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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



THE HYDROGEN ATOM

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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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
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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)
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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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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.

45



THE STRUCTURE OF MOLECULES

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.

71



THE STRUCTURE OF MOLECULES

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

84



RESONANCE OF VALENCY STRUCTURES

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.

REFERENCES

1 SLATER, J. C. Phys. Rev. 37 (1931) 489
? PauLiNg, L. C. Proc. nat. Acad. Sci. Wash. 18 (1932) 293
—  J. chem. Phys. 1 (1933) 362

3 PAULING, L. C. The Nature of the Chemical Bond Cornell, 1939
¢ RUMER, Y. Nachr. Ges. Wiss. Gottingen Math-physik. (1932) 337
8 EyriNG, H., WALTER, J. and KimBaLL, G. E. Quantum Chemistry New York, 1944
¢ PAULING, L C. and SHERMAN, J, F. chem. Phys. 1 (1933) 606
? LeviNg, A. A. and CoLg, A. G. 7. Amer. chem. Soc. 54 (1932) 338

WIBAUI‘,J L. and Haayman, P. W. Nature, Lond. 144 (1933) 290

—  Rec. trav. chim. Pays-Bas 60 (1941) 842

EKAUFMAN, H. S., FANKUCHEN, I. and Mark, H. ibid 161 (1948) 165
* Prosen, E. J. ,JOHNSON, W.H. and Rossing, F. D. F. Amer. chem. Soc. 69 (1947) 2068
10 SyrkiN, J. K. and DyaTkINA, M. E. 7. gen. Chem. U.R.S.S. 11 (1941) 626
11 DHAR, J. Indian F. Phys. 7 (1932) 43
13 KARLE, I. L. and BRockwAy, L. O. 7. dmer. chem. Soc. 66 (1944) 1974
12 Jones, R. N. 1bid 63 (1941) 1658
Y Swirt, E. ibid 60 (1938) 1403

99



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
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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

109



THE STRUCTURE OF MOLECULES

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-
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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
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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.

135



THE STRUCTURE OF MOLECULES

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.
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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
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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

190




VIBRATIONAL FREQUENCIES IN POLYATOMIC MOLECULES

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-dihy