is found only in the field of its own nucleus. We shall call the electron of
atom a, 1 ; of atom b, 2 ; and of atom ¢, 3. The state of the first electron
is described by the wave function ¢.(1), of the second by yu(2) and of
the third by ¢,(3). If we now assume that the movement of the electrons
in the atomic orbitals is not affected by the presence of the other atoms

(see Chapter 3), we have
By = (L) (3) e (16.1)
In order to simplify the symbols, we shall represent i, by a, s by b
and ¢, by ¢ and we shall always place the function describing the first
electron first, followed by the function for the second and third electrons.
Thus the expression ¢, = abc indicates that the electron 1 is located at g,
electron 2 at b, and electron 3 at ¢, i.e.

'/’1 = abc = 'I’a(l) '1,10(2)'!’6(3)
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Similarly the function ¢, = bca indicates that the electron 1 is at 8,
electron 2 at ¢ and electron 3 at g, i.e.

2 = bea = (1) $(2)¢4(3)

For the complete description of an electronic state it is also necessary
to indicate the direction of spin. Each electron may have a positive or
negative projection of

Table CLXXI. Spin States for a Three Electron System the spin angular

momentum, s, and

First electron | Second electron Third electron therefore in a system of

spin spin spin three electrons, 2% =8

s | function | s | funtion | s | function | B different . combinations

are possible.  These

L4+ a() 4+ «(2 | +3| «(3) | +4§ eight states are given

2l el T ed 2 A8 | 11 in Table CLXXI where

2| —3] B0) | +3| «a(2 | +3| «(3) | +4 the values of s for each

electron are given, to-

5 | +3 | a(n) 1 —3%| B(2) | —% | A(3) | —% gether with the value

? :i 523 fg ;("y 1% A (g; — 1% of s, being the total

FIZH A0 2] a8 1| 58 | Zf value for all the
electrons.

There thus exist eight
states of a system of three electrons for a given arrangement of the nuclei
in space. The first state corresponds to the function :

a(1)a(2)a(3)
and the total wave function of the system is
$1= ta(1)a(1)$hs(2) a(2)$(3) a(3) ceei(16.2)
or using the simplified nomenclature
¢, = aabaca ....(16.3)

The first term aa, i.e. Y,(1)a(1), represents the complete wave function
of the first electron which is a product of its space function #,(1) and its
spin function a(1). Similarly ba and ca are the complete wave functions of
the second and third electrons. Thus the eight states are characterized

by the following functions :

As the atoms approach each other, the
¢, = adbaca ¢, = aabfcf  electrons may exchange places and the
¢e = aabacf ¢o = afbacf number of possible variations of the three
?s = aabfca ¢, = afbfca  electrons between the three nuclei is 3 !
¢ = aPbaca ¢o = aPbPcf = 6. These are given in Table CLXXII.

....(16.3) The total number of wave functions de-

scribing the possible states of the system

consequently is equal to 6 X 8 = 48. In order to satisfy Pauli’s principle it

is necessary to obtain the antisymmetric linear combinations of these
functions (see Chapter 3). Let us consider, for example, the function :

¢3 = aabBca

and obtain the appropriate antisymmetric combination. For this purpose
we need not consider the linear combination of all the forty-eight functions,
but only of the six which are obtained from ¢4 on rearrangement of the
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electrons. We shall denote Table CLXXII. Arrangement of Three Electrons
the rearrangement by P,, Between Three Nuclei
where the subscript indicates . .
the electrons that have been Functi First electron | Second electron | Third electron
exchanged. Thus Pggindi- = o o o
cates that in the function
¢3, a rearrangement of the  ¥i = abe a b ¢
electrons has occwrred. In ¥: = ‘b"” s ¢ b
the first case we have the ¥*~ °% 4 ¢
rearrangement which is g, = cba ¢ b a
identical with the original = ¥s = bea b ¢ a
so that no change is notice- Yo = ¢ a b
able ; this we shall denote
by Py so that
Pypy = ¢3 = aabfca ....(61.4)

The exchange of electrons 1 and 2 gives,

P,y = PiyaabBeca = bPaaca cv..(16.5)
The exchange of electrons 1 and 3 gives,

Pyghg = Pigaabfca = cabBaa ....(16.6)
The exchange of electrons 2 and 3 gives,

P,yybs = Pygaabfea = aacabf ... (16.7)
The exchange of electron 1 with 2 and 2 with 3 gives,

Pyy3dy = Pyygaabfea = bfcaaa ....(16.8)

and finally the rearrangement of electron 1 with g and g with 2 gives,
Plasps = Pygsaabfeo = caaabB ....(16.9)
The six rearrangements of the three electrons may be divided into two
classes according to the number of pairs of electrons that have been ex-
changed. Thus on the exchange of one pair of electrons, the rearrangements
are P,,, P;3 and Py, and are termed odd. The remaining rearrange-
ments Py, Py5 and Py, are even, since the number of pairs of electrons
exchanged is zero or two. In order that the linear combination of the
functions be antisymmetric, it is necessary to take the functions corre-
sponding to even rearrangements with a positive sign and those with an
odd rearrangement with a negative sign. The following wave function is
then obtained :
@y = aabfca + bfcaaa + caaabB — bBaaca — cabfaa — aacabf

....(16.10)

This expression may be written as
¢3=§(—1)PPaabﬁca ... (16.11)

where Paabfca gives the particular rearrangement of electrons between
aa, bB and ca and the term (— 1)* gives the sign of the function during
a given rearrangement. If the rearrangement is even, then P is even, and
(— 1) = + 1, and when Pis odd, (— 1)’ = — 1.
The function 16.10 is antisymmetric, as shown by exchanging electrons
1 and 2 when we obtain,
&, = bPaaca + cabPaa + aacabB — aabBca — bfcaca — aaaa?ﬁs )
oo (16.12
which is identical with 16.10 apart from the reversal of the sign throughout.
Rearrangement of electrons 1 and 3 or 2 and 3 leads to the same result.
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We have so far considered only the formation of the antisymmetric function
@3 from the function ¢4, but there will be in all eight such functions,
corresponding to the eight possible spin combinations (7Table CLXXI).
These are : :

one with Ts = 4 g/2

P, = E(— 1)?Paabaca
P
three with Zs = + 1/2 R
D, = %(— 1)*PaabacB
P, = ?(— 1)®Paabfea
@, = Z(— 1)FPaBbaca
1 P
three with Zs = — 1/2 ....(16.13)
P, = )Z.](— 1)?PaabBcp
D = ?(—— 1)*PaBbacB
D, = X(— 1)*PapbBca
P
and one with Zs = — g/2

Dy = E‘.(—~ 1)*PaBbBcp

In order to obtain the possible energy levels of the system of three atoms,
it is necessary to take the linear combination of the eight functions in
equation 16.13 with arbitrary coefficients and determine the values of the
coefficients when the energy has a maximum value. The procedure is
analogous to that given previously for two atoms of hydrogen, but in place
of two similar equations for ¢; and ¢y, we obtain an expression with eight
unknown coefficients. The secular equation will consist of eight rows and
columns. The roots of this equation, eight in number, will give the possible
values of the energy of the system. The equation is of the following form,

*n—E ¥ 12— ES1, H1g—ESyg e H13—ES1s
%Jz_ESn %22——1? 9?za'“Est """ %,28“E528
%13_ES13 %23—E323 %33_E """ %38_ES38 =0
‘%18 ESm xzs-Eszs xss*Esas """ xss“E

.«..(16.14)
where E is the energy of the system, ¥ is the Hamiltonian operator and
X = [0,%0,dr  Hiyy = [0,%04r  Sy= [0,0dr ac

Let us now consider the evaluation of the integrals entering into this
equation. The functions of equation 16.13 must be normalized i.e. it is
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necessary to determine the coefficient of @; such that Idi, 8dr = 1. However,
we shall carry out the evaluation of the integrals f ®2dr first without the

normalization coefficients ; let us consider the particular case of fdi,’dr.
The funetion P, is given by :
Dy = E(— 1)FPaabacB
= aabacB + bacPaa + cfaaba — bagach — cPbaca — aa.cﬁba( -
«o. (16015

The square of this expression will contain twenty-one terms, six being
squares of the individual terms in equation 16.15, i.c. of the form (aabacB)*®
and fifteen being products of the form 2(aabacB)(bacBaa). It is therefore
necessary to evaluate the six integrals of the general form,

f (aabacB) (aabacB)dr ....(16.16)
and the fifteen integrals of the general form,
2 f (aabacB) (bacPaa)ds ....(16.17)

The independence of the spatial and spin functions from each other
permits us to carry out two scparate integrations, one involving space
coordinates and the other the coordinates of spin. Thus

f (aabacB) (aabacB)dr ve..(16.18)
becomes
[(abe) (abe)desdy dedrgdyadzndrsdysdzs [(aaB) (aaf)dwduwgdu,
.v..(16.19)

In this expression the coordinates of space and spin are independent of
the electron and the integration may therefore be derived separately for
each electron. Thus equation 16.19 becomes :

J’ a2(1)dr, f b2(2)dr, J’ £%(3)dry f a2(1)dw, J’ a%(2)dw, J’ B2(3)dw,
....(16.20)

where dr, is the element of volume in space equal to dx,dy,dz, of the first
electron and dw, is the spin coordinate for the first electron ; dry and dw,
are the respective elements for the second electron and dry and dwy those
for the third electron.

Since only two values of the spin quantum number are possible, the
integration may be replaced by a summation of the two possible values,
viz + 4 and — 4, hence we have :

[etdo = a®(+ 1) +ax— D
[Brdw = B+ ) + BA— D) ... (16.21)
[ aBdw = a(+ DA+ D) + a(— HA(— D)
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But according to the definition of the function a and B (see equation 3.101)
we have :

X+ =1
Hence it follows that,
fazdw =1 jﬂzdw =1 fapdw =0

and the spin functions are normalized and orthogonal.
16.23 it follows that,

a(—3) =0 B (+H=0 B(-PH=1

....(16.22)

....(16.23)

From equation

[a2(0)dw, [a2(2)dw, [B23)dws =1 ....(16.24)
so that
f(aabacﬁ)zd-r - a%(1)dr, fb2(2)d-rz fc2(3)d-ra ....(16.25)
The space functions are also normalized to unity so that,
fazdf =1 fb% =1 jc% =1 ....(16.26)

and consequently each member of the term f(aabacﬂ) 2dr will be equal to
unity ; there are six such terms. '
Let us now consider the integrals of the type :

f (aabacB) (bascBaa)dr

which may be rewritten as follows :

f a(1)b(1)dr, J' b(2)¢(2)dr, fc(a)a(s)dfa J' a*(1)dw, f a(2) B(2)dw, J' a(3) (3)dwg

....(16.27)
It is evident that this expression must equal zero on account of the term
Jaﬂdw, (see expression 16.23 above). Therefore, in all expressions that

contain the integral of two wave functions involving a different arrange-
ment of spin functions in the spin terms, e.g. aaB and apfa, the resulting

occurrence of the f afdw term will make the term equal zero. Thus of the

fifteen products in fd)zzdf, the following integrals equal zero :

[ (aabacB)(bacBaa)ir [ (bacBaa)(cBbaaa)dr |
f (aabacB)(cBbaaa)dr f (cBaaba)(baaacB)dr
f (aabacB)(cBaaba)dr f (cBaaba)(aacBba)dr

e ....(16.28)
[ (acbacp)(aacpba)dr [ (baaac)(cBbaaa)dr
[(bacaa)(chaaba)dr [ (baaacp)(aacpba)dr
[ (bacpaa)(bacacp)dr [ (cBbaaa)(ancBba)dr
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There remain three products with identical arrangements of spin functions :
2 (aabacP)(baac)dr '
2 (bacBaa)(aacBba)dr ....(16.29)
2 J' (cBaaba)(cBbaga)dr

The first of these integrals, f(aabowﬁ) (baaacB)dr is equal to :

J‘a(l)b(l)d-rl f b(2)a(2)dr, fc’(3)d-r, J' a*(1)dw, j' a2(2)dw, J’ B%(3)dw,
....(16.30)

Owing to the normalization of the spin functions and the function fc’(3) drg,
equation 16.30 simplifies to :

j' a(1)b(1)dr, f b(2)a(2)drs ....(16.31)
In Chapter 3 we have denoted the integral J.n/v.z/c,dr by S, so that
f a(1)b(1)dr, f b(2)a(2)dr, = S ....(16.32)

In just the same way the integrals f Yoy dr and f Uy dr are also equal

to S. When the integrals are not orthogonal, they have a value which is
always less than unity and in Slater’s method it is assumed that the values
are sufficiently small to enable the square of the functions to be neglected.
This assumption is only justifiable at large distances between the nuclei
and the disregard of the non-orthogonality of these functions at distances
of the order of 1078 cm is a considerable approximation. On neglecting
the square of the non-orthogonal integral S, the Heitler-London equation
for the energy of the hydrogen molecule (equations 3.91 and 3.92) becomes
C + A instead of (C + 4)/(1 + §2%). For the case of the hydrogen molecule
in which the hydrogen atoms are at the equilibrium distance, § = o0-75
and §% = 0'56, thus the neglecting of S$? introduces an error of approxi-
mately 30 per cent, but the attempt at calculation taking the npn-ortho-
gonality into account involves considerable mathematical difficulties.
If §2 is approximately equal to zero, then the integral

[(aabacp) (baaac)dr

and the remaining integrals of equation 16.29 are zero and hence in the
integral fdi,’d‘r there remains only the six terms of the type f (aabacB)tdr
each of which is equal to unity. Thus

f¢22dr=3!=6 ....(16.33)

In the general case, with n electrons, the total number of such integrals
will be n !

Let us now introduce into the function ®, the factor 1/4/n! = 1/4/31,
so that

J'as,zdr =1 ....(16.34)
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and the function @, is normalized. The same normalizing factor 1/4/6
will apply to all the remaining functions in equation 16.13. To show that
this is so, let us evaluate the integral :

[@24r = [ £(— 1)"Pacbaca. T(— 1)"P'acbacadr

F » ....(16.35)
This function will also consist of twenty one terms, six of which will be of
the form | (aabaca)?dr and equal to unity, the remaining fifteen terms are
of the form :

f (aabaca) (baaaca)dr = [ a(1)b(1)dry f b(2)a(2)dr [¢2(3)dry x
x [a2(1)dw; [aX(2)dw, [a*(8)dw, .. .(16.36)

which correspond to the rearrangement of the first and second electrons.
In this case the spin functions are the same, being (aaa) (aca), but the
terms become zero since each will contain 2.

Thus on normalization and assuming §2 = o, the eight functions of
equation 16.13 may be written :

-

o, = Z/”lé:T§ (— VfPagbaca @y = 71“7 3 (— 1)Pacbpep
®, = \7%“7 S (= 1)Pacbach By = 713:! S (— 1)"Pafbach
. . ?.
®, = ‘“13‘? 3 (= 1)'Paabfca @, = \./L.':§ (— 1)"Papbpca
- 1 — 1)*P, = L =
o, = T ?( )*PaBbaca O = TF %.( 1)?PaBbBcB ]
....(16.37)

Let us now obtain the non-orthogonal integral of two such functions,
or example Sy This is

S =gr T (— 1)"Paabacp 3 (— 1)7'P'aabfeadr
... (16.38)

and will consist of thirty six terms. It was shown above, however, that
only those terms in which the same rearrangement is produced in both the
first and second parts are not equal to zero (otherwise the term will contain
8% and therefore be zero). But if, for example, in both parts of the term an
identical rearrangement is made viz

f (aabacP)(aabBea)dr = Ia’(l)dr, f b2(2)dr, fc’(3)d-ra X

x [a¥(1)dwy [a(2)B(@)dw, [a(3)B(8)dwy  ....(16.30)
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the integral becomes equal to zero on account of the f a(2) 8(2)dw, term.

In any other rearrangement the spin function of the first and second multi-
pliers is different and consequently

Ss =10 «v..(16.40)
In exactly the same manner all the remaining non-orthogonal integrals

equal zero and it is therefore possible to rewrite the secular equation 16.14
in the form :

Hu—E Xy Hyy Ky Ky Ky Ky Ky
xlﬂ %SS—E %28 ‘%’24 xzs %’26 %27 %28
Ky  Has  Hg—E Hy Ky Ky Ky
Hia  Ha Ky  Hy—E Xy K Ky Ky
His  Hys  Hyy  Hey  Hy—E Xy Xy Ky | =0
Hie  Hag  Hyy  Hee Ky  Heg—E Ky K

Ky Ky Ky Ky Ky Ky  H—E Ko

Hig  Hog Ky K Ky Ky  Hpy  Heg—E

eeeo(16.41)

Equation 16.41 may be considerably simplified by dividing it into several
equations of lower order corresponding to different values of Ls. This is due
to the fact that the functions @ for different values of Zs are combined with
each other. If i and k refer to functions having different values of Zs,
eg. i=1 (s = 4 3/2), and k=2 (Xs = 4 }), then it is possible to
show that all the #, integrals are equal to zero. Let us take #,,
as an example,

#rg = [ G,#0dr
- ?)—IT [2 (= 1)*Pagbaca % 2 (— 1) Pacbachdr  ....(16.42)
. P P

The operator & is not dependent on spin and hence the integration of
the spin terms may be considered separately. The terms of equation 16.42
on expansion give,

fa(l)b(2)c(3) a(1)a(2)a(3) Xa(1)5(2)c(3)a(1)a(2) B(3)dr
vees(16.43)
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and this expression may be rewritten in the form

f a(1)b(2)e(3) Ha(1)b(2)c(3)drydrodry J’ a?(1)dw, f a¥(2)dw, f a(3) B(3)dws
....(16.44)
Clearly it becomes zero as a result of the orthogonality of the spin functions.

In the group of terms before the operator in equation 16-43 we have
the spin terms aaa and in the group after the operator aaf so that in any

rearrangement of electrons the term | adw must be introduced and

Hig=10 «...(16.45)

The integrals &, are not equal to zero in those cases when integrals
of the form

f abc K abedz f a2(1)a2(2)a2(3)dw dwydwy . ...(16.46)
or

f abcHabedr f a2(1)a2(2) B2(3)dw dwydwg . ...(16.47)

in which only the square of the spin functions and not their product enter
into the resulting expression. In order for this to be so it is essential that
the total value of the spin quantum number s, is the same in both functions
@, and ¥, Evidently the state @, (Xs = -+ 3/2, three o spin functions)
does not combine with any one of the remaining states of the system. This
will also be the case for @, when Ts = — g/2 and all spin functions equal g.
The three states @,, ¢, and @, correspond to Xs = + % (two « functions
and one B). Among the thirty six terms of each product ®,9;, ¢,P, and
®,P,, there is the same arrangement of electrons and hence these three
states may combine amongst themselves, but not with others. In the same
way @;, D, and P,, corresponding to s = — % (two B functions and one a),
may combine only with each other.

Thus the integrals :
‘7612’ %’13’ %14’ %‘15’ %16) ‘%’lh %187

%25, %26’ H gy X 385
%35, %367 %37, %88’
* 450 & 46 ‘%47’ %43’
H sgs I o> and H -4

equal zero and the integrals :
%11’ %22’ %33’ %44’ %55’ xem ‘%’77, %ss,
H g3 X 20 245 H 56, X 51, anl ‘7"067

are not equal to zero. Substituting these data in equation 16.41 we have :
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#11,—EO0 0 0 0 0 0 0
0 Hgq—E H g3 H g4 0 0 0 0
0 H g Has—E H gy 0 0 0 0
0 N H 34 Hy—E O 0 0 0 =0
0 0 0 (] Hss—E K 5¢ ¥ 5q 0
0 0 0 0 X 56 Hge—E H g, 0
0 0 0 0 H 5q H gq Hq—E O
0 0 0 0 0 0 0 T Hes—E
..(16.48)
which may be rewritten in the form of a product
Hyy—E oy H 54 Hss—E X ¢ X 54
(H11—E) (Hgg—E)|H o5 H 53— E H 34 H 5o Hogg—E Hg; |=0
H o4 H 34 H yy—E| H 5, H g7 H 17— E|

....(16.49)

The equation of the eighth degree is thus reduced to two of the first degree
and two cubic equations. It follows that one solution is

Hy—E=0
and "

#=E
This solution corresponds to a state of the system of three electrons in
which all electrons have parallel spins; all three atoms are therefore
repelled from each other and this is the most unfavourable energy state
of the system.

Let us now calculate the values of the integrals ., #,y, 4

etc. 'We shall consider first the integral #,.

%y, = [ 0,00, = §1, | % (—1)*Pacbaca ¥ E(—1)"P'aabacads

....(16.50)
All the thirty six terms will contain

jaz(l)a2(2) a?(3)dw dwydwg = [fazdw :I3 ....(16.51)

which, being normalized, is equal to unity. It is therefore only necessary
to consider the function of coordinate space of @ and hence

=g [T (= 1) Pabedt (= 1)7Pabedr

... (16.52)
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Z(— 1)"Pabe refers to the six terms :

abe — cha

bea — ach
cab — bac

so that ,, is the sum of the thirty six integrals :
Hy= % [ fabc%’abcdf + f beadbeadr + f cabHcabdr

+ [cbastobadr + facb%’acbd—:— + J' bac K bacdr |
+ % [~ f abeHbacdr — J' beadtachdr — [cabIobadr
— (cbastcabdr — J' ach Hbcadr — f bac Habodr |
—l—é [—fabc%acbd-r —_ f beaX cbadr — |cabIbacdr
— | cbad beadr — f ach K abedr — f bac%’cabd-r]
+é [-— J. abcHcbadr — f beadbacdr — |cabFachdr
— [cbadabodr — facb??cabd-r - J' bac3tboadr |
+(—§ [ + |abeHbcadr + fbca%cabdr + |cabHabedr
+ [cbastbacdr + f ach Hcbadr + f bacHachdr |
+% [ +Iabc%cabdr + J' beadabedr + |cabdbcadr

+ [cbastachdr + J’ acbbacdr + fbdc%cbad-r]
....(16.53)

In this expression we have separated the terms into six groups, each
containing six integrals. In all the members of the first group, the function
to the right of the operator is the same as that to the left. In the second
group, the function to the right of the operator is reproduced on the left
with the rearrangement P,, i.e. the electrons of atoms a and b have been
exchanged. In a similar manner the third group corresponds to the re-
arrangement Pj, the fourth to the rearrangement P,, the fifth to P,
and the sixth to P,; Since with the terms of the first group there is no
exchange of electrons, these must refer to a Coulomb type integral, the
remaining integrals are all exchange or resonance integrals.

We shall now prove that all the members of one group are equal among
themselves. The Hamiltonian operator will contain terms for all the
interaction of the electrons with the nuclei, for the electrons amongst
themselves and of the nuclei amongst themselves. Thus
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oY _ ¥ _w 1 1 1 1 1 1
2 2 ¢ Tay Tay Tag 15, Tsy s

1 1 1 1 1 1 1 1 1

.,_‘: - r‘l B LE '_1; + 7';; + —7_; Rab Rca + Ro.;
(16.54)

(7ay 75, etc Tefer to the distance between electrons and nuclei, 7y, ¢fc to the

distance between electrons and R,, efc to the distance between nuclei).
From equation 16.54 we obtain :

H] 2 2 ]
[abe stabeds = [pupsn(~ T — % = T - ’l _r_r_ 1 1
2 2 o Ta, Ty Ty, Ty
 _ v 1_ 1 .1 1 1
e e o T Tt
+ P40 ) d
Rab R.. Rb‘ Yooy, a7 e (16.55)
The functions y,, v_and y, satisfy equations of the type
2
(-l;" - r—') Va(l)'— o ¥a (l) -...(3.4)
%

where £, is the energy of an atom of hydrogen. From equations 16.55
and 3.4 it follows that

[abe dabedr = [ pu(VEsV)dry [ 92(2)dry [ $23)dr,
+ [p2Wdry [ W@ES@)dry [423)dry

+ [p2(M)dr, f¢»2(2)dr2 [4:(3)Eap(3)
+Jt/1.,¢ut// R SR _l__l_l_-l_-{-

Toq Toy T, Moy Tn

L1 1 1
L i o i) “R;]l/ld/fbl,[l,d1=3E,+C

’12 i3 Ta
- - (16.56)
Using the normalized functions ., ¥, and ¢, we shall now d1v1de the
last integral (C) of equation 16.56 into its components :

fabc%abcdr = 3E, -fwdfl — J' -¢—';2-(-l)drl—f ¢'”2(2 dry— J‘ '/”’2’(2) drg —

L e

Tay Ry Rbc
J"J’ag(l)d’bg(2) dr drz + I 'l’a2(1)5[’6 (3) d‘l’ld‘l‘a +
13
N ACTUP e (16.57)
T23

The integral f% dr gives the Coulombic energy of the interaction of the
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electron, described by the function i, with the nucleus b, similarly the
2
integral J'iﬁ_”-d-r gives the interaction energy of the electron described by

2
the function i, with the nucleus a. The term f '/’—“—(Mdr 107, represents

the mutual interaction energy of the electrons descrlbed by the functions
Y. and . Adding to these three terms the energy of repulsion of the

i 112 , we obtain the total Coulombic interaction energy of atoms
abd

a and b. This quantity we shall call G, :
Cooe — f'/’ dr — f'/’b dr +f'/‘° L +-— . (16.58)
In just the same way we may also obtam,
(3 (2 1
“=_J“/l dr — f‘ll dr _|..j¢ 2y drydry +—E~‘ oo .(16.59)
and
— [P e? '/’bz'/‘cz 1
- _ f " — f_;;d, + f7;;—dr2d7-3 + % ....(16.60)
Thus C = Cyp + Co + € ....(16.61)
and we may write equation (16.56) in the form :
J' abcHabodr = 3E, + Cay + Cac + Che ....(16.62)

or more briefly

f abcHabedr = 3E, + C ....(16.63)

If we consider any other Coulomb integral of equation 16.53, then it
may be shown that it equals fabc% abcdr. For example

v1 vet_wet 111

fbca% beadr = f x/mﬁ,{ﬁa _ S~ Th T T
-1 r 1 1 11
s, Toy Ty ey LN 'al

1 1 1 1 1
el el ) Ypbobadr

Tia Tz  Tog

= 3E,— | f”—rf-(!ldfl ~f %ﬁfﬁﬂdn ~f i/’fﬁ)dfz - ‘—’;‘2—@,172 -

2 2
4),, f¢a(3)d3+R T

Tpy

f‘/’ba(l ;/;,3(2)(1 1 +f (1) l/Iaz_(_s)dTlde
13

be

f‘/’czfz‘/’a2(3)d dry ....(16.64)
422



SOLUTION OF THE THREE ELECTRON PROBLEM USING SLATER’S METHOD

i.e. it also equals 3E, + Cy + C,, + Cp,. This is due to the fact that
the operator ¥ is symmetrical with respect to all three electrons and on
any rearrangement of the electrons, the form of the operator is not changed.
In the same way the remaining members of the first group of terms in

equation 16.53 are equal to | abcHabcdr. There are in all six such

members, but owing to the presence of the factor 1/6 in front of the bracket,
the first group of terms in equation 16.53 is equal to 3E, 4 C.

The exchange integral f abc K bacdr is given by

2
fabc%’bacd-r = f;/;,,z/;,,lﬁ, 1 —VQL_ Vé -

_ 21_2_ v v 1 11 _ 1
2’ 2 2 7’ Tay Yas 7V Toy
o _r 1 11 1 1 o
To T T * Ra ’ Ric ’ 13 7 1y’

approximation will be zero. Thus there remains only the expression

[obs (= g, ) debdridry . (16.66)

712

which represents the exchange integral of the electrons of the two atoms
a and b. We shall represent this term by Ag. Thus

[abedtbacdr = Au ....(16.67)

In the same way all the remaining integrals of this group corresponding to
the rearrangement P,;, reduce to the expression 16.66. The sum of the
integrals of the second group is thus 64,. Similarly, the integral,
fabc%acbd-r represents the exchange integral of the electrons of atoms

b and ¢ ; this we shall term 4,,, and all the remaining integrals of the third
group of integrals in the expression 16.53 corresponding to the P, re-
arrangement, will equal this quantity. In the same way each of the
integrals in the fourth group will be equal to 4,.. In the fifth and sixth
groups we have integrals of the type f abcH beadr and J-abc%’cabd-r
corresponding to the simultaneous rearrangement of all three electrons.
However, since the term $2? will appear in each case, they may be neglected.

To show that this is correct let us take the integral J.abc%’baadr.
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2 2 2z 1 1 1
J‘ abc Hbeadr= f ¢,,./,,,¢,(_22L—_¥21 — Y X

1 1
gty ) bl

712

=[O BV | (D@ [ (B u(B)drg + voee

+ [ DA D, [ p@rp@rary [ hu@u(@)dry + e
! ....(16.68)

Thus all members of the fifth and sixth groups in equation 16.53 are zero
and this equation reduces to
Ky =3E,+ C — Ay — Ap. — 4o, ....(16.69)
Calculation of the value of the integral #;, shows, in agreement with
the statement made earlier, that three atoms with the electron state
Y5 = -+ 3/2, i.e. with parallel spins, are repelled. The energy of interaction
in this case is given by
%11 - 3En= ab + Cbz + Cat - Aab - Abc - Aac
) ....(16.570)
The exchange integrals with a negative sign indicate repulsion and although
the Coulomb integrals are positive, the Coulomb energy is not great, only
comprising about 10 per cent of the exchange energy.
Let us pass now to a calculation of the integrals of the cubic equation :

Hogo—E Hos Hoq
23 Hss—E K . =0 eo. . (16.71)
Hoa H a4 H#yy—E

We shall consider first the integral #, :
By — [0, % O = [ Z(— 1) Paabacp % 5(— 1) P'acbacpdr
. yid P!
.oo.(16.72)

In this case we cannot discard the spin functions immediately since the
arrangement of the electrons according to the spin functions does not
remain unchanged, and during the electronic rearrangements there arises
the following combinations of spin :

Py aaf
Pab aaﬁ

ac Baa
Py, afa
Py afa
P Baa

The expression corresponding to Pz possesses the function aabacf on the
left of the operator and the spin terms have the form aaf. This indicates
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that the first and second electrons have positive spin projections and the
third electron a negative spin projection. Only those terms in which the
function on the right of the operator is identical with that on the left will
not be equal to zero. This occurs only in the case of the rearrangements
Pg and P,,. These are given by :

f aabacfHaabacPdr = f abc X abedr f a*(1)dw, f a2(2)dw, J' B2(3)deg

= [abedtabedr = 3E, + C .. .(16.73)
[ aabacp®baaacpdr = [ abet bacdr [ax(1)day [ax(@)dw, [B2(@)dws
= [abestbacdr = A, ... (16.74)

All the remaining members of the expression will contain the expression

Iaﬁdw and will be equal to zero. Thus, for example, on making the
rearrangement P, in the function to the right of the operator in equation
16.72 we obtain,

[ aabacptcpbaaadr

= [abestcbads [a(1)B(1)dw, [a2(@)dws[ B@3)a(3)dws = 0
... (16.75)
In the first summation term of equation 16.72, let us make the rearrange-
ment P,, ; the function before the operator will now be bagzacf. Again,
on rearrangement of the term after the operator we obtain only two
expressions which are not equal to zero, one corresponding to the re-
arrangement P,, and the other to Pz. These are :

[paaacptsaaacpdr = [backbacdr = 3E, +C ....(16.76)
- f baaacBSaabacPdr = J' bacHabedr = A ... (16.77)

These two expressions again refer to the Coulomb integral 3£, + C and
the exchange integral 4.,. On making the rearrangement P, in the first
term of equation 16.72 and in the second term also, we obtain

[¢Bbaaadtepbaaadr = 3, + C ... (16.78)
and the rearrangement P,; : A
[eBbaaadtepaabadr = Au ov..(16.79)

It may also be shown by the use of the above methods that the remaining
rearrangements of the first term lead to the same integrals 3E, 4+ C and
A.b, ie.

Faa =5 [ 6 [abeabodr — 6 [abodtbacir ] = 3E, +C — Au
....(16.80)

Thus the integral #,, consists of the Coulomb integral J'abc%abcd-r and

one exchange integral Iaba%’ bacds.
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The remaining integrals entering into the cubic equation may similarly
be shown to be :

H gy = fabc%’abcd-r — fabc%’cbad-r = 3E, + C — 4,
¥y = [abedtabedr — [abedtacbdr = 3E, + C — A,

Hyy = — |abcHacbdr = — A, ....(16.81)
Ky = — |abcHbacdr = — A
Hoy = — labcKchadr = — A,,

Introducing into equation 16.71 the values of the integrals given by
16.80 and 16.81 we obtain

3E.+C—A“—E —Ab, "‘Aab
— A, 3E,+C—A4,,— E — A =0
— 4a — Age 3E, +C— 4y, — E

....(16.82)

For the solution of this equation, we shall proceed as follows. Instead
of the functions ®@,, $; and P, let us introduce their linear combinations :

on = v—.} (@5 — D)) ]
Pw = \72‘ (@, — Dy) } ....(16.83)

¢w=\/—31(¢2+¢3+¢,) J

The mathemetical basis of introducing these new functions lies in the fact
that the cubic equation formed with these functions in a similar manner
to equation 16.71 i.e.

#yuu—ESuu Hum—ESum #11v—ESi v
#u m—ESy m Fmm—ESmm Xmiv—ESm v =0

Xy —ESyy Xuwv—ESmry  #ww—ESviv
....(16.84)

may be easily reduced to a linear and a quadratic equation. We shall
now evaluate the integrals entering into equation 16.84. These are :

Hun=13 f(d’s — @) ¥ (Py — Ddr =F Hag+3 Ky — Hgy

Aac
2

=3E, +C — —%‘ + A ...-(16.85)
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Similarly
Huyim=3E, +C -—-“—;1"...._‘35_‘_.1_ Ay,
Hrviv =38E, + C — Agp — Aye — Ay,
Kum= —%{.E+Aa‘_A2ab _%@
Huyw=0 Hmw=0
Sun=14 [ (Pg— @)% =} (Sgg + Sga — 2534) = 1 -+ -(16.86)

Smm=1 Syw=1 Sym=0 Spwv=0 Syyw=20
And hence in place of equation 16.84, we obtain

HXuu—E Fum 0
Hyum Kumm—E 0 =0 ....(16.8%)
Y 0 K wv—E
or
Hun—E Hum — o
#um Xmm—E
iy w—E=0

Substituting into these equations the values for the integrals from equation
16.86 we obtain :

3E,+C— Ay —A,,— A4, — E=0 ....(16.88)
__Adt_Ab: — __3ED+C _Aab Abc
3ED+C “2“ ‘§‘ +Aab E - 2 —+Aw "‘2"—‘2—
=0
3E0+C __Aab Abc __Aab__Aac —
— SR, Lk 3E,+C—g— 5t My —E
....(16.89)

Thus the problem has been reduced to that of solving a quadratic equation.
Apart from this, however, the introduction of the new functions also has
another advantage since it permits a more comprehensive presentation of
the physical meaning of the results. Let us consider the spin terms of
the new functions. The function @, arose from the antisymmetric nature
of the function aabfca in which the spin terms are afa and @, from the
antisymmetric nature of afbaca in which the spin function is Baa.
Consequently :

oy = X}fé (Bg — B,) = 715 (- 1)?P{ aabfica — afbaca’}
«...(16.90)

i.e. the function @;; contains the term abc(aBfa — Baa) in which the spin
term.

afa — faa = (a(1)B2) — B(1)a(2))a(3) ....(16.91)
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contains the factor

(a)B(2) — ,su)a(z)) ....(16.92)
This expression is identical with that given by the spin function for the
case of a bond between two atoms (see equation 3.112). Whenever the
spin electronic state of two electrons is described by the function (af— Ba),
it is possible to state that a bond is formed by those electrons. In
present case the electrons 1 and 2, belonging originally to atoms ¢ and b
produce the bond. The function thus describes the state of the system
when the atom ¢ is at infinity and does not participate in bond formation.
For this state § =} and Xs = +§.
The energy of the system a—b¢ is given by

%1111=3Eo+C+Aab—‘2"—*‘~42—"i ... (16.93)
If the atom ¢ is located a long way from the molecule a—b, then the
energy is,

E=3E,+ Cp + A4u
|Coe=0 5 Coe=0 ;5 Au=0 ; Ape=0]| ....(16.94)
When, however, the atom C is close to a—b, the interaction of the three
electrons and of the three nuclei enter into the Coulomb cnergy and
C=Cn + Cbc + Cac
in which each term will include the attraction of the electrons by the nuclei
and the mutual repulsion of the electrons and nuclei. The attraction
energy, however, outweighs the repulsion energies and hence the intro-
duction of the additional terms lowers the potential energy of the molecule.
In addition to the exchange energy of the bond, a—b which is equal to

A, the additional terms — ‘—45&'2 and — 42’?9 are introduced, which represent

the exchange of two pairs of non-bonding electrons. The exchange in-
tegrals enter into equation 16.93 with the coefficient 1/2 and a negative
sign, so that the electron exchange leads to an increase of the energy and
the non-bonding electrons repel each other (the equation 16.93 should be
compared with 4.4).

Owing to the electron exchange phenomena, the structure I7 (page 408),
in which & and ¢ are bonded and a is a free atom, is possible, and 1s
described by the function @,, in which spin term is

a(1)(a(2)83) — B2)a(3)) ... (16.95)
and the energy is given by
E=383E,+ C + 4y, — Auf2 — A2 ....(16.96)

In this case also § = % and Xs = + }. It would appear possible that we
could write still a third function,

¢_v2 (@, — By) cee.(16.97)

describing the state where there is a bond a—¢ and a free atom b. This
function, however is not independent of the other two, as is shown by the
following expressxon

d)-\/2( 4)—\/Q('pz““pa‘Fq)a"@q)‘“‘pm*-@n
«e..(16. 98)
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Let us consider the spin term of the last function ¥yy :

1
Bry = 73 (P2 + By + D) =—\7-l§—§ Z(— 1)PPabe(aaf + afa + Baa)

... .(16.99)
In this case § = g/2 and s = 1/2. The solution of the secular equation of
the eighth degree has thus been divided into two stages. First, we obtained
the functions corresponding to each value of the sum of the spin projections
and by so doing, the equation was reduced to two equations of the first order
and one cubic equation. This cubic equation was due to the presence of
three functions corresponding to Xs = + } and — }. These values corre-
spond in one case to § = 4- 3/2 and in the other two to § == }. Secondly,
having obtained the functions corresponding to the various values of S,
the cubic equation was reduced to the quadratic equation of 16.89g, and the
equation of the first order 16.88. The equation of the first order gives
E=3E,+C— Ay — Ay, — Aq, ....(16.100)
and its solution, is identical with #,;,. This is understandable since
the functions @; and @y are related to one and the same value of the
resultant spin.
The energy of the lowest energy state may be obtained on solution of
the quadratic equation, which has two roots :

E=3Ea+Cab+Cac+Cbcﬂ:
+ (Azab -+ A2“ + A2bc - AabAac - AabAbc - AacAbc)’
....(16.101)
The positive sign before the square root term gives the lowest energy state.
The energy of the system of three atoms is therefore :

E= 3Eo +Cab +Cac +Cbc+
“I‘ (Arzab + A2“ + Azba - Aab Aac" AabAbc - AacAbt) t
.v..(16.102)

where E = total energy of the system

E, = energy of one atom

Cap = Coulomb energy of interaction of atoms a and &

C, = Coulomb energy of interaction of atoms ¢ and ¢

Cy = Coulomb energy of interaction of atoms b and ¢

Az = exchange energy of atoms a and b

4,, = exchange energy of atoms a and ¢

A3, = exchange energy of atoms b and ¢
This expression was first derived by Lonpon®.

ENERGY OF ACTIVATION

Using equation 16.102 it is possible to obtain an approximate valuc of the
energy of activation of the reaction between the three atoms. London
considered the special case where the configuration of the three atoms was
linear, when the energy of activation is a minimum.

Initially atom ¢ is a considerable distance from atoms a and b and there
is no interaction, if weak van der Waal’s forces are ignored, between a
and b on the one hand and ¢ on the other. Hence we may state

C,, =0, A, =0 forlarge valuesof R,
Cy, =0, A, =0 forlarge values of R;,
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THE STRUCTURE OF MOLECULES

These terms can in fact be neglected when R, or R, exceeds 3 or 4 A.
In these circumstances the expression 16.102 becomes

E=3E,+ Cy + 4, ....(16.103)
This equation is identical with that deduced by Heitler and London for the
hydrogen molecule with the addition of the energy of the third atom E,, S?
being neglected. On the approach of ¢ to ab, the distances R,, and Ry,
decrease and it is no longer possible to neglect the interaction of the
electron of atom ¢ with the electrons of atoms a and 5. Thus the integrals
4,;, and A,, can no longer be considered as equal to zero although they
will still have values less than 4,,. If the atom ¢ approaches the molecule
ab so that it is nearer to atom b, i.e. in the linear arrangement a—b ¢,
interaction with b occurs before the interaction with a becomes significant.
Thus R,, is greater than Ry, although of the same order of magnitude,
and R, is considerably greater than R,. Under these circumstances C,,
and 4,, may be considered equal to zero, but since the terms C, and 4,,
cannot now be neglected, equation 16.103 becomes

E = 3Eo + Cab + Cbc + (Aab2 + Abc2 - AabAbc)‘ e (16'104’)

The additional Coulomb energy C,, causes attraction between the atoms
b and ¢ and therefore lowers the energy of the system ; this effect, however,
is not great and the energy of the system is determined mainly by the
exchange energies. Since R, > R,, then A4, < A4, and consequently
4,2 < Aud,, and the expression in the bracket in equation 16.104 is less
than 4,,2. Hence the energy of the system is greater than when ¢ is located
at infinity and ¢ is therefore repelled by a—b.

In order to simplify the mathematical treatment, London assumes that
the distance between a and b in the molecule a—b remains unchanged
on the approach of thc atom ¢, and only the interaction with ¢ is taken
into consideration. Thus the value of A4, remains constant and the
variation of the energy depends only on 4, i.e. on the distance between
b and ¢. The value of 4,, increases with decrease of the distance between
b and ¢ until this distance is identical with the a—b distance. The energy
of the system is then a maximum, which can be determined by taking the
differential coefficient of E with respect to 4;, and equating to zero, viz

E ) 24,, — Au

(MMA; (A% F A%, = Audp)t ....(16.105)
On solution of equation 16.105 we find that the energy has a maximum
value when 4;, = A4,/2. Substituting this expression in equation 16.104,
we find that at the transitional state the energy is given by

E= 3E,+c+{‘1b.2\_/"i — 3E, + C + 0-864,, ....(16.106)

The energy is thus greater than in the initial state, by 0:14 4, and this
quantity is an approximate evaluation of the energy of activation. In the
final state there is a molecule b—¢ and a free atom a. The energy of
such a system is given by

E=3Eo +Cb‘+A1" ....(16.107)

The variation of the energy as the atom ¢ approaches the molecule a—3b,
in which the distance R,; remains constant, is shown in Figure 76. Each
contour line corresponds to a definite energy value. The variation of the
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SOLUTION OF THE THREE ELECTRON PROBLEM USING SLATER’S METHOD

Figure 76. Variation of energy of interaction as an atom approaches
a rigid molecule along line of centres

energy with the distance between b and ¢ is calculated in the following
manner. From experimental data the curve is constructed giving the
energy of the molecule as a function of the distance between the atoms,
i.e. the potential energy curve obtained from spectroscopic data. It is
assumed that the Coulomb energy always comprises a definite and constant
proportion of the total energy, in the given example, 20 per ceut, and by
calculating this quantity from the total energy it is possible to obtain the
exchange energy at various distances. From the diagram (Figure 76) it
follows that the approach along the line of centres is most favourable. In
order that ¢ may approach ab, energy of translation is necessary to over-
come the repulsion. The transition state corresponds to an energy value
7-5 keals above the initial value and further approach is accompanied by
a decrease of energy owing to the formation of the molecule be.

The above treatment is approximate since the presence of the third
electron will cause an increase of the distance R,, and the assumption that
this remains constant produces an incorrect result. For the case when

Ay = Ay, ....(16.108)

which corresponds to the configuration when both the distances R, and
Ry, are equal, substitution of equation 16.108 in equation 16.104 gives

E =3E, + C 4+ (Agab + Azbc - AabAb:)* = 3En +C+ A,
....(16.109)
i.e. the energy of the system
a-beeeec when R,y = Ry,

is identical with the energy of the system

a—b ¢
at the commencement of the reaction. This is clearly incorrect.
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THE STRUCTURE OF MOLECULES

If the exchange energy 4, is taken into consideration, i.e. the interaction
of the atoms a and ¢, equation 16.102 becomes, when 4, = 4,, :

E=3E,+C+ A — A, ....(16.110)

This result shows that the state
Qeosoboseng

is less favourable from an energy point of view than a—b ¢. Nevertheless
in the linear configuration
a b ¢

a is located farther from ¢ than b and consequently
Aac < Abc

The reason for the error in the above calculation is due to the fact that
the increage in the a—b& distance as ¢ approaches, has been ignored.
Thus although the expression 16.102 is correct for a...b...c the value
of A, to be inserted in this expression, is different from that for the
molecule a—b.

EvriNg and PorLanvi have used the data from the above calculations
to construct a potential energy surface giving the energy of the system of
the three atoms a, b and ¢ at various values of R;; and R,,. The exchange
energies-were obtained from the experimental potential energy curve of
the hydrogen molecule and they took into consideration the fact that both
distances R,; and R;, change during the reaction. From the values of
Aas, 4y and A, for various values of R, and Ry, they obtained by means
of formula 16.102 the energies of the various configurations of the system.
From these data it was possible to construct a contour map (Figure 77)
in which the values of R,; and Ry, are given along the axes and the contour
lines connect points of equal energy. The point A represents the initial
state of the system when atoms a and b form the molecule a—b and the
atom c¢ is at infinity ; the energy of
the system will be 3E, + Cap + Aas.
The point B corresponds to the final
state of the reaction, i.e. to a mole-
cule b—¢ and a separate atom a;
the energy of this system being
3En +Cba+Abt'

The path AL lies in a valley be-
tween two regions of higher energy.
The shift of the system from the
equilibrium position at Ais repelled
by either the repulsion between a
and b or by the attraction between
a and b according to the direction
of the shift, i.e. as shown in Figure 77
the cross-section through the dia-
gram at Agives the potential energy
curve of the molecule a—b. The
height from the bottom of the valley
to the plateau on the right of the
Rop diagram requires an energy equal

Figure 77. Potential energy surface for the  t0 1032 kcals, i.e. the dissociation
reaction H + Hy = H, + H energy of the hydrogen molecule.
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SOLUTION OF THE THREE ELECTRON PROBLEM USING SLATER’S METHOD

Although we refer here to the * bottom of the valley ’ this actually means
the lowest possible vibrational state of the molecule and will be a distance
above the minimum, equal to the zero-point energy.

The passage of the system from A to L corresponds to the approach of
the atom ¢ to the molecule ab and since ¢ is repelled by ab this change
involves an increase in energy. As indicated by the diagram, the passage
of the system from A to L involves not only a decrease of Ry, but also an
increase of R,. The most favourable path for the reaction is that shown
by the dotted line, the height of the energy barrier which has to be sur-
mounted is 13 kcals above the original state at A. The value of 13 kcals
for the energy of activation is obtained on the assumption that the Coulomb
energy is 14 per cent and the exchange energy 86 per cent of the total
energy. Evrine and Poranyr* found that at the summit of the encrgy
barrier for the reaction H, + H there existed a shallow minimum whose
depth was 15 kcals below the barrier. This indicates the existence of the
intermediate complex H, as a separate entity. This has not been confirmed
by experiment. A similar depression is observed in the potential surface
for the reaction® Cl, + CI.

The method of calculating the energy of activation described above is
obviously approximate and it has been pointed out? that the assumptions
concerning non-orthogonality in the London equation may lead to con-
siderable errors. Nevertheless in spite of the approximate nature of the
calculations, this treatment is of considerable importance, adding materially
to our knowledge of the mechanism of chemical reactions and explaining
the origin of the energy of activation.
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17

THE POLYELECTRON PROBLEM AND
RESONANCE ENERGY

THE FOUR ELECTRON PROBLEM

SLATER’S METHOD which has been described in Chapter 16 for the
problem of three electrons may be applied to systems with any number of
electrons. Each electron may exist in the field of any of the nuclei, and
resonance among the different states, representing different electronic
distributions, will occur. With four atoms having four valency electrons,
4! = 24 different arrangements of the electrons between the nuclei are
possible, with 2¢ = 16 different spin states. In all there will therefore be
24 X 16 = 384 different complete wave functions. But as we have already
seen, states with different values of the spin quantum number do not interact
with one another. This permits a considerable reduction in the number of
states to be considered. We are only concerned with stable configurations
in which all the electrons in pairs neutralize their spin by the formation
of a covalent bond, i.e. $=0 and Zs=0.

With four electrons, we have three possible ways of pairing the electrons,
i.e. 1 with 2 and g with 4 ; 1 with § and 2 with 4 ; 1 with 4 and 2 with 3.
If as before we attach electron 1 to atom a, electron 2 to atom b, electron g
to atom ¢ and electron 4 to atom d, the three methods of neutralizing the
electron spins denote the formation of bonds between the atoms, as shown
below :

a—-10b
I ab and cd

c——d

a b
II ac and bd |

¢ d

a b
111 ad and b¢ ><

¢ d

It would appear that for a description of the four electron system it
would be necessary to consider the superposition of the three given structures
with different localizations of the valency bonds. However, it is still possible
to make a further simplification. In the problem of three electrons, three
structures also were possible : with the bond between a and b and with a
free atom ¢ (spin function aBa—pBaa) ; with a bond between atoms b and ¢
and a free atom a (spin function aaf—apfa) ; with the bond between atoms
a and ¢ and a free atom b (spin function aaf—pBaa). But we pointed out
that these three functions were not independent, the third being a linear
combination of the other two. Let us write down the appropriate functions
for the four electron problems describing the states 1, I and III. The space
coordinate part of any wave function of four electrons will have the form

vy =% (— 1) Pabed e (17.1)
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THE POLYELECTRON PROBLEM AND RESONANCE ENERGY

i.e. it will be a linear combination of the function abed and of all functions
which are obtained from that function by a rearrangement of the electrons.
In the structure I/, electrons 1 and 2 mutually neutralize their spins,
therefore the projection of the spin angular momentum of one is + } (spin
function a) and of the other — } (spin function 8). The spin function of
the two electrons in the case of the bond will be, as we have seen,
a(1)B(2) — B)a(2) o..(17.9)
A similar function will also describe the spin function of the second pair of
bonded electrons, g and 4,
(3) B(4) — B(3)a(4) <o (17.3)
so that the complete spin function of structure I will be
o= [a(1)B(2) — B(1)a(2)][a(3)B(4) — B(3)a(4)]
= afaf — BaaB — afBa + BaPa o (17.4)
The complete wave function of the structure I will therefore be
Py = X(— 1)PPabcd{aBaB — BaaBf — aBBa + BaBa}
r ....(17.5)
In the structure I, the bonds are formed by electrons 1 and 3, and 2 and 4.
The spin functions of these pairs will be respectively,

a(1)B(3) — B(1)a(3) eo..(17.6)
a(2)b(4) — B(2)a(4) e (177)
The complete spin function of structure II will therefore be
o= [a(1)B(3) — B(1)a(8)][a(2)B(4) — B(2)a(4)]
= aafBf — BaafB — aBBa + BBaa ve..(17.8)
and the complete wave function is
@y = X(— 1)PPabed{aaBB — BaafB — aBfa + BBaa}
’ .o (17.9)
For the third structure the bonds are formed by electrons 1 with 4 and 2
with g and the appropriate spin functions are

a(l)B(4) — B(1)a(4) ....(17.10)
a(2)B(3) — B(2)a(3) eer(17.00)
and the complete spin function is )
o= [a(1)B(4) — B(1)a(4)][«(2)A(3) — B(2)a(3)]
= aafB — BaPa — afaf + BPaa veeo(17.12)
and the complete wave function is
Dy = X(— 1)?Pabcd{aaBfB — Bafa — afaf + BBaa}
£ ceen(17.13)
It is clearly seen that @miis a linear combination of ®r and Py since
Py =Py— P = E'(_ 1)"Pabcd{aafp — Baaf — affa + BBaa}
- %(— 1) Pabcd{aBaf — BaaB — aBBfa + BaBa}
= E](—— 1)*Pabcd{aaBB — aBaf — Bafa + BPaa}

veeo(17.14)
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THE STRUCTURE OF MOLECULES’

This means that the structure III is not an independent form but is a super-
position of the first two structures. |
RuMmer’s theory (Chapter 5), gives a method of obtaining the number
of canonical structures for any particular number of electrons. Rumer’s
n!

equation is (—n—j—-———n———— ! which, when n = 4 becomes 4! / 213! = 2.
)
2

2
These two forms are evidently structures I and II.
The function of the system of four electrons when s = 0 may be regarded
as a linear combination of the complete wave functions of structures I and

II, viz

: ¢=6‘¢I+02¢n ....(17.15)
The secular equation of the second order is obtained in the manner de-
scribed previously :
#ry — E Fiu — ESin
#rin— ESiu Xuu —E
where E is the energy of the system over and above that of the energy of
the four atoms, and

=0 ....(17.16)

Ky = _[ &, KD dr
Hyn = [0 Hdyd
Hyn= f Dy & Prydr
St = [@Pudr

e (171)

EVALUATION OF INTEGRALS OF SECULAR EQUATION

We shall now consider the evaluation of the integrals ;p;, #;ny and
%11 If the deviation from orthogonality is neglected the integrals may
be considered as the sum of the Coulomb (C) and exchange (4) integrals for
different pairs of atoms, ab, ac, bc, bd and ¢d. The method employed may
follow that used in the case of three electrons but involves certain difficulties
and PauLrine suggested a simpler method?.
The structures I and I are represented by the following
a—b a
1 | | I
c—d c d
For the calculation of #j; we arrange the atoms in the same way but
introduce all the bonds of the structures I and I7 viz
a—b
Fxu ||
¢c—d
The corresponding structure for ¥y yis obtained if structure 7 is superposed
upon itself giving, 5
a =

c=2d
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In a similar manner we have 7y y; given by,
a b
Fumw | I
¢ d

According to Pauling each such arrangement consists of ‘islands’, and each
isolated part of the structure not united to other parts by a bond represents
a separate island. In the structure for &y yy, there is only one island and

in ¥y and ¥y y there are two in each. If the total number of islands
is £ and the number of electrons n, then the coefficient of the Coulomb

integral is 1/2 G-9) Thus, when n = 4, the coefficient of the Coulomb
integral in s, since { = 2 :

. 1/2G-) = 172" =1
in #pu (i =2) )
1/2G-) = 12" =1
and in 9?1 11 (l = 1)
1/2G-9) = 12" =}

In addition, exchange integrals will enter into #;y %y and ¥y ; these
will be :

axnd b A,

aand ¢ Age

a and d A

band¢ Ay,

band d A

cand d Ay
The coefficient of each of these integrals is

f(ﬁv).l/z(g-i) .o (17.18)
If the atoms concerned in a given structure belong to different islands,
then p is equal to zero and f(p) = — 4. This refers, for example, to atoms

a and ¢ in the structure #;;. If the atoms are located in the same island,
pis equal to the number of steps necessary to pass from one atom to another ;
thus, for example, in the structure &7y,

a—b

X | |

¢ —
p is equal to one for atoms a and b or a and ¢, but to two for atoms a and d.
Ifp=1,3,5.....,f(p) =+ 1,and if p =2, 4, 6,...., f(p) = — 2.

Let us determine the coefficient for the integrals in &) :

” a=15
11X P d
Here
1/2G-) =1
For atoms a and b, p = 1 and f(p) = 4 1 and the coefficient of 4,, is 4- 1.
For atoms a and ¢, p = 0 and f(p) = — } and the coefficient of 4,,is — }.
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The same applies to the pairs of atoms a and d, b and ¢ and b and d. Finally
for atoms ¢ and d, which are located in the same island, p = 1 and
f(p) = + 1 and the coefficient of 4,4 = + 1. Hence

Hir=C+ Au + Acs — }Aac — 3Asc — 34sa — 34sa

eoeo(17.19)
In the structure ¥y iy, viz

a b
[
c d

the pairs of atoms ab, ad, bc and cd are on different islands and for these
pairs p = o and f(p) = — }. The atoms @ and ¢, and & and d are in the
same island and p = 1 and f(p) = + 1. Thus

#unu=C+ Aac + Ava — 340 — 3Asa — 345, — 344

..(17.20)
For the structure ¥y, viz

-]

(2-1)

S —

we have
1/2G-9) = 172" = 172
and all the atoms are in the same island. In order to transfer from a to b
it is necessary to pass either one or three groups (a—c, c—d, d—b) conse-
quently f(p) = 1 and the coefficient of the integral 4, is
£(p).1/2G ) = 1/2
This applies also to the pairs of atoms @ and ¢, b and d, and ¢ and d and the
corresponding exchange integrals. In order to transfer from a to 4, two
groups have to be passed (a—¢ and ¢—d) so that in this case p = 2 and
($) ="— 2, and the coefficient of exchange integral 4,4 is
i) 126-9 = —2.12= —1

This also applies to the pair of atoms b and ¢. Thus we obtain,

Ky = 3C + ¥as + ¥4ac + 34oa + 3Aca — Aoy — Ase

... (17.21)
In addition to the integrals ¥y, ¥y ;y and ¥ y; the secular equation 17.16

contains the non-orthogonal integral
St =[Oy
The integral Sy y; will be reduced to integrals of two types :

[(aabacBdp)®dr and  [(aabacfdp)(chbaaad)dr

All integrals of the second type will be equal to zero on account of the
orthogonality of the spin functions and integrals of the first type, correspond-
ing to a Coulomb integral will be equal to unity, since the space coordinate
and spin functions are normalized. In Sjy the coefficient will be the same

as the Coulomb integral in ¥ and thus
Sn=1% eese(17.22)
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We are now in a position to set out in its general form the secular equation
for the four electron problem. This will take the following form :

Xy —E #in—ESin

xl lI"ESl 14 xn ll"'E

Aac Aad Ay Apa C Ay As Aya, A - E
Ct Ayt AogAac_Aod_Asc_Msa_p C Aap Ao Abd Aa )y 4 =
tutdu—5—5 5% E st tgtgty Agd— Ay, 3
Cc é_ab " Aac Abd A«{_ _E Aab Aua Abc Acd
gt tgtg tg Audu—y CHhutdu—g—i—g—5—F
=0 oo o(17.23)

The same result is obtained if the integrals are calculated as in the three
electron problem, but Pauling’s method is shorter.

CALCULATION OF ENERGIES FOR MOLECULES OF BUTADIENE,
BENZENE AND FULVENE
Consider the four = electrons of the butadiene molecule. There are two
possible bond localizations given by the canonical structures :

a— b a—c

/N 1
c—d b d
a b a==¢
|| / N\, U
¢ d Doerovensnns d

In the first formula the double bonds occur between the outer pairs of
carbon atoms, as in the normal formula of butadiene, whereas in the second
case the double bond is located between the middle pair of carbon atoms
and there is an elongated bond between the outer carbon atoms. Here the
integrals Ag, 4. and A, which are the exchange integrals for the bonds
ab, ac and cd, are approximately equal and will be denoted by a ; thus
Ap=4u=A4u=2qa veeo(17.24)
All the remaining integrals refer to the exchange between non-adjacent
atoms, located 'at comparatively large distances from each other. The
value of these integrals is small and consequently may be neglected i.e.

Ay = Agg = Apa =0 eooo(17.25)
Combining equations 17.24 and 17.25 with 17.19 we obtain,
Hyy=C + 3a/2 .+« (17.26)

This would represent the energy of the molecule if only structure I were
present. In this formula we have taken into consideration the Coulomb
energy C, the exchange energy of two bonds, 24, and the repulsion of the
non-bonding electrons of atoms ¢ and ¢ (— a/2). In addition, however,
we must consider the alternative structure II. Its energy is easily seen
from equations 17.20, 17.24 and 17.25 to be given by

Huu=0C oo (17.27)
In this structure there is, in fact, only one bond, that between a and c.
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The second tond (4. ---d) in which the interatomic distance is 2:8 A con-
tributes nothing to the energy of the molecule. The exchange energy of
the bond a—¢ is compensated by repulsion energy of the non-bonding
electrons of a and b, and ¢ and d (— 2 X af2). The energy of structure I/
is thus less than I, but the superposition of the two structures leads to an
additional stabilization of the system.

From equations 17.21, 17.24 and 17.25 we obtain

Ziu=C/2 + 3af2 ve..(17.28)
and the secular equation for the o electrons of butadiene now becomes
c+hr Gadet
c 3 B =0 eoeo(17.29)
§ + éa -3 C—E
Hence we obtain
E=C+ay3=C%173 «vr.(17.30)
i.e. there are two solutions for E :
E,=C+13a ceon(17°31)
E,=C—173a¢ cone(17°32)

This result means that as a consequence of the resonance, two states of
the system arise, which are distinguished by the different coefficients ¢; and ¢,
in equation 1%.15, thus indicating a different contribution to the resonance
from the structures I and II. The energy of the lower state is given by
equation 17.31, viz

E;=C+173a
If we compare this with the energy of the isolated structure I, as given by
cquation 17.26 :
E=C+156a
we see that the s abilization energy due to resonance is equal to 0-23a.
This is the value of the resonance energy of butadiene. By such methods it is
possible to obtain the secular equation for any even number of electrons.

In benzene there are six = electrons and the number of independent
canonical structures is five. If we denote the carbon atoms by the letters
a, b, ¢, d, e and f, these structures will be represented as follows :

O O
/e d/c AN e\d ¢
I I
A N NS
o1l 07 6
piig w | 4
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The secular equation for the five resonance structures will be

Hy—E Hin—ES;y Hym—ESim Hiv—ESiv Hyv—ESy
#in—ESn #yp—E um—ESnm #nuwv—ESnrv #nv—ESuv
#1m—ES;m Xnm—ESum Emm—E X nv—ESmv #mv—ESmv =0
K1 v—ESirv Xiiv—ESu1v Xmv—ESmwv Xy v—E #rvv—ESiyv
Hiv—ES;y Huv—ESyv Hmv—ESmv #wv—ESyy Hyy—E

oo (17:53)

We shall now calculate using Pau'ing’s method, the integrals in equat’ons
17.33. For this purpose we shall take into account only the exchanges
between adjacent atoms, t.e.

a—b

b—c¢

c—d

d ¢

e f

a—f
All the corresponding exchange integrals will be equal to cach other i.e.
Ap=Ay=A44=As=Ay=Ay=n0a veee(17.34)

The remaining exchange integrals between non-adjacent atoms as stated
above will be assumed to be equal to zero :

Adpy=Au=4d,=Api= Ay =Ay=A, = 4;,=Ay=0
ceee(17:35)
The integral 7y ; will correspond to the structure

in which there are three islands, so that i = 3; n/2 = 3 and x/2(5"‘) =1
Thus the coefficient of the Coulomb integral is 1. Now let us consider the
coefficients of the exchange integrals of equation 17.34. Each pair of
atoms, a—b, c—d, e—f, constitute a single island for which f(p) = 1and

consequently the coefficients f( p).r/2(;‘ ~4) for the integrals A, 4. and 4y
are equal to unity. The pairs of atoms b—c, d—e, a—f are in different islands
and hence p =0, f(p) = — } and the coefficients for the integrals 4;,,
Ag and A4, are equal to — }.
Thus
Hr1=C + Au + Aca + Ay — }4s — }Aas — }ar
=C + 8a — 3a/2 = C + 3a/2. ....(17.36)
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In the same way in ¥y

i=3; nf2=23; 1/2(;*") = 1,and thus for 4., 4;; and 44, p = 1 and the
coefficient of the integrals is 1. For A, A.sand 4,5, p = 0 and the coefficient
is — 4. Hence

K= C + Ay + Asc + Ase — 340 — 34 — Y4y
=C + 3a/2 co.(17.37)

Thus both Kekulé structures with three normal 7 bonds have the same
energy. Now let us consider the energy of the Dewar structures. For
111 we have the structure,

a

;
|

4

b
I

¢

Here i=3; n/2=3; I/Q(E“i) = 1. For A; and 4y, p=1 and the
integral coefficient is 1. For Au, 4.4, Aze and Ay, p = 0 and the coefficient
is — §, so that

K = C + Ap. + Ay — (Ao + A + Aae + Aop)

—C42—ja=C (738
In exactly the same way
Hiviv=Xvv=C ....(17.39)

The energy of the Dewar structures is less than that of the Kekulé
structures since there is virtually no third = bond on account of the great

distance.
For the structure & we have the structure

a
-
G\/C

It consists of a single island, hence ¢ = 1 and 1/2 G-) =1 [263-1) ="1/4. For

all pairs of atoms which shall be considered here p = 1;_ f(p) = 1 and the
coefficient of the exchange integrals is (). 1/4. = 1/4 Hence

11 = 3(C + 6a) = C/4 + 30/2 .. (17.40)
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The structure for ¥y g has the form
a
S b
I

é [

;

The number of islands 's 2, i = 2 and 1/2(3 = 1/23-9 = 1/2. For d,,
Ape, Agand A, p = 1 and f(p) = 1. The atom groups a—f and d—r¢ are

located in different islands and for these cases p = 0, f(p) = — 3. Hence it
follows that

o = $(C + 4o —20/2) = C/2 + 322 ....(17.41)
For the structures

a a\ a

N N AN
tw | wow TN Ham T | 1
v
1 e//c 1V e\\c 11 m X .
d/ / \d
/a a
/ AN
g e
nv v \
¢ / ¢ " e ¢
N,/ N\
d d
we find that
Ky = Xyv=Hym= Fyuw=3Fnv==C[2+3a2
coo(17.42)
In the structure for &y v
a
/

S/ b
s
¢
/
d
there is only one island a—f—¢—b—c—d—a and i = 1. From z it is possible
to transfer to f passing only one space, p = 1, and the same applies to the
pairs b—c, c—d, e—f. In order to transfer from a to b, it is necessary to pass

from a to d, d to ¢ and ¢ to b. Thus for integrals 4, and 4a, p = 3 and
f(p) = 1. The coefficients of the Coulomb and all transfer integrals will

be 1/4 and hence

*yr v = HC + 6a) = C/4 4 3a/2 ---(17.43)
Similarly

Hmv= ¥wv=_Cl4+ 3a/2 oo (17.44)

443



THE STRUCTURE OF MOLECULES

From the equations 17.36 to 17.44 we obtain the following secular equation
for benzene

C+ge—E 3C+§a—3iE 3C+ja—3E §C+ja—3E §C+3a—3E
1C+ja—3E Ctja—E 3C+ia—3iE 3C+3a—3E C+ja—3E
$C+ja—3E §C+ga—3}E C—E jC+ja—3E 3C+ja—3E =0
1C+ia—3E 3C+§a—3E 4C+3a—3iE C—E iC+ja—1iE
§C+jo—3E §C+ja—3E 1C+ja—3E iC+ja—iE C—E

v (17.45)
This equation is of the fifth degree. Let us write in place of the functions
I-V new ones such that

A=I41I
B=II+IV+V

C=1—1 oo (17.46
D=V—1I 7-49)
E=IV—V

Then

Han= #r1+ Huu +2#1=2C+3a +3C +3a=4C 4 6a
Hap = Hrm+ #1iv+ v+ Eum + Ky + v =3C + 9a
Hac= Hru+ #uu— #11— Kiu=0ek

coo o (17.47)
and the secular equation has the form
$C+6a+3E $C+9a—3E 0 0 0
3C+9a—3E $C+9a—$E 0 0 0
0 0 C§—3E 0 0 =0
0 0 0 $C—3a—3E 0
0 0 0 0 3C—3a—3E
oo .(17.48)

This equation may be reduced to a quadratic and three linear equations :
§C+6a—4E 3C+9a—3E
, =0 oo (17.49)

3C+9a—3E $§C+9a—3§E

444



THE POLYELECTRON PROBLEM AND RESONANCE ENERGY

C—E=0 «...(17.50)

C—2a—E=0 veeo(17.51)

C—2a—E=0 coe(17.52)

From these equations we find all the solutions of E :

E;=C+a(y/18 —1)=C 4 26a e (17.53)

E,=C cooo(17.54)

Eg=E,=C—2a .o..(17.55)

E;=C — a(4/13 4 1) = C — 4-6a ....(17.56)

As a result of the resonance of the valence bond structures five states arise,
the energy of the lowest state, i.e. the most stable being C - 2:6a. The
energy of one Kekulé structure is C + 1-5a (see equation 17.36). The
resonance energy of benzene is thus 1-1a.

As a second example of the six electron problem we shall consider fulvene,
which is of particular interest as it is the simplest coloured hydrocarbon.
Its chemical structure is

CH,
I

7

As in benzene there will be five canonical structures

N ’ i / \
e fle f o r e
1 I
e c ¢ ¢ c ¢ ¢ e ¢
/ N
d d d e N
1 I mr 1w 14
Indicating the carbon atoms of fulvene in the following manner
dCH,
a
S b
! e ¢

it follows that the canonical structures correspond to the following valence
bond structures

CH, CH, CH, CH, CH,
I I ' mr v |4

445



THE STRUCTURE OF MOLECULES

Although the same formula for the calculation of the integrals has been
preserved, there is an essential difference introduced by the different
arrangement of atoms in space, in that the integrals between adjacent
atoms A4, Aap, Aaf, Ase, Are and A,p will not be equal to zero whereas the
integrals 4,., A.., etc will be equal to zero.

In the structure for #y

p = 1 for the pairs a—b and e—f, and hence the coefficient of the integrals
Ay and Ay is unity. For the remaining pairs (a—d, a—f, b—c and c—e¢),
p = 0 and the coefficient of the integrals 4,4, Au, 4sc and A, is — 4. Thus

%II =C + Aab + A::f - %Aad - %Aaf - %Abt - éA“

The remaining integrals and the solution of the secular equation is obtained
as in the case of benzene and we obtain for the energy of fulvene :

E, =C+H 2a
E, = C + 024a
E;=C—a ....(17.58)
E,=C—3a
E,=C — 424a
The energy of structure III with localized = bonds is
E=C+15a «o..(17.59)

so that the resonance energy of fulvene is o-5a.

In the same way it is possible to calculate the resonance energies of other
molecules, but as the number of electrons is increased, the solution of the
equations in spite of the various simplifications which have been introduced,
is difficult. For eight electrons a secular equation of the fourteen stages is
obtained, for ten electrons one of forty two stages, corresponding to the
possible number of canonical structures. It is true that these equations, as
in the case of benzene, can be divided into several more simple equations.
But such methods, which are to some extent limited in application, require
additional special methods which are generally not particularly effective.
Thus in the case of naphthalene, with ten = electrons, it is necessary to
solve an equation of sixteen stages. However, certain assumptions may be
made which simplify the calculation; in order to illustrate the nature of
these assumptions we shall apply them to the case of benzene. In this case
we have two Kekulé structures with equal energies, £ = C + $a and
three Dewar structures E == C. Owing to the equality of the energy values,
both Kekulé structures enter the equation :

D = cl¢l + 02¢ﬂ + C3¢l" =+ 04¢IV -+ 05¢V e .(17.60)

with equal coefficients
Gh=¢y=a eero(17.61)
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and applying the same argument to the case of the Dewar structures, we
have

Cg=cy=¢5=1" ....(17.62)
Substituting equations 17.61 and 17.62 in 17.60 we obtain

@ = a(P; + Py) + b(P + Prv + Py) = aP, + bP,
.. (17.63)

Thus the resonance of only two states corresponding to @, and @D, has to
be considered. We then have the secular equation

Haw—E Ko — ESap 1

Hap — ESsy Xy —E |

The integrals of equation 17.64 are easily obtained from the canonical
structures and the final secular equation will be

5C 4+ 6a — §E 3C + 9a — 3E

=0 «o..(17.64)

‘ =0 ....(17.49)
3C 4+ 9a — 3E §C + 9a — $E |
with the roots N
E=C+Ha(— 1+ +/13) «v..(17.65)

i.e. not all energy levels are obtained but only the lowest and one of the
higher levels.

An alternative method of simplification of the secular equation consists
in rejecting the less probable structures. If in benzene, for example, only
the Kekulé structures are considered,

D = ¢,P, + ¢c,Py ....(17.66)
then from equations 17.36, 17.37 and 17.40 we obtain the following secular

equation :
C+ $a—E JCH §a— }E

=0 ....(17.67)
C+3a—4E CH4a—E
with the solutions
E,=C + 24a ....(17.68)
and
E,=C ....(17.69)

By this approximate method the resonance energy becomes
E., = (C 4+ 24a) — (C + 1-6a) = 0-9a ....(17.90)
Thus it follows that the resonance energy is determined mainly by the

superposition of the Kekulé structures. The Dewar structures giving the
comparatively insignificant additional stabilization of o-2a.

CALCULATION OF RESONANCE ENERGY BY THE
MOLECULAR ORBITAL METHOD
When two electrons form a bond between two atoms, each electron is located
in a bonding molecular orbital :

Y=y + by oo (i71)
where ¢, and i, are atomic orbitals of the electrons of the two atoms.
The energy of the electron in such an orbital will be

E=C+ B eoe(17.72)
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where C is the Coulomb energy of interaction of the electron with both
nuclei and the second electron, and B is the exchange integral. The exchange
energy being caused by the exchange of the electron between the two atomic
orbitals ¢; and ¢,. The exchange integral is

B = [y Hopdr e (17:79)
which must not be confused with the exchange integral of two electrons
o= [Ya(1)$s(2) Hu(1)ga(2)dr oo (17.74)

In each molecular orbital two electrons may be located and in the present
treatment it is considered that the motions of the two electrons are inde-
pendent of each other. The wave function of the bond will therefore be the
product of the two wave functions of the first and second electrons and the
energy will be the sum of the two electronic energies, 1.e.

E=2C+28 «...(17.75)

The energy of a single = bond will thus be given by this expression and
therefore if the three = bonds in benzene are localized, then the energy

will be
E=6C+ 68 «o..(17.76)
Actually, each of the six = electrons is located in the field of six nuclei,
i.e. in the molecular orbital :
$ =1y + coiy + Cathg + Cathy + G55 +cetbs oo (17.77)
If the values of the coefficients for which the energy is a maximum is
obtained, for example, by the variation method, it is then possible to obtain
the most probable orbitals for the electrons in the field of six nuclei and to
obtain the energies of these orbitals. Starting from the equation 17.77, we
obtain the following secular equation :
Xy—E  H1g—ESyy H13—ES 3 H14—ES1y H15—ES 5 #14—ES14
H13—ES1y Hpy—E  Hyg—ESyy H 34— ES3q K y5—ESy5 H yq—ESys
H13—ES1g Hyg—ESyg Hgg—E  H3q—ESgy Hg5—ESgs H 36— ESge
KH14—ESyq Hyy—ESyy H34—ESyy Hyy—E  Hys—ESy5 H g—ESyq
K 15— ESy5 Ha5—ESyy Hys—ESys K yg—ESys Hgs—E  Hg—ESy
H16—ES16 H9g—ESye H 36— ESgs #4g—ESsq H 56— ES5s ¥ gg—E
ve..(17.78)
Let us now evaluate'the integrals. Integrals of the type &, are given by

K = f i Hipdr oo (1779)

As is clearly seen, these integrals denote the energy of Coulomb interaction
of the electron of atom i (in orbital ;) with all the remaining nuclei and
electrons. Let us denote these integrals throughout by C. The integral

& 14 equals
x1z=f'/‘1 Hipodr ....(17.80)

and represents the exchange of the electron between two adjacent atoms
1 and 2. We shall call this integral B8 (see equation 17.73) and since in
benzene all the nuclei are identical, the remaining integrals between
adjacent atoms, Hg5, Hgy Hy5 Xy and H,q are equal to B. The
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exchange integrals between non-adjacent atoms are small and may be
neglected. Non-orthogonal integrals of different atoms, e.g.

Sie = [Yrtadr ... (17.81)

may also be taken as equal to zero. With these modifications the secular
equation 17.78 becomes :

C—E B 0 0 0 B
B C—E B 0 0 0
0 8 C—E B 0 0
=0
0 0 B C—-E B 0
0 0 0 B C—E B
B 1] 0 0 B C—E
....(17.82)
The solution of this equation may be obtained in the usual way and the
roots are :
E,=C+28
E:z =G+ ﬁ
E,=C+ B ....(17.83)
E,=C—B
E,=C—-8
Eg=C—28

Consequently there are six orbitals for the electrons, the most favourable
being the first, with energy C + 28, and in it will be located two electrons.
The remaining four electrons will occupy the following two orbitals, both
with energy C 4 8. Itis not difficult to sce that the remaining orbitals are
non-bonding orbitals since the energy in orbitals 4, 5 and 6 is greater than
in the atomic orbital E = C. The stability of the system is due to the fact
that all the electrons may be located in bonding orbitals and the energy of
the six electrons will be equal to the sum of the energies of the different
orbitals occupied by the electrons i.e.
2(C +2B) +2(C + B) +2(C + B) = 6C + 88

With six isolated = bonds the energy would be only 6C + 68 and hence
the transfer of the six electrons to the ficld of all the nuclei gives a gain of
2B. This represents the value of the resonance energy, expressed in different
terms than in the Slater-Pauling method.

COMPARISON OF CALCULATED AND EXPERIMENTAL VALUES
OF RESONANCE ENERGY

The resonance energies of a number of molecules are given in Table CLXXIIL
In the second column the resonance energy calculated by the Slater-Pauling
method is given in terms of the exchange integral o ; in the third column
the same quantity, calculated by the molecular orbital method is given,
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expressed in terms of the exchange integral B. Comparison of the two
methods is made by obtaining the ratio B/a (column four) which should be
a constant, and is found to be so for the aromatic hydrocarbons. In the
fifth column are given the esperimental values of the resonance energy
calculated according to the methods given in Chapter 11. From these
values it is possible to obtain values for o and 8 which are given in columns
six and seven respectively. As is to be expected both series of values are
approximately constant. The low value of a for butadiene is due to the
fact that we have assumed that all the exchange integrals between adjacent
atoms are equal. This is correct in benzene but in butadiene, the actual
distances between the atoms in the bonds a—b and ¢—d are equal to 1°35 A
and the interatomic distance in a—c is 1-46 A. The true value of 4, is
therefore less than Ag,. Thus since in the calculation of the resonance
energy, we assumed that both forms contributed equally to the resonance,
the contribution of the structure with the double bond between the central
atoms was overestimated and that with the double bonds between the outer
carbon atoms underestimated.

Table CLXXIII. Calculated and Experimental Values of Resonance Energy

Resonance energy Experimental .
calculated by method of value of |, _ Eexn. Eoxp.
Molecul I3 resonance Eoale. Eggle.
Slater- Molecular @ energy
Pauling orbital keals keals keals
Butadiene 0230 0478 049 41 18 —
Hexatriene 048 0998 048 —_ —_ —_
Octatriene 073 1-528 048 —_ —_ —
2-Vinylbutadiene 0440 0:gof 049 — — —_
Benzene 11a 28 0'55 344 31 17
Diphenyl 2:37% 4388 054 756 32 17
Naphthalene 2040 3688 055 634 31 17
Styrol rgia 2:428 054 382 29 16
Stilbene 2°590 4888 053 790 30'5 16
Anthracene — 5328 — 86-2 — 16
Phenanthrene —_ 5420 — 930 — 17

COLOUR OF CHEMICAL COMPOUNDS

We have seen that owing to the resonance of valence bond structures there
arises several energy levels of the molecule. The lowest of these is the ground
state of the molecule and the higher levels represent excited states. If the
difference in energy between these levels is not great, then the transfer of
energy E,—>E, may be brought about by the absorption of a quantum of
light radiation %» in the ultraviolet or visible region of the spectrum? If
the light quantum absorbed corresponds to a frequency in the visible
part of the spectrum, the compound will be coloured. The method of
Slater and Pauling described in this chapter gives the different energy
states of the molecules. In benzene the difference in energy of the
ground and the first excited state is 2:6a, or when only the Kekulé
structures are considered 2°4a. The calculated energy differences of the
ground” and excited states of a number of molecules are given in
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the second column of Table CLXXIV,
and since for the higher aromatic
hydrocarbons, only the Kekulé
structures have been considered, the
value of 2:4a is taken for benzene.
In the third column are given the
experimental wave lengths of the
absorbed radiation and by equating
E, — E, = kv = ke[A it is possible
to determine a (fourth column). For
aromatic hydrocarbons a varies from
37 to 43 kcals. The deviations in
the case of butadiene and hexatriene
are due to the same reason that has
been discussed above. From reson-
ance energies, the value obtained
for a varies from 29 to 31 kcals and
taking into consideration the very
approximate nature of the calculation

Table CLXXIV. Difference of Energy Levels and
Positions of Light Absorption Maximum

Difference of | Position of | @
Molecule | energy levels | maximum | keals
E-E, | absorption 4

Benzene .. 2-40 2,550 42
Naphthalene 1-97a 2,750 37
Anthracene 1-60a 3,700 41
Naphthacene 131 4,000 41
Pentacene . . 1:08c 5,800 43
Phenanthrene 1-94a 2,950 39
Pyrene .. 1-700 3,300 39
Fulvene .. 1-76a 3,600* 43
Azulene .. 3420 2,170 51
Butadiene . . 2710 2,650t 49
Hexatriene. . 1:040 7,000 50
* A ding to measur on w, w-dimethylfulvene.
tA

i to on
C,H; (CH=CH), CH, COOH.

better agreement is hardly to be expected. The fact that the widely differing
methods of thermochemistry and spectroscopy lead to values of the same
order of magnitude, may be regarded as support for the quantum mechanical
treatment. The theory correctly predicts the existence of a close series of
energy levels which explains the absorption in the long wave ultra violet
and in the visible part of the spectrum.

The relationship between resonance and the colour of chemical com-
pounds has proved to be of great assistance in explaining the observed
empirical laws of relationship between colour and chemical constitution.
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MATHEMATICAL APPENDIX

SOLUTION OF THE SCHRODINGER EQUATION
FOR THE HYDROGEN ATOM

THE detailed solution of the equation

22 2 2 872 2
>y S%"“%“‘%(E*'%)Sb:o C.(18.1)

has been given in several monographs! and it will be sufficient for our
purpose here if we show how the discrete energy levels and the quantum
numbers arise as a natural consequence of the method. It is necessary
first to express equation 18.1 in terms of the spherical coordinates r, § and
¢. The relationship between the cartesian and spherical coordinates i§
given by the following expressions :

x==rsin 6 cos ¢ r=4/x% } 5% + 22

: 0/"‘”‘* 0 2
y =rsinf cosd COSU= Tt ¢ e (18:2)
z=rcosf tan¢=%

Substituting the values of x, y and z given in equation 18.2 into 18.1 we
obtain :

12 00 1 %, 1 v, .3y  8alm e
ror (rzhb—r) + 2T 22 o d 0 (sm 050—) +_722_—(E +7)¢_0
....(18.3)

This equation may be divided into three more simple equations. We
shall seck a solution ¢, which is dependent on the three variables r, § and ¢
and which is the product of three functions, R(r) dependent only on r,
© dependent on ¢ and @ dependent on ¢. Thus,

¥(r, 6,4) = R(r) 6(0) &(¢) oo (18.4)

Substituting equation 18.4 in 18.3 and dividing the equation obtained by

Remig We obtain :
sin?0d ¢ ,dR 1d*® sinfd ;. ,dO\ 8a2mr2sin?6 et
®a (N E) todp t e (o) T (E+7)=0

....(18.5)

2
in which ¢ occurs only in the term(% %?2 . Rearranging, we obtain :

sin28d ¢ ,dR sinfd /. ,d® 872mr?sin? 6 e?

Tra (Pg) te (i) T (E+T)

—_1da2

= T 0 dp?
452
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The left hand side of equation 18.6 contains only the variables r and 0

and is independent of ¢, whereas the right hand side is a function only of
2

the independent variable ¢ and since the expression — @—g—? is seen to be

equal to terms independent of ¢ we may put it equal to a constant, which
we shall call 7 2*,
We then have

1 &2 _
ddgs = —in ? ... (18.7)
or
gg:_m .. (188)
The solution of this equation will be
D(¢) = A exp (i) «...(18.9)

As is clear from Figure 2, ¢ may vary only from o to 2m, the function
having identical values at ¢ and ¢ + 2=, consequently in order for the
function to be single-valued, 7 must be equal to an integer. Thus the
solution of equation 18.9 is only possible when 9 = o, + 1, & 2¢etc. The
parameter 7 occurred in the old quantum theory as the magnetic quantum
number. In the above treatment it arises directly in the solution of the
Schradinger equation, in contrast to the old quantum theory in which it
was introduced as a separate postulate.

The constant A may be obtained by normalization. For this, it is
necessary to integrate the expression @5 (¢) O*5 (¢), where @*5 (4) is the
complex conjugate of Pz(¢) through the range of variation of ¢, 1.e. from
o to 27, and to equate to unity :

2r
[ a1 0*a(d)dp = 1 ... (18.10)
H
where D*5(h) = A exp (— ime)
This gives
Azfé'xp (i) exp (— ilp)dp = A22m =1  ....(18.11)
and hence ’
A4=1/V2r ... (18.12)
Thus the normalized function Pz(4) is given by :
Dr(¢) = [exp (imd)]/ Vv 2m ... (18.13)

Equation 18.8 is satisfied by the functions exp (ifi¢) and exp (—#¥i¢) and
also by cosfi¢ and sinifié. In certain cases it is more convenient to use
the real in the place of the complex functions. The values of the function

* This constant designated by m must not be confused with the symbol for mass
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®::(¢) in real and complex forms are given below for the various values of
m (0, 4 1, L2 etc) :
Function d—($)

1 3

Pi($) = '{/—gi exp (i) or Dy .5 () = 71; cos b

O (#) = ——cxp (=if) or By (¢) = = sing
V2m vV T

Of) = em (@) o Byu(f) = J—cos

O f) == e (<24) or By ($) = - sin2

V2n J
....(18.14)
Substituting the value of /2 given by equation 18.7 into 18.6 gives :
sin®fd ¢ ,dR _,  sinfd . ,dO 8m?mr?sin? 0 ety
R (M)~ e (n0g) + T (E+T) =0
«...(18.15)

or dividing by sin2 6 :
1dy/,dR m? 1 dy. ,do 8mmr? 2
2a (" F) — s+ owmdn O 0g) t o (B Hy) =0
....(18.16)
which on rearranging gives

1dy,dR 872mr? e? m2 1 d . dO
g (P + T (B +5) = 5w — oo ds 0 )
... (18.17)

" In this expression, 7 does not occur in the right hand side and 6 does
not occur in the left hand side, consequently each part may be equated
to a constant. Let us call this constant 8 and after multiplication of the
7 terms by -r}% and the 8 terms by @ we obtain :
1 dyg. 0@) m2e
a0 qp) ~ s
1d/,dR BR | 8nim et
g (P5) — ST (E4T)R=0  ....(18.19)

We shall now seek a solution of equation 18.18 in the form of a series.
The principles of this method are as follows :
Let us substitute cos 6 by 2, then

+ B =0 ....(18.18)

6(8) = P(2) ....(18.20)
d® dPdz dP . .
7@_:71?35:—-?128‘“0 ; sin?0=1—2% ....(18.21)
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and equation 18.18 assumes the form :

d dP Zz "’7&2
= { (1~,z'~’)—»d~g2 +{ B[z } P(2) =0 ....(18.22)
If we now make the substitution
P(2) = (1— 2% »12G(2) ....(18.23)

where || is the absolute value of , we obtain:

(1= 5201wl + 029 1 bp 1wl (a1 +1) | G=0

... (18.24)
This should now be directly soluble by a power series.
Let G = ay + a,z + ayz? +a3z3+-~-'-=§"vzv ....(18.25)
which on differentiation gives, V:O
dG ®
=0 + 2a52 4 3agz? f coeee = éova,,z'"l ....(18.26)
d*G X
i 2a, + 3.2a32 + 4.3a,2% - oo = an,,v(v — Dze=2 ... (18.27)
The substitution of (18.25), (18.26) and (18.27) into (18.24) gives
1.2a, -+ 2.3a42 + 3.4a,2% + 4.5a52% 4 +oooveeee —
— 1.2a,2% — 2.3a32% — 3.4a.2% — 4.5a525 — oo —
—2(|m]+ Dag — 2.2(|m| -+ 1)aye? — 2.3(|M] + 1)aged — oeveee +
+ {B —lm|(|Mm]|+ 1)} ao + {B — |m|(|m|+ 1)}az+
BRI+ 1)} a2 (F =R age? + o =0
... (18.

In order that this is true for all values of z, the coefficients of z and the
higher powers of z must be equal to zero. Hence,

29 1.2, + {B —|m|(|m|+ 1)} 2= 0

2 280, +[{B—|m|(|m|+ 1)} —2()|+ 1)1 =0
22 Bday 4+ [{B—|m|(m|+1)} —2.2(|m]+1) — 1.2]a, =
@ abay+ B —Im[(m+ 1)} —2.3(|i|+1) —2.3]ag =0

.............................................................................................

2 (041 (0+2)ap+H{B— M| (IM]| +1)} —2.0(|% | +1) —v(v—1)]a=0
....(18.29)

mi)e tmi+1) =8, ....(18.30)

A detailed investigation of the series obtained shows that it does not
have a finite sum when |z| = 1, which corresponds to the values for 8 of
0 and =. But since O (6) is a parameter of the wave function , which is
finite at all points in space, @ (6) must also always be finite, even when
6 = 0 or #. These conditions are only possible when the series contains a
finite number of terms and the series may be broken off at the term in 2

by putting
B=(v+Im|)(e+|m|+1) ....(18.31)
This makes the numerator of equation 18.30 equal to zero, so that at any
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value, a,, all the coefficients a,.;, a,4, efc will be equal to zero and
instead of an infinite series, a polynomial is obtained. Thus, owing to the
condition that the function ¢ must be finite, the function B may only
assume certain definite values.

It will be convenient to introduce a new quantum number [, given by

l=0v+4|m| ....(18.32)
which may have the value zero, or any real number. From equations
18.31 and 18.32, we have

B=1Il4+1) ....(18.33)

The substitution of equation 18.33 in 18.18 gives the equation for 6. The
functions @ () are known as associated Legendre functions. We shall not
derive the general solution of the equation but shall give the solutions
which may be shown to be correct by substitution in equation 18.18 (for
full details of the method see PAuLING and WiLson! page 125 et seq).

The solutions of equation 18.18 are dependent on two quantum numbers

and 7. As we have shown above, ! may have the values o, 1, 2, 3 etc
and is the analogue of the azimuthal quantum number of the Bohr-
Sommerfeld treatment. From that fact that [>> ||, it follows that for each
value of I there corresponds 2! + 1 values of 7 which may have the values

— 1 ‘—l+‘,""—~3,“—2,—1, o, +1, +2 +3)"”l_'l>l'
The values of the function 6, are given below :
Function 6, B
1=0 =0 oo (6) =‘/§
I=1 w=0 0,0(8) = ‘/g.cose
I=1 m=41 0,4,(6) = ‘/_g_sine
s r (18.34)
[=2 m=0 0,0 ="V ~ Beos? —1)
- /15
=2 m=41 6,4,(0) =" l-g-sinOcosO
[=2 =42  0,.,06 = ‘/LZ sin20

J
It now remains to solve the equation for the radial function 18.19, viz
1 dy,dRy BR | 8a%m e?
ﬁd?(r Zz’rr) }‘2'+_},T(Ej‘f|‘7)3=0 ....(18.19)
or putting R(r) = ry(r)

87%m

2
%2 (ro(r)} — l(l;f-!-) o) + g (B +~j-2) r(r) ....(18.35)

This equation contains the term £, the energy of the atom. When the
electron is at an infinite distance from the nucleus, the energy will be
zero and since, as the electron is brought up to the nucleus a negative
amount of work is performed, the energy will have a negative sign. Since
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we are interested here only in the non-ionized atom we shall solve the
equation for negative values of E. For large values of r the terms con-
(14 1) 8n?me? |

; and Wy will be very small and may be neglected.

Equation 18.35 then becomes

taining

d? 8n®mE:
2} + (= T5=) () =0 ....(18.36)
which may be rewritten as,
42
dr? (ro(r)) + aro(r) =0 ... (18.37)
where
o = (— 8nmE[h?)} ....(18.38)
The solutions of equation 18.37 are,
rv(r) = C exp (ar) ....(18.39)
r0(r) = Cexp (— ar) ....(18.40)

Only the second of these solutions satisfies the condition that equation 18.34
approaches zero as r tends to infinity. We shall now obtain a general solu-
tion in the form of a product of the above solution, obtained for large values
of r, with a function f(r), which must first be evaluated :

ro(r) = f(r) exp (— ar) ... (18.41)
Substituting this expression in equation 18.35, we obtain the following
equation for f (r) :

& df | Smme?  I(l +1)
| 2 g (T A D) o0 L (184e)
The solution of this equation will again be a power series
[
S = gob,,r" ... (18.43)

whence

df & % -

o= '};‘vb,,r"‘l &= Enb,,.v(v — l)r’ 2oL (1844)

Substitution of the derivatives in (18.42) leads to the following equation
involving the coefficients of (18.43) :

[0 + 1) — 1 + 1) Jba = b, [26(= 8,’::"'_’3)* _ fizZ:;‘f] ot (18.43)

When v = [ it is evident that the left hand side of equation 18.45 will be
equal to zero. Consequently values of 4, with v <{! equal zero and the
series will begin with the term b, ,/H1

Investigation by the usual methods shows that the summation of this
series for arbitrary values of E, tends to infinity as r — o and hence the
product of the series with [exp (— ar)], i.e. the radial part of the wave
function, does not tend to zero as r —> oo, which is necessary. This re-
striction places a limitation on the values that E may assume and finite
solutions exist only for such values of E, when commencing with v = n,
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the series breaks off. This will occur if the coefficient of 4, on the right
hand side of equation 18.45 is equal to zero :

8n2mENE  8mPme?
% (__ ’;zzm ) — ”hgw =0 ....(18.46)
which leads to the following solution for E (putting v = n) :
2rr2met
E= __”271";_ oo (18.47)

where n is an integer and [ <{n — 1. Substitution in equation 18.19 and
solution of the resulting equatlon leads to the following functions, generally
known as the Laguerre functions :

n=1 1=0 15 Ryr) =~ 2 exp (—~—) where a = h2
o)

p (= )

n=2 1=0 2 Ry(r) = WM(

n=2 I=1 2 Ry()= ”‘1:-1 €xp (-—_2%)

2\/6 a
sa) o ()

n=3 [=0 3s 6—4%—}—
- - Y g 2n2r (T
n=3 I=1 3 Ryl)=goes (4=52) 500 (= 3)

Ryo(r) = 9\/3 ,(

_ . 1 4 r2 _r
n—=3 =2 3d 32( ) 9\/30‘13 9 q2 cXp ( 3a) J
.. (18-48)

The product of the functions @, ® and R (equation 18.4) gives the full
solutions of the Schrddinger cquatlon which have been given in Table IV.
The functions i, corresponding to various atomic states, are orthogonal.

This means that the integral f Yiudr = 0. The proof of the orthogonality

of the wave functions is given by PAuLiNG and WiLsoN! page 441 and will
not be discussed further here.

DIRECTIONAL COVALENCY

We wish to show first that the electron clouds of the three p electrons,
possessing a shape similar to a figure eight, are directed along the cartesian
coordinates. If f(r) represents the radial part of the wave function, we
obtain from equation 18.14 and 18.34 the following expressions for the
three p states :

( fp, = \\// S (r)sinfcosd

|

M= 41 |
L ‘/’P, 2\\//_ S (r) sin @sin T ...(18.49)

m=0 by, = 2\\// S(r)cos@ J
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From equation 18.2, it follows that

sin 0 cos ¢ = x/r
sin fsin¢ = y/r } ....(18.50)
cos 8 = zJr
and hence,
b= Y2105 = £
b, = E}//j} £ '—yr— = f(r)y ... (18.51)

b= 3 105 = fooe

where f,(r) = 2—%-’;@ Thus the function ¢, is directed along the »

axis, function iy, along the y axis and ¢y, along the ¢ axis.

Let us consider an atom a with two valency p electrons and let these
electrons be described by the functions y,, and i, ; let the p, electron be
termed electron 1 and the p, electron as electron 2. On the approach of
an atom b, its electron (3) will exchange with both the electrons of a, with
one of them, for example 1, it will form a covalent bond whilst it will be
repulsed by the second. The energy of the molecule ab according to
equation 4.6 is

E=CHdy—3du=0C;3+C3+dj3— 34y
....(18.52)
where Cy; and C,g are the Coulomb integrals, 4 is the exchange integral

between the electrons of 1 and 3 and 4’,; represents the exchange integral
between the non-bonded electrons of ¢ and b, t.e.

Cis = [HnDBRB)dr  Ayy = [ (D43 X (3) (Ve

Cos = f¢2py(2)% $2(3)dr Aoy =I‘/’p;(2)‘/’b(3)% ‘/’p,(3)‘/’b(2)d"'

....(18.53)

Let the atom b approach atom a along a line making an

angle a with the axis x along which the electron cloud

of the p, electron is concentrated. If the x and y axes

are now rotated through the angle a (Figure 78) to form

the axes x’ and 3’, the atom b will approach a along «'.
The new coordinates will be related by the formulae

x=2x'cosa—y sina

y=x'sina 43 cosa

and the functions y,, and ¢, become on the new system of coordinates
¥y, = f1(r)x = f(r)[*' cos @ — ' sin o] = ¢’y cos a — ¢, sina
¥p, = f1(r)y = fi(r)[+"sin @ + ' cos a] = ¢, sin @ + 'y cosa
....(18.55)

Figure 78. Rotation of
....(18.54) axes through an anglea
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Substituting these values in equation 18.53 we obtain :
Cia = [(Wp, 05 a — W'y sin a)2(1) Hy2(3)dr )
— cos? o [ H () HY2(3)dr +sin? a2, (1) Hy(3)dr—
— 2 5in a cos af WD), (1) Hy4(3)dr ¢
Cag = sin? a['2,(2) #y%(3)dr + cos? w2, (@) % 92,(3)dr +
+ 2sin a cos a[§,,(2) 4, (2) HYA(3)dr

e .(18.;6)
Similarly from equations 18.53 and 18.55 it follows that
Am:f(t/:’,x(l)com—— p,(1)sin ) s (3) Heho (1) (', (3) cos a—y',(3)sina)dr )
= cos?a [, (1)44(3) H (1), (3)db-+5in% [, (1)ho(3) Hn(1 (9 ()
— 2sin acos a J P, (1)1(3) (1) 4, (3)dr

A gg==sin®a [/ (2)0(3) Tu(2) B+ [
+ cos?a [, (2)44(3) o (2) 'y, (3)dr +
+ 2 5in a cos @ [y, (2)6a(3) Hha(2) ¢, (3)dr
....(18.57)

It is possible to show that the integrals J. P p (1) 9y, (1) Kp%(3)dr and
P o (1) e(3) # i (1), (8)dr are equal to zero and hence
Cy3 = costa j 32, (1) Fy2,(3)dr + sin%a f P2, (1) F Y2, (3)dr
Cao = sinta [#% (D) XA (3)dr + cosPa[ /2 (2) Xy, (3)dr
Agg=costa W, (1)$s(3) (1), (8)dr +sinZa [, (1) (3) X (1) ', (3) dr

A’ yy=sin%a J- W5, (2) hu(3)  10(2) n/:’,x(3)d7+c052af¢',y(2) $o(B) H s (2) ¥y, (3)d7
....(18.58)

whence it follows that
C = Cyy + Cyg = [#2, % 4%dr + 92, %00dr ... (18.50)

Thus the total Coulombic energy does not depend on the angle of
approach of the atom 4. On a change in the value of a, the energy of
interaction of the electron of atom b with each of the electrons of  changes,
but the sum of the interaction energies remains constant.

460



MATHEMATICAL APPENDIX

The exchange energy, on the other hand, is given by :
A= Ay +} Ay = (cos%a — bsinta) [ b, H9dpdr +
+ (sin?a — } cos2a)f¢'p,¢,96’¢b¢'pydr
=( (3 costa — 12H{[WphHhb'nsdr — [Wph 20} +
+1 f VRN ....(18.60)

and as is evident, 4 is dependent on the angle a. The relative positions of
a and b in the molecule will be such that the energy of the system is at a
minimum and the exchange energy is a maximum. This position may be
obtained by differentiating 18.60 with respect to a :

dd/da = 3{f‘l"px‘/’u%¢’» " dT — J‘lﬁ’ﬁjllfo%l/lblﬁ'pyd‘r}sin acos a

....(18.61)

and it is evident that dd/da = o when a = 0° or go°. The bond is thus
formed in the direction of the x axis where the overlapping of the electron
orbitals is at a maximum and the repulsion energy due to the £, electron
is at a minimum.

HYBRID ELECTRON FUNCTIONS

In order to derive the tetrahedral hybrid electron functions we shall follow
the method of PauriNg2? and show that the linear combination of one s
and three p wave functions give maximum stability of the bond. The
linear combination has the form :

g = afy + by, + oy, + dify,

We shall attempt to determine the values of the cocfficients a, b, ¢, and d
which permit the greatest possible overlap of the resulting orbitals with
the orbital of another atom. Let us suppose that the bond is formed in
the direction of the z axis, so that the linear combination of the orbitals

may be limited to
¥y = ay, + by, ... .(18.62)
This function must be normalized, i.e.

f 27 = a? f ,2dr + 2ab f Paby dr 4 b2 f Y2 dr =1 ....(18.63)
The wave functions y, and y,, are also normalized and mutually orthogonal :
f g2dr =1 f Y dr =1 f Yy dr =0 ... (18.64)

and it therefore follows in view of equation 18.64, that 18.63 becomes

a? 52 =1 ....(18.65)
and therefore equation 18.62 may be written,
¥ = ap, + (1 — a®)¥y,, ....(18.66)
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we have that :
1
b = 2\/;f(’)
V3 .
¥y, =\7——:’—;f(r) sin 6 cos ¢ ....(18.67)

= W@f(r) sin 0sin ¢

o, =§‘-/\/%.f (r) cos 6

We are concerned here only with the angular dependence of the wave
function and we may assume that the radial parts of the wave functions
are so closely similar that their differences can be neglected. If we then
regard 1/2V 7 as part of the normalization constant and put f(r) = 1 we
obtain :

g, =1 _ ;
Wy, = V3sin b cos $ ....(18.68)
Yy, = V3sin Osin ¢
Py, = VB3 cos §
For the particular case of the direction along the z axis (i.e. when 6 = 0)
gy, =1 ....(18.69)
Pr, = /3
which on substitution into equation 18.66 gives
dio=0 = a + V31 —a?) ....(18.70)

In order to determine the value of @ corresponding to the greatest value
for  in a given direction, it is necessary to differentiate equation 18.70
with respect to @ and equate to zero :

dpy _y_ 32
= 1 V3 = aY) =0 oo (1871)
and
a=1/2 ....(18.72)
and consequently
1
= 5t V3 iy 2 e (1873)

In the same way it is possible to find the hybrid orbital of the second
electron. Let the second bond occur in the plane xz. For this orbital
it is necessary to consider only the linear combinations of the functions

¥, ¥y, and t/{,c :
by = agily + boily, + doty, ... (18.74)

and, as in equation 18.63, the normalization of the wave functions leads
to
a2 + 6,2 +dy? =1 ... (18.75)
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The functions ¢, and ¥, must be orthogonal and hence since d; = 0,

f‘f‘l'l’zd" = J.(él/': + \/gj'l’pglz) (ag¥hs+ bz'/’p{ + dz‘/’px)d"' = a2 + V3. b,/2=0

..(18.76)
and hence
ay = — by/3 oo (18.77)
From equations 18.75 and 18.77 it follows that
. 40,23 +dyt =1 ; dy= (1 — 4a,%/3)} ....(18.78)
ie.
$y = ayh, — az'ﬁpz\/g/3 + (1 — 4a,%/3) ¢y, ....(18.79)
In the"plane xz, the angle ¢ = 0, so that
Ype = V3sin b
Pp, =0 ....(18.80)
¥p, = V3 cos 0
Substitution of equation 18.80 into 18.79 gives, since i, = 1,
fia = @y — aycos 0 + (1 — 4a,2/3)3.v/3sin 6 ....(18.81)

and the values of 4, and 6 at which ¢, has a maximum value will be
obtained by differentiation :

4a,
i_a‘/? =1 —cos§ — —-3—717: -4/3sinf =0
2 1] — T2
\/ 3 ..(18.82)

¢2 azsln0+J 4a2 - V3cosf=0

and these equations are satisfied if

cosf=—1/3 ; a,=1/2 ....(18.83)
and consequently '
by = —1/2V3 ; d,=V3 ... (18.84)
and substitution of these values in 18.74 gives
s =1-,b, :2 Yy, — 2\/3 Y, .. (18.85)
Since cos 8 = — 1/3, the function ¢, is directed along an axis making an

angle of 109° 28’ with the z axis. In a similar manner we find for the
third and fourth electrons :

g = !/1, T ‘/’px + = 3
2 2‘/3 ‘/2 "L s
Yy = 3 :/1, 2\/3 7y 76.“/’1:,, ”;75 ¥,

the angle between any two axes being the tetrahedral angle.
Another series of tetrahedral orbitals may be obtained starting from the
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assumption that each hybrid orbital consists of one quarter of each of
the s, p,, p, p. electrons (ie., a,®='a,®2=a4®=a,2=1). On this
basis the coefficients of ,, Yp,, ¥p,, Yp. in the combined function will be
+ 4. The four orbitals will thus differ in the different arrangement of
the + and — signs of the wave functions :

P =14 (‘/’, + ‘»bpx + '/’y, + ‘/’h)
Yo =3 (b, — Yy, — ¥y, + ¥p,) ....(18.87)
Py =1 ('/’, - '/'p,, + '/‘p, - ‘/‘pz)
Yo =1 (P + W, — Y, — V)

These functions are exactly equivalent to those given above, their
advantage lies in the fact that the identity of the four orbitals is more
apparent.

For the hybridization of one s and two p electrons, the s function is
divided equally amongst the three resulting hybrid functions, so that into
each hybrid electron orbital there enters onc third of the s cloud (i..
a? = 1/3). The first orbital may therefore be represented by

$1= V134, + V234, ....(18.88)
and is directed along the x axis. The remaining orbitals will be

Py = ayp, + bythy, + Cz‘/’p,

Y3 = agy + bahy, + C3fyy ....(18.89)
From the normalization conditions it follows that
4% + by 4,2 =1 8
0y bt 4 62 = ....(18.90)
and since
ay = @z = '\/W:} (1891)
then

by? + ¢y? = 2/3
by% + ¢ =2/3
From the orthogonality of the wave functions it follows that

j‘(\/T/E Yo + V2B ¥p) (VIJ3 b, + boty, + oy )dr = 1/3 + V2[3 by = 0

... (18.92)

....(18.93)
Hence from equations 18.92 and 18.93 it follows that :
%=_vm}
. oo (18
and similarly :
by = — V1/6 }
A oo .. (18.95)
g = — VIR (x8.95)
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Finally we have
=1 2
b= bt WG

1 1 1
b= b= gt U, - (18.99)

=1 T
b=t st T Vet
The hybrid wave functions of one s and p electron will be

1 1 3
¥y = 5 e + ¢'ﬁ |
2 2 7%
\g 1/1 ....(18.97)
b=y b=t
VS RAER VS M
Five hydrogen like 4 orbitals are :
4, = Jif(r) (3 cos? 6 — 1)
dyie = A/15f (r) sin 8 cos 8 cos ¢
dyre = VI5S(r)sin 8 cos sind ....(1898)

dyy, = J lf £ (r) sin? sin 2¢
15 .y
dy = ,4.f(r) sin? 6 cos 2¢

where f (r) is the radial part of the wave function which need not concern
us, as we are primarily concerned with the angular dependence of the
wave functions.

For six hybrid d2sp3 orbitals we obtain :

. 1 1 1
=t t et Tyt

1 1 1
'/’2 = —\7{3 ¥ — *\/"2-‘/‘;»5 +“\/5 S/’dz
1 1 1
ll's = %ll;‘ + "\‘/12 ‘/’dz + % '/’dx, + ‘\'/2: l/’p,,
1
Yo = \%% 4 Viz da, + s, — ”\;é Yox ... (18.99)

1 1 . __l
P = V6 ¥ +-\7-1"—2 Y, % Ya, + V2 ‘/’p,

_1 1 — -1
Y = V6 P + V12 Ya, — ¥ Yu,, V3 ¥,
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and for the formation of four dsp? hybrid orbitals we obtain by the same
methods :

=+ ey + s,
ba= b+ oy — s, . (18.100)
do =1 — b, + U5 ¥
ho= = by — 5,

VIBRATIONAL AND ROTATIONAL STATES
In order to determine the vibrational and rotational states of molecules,
we shall consider the case of the diatomic molecule. To a first approxi-
mation we shall assume that the vibrations arc harmonic (sce Chapter 1
equations 1.12 ef seq). We have
F = — kx = m(d%/dt?) ....(18.101)

where x is the displacement due to the force F and £ is the proportionality
constant. The angular velocity w is given by

w = v/k[m ....(18.102)
and since
w = 2m ....(18.103)
where » is the frequency of vibration hence
i .
v = (1/27) Vk/m ....(18.104)

In a diatomic molecule, if both atoms are vibrating, the masses are m, and
my and the equilibrium distances from the centre of gravity of the molecule
are r; and r,, then

myry = myry ....(18.105)
Let the nuclei be displaced through distances x; and x,, the centre of
gravity will remain in the same position and hence

my(ry + %) = my(ry + ¥5) . +...(18.106)

or

myXy = MyX, ....(18.107)
Thus we have x; = myx,/m, and x, = myx,/m,. The total displacement is
(x4 + x,) and cousequently

F = — k(x, + x,) ....(18.108)
substituting for x; and x, we obtain
= g(MaEmY, (Tt
F=—k - )x2 = K( m )% ... (18.109)

The corresponding equations of motion, will be :

d%x m, +m d2x my +m
m‘ﬁ=—k(wlm2 2)x1andmza—t§g=-—k(—lm 2)x2
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Multiplying the first equation by m,/(m; +m,) and the second by m,/(m, +m,)
and adding, we obtain 7
mymy ) (€% 4 d%g)
(m1+mz)(dt?‘ + 7n ) = —k(x; +x5) ....(18.111)
Replacing (x; + x,) by x, we obtain
mymg A% _
my + mg dt2 kx
This represents the vibration of a particle of mass m where
m = mymyf(m; + my) .o (18.113)
Thus, the vibration of two atoms about two equilibrium positions may be
replaced by a single oscillator with a reduced mass m. The frequency of
the oscillator will be o .
v = (1/2m)Vkjm = (1/2n)Vk(m, + mg)fmmy ....(18.114)
The work done in displacing the oscillator from the equilibrium position
to a distance x is

... (18.112)

kadx=kx2/2 ....(18.115)

0
This quantity is numerically equal to the potential energy V. Since
x = A cos 2nvt (where 4 is the amplitude) then

V = kx?/2 = 20%?mx® = 20%?mA2 cos? 2mvt  ....(18.116)
The kinetic energy T is given by,
2
T =m?2 = ’g(?—;:) = 2n%?mA?sin2 2mt ....(18.117)

Thus the total energy of the oscillator is :
E = 2n%?mA?(cos? 2mvt + sin® 2mit) = 2n¥2mA?
«...(18.118)
In the old quantum theory it was assumed that the oscillator may only
have certain energy values defined by :

E = zhy ....(18.119)
where n is an integer. The oscillator can absorb energy only in quanta,
and the energy changes from E,=nhv to E, , = (n + 1)lv. From
equation 18.118 we have

E, = nwv = 4,2x%%n ....(18.120)

E, = (n+ 1k = 4%, . 2x%m ....(18.121)

During the absorption of energy, the frequency remains the same, only
the amplitude changing. Thus in contrast to the classical treatment the
amplitude cannot possess any values but only certain values 4, 44/2,

4+/3, etc and

Aoy Vntl ....(18.122)

In the same way that the application of quantum mechanics has modified
the original quantum treatment of the hydrogen atom, the above equations
have to be modified. The Schrédinger equation for a linear oscillator is

2 2,
%x_'_/; +8Wh;n (E_2172,27nxz)|/1=0 ....(X3.123)
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For convenience in the following treatment we shall put

2, 2.
S”hTE =a and 4"/1'"' =b «oe.(18.124)

and
alb = 2E|hy ....(18.125)

In place of the coordinate x, we shall employ a coordinate ¢ which is
related to x by

g=2xvp «...(18.126)
Then . .
d%y d
W=b2§%’ ... (18.127)
Substituting equations 18.125 and 18.127 in 18.123 we obtain :
d? a
a_’_qif+(z_q2)¢=0 ....(18.128)

On solution of this equation it appears that a/b may assume only the

values 1, 8, 5, 7 etc, or in general 2n + 1, where 7 is an integer. It is clear,
for example, that

¥ = exp(— ¢%2) ....(18.129)
is a solution. The second differential coefficient of equation 18.129 gives
42
‘ @"f— 1—g¥)y=0 ....(18.130)
ie.
afb=1=2E/lv or E=1h/2 «...(18.131)
also
¥ = 2qexp (— ¢%2) ....(18.132)
may be a solution ; on differentiation we obtain
d*y
dgF TG —ag=0 «o(18.133)
and ,
ab=3 or E =32 oo (18.134)
Other solut’ons will be
¥ = (4g° — 2) exp (— ¢*/2) E = 52
....(18.135)
¢ = (8¢° — 129) exp (— ¢%/2) E = Thv|2
....(18.136)
¢ = (1644 — 48¢% + 12) exp (— ¢%2) E = 9hy/2
... (18.137)

From the above solutions we see that in general the energy of the
oscillator (harmonic) may be expressed by

E=(n+3%iw ....(18.138)
and the energy may only assume certain values and is never zero, the lowest
value (i.e. the zero point energy) being $A».

Let us now consider the possible rotational states of the diatomic
molecule. The rotational energy of a diatomic molecule is given by
E = m,%/2 + my0,%/2 ....(18.130)
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If the electron be described by the function ¢, the average value of its
coordinate, x, is given by the following expression :

f Yxpdr
f Y2dr

which will represent the mean value of the coordinate of the electron cloud
in the state represented by the function . This expression is obtained in
the following way. It will be remembered that in classical mechanics, the
f S (x)xdx
average value of any dimension x is = —— where f(x)dx is the
S (x)dx
probability that x has a value between x and x 4 dx. Let us consider a
particular example. If the distribution of velocity of gas molecule obeys
Maxwell’s law, the probability that a molecule has a velocity between v and

....(18.184)

X =

v 4+ dv equals 4 (exp:é{%'ﬁ) v2dv, where 4 is a constant. If this expression
be integrated through all values of v we obtain :
Af exp (— mo¥2kT)o%dy = 1
or
A =1/ exp (— m2kT)o%v

If the total number of molecules is N, the number of molecules with a
velocity between v and v + dv is :

NA exp (— mv?/2kT )v2dv
The sum of the velocities of these molecules is
NvA exp (— mo?/2k T )v2do
The sum of the velocities of all the molecules is therefore
f.NvA exp (— mv?/2kT)v3dv
and the mean velocity
v= f vA exp (— mv/2kT )v%do
Substituting for 4 we obtain :
Iv exp (— mv?[2kT )v3dv J‘vf(u)da
f exp (— m®/2kT)o%dv f £ (v)dv

where f (v) is the probability that the value of the velocity lies between
v and v -+ dv. In quantum mechanics where the probability is given by
Y2dr or more exactly by y*{idr we have the analogous formula

[9#par
[wriar
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Following equation 18.184, for several electrons the average value of the
coordinate will be

o [VExgdr
2y = fm' ....(18.185)
! f¢2d7

wherei =1,2,3...... n and n is the number of electrons.

In a diatomic molecule the electronic centre of gravity will be found
on the line of centres which may be taken as the x axis. If the origin
of the system of coordinates is located at the centre of gravity of the
positive charges, the distance Ei:x;, determined by equation 18.185, will

give the average distance between the electrical centres of gravity. The
dipole moment will therefore be

e| YyZx bdr
m= ul/" A ....(18.186)
f yodr
In the case of two electrons the above expression becomes
e| (xy + xg)pdr
®wo= ——J:———l———i——’ ....(18.187)

[p2ar
If the bond in the molecule is entirely covalent then its moment may be

obtained by substituting into this expression, equation 3.95, for the homo-
polar bond :

[T (@) + WOR@PE + 5 e g
Phom, = ) T 252
which on rearrangement becomes
e[ s2(@) (5 + x)dr e [h21P2@) 1 + x)dm
MHehom. = G 5 3 +
2 4 282 2 +2§

L [ ¢a(l>¢b<1>;ﬁaj_2>2 sbs,,z@) (b +adr g a0y
From this expression it is clear that the moment of the homopolar bond

consists of the moments of the structures #,%(1)y;,%(2) and 2(1)¢,%(2)
corresponding to the location of the electrons on atoms a and &, and the

moment of the transitional structure y,(1)s(2) ha(2)s(1) :

_ 6f¢a”(l)¢b2(2) (1 + %9)dr 44 4 B)

1 2 252 2428t
....(18.190)

e[ b2 (V)92 (31 +x)dr (B 1 4)

By = 2 I 25 T2 428
... (18.191)
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2 [ a1 a(2) (@) (51 + x)dr 4TS
Pper. = PERAY T2 28

... (18.192)

where
N 4= flﬁﬁxdr B= f d2xdr T = f pabpxdr ... (18.193)

Let us place the origin of the system of coordinates midway between
the atoms, then

A =12 ....(18.194)
B=—1/2 ....(18.195)

where r is the interatomic distance. It is then clear that p; =ps =0
and for bonds between identical atoms the integral T and hence ppom.
become zero and the molecule, as is to be expected, is nonpolar.

In the case of covalent bonds formed between different atoms, the
electron cloud due to the transitional structure is almost certain to be
asymmetric. Although we have considered the motion of a pair of tlectrons
in the field of two identical positive charges, it is nevertheless necessary
to take into consideration the fact that the wave functions of the electrons
taking part in bond formation may be different (for example, one may be
an s electron and the other a p electron as in HF). Consequently it is
not clear a priori whether or rot the transitional structure possesses a
moment. The calculation has been made for the bond in hydrogen
fluoride, where the asymmetry of the electron cloud might be considered
to be significant owing to the considerable difference in the electronega-
tivity of the hydrogen and fluorine atoms. It is found* that the moment
is less than o1 D and we may therefore conclude that the moment of a
homopolar bond is in general negligible.

The ionic state of the bond is described by the function #,(1),(2), we
then obtain,

b= e[ 2 0)Ge3@) vy + x)dr = 2ed = er ... (18.196)

in accordance with the usual expression.

In bonds between different atoms the dipole moment may have inter-
mediate values owing to the superposition of covalent and ionic states.
In such cases the bond is described by the function

b= cr{a(1)$s(2) + $s(1)¥a(2)} + cotha(1)¥u(2)

....(18.197)
Substituting this expression into equation 18.187 we obtain,
— o 1°[2(A+B) +4TS) +2c,°A +4cycy(AS+T) _ e(eg’r 42016, TS)
K 01 (21 28%) FopttdeycyS =22 +25?) +622(+{;Lclc§;‘
....(18.19

The bond moment is thus composed of the moment of the homopolar
structure <
24 + 2B 4 4T
Phom, = € N R 0 ....(18.199)

where N is the normalization constant.
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The moment of the ionic structure will be :
pi = ¢ . 24/N = er/N with coefficient ¢,% ....(18.200)
and the moment of the transitional structure is,

245 +T. ~ 245 _ S . .
P = ¢ g S EF TR with coefficient 2¢ ¢,

’ ’ ....(18.201)

Equation 18.198 may be used to calculate ¢; and ¢, and by this means
the weights of the different valence bond structures may be determined.

DEFORMATION, ORIENTATION AND DISPERSION EFFECTS

Let us now calculate the field due to a dipole. The potential due to the
dipole AD at the point O (Figure 8¢) will be efry — efry = e(rg — 11)[1112
where 7, and 7, are the distances of
the point O from the positive and nega-
tive ends of the dipole. If O is a
sufficiently large distance from AD, we
may substitute 72 for 747y, where 7 is
the distance from O to the centre of
the dipole and it will be possible to

regard the angles OAD and OCD as

equal.
From the figure, we see that

7y — 1y = AB =l cos ¢
....(18.202)
where [ is the length of the dipole and
4 is the angle OAD. Thus the potential
energy V is given by :

Figure 84. Field due to a dipole

V = (el cos ¢)[r% = (pn cos ¢)/r® ....(18.203)
The field component in the direction of 7, will be
— Vfor = (2p cos ) /[r? ....(18.204)
and in the direction perpendicular to this,
— V[rogp = (usin)/[r3 ....(18.205)

From equations 18.204 and 18.205 we obtain the following expression for
the resulting field

2 3 : AR} . 3
P { (et (o) Yo e+
E 2 ¥
=5{3cos’+1 ....(18.206)
The mean value of cos’¢ is equal to 1/ since the probability that an angle

lies between ¢ and ¢ + d is ksinddp ; the average value of cos?p is
therefore

[ cosg sin gap = 1/3
(4]
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Consequently the mean value of F becomes :

F = py/3)rs ....(18.207)

We shall now obtain an expression for the deformation interaction of

two molecules. The action of the field F, of the first molecule is to induce
into the second molecule a moment given by,

my = ex = ayk, ....(18.208)

where x is the displacement and a, is the polarizability of the second

molecule.
The force acting on the charge ¢ is Fie. On the displacement of this

charge through a distance x by the field, the work done is fF 16dx and since
0

from equation 18.208 we have :
eFy = ex[ay
consequently

'[Fledx=ffixdx=ffiz=21€f «+..(18.200)
° ° Qg 2a2 2

The potential energy of the induced dipole of the second molecule in the
field due to the first molecule is — Fym, cos f (see equation 18.177) which
in the present instance will be — Fym,. Thus combining with equation
18.208,

Fymy = — Fia,F) = — a,F;? ....(18.210)

Consequently from equations 18.209 and 18.210 the total potential energy
of the induced dipole in the field of the first molecule is

— agF )% b apF 32 = — a,F\%2 ... (18.211)

If the second molecule has a dipole moment of p, and the polarizability
of the first molecule is a;, a moment is induced into the first molecule
equal to m; = «,F, and the };otential energy of the first molecule in the
field of the second is — a,F,%2. The total energy of the two molecules
is therefore

— a,F\%2 — o, F 22 ... (18.212)
For two identical molecules,

a; = ay and My = fo

so that
E = — aF? .o (18.213)
and substituting for F from equation 18.207 we have
Ede/. = — 2;[.20./7'6 e (18-214)

The equation 18.214 expresses the deformation energy of interaction of
two dipoles and forces of this type do not depend to a first approximation
on the temperature. For the calculation of the energy of orientation
interaction it is possible to proceed in the same manner as in the deduction
of the Debye equation (see above) but it is also possible to proceed directly
from equation 18.214.

If a molecule possesses a permanent dipole moment , it is equivalent
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to the existence of an effective polarization of u2/3kT (equation 18.183)
and substitution into equation 18.214 leads to

E, = — 2u4/3r%T ....(18.215)

This expression will only be valid at high temperatures, since in the
deduction of the Debye equation we restricted ourselves to the case when
VLET. At low temperatures it may be shown that the interaction
energy is given by

: B = — 2utr® ....(18.216)
For the calculation of the dispersion effect we shall consider the inter-
action of two dipolar linear oscillators. Let each of these consist of a
positive and negative charge. The frequency of oscillation », of each
oscillator is related to the force constant £ by the equation

(vo = 1/27) v/k[m ....(18.104)
The force due to the field F on the charge will be
eF = kx ... (18.217)
where x is the displacement. From equation 18.208 it follows that
a = ex[F ....(18.218)
which with equation 18.217 gives
a = ek ....(18.219)
and hence
= L J —"’_T 8.220)
%= 5on) oo (18,
The potential energy of the first oscillator is
V = kx,%/2 ... (18.221)

and the kinetic energy is
T = mv, %2 = p,*2m ....(18.222)

where p, = mo, is the momentum.
The total energy of the first oscillator is therefore

Ey = p.*2m + kx,%2 ... .(18.223)
and similarly for the second oscillator
By = pp%2m + kx,?[2 ....(18.224)

Let us now consider the interaction of linear oscillators separated from
each other by a distance r. From Coulomb’s law there is an electrostatic
energy (Figure 85) :

+ X + X2 -

Figure 85. Interaction of linear oscillators

1 1 1 1 2e2x,x
= ¢24 — - - =2
U=e rxy—x; T xy r—x1+r} I
....(18.225)

The first member of the series gives the interaction of the dipoles, the
second of dipole with quadrupole, the third quadrupole with quadrupole etc.

480

R




MATHEMATICAL APPENDIX

We shall only consider here the dipole-dipole interaction. The total energy
will thus be
= (p1® + £20)/2m + k(x,® + %,%)[2 — 2‘2”"1"‘2/'a
..(18.226)
In order to solve this equation we shall introduce new coordmates u, and
uy, such that _
uy= (5 +x)/V2Z and u= (r;— ”2)/‘/2
..(18. 227)
then
2y = (g +u)[V2 and xg = (uy — "a)/‘\/2
..(18.228)
Substituting the new coordinates in place of x; and x, we obtam in place
of equation 18.226 :

1
£~ [great + 4k = 35)) + [t +3(k + %))
.(18.229)
This expression corresponds to the energy of two oscillators with frcquencles :

71=2;,\/,;(k—ﬁ ....(18.230)

1 1 202
v2=§;~/&(k+?) ....(18.231)
or from equation 18.104,
1 k 2e2
=9on ( k73 = ”OJI - EF’ N .(l8.232)
1
=g (1+k-’ ~V.N/1+k3 ....(18.233)

The physical meaning of this result is that if before interaction both
oscillators vibrate with a frequency v, owing to the interaction the
oscillators now vibrate with different frequencies, one greater and the
other less than the original.

If the zero point cncrgy were originally given by

= hvo|2 + hvo|2 = hv, ..(18.234)
now in accordance with equatxons 18. 232 and 18.233 it will be given by :
,__ o 2¢* fwgy 2¢2
E —--é— (1 ——7{’3) +*2—“(1+7€;‘:;) ....(18.235)
From the series formulae :
(1—at=1—4a/2 —a?8 —a’%16 — ...... ....(18.236)
and
14+ at=1+ a2 — a?8 4 a3/16 — ...... ....(18.237)
we obtain from equation 18.235 .
, ¢
E =t (1 — 27:576) ....(18.238)

Thus owing to the interaction, the potential energy has decreased and the
system is more stable. On combining equation 18.238 with 18.219 the
energy of attraction will be given by

AE = hvoa?[2/8 ....(18.239)
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If the oscillators are not linear, the oscillations must be considered in
terms of the component along the x, y and z axes and equation 18.225
becomes :

u = e¥(x1xy + 9175 — 22;2,)[1® ....(18.240)
E = — 3aZhyy[4r8 ... (18.241)
Srater and Kirkwoop® obtained an expression for the dispersion

energy in terms of the polarizability and the number of electrons in the
outer shell ¥:

and

3ch  [Nad
E=—tp _m“_ ....(18.242)

This expression may be obtained by inserting the value of v, from equation
18.220 1n 18.241. .

ENERGY STATES OF AN ELECTRON GAS

We wish to calculate the energy of an electron gas in a cubic box of
side L when over the whole space of the box the potential is zero whilst
at the surface of the box it becomes infinite, remaining so everywhere
outside the box.

Let us consider first the simplest case of an electron moving in one
dimension, along the x axis. The Schrédinger equation is : :

d%) | 8n?m

m-!‘%—«E:/::O ....(18.243)
and its solution is given by '

Y = sin (8n2mE[h%)} . x ....(18.244)

In the particular case under consideration, it is necessary to impose certain
conditions on the wave function ¥ since the electron is enclosed in the box
and may not pass outside it. The wave function must therefore become
zero at the surface of the box, and such functions must therefore have an
integral number of nodes in the length L. Hence,

(872mE[h?)} = nn|L ....(18.245)
wheren =1,2,3,...
Then -
¥ = V3L . sin (nmx/L) ....(18.246)
where 1/2/L is the normalization coefficient,
and
E = n?h%/8mL? . ....(18.247)

For the gerteral case of threc dimensions, the Schrédinger equation has the
form :

Y 2% %Y 8nm
Y% +5-y-§+52§+—’~1—2- Ey=0 ....(18.248)
with the boundary conditions that 4y = O whenx =0, x =L,y = 0,y = L,
z=0,z=0L.
The solution of the equation is
_ [8 . mmx WYY . TN
¢ 7 Sin—p=. sin—4= . sin — ....(18.249)

where n;, ny and ng are quantum numbers.
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The energy may have the values
E = (n,% 4 ny% + ny?) h¥/8mL3 «...(18.250)

orsince L3 =V

E = (n,2 4 nyg? + ng?) h2[8mV?/3 ... (18.251)
In each state corresponding to a particular set of values for the three
quantum numbers, a maximum of two electrons may be accommodated
according to the Pauli principle. Since there are three quantum numbers
it is possible to have different states with the same energy value, f.e. the
states are degenerate. Thus 7,% + n,2 4+ 232 = 6 when

ﬂ1=2 ﬂ2=1 n3=1
ny =1 ny =2 ng=1
n =1 ny =1 n,=2

The various energy levels for the electron in a box are given in Figure 86';
along the ordinate the values of (n,2 + n,2 4 n4?) are shown and p gives the
degeneracy. We now wish to calculate the maximum energy that any
electron may have i.e. the energy of the highest occupied state and the total
energy of all the electrons. Let us consider a lattice in which the distance
between the points is unity (Figure 87); all the lattice points will thus have
whole number coordinates. If the coordinates are ny, n, and ng, the energy
of the state is

B2
E= 8”*“ng("12 + ny® + ng?)
All states of equal energy E will lie on a sphere of radius
(n,2 + ny2 + ny?)t = (8mL2E[h%)} ....(18.252)
22 f——p =3 (332, 323, 233)
21 b—— p =06 (421, 142, 214, 412, 241, 124)
19 t——p=3 (331, 313, 133) .
18 ——p=13 (411, 141, 114)
17 F——p=3 (332 323, 233) =3
o, M p= 6 (321, 132, 213, 312, 231, 123) o o
=
+ b= (222) : :
o 11 |—— p=13 (311,131, 113)
13 o o
+ gl——p=3 (221,212, 122) ..
-
S 6 f——p=3 (211,121, 112)
Figure 87. Lattice for calculation
3|—— =1 (111) of energy levels

Figure 86. Energy levels of an electron in a box

We shall now find the number of states with an energy less than a certain
value E and which will all lie within the sphere of radius given by equation
18.252. As the distance between adjacent points is unity and the number
of points within a sphere is equal to its volume, the density of the points
will be unity. We are, however, not interested in all the points but only
those for which all three quantum numbers n;, n, and ng are positive,
since only such points express the quantum states. It is evident that all
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such points will lie in an octant and that the number of such points will
be 1/8 of the volume of the sphere of radius (8mL2E/h?)t. Hence we find
that the number of quantum states with energies less than E is :

14 8mL2E\% = (8mL2E\} 8
n=zs (_.__..h2 ) "B(Mhﬂ ) ....(18.253)
and since
L=V
we may rewrite this as
n __ oV [8mE\}

If E,,. represents the maximum possible energy of the electron i.e. the
energy of the highest of the occupied states, the number of states with
energy less than E,,, is given by : )

111/ 8mEm 4
5 (7)

We wish to obtain the minimum value of the energy of N electrons, i.e.
the state when N/2 lowest levels are occupied by pairs of electrons ; by
doing this we can then compare the number of occupied states N/2 with
the number of states with energy less than E,,,

N oV (8mE,.\1
9 =g (T‘) ....(18.255)
and hence
Ep = 1 (3NV3
8m ,’,‘[7) ....(18.256)

It is therefore ex{idcnt that E,,, depends only on the number of electrons
in unit volume i.e. N/V. The number of states from E to E 4 dE may
be obtained by differentiating 18.254 with respect to E. We obtain :

oV (8m\%
T(;;z') VE . dE ....(18.257)

Since in each state there may be accommodated two electrons, the number
of electrons in these states is

vV (8m\% _
2%(?) VE.dE ... (18.258)

The total energy of all the N electrons may therefore be obtained by
multiplying 18.258 by E and integrating from 0 to E,,, :

Epaz
aV (8m\ § — 3
E=IT<F) EVE . dE =-5—NE,,,,,,, ....(18.259)
[}

and hence the total energy of an electronic cloud in its ground state is
& AV (3N
T 40m (‘n'V)
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— levels of diatomic molecules 144

— orientation 478

— resonance 83, 245-247, 252, 253, 434,
440, 445, 446

— rotational 144, 145, 162

— single and double bonds 256

— vibrational 146

— zero point 147, 330

Ethane 179

— crystal structure 310

— rotation in 287

cis-2,3-Ethoxybutane 179

trans-2,3-Ethoxybutane 179

Ethyl acetate 350

— alcohol, atom polarization 196

" — — heat of vaporization 262

— benzene, resonance energy 246

13, 14

344, 346

Subject Index

Ethyl chloroacetate 350

3-Ethyl pentane, heat of formation 243

Ethylene 179, 291

— arrangement of bonds 76, 77

— heat of chlorination 241

Ethylenic hydrocarbons, heat of formation
2,

44
Europium 354
Exchange energy 71, 424
— integral 53, 59
Excitation energy 23

Facke centred cubic lattice 295

Felspar 338

Ferromagnetism 349

Ferrous chloride | 353

Fluorene, dipole moment 278

— resonance structures 214

Fluorine 22

— molecule, molecular orbitals 135

— valency states of 118

Fluorite lattice 313

Formaldehyde, resonance structures 218
Formanilide, association in solution 277
Formic acid, dimerization 273

— heat of dimerization 275

Four electron problem 434

Free radicals 95, 353

— stabilization of 96

Fulvene, energy 445

— resonance energy 446

Fumaric acid 291

Furan, resonance structures 119, 231, 249

GaLLium 27, 38

— crystal structure 302
Gerade molecular orbitals
Germanium 39

— oxide 338

Glass 339

Gold, electron affinity 40
Granite 338

Graphite, heat of formation 299
— lattice 298

Graphitic oxide 299
Gyromagnetic effect 352, 354

130

HaLIDES, electrical conductivity of fused 328

— melting points and electrical conducti-
vity 327

Halogen compounds 324

Hamiltonian operator 48

Harmonic vibration 146

— wave 5§

Heat of chlorination 241

— combustion 241

— dimerization 275

— dissociation 241

— formation 111, 237~239, 243, 244, 252,
257, 258, 269, 277, 299

. — neutralization 249



Subject Index

Heat of sublimation 262, 264, 302, 303,
308, 309

— vaporization 262

Heisenberg’s uncertainty principle 8

Heitler-London theory 55, 81

Helium <20, 22, 30

— heat of vaporization 262

— valency state 108

n-Heptane 200

— heat of formation 243

Heterocyclic compounds 247

dipole moments of 231, 232

Heteronuclear diatomic molecules, electron
distribution 136

Heteropolar bond 100

Hexachlorbenzene 179

Hexagonal close packing 294

Hexamethyl benzene 181

Hexamethyl ethane 243

Hexamethylene tetramine 332

n-Hexane 200

— atom polarization 196

Hexa-p-nitrophenyl ethane 234

Hindered rotation 289

Homonuclear diatomic molecules, electron
distribution 133

— — — dissociation energy 151

— — — internuclear distance 151

— — —- vibrational frequency 151

Homopolar bond 43, 102

— double bond 241

Hume-Rothery rule 300, 301

Hund’s law 24, 41, 343

Hybrid bonds, special arrangement 348

— electron functions 461

— orbitals 347

——3p 75

——sp® 75

——sp®

— — — directional character 75

Hybridization of bond orbitals 74

Hydrazine 189

— heat of dissociation 241

— — — formation 257

Hydrazoic acid, resonance structures

Hydrides 152

— crystal structure 329

— dissociation energy 153

— internuclear distance 153

— vibrational frequency 153

Hydrindene 204

Hydrogen 20, 22, 30, 199

— atom, electronic states 10

— —, structure 1

116

3
— — and properties of liquids
— — formation 275
— — in hydroxide lattices 333
— — —ice 273, 311
~— — — salt hydrates 387
— — intramolecular 282
— — length of 273
~— — nature of forces 27
— chloride, molecular orbitals 136
— fluoride, hydrogen bonding 275
— heat of vaporization 262
— molecule 55, 308

279

495

Hydrogen molecular bond energy 65, 67
— — complete wave function 11

— — interatomic distance 65, 67, 69
—=—ion 45,133

— — molecular orbitals
— — — bond energy 54
— peroxide 256

— — structure 211
— sulphide structure
— valency states, 108
Hydroxides, bond distances 333
— crystal structure 329
o-Hydroxybenzaldehyde 282

133

122

IcE, hydrogen bond in 273, 311

Indium 38

— crystal structure 302

Induced dipole interaction 263

— polarization 263

Inert gases, molecular compounds 269

— — refractions 199

Inner coordination compounds 389

— pressure 267

Interatomic distance 4, 179

— — alkali halides 191

— — — metals 69

— — carbon compounds 191

— — CC bond 178, 180

— — CCl and CF bonds

— —CN bond 184

— — C-O bond 182

— — C=0Obond 182

— — hydrogen molecule 69

— — metals

— — polyatomic molecules ?

Interionic distance in AgBr, AgCl,.Agl 1go

— — —crystals 319

— — — CsCl lattice 323

Intermolecular attraction 262

Internal rotation 286

— — energy of activation 288

— — inhibition by hydrogen bond 291

— — variation of potential energy during
287, 290

Internuclear distance 65, 67, 151, 153,
155, 156

— — single and multiple bonds 257

Interstitial solid solutions 305

Intramolecular hydrogen bond 282

Todic acid 334

Ion, chargeability

— polarization of 198

Ionic bond 100, 102

Ionic character of bonds

— crystals 31

~— — energy of 316

— molecules 102

— — bond energy of 101

— radii 320, 321

— — additivity 320

— — ratio 320, 323

— — table of 322

— radius  18g, 321

Ton-induced dipole forces 270

Ionization potential, elements 36, 37, 39

187

108

100
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Ionization potential, molecules 265

Iron 27, 344, 346

— acetylacetonate 391

— electronic structure 356

Isobutane 17

— heat of formation 243

Isobutylene 213, :34

Isoelectronic molecules 137

Isomeric change, change in heat content
243

Isopentane, heat of formation 243

Isoprene, resonance energy 245

Isoquinoline, dipole moment 229

Isotopic molecules 157

KEekULE structures of benzene 82
Kerr effect 195
Ketene 179
Keto-enol tautomerism
Krypton 27

— heat of vaporization 262

178, 253, 254, 284

LAGUERRE functions 458
Landé splitting factor 352, 354
Langevin-Debye equation 472
Lanthanons 27, 30

Lanthanum 27

Lattice energy 316, 317, 319

— — hydroxides 329

— — oxides 332

— — silver and copper halides 325

— — thallium halides 328

Lead, crystal structure 302

— monoxide 332

Legendre functions 456

Linear combination of atomic orbitals 129
Lithium 20

— borohydride 406

— electron affinity 40

— molecule, molecular orbitals
— valency states 108
Localized bonds 68, 72
— molecular orbitals 139
— pairs, method of 71
Lorentz-Lorenz equation

134

105

MADELUNG’s constant 316
Magnesium, electron density map 303
Magnetic criterion of bond type 349
— moment, lanthanon sulphates 353
— — salts of transition elements 354
— quantum number 10

— susceptibility 349

Maleic acid 291

Manganese 27, 344, 346

— crystal structure 302
Markovnikov rule 212

Mendeléeff periodic table 30

Mercury 346

— crystal structure 302
— electron affinity 40
Mesitylaldehyde 173

Mesitylene 181, 227

Subject Index

Metal hydroxides, crystal structure 333

Metaldehyde 179 "

Metals, electrical properties 303

— interatomic distances in 4

— structure 301

Metallic carbonyls 358

Methane 211

— crystal lattice 310

9-Methoxy-10-phenanthroxy radical 97

Methylacetylene 212, 213, 245

Methyl alcohol, atom polarization 196

1-Methylbutadiene, resonance structures
214

— resonance energy 245

2-Methylbutadiene 214

Methyl cyanide 183, 220

4-Methylglyoxaline, dipole moment

2-Methyl hexane, heat of formation

3-Methyl hexane, heat of formation

Methyl isocyanide 183, 184

— — resonance energy 253

2-Methyl nonane, heat of formation

5-Methyl nonane, heat of formation

Methyl radical, formation g7

278
243
243

243
243

Mica 338

Molecular beam 197

— compounds 269

— — heat of formation 269

— crystals 308

— — heat of sublimation 308, 309
—ions 155

— lattice 103
— orbital treatment 129
-—— — — comparison with electron 129

+ — pair method 141

Molecular orbitals diatomic molecules
— — homonuclear molecules 133
— — localized 139

~— — Mullikan’s notation 133

— — non-localized 140

— — polyatomic molecules 139
Molecular refraction 194

— — additivity 200

— — exaltation 202-204

— resonance 120

— spectra 143

Morse equation 149

Mullikan’s notation of molecular orbitals

129

133
Multiplet splitting 30
Mutual suppression of ionic structures 216

NAPHTHACENE, resonance structures g2

Naphthalene 179

— bond inequality 87

— canonical structures 87, 88

— hydrogenation 86, go

— resonance energy 246

— substitution in 87

pA-Naphthylamine, dipole moment 278

— heat of neutralization 249

a-Naphthylamine, heat of neutralization
249

Neon 22

Neptunium 31



Subject Index

Neutralization, heat of 249

Nickel 27, 344, 346 .

o-Nitraniline, heat of neutralization 249

p-Nitraniline, dipole moment 278

— heat of neutralization 249

— resonance structures of 248

Nitrate ion, structure of 116, 189, 259

Nitric acid, anhydrous 188

— — Raman spectra 188

— — structure of 259

Nitric oxide 353

— — molecular orbitals 138

Nitrides, dissociation energy 155

— internuclear distances 155

— vibrational frequency 155

Nitriles 177

4-Nitro-4’-aminodiphenyl 227

Nitro compounds 366

. Nitro group 116

Nitrobenzene, atom polarization 196

— dipole moment 2%8

— resonance structures 121, 128, 220

m-Nitrobenzonitrile, dipole moment 226

o-Nitrobenzonitrile, dipole moment 226

p-Nitrobenzonitrile, dipole moment 226

p-Nitrochlorobenzene, dipole  mome1
223, 226

m-Nitrodiphenyl, dipole moment 222

p-Nitrodiphenyl, dipole moment 222

Nitrogen 22, 252, 301, 343

— heat of vaporization 262

— trifluoride 210

— valency states of 114

Nitromethane, dipole moment

1-Nitro-2-naphthylamine 229

2-Nitro-1-naphthylamine 229

3-Nitro-1-naphthylamine 229

4-Nitro-2-naphthylamine 229

4-Nitro-1-naphthylamine 229

5-Nitro-1-naphthylamine 229

m-Nitrophenol 282

o-Nitrophenol 282, 283

p-Nitrophenol 282

2-Nitroresorcinol 282

Nitrosyl compounds 366

N-methylacridone 233

N-methylketopeperidene

Nonacosane 179

n-Nonane 200

Non-localized molecular orbitals 140

Non-orthogonal integral 53

Normalization ¢

220

233

OcTaHEDRAL holes 305
n-Octane 200
— heat of formation 243
Operators 48
Orbital, angular momentum 131
— antibonding 130, 132, 135
— bonding 130, 132, 135
p-Orbitals, directional character 72, 74
Orbitals, hybrid 74, 75, 347
— overlap 72
s-Orbitals, spherical symmetry 72, 74
g)ix;enmtion energy 478
M,—32

497

Orientation polarization
Ortll:odeﬁ'ect 22‘53

— hydrogen 1
Orthosilti)gaftw d336

Overlap of bonding orbitals 72
Osxanthrene, structure 235

Oxides 154

— crystal structure 329

— dissociation energy 153

— internuclear distance 153

— of nitrogen, heat of formation 258
— vibrational frequency 153
Oxyacids, crystal structure 329
0-Oxybenzophenol 285

Oxygen 22, 24, 200, 301, 343, 353

— coordination number 330

— dissociation energy 156

— electron affinity 40, 156

— heat of vaporization 262

— molecule, molecular orbitals of 135
— valency states 110

a-Oxypyridine 233
— dipole moment
Ozone 210
Ozonolysis of benzene 83
— — o-xylene 84

193, 194

278

PALLApiuM 27

— oxide, crystal lattice 332

Parahydrogen 158

— percentage in hydrogen 161

Paraldehyde 178

Paramagnctism 9

Paramagnetic susceptibility 350

Partial valency 85

Pauli exclusion principle
131, 159, 304, 408

Pauling’s method of islands 437

n-Pentane 179, 200

Pentane, heat of formation 243

1-Pentene 239

Periodic classification of the elements 16

— law 16

17, 18, 31, 61,

—— table go
— — expanded form 31, 34, 35
— —— Mendeléeff form 32, 33

Periodicity of properties of elements 36
Peroxides 201

Perturbation 47

Perylene, resonance energy 246
Phenanthraquinone, resonance structures

230
Phezr‘mnthrenc, hydrogenation 93
— resonance energy 246
— resonance structures 93
Phenol 254
— resonance structures
Phenyl iodochloride 221
Phosgene 187
— carbonyl group frequency 171
Phosphorus, crystal structure 300
— valency states 124
Photoelectric effect 3
Phthalocyanine, structure 185

121, 221
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a-Picoline, atom polarization 196
—— resonance energy 244
B-Picoline, atom polarization 196
— resonance energy 247

Planck’s constant 1

Plutonium g1
Polarity of bonds
Poianzability 167
— atoms 197

— jons 198

210

Polarizaton 193, 194, 197, 296
— awom 19

— dielectric 193

— electron

193, 194, 195
— induced 263

— orientation 193, 194

Polyelectron problem 434
Potassium 27

Potential energy curve 146

— — — diatomic molecule 146, 147
-— — — harmonic oscillator 146

— — — hydrogen molecule 148

— — surface 432

Primary solid solutions 305
Principal quantum number
Principle of superposition 5
Propagation OF light, theory of 3
Propane 179

Propargyl chloride 187

Proton affinity of ammonia 326
Protonated double bond 396, 399
Propylene 212

Pyrazine 179

Pyrazole, dipole moment
Pyridine 179

-— atom polarization 196
— dipole moment 229
— resonance energy 247
Pyrites 340

Pyroxenes 337

Pyrrole 179

— dipole moment

2, 10

278

278

QUADRUPOLE 263

— interaction 264, 266

Quantum number 2, 10, 18

Quenching of orbital magnetic moment
354, 355

Quinoline, dipole moment 229

— resonance energy 247

Quinone 179

RaMAN EFFECT 163

— — applications of 178

— spectra 188

— frequencies of acetoacetic ester 178

— ——C=C, C=C and C=O bonds
176

— — — nitriles 177

Rare earths 27

Ratio of valency electrons to atoms in

allo
Rayleigh scattering 164, 165

Subject Index

Refraction, atomic 201

— bond 201

— bonds involving hydrogen 199

— — — oxygen 200

— inert gases 199

— inorganic molecules 197

— molecular 194, 199, 200, 202, 203, 204

— — organic molecules 200

— — peroxides 201

Relative strength of bonding and anti-
bonding orbitals 135

Relaxation time 194

Resonance energy 83, 245-247, 252, 253,
434, 440, 445, 446

— benzene derivatives 247

— calculation

— comparison of calculated values 449,
450 .

— covalent and ionic structures 100,
105-107

— heterocyclic compounds
— nitrogen compounds 252
— molecular 120

— of valency structures 81
Rhenium 31

Rhodium 27

Rhombic sulphur 300
Rotational energy 144, 145
— — hydrogen 162

— — orthohydrogen 160
— — parahydrogen 160
Rotational spectra 145

— states 460

Rubidium 27

Rumer’s theory 436
Russell-Saunders coupling 352
Rutherford-Bohr theory of atomic structure

247

1
Rutile lattice 313

Rydberg constant 2, 9

SALICYLALDEHYDE 285

Salicylic acid 283

Salt hydrates 383

— — hydrogen bond in. 387

— — stability 388

Samarium 354

Scandium 344, 346

— electronic structure 26
Schrédinger wave equation 6, 7, 46
— — for hydrogen 7,9

— — solution for H atom 452
Screening constant 321
Selanthrene, structure 235
Selenium 39

— crystal structure 300
Semipolar bond 113
Senarmonite, crystal structure 331
Silica, crystal structure 314
Silicates 334

Sillimanite 338

Silver 27

— electron affinity 40

— fluoride, crystal structure 324
— iodide, crystal structure 325



Subject Index

Slater’s method for three electrons 409

Sodium 27

— bromide, interionic distance 190

— chloride, electron density map 315

— — interionic distance 190

— — lattice 312

— iodide, interionic distance 1go

Solid solutions, factors governing formation
305

Spectra, diatomic molecules

a 143
— electronic 145
— molecular 143
— Raman 1
— rotational 145
— vibrational-rotational 145, 163

Spherical coordinates 12
Spin of electron 17

— quantum number 18
— wave function 61

s-States 10

p-States 10

d-States 10

f-States 10

Stilbene 179, 181

— resonance energy 246
Stokes lines 164

Strontium 27, 38

Styrene, resonance energy 246

Subhalides of alkaline earth metals 328
Subhalogen compounds, dissociation energy

261
Sublimation, heat of 262, 264, 302, 303,

?08, 309

Sulphamide, polymerization of 126
— structure, 126

Sulphides, crystal structure 339
Sulphite ion, structure 123
Sulphur dioxide, structure
— electron affinity 40
— hexafluoride 124
— trioxide, structure
— valency states 122
Symmetric wave function 62, 159
Synthesis of new elements 31

123

123

TarLcum 338
Tautomerism 82
— keto-enol 178, 253, 254, 284

Tetrachloro-p-quinone
Tetrahedral holes 305
— lattice 295

Tetrahydrofuran
Tetralin 86, 204

196

179

Tetramethylammonium iodide 114
Tetramethylbenzene 179
Tetramethylethylene 181
Tetramethylmethane, heat of formation

243
Tetraphenylhydrazine, dissociation of g7
Thallium 38, 328
— crystal structure 302
Thianthrene 23
Thiele’s theory o? partial valency 85
Thioethers, resonance structures 122
Thiophene 179

499

Three electron bond

— — problem

— — system, spin states 411

Tin, crystal structure 301

— monoxide, crystal structure 332

Titanium 344, 346

Toluene 212

— atom polarization 196

— resonance energy 246

p-Toluidine, heat of neutralization 249

Transition elements 31

— — magnetic moment of salts 354

Transitional electron cloud 106, 107

— structure 55

Transuranium elements 31

Triacetylacetone derivatives 391

Trialkyl phosphines, oxidation 125

Triboranetriamine 404

Trichlorbenzene 350

Trimethylamine 189

— oxide, dipole moment 278

2,2,4-Trimethyl pentane, heat of formation
243

1,3,5-Trinitrobenzene 196

Triphenyl methane, dipole moment 278

— resonance energy 246

Triphenylmethyl 95

Trouton’s rule 237

138, 258

UNCERTAINTY principle 8
n-Undecane 200

Ungerade molecular orbitals
United atom viewpoint 131
Uranium 31

Urea 182

— carbonyl group frequency 171
— crystal structure 311

— molecular and bond resonance

130

120

VALENCE bond structures, weights of 205
Valence states of second period clements

121
Valency angles 224
— —distortion of 396
— —from electron diffraction measurements
18,
— -—? in carbon compounds
— definition of 108
— oscillation 163
— range of values 361
— states of atoms involving d electrons
343, 345
— structure of elements
— — values 73
Valentinite, structure 332
Vanadium 344
— electronic configuration of 26
Van der Waals’ forces 262, 266, 296
— radius 264, 267
Vaporization, heat of 262
Variation method 47
Vector addition of bond moments
Vibration, harmonic 144
— modes of * 163

75 78

107

206
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Vibrational energy 144

— frequency !il, 153, 155, 156, 172
— — amino 174

— — carbonyl group 169, 171

— — carboxylic acids 171
— — ethylenic compoun 174, 175
— — multiple bonds 168

— — polyatomic molecules 163

— states

— -rotational spectra

N 145, 163
Vinylacetylene 213

WATER, atom polarization 196

— heat of formation 111

— heat of vaporization 262

— structure 311

Wave equation 4

— — Shrédinger 6, 7, 9, 46, 452

— function, antisymmetric and symmetric
62, 159

— functions for hydrogen atom 11

Wavelengths of particles from de Broglie
equation 4

Weight of structure 55

Formula Index

Weight relative of valence bond structures
207-209, 217
Wourtzite Jattice 312, 313

XENON 27

— heat of vaporization 262
x-ray spectra of elements 1
0-Xylene, ozonolysis 84

— resonance energy 246

YTTERBIUM 346
Yttrium 27

ZeoLiTE 338
Zero point energy
Zinc 27, 346

— blende lattice 295, 296, 312
— chloride 353

— crystal structure 302

— group 31

— sulphide 340

Zirconium 340

147, 330

FORMULA INDEX

Ag 38, 40, 303
Ag;Al 306
AgsAly 306
AgyAly 306
AgBr 324, 325
AgCd 306
AgCds 306
AgCl 324, 325
Ag(CN)y~ 369
AgF 324, 325
AgH 153
Agl 324, 325
Mg 3’02
[Ag(NHy),]* 384
AgO 153
AgO 330

2150y 306
AgZn 306
AgZng 306
fszna

95: 37, 40, 303

AlB,H,I\?(CH,), 406
AlB,H,; 406
AlBry 406

AlBry* (CgHg);O 270
AlBrg* CHNO, 270
AlBrg-H,S 270
Al(CsH,0,); 3092
AI,ECH,;‘Br, 406
Aly(CH,),Cly 406

AlCl, 327
AlCly-CH, 272, 273
AlCly* CaH,NH, 270

AlCly* (CaH)3O 270
AlCly* (CgH;),CO 270
AlCly- CgH;NO,; 270
AlCly* CgHyOCH; 270
AlCly* CIC,H,NO, 270
AlCl;*HyS 272
AlCly*NH; 272
AlCl, NO,C,H.CH3
Al,Clg 406

Fs 327

270

AlO 153
333

31

Ar 25, 40, 197, 199, 309
As 73,190,256
Asg 151, 155, 340
Asy* 155

As, 257

AsBrg 73, 209
As(CHy)s 73

ﬁ lg 73, 209



Formula Index

ﬁss."s 334 o
u
s 400:63 3

[Au(NH,),J*+
uZn 306

AuZn, 306
AugZng 306

B 22, 23, 37, 40
B+ 107
B~ 107
By 151
BBr 261
B(CH,); 75, 397, 398
BQ(CHS%I 398
gg} 261

s 109, 327
BCl,-CH,C% 270
BCly° CgH;CN 270
BCl,* (CaH,),O 270
BF, 272, 327, 397
BF;* (CH,),O 270, 271
BF,* (C,H,;),0 270, 272
BF,*G;H,OCH,; 270
BFy*C HO 272
BF,*NH; 383
BF,~ 110, 334
BH 153, 154

BH, 35992, 396, 397, 398, 403
B

03
B.H. 288, 395-398, 403, 405, 406

B,H,)?~ 405
(B.H.)(NH.). 405
(BHg)4~ 405
BH; 405
B.H;o 399, 403, 405
BH, 399, 403

BgH,;; 400, 403
BeH,o 400, 403

Ba 23, 37, 38
Bat+ ]933

Ba, 152
BaCl ‘328
BaCl, l327, 328

53
BaO 153, 830
BaS

BaTiSi,Op 337
Be 22,23, 37, 40
Be"" 105, 198

BeAlSiO(OH) 336
Be.Al,Sn.é) 3%

Be

Be(BH, ,N F)s 406
BeBry - 2(CyHy),O 270
BeCl 26:
BeCly 109, 261, 327
BeClg - 2(C,yH;);O 270

BeO 153, 330
Be,O(CH,COO)¢ 182
BeS 340

BeSe 340
BeTe 340

Bi 73

Big 151

BiH 153

BiO 153

Br 40, 41, 190
Br- 198, 199

Bry 100, 150, 151, 189, 205

Br,”® 162
BrCl 100
BrO,~ 334

C 22,23, 40, 190
Ct 107

C- 107

C, 151

CBr, 350

CgBry 179

C,Br, 350

CCLF, 187

CCLF 187

CCl, 43, 112, 187, 211
C;Cl, 187

CH 149, 153-155, 157
155
CH,, 95, 168

CH. 43, 75, 76 181, 199, 211, 239, 242,

44, 309, 3
C,H, 163, 168 181
CgH, 96, 168, 181
C;H; 168



70, 75, 95, 168, 219, 239, 288, 310
79 176, !80, 212, 213, 245, 265
gg, 212, 265, 288

75 239 288

183 24;5 65

175, 213, 2

g, 176, 180, 202, 212, 245, 246, 288

78, 174, 212-214, 244, 265, 288
168

75, 239, 288, 289
289
180, 250

180, 212, 214

176, 202, 212, 214, 245
174, 244

168

75, 239, 288
238
81, 84, 180, 202, 213, 246, 247, 265,

86, 246, 247
176, 202, 203, 212, 245-247
78, 174, 246, 247
239562
95)
212, 214, 219, 224, 265, 268
176, 202, 212
174
239
212, 224, 231
86, 175, 202
84, 212, 265
174, 176
174
239
176, 212
175, 202, 212
176
174

239
86, 91, 203

86, 91, 202-204, 212
91, 202, 212
212

239

175, 203

202, 212

202

239

180

203, 265

203

202

203

239

203, 212, 214
202

91, 93, 180, 203
92, 93, 180, 202, 203, 212
93-95, 203

94, 202

203

202

203

202

CgH¢Br
C,H,Br 225
CyHy,Br 228

C,0H Br 268
C;oH;sBr 228
C,H,BrCl 288, 290

CHCl; 75, 112, 187, 350
CH,Cl, 75, 187, 216, 350
CH,Cl 187, 215, 216
CHCL,F 187

CHCIF, 187

CH,CIF 75, 187

C,HCl =217

CHCl, 187

C,H,Cl, 187, 217, 265
CgH,Cl 119, 175, 187, 265

75, 216, 288
C,H,Cl, 216, 288-2g0
CyHiCl 215, 216
C;HCl; 187

CgH,Cl 187

CH,Cl 383

CsHiCl 175, 215
C;HoCl; 216

C;H,Cl 75, 215
CH,Cl 75, 215
C.H,Cl, 187

187

187

119, 187, 219, 220
213

215

223, 225
225, 226

99

273

75, 187

187

CgH,Cl
CBSHIACIC
G,H,D,0,
CH,F,
CH,F
C,H,F; 216, 288
CH,I; 350
CH,I 268
CH,I 175
C,H,I 225
CH,ICl, 225
CH ICl; 221
CH;Li 112
CH N, 184

Formula Index

) 223, 225, 247



Formula Index

CH,N 168, 208, 219, 288
CHNN 265
1776 183, 184, 219, 251, 267

GC,HgN; 184
209, 265, 288
175, 202, 219
219, 267, 268
73, 184, 206, 209, 265, 383
184, 288, 290
180, 183, 184,, 202, 219
219, 267
183, 184, 247, 277
232, 233
219
121, 219, 221, 225, 247, 248
75, 184, 332
177, 219, 220, 224~-226, 247
228, 240
177, 225
229, 268
C,H,,N 228
CH, Nt 127
CyoH;sN 228
CysHyoN 97
13H1oNy 186
C;yH;;N 222
CiaHipNs 247
165193Ng 115
10H1 N 247
CyHyNy 97
CaglsNg 185
C¢HgNBr 228
C;oH,; NBr 228
C,H,NCl 224, 225
CgHgoNI 114
CH,NO, 168, 184, 215, 219, 220, 267, 383
CH,N,O 120, 171, 182-184, 252, 253,
273, 310
CH,NO 188
g'II:IIBNg 168
2 H;NO, 78, 174, 182, 215, 267, 27
C;HN,O '1]7 * 3
C;H;NO; 174, 215, 267
C;H,NO 189
CHN;O, 252
HeN,Os 252
C,HNO,; 174, 215
252
515 232, 233
CH;N,O 252
CHNO; 252
GC;H,;,NO, 173
CHN,Oy 227
CgHyNO, 121,128, 177, 219, 220, 224-226,
247, 268
CH;NO; 228, 282
CH;NO, 282
CHNO 232
CeHN,Op 225, 226, 228, 248
GeH;NO 233, 248
GCeH,;;NO,; 252
C,H;,NO 286
C,H,NO 252, 277
C,H,NO, 225, 285
C,H,NO; 228
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CH;NO,; 252
CH,NO, 228
CgH,oN;Oy 228
C,H,;;NO 228, 252
CH,;;NO, 228
CyoHgN;Oy 229
CyH,;3NO, 228
CyoNysNO; 228
C;oHyNO, 228
C;;H;sNO 228
C,H,NO; 222
CysH;oNO 116
CysH oN;Op 227, 228
1aH 15 228
Cy,H,;,NO; 228
CyaHgN;Oy 228
CysHy;NO - 252, 285
C3H;;N;Oy 228
C3H;3N;O 252
Cy H,NO 232, 233
Cy H;NO; 252
Cy1H; N,O, 228
1eH1r 228
1sH;sNO; 228, 286
Cy6H 6N:Og 228
17HgoN,O 228
CysHysNsOg 234
18H1sNsOg 233
CyyH;sNO; 252
CysHaNeOrs 234
CgHNO,Br 225, 228
C1oH2NOyBr 228
CH,NOCI 172
C,H,NO,Cl 174
C;HNO,Cl 174
C.H;,NO,Cl 174
C,H,NO,Cl 223, 225, 226
CeHNO,I 225
CH,N,S 183, 184, 253
CgH NS 253
C, H;;NS 232
CyHgNa 112
CHO; 171
CH,O 182, 217, 218, 265
CH,0, 78, 171, 182, 241
CH,O 168, 206, 207, 215,
266, 288
CH,O, 171, 201
C,H,O 79, 182
C;H;0,
CH,;0, 78 273
CoHyOq 171
C,H,O 78, 182, 217-219, 265
C,H, Oy 171
C,H,Oq 273, 274
C,HO 73, 110, 206, 207, 215, 219, 239,
265, 266, 288

219, 230, 265,

C,H,Op 201

C,H,O+ 110

C,H,0 176, 202, 218, 265

CsHO 174, 178, 215, 217, 253, 254,
265, 2

C3HO, 241, 268

C,H,O 215, 239, 265, 288

C;H Oy 201

CH,0,

79
CHO 73, 119, 120, 180, 231, 249



CH,O, 291

CH,O 176, 202, 217, 219, 265
CH,O,; 84,250

CH(O; 249

CHO 174, 175, 217

CHO; 73, 178, 278

273
CH,,O 215, 239, 265, 272

eHeO 121 219, 221, 225, 247, 254
C,H,O, 273
CeH,,0, 178
CeH,,O 215, 239, 272
C,H,O, 283, 284
C.H,O, 283
C,H,O 219, 221, 247
C,H,O, 247, 282
C,H,O 219, 225, 268
C,H,O, 231, 232
C,H,,0; 251
C,H,;,0; 178
GH,O 239
CH,Oy 247
CH,O 172, 247
CgHyO 247
CgH;,0 176
CH,;,0 239
CHO, 232
C;Hy,O 239
CioHy O 173, 228

10H160 176
CyoH\,O 239
C,,H,,0 173, 228

1sHsO 231
C;sHgOy 235
Cy,H; O 219
Cj3H;eO 172, 228
C3HgO, 232
CyHyO, 285
C HOp, 230
C;;H,,0, 97, 98
CysHe O 176
C,H;00 231
C,;H;30, 232
CyeH, O 176
C;HOCl; 187
C,H,OCl 251, 268
CyH,OCl 111, 276
C;H,0Cl 176
GC;H;OBr 218
C,H,0OCl; 276
C,H;OCl 183
C,H,OCl; 276
C.H,,0Cl 228
GCy;H,;,OC1 228
C,H,O,F, 273
CHO;Na 78, 182
CysHzOS 232
Cy,H, 3,08 232
C;H¢S 265, 288
CHS 73

Formula Index
C.H,..S x822, 265

121100 219
eHeSO; 128

CyyHgSey 235

CN 137, 155

C,;N, 180, 183, 184, 200, 252

CO 27, 44, 112, 136, 137, 153-155, 168,
182, 200, 266, 309

CO+ 137, 155

CO, 79, 113, 163, 182, 200, 249, 263,
335, 336

CO,2- 182, 200, 334

Cy0, 114,182

COCl; %8, 172

COS 182

CSCl; 78

Ca ,23: 37 38

Ca*+ 198

Ca, 152
Ca,Al,Sx,O,, 338
CaB,O, 338, 339
CaCO, 182
CaCl; 327, 328
CaF 261
CaF, 261, 313, 314
CaH 153
CaO 153, 330
Ca(OH); 333
CaS 339
Cd 37,38
Cd; 151
g%N)S2 6

369
CdH 1’53
Cdl, 315, 329
Cd(NH,),Cl; 384
[Cd(NH,),]1%+ 384
CdO

330
Cd(OH). 333

Cch 340
Cl 235, 40, 41, 190, 433
Cly* 155, 156
Cl- 103, 107, 198, 199
Cl; 100, 102, 103, 150, 151, 155, 156, 189,
205, 296, 309, 433
Cl,*s
cl0 338
g}ga 25, 138
s~ 125, 334
ClO,~ 125, 334
ClO,~ 125,334
CLO 25,73
ClLO; 25
Cm34 g6
Co(CO)y~ 365
Coy(CO)s 359, 365
Co,(CO)ys 359
Co(CO),H 365, 366
§ sNO 366
CoCl, 329, 355, 356, 386
CoCly 336, 385
Co(CN)e)*~ 378



Formula Index

[Co(CN )«]‘“ 378
CoH

CON1H4)1<CHaCOO)a 355

CO(NSHI;tCII 355
Co(N;H,)38O,H,O 355

Co(NO,)*~ 368

CoO 330

Cr(CO)e 359
Cr(NH,),Cl; 384, 385
CrO 153
CrO.*~ 334, 355, 357

r,Op 331
Cs 37, 38, 197, 303
Cst 198

Cs, 69, 151

CsAuCly; 379

CsBr 102, 318, 320, 323

CsCl 102, 103, 314, 315, 318, 320, 323,
327

CsF 318

CsH 152, 153, 154, 329

gsl 102, 8103, 318, 320, 323
u 27, 38, 40, 303

CugAl 306

Cu,Al, 306

CuBe 306

CuBe; 306

CuBr 325

CuCd, 306
Cu,Cdy 306

CuCl 325, 328 356
CuCl; 356, 385
Cu,Ga, 306
Cu,Ge 306

CuH 153

Cul 325
Cu(NH.CH.COO). 389, 390
Cu(NH,),Cl 386
Cu(NH,),Cl, 385
CuO 153

CuSO, 356
CuSO, 5H,O 388
Cu,Sn 306
Cu;Sn 306
Cuy,Sng 306
CuZn 306
CuZn, 306
CugZng 306

Dy 157, 158, 162
DCl 157
DI 157
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F 22, 23, 40, 41, 190

F- 105, 198, 199

¥, 135, 151, 296

Fe 27

FeAs, 340

eCly 329, 353, 356, 370, 372, 86

e 2 53, 356, 370, 372, 373, 3

Fe(CN), 370

[Fe(CNg.]" 378

[Fe(CN)gl4~ 343, 378

Fcé(JO).(NO)a 367

Fe(CO)2- 365

Fe2CO Hy 364

Fe(CO); 359, 361, 362

Fe, CO). 359, 362

c )5,; 359, 364

FeF

FeH' 35

Fe(H,O{.Cl, 386

Fe(NH,),Cl; 386
NO), 366

FeO 330

Fe,O; 331

Fe(OH), 333

FeS, 340

FeSbS 340

Fe,Si0; 336

FesZny 306

GeO; 330

H 20, go, 41, 68, 190, 197, 432
H+

H" 107, 108, 198

H, 44, 45, 63 76, 102, 103, 133, 151, 155,
157, 205, 263, 432

Hy* 45, 133, 155

H, 70

HBF. 110

HBr 104, 153, 199, 206, 264, 266, 309

HCl %6, 104, 133, 153, 155, 157, 199, 206,
264, 266, 309, 327

HCl+ 155

HCN 219

H,CN, 183

HD 157

HF 104, 153, 154, 199, 206, 276

HI 104, 153, 154, 157, 199, 206, 264,
266, 309

HIO; 273

HN, 116

HNO, 188, 258, 259
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HIO 72, 73, 74> 76, 111, 199, 206: 207,

265, 266, 361
H,0, 201
HyOt 103, 111, 199
H;PO, 124
HaPOy 124
H,PO, 124,125

HeS 73, 74, 122, 199, 206, 210, 265

H,S; 256

HySe 73, 74

He =20, 40, 68, 197
He, 134

Heyt 134, 142
HeH 68

Hg 37,38, 40
Hg, 151
HgBr 261
HgBr, 261
HS(CHa)a 346
HgCl 261
HgCl, 261
Hg(CN); 369
HgH 153
HgHal; 211
Hgl 261
Hgl, 261

I 40, 41, 190, 197
I- 198, 199

I; 100, 150, 151, 205
IBr 100, 102.

}Cl 100

Cl,~ 381

10,~ 334

10, 334

In_ 37

InCl 328

InCly 327, 328
InH 1 53

InO 15

Ir(CO),H 365
IrO; 330

K 37, 38, 190, 197, 303
K+ 198

K,; 69, 100, 151

K,B,Hs 405

K BHs 405

K4B;0s 338, 339

KBr 100, 102, 103, 318, 320

KCl 102, 103, 318, 320, 321, 327

KCo(CO), 366
K4CO(CN)s 378
K,Co(CN), 378
K,CrO, 56
K,Lr(CN), g 376
K,Cr(CN),

KF 318

3
K, Fe(CN), 370, 373, 376, 382

Formula Index

K.Fe(CN). » 370373, 376
K,Fe(CO), 3%6

153, 329
ﬁiﬂ“: 55‘7?'?

102, 103, 318, 320
KICl, 381 3% 3
KMS:(OH)s(AlSlaOm) 338
RGNy
svin s 373, 375
K.Mn§GN). 373, 374
K;Mn(CN)s 374
KMnO, 350, 355, 356
K,MnO, 355, 356
K;Mn(CN)s 377
K,Mo(CN), 369, 376
K;3NaCo(NOy)g
K e
4IN1 + 379
KO, 156
K,O 330
K(OSOsN) 379
K,PtCl, 381
KyPtCl; 381

35305 73
KW(CN), 376
Kr 27, 197, 199, 309

La 27

LaO 153

Li 22, 23, 37, 40, 41, 190, 197
Lit+ 105, 198

Ll! 69, 76’ 134, 151
LiBH, 406

LiBr 318, 320

LiCl 102, 318, 322, 327
LiD 157

LiF 100, 318, 327

LiH 152, 153, 157, 329
Lil 318, 320

Li;O 330

LiOH 333

Mg 23, 25, 37, 40, 303
Mg?+ 105, 198

Mg, 152

MgCl, 327, 329
MgF, 327

%gg 153

g 153, 330, 339
Mg(OH)
Mg,(OH),(Sx.Ow) 338
MgS 339

%g’Tsllo‘ 336

gTl 340

Mn 2y

MnCl, 329, 356, 374
MnCl; 356

MnCl, 358
Mn(NH,).Br, 386
MnO 330
MnO,; 330
MnO,~ 334
Mn(OH), 333



Formula Index
MnSO, 386

N-

N: 44, 76, 102, 103, 134, 136, 137, 151,
155, 156, 162, 205, 296, 309

Ng+ 137, 155, 156

NF; 210, 327

NH 149, 153, 154

NH,OH 168

NH, 7274, 76, 114, 115, 199, 206-209,
265, 266, 361, 383

NH,* 114, 115, 199

NHBr 326

NH,Cl 319, 326

NH,F 273

(NH,);FeFy 370, 382

NH,HF, 273

NH,I 326

NH,N, 273

N.H, 257

NO 44, 137, 138, 142, 153, 155, 168, 224,
258, 309

NO+ 155, 156

NO, 258

NO;~ 334

NO; 258, 259

NO,~ 116, 189, 259, 334

N.O 257, 258

N;O; 257, 258

NyO; 258

N,O, 258

N,O, 211, 258, 259

NOCI 44

Na 25, 37, 40, 190, 303

Na+ 105, 198, 38!

Na, 6g, 100, 102, 151, 189

NaAlSi,O, 338

NaAlSi;O; 338

NaBr 102, 318, 320

NaCl 100, 102, 150, 314, 315, 318,
320, 327

NaD 157

NaF 44, 318, 327

NaH 153, 157, 329

Oy 3

N 22, 23, 40, 190
107

Nal 102, 318, 320, 322
NaK 100, 102

Na,O 330

NagSO,10H,O 388

NbO, 330

Ne 22, 23, 40, 197, 199, 309
Ney 135

Ni 27

NiCl, 329, 356
[Ni(CN),J*~ 378

Ni(GO), 182, 359~361, 365

NiH

1

15

3
[Ni(NH,),]SO, 379

330

Ni(OH), 333

Np

NigZng; 306
237

O 22, 23, 40, 190
O~ 107

or-

105, 198, 199

507

Os 44, 135, 138, 142, 153, 153, 155, 156,
205, 256, 296, 309

Oyt

137, 155, 156

O; 188,
O, 256

oD
OF,
OH
OH-
OsCly

88, 210

5

157

73, 327

153, 1545 157
199

357

Os (CO; Hs 365

0s(CO

s 359

Os,(CO)s 359

OsF,
0OsO,
0OsO,

)

356, 357
330
356

» 40, 73, 190, 256

Py 151, 340
P, 257, 300

PBry

73> 74> 209

P(CHydy 73

PCl,

s

73, 74, 261
261

PF, 73, 74, 327

73

PH 153

PH,

73> 74> 199, 209

PH AIHal; 272
PH;CuHal 272

Pl, 73,74
PN 155

PO 153
PO~ 124, 334

P,O,
Pcom

P,O,S.

Pb,
PbCl,
PhCl,
PbH
PbI,
PbO

PbS
PbSe
PbTe

332
332
4 332
151
328
328
153
329
153, 330, 332
330
340
340
340

Pd 27

PdO
PtAs,

330, 332
340
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mgﬂ,).(n 381

PtCl. 356, 381
[PtCl,]*~ 1
[PtClg]3- 381
PtO 330, 332
PtPy 340
PtSby 340
PtyZn,, 306
Pudd® 31

Rb+

Rb, 69, 151

RbBr 102, 103, 318, 320
RbCl 102, 318, 320, 327
RbF 318

RbH 153, 329

Rbl 102, 318, 320, 323
Ret()CO)m 359

R 34
[Rh§00gs]n 359
Rhy(CO)s 359
[Ru(CO),]n 359
Ru(CO); 359
RuO, 330
Ru,(CO), 359

Rb 37, 38, 303
198

S 25, 40, 190, 256
Sy. 107, 198
S, 151, 340

73, 300
Cl, 73
S,Cl; 210, 260
SF, 124
SH- 199
SN 155
S{NgH,O, 126
SO 153
SO, 122, 200, 210, 260
SO; 123, 200, 210, 260
SO,* 122, 334
SO,~ 387, 388
SO~ 124, 334
SOCl; 123, 260
SO,Cl; 124, 260
S,0,Cl, 260

SbO 153
Sb,Os 331, 332
Sb,Os 331, 332
SbS 340
ScO 153

Se 73, 190, 256

Formula Index

5!

5e0,*~ 334-
S‘ 25) 40, 1

CH,), 288 289
11*‘]‘ 211
SiF, 327
SiH 153
SiH, 199, 211
Si,H, 288, 289
SiHBr; 75
SiHCl, 75, 216
SiH,Cl, 216
SiH,Cl 216
SiN 155
SiO 153, 154, 330
SiOy 200, 314, 315, 330, 335, 836, 339, 241
(8i04)*~ 337
(SiOg) ¢~ 334, 337
(Slso'lg:: 337

(5150, 337
(Sfaoug" 337
SigOy)*~ 337
iSy 341

Sn 190

SnBr, 179
SnBrCl; 179

SnBr,Cl; 179
SnBr,Cl 179

SnCl, 328

SnCl, 179, 198, 328
SnCl,* (CH,),O 272
SnCl,-2(CH,),CO 270
SnCl," (CaHy)sO 270
SnCl, 2C,H,CHO 270
SnCl,- CgH,CN 270
SnCl, ' 2CH;COCH; 270
SnH 153

SnO 153, 330, 332
SnO, 330

SnS,4~ 334

Sr 23,37, 38

Sry 152

Sri+ 198

SrCl 328

SrCl, 327, 328

SrH 153

SrO 153, 330

SrS 339

Te 73, 190
Te*~ 198
Tey 151
TeO 153
TeO, 330
Tig 153
TiO, 3'3’ 315, 330
TigO,
TiCl,- C,H,CN 270
TiCl,* CgH,CN 270
11 3y
TIBr 328
TICl 328



Formula Index
TICl, 327, 328
TIH 153
TII 328

USSL 3[
U3se gy, 36
Ul,? 3[
U0, 16
U,0, 16

V 26

VO 153
VO, 330
V,0, 331
V5.2~ 334

WBry 355
WCl, 355, 357
W(CO), 359

509
WF, 357
WI, 355
WO, 330
WO~ 334

Xe 197, 199

YO 153

Zn 37, 38
ZnCl; 329
Zn(CN), 369
ZnH 153
ZnO 312, 330
Zn(OH); 333
ZnS 315, 340
ZnSe 340
ZnTe 340
ZrO 153
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