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PREFACE

ROFESSOR G. N. LEWIS’S conception of the sharing of one or

more electron pairs by two atoms gave a new and illuminating
picture of the bonds which link carbon atoms into chains and rings,
and set organic chemists the task of interpreting the reactions of
carbon compounds of various types in terms of the electronic struc-
tures of the molecules. The problem was attacked ten to- fifteen
years ago, mainly by Professors Lapworth, Robinson, and Ingold.
Considerations of the chemical evidence in the light of the electronic
theory of valence led to results of great value, and it now became
possible to express many of the earlier ideas in more definite and
elegant language. Then followed the very fruitful alliance of organic
chemistry with physics and mathematics, and a much clearer view
of the principles underlying the behaviour of organic compounds
has been opened up by the aid of modern physical methods of in-
vestigation, and of Planck’s Quantum Theory and Schrodinger’s
Wave Mechanics. Some idea of the progress which the past fifteen
years have witnessed mpy be obtained by comparing the conceptions
set out in Henrich’s.excellent treatise dealing with Theories of Organic
,Chemistry, Englislf translation dated 1922, with papers upon similar
topics published in 1937.

In this volume an attempt is made to present the modern view-
point in a concise and simple form, and to show how the new con-
ceptions have followed logically from the earlier views. A brief and
very elementary account of the physical foundations of the subject
is followed by the development of the main theme of the book, viz.
the application of the electronic theory to the reactions of organic
compounds, and by a description of some of the better known pheno- .
mena (such as addition and substitution reactions, tautomeric changes,
molecular rearrangements, and the stability of free radicals) in terms
of modern ideas. An account of some of the recent developments
in stereochemistry is also included.

Every effort has been made to avoid cumbersome detail, and to
arrange and present the material. in such a manner that it may be
easily understood and assimilated by students reading for initial
degrees and by those whose interests lie mainly in other fields of
chemistry. The book has been based, in fact, upon lecture courses
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given to undergraduates over a number of years. It is inevitable
that much matter of importance should be omitted from a brief and
elementary survey of this type; a complete account of all aspects of
theoretical organic chemistry would occupy many volumes of this size.
The object of the present work is to give a general picture of the field
rather than a detailed account of any particular section. The references
to treatises and scientific journals (which do not claim, of course, to
constitute a complete bibliography) will assist those who so desire
to make a further and more comprehensive study of any sections
in which they may be particularly interested. The references to
journals are given in the form employed in the British Chemical
Abstracts.

The many books and original memoirs which I have consulted
during the preparation of the manuscript are referred to in their
appropriate places. It is fitting, however, that special mention should
be made of two of these which I have found more than usually
helpful and illuminating; these are Professor Sidgwick’s Electronic
Theory of Valency (1927) and Professor Ingold’s ‘Principles of an
Electronic Theory of Organic Reactions’ published in Chemical
Reviews, 1934.

I wish to take this opportunity of acknowledging my indebtedness
to the late Professor Kennedy Orton; if any merit be found in this
work, it must be ascribed first and foremost to his inspiring influence
in early days. Then, I owe a great debt to Professor Ingold, who
has read almost the whole manuscript ; his helpful advice and sug-
gestions have been of the utmost value. My thanks are also due to
Professor Sidgwick and Professor Hinshelwood for their kind interest
and assistance. Dr. E. D. Hughes, of University College, London,
and my colleagues Dr. Dippy and Dr. Evans of the Cardiff Technical
College have read the work in manusecript, and their suggestions,
both those actually relating to the present work and those made
during frequent discussions over a period of some years, have always
proved helpful and stimulating. Professor Sugden and Professor
Wardlaw have also given me assistance in portions of the work where
their advice is of particular value.

I am also indebted to the Chemical Society, the Society of Chemical
Industry, and the authors from whose papers several diagrams
have been reproduced, for permission to include these illustrations.

Finally, it is a pleasure to express my appreciation of the efficient
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and considerate manner in which the officers of the Oxford Univer-
sity Press have carried out their share of the task, and to record my
debt to my wife, whose encouragement and help in matters non-
chemical have been no less valuable than the assistance of a more
definite character which I have received from fellow chemists.
H.B.W.
Carprrr. July 1937.
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I
THEORIES OF CHEMICAL COMBINATION

HE ultimate particles of matter were described by Sir Isaac
. Newton as being ‘solid, massy, hard, impenetrable, . . . incom-
parably harder than any porous body composed of them, even so
very hard as never to wear or break in pieces’, and John Dalton’s
famous contribution to science in 1803 consisted in the application
of this ultimate particle or atom to the explanation of chemical pro-
cesses. With the work of these great pioneers as its foundation, there
has developed the conception of an atom of complex design, with
electrons governed by quantum laws and a nucleus which is itself
composite—in striking contrast with the Newtonian miniature
cannon-ball. Our present views of molecular structure are equally
distant from those of Lavoisier, who regarded inorganic and organic
compounds as the oxides of simple and compound radicals respectively,
and the long, long trail of investigation and progress, of experiment
and theory, which has led from the old to the new, forms one of the
most intriguing chapters in the history of science.

In the opening years of the nineteenth century the electrolyt,lc
decomposition of water (Nicholson and Carlisle, 1801), of aqueous
solutions of salts (Berzelius and Hisinger, 1803), and of fused alkalis
(Davy, 1807) was achieved, and upon these new discoveries Berzelius
based his Dualistic Theory of Combination (1812). This hypothesis,
which actually represented a development of the views of Davy,
ascribed the union of atoms to opposite electrochemical characters,
and it was not incompatible either with Lavoisier’s original con-
ceptions or with the Radical Theory as extended through the
researches of Gay-Lussac, Liebig, Wohler, Bunsen, and others. In
the meantime, the barrier between organic and inorganic chemistry
had been broken down by Wohler’s synthesis of urea (1828), and,
commencing with Liebig’s demonstration of the identity in composi-
tion of cyanic and fulminic acids, a number of examples of isomerism
had been discovered. Thus far, however, there was no experimental
evidence which was definitely contrary to a dualistic view.

But in 1839 Dumas found that three electronegative chlorine atoms

could replace three electropositive hydrogens of acetic acid without
4236 B



2 THEORIES OF CHEMICAL COMBINATION

change in the fundamental nature of the compound; the ‘type’ was
unaltered. This discovery was the main cause contributing to the
overthrow of dualism and the replacement of the conceptions of
Berzelius by a unitary theory, the chief exponents of which were
Dumas, Laurent, and Gerhardt, and which was elaborated in 1853 as
Gerhardt’s Theory of Types.

At the same time, the idea of valency or saturation-capacity was
developing. Williamson (who is famous chiefly for his researches on
the ethers) pointed out, in 1851, that different groups might replace
different numbers of hydrogen atoms, and in the following year this
conception was extended to atoms by Frankland, as the result of
his study of the organo-metallic compounds. The suggestions thus
made by Williamson and Frankland led to the Structural Theory of
Kekulé and Couper, and ultimately to the modern representation
of organic compounds with chains and rings of carbon atoms. So
successful was the Structural Theory that there was a strong tendency
for the electrochemical views of Berzelius to be completely forgotten;
the forces binding atoms together were now regarded, indeed, as
non-electrical in nature. The contrast between the two theories
arose, of course, from the fact that Kekulé dealt with organic com-
pounds while Berzelius had built up his views in relation to acids,
bases, and salts. In spite, however, of the dominating influence of
the Structural Theory, electrochemical ideas persisted in the minds
of a minority of scientists, and a connexion between valency and
electrical charges was postulated by Helmholtz in his well-known
Faraday Lecture of 1881,! and rendered still more probable by the
success of the Ionic Dissociation Theory of Arrhenius (1887).

Five years later, in an endeavour to represent the so-called
‘molecular compounds’ or ‘compounds of higher order’ which defied
all known rules of valency, Werner postulated yet another type of
linkage.? He spoke of atoms or groups as being ‘co-ordinated’ with
a central atom, their number bearing no relationship to the periodic
group of the element which, as Mendeléeff had pointed out, normally
governs the valency; the ‘co-ordination number’ of an atom was
quite distinct from its ‘valency’ as usually defined. Chemistry was

1 J.C.S. 1881, 39, 302. In the same lecture Helmholtz pointed out how Faraday’s
Laws indicated that electricity, like matter, is discontinuous (‘atomic’) in nature.

3 See Werner, New Ideas on Inorganic Chemistry (Longmans, 1911). Confirmation

of Werner’s theory, by the preparation of the stereoisomerides which it predicted,
was obtained in 1911 (see Chapter XII).
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thus left with the electrochemical, structural, and co-ordination
theories, each satisfactory in its own sphere, but none capable of
embracing the whole of the facts.

Now came four discoveries of the first importance, each of which
was destined to play a leading part in the development of the theory
of atomic and molecular structure. They were: the discovery of
the inert gases by Rayleigh and Ramsay (1894), of X-rays by
Rontgen (1895), of radioactivity by Becquerel (1896), and of the
electron by Sir J. J. Thomson (1897). It soon became evident that
the electron is a constituent of every atom,® and it was natural that
attempts should be made to visualize valency and chemical com-
bination in terms of this unit of negative electricity. Among the
earlier electronic theories of valency were those of Sir J. J. Thomson,*
Falk and Nelson,? and Fry;® the clear definition of chemical combina-
tion in electronic terms did not emerge, however, until 1916.

The necessity of accounting for the mass and the electrical
neutrality of the atom, together with the results of Geiger and
Marsden’s experiments upon the scattering of a-particles, led Sir
Ernest (now Lord) Rutherford to formulate his Nuclear Atom model
(1911) in which a positively charged nucleus, responsible for practi-
cally the whole of the mass of the atom, was surrounded by a dis-
tribution of electrons, and Bohr’s application of the Quantum
Theory to this atom model in 1913 enabled him to make his dis-
tinguished contribution to the interpretation of line spectra. The
work of Moseley (1913-14) upon the X-ray spectra of the elements
made clear the fundamental character of the atomic number (the
integer which denotes the position of the element in the natural
sequence, i.e. the periodic table), and this was identified with the
number of units in the positive nuclear charge,” and therefore, since
the atom is electrically neutral, with the number of extranuclear
electrons.

3 This conclusion was based mainly upon observations of the liberation of electrons
(always identical in charge and mass) by the passage of electric discharges through
gases at low pressures, by the raising of a metal to a sufficiently high temperature
(thermions), by the action of ultra-violet and even visible light upon metals and to
a lesser extent non-metals (photoelectric effect), and in radioactive disintegrations
(B-rays). It was confirmed by the quantitative study of the Zeeman effect (the
splitting of spectral lines by a magnetic field, Zeeman, 1898).

4 Electricity and Matter, 1907.

¢ J. Amer. Chem. Soc. 1910, 32, 1637; 1913, 35, 1810; 1915, 37, 1732.

¢ See Fry, The Electronic Conception of Valence (Longmans, 1921).

7 The actual demonstration was given by Chadwick, Phil. Mag. 1920, 40, 734.
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The early calculations of Sir J. J. Thomson had indicated that
these electrons must be arranged in layers or groups; in Bohr’s
theory they occupy different ‘energy levels’ denoted by quantum
numbers. On the basis of the physical properties and the periodicity
of the elements, Bohr has worked out the probable groupings of
electrons in the various atoms,® and his scheme is in agreement with
that of Bury which was based on chemical properties.? As the atomic
number increases from unity upwards, a quantum group of two
electrons (in helium) and then two quantum groups of eight (in
neon and argon) are completed. In the transitional elements of
the long periods, the last group but one expands to eighteen, and
then at the end of these periods an outermost group of eight is again
formed. In the elements of the rare earths the last group but two
increases to thirty-two electrons. The following structures exemplify
the general principles upon which the electronic arrangements are
based.

Number of electrons in Quantum Groups

Quantum number 1 2 3 4 5 6
H . 1
He . 2
Li . 2 1
C 2 4
F . 2 7
Ne . 2 8
Na . 2 8 1
Ccl . 2 8 7
A 2 8 8
K . . 2 8 8 1
Ca . B 2 8 8 2
Se . 2 8 9 2
Zn ., 2 8 18 2
Kr . 2 8 18 8
Xe 2 8 18 18 8
Ba . 2 8 18 18 8 2
La . 2 8 18 18 9 2
Ce . 2 8 18 19 9 2
Lu . 2 8 18 32 9 2
Hg . 2 8 18 32 18 2
Rn . 2 8 18 32 18 8

8 Theory of Spectra and Atomic Constitution (Cambridgo, 1022).
* J. Amer. Chem. Soc. 1921, 43, 1602.
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Eight electrons are thus assigned to the outermost group in all the
inert gases except helium, which has two, and an electronic group in
an uncombined atom exceeds eight only when it is not the outer-
most.’® The number of electrons occupying the outside group of each
atom (excluding the transitional elements) is shown below:

Number of electrons in Outermost Group

Number of Electrons . 1 2 3 4 5 6 7 8
Hydrogen Period . .| H | He

First Short Period . .| Li | Be B C N (0] r No
Second Short Period . .| Na | Mg Al | Si P S Cl A
First Long Period . | K Ca |3 a Ga | Ge | As | Se | Br | Kr
Second Long Period . .|Rb | Sr |83 |In | Sn | Sb | Te | I Xo
Third Long Period . .| Cs | Ba || | T1 | Pb | Bi | Po | .. | Rn
Last Period . .. | Ra |EH

The chemical properties of the element are determined mainly by
these electrons in the outermost group, which are therefore termed
‘valence electrons’. Periodicity is clearly due to a recurrence of the
same number in this group. In the transitional elements the last
group but one is in process of cxpansion to eighteen, and under
suitable conditions the electrons of this group may function as
valence electrons in addition to those of the outside group. The
frequent variations in valency shown by these elements are thus
accounted for.

The complete inactivity of the rare gases indicates extreme
stability of their atoms, and it is logical, therefore, to ascribe chemical
combination to the tendency of other atoms to take up the inert gas
configuration, with its outermost group of eight electrons. This may
be achieved by the complete transference of one or more electrons
from one atom to another, a process which, in the early electronic
theories referred to above, was assumed to occur in the formation of
all linkages. In 1916 Kossel showed how this conception of complete
electronic transference provides a satisfactory picture of the ions
which are characteristic of electrolytes.!! It obviously does not
explain the binding of atoms in the molecules of non-ionizable sub-
stances, and the further problem presented by these compounds
found a solution in G. N. Lewis’s postulate of the sharing of a pair

10 Langmuir, (J. Amer. Chem. Soc. 1919, 41, 868) had previously suggested arrange-
ments in which the outermost electronic groups of the inert gases had 2, 8, 8, 18, 18,
and 32 electrons respectively.

1 Ann. Physik, 1916, 49, 229.
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of electrons by two atoms.1? The two types of linking are designated
‘electrovalent’ and ‘covalent’ respectively, these terms being due to
Langmuir,’® and the distinction between them has been emphasized
by the results of determinations of the crystal structures of electro-
lytes and non-electrolytes.!4

The incorporation within the electronic theory of Werner’s concept
of co-ordination is based on the suggestion, made by G. N. Lewis,
that an atom having one or more unshared pairs may contribute
both electrons to its bond with another atom, provided that the
latter is able to accommodate a further pair in its valence group.
This view is applicable to the ammonium and borofluoride ions, the
metallic ammines, and a vast number of other compounds, and the
type of linkage here postulated has been discussed fully by Sidgwick!s
who terms it the ‘co-ordinate’ bond. Important information regarding
the presence of co-ordinate bonds in certain compounds has been
obtained by the application of Sugden’s Parachor.’® In comparisons
of molecular volumes it had been customary to employ values
obtained either at a fixed temperature (Traube) or at the boiling-
points of the liquids concerned (Kopp). Since boiling-points are
approximately corresponding temperatures (equal fractions of the
critical temperature), Kopp’s values were long regarded as com-
parable, but Sugden points out that the most important factor to be
considered is the internal pressure, which is of great magnitude, and
is measurable with a good degree of approximation by the surface
tension to which it gives rise. From MacLeod’s equation for the
effect of temperature upon surface tension,? viz. yt/(D—d) = const.
(where y is surface tension and D and d the densities of liquid and
vapour respectively, d being negligible at ordinary temperatures in
comparison with D), Sugden deduces the expression ytM/D = P,
where M is the molecular weight, and the constant P is termed the
Parachor. The values of P for different liquids provide a measure
of the relative molecular volumes under such conditions that the
surface tension (and therefore the internal pressure) has a uniform

13 J. Amer. Chem. Soc. 1916, 38, 762; Valence and the Structure of Atoms and
Molecules (Chemical Catalog Co., New York, 1923).

13 Ref. 10. The characteristic properties of electrovalent and covalent compounds
are discussed fully by Sidgwick, ref. 15.

4 Sir W. H. and W. L. Bragg, The Crystalline State, G. Bell & Sons, 1933.

18 The Electronic Theory of Valency (Clarendon Press, 1927).

18 Sugdon, The Parachor and Valency (G. Routledge & Sons, 1930). J.C.S. 1924,
125, 1177; 1925, 127, 1625. 17 Trans. Faraday Soc. 1923, 19, 38.
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value, i.e. the conditions which are regarded as comparable. For a
given compound, P has proved to be the sum of a series of terms, each
referring to a particular atom or linkage, and a consideration of
some 200 liquids enabled Sugden to compute atomic and constitutive
parachors. A striking result which emerged from this work was the
discovery that linkages conventionally written as ‘double bonds’ are
of two types; the C=C, C=N, C=0, C=S, and N=0O bonds lead
to an increase of 23-2 units in the parachor, while the ‘double’ bonds
between oxygen and phosphorus or sulphur in derivatives of phos-
phoric, sulphurous, and sulphuric acids decrease its value by a
small amount averaging 1-6 units. Linkages of the former type are
identified with four-electron or non-polar double bonds. and those
of the latter type are interpreted as co-ordinate bonds (they have
been referred to by Sugden as ‘semipolar double bonds’ and by
Lowry as ‘mixed double bonds’*®). Examination of a number of
compounds containing the nitro-group led to the conclusion that one
of the oxygens is linked by a four-electron bond and the other by a

0)
co-ordinate bond, and the group is therefore written —N< 1* Such
(0)

a formula is in harmony with the fact that nitrogen never forms more
than four covalent linkages, the fifth valency of ‘pentavalent’
nitrogen always being an electrovalency. Stereochemical evidence
further indicates the presence of co-ordinate bonds in compounds
such as amine oxides, sulphinic acids, and sulphoxides.?®

In all the compounds referred to above the number of co-ordinate
bonds is just that required to preserve the octet (group of eight
valence electrons) of the central atom; for this and other reasons
Sugden has suggested that the octet is the maximum valence group,
and that, where more than four atoms are covalently linked to a
central atom, bonds of one electron are present. Much evidence has
been put forward by Sidgwick, however, in favour of the view that
the valence group may expand beyond eight. His Covalency Rule*!
limits the covalency of an element in accordance with the period in
which it stands in the Periodic Table, the following covalency maxima
being postulated: H, 4 electrons;?? elements of first short period
(Li to F), 8 electrons; elements of second short period (Na to Cl)

18 J.0.8. 1923, 123, 822. 19 See further Chap. V, p. 60.
9 See Chap. XII. 31 Ref. 15. Ann. Reports, 1933, 30, 110.

22 On ‘two-covalent’ hydrogen, see p. 202. :
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and first long period (K to Br), 12 electrons; elements of higher
atomic number, 16 electrons.

The above summary will serve to indicate how the electrochemical,
structural, and co-ordination theories of chemical combination have
been included in one comprehensive electronic theory of valency.
Nothing has been said as yet, however, regarding the physical inter-
pretation of the electrovalent and covalent bonds. It is evident that
the force acting between the ions of an electrolyte is the attraction
of opposite charges; the bond is of an electrostatic character. The
manner in which atoms are bound by electron sharing, however,
presents a far more complex problem, which is now being approached
from the standpoint of the new Quantum or Wave Mechanics. More-
over, the recent development of physical methods of investigation
has yielded much information regarding important details such as
the lengths of covalent bonds (interatomic distances), the proportions
in which the eclectrons are shared, the angles between linkages, and
the strengths of the bonds, and much of this work is dependent upon
the Quantum Theory. This chapter will therefore be concluded with
a short account of the conceptions underlying the Quantum Theory
and the new wave-mechanical treatment of atomic problems.

Applications of the Quantum Theory.” In 1900 Planck found that
the experimental facts concerning thermal radiation, which could
not be harmonized with the laws of classical mechanics, received a
satisfactory interpretation on the basis of the postulate that the
emission of energy occurred in definite small elements’ or ‘quanta’,
the magnitude of which was given by the product of the frequency
and a constant h; B = hv. This discovery marks the origin of the
view that energy, like matter and electricity, is discontinuous or
‘atomic’ in nature. The quantity %A is now known as Planck’s
Constant, and is a universal constant like the velocity of light or the
charge on the electron. Five years later, Einstein applied Planck’s
theory to the interpretation of the photoelectric effect, i.e. the emis-
sion of electrons by a large number of metals and some gases under

 For a clear account of the Quantum Theory the reader is referred to Castel-
franchi's Recent Advances in Atomic Physics, vol. ii (Churchill, 1832). A simple ac-
count of its applications to Chemistry may be found in Quantum Chemistry by Haas
(Constable & Co., 1930). The essentials of the wave-mechanical treatment of chemical
problems are dealt with admirably in summaries by Hinshelwood, Ann Reports,
1930, 27, 12, and Kinetics of Chemical Change in Gaseous Systems, 3rd edition
(Clarendon Press, 1833). References to the original literature are given in these works,
and are not repeated here. .
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the influence of X-rays, ultra-violet light, and even visible light. He
was able to interpret the observed facts by postulating light quanta
or photons, the magnitude of which depended solely upon the colour
(frequency). In Einstein’s hands, too, the quantum theory proved
capable of yielding a law which correctly represented the experi-
mental observations (Nernst and others) of the variation of specific
heats with temperature, this law being perfected by Debye in 1912.
The value of the Quantum Theory had thus been demonstrated in
three directions when, in 1913, Bohr applied it to the Rutherford
Atom and achieved remarkable success in the interpretation of the
line spectrum of hydrogen. Classical mechanics and electrodynamics
could not account for the stability of the atom as represented by the
nuclear model. If the electrons were assumed to be at rest, some
wholly unknown law of force was necessary; if they circulated round
the nucleus, energy would be radiated (since their velocities would
continually change in direction), and the atom would thus suffer
spontaneous destruction. Bohr now postulated that, while the
electron actually circulates in an orbit in accordance with the inverse
square law, only certain so-called ‘stationary’ orbits are possible,
these being defined by the condition that the electron must possess
a whole number of quanta of energy, i.e. ¥ = nhv. He made the
further assumption that no energy is radiated while the electron
remains in one of these orbits. The whole number n was termed the
‘quantum number’ of the orbit, and Bohr thus introduced the con-
ception of different states of the atom associated with different
amounts of energy, the energy levels being defined by the quantum
numbers. It may here be pointed out that, although the modern
quantum theory has relinquished the conception of precise orbits,
the energy levels retain their significance. Bohr’s final postulate was
that, under the influences which give rise to the emission of radiation,
the electron is drawn out into a higher energy level, and its return
(by a ‘quantum jump’) to the lower level gives rise to radiation of
frequency v = (E— E’)/h where E and E’ represent its energies in
the two levels. On the basis of these postulates he calculated the
frequencies of the lines in the hydrogen spectrum (circular orbits
being assumed) as .

v = 20 1 g~ 1/mf) = R(1JE—1/n)

% Such a law was postulated by Sir J. J. Thomson, Phil. Mag. 1921, 41, 510.
4236
o}
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(where m and e represent respectively the mass and charge of the
electron, 4 is Planck’s constant, and », and n, are quantum numbers).
This expression is identical with the Balmer formula for the line
spectrum of hydrogen in the visible, ultra-violet, and infra-red
regions, and the term R, calculated from the known values of the
constants involved, was in quite good agreement with the experi-
mentally determined value of the Rydberg Constant. Still better
agreement was obtained when allowance was made for the motion
of the nucleus, and the ‘fine structure’ of the lines was accounted
for by Sommerfeld’s postulate (1918) of elliptical in addition to
circular orbits. The Bohr-Sommerfeld theory was thus remarkably
successful in interpreting the line spectrum of hydrogen, and also
that of ionized helium (spark spectrum). The spectra of other
elements resemble that of hydrogen sufficiently closely to indicate
that an interpretation might be found on similar lines, but the general
problem of determining the orbits of more than one electron re-
mained insoluble. Even the helium atom (with two electrons) and
the simplest of all molecules, that of hydrogen, could not be dealt
with by Bohr’s method, the usefulness of which was thus very limited.
Moreover, the selection of the stationary states was purely arbitrary,
and the absence of any radiation when the electron circulated in one
of these orbits found no explanation. The Bohr-Sommerfeld theory
was clearly not altogether satisfactory.

From 1924 onwards a new line of attack upon the problems of
atomic and molecular structure has been developed; it is the counter-
part of a dual procedure employed of late years in the study of optical
problems. The long struggle between the corpuscular and the un-
dulatory theories of light is famous in the history of physics; in the
first half of the nineteenth century the latter, as expounded by
Fresnel and Young, gained a complete triumph over the Newtonian
conception. In 1905, however, Einstein postulated light quanta in
order to interpret the photoelectric effect; both this effect and its
converse (the production of radiation when electrons impinge upon
matter as in X-ray tubes) proceed as if the radiation were composed
of small discrete units. Simultaneously with the photoelectric effect
there occurs the Compton Effect, first observed in 1923; a portion of
the incident radiation is scattered with a reduced frequency, and
this is ascribed to the collision of a quantuin with an electron, to
which the energy is partially transferred with the production of a
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quantum of lower energy, and therefore lower frequency since
E = hv. Tt is necessary, indeed, to postulate the existence of light
quanta which obey the laws of collision between elastic bodies.
Allied to the Compton Effect is the phenomenon observed by Sir C. V.
Raman in 1928;2° a quantum here encounters a molecule, atom,
or ion, the energy level of which is raised with a corresponding
reduction in the energy (and hence frequency) of the quantum
itself.

Einstein’s postulate of light quanta has thus been verified in
several ways, with the result that of recent years a partial return to
the corpuscular conception of light has taken place. Although,
however, properties characteristic of matter can be ascribed to light,
the undulatory theory still retains its value, and is necessary for the
understanding of phenomena such as interference, diffraction, polar-
ization, reflection, and refraction. The two points of view can be
harmonized by assuming that the square of the amplitude of vibra-
tion (which, on the undulatory theory, is a measure of the intensity)
gives the probability that a quantum is situated at a given spot.
Either approach may be used, according to the requirements of the
problem under consideration.

In 1924 de Broglie suggested the reversal of the process which had
proved so successful in optics, by extending to matter the undulatory
characters of light, and this procedure has received justification in
observations of the diffraction of electrons, similar to that of X-rays,
by metals and other substances. de Broglie’s suggestion was
followed by the development of Schrodinger’s equation in 1926.26
It has the form of the general equation for a three-dimensional
vibrating system; the vibrating quantity is written 4, and its fre-
quency is E/h. The new viewpoint does not remove the significance
of the electron and the atom as definite individual particles, but the
behaviour of electronic systems is described in terms of a wave
function. Otherwise expressed, the laws which govern atomic pheno-
mena can be represented by differential equations of the same form
as those which are normally applicable to wave motion, and in place
of the orbits of the Bohr theory we are provided with the conception

3 See Chap. II.

2 Tn 1925 Heisenberg developed a new quantum mechanics, in which he relin.
quished any mechanical model, and employed only quantities which are observable

experimentally. Heisenberg’s mechanics leads to the same results as Schrédinger’s,
though by a rather different route.
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of the electrons moving in a manner defined by such an equation.
The wave-mechanical view of matter is completely analogous to the
method employed in treating optical problems; it provides a quantity
the square of which represents the probability that the electron is
situated at a given point.

Schrodinger’s equation is expressed in terms of energy, and, in
accordance with a general characteristic of differential equations of
this type, there are characteristic values (eigenvalues) of the energy
for which, and for which alone, the equation has solutions which
are finite, continuous, and single-valued. These eigenvalues actually
represent the cnergy levels of the Bohr theory. Bohr’s arbitrary
selection of the stationary states thus becomes a deduction from the
wave equation, the energy states of the atom being determined by
the eigenvalues.

In chemistry the main importance of the new developments lies
in the phenomenon of quantum-mechanical resonance, which could
not have been predicted otherwise. This has led to an interpretation,
first given by Heitler and London, of the forces involved in chemical
combination. The energy states of each of two isolated hydrogen
atoms are determined by the solutions of the appropriate wave
equation, and it is therefore to be expected that when the atoms
interact a phenomenon analogous to resonance will occur. This is
best understood by reference to the mechanical illustration of two
equal pendulums connected at the point of suspension (e.g. suspended
from the same flexible string).2? The motion of each is modified by the
other, and if their phases are the same or exactly opposed they will
oscillate with a joint frequency which is either greater or less than the
independent frequency of either. Similarly, two isolated hydrogen
atoms have each a wave function of frequency E/h, but when they
interact the combined wave equation has two solutions, the energies
corresponding to which are in one case greater and in the other
less than the sum of the individual energies of the two isolated
atoms. The solution giving the minimum value of the energy repre-
sents chemical combination, and the values thus calculated wave-
mechanically for the energy of dissociation of the hydrogen molecule
and the separation of the nuclei are in agreement with those from
spectroscopic data.

The final step in the Heitler-London theory is the application of

47 Hinshelwood, ref. 23.
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Pauli’s Exclusion Principle. Analysis of the spectra of atoms having
more than one electron shows that the lines can be classified in series.
Four such series can be distinguished, and are designated principal,
sharp, diffuse, and fundamental. The lines of a given series have
definite characteristics, and a physical agency such as a magnetic
field affects all the lines of one series in a similar manner. Further,
the terms representing the energy levels of the alkali metals (which,
like hydrogen, consist of a core with one valence electron), when
represented by the expression R/n?, give values of » which are not
integral, and this is interpreted by supposing that the term is actually
composite and should be written R/(n+«)?, where « is called the
‘quantum defect’ and has a constant value throughout one series.
The inference is drawn that the electrons can exist in states not
accounted for by one quantum number alone, and we thus arrive at
the conception of a subdivision of the principal energy levels into a
number of subordinate levels. In addition to the principal quantum
number 7, therefore, a second or azimuthal quantum number is
necessary; this is written /, and is assigned values from 0 to n—1.
It is conventional to refer to electrons in energy states denoted by
the azimuthal quantum numbers 0, 1, 2, and 3 as s, p, d, and f
electrons respectively, the titles being derived from the initial letters
of the spectral series to which they give rise (for example, a transition
from an s state to a p state gives a line in the sharp series, and so
on). The limit of n—1 for the azimuthal quantum number restricts
the 1-quantum group (n = 1) to s electrons, the 2-quantum group
(n = 2) to s and p electrons, and the 3-quantum group (n = 3) to
s, p, and d electrons. The possible states of the electron, as indicated
by the multiplicity of line spectra, are not yet provided for, however,
and two further quantum numbers are necessary. One is the magnetic
quantum number, having values from —I to 4/, and the other is
the spin quantum number. This last describes the direction of spin
of the electron, and hence must have two equal and opposite values,
which are written +}. A complete description of every electron in
the atom is possible in terms of these four numbers. The Pauli
Principle states that, in a single atom, no two electrons can exist
in exactly the same quantum state, i.e. they cannot coincide in all
four numbers, and the number of electrons in a group of given
principal quantum number, as calculated from this principle, agrees
with that required for the interpretation of the periodic system as
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suggested by Bohr. In the case of the hydrogen molecule, both
electrons belong to each atom, and they must therefore differ in
at least one of the quantum numbers. Since they are identical
energetically, Heitler and London conclude that they differ in
the spin number, and they thus visualize the formation of the
covalent bond as the pairing of electrons with opposite directions of
spin.

The Heitler-London treatment of the hydrogen molecule has been
extended to less simple cases by Pauling, Slater, and others, and this
mathematical approach to the problem of molecular structure is
termed the ‘Method of Localized Pairs’. Meanwhile, from 1929
onwards, Hund, Lennard-Jones, and Mulliken have attacked the
problem somewhat differently, by the ‘Method of Molecular Orbitals’.
The molecule is treated as a whole; the definite partnership between
a given electron and a given nucleus is largely abandoned, and the
electrons are regarded as wandering from nucleus to nucleus, their
movements being described with reference to molecular orbitals.
Some, however, are still considered to be localized to a greater or
lesser extent, and these are assigned to atomic orbitals. Both the
electron pair method and the molecular orbital method are approxi-
mations, and the exact truth probably lies intermediate between
them.28 The latter cannot be described as a wave-mechanical theory
of valency, however, and the conception of the two-electron bond,
as originally put forward by G. N. Lewis, still provides the most
useful picture of the molecule for the purpose of interpreting chemical
phenomena.

It will be appropriate to conclude this chapter with the following
quotation, which expresses admirably the relationship of the new
mechanics to theoretical organic chemistry:

“The success with which organic chemistry has solved its problems by the
aid of its own conceptions about the nature of chemical bonds has, during
the last few years, stimulated theoretical physicists to attempt the
translation of these conceptions into the language of quantum mechanics.
It is as well to realize at the outset that even the simplest problems of
organic chemistry are much too complicated for anything like a complete
and fundamental treatment not based upon drastic simplification and not
introducing a considerable amount of assumption. The theoretical investi-

28 For a concise treatment of both methods, and references to relevant literature,
see Penney, The Quantum Theory of Valency (Methuen & Co., 1935).
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gation, therefore, can hardly be expected to predict new phenomena in
organic chemistry. Nevertheless, it is satisfactory that the known
phenomena can be described in terms acceptable to physicists, and that
the rules can be formulated in ways which at least are not inconsistent
with quantum-mechanical principles.’?®

2 Hinshelwood, 4Ann. Reports, 1932, 29, 20.



II
THE NEW PHYSICAL METHODS OF INVESTIGATION

HE recent advances in theoretical organic chemistry have been

greatly assisted, and to a large extent, indeed, made possible,
by the development of a number of purely physical methods of
investigation. The knowledge thus gained regarding the dimensions
and other properties of the bonds by which atoms are linked has been
applied to the solution of many problems relating to structure,
reactivity, and stereochemical configuration. A brief account of some
of these new physical methods is given in this chapter.

1. X-Ray Methods!

X-rays were discovered by Rontgen in 1895, and cxamination of
their behaviour showed that, while in many respects they resembled
visible light, there were nevertheless marked differences between the
two types of radiation. In particular, X-rays were not diffracted by
the ordinary gratings; this was due to the fact that their wave-length
(of the order 10-7 to 10~° cm. as compared with 10-% cm. for visible
light) was much shorter than the distances between the lines of any
grating that could be constructed. In 1912, however, Laue suggested
that a crystal might be employed for the purpose, and the correctness
of this suggestion was demonstrated experimentally by Friedrich and
Knipping. The distances between the parallel planes of which the
crystal is composed are of the same order of magnitude as the wave-
length of X-rays, and this made possible their diffraction. Friedrich
and Knipping passed a beam of the radiation through a crystal of
zinc blende in a direction parallel to one of the axes of symmetry, and
a photographic plate exposed to the emergent beam bore a sym-
metrical distribution of spots. They had thus obtained an X-ray
spectrum for the first time, since each spot represented a ray of a
particular wave-length. The classic investigations of Sir W. H. Bragg
and his son, W. L. Bragg, followed. In their X-ray spectrometer the
crystal was used as a reflection grating, and the resulting spectra

! See Sir W. H. and W. L. Bragg, The Crystalline State (G. Bell & Sons, 1933).

Recent work is summarized in the ‘Crystallography’ section of the Annual Reports,
1933, 1936, and 1936.
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were much easier to interpret than those of the ‘Laue photographs’.
When a beam of monochromatic X-radiation of wave-length Aimpinges
on a crystal at an angle of incidence 6, some of the rays are reflected
from the surface, and others from the planes in the interior. The
resultant beam is the sum of all these. The figure below illustrates
the routes of rays which leave the crystal along the same path, and
it is evident that such rays will either reinforce or destroy one another.
From the geometry of the figure it can be shown very simply that
reinforcement will occur if the angle of incidence is given by the
expression nA = 2dsinf, where d is the distance between successive
planes of the crystal, and n is a whole number. The reflected beam
is of appreciable intensity only for these particular values of #, and
therefore, by measuring the angles of incidence at which such a
beam is obtained, a relationship between A and d is found. These
angles were determined by passing the reflected beam into an ioniza-
tion chamber (containing an easily ionizable gas such as sulphur
dioxide) and observing an electroscope into which the ions of one
sign were driven by an electric field.

AN
NS

The structures of a large number of crystals have been elucidated in
this way, and interatomic distances calculated. A similar procedure
(in which, -however, the spectra were photographed) was employed
by Moseley in his determination of atomic numbers from the wave-
lengths of the characteristic X-rays of various elements.? These
rays are produced when the element (or a compound containing it)
is subjected to bombardment by fast-moving clectrons (cathode
rays); by using a crystal for which the constant d was known Moseley
was able to measure their wave-lengths, which were found to bear
a simple relation to the atomic numbers. The application of Moseley’s

2 Phil. Mag. 1913, 26, 1024; 1914, 27, 703.
4236 D
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method of X-ray analysis has resulted in the discovery of at least
four of the six elements which were then missing.

The original Bragg method required fairly large, well-formed
crystals, but it has since been extended by Debye and others in such
a way as to make it applicable to crystalline powders, and even to
liquids and gases; interatomic distances can thus be determined
with considerable accuracy for a wide range of substances. An
analogous method, which is likely to increase in importance, involves
the study of electron diffraction in gases.?

From the chemical point of view, the most significant results of
the earlier X-ray work were the following: (1) the observed contrast
between salts where only the individual ions were detected and
covalent compounds in which the whole molecules were discernible;
(2) the confirmation of the tetrahedral arrangement of the valencies
of carbon from the structure of diamond; and (3) the demon-
stration of the actual existence of a hexagon of carbon atoms in
aromatic compounds. More recent applications to the problems of
organic chemistry include Mrs. Lonsdale’s demonstration of the
uniplanar (flat) character of the aromatic nucleus in hexamethyl-
and hexachloro-benzenes,! and numerous instances of the use of
X-ray methods in the determination of chemical structure, as
cxemplified by Bernal’s contribution to the problem of the ring
system of the sterols and allied compounds (cholane group).® The
configurations of the valencies of a number of elements other than
carbon have also been determined by X-ray examination (see
Chap. XII).

2. Visible and Infra-red Spectra®
The study of absorption spectra in the visible and infra-red regions
has become, of recent years, a valuable source of information. Apart
from variations in kinetic energy of translation, the only energy
changes which an atom can undergo are due to the movement of
one or more electrons into other levels. The energy is purely electronic,

3 See Glasst Recent Advances in General Chemistry (Churchill, 1936), Chap. V.

4 Proc. Roy. Soc. 1929, 123, A, 494; 1931, 133, A, 536.

S See Ann. Reports, 1933, 30, 423, and references there cited.

8 Tor a fuller account see Glasstone, Recent Advances in Physical Chemistry, 3rd
edition (Churchill, 1938); also, Barratt, Ann. Reports, 1926, 23, 304. The results of
spectroscopic measurements are discussed by Sidgwick in The Covalent Link in
Chemistry (Cornell University Press, New York, 1933); sen also Sidgwick and Bowen,
Ann. Reports, 1931, 28, 367. References to original papers and larger treatises may
be found in the above.
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and the spectra to which the transitions give rise consist of series of
lines (which, however, have a fine structure owing to the subsidiary
levels, see Chap. I). The case of a molecule is more complex, however.
Electronic transitions can occur here also, and the frequency of the
resulting radiation is governed by the expression v = E,—E,, the
quantum being of such magnitude that the spectrum is in the
visible or ultra-violet region. Changes in electronic energy, however,
are always accompanied by changes in vibrational and rotational
energy. Taking the simplest case, namely, that of a diatomic mole-
cule, there are variations both in the amplitude of oscillation of the
nuclei in the line joining their centres, and in the frequency of rota-
tion of the whole molecule about an axis perpendicular to this line;
these changes are, of course, responsible for the well-known difference
in the ratio of the specific heats of monatomic and diatomic gases.
The total energy of the molecule, excluding kinetic energy, is there-
fore given by the expression
E=E+E+E,

and the complete energy change involved when an electronic transi-
tion occurs is

b = (E,— E;)+(E,— E))+ (E,— E).
The vibrational quanta are smaller (by a factor of 0-1 to 0-01) than
electronic quanta, and rotational quanta are much smaller still
(about 0-01 of vibrational). The spectra produced by changes in the
electronic energy levels are therefore series of bands, each band
consisting of lines so closely spaced as to appear continuous except
when observed with an instrument of high resolving power. Each
line in the band represents a change in vibrational energy, and has
a fine structure due to rotational changes.

The energy levels of a molecule are shown diagrammatically in
Fig. 1. The lines in I represent different electronic states; for each
of these there are a number of vibrational levels shown by the
thinner lines in II; the dotted lines in III represent the rotational
states associated with cach vibrational level. The general form of an
electronic band spectrum will be clear from an inspection of Fig. 2,
in which the bands due to electronic transitions are seen to consist
of lines indicating changes in vibrational energy, each line having a
fine structure on account of accompanying rotational changes.’

7 Diagrams of this type are given by Allmand, The Nature of Simple Molecules
and of Elementary Processes (Institute of Chemistry, 1932).
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Studies of electronic band spectra have led to the discovery of
isotopes of oxygen, carbon, and nitrogen, which are present in pro-
portions too small for detection by the mass spectrograph, and also

illllllflll I

to the observation of two forms of the hydrogen molecule, called
ortho- and para-hydrogen, in which the nuclei have respectively the
same and opposite directions of spin. Owing to the complexity
of electronic band spectra, however, and the consequent difficulty of
interpretation, the examination of vibration-rotation spectra is
usually preferred. The vibrational quantum is of such small magni-
tude that these spectra, which arise from changes in vibrational
energy with accompanying rotational changes, are in the near infra-
red. The energy change is now

kv = (E,—E})+(E,—E,),
and, in a diatomic molecule, for each vibrational change the spectrum
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consists of two series of lines (P and R branches), one on either side
of a central line (@ branch, not observed) having the fundamental
frequency of vibration of the molecule. The moment of inertia of the
molecule, and hence the distance apart of the nuclei, can thus be
determined. The same quantities have also been found, in some
cases, from pure rotation spectra in the far infra-red. These are the
least complicated of all molecular spectra, and for a diatomic mole-
cule the moment of inertia I is got from the simple formula

v = nhl4ntl,
where 7 is an integer and % is Planck’s constant; the internuclear

distance r then follows from the well-known expression I = e L % )
: my+my
where m; and m, are the masses of the atoms. The observation of
pure rotation spectra is very difficult on the experimental side, how-
ever, and a balance between difficulties of experiment and interpreta-
tion is found in the vibration-rotation spectra for which, to a good
degree of approximation, v = wy+nh/4n2I, where w, is the funda-
mental vibrational frequency of the molecule. It is evident that, as
the number of atoms in a molecule increases above two, there is a
corresponding increase in the complexity of the spectra of all types.
Even greater importance attaches to the study of the effect first
observed by Sir C. V. Raman in 1928, though predicted by Smekal
at an earlier date.® When a beam of monochromatic light falls on a
transparent substance—solid, liquid, or gas—the greater part under-
goes no change of frequency, but at the same time a small proportion
appears with a modified (usually smaller) frequency. The incident
light quantum changes (as a rule raises) the energy level of a mole-
cule, atom, or ion which it encounters, with a corresponding change
in its own energy content and therefore frequency,’ i.e.

Molecule}Radiation == Molecule--Radiation

(normal) (excited) (degraded
frequency)

® Raman and Krishnan, Nature, 1928, 121, 501 ; Indian J. Physics, 1928, 2, 399.
See also Kohlrausch, Der Smekal-Raman Effekt (Springer, Berlin, 1931). Useful
summaries are as follows ; Raman, Trans. Faraday Soc. 1929, 25, 781 ; Hunter, Ann.
Reports, 1929, 26, 16; Woodward, ibid. 1934, 31, 21. For a collection of Raman
spectra data see Chem. Reviews, 1933, 13, 345; 1936, 18, 1.

® Comparison with the photoelectric and Compton effects is instructive. In the
former the quantum is completely absorbed and ejects an electron from an atom with
considerable velocity; in the latter the quantum gives up a portion of its energy to
an electron and appears with a degraded frequency (see Chap. I, p. 10).
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The difference between the frequencies of the initial and scattered
radiation is called the Raman Frequency, and is governed solely by
the nature of the molecule. As a rule the energy transferred is
utilized completely in raising the vibrational level, and hence the
Raman spectrum is not complicated by rotational changes; the
Raman effect, indeed, makes possible the observation of the ‘Q
branch’ of the vibration-rotation spectrum without the experi-
mental difficulties of working in the infra-red. Rotational changes,
which sometimes occur, are indicated by lines of frequency very near
to that of the exciting radiation.

Raman spectra have been employed in qualitative and even
quantitative analysis, and in investigations of the degree of ioniza-
tion of electrolytes. In the case of molecules of organic compounds,
particular lines have been identified with definite linkages, and the
natural vibrational frequencies of bonds such as C—H, C=C, C=0,
(=C, and C=N are thus calculated; in general, those of the two-,
four-, and six-electron bonds are of the order of 3,000, 1,600, and
2,000 cm.-! respectively, and observations of Raman spectra have
thus given information regarding the multiplicity of certain link-
ages.1 Moreover, since the vibrational frequency is dependent upon
the masses of the atoms concerned and upon the force constant of
the linkage (the force which comes into play when the nuclei are
displaced unit distance from their normal positions), the latter can be
determined. Its significance lies in the fact that it is a measure of the
strength of the bond.

The replacement of an element by its isotope leaves the force
constant of the linkage practically unchanged, and the effect of such
substitution upon the vibrational frequencies is therefore due to the
change in the atomic mass. It is thus possible to calculate numerical
relationships between the frequencies of vibration in the two mole-
cules and to compare them with those observed. This method has
recently been employed by Ingold and his collaborators'! in a series
of investigations upon the structure of benzene, in which its infra-
red and Raman spectra have been compared with those of hexa-
deuterobenzene, CgDg (where D represents deuterium, the heavy
isotope of hydrogen).

10 An example is given in Chap. VIIL.
1 5.0.8. 1936, 912, and following papers.
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3. Dipole Moments'®

In Sugden’s formula for the nitro-group!® the co-ordinate bond is
obviously dipolar, the nitrogen atom being charged positively and
one of the oxygens negatively; this is, indeed, a general property of
co-ordinate bonds formed between neutral atoms or molecules, since
one atom gives and the other accepts a share in an electron pair."4
Dipolar character is not peculiar to co-ordinate bonds, however.
Thus, the chemical behaviour of the carbonyl group indicates that the
carbon and the oxygen are positive and negative respectively; for
example, in an addition reaction such as cyanohydrin formation,
hydrogen always attaches itself to oxygen and the anionic portion
of the addendum unites with carbon. Chemical evidence would

thus lead to the representation >’C+=:), where 84 and 8— denote
fractional positive and negative charges. respectively.

The unequal sharing of the electron pair forming a covalent bond
was postulated by G. N. Lewis: ‘the pair of electrons which con-
stitutes the bond may lie between two atomic centres in such a posi-
tion that there is no electric polarization, or it may be shifted
toward one or the other atom in order to give to that atom a negative,
and consequently to the other atom a positive charge’.’ If the
latter be the case, the bond is an electrical dipole,’® equivalent to a
rod with equal and opposite charges at the ends, and having a
moment given by the product of either charge and the distance

between them.

Since all molecules contain both positively and negatively charged
particles (nuclei and electrons), there will of necessity be an ‘electrical
centre’ (analogous to centre of gravity) of the positive charges and

13 For comprehensive accounts of this subject, see Debye, Polar Molecules (Chemical
Catalog Co., New York, 1929); Smyth, Dieleciric Constant and Molecular Structure
(American Chemical Society Monograph Series, New York, 1931). Summaries may
be found as follows: Sidgwick, ref. 6; Glasstone, ref. 6; Smyth, Ciem. Reviews, 1929,
6, 549; Williams, ibid., p. 589. A list of dipole moments, with full references, is
given in Trans. Faraday Soc., Sept. 1934, appendix.

12 See Chap. I, p. 7.

4 A similar remark does not apply, for obvious reasons, to a bond formed by
co-ordination of an ion with a neutral molecule as in the ammonium and borofluoride
ions. See Sidgwick, The Electronic Theory of Valency (Oxford University Press, 1927),
p. 69.

18 Palence and the Structure of Atoms and Molecules (Chemical Catalog Co., New
York, 1923), p. 83.

18 This must not be confused with the ‘electrovalent’ bond. See Sidgwick, Covalent
Link, p. 126 (footnate).
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a similar centre of the negative electricity, and if these do not
coincide the molecule as @ whole will be an electrical dipole. The
electrical moment will be zero only (a) if every pair of electrons is
shared equally by the atoms concerned,'? or (b) if the molecule is
perfectly symmetrical, like methane, so that the moments cancel.
In actual fact, the only completely non-polar bonds are those between
like atoms, as in the molecules H,, N,, or O,, and hence the existence
of a molecular electric moment is the rule and not the exception.
Measurement of Dipole Moments. The conception of ‘polar mole-
cules’ was first arrived at on purely physical grounds. Apart from
any permanent polarization of the type described above, all mole-
cules have a definite polarizability. Thus, if the space between two
charged plates be filled with any medium, the electric field induces a
displacement of the positive and negative electrical centres of the
molecules of the medium; they become temporarily dipolar, the
positive ends being towards the negative pole and vice versa. The
electrical field is thus opposed, and the ratio of its strength in a
vacuum to its strength under these conditions is the dielectric
constant () of the medium. The ‘molecular polarizability’ («) is
then given, according to the well-known Clausius-Mosotti Law, by
the expression e—1M 4nN
e+2d - 3
where M and d are respectively the molecular weight and density of
the substance, and NV is the Avogadro Number (number of molecules
per gram-molecule). This equation contains no temperature term,
and yet the dielectric constants of a number of compounds were
found to vary with temperature; for these compounds, too, Maxwell’s
Law equating the dielectric constant with the square of the refractive
index (e = n?) was invalid. Accordingly, Debye suggested in 191218
that the molecules of these substances are permanently dipolar. The
dipoles are normally oriented at random, but in an electric field they
tend to aline themselves with their ends towards the oppositely
charged pole. Thus, the permanent polarization is superimposed
upon the induced polarization, P= P4 F,. The term P, in this
expression is that given by the Clausius-Mosotti equation, and since

o,

17 This is really a simplified statement of the necessary conditions. The unshared
electrons must also be arranged symmetrically with respact to their nuclei; compare
Sidgwick, op. cit., p. 143 (footnote).

18 Physikal. Z. 1912, 13, 97.
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the orientation of the dipoles will be opposed by thermal agitation
the second term B, is dependent upon temperature. Debye thus
arrived at a mathematical relationship of the form P = A+ B/T,
the complete expression being
e—1M 4nN un?
t+2d é“("‘"’ék’f)'
where . is the dipole moment of the molecules, 7' is absolute tempera-
ture, and k is the gas constant per molecule (k = R/N).

The dipole moments of a large number of molecules have now been
determined. The most accurate method depends upon the effect of
temperature upon the dielectric constant of the substance in the
vapour state. In Debye’s equation P — A+ B/T, the relationship
between P and 1/7 is linear; if the substance is non-polar, B = 0
and the line is parallel to the 1/7' axis, while for a polar molecule
its slope gives the value of 4mNu?/9%k. The method is also applicable
to dilute solutions in non-polar solvents. In this case the solvent
will undergo induced polarization, and the observed effect B, is
P, = f, P+f2 P,, where f, and f, are the proportions ( fit+f. = 1)of
molecules of solvent and solute, which would individually give the
polarizations P, and P, respectively. The interactions between dipoles
at relatively short distances render the method inapplicable to con-
centrated solutions or pure liquids, and in the calculation of p the
values of P are extrapolated to infinite dilution.

The wide temperature range necessary makes this method difficult
from the experimental standpoint, however, and an alternative
procedure, the optical method, has been employed more frequently.
Using Maxwell’s relation e = n?, the Clausius-Mosotti equation can
be written n—1M _ 4aN

nt+2d 3
(compare the Lorenz-Lorentz expression for molecular refraction).
The refractive index is determined for visible light, i.e. for vibrations
of relatively high frequency, and the polar molecules will not, under
these conditions, have time to orient themselves between one wave and
the next. The difference between the total polarization P (obtained
from the dielectric constant) and the induced polarization F; (from
the refractive index) should therefore give the permanent polarization
P,. Anerror arises, however, from the fact that the induced polariza-

tion itself is in reality the sum of two terms. In the determination of
4238 E
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the dielectric constant, the electrical field displaces the electrons
towards the positive pole, giving the electron polarization Py, but
at the same time the nuclei suffer a small displacement leading to the
atom polarization P, i.e. P, = P+ P,. Like the orientation of the
permanent dipoles, the atom polarization does not occur under the
agency of visible light, and hence the difference between the values
obtained by dielectric constant and refractive index observations
actually gives F,+P,. The atom polarization is relatively small,
and is often neglected without very serious inaccuracy; a correction
made on the assumption that P, is 5 per cent. of Py appears to be
satisfactory, however, and Groves and Sugden have recently calcu-
lated the dipole moments of a number of vapours on this basis.1?

The values of dipole moments are all of the order 10-18 e.s.u.; this
would be anticipated, since the unit electronic charge is 4-77 x 1010
e.s.u., and molecular distances are of the order 10-8 cm. 1x10-18
e.s.u. is spoken of as 1 Debye unit, and written D.20

Many of the available dipole moment values have been obtained
by measurements in solution, and they vary somewhat with the
nature of the solvent.?! The true value of the moment must be re-
garded as that given by the vapour, and accurate data referring to
the vapour phase are accumulating. Values determined in the same
solvent are no doubt comparable, however, and are used in the
sequel in cases where the moment of the vapour is not available (and
sometimes, indeed, cannot be found owing to decomposition).

8Sign of Dipole Moments. The methods outlined above provide
values for the magnitudes of dipole moments, but give no information
with regard to their sign; they do not indicate which atom forms the
positive end and which the negative end of the dipole, i.e. no distinc-

+ = - &+

tion is drawn between X—Y and X—Y. An ingenious method of
ascertaining this further fact for the bond linking a substituent to
nuclear carbon in an aromatic compound was suggested by Sir J. J.

¥ J.C.S. 1935, 971; 1937, 1568.

2% An approximate method for determining dipole moments, which is sometimes
applicable where the others fail, is an adaptation of the Stern and Gerlach process
for the determination of magnetic moments (see p. 86). A fine beam of molecules
emerging through a slit from a tiny oven is passed, under high vacuum, through a
highly inhomogeneous electric field and received on a brass plate cooled by liquid
air. The moment of the molecule is indicated by the broadening of the trace produced
on the plate. A useful summary of this method is givin in Dole, Experimental and
Theoretical Electrochemistry (McGraw-Hill Book Co., New York, 1935), p. 195.

2! See Glasstone, Annual Reports, 1936, 33, 117; ref. 6, p. 144.

