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PREFACE

I HAVE written this book to show that reactions in solution,
that is to say, the phenomena of chemical change in general,
can profitably be examined in the light of the kinetic theory
—an hypothesis which seven years ago was focused upon,
but believed to be restricted to, the comparatively fow
reactions which occur in gases. 1t will be observed that the
theory brings coherence to a large number of diversified
phenomena, and can therefore be said to have stood the
pragmatic test.

In a book of this scope, reference can be made to but a
relatively small number of chemical reactions. The examples
selected are, however, sufficiently representative to portray
a miniature, but not too distorted a picture of the whole
field of inquiry. I have purposely applied the kinetic theory
in a simple manner, partly on account of the inherent
difficulties which the problem obviously presents, and partly
because the task is primarily to decide whether the principle
underlying its application is valid. It may prove to be
otherwise: I have made cvery effort to indicate clearly what
are the theoretical explorations, and what the actual facts.

The willing assistance given by my friends and colleagues
has turned what might be tedium into joy. Mr. C. N. Hin-
shelwood has been my guide on all matters that perplexed
me. My indebtedness to him is great. To acknowledge it is
my pleasant duty; to assess it would be difficult, and is
fortunately not necessary. Dr. N. V. Sidgwick kindly read
the manuscript and made valuable suggestions. I have also
had the advantage of discussing certain problems with Pro-
fessor T. M. Lowry and Professor M. Polanyi, and with
Professor W. C. M. Lewis at almost terminal intervals since
I left his laboratorv. Mr. E. J. Bowen. Dr. R. O. Griffith.
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and Dr. A. McKeown have kept me from erring in matters
photochemical. Finally I wish to thank Professor J. N.
Bronsted, Professor H. M. Dawson, Professor V. K. La Mer,
and Dr. Hermann Schmid for enlightenment on obscure
points and for permission to reproduce various diagrams.

E. A . M.-H.
OXFORD, 1933.
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I
THE COLLISION THEORY

CANE sugar dissolved in water may be kept almost inde-
finitely at room temperatures. In the presence of decinormal
acid, however, the sugar is split up at a measurable velocity
into glucose and fructose, and the chemical change is vir-
tually complete at the end of one day. These well-known
facts raise two questions. Why does the reaction not take
place in the absence of acid? Why does the reaction in its
presence end in a day rather than in a second or a century ?
The science of chemical kineties sets out to answer these and
similar questions by a formal treatment of all the factors
which may determine or influence the velocity of chemical
change. In the development of the subject, the inversion of
cane sugar occupies a prominent position as the first chemical
change to be timed* and one of the first reactions in the
study of which the importance of temperature was realized.f
This reaction has attracted the attention of hundreds of
investigators, and several publications dealing with its
kinetics have appeared annually since the days of Wilhelmy.§
That its precise mechanism is not yet fully understood will
serve as a sufficiently illuminating comment upon the
difficulties attending the problem in general.

Although chemical dynamics had its origin in the study
of reactions in solution, its growth, except along empirical
lines, was disappointingly slow until the advantages of
investigating gaseous reactions were realized. For these, the
kinetic theory of gases furnishes precise information about
the various types of motions executed by the reacting mole-
cules. Within the last fifteen years, the advancement of
knowledge concerning chemical change in general has been

* Wilhelmy, Pogg. Annalen, 81, 413, (1850).

1 Arrhenius, Z. physikal. Chem., 4, 226, (1889).

1 140 papers had appeared by 1906 (Caldwell, British Association Reports,
p- 351).
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2 THE COLLISION THEORY

quite startling. Most of the phenomena relating to gaseous
reactions have received ample interpretation in the light of
the few simple hypotheses which form the basis of the
collision theory of chemical reaction rate. It is the object
of this book to show that chemical changes in solution also
offer every prospect of being understood from the same
standpoint. Fundamentally there can be no difference
between the essential facts of chemical changes in the two
systems. Recent experiments upon reactions studied in the
presence and in the absence of a solvent bear striking testi-
mony to the truth of this statement. In general, however,
the solvent exerts a definite influence upon the velocity at
which molecules dissolved in it undergo chemical trans-
formation. The real problem, therefore, resolves itself into
an application of the general principles of chemical kinetics
to reactions in solution, and the discovery of logical means of
extending such principles when in their unmodified form
they prove to be insufficient to account for the facts.

DEVELOPMENT OF THE COLLISION THEORY OF CHEMICAL
REACTION RATE

The rate at which any chemical change proceeds is denoted
by its velocity constant (£), which simply defines the number
of molecules reacting per unit time when the concentration
of cach reactant is unity. Arrhenius observed that the
variation with temperature of the velocity constant for a
number of reactions could be represented by an equation
of the type: 4

Ink = B_T ,

in which 7' is the absolute temperature, and the constants 4
and B are specific for each reaction. He recognized the
similarity of this equation with the van’t Hoff isochore,
which connects the equilibrium constant (K) of a chemical
reaction with the increase (4 U) in internal energy:

. U
{ = const.—RT,
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and by analogy suggested the existence of an equilibrium
between ‘passive’ molecules of the reacting speeies and
‘active’ molecules formed from normal molecules by the
absorption of energy. It had hitherto been diflicult to under-
stand why only a few molecules-—rather than all of them---
reacted at any given time. The answer given by Arrhenius
is that only that small fraction of the total number of mole-
cules which is active at any instant can react; chemical
changes are not instantancous because the special distribu-
tion of energy required takes a finite time. The general
correctness of this view has since reccived overwhelming
confirmation.

The superiority of the Arrhenius equation over a number
of similar empirical relations which were advanced almost
simultaneously with it lay in the fact that it not only ful-
filled the object for which it was created- -i.c. to summarize
in convenient mathematical form the relation between the
velocity constant and temperature—-but also threw light on
the actual mechanism of chemical change. By putting
B =InZ and A = E/R, the cquation can be rewritten in the

form ,
k — Z@ —lu/l('l'.

The fraction e ¥%T according to the Maxwell-Boltzmann
distribution law is proportional to the number of molecules
possessing energy ¥ in excess of the average energy charac-
teristic of all the molecules at the temperature 7. The
Arrhenius equation, therefore, implies that the number of
molecules reacting per unit time is proportional to the
number of molecules which are in a suitably activated con-
dition. Other processes are known besides chemical trans-
formation which obey the same law, for example:

number of molecules of a liquid evaporating per sccond
= const. xe V% (X is the latent heat of vaporization),

number of electrons emitted by incandescent solids per
second = const. xe """ (W is the thermionic energy),
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number of molecules undergoing chemical change per second
= const. x e~ #/*T,

E is termed the critical increment of energy, or simply the
critical increment, and is determinable experimentally by
plotting the logarithm of the velocity constant against the
reciprocal of the absolute temperature: the slope of the line,
multiplied by the gas constant B (1-985 calories per degree)
gives the value of £ in calories per gram molecule. It will
become clear subsequently that % is not always equal to the
energy of activation, and has to be corrected in various ways.
The necessity for introducing such modifications in no way
detracts from the general truth of the Arrhenius hypothesis.
Activation of some kind is a necessary step in almost all
chemical changes which proceed with measurable velocity.
This is the foundation of chemical dynamics.

After the introduction of the Arrhenius hypothesis, the
most important contribution to the subject is the calcula-
tion in absolute measure of velocity constants in gaseous
systems. This was achieved by Lewis,* who showed that
the rates observed by Bodensteint for the decomposition of
hydrogen iodide and for the reverse reaction are in agree-
ment with those calculated by means of the relation:

number of molecules reacting per second
= number of molecules colliding per second xe-*/%T,

It was at that time believed that the molecules became
activated by radiation, but in the light of subsequent work
Lewis’s conclusion can best be re-stated as follows: the rate
at which molecules decompose in gaseous bimolecular re-
actions is equal to the rate at which they collide with critical
energies. These considerations thus give a physical meaning
to the term Z of the Arrhenius equation: for bimolecular
reactions it is simply the collision frequency. Before, however,

* Trans. Chem. Soc., 113, 471, (1918). Lewis’s calculations were indepen-
dently confirmed by Herzfeld (Z. Elektrochem., 25, 301, (1919)), Christiansen
(Kgl. Danske Videnskab. Selskab. Math. fys. Med., 1, 14, (1919)), and Polanyi
(Z. Elektrochem., 26, 50, (1920)). 1 Z. physikal. Chem., 29, 295, (1899).
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the calculation can be regarded as absolute in the strict sense,
the value of the heat of activation must be independently
determined from data other than those of reaction velocity.
Attempts in this direction have already been made by Villars,*
Eyring,T and others, adopting the valency theory of Heitler
and London.§

The next phase in the development of the collision theory
centres round the problem of unimolecular reactions, It is
neither possible nor desirable to enter into a full discussion
here, but the following brief account is required before the
true nature of rcactions in solutions can be understood.
Perrin,|| accepting the definition of a unimolecular process
as one possessing a rate independent of the pressure (or
concentration) of the reactant, argued that an isolated mole-
cule should decompose at the same rate as a large number of
molecules. The velocity of a unimolecular reaction appeared
to be independent of collisions. Lewis, believing the velocity
of reaction to be governed by the rate of interaction of
radiant energy with the molecules,** developed a radiation
hypothesis of chemical change. Both theoretical considera-
tions relating to cquilibria between radiation and matter as
well as experimental investigations on the effect of irradiation
on systems undergoing chemical reaction showed that the
hypothesis, even in an amended form, was untenable.
Lindemann,}t commenting on Perrin’s argument, pointed
out that molecules decomposing unimolecularly could still
be activated by collisions provided the activated molecules
persisted as such for a finite time, during which most of them
reverted to their normal conditions by loss of energy while
others decomposed. This mechanism, while offering the
possibility of explaining unimolecularity in a manner con-
sistent with the collision theory, carried with it two important

* J. Amer. Chem. Soc., 52, 1773, (1930).

t Z. physikal. Chem., B, 7, 244, (1930).

1 Z. Physik, 51, 805, (1928). § Z. Elektrochem., 35, 552, (1929).

|| Ann. de Phys., 11, 1, (1919). ** Phil. Mug., 39, 26, (1920).
tt T'rans. Faraday Soc., 17, 598, (1922).
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conditions: (1) at low pressures, when the supply of molecules
activated by collisions becomes insufficient to maintain a
stationary concentration of active molecules, the unimole-
cular constant should fall ; (2) at higher pressures, the number
of molccules activated per second should always exceed the
number reacting per second. At the time of Lindemann’s
suggestion, only one instance of a homogeneous gascous
unimolecular reaction was known—the decomposition of
nitrogen pentoxide—and this appeared to fulfil neither of
these conditions. Judged upon the facts of this one reaction
the collision theory would have been doomed. Much more
secure evidence was, however, forthcoming in a number of
new reactions discovered and investigated fully by Hinshel-
wood and his collaborators, who found that acetone,* pro-
pionic aldehyde,t dimethyl ether,j and diethyl ecther§
decomposed unimolecularly at fairly high temperatures in
the homogeneous gas phase. The most noteworthy feature
of these reactions is that at fairly low pressures the unimole-
cular velocity constant falls off, but can be maintained at
its normal valuc by the introduction of hydrogen. These two
facts were rightly interpreted as evidence that the Linde-
mann mechanism was actually at work. Further experi-
mental support was advanced by Ramsperger, who found
the same behaviour to be exhibited by dimethyldiimide,||
diisopropyldiimide,** and methylisopropyldiimide.tf At the
present time over twenty gaseous unimolecular reactions
have been studied, all of which have this feature in common.
The work of Ramsperger and Tolmani] and of Schumacher
and Sprenger§§ enables us to include in this number the case
of nitrogen pentoxide. It is thus quite evident that even in

. * Hinshelwood and Hutchison, Proc. Roy. Soc., A, 111, 245, (1926).
+ Hinshelwood and Thompson, bid., A, 113, 221, (1926).
1 Hinshelwood and Askey, tbid., A, 115, 215, (1927).
§ Hinshelwood, tbid., A, 114, 84, (1927).
|| J. Amer. Chem. Soc., 49, 1495, (1927). ** JIbid., 50, 714, (1928).
11 Ramsperger and Leermakers, ibid., 53, 2061, (1931).
it Proc. Nat. Acad. Sci., 16, 6, (1930).
§§ Ibid., 16, 129, (1930).



THE COLLISION THEORY 7

unimolecular reactions molecules become activated by col-
lisions. Experiment shows, however, that the number of
molecules decomposing per second even in the low pressure
region is usually very much greater than the number of
molecules which according to the equation of Lewis are
activated per second.

The clucidation of the problem presented here coineided
with the introduction of the idea that contributions towards
the energy of activation could be made by certain internal
degrees of freedom of the reacting molecule as well as by
their translational energy. Its first application is due to
Polanyi* who estimated that 7 internal degrees of freedom
come into play when bromine molecules dissociate,  The
theory has been discussed also by G. N. Lewis and Smith,}
and by Christiansen,f but its first systematic presentation
was made by Hinshelwood§ who had paved the way for its
acceptance by the experiments to which reference has just
been made. Hinshelwood showed that the chance of two
molecules in collision possessing total energy K in excess of
the average energy is given approximately by the expression

(’“l':/‘lf’r( I )5" 1 1
/ RT (In—1)"

n is the total number of quadratic terms by means of which
the energy is defined. The same relation has been inde-
pendently deduced by Fowler and Rideal|l The total
kinetic energy of a molecule can be expressed in three square
terms. For collisional purposes, however, only the com-
ponents of the velocity in one particular direction, i.c. along
the line of centres, need be considered. One square term
defines the contribution made by the translational energy
of each molecule. For two molecules in collision, the kinetic
energy may be expressed in two square terms. If we denote
by F the number of internal degrees of freedom concerned,

* Z. Physik, 1, 337, (1920). 1 J. Amer. Chem. Soc., 47, 1508, (1925).

1 Proc. Camb. Phil. Soc., 23, 438, (1926).
§ Proc. Roy. Soc., A, 113, 230, (19286). i Ibid., A, 113, 570, (1927).
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and assume that each internal vibration is simple, involving
two square terms (one defining the potential energy and one
the kinetic energy of vibration), the total number = of
square terms contributing to the energy of activation is
n = 2+4+2F. Thus F = {n—1. The above expression may

thus be written as E\F1
e~E/RT( ’) il
RT] FV
where F is the number of internal degrees of freedom.

Within certain limits, the fractional number of molecules
with critical energy ¥ incrcases rapidly as F is increased.
When F is raised beyond a certain value, the number be-
comes small, since the quantity F'! may then exceed the
quantity (£/RT)". For every value of E/RT there will there-
fore be a certain value of F which will correspond to the
maximum number of activated molecules. The method of
evaluating F in the case of gaseous rcactions depends on
the assumption that, at the pressure which corresponds to
a diminution in k, the rate of activation is just equal to the
rate of reaction. This method is clearly not available in
the case of reactions in solution, but it can be replaced by
another one. The number of internal degrees of freedom thus
found is genecrally no greater than can be imagined as
accommodated by the chemical bonds of the reacting
molecules.

The elucidation by Hinshelwood of the problem of uni-
molecular reactions ranks in importance with the contribu-
tions of Arrhenius and of Lewis, and clearly marks the third
stage in the development of chemical dynamics since its
inception by Wilhelmy.

It transpired from the systematic study of gaseous
reactions that simple molecules decompose bimolecularly,
and more complex molecules decompose unimolecularly.*

* The distinction between these two kinetic types of chemical change is
naturally not abrupt. Instances are known of molecules which decompose by
both bimolecular and unimolecular mechanisms (e.g. nitrous oxide, Musgrave
and Hinshelwood, Proc. Roy. Soc., A, 135, 23, (1932)). As a general rule,
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This fact must now be linked with the obscrvation that in
bimolecular changes activation coincides with reaction,
whereas in unimolecular changes there is a definite time
interval between the two. The idea that internal degrees of
freedom play a part in unimolecular reactions suggests that.
this interval is associated with the time required for the
redistribution of energy within the activated molecule, and
possibly its localization in a vulnerable spot. Before the
velocity of a unimolecular reaction can be predicted it is
therefore nccessary to know not only what fraction of the
total number of molecules possess the right energy, but what
the probability of transformation of the activated molecules
amounts to. This has not yet been achieved, but the study
of the dynamics of activated molecules is growing rapidly.
By postulating that the rate of reaction is proportional to
the number of activated molecules, it is implied that the
probability of spontaneous transformation is independent of
temperature, of the pressure, and of the distribution of the
energy within the activated molecules. If it is assumed that
a particular internal degrec of freedom must acquire a
certain minimum amount of energy before the molecule can
react, the chance that energy will flow into this degree of
freedom depends on the normal of energy which the molecule
possesses over and above the critical energy.* These exten-
sions to the simpler theory are of great interest and have been
elaborated by Rice and Ramspergert and by Kassel.f The
experimental tests all depend on the manner in which the
unimolecular constant alters with a change in pressure when
this is relatively small. The inquiry consequently branches
off into an aspect of the problem which has no counterpart
in reactions in liquid systems.§

however, it is correct to say that simple molecules, or complicated molecules
undergoing simple changes, will decompose bimolecularly.
* Sir J. J. Thomson, Phil. Mayg., 3, 241, (1927).
1 J.Amer.Chem.Soc.,49,1617,(1927). {J.Physical Chem.,32,225,(1928).
§ According to the principles of wave mechanics, it becomes possible for a
certain fraction of the molecules to undergo chemical transformation while
4018 o
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The collision thcory has been amplified in another way,
by incorporating the hypothesis of chain reactions originally
advanced by Nernst* in an attempt to explain the rate of
the photochemical union of hydrogen and chlorine. Resul-
tant molecules at the instant of formation contain the energy
of activation, and, if the reaction is exothermic, the heat of
reaction also. The essential postulate of the theory (p. 259)
is that these ‘hot’ molecules can activate fresh reactant
molecules by colliding with them. It has been shown by
Christiansen and Kramerst that a unimolecular velocity
would then result, provided each activated molecule of
product hands on its energy to a fresh molecule of reactant.
This provision is equivalent to the assumption that the
efficiency of cnergy transference is 100 per cent. between
activated products and normal reactants, and zero between
activated products and all other molecules. The assumption
is not unreasonable, for it is known that the transference of
encrgy during collisions is highly specific. Oxygen molecules,
for example, are about 3,000 times as efficient as helium
atoms in quenching the resonance radiation of mercury.
Experiments on the influence of foreign gases upon the
velocity of unimolecular reactions have shown, however, that
the explanation given by the chain theory cannot be true
in general. The modern tendency is to accept the theory
of the internal degrees of freedom as the correct one unless
therc are definite experimental indications to the contrary.
In the hands of Semenov} and of Christiansen§ the reaction-
chain theory has provided a simple interpretation of the

possessing energy which is actually lower than the energy of activation (see,
for example, Bourgin, Proc. Nat. Acad. Sci., 15, 357, (1929); Roginsky and
Rosenkewitsch, Z. physikal. Chem., B, 12, 279, (1931)). It is quite clear,
however, that in the case of reactions with which we have to deal, where the
potential energy barrier and the molecular weights are high, the number of
molecules which escape through the non-classical ‘tunnel’ is unimportant. But
if the rate is governed by the passage of a proton through the molecule (p. 236),
there exists the possibility of an appreciable tunnel effect.

* Z. Elektrochem., 24, 335, (1918). 1 Z. physikal. Chem., 104, 451, (1923).

1 Z. Physik, 46, 109, (1927). § J. Physical Chem., 28, 145, (1924).
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phenomena of gaseous explosions and of negative catalysis.
Explosive reactions in solution are not known. Photo-
chemical measurements show, however, that long reaction
chains, sometimes exceeding 10,000 cycles, can be propagated
in solution, the length of the chain being in some cases
dependent on the nature of the solvent (Chapter 1II). The
existence of thermal reaction chains in solution has also been
established, and the marked inhibitive action of traces of
foreign bodies has been explained by Béckstrom* in terms
of Christiansen’s theory of negative catalysis. Chain re-
actions in solution, however, are not prevalent.

The salient points of the collision theory may now be
summarized in the following manner. Only molecules in a
suitably activated state can undergo chemical change, the
rate of which must therefore be closely connected with the
number and stability of the activated molecules. In bi-
molecular reactions, the molecules react immediately upon
acquiring the necessary energy, so that the rate of activation
is equal to the rate of reaction. The energy is shared between
two square terms only, and the chemical changes involved
are usually simple. In unimolecular reactions, the activated
molecules have a definite lifetime, which is terminated
either by a reversal into the normal, unactivated state or by
chemical transformation. The critical energy is distributed
among a number of internal degrees of freedom, and the
chemical changes concerned may be very complicated.

INTRODUCTION TO THE KINETICS OF REACTIONS
IN SOLUTION

The extended collision theory is now universally accepted
as the correct explanation of thekinetics of gaseous reactions. t
In applying the theory to liquid systems there are two
distinct lines of approach.

* J. Amer. Chem. Soc., 49, 1460, (1927).

1 The full force of this statement can best be realized from a study of The

Kinetics of Chemical Change in Qaseous Systems, Hinshelwood, 3rd Edition,
Oxford, (1933).
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The rates and energies of activation for certain reactions
may be determined experimentally in solution and compared
with the corresponding quantities for the gaseous reactions.
If these quantities happen to be the same in the two systems
it is clear that the solvent exerts no influence on the mechan-
ism of the reaction and can therefore be regarded as inert
or ‘ideal’. On the other hand, should the two quantities
prove to be different, the solvent acts either as a catalyst or
an anticatalyst, and knowing the magnitude of the effect
in either case we can inquire into its cause. Conclusions of
this nature drawn from the direct comparison of rates of
reactions in the gaseous phase and in solution are indepen-
dent of any hypotheses concerning the mechanism of the
reactions and would still be valid in the unlikely event of
our having to abandon the collision theory altogether. It is
therefore a matter for regret that only a limited number of
reactions have, up to the present, been investigated in this
manner. These are dealt with in Chapter IIL.

The numerical predictions of the collision theory, some-
times in a duly modified form, may be compared with the
observed velocities of rcactions studied in solution under
various conditions. Before this step can be taken, we must
acquaint ourselves with the relevant information afforded
by the kinetic theory.

Molecular Velocities.

The velocity of a gas molecule will in general be altered
after each successive collision with another molecule. Its
speed will be increased or decreased according as the mole-
cule which it meets is travelling in the same or in the
opposite direction. At any particular instant, a few of
the molecules in a system containing a large number will
be at rest: some will move very rapidly: most of the
molecules will have a speed not very different from the
average velocity (v) or from the root mean square velocity
(¢), which is the hypothetical velocity which each molecule
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would possess if the total kinetic energy were equally dis-
tributed among all the molecules. The following simple
derivation shows how these quantitics may be calculated.
In a cube of length I containing 7 molecules travelling with
velocity ¢, the molecules may be imagined as divided into
three groups, each group moving to and fro in directions
parallel with the sides of the cube. The number of molecules
striking one side of the cube in one second is §n.c/2l. The
change of momentum due to each impact is 2me, hence the
rate of change of momentum, or the force P acting on the
wall, is 4n(c/lymc. The pressure

P 1mnc® lmnc?

P=p=3p 3V °
hence pV = Imnc?. For one gram molecule of a perfect gas,
pV = RT, and mn = M, the molecular weight; so that
RT = YMc2 The root mean square velocity may thus be
determined from the molecular weight and the temperature :

o R o

When R is given the value of 8-:315x107 ergs/degree, ¢ has
the units of cm./second. It can be shown that the average

. 8
velocity v = ¢ J 3 hence

8RT
v= (2)

Maxwell’s distribution law tells us how many of the mole-
cules have velocities and positions lying within specified
limits. It states that the number dN of molecules of a perfect
gas which have positions lying between x and (x+dx), ¥ and
(y+dy), z and (z+dz), and velocity components along the
three rectangular coordinates lying within the limits « and
(w+du), v and (v-+dv), w and (w-+dw) is

AN, iy = A€~ P04 dadydzdudvdw.

A and B are constants, and are related to the molecular
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weight (M), the temperature (7'), and the volume (V) con-
taining N molecules:

it -3

To find the number with velocities lying within these limits,
without regard to their positions, we have

dn, uvw {fff dxdydz}A@ —Ble et dudvdw
= VAe B v+ dydvdw
7,

Considerations of symmetry allow us to calculate the number
with velocity components between « and (u+du), irrespec-
tive of the components in the other two directions, as

dN, — N(ﬁ)"?e—ﬁ" du, ete.

Substituting 3(M/RT) for B,

Mu?
an, = N, A fe i W
Similarl dN, = N( A )'5 4w g 3
Similarly, =Ny pr) e v (3)
Mu?
and dN,, = N( jlyi[l) ZT‘wa

Molecular Diameters.

In order to calculate collision frequencies in liquid sys-
tems, the diameters of the molecules must be known. This
is not mnecessary in gaseous systems, where the collision
number may be determined directly from a knowledge of
the density and viscosity of the gas at any given temperature.
The dimensions of some organic molecules have been deter-
mined from measurements of the viscosity of vapours by
Lowry and Nasini.* For most of our purposes an accurate

* Proc. Roy. Soc., A, 123, 686, (1929).
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evaluation of the diameter of molecules is not required, and
around figure of 5x 10-8 cm. may be assumed as a sufficiently
good approximation to hold in the majority of cases. When
a closer estimate is required, it may be assumed that the
molecules in a liquid or a solid at low temperatures are
closely packed spheres. = molecules will then occupy
no3/v2 c.c. The diameter is then related to the molecular
volume (in c.c. per gram molecule) by the equation

o =133x10-8x V}. (4)
Values found in this manner are in quite good agreement
with those determined by the more accurate methods
afforded by the study of surface films and the reflection of
X-rays from crystal surfaces. The calculation of the dia-
meter of a molecule of propyl iodide may be taken as an
cxample. From surface tension measurements a length of
4-70 A. can be ascribed to the chain of carbon atoms.* The
radius of the iodine atom, determined by the X-ray analysis
of its crystal lattice, is 2:19A. We may therefore take
9-08A. as the approximate length of the molecule. Its
breadth at the hydrocarbon end is v20-7 = 4:55A.1 At the
iodine end, the breadth is 4:38 A. The molecule of propyl
iodide has thus an almost uniform thickness of 4-47A. and
a length of 9:08A. The geometric mean of these is 6-37A.,
which corresponds to the hypothetical diameter which the
molecule would possess if it were perfectly symmetrical.
The diameter calculated from the density and the molecular
weight by means of equation (4) is 6:12A.

The advantage of a precise method of calculating o is
that it enables us to judge how the relative diameters of
homologous molecules vary with their masses. This will be
needed in the study of series of similar reactions.

It has been assumed here that the radius of an atom in
a crystal is identical with that of the corresponding ion in

* Kosakewitsch and Uschakowa, Z. phystkal. Chem., A, 157, 188, (1931).

+ 20-7A.% is the effective cross-section of the CH, chain (Adam, The Physics
and Chemistry of Surfaces, Oxford, (1929)).
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solution. In the absence of solvation this is probably true.
In hydroxylic solvents, however, the radius of an elementary
ion appears, from a study of its mobility, to be not only
somewhat greater in solution than in the crystal, but to
vary in magnitude from solvent to solvent.* These results
are consistent with the view that most ions are solvated in
solution.

Molecular Collisions.

1. The Number of Collisions between Molecules of Solute.
An approximate expression for the number of collisions
occurring between gas molecules may be derived by imagin-
ing all the molecules except one to be stationary. If the
mobile molecule be regarded as having an effective radius
equal to its diameter, the other molecules may be treated
as point particles.t The number of stationary molecules
encountered in one second will then be the number of point
particles contained in a parallelepiped with cross-section
no? and length equal to the average velocity v. If there are
n molecules per c.c., the number of collisions made per second
by the mobile molecule is wo?vn. The total number of col-
lisions Z is wo?yn? or since v = A/ iRT, Z = n2o? 8771{;71'
A more rigid derivation] shows that this is too large by a
factor of v2, hence,

7= o, [T (5)

When chemical reactions depend on collisions between two
similar molecules, it is sometimes open to question whether
one or both of the colliding molecules is transformed in
a suitable collision. With one exception, however, all the
bimolecular reactions with which we have to deal in solution

* Hartley and Raikes, Trans. Faraday Soc., 23, 394, (1927).

1 See, for example, Bloch, T'he Kinetic Theory of Gases, p. 27, (1924).

1 See, for example, Jeans, The Dynamical Theory of Gases, p. 259, Cambridge
(1925).
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occur between unlike molecules. The correct expression to
use in that case is

11
Ty = ¥y, g J {SnRT( it 1112)}' (6)

This gives the total number of collisions occurring per c.c.
per second in a gaseous system at temperature 7', containing
per c.c. n; molecules of molecular weight M, and n, molecules
of molecular weight M,. o,, is the sum of the molecular
radii.*

The frequency of collisions is governed by the velocitics
and the diameters of the colliding molecules. Unless the
presence of a solvent influences either of these, the number
of collisions suffered by solute molecules in a dilute solution
in an inert solvent must be the same as the number of
collisions in the gaseous phase. It is known from measure-
ments on osmotic pressure in aqueous and non-aqueoust
solutions that the velocity is the same in the two systems,
and from dielectric constant measurements} that the extent
to which the molecules are deformed after dissolution is not
great. This argument forms the basis for assuming that
equation (6) gives the collision frequency in solution with
quite considerable accuracy. Recent experiments which will
be described in Chapter III prove that this assumption can-
not be far wrong. That equation (6) gives the number of
collisions correctly as far as order of magnitude is concerned

* There has been some confusion about the exact formula since the earliest
presentation of the collision theory. Slightly inaccurate forms of this equation
have been freely usod. It is to be noted that equation (5) leads to a value of
Z equal to one-half of that found by putting M; = M, in equation (6). Jeans
points out that ,Z, is in fact the number of mean free paths of the n, molecules
of the first type in unit volume which are terminated per unit time by molecules
of the second type. When the molecules are of different types, this equals the
collision rate: when they are similar, it equals twice the collision rate.

t Cf.Eichelberger, ‘The Osmotic Pressure of Tetraphenylethylene in Benzene
Solution’ (J. Amer. Chem. Soc., 53, 2025, (1931)).

1 Cf. Fairbrother, ‘The Dipole Moment of Hydrogen Chloride in the
Gaseous Phase and in Carbon Tetrachloride Solution’ (Z'rans. Chem. Soc.,
43, (1932)).
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has never been in doubt.* In the present work the gas
collision formula is invariably used without correction of any
kind. The number of collisions between ions may be deter-
mined by its use, but since electrostatic forces alter the dis-
tribution of the solute molecules, », and n, can no longer be
regarded as equal to the bulk concentration of the solute
(Chapter VII).

Jowettt expresses the view that the collision frequency
in a liquid system exceeds that in a gaseous system by a
factor of 1/v;,, where v, represents the free space. Now v for
various liquids at 20° C. ranges from 0-06 to 0-15, hence the
collision number would, upon this supposition, be about 10
times greater than in the gas. Norrish and Smith} consider
that the correction should involve a free-space term raised to
the second power, but its magnitude as used by them is small.
Polissar,§ on the other hand, argues that Z must be smaller
for dilute solutions than for gaseous systems. The procedure
which is adopted in this work will therefore not be free from
criticism, but until there are proofs that a correction is
necessitated and some kind of agreement about its magnitude
and sign, there is clearly no optional course.

2. The Number of Collisions between Molecules of Solute
and Molecules of Solvent. The frequency of collisions between
solute and solvent molecules may be calculated in the
following way.|| Einstein** has demonstrated that the mean
displacement Az, measured along one axis, of a dissolved
molecule in time ¢ seconds, due to solvent bombardment is
given by

—, 2RTt
Ax2 = C No* ,

* Christiansen, Z. physikal. Chem., 113, 35, (1924); Tolman, Statistical
Mechanics with Applications to Physics and Chemastry, p. 242, (1927).

+ Phil. Mayg., 8, 1059, (1929).

1 Trans. Chem. Soc., 129, (1928).

§ J. Amer. Chem. Soc., 54, 3105, (1932).

|| Moelwyn-Hughes, T'rans. Chem. Soc., 95, (1932).

** Z. Elektrochem., 14, 235, (1908).
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where NN, is the Avogadro number; C, the resistance factor,
is equal to 6mnr in the case of a molecule which is spherical
and large compared with a solvent molecule. 7 is the
viscosity of the solvent, and r is the radius of the solute
molecule. Hence

, RT?
Ax? =
¥ 3aNy
For the actual displacement As in three dimensions, we have
as an average value
— ~y  RTt
As? = 3Ax2 =~ - .
s% = 3Ax Ny
The displacements measured by Perrin during his investiga-
tions of the Brownian movement werc those corresponding
to a time interval of 30 seconds, during which the solute
molecule (or, more strictly, the colloid particle) had under-
gone several successive encounters with solvent molecules.
If we take, however, as our value of ¢ the time elapsing
between two consecutive collisions, As reduces to A, the mean
free path, and ¢ becomes A/c, hence

A= BT
- 7TN01)7'C,

C m 1)7'62 37N, no
_ 3mo
T 2my”

or Zs (7)
This enables us to calculate the number of collisions which one
molecule of solute of mass m; and diameter ¢ makes during
one second with solvent molecules in a medium of viscosity 7.

1Zs may also be found from a knowledge of the diffusion
coefficient. Interdiffusion in liquid systems may be treated
in the same way as self-diffusion in gases, and the same
equation has been shown to connect the diffusion coefficient
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with the velocity and the mean free path in the two systems :*
D = 1.

In the absence of ternary collisions, the total number of

solvent molecules encountered per second by one solute
molecule will be

v V2 8RT
s =

X" 3D 3«M,D
To allow for the tendency of the velocity to persist after
08
(11(1)01) must be introduced.t 6 is dependent
on the masses of the colliding molecules and is approxi-
mately cqual to M,/(M,+ M), where M; is the molccular
weight of the solute molecule and My that of the solvent
molecule. Hence, neglecting the factor 0-051,
_ 8RT (M+ M, S)

s = 0 2,01, ) ®)
Jowett (loc. cit.), who deduced this equation and employed
it to calculate the collision frequencics in aqueous solutions
from a knowledge of the diffusion coefficients, emphasized
the important fact that Z diminishes rapidly with increase
in temperature, and indicated the possible bearing of this
conclusion upon the kinetics of chemical reactions which
possess rates dependent upon collisions between solute and
solvent molecules.

The similarity with equation (7) becomes apparent when
we substitute for D the value given by the Sutherland
expression RT

~ 3aNyne
The theories of diffusion and of the Brownian movement
both point to the conclusion that the collision rate is pro-
portional to the viscosity of the solvent. The absolute values
of the collision frequencies given by equations (7) and (8)

collision, a term

* Riecke, Z. physikal. Chem., 6, 564, (1890).
1 Jeans, The Dynamical Theory of Gases, p. 260, (1925).
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differ by a factor of 0-57(1—0), the magnitude of which
depends on the relative masses of solute and solvent mole-
cules and will not generally be large. Unlike the collision
frequency between two gas molecules or between two solute
molecules, the collision frequency between solute and solvent
molecules will decrease with a rise in temperature.

This difference is a consequence of the fact that, whereas
in both solutions and gases Z depends on the velocity of
translation of the molecules, it is only in the liquid system
that the variation with temperature of the free space becomes
considerable. Raising the temperature of a dilute solution
will influence the rate of collisions between solute and solvent
molecules in two ways: (1) the increased velocity of the
molecules will favour the collision frequency, and (2) the
increased separation of the molecules—due to thermal
expansion—will affect the collision rate adversely. Physically
interpreted, therefore, equations (7) and (8) mean that the
effect of temperature on the free space is the important
factor. There is much evidence that the free space in liquids
increases rapidly with a rise in temperature; the rate of
increase is, furthermore, almost equal to that of the fluidity,
and is thus sufficient to explain the diminution in the
collision frequency.*

Lindemannt in a treatment of ionic migration draws a
similar conclusion. The variation of the velocity of migration
of an ion with the temperature appears to be due to the
increase in the mean free path resulting from thermal
expansion.

3. The Number of Collisions between Molecules of Solute
and a Solid Surface. In order to find the number of molecules

* Reverting to the question of the possible correction required for the
expression giving the frequency of collisions between two solute molecules, it
is likely that the significance of a free-space correction in that connexion also
may be not so much in the change it may produce in the absolute value of Z
as in the variation of Z with the temperature.

t Z. physikal. Chem., 110, 394, (1924) ; see also, Herzog, Z. physikal. Chem.,
B, 10, 337, (1930).
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which strike a solid surface in unit time, we may regard }th
of the total number as moving towards the surface with the
average velocity v at any instant. The number reaching
unit area of the surface in one second will then be {th of the
total number of molecules in a parallelepiped of cross-section
1 sq. cm. and length v cm. This number is }vn, where n is
the number of molecules in 1 c.c. Substituting the value of
v given by equation (2), Z = }nV(8RT/=M). A more rigid
derivation, taking into account the distribution of velocities,*
shows that this expression is too low by a factor of §, hence
RT
The equation will be required in connexion with the velocities
of reactions catalysed by solids, and in certain cases of
enzyme reactions.

Molecular Energies.

Molecules possess energy in virtue of their motion (trans-
latory energy), of their rotation (rotatory energy), and of
vibrations between the constituent units (vibratory energy).
During collisions, there is in gencral a redistribution of
energy in a manner which is governed by the principles of
the quantum theory. Translational energy may be converted
into energy of rotation or of vibration, and so on. An increase
in the vibrational energy of diatomic molecules drives the
constituent atoms farther and farther apart until finally
complete dissociation results. The activation necessary for
these reactions, which are among the simplest of chemical
changes, may be derived at high temperatures from the
kinetic energy of the molecules, or at low temperatures
from radiant energy in the form of quanta corresponding to
light of short wave-length. In the majority of thermal
reactions, however, the formation of free atoms does not
take place; internal stimulation to an extent smaller than

* See, for example, Tolman, Statistical Mechanics with Applications to
Physics and Chemustry, p. 206, (1927).
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that required for the production of free atoms is usually
sufficient to permit the occurrence of those atomic rearrange-
ments which constitute chemical change. The evidence for
this conclusion is to be found in the magnitudes of the heat
terms involved. If, for example, the combination of hydro-
gen and iodine took place only between atoms, an energy of
activation of some 118,500 calories would be required for
the formation of two gram molecules of the halide. Actually,
about a third of this energy is sufficient to bring about the
required change. The mental picture which we accordingly
draw of the union of hydrogen and iodine is that both mole-
cules absorb energy, which is accommodated in the form of
vibrations between the constituent atoms until the atomic
separations are such that an exchange of partners becomes
possible with the greatest facility. Eyring and Polanyi*
have shown how it is possible to calculate in very simple
cases the energy of activation of a chemical reaction from
a consideration of the interatomic forces involved in critical
nuclear separations of this kind.

It is unnecessary here to pursue any farther the problem
of calculating in absolute measure the energy of activation of
chemical changes. In the present work, this quantity is
regarded simply as a property characteristic of each chemical
reaction and derivable from the results of kinetic experiments.
The remaining problem is to indicate from a knowledge of
the energy of activation what velocity the chemical change
can be expected to have. Before this can be achieved, it is
essential to possess more precise information concerning the
manner in which the energy is distributed among the various
molecules, and to derive expressions showing what fraction
of the total number of molecules have at any instant energies
equal to or greater than the energy of activation. This is of
course the same as the probability that any one molecule
at any given instant should possess the energy of activation.

* Z. physikal. Chem., B, 12, 279, (1931); also Eyring, J. Amer. Chem. Soc.,
53, 2537, (1931).
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Maxwell’s distribution law (equation (3) ) tells us that the
fractional number of molecules with velocity components
(measured along one coordinate axis) lying between » and
u-+du) is
( ) aN _ (M4 )%e—ww/m' du. (3)

N \2zRT

If we require the number of molecules with kinetic energy
lying between K and (E-+dE), we must take into account
those molecules with velocities between —u and —(u--du),
so that the total number within the required energy limits is

aN _ (2M )& — I RT
N (ﬂRT ¢ du.
Since £ = } Mu?, this expression can be rewritten in the form
dN — E—% -E/RT
N = @rrp® 4

This equation gives the fractional number of molecules
possessing energy values between £ and (£--dE) when the
energy is expressible in one quadratic term. It may therefore
be applied not only to translational energy, but to rotational
energy, to kinetic energy of vibration, as well as to potential
energy of vibration when this is simple harmonic.* Suppose
that two square terms only are involved. The chance that
a molecule may possess an energy between ¢ and (Q+d@)
in one square term is ot
-QIRT

(nRT)*e QRT d Q).

The chance that simultaneously the energy in one term is
between @, and (@,4+d@,;) and in another term between

@z and (Qy+d@y) is

it e dQ X Qe 4,
Suppose @,+@, = E. To determine the chance that a total
energy lying between £ and (E+dE) may be possessed by

* We are here following Hinshelwood’s treatment, which is to be found in
Proc. Roy. Soc., A, 113, 230, (1926) and more fully in The Kinetics of Chemical
Change in Gaseous Systems, Chapter I, Oxford, (1933).
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the molecule without reference to how it is shared between
them, the term (£—@,) may be substituted for ¢, in the
above expression, which is then integrated with respect to
@, from 0 to £. Thus

E
d]év _ ,legT f QrteQIRT dQ(E—Q,)~t e~ E-QIRT g
‘ 0

E
-EIRT J ]} . B
=S | @By ag,
0

e—E/R’[‘ dE
- RT

The fractional number of molecules with energies greater
than %/ in the two terms jointly is

d]\ZX — R]‘T f e——ElR'l' dE —_ e*l’]/[u”l'.
K
This is the familiar Maxwell-Boltzmann expression, derived
in a novel manner. It isthe exact form of the distribution law
in all cases where only two square terms are concerned, and
it therefore represents the chance of an energy greater than
E where the relative motions of two colliding molecules is
considered (one translational term for each), or where one
internal harmonic vibration (one term representing kinetic
energy, and the other potential energy) is involved.*

In a similar way the fractional number of molecules for
which the total energyin » termslies between £ and (£ +-dE) is

E E
1 :

(771R7T)47‘ J f ...Qfle“Qn/RT dleQgie‘W’” sz_"
0t ...{E—(Q1+Q2+.‘_)}—ke—(E—(Ol-I-Qri-...)}IRT dE,
where Q,+Qy+... = E.

* In the previous reference to the rates of evaporation and thermionic
emission, it was stated that the velocities are proportional to e~#/7. The
chance that the energy exceeds A or W in these cases is not exactly e~*'*7 or
e~ W/®Tqg it would be if only two square terms were involved, but it still is pro-
portional to this factor.
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~E/RT J(in—1) 7
The integral is ‘. B dl
I(§n)(RT)

The chance that a molecule possesses energy greater than
s »
1 f
=EIRT Jp(dn—1) N
e E dE.
P(in)(RT) 3 ’
K

The integral is

. 1 B \in-1 1 I \in-z
BT S

¢ {(gn-—l)z(ﬁ'f’) +(;n-—2)!<m'> e 1}‘ (10)
When E/RT is large, as in most chemical reactions, the first
term only need be considered:

o BIRT( | Ry
(In—1)!

If we now assume that of the total n terms, two represent
the relative motions of colliding molecules, and ¥ is the
number of internal degrees of freedom, cach degree of freedom
involving two quadratic terms, then the chance that a mole-
cule in collision possesses energy greater than # is

K )” 1

o~ BT -
l RT] FV

(11)
For a given value of (E/RT) the fractional number of mole-
cules with energy greater than £ will increase rapidly as the
number of degrees of freedom among which # is shared
increases. Suppose, for example, we require to find the
fractional number of molecules at a temperature of 300°
absolute which possess energy greater than 21,000 calories
per gram molecule, the following figures are found for various
values of 7.

The first value (6:3x10716) is simply e *%7) and is the
simplified form of equation (10), but not of the approximate
expression (11), found when » = 2 or F = 0. The tabulated
values show clearly the extent of the approximation made
by omitting all but the first term of the series in equation (10).



THE COLLISION THEORY 27

F = 21,000 calories. T' == 3007,

dN _ c““"( IZ)P 1

F N rr!
0 ) 6-3\10-18
1 221 10-18
2 3,864 X 1018
3 45,080 1 10-18
4 394,500 % 10-18
5 2,761,000 ;. 10-18
6 16,100,000\ 1018

If the velocity of chemical reaction is assumed to be
proportional to the number of molecules with energy greater
than ¥ distributed in 2 terms, it can be shown that the
energy of activation (X) is related in the following manner
to the critical increment (%) of the Arrhenius equation

E =K +(n—1D)RT or K =1FK,|FRT. (12)
This equation implies that the value of » and the probability
of transformation of the activated molecules are both
independent of temperature.

Summary of Kquations.

The following equations will be repeatedly used in subse-
quent chapters. They are summarized here for convenient
reference.

I. Root mean square velocity:
¢ == \BRT/M) (M -- molecular weight);
B = 83152107 ergs/degree.
1. Average velocity:
v = (8RT[= M).

111. Diameter of molecule:

o =1:33410-8 V1 ; V., is the molecular volume

m

of the pure liquid or solid at low tempera-
tures.

IV. Number of collisions per c.c. per second between
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THE COLLISION THEORY
molecules of molecular weights M, and M, and

diameters o; and o,:

1 1
]Z2 B G?’2n1n2,\/{8ﬂRT(M1+1112)}

gy-+o
’2 2). ny and n, are the number of

molecules of types 1 and 2 per c.c.

where o, = (

Number of collisions per sccond between 1 molecule
of mass m, (diameter = o) and molecules of solvent
in terms of the viscosity (5) of the solvent:
3‘”7’)0’
Ly = .
IS 9,
Number of collisions per second between 1 molecule
of solute of molecular weight M, and molecules of
solvent in a dilute solution, in terms of the diffusion
coefficient D of the solution:
8RT

Zg = .

195 7 32 M, D
Correction for the persistence of velocity is 1/(1—86),
where 0 is approximately M, /(M4 Mg). My is the
molecular weight of the solvent. The collision fre-
quencies of equations V and VI must therefore be
multiplied by the factor (M,+ M)/ M.
Number of molecules striking unit area of solid in
onc second : RT

Z=mn [, .

2m M

n is the number of molecules per c.c.

Fractional number of molecules with energy greater
than # in two quadratic terms: e-*/%7,

Fractional number of molecules with energy greater
than Z in »n quadratic terms:

e—r:mr( E )“—1 1
RT (In—1)r"
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THE ARRHENIUN EQUATION

AccorpinG to the general theory of activation, the rate at
which molecules undergo chemical transformation is pro-
portional to the number of molecules in an appropriately
activated condition. This number, in turn, is an exponential
function of the temperature and of the energy of activation,
and usually determines the order of magnitude of the

—> lnk

reaction velocity. The satisfactory investigation of the
kinetics of any chemical change must consequently include
as accurate an evaluation of the critical increment as experi-
ment will permit. As we have seen, the variation with
temperature of the velocity constant for a thermal reaction
occurring in solution may be expressed in the form

o = Ze-lier

, K
o1 Ink =1In A—-RT.
The constants Z and ¥, which are specific for cach reaction,
may thus be determined by plotting In k against 1/7"; the
slope of the curve is —K/R, and the intercept on the In £
axis is In Z (Fig. 1). In practice, it is more convenient to
obtain the value of £ only from the graph, when Z can be
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found by inserting into the equation the values of £ and 7'
corresponding to any point on the curve.* The precision
with which the quantities # and Z can be determined clearly
depends on the range of temperature within which measure-
ments are possible, on the sensitiveness of the temperature
control, as well as on the numerical accuracy assignable to
the velocity constants.

Methods of Measuring the Velocity of Reaction.

The most usual procedure for following the course of a
chemical reaction entails the removal of samples of the
reaction mixture, and the arrest of chemical change either
by quickly cooling or by running into a suitable chilling
preparation. The composition of the system from time to
time can then be determined by the ordinary methods of
analysis. Reactions involving a change in the concentration
of acids, bases, halides, and so forth may conveniently be
followed by titrations. Organic radicals may also be
estimated by the usual means.t It is advantageous, where-
ever possible, to use two independent methods of estimation.
For example, in the case of the union of triethylamine with
cthyl iodide

N(C,H,)y+C,H, T — (C,Hy) NI

the rate may be measured by titrating samples against
standard acid, to determine the amount of amine left, and
against standard thiocyanate to determine the amount of
iodide produced. The hydrolysis of sucrose has been studied
by measuring the decrease in optical rotation and the increase
in reducing power. Both methods give the same result.
When this is not so, there is;some side reaction.

Reactions in solution which are attended by the formation

* When velocity constants have been obtained at two temperatures only,

RT,T, . k
E may be evaluated from the integrated expression: E = T l—f[‘l In I—C—’ .
27 41 1

1 e.g. amino nitrogen by the van Slyke method.
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of slightly soluble gases, such as nitrogen,* oxygen,} carbon
dioxide} or carbon monoxide,§ may be investigated mano-
metrically.

Several physicochemical properties of the reacting system
are often available as a means of measuring the rate of
reaction, provided the properties in question are additive.
Blank experiments should always be performed to make
certain that there exists a strict proportionality between
the concentrations of the participants and the physicochemi-
cal quantity which is measured. Some of the properties of
solutions which have been utilized kinetically arve: colour,|
viscosity,** thermal expansion,tt optical rotation,If clec-
trical conductivity,§§ refractive index,||l| freezing-point, ***
coagulation power,t11 and extinction coeflicient.f1f

* o.g. from dinzoacetic ester (Bredig and Fraenkel, Z. physikal. Chem., 60,
207, (1907)), nitrosotriacetonamine (Goodall and Lewis, ibid., 137, 45, (1928))
and diazonium salts (Cain and Nicoll, Trans. Chem. Soc., 81, 1412, (1902)).

+ eo.g. from hydrogoen peroxide (Harned, J. Amer.Chem.Soc.,40,1461, (1918)).

t e.g.fromacetonedicarboxylicacid (Wiig, J. Physical Chem., 32,061, (1928)).

§ e.z. from formic acid (Meyer, Z. Elektrochem., 15, 506, (1909)).

| The addition of hydrocyanic acid to camphorquinono (Lapworth, T'rans.
Chem. Soc., 83, 995, (1903)); the reduction of ferric chloride by stannous
chloride (Harcourt, Phil. T'rans., A,212, 187, (1913)) ; the conversion of ereatine
into creatinino (Edgar and Wakeficld, J. Amer. Chem. Soc., 45, 2242, (1923)).

** Numerous reactions studied by Schroeder (Z. physikal. Chem., 45, 75,
(1903)) and by Dunston and Mussell (T'rans. Chem. Soc., 99, 565, (1911)).

+1 Decomposition of diacetone alcohol (Koolichen, Z. physikal. Chem., 33,
129, (1900)); hydrolysis of dimethyl acetal (Brénsted and Grove, J. Amer.
Chem. Soc., 52, 1394, (1930)).

11 Mutarotation of optically active substances ; hydrolysis of disaccharidos,
trisaccharides and glykosides generally. For tho modorn improvements in
polarimetric methods, the papers of Lowry should be consulted.

§§ The hydration of acetic anhydride (Rivett and Sidgwick, T'rans. Chem,
Soc., 97, 732, (1910)); tho saponification of esters (Walker, ’roc. Roy. Soc.,
78, 157, (1907)). Reofinements in electrical conductivity determinations are
described in the papers of Sir Harold Hartley.

il Hydrolysis of sucrose (Duane, dm. J. Sci., 11, 349, (1901)). Tho measuro-
ment of the dielectric constant should nowadays prove helpful, since this can
be made with great accuracy.

*** Tsomerization of phenylbenziminophenyl ether in the fused state (Chap-
man, T'rans. Chem. Soc., 127, 1992, (1925)).

ttt Conversion of cisdichlordiethylenediaminechromchloride into an aguo-
derivative (Freundlich and Pape, Z. physikal. Chem., 86, 458, (1914)).

11t The reaction between iodine and ethyl alcohol (Batley, Trans. Faraday
Soc., 24, 438, (1928)).
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The selection of the most suitable method depends upon
the nature of the reaction and upon other circumstances.
Preference should be given to a method which allows the
same reaction system to be examined continuously, without
the removal of samples. With the polarimetric, dilatometric,
or manometric technique, for example, the same volume of
reaction mixture is kept in a vessel from start to finish,
suitably jacketed by thermostat liquid or vapour.

The probable error in any reliable work seldom exceeds
2 per cent. and is often much less.*

Unimolecular Reactions.

A reaction is said to be unimolecular when the number of
molecules decomposing at any instant is proportional to the
total number of molecules present at that instant. If a is
the initial concentration of the reactant, and x the amount
which has been transformed in time ¢, then

dx
k, thus denotes the constant fractional number of molecules
which undergo chemical change in an infinitesimally short

time interval. Integration gives

1 a
= — — ]_
ky : In o (1)
The unimolecular constant has therefore the dimensions of
a frequency, and an absolute value which is independent
of the unit in which the concentration is expressed.
Acetonedicarboxylic acid decomposes unimolecularly in

aqueous solution, with the elimination of carbon dioxide:
CO(CH,COOH), — CO(CH,),+2CO0,,.

By titrating the amount of acid remaining at various time

intervals, after removing the carbon dioxide in a stream of

\
* The sources of error are fully dealt with by Rice and Urey, Reaction
Velocity in Homogeneous Systems, A T'reatise of Physical Chemistry (edited
by H. 8. Taylor), p. 949, (1931).
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nitrogen, Wiig* determined the velocity constants given
in Table 1. The Arrhenius equation takes the form
In k, = 32-26—23,200/RT (Fig. 2).

40

(k ﬁ!os)

—>133;,

] 1 ] ! 1 L ! 1
30 31 32 33, 34 35 36 37

— ;:;x 0*

F1c. 2.—Decomposition of acetonedicarboxylic acid in acqueous solution.
Unimolecular. E = 23,200 calories.

Table 1

Decomposition of acetonedicarboxylic acid in aqueous solution

A /rl % 10° (seconds~1)
t° C. Observed ‘», By the Arrhenius equation
0 2:46 | 2-41
10 10-8 10-8
20 47-5 449
30 163 ! 167
40 576 [ 565
50 1,850 i 1,830
60 5,480 ' 5,400

* J. Physical Chem., 34, 596, (1930).
4018 ¥
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The rate of this reaction is uninfluenced by changing the
material of the vessel in which the reaction is carried out,
so that the decomposition proceeds entirely in the homo-
geneous liquid phase. This is generally, although not always,
truc of reactions which are measured in solution; the easc
with which velocity constants can be reproduced without
discriminating between reaction vessels of different material
and dimensions indicates the absence of any heterogeneous
decomposition on the walls, and renders it unnecessary to
carry out special experiments in this direction. The hydro-
lysis of sucrose, however, and a few other reactions have
becn investigated in vessels packed with glass beads,
but the increased surface thus afforded does not influence
the rate of inversion.* The decomposition of hydrogen
peroxide, on the other hand, in aqueous and in alkaline
solution, is definitely influenced by the walls of the reaction
vessel, the catalytic activity of glass being less than that of
silica and greater than that of a wax-lined surface. In
quartz vessels the rcaction is apparently homogeneous.f
Traces of dust catalyse the reaction.i Instances of this kind
of behaviour are rather exceptional. A solute molecule will
not usually increasec its chances of decomposing by leaving
the bulk of the solution to take up a position on the wall.
Certain reactions are known which proceed in solution by
a chain mechanism ; the discovery that such reactions show
a pronounced wall effect would not be surprising.

Bimolecular Reactions.

The velocity with which methyl iodide and sodium
ethoxide react in ethyl-alcoholic solution is proportional to
the number of molecules of each of the two reactants.

CH,I4-C,H,ONa — CH OC,H;+Nal
Starting with concentrations of @ and b respectively, the rate

* Speranski, Z. physikal. Chem., 5, 607, (1890).
1 Robertson, J. Amer. Chem. Soc., 53, 382, (1931).
1 Pana, Trans. Faraday Soc., 24, 486, (1928).
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after time ¢, when 2 gram molecules of products have been
formed per litre, is

E_ ha—a)b—a)
1 bla—a) .
or by = H(a—b) In a(b—x)’ (2)

By titration methods, Hecht and Conrad* found the follow-
ing values for the bimolecular constant at various tempera-
tures. 'They are scen to be in good agreement with the
equation Ink, - = 26-21—-19,490/RT" (Fig. 3).

Table 2

Formation of methylethyl ether in ethyl-alcoholic solution

key 10° (Iltl@s/gmm molecule-soc ond)

t° (‘. ()bsmvml By the Anlu\mus mluulmn
() 5 ()0 ! 550
6 11-8 [ 119
12 245 245
18 48-8 50-1
24 [ 10() 100
30| 193

If the initial concentrations of the two types of molcculcq
participating in a bimolecular reaction are equal, we have

dx
—_— -—Tr 2
dt kz(a a‘) ’
which on being integrated gives
1l = .
(3)

27 4 (a—x)
The rate at which ammonium cyanate is converted into
urea in aqueous solution is proportional to the square of the
concentration of the salt.
NH,CNO — (NH,),CO
The velocity of reaction is thus dependent on the number of
collisions between ammonium cyanate molecules, or-—as is
* Z. physikal. Chem., 3, 450, (1889).
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more probable from a study of the effects produced by the
addition of electrolytes—between other entities present in
amounts proportional to [NH,CNO]. The actual mechanism
of the reaction is not known* beyond that it is definitely

20

x 10%)

—> Log,; (k

05

| L 1 1 L
33 34 35 36 37

i 3
—> X100

Fra. 3.—Reaction between methyl iodide and sodium ethoxide in ethyl-
aleoholie solution. Bimolecular. £ —= 19,490 calories.

bimolecular, as will be shown presently. The data of Walker
and Hamblyt conform closely with the equation

In ky = 29-08—23,170/RT'.

This is the only known instance of a dissolved molecule
decomposing bimolecularly while being capable on purely
chemical grounds of decomposing unimolccularly. It is

* The addition of ammonium sulphate or potassium cyanate causes an
increase in k, compared with which the effect produced by potassium sulphate
is negligible. This is consistent with the view that the reactants are the ions
NH,* and CNO-; but other explanations are possible (cf. Chattaway, Trans.
Chem. Soc., 170, (1912)).

t Trans. Chem. Soc., 67, 746, (1895).
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Table 3

The conversion of ammonium cyanate into urea in aqueous solution

k, x 10° (litres/gram moleculo-second)
t° C. ' Observed ‘t By the Arrhenius equation
25.0 | 378 | 378
39.0 235 22.2
50-1 86-7 80-0
59.7 240 228
64-5 380 378
69.-2 666 608
74.7 1,030 1,040
80 1,660 1,750

interesting to note that the reverse transformation of urea
into ammonium cyanate appears to be unimolecular.® Thus
a slight increase in molecular complexity from the salt with
its electrovalent linkage to the organic molecule with its
co-valent bonds is sufficient to lower the kinetic order of the
reaction. This affords an interesting comparison with the
observation that acetaldchyde in the gascous phase decom-
poses bimolecularly,} whereas propionic aldehyde decom-
poses unimolecularly.} The largest molecules known to
decompose bimolecularly in the two systems are NH,CNO
and CH;CHO.

Termolecular Reactions.

The vast majority of rcactions in solution belong to the
first or sccond kinetic order. Of reactions involving concen-
trations raised to higher powers, the reduction of ferric
chloride by stannous chloride may be mentioned.

2FcCl;+SnCl, — 2FeCl,+SnCly
This was believed by Noyes§ to be termolecular (see, how-

ever, p. 220). If the initial concentration of ferric chloride
be twice as great as that of stannous chloride, then the

* Burrows and Fawsitt, ¢bid., 105, 609, (1914).

+ Hinshelwood and Hutchison, Proc. Roy. Soc., A, 111, 380, (1926).
1 Hinshelwood and Thompson, abid., A, 113, 221, (1926).

§ Z. physikal. Chem., 16, 546, (1895).
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instantaneous rate of reaction after ¢ seconds is

dx 3.
"-i—[ = k (a CC)
11 1 ,
Whence k3 = ‘2"2 {(a—x)z_a§}° (4)

Velocity constants were determined by chilling samples of
the reaction mixture in solutions of mercuric chloride; this
oxidized the remaining stannous chloride without affecting
the ferrous chloride, which could be estimated by titrating
against potassium dichromate. The intluence of temperature
on the value of kg has been investigated by Timofeew,
Muchin, and Gurewitsch,* whose results are given in Table 4
along with those calculated by means of the equation
In k3 = 36-76—21,620/RT.
Table 4

Reduction ofjunc ion by stannous chloride in aqueous solution

k % 10 (suon(ls' (gmm mol. /htw) )
t° C. Observed ‘ By the Arrhenius equation
0 5-08 508
12 315 27-3
15 41 40-4
21 87-5 88-3
25 142 143

At the dilution employed in these experlmonts (16 litres per
gram molecule) the reaction is almost entirely ionic.

Determination of the Order of Reaction.
By substituting the value of 1a for « in equations 1, 3, and
4, the times of half-completion for the various reactions are:

Unimolecular [, = 11/; 2
1
Bimolecular t, = kla
2
T . 3
ermolecular t, = 5o
'3

* Z. physikal. Chem., 115, 161, (1925).
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In general, for a reaction of the nth order,

1 .
v (D)
so that a study of how the time of half-completion varies
with the initial concentration enables us to determine to
which kinetic ovder any reaction belongs. The bimolecular
character of the conversion of ammonium cyanate into
urea, cstablished by Walker and Hambly, was confirmed in
this manner by Doyle* whose results are given in Table 5.

Table 5

Conversion of ammonium (w/rmatc into urea at 35° C.

t, oc

| 7 = 1 /ta
kg (]
(gmm moleculo per. htm) ; (houm) ' (1()‘ lltms/;:mm mul somnd)
0-05 | sr03 1-50
010 l 19-15 " 1-45
0-20 \ 9-45 | ] 47

This is the most reliable method of asceltammg the order
of a chemical reaction in solution, and is applicable in the
majority of cases. Occasionally, however, an alternative
method depending on the change in the initial rate with the
concentration is more expedicnt although less trustworthy.
Frequently it is found that the value of n is not quite a
whole number—a consequence of the fact that while the
initial concentration is altered the magnitude of the factors
determining the rate of reaction is not changed proportion-
ally on account of the slight variation in the properties of
the medium. It should be remarked that conformity of the
results for a given reaction with one of the well-known
velocity constant equations is no evidence that the order of
the reaction in question is the same as that for which the
equation was deduced (see pp. 209 and 219).

Catalysed Unimolecular Reactions.
A catalyst is a substance which, while undergoing no
ultimate change in itself, is able to accelerate the rate at

* Thesis, Liverpool, (1922).
t van 't Hoff, Studies in Chemical Dynamics, p. 101, (1896).



40 THE ARRHENIUS EQUATION

which other substances undergo chemical transformation.
Diazoacetic ester is relatively stable in aqueous solution at
ordinary temperatures. In the presence of very small con-
centrations of hydrogen ion, however, the ester decomposes
rapidly:
N\ i

| CH.COOC,H;+H,0 M, CH,0H.COOC,H,+N,

7
By measuring the rate at which nitrogen was cvolved from
well-stirred solutions, Bredig and FKraenkel* found the
velocity of reaction at any instant to be proportional to
the concentration of ester present at that instant and to the
(constant) concentration ¢y of hydrogen ion; hence

dx
‘Ji = k26u4(a—x)
1 a
or ko = kyCypy = ; In dn”

The reaction is thus essentially bimolecular, the rate de-
pending on the number of encounters between hydrogen ions
and ester molecules, although the data for any given con-
centration of catalyst will conform to the unimolecular law.
The value of ky,—sometimes referred to as the catalytic
cocfficient of the reaction—should thus be independent of
the concentration of hydrogen ion and of the nature of
the acid from which it is produced. Table 6 shows how
adequately these conditions are fulfilled in dilute solutions.

The reaction is the classical instance of hydrogen ion
catalysis, and has often been utilized in estimating the
concentration of hydrogen ion in systems where the com-
moner methods are not applicable. The discovery that
anions and undissociated molecules can catalyse reactions
which had previously been considered to be sensitive to
hydrogen ion only cast doubt for a time on the validity of
this method. Subsequent work, however, has failed to

* Z. Elektrochem., 11, 525, (1905).
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Tablc 6

Decomposition of diazoacctic ester in aqueous acidic solutions at 25° (',

C&talysmg eyt X 101 i ke X 100 (ky — Kopa/en i) 10
acid (gram ion/litre) (seconds-!) l (litres/gram mol. second)

Nitric 18-2 I ) | 645

9:09 ‘ 577 1 6:33
Picric 9-09 593 | 653

3-64 1 2-33 6-38
m-Nitrobenzoic 16-8 ‘ 9:52 i 6-28
Fumaric 14-6 10-5 | 6-52
Succinic 7-24 475 6-42
Acetic 563 ‘ ‘i ()3 : 6-45

detect the atalytlc influence of othor ions towm'(]\ this
reaction, and many others, which restores the kinetic method
of hydrogen ion determinations.* Fraenkel’s datat are seen
to accord well with the equation In &, = 29-17—17,480/R7'.

Table 7
Catal I/Iic decomposition of diuzoacetic ester
o - | ( = I‘nh,/(',, i ) X 10 (htros/gmm mol. soc nnd)
t° C. ‘ Obsorved | By tho Arr homu'-l oquatmn

15 228 | 2-33
25 642 I 6-41
35 | 169 ‘ 165
45

41-4 | 41-4

Pseudo-unimolecular Reactions.

A bimolecular reaction of the type A+ — Products, pro-
ceeding under such conditions that the concentration of 4
is greatly in cxcess of that of B, will appear to be unimole-
cular. Reference to equation (2) shows that, since a - b,
the maximum value of z is b, so that (e—=x) can be regarded
as constant and equal to a; hence

dx
dt
* Brénsted and Wynne-Jones, T'rans. Faraday Soc., 25, 59, (1929).

t Z. physikal. Chem., 60, 202, (1907).
4018 G
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1 b
and kohs = LZ a = Z ln (b:—(l,).
The combination of ethyl iodide and dimethylaniline, when
carried out at low concentrations in an inert solvent, is
bimolecular:

CyH1-CgH N(CH ), — CgH N(CHyg),CoHy 1.
1f dimethylaniline be used as a solvent, the reaction is
unimolecular with respect to the iodide. Hirniak’s data* for

the reaction under these conditions agree with the equation
In k,,, = 11-79—14,000/RT (Fig. 4).

20

L ! ] i |
28 29 , 30 31 32
— 3 X10°

F1c. 4.—Combination of ethyl iodide with dimethylaniline, in dimethylaniline
as solvent, Pseudo-unimolecular. E -= 14,000 calories.

Had ethyl iodide been used as a solvent, the reaction would
have been unimolecular with respect to the other reactant:
the change must thus be of the second order. This method

* Tables Annuelles, 2, 508, (1911).
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of determining the order of reaction is known as Ostwald’s
‘isolation’ method.
Table 8

Unimolecular constants for the combination of ethyl iodide with
dimethylaniline in dimethylaniline as solvent.

k. X 10° (soconds—!
obs -

t° C. | Observed } By tho Arrhenius eq;u;t,inn
0 | 205 2:04
50 | 409 412
60 \ 7-93 7-94
70 | 147 14-7

90 46-0 ! 459

The hydration of acctic anhydride is bimolecular in
acetone and in acetic acid solutions,* but is unimolecular
with respect to the anhydride in aqueous solution.t

(CH3C0),0+Hy0 — 2CH;COOH
The hydration of acid anhydrides in water and their esterifi-
cation in alcoholic solution, as well as uncatalysed hydrolyses
in aqueous solution belong to the class of pseudo-unimolecular
changes.

Opposing Unimolecular Reactions.

When a chemical change proceeds not to completion but
to an equilibrium stage, it becomes necessary to allow for
this fact in deriving the kinetic equations. Relations of
greater complexity result, their form depending on the order
of the direct and reverse reactions. We shall deal here with
the simplest case, i.e. when both changes are unimolecular.
Let the initial concentrations of A and B3 be @ and b respec-
tively; « is the amount of change at time ¢.

ky
4 2 B
kg
(a—z) (b+=)

* Philip, Trans. Chem. Soc., 28, 259, (1912).
+ Rivett and Sidgwick, zbid., 97, 732, (1910); Orton and Jones, ibid., 101,
1708, (1912).
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\ da—x) dx o
Then s ca ky(a—z)—ky(b+2),
which gives on integration
1, S

(Fithy) =5 Ing s (6)
where S = klktj;]]::b
If the initial reaction mixture contains only one reactant
(b=0), 8=, ¢ —a/(l+K). K is the equilibrium con-

Lty

stant (Chap. V).

The interconversion of y-hydroxybutyric acid and its
lactone* and of d- and l-menthonef conform with this
equation. So also does the mutarotation of glucose, and
certain other sugars, which must be referred to in some detail.

a-Glucose, which has a specific optical rotation of 113°,
when dissolved in water is converted into a mixture which
has a stable rotation of +52-5°. Similarly, B-glucose, with
an initial rotatory power of -}-19° is converted into the same
mixture. Lowryl explained these changes in terms of
dynamic isomerism, the final mixture in each case repre-
senting equilibrium amounts of «- and p-glucose, with
possibly a minute quantity of an intermediate form. The
changes are accelerated by acids, and to a much greater
extent by bases. The temperature coefficient of the velocity
of mutarotation of glucose in water was investigated by
Hudson and Dale,§ who, supplementing their results with
those of Lowry (loc. cit.), Trey,|| Osaka,** and others, have
compiled the following table. As is to be expected, the
observed velocity (k,+kg), whether we examine pure «- or
B-glucose, has the same value. Independent experiments

* Henry, Z. physikal. Chem., 10, 98, (1892).

1 Vorlinder, Berichte, 36, 268, (1903).

1 Trans. Chem. Soc., 75, 212, (1899).

§ J. Amer. Chem. Soc., 39, 320, (1917).
| Z. physikal. Chem., 18, 193, (1895). ** Ibid., 35, 661, (1900).
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Table 9

“ (;w + fg) } l()i (minu-tes - logy,)

t° C. | a-glucose B-glucose | By the Arrhenius equation
07 | 74 T4 74
5 [ 12:9 150 12-2

10 ‘ 235 22.3 216

15 } 39-9 379 | 37-4

20 \ 635 654 . 633

25 105 106 ‘ 106

30 L1175 168 Z 173

40 bo437 395 | 442

T . -glucose] £k
show the equilibrium constant A (:— |B-glucose] “) to
[a-glucose] kg

have a value of 0-554, which is independent of temperature,
hence the heat of reaction is zero, and over the complete

§ and lsﬂ — L The

1
2-8
Arrhenius equation, in the units referred to, takes the form
log g (ky-t-kg) = 11-:0198—3,873/T. Converting the constants
into the customary units, we have

ol o
obs ¢ M
2-8

temperature range L, == k. ¥

17,660

RT

Hitherto we have dealt with the reaction in water only.
Hudson and Dale concluded that the temperature coefficient
of the reaction catalysed by hydrogen ion is the same as
for the uncatalysed reaction. At any given temperature
(kyt-kg) = A+B[H"], where B is the catalytic cocfficient.
log,y B == 11-435—3,873/T', which, on being converted into
natural logarithms and seconds~!, may be written as
B = 1:05 x101e-1700#7 Tt will be shown later (p. 232) that
Hudson and Dale’s critical increment for the uncatalysed
reaction is probably reliable, but that K for the catalysed
reaction is too low.

In(k,+A-kg) = 2212

Autocatalysed Reactions.

A chemical change which is hastened by one of its own
products is said to be autocatalysed. The interaction
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between acetone and bromine in aqueous acidic solution
affords an interesting example. Apart from the auto-
catalytic effect, the change proceeds by way of a fascinating
mechanism which was elucidated by Lapworth.* For our
present purpose, it will be expedient to consider first the
reaction between acetone and iodine, which has been shown
to have precisely the same mechanism.¥

The net effect of the reaction between acetone and iodine
in acidic solution is represented by the equation

CH,COCH;+ T, o> CH,COCH, I+ H* T~

The rate at which acetone disappears is found to be directly
proportional to the concentrations of acetone and hydrogen
ion but to be independent of the concentration of iodine..
If we denote by a and ¢ the initial concentrations of hydrogen
ion and acctone respectively, and by « the amount of
acetone which has been converted in time {, we have

—d|CH3COCH,] ~ I{CH,COCH,][H"]

di
dx
or pri k(a—x)(c+x),
which on integration gives
i 1 1 a(c+x) (7)

~ (a+c) n bla—x)’

Lapworth’s mechanism is consistent with all the facts
known concerning the reaction. The measurable process
consists of the enolization of acetone, the rate of which is
proportional to [H*]:

Ht
CH3;COCH; == CH3C(OH): CHy;

normally, an equilibrium condition would be established
between the keto and enol forms, but in the presence of

* Trans. Chem. Soc., 85, 30, (1904).
1 Dawson, ibid., 95, 1860 (1909).
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iodine the following reaction sets in immediately and com-
pletely :
CH3C(OH) : CHy++1, — CH3COCHI4+H -1,

1t is to be noted that, in spite of the slightly complicated
nature of the reaction and the modified form which the
expression for the velocity constant consequently assumes,
k is simply a bimolecular coefficient denoting the rate at
which acetone is enolized when its concentration and that of
hydrogen ion are unity.

The influence of temperature on the value of £ has been
measured by Rice and Kilpatrick,* whose results are given
in Table 10. On plotting In £ against 1/7" in the usual way,
we arrive at the expression Ink = 24-41—20,580/R7'.

Table 10

The cnolization of acetone in aqucous acidic solution

f I 108 (htre‘s /gmm molecule-sec ond)

" o

t° C. | Observed By ‘rhe Alrhemus equatxon
0 ; 116 1- l7
24 L 254 25
25 279 28~6
27 ] 359 36-0
3 | 882 88-1

Rice, [‘ryhng, and WcsolewsknL found thc temperature-
coeflicient for the velocity of this reaction to be independent
of the nature of the catalysing acid and of the presence of
a large number of electrolytes and non-clectrolytes, although
the actual velocity is affected. The average of 21 values
for the ratio Ko [kego, in close agreement with one
another, is 1-2625; whence

2303 RT, T,

E="" lo gk2 20,350 calories.

T—Ty ky
Generally, the evaluation of the critical increment from
velocities determined at two temperatures only—especially

* J. Amer. Chem. Soc., 45, 1401, (1923). 1 Ibid., 46, 2405, (1924).
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when these are in such close proximity-—is inadmissible.
In the present instance, however, there is fair agreement
between the two values quoted although greater reliance
is to be placed on the first.

The reaction of aldehydes with bromine and iodine
follows the same course,* though a certain amount of oxida-
tion occurs at the same time, especially with bromine.
Strong evidence in favour of the view that the velocity
actually measured is that of enolization is afforded by the
identity in the velocity constants found for the two halogens.

Certain similar features are borne by a number of reactions
which have been investigated by Stewart and Bradley.f
Although the changes do not exhibit autocatalysis, they may
conveniently be discussed at this stage. Disubstituted
aminomethylsulphonic acids react in aquecous solution with
threc oxidizing agents—iodine, bromine, and hydrogen
peroxide—at cxactly the same rate:

t R
R,NH.CH,.S05+415+H,0 — R,N: CH,+S0O, ~+31 +3H".
The velocity, moreover, is unimolecular with respect to the
acid and independent of the concentration of the oxidizing
agent, even when this is present in minute amounts. The
authors point out that these facts indicate the measurable
process to be the slow attainment of the equilibrium

|- slow +
Ry,NH.CH,.80; = R,N:CH,+HSO;,
fast
which is followed by the rapid oxidation;
HSOy +1;+Hy0 — SO, 431" -+-3H .

It may be mentioned that this last reaction, although rapid
in comparison with the rate-determining step, has probably
a measurable velocity, just like the oxidation of arsenite
ions (p. 218) and sulphite ions (p. 261), and coordination
reactions generally (p. 171).

* Dawson, Burton, and Ark, Trans. Chem. Soc., 1275, (1914).
1 J. Amer. Chem. Soc., 54, 4183, (1932).
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Heterogeneous Reactions.

When a reaction occurs exclusively at the surface of a
solid, the number of molecules decomposing per unit time
is proportional to the number of adsorbed molecules. The
amount («) of substrate adsorbed depends on the arca (.1)
of the surface and on the concentration (') of the substrate
in the bulk of the solution. These quantities are empirically
related by the Freundlich isotherm ¢ = K AC"", where n and
K are constants specific for each system, the latter repre-
senting a type of equilibrium between the surface concen-
tration («/4) and the bulk concentration of the substrate.
Whether the reaction considered is of the bimolecular kind,
possessing a rate determined by the number of suitable
impacts made by dissolved molecules upon the surface, or of
a unimolecular type with a rate governed by the stability
of the activated, adsorbed molecule, we have for the velocity

of reaction (! o
Tdt M,
which gives on integration
l&'/ . 1 n [('vmml)s’n_(ﬁ(n - I);’II} g)
TR R B ) (8

Sodium hypochlorite in aqucous solution at room tem-
peratures is relatively stable, a slow decomposition of un-
certain order setting in and reaching half completion in
about three years. In the presence of small quantities of
metallic oxides, however, a very rapid reaction takes place
due to the catalytic decomposition of adsorbed hypochlorite
ions; (10~ — C1=-++10, By measuring the volume of oxygen
evolved, Chirnoaga* investigated the velocity of reaction
under varying conditions. With nickel peroxide as catalyst,
1/n is found to be 0-47. Values of & determined at various
temperatures using 0-08 gram of catalyst per litre of well-
stirred solution arc given in Table 11, along with those
calculated from the equation Ink’ = 20-94—16,580/RT.

* Trans. Chem. Soc., 1693, (1925).
4018 o
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Table 11

Dccomposmon of hypochlorite ion at the surfuce of nickel peroride

I x 10t (xeconds.-1 concentration in
gram molecules/ htle)
t° C. Observod By the Arrhemus equutlon
25 8-12 783
30 12-4 ‘ 12-4
35 19-4 19-7
40 29-: | 30-5
45 45-2 i 451
50 69-2 i 68-2

1t WJll be convement at this stage to commcnt on the unlts
conventionally adopted to express the quantities with which
we have to deal in chemical kinetics. Confusion frequently
arises from omitting to state the unit of time employed and
from the arbitrary use of common and natural logarithms.
A large amount of published material has been marred
and rendered almost valueless from this neglect, although
absolute magnitudes may occasionally be retrieved by
graphical and other means. In the present work all velocity
constants, unless otherwise slated, are expressed in lerms of
gram molecules per litre, the time unil being lhe second, and
logarithms being taken to the base e. The critical increment
has the usual unit of calorics per gram molecule.

Of the vast number of reactions occurring in solution only
a very small number fail to conform with the Arrhenius
equation. Enzymic reactions are a notable exception. The
importance of determining accurately the critical increment
has here been stressed because it yields information—
necessarily incomplete, it is true—concerning that factor
which, among many others, is dominant in deciding the
order of magnitude of the velocity of chemical change.
This remains true although the equation of Arrhenius,
except in simple cases of bimolecular reactions, has been
deprived of a good deal of the physical significance originally
attaching to it, and is now retained as the most convenient
form of epitomizing experimental data.
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A COMPARISON OF THE KINETICS OF REACTIONS
IN THE GASEOUS PHASE AND IN SOLUTION

In general the rate of a chemical reaction is influenced by
the medium in which the reaction takes place. The velocity
of the combination of ethyl iodide and triethylamine at
100° C., for example, is 750 times as great in acctophenone
as in hexane.* Trinitrobenzoic acid decomposes 2,050 times
as fast in water at 60° . as in toluene at the same tempera-
ture.t Both bimolccular and unimolecular reactions are
thus subject to the influence of the solvent, although the
mechanism is probably very different in the two cases,

There have been frequent and varied attempts at corre-
lating the relative catalytic efticiency of different solvents- -
towards particular reactions—with certain physical properties
of the solvent or of the solution. Mention may be made of the
solubility,] the refractive index,§ the viscosity,|| the dielectric
constant,** and the cohesion.t1 An alteration in the magni-
tude of some of these properties is undeniably accompanied
by a change in the velocity of rcaction, the parallelism in
certain instances being quite striking. There is, morcover,
theoretical significance attaching to such empirical observa-
tions, since the physical properties concerned, although not
directly associated with the kinetic problem, reflect the
presence of others which can reasonably be supposed, on
certain hypotheses, to influence the rate of chemical change.
Solubility, for example, is related to thermodynamic activity,
and refractive index to the rate of absorption of radiation;

* Menschutkin, Z. physikal. Chem., 6, 41, (1890).

1t Moelwyn-Hughes and Hinshelwood, Proc. Roy. Soc., A, 131, 186, (1931).

1 Dimroth, Annalen, 377, 127, (1910).

§ Cox, Trans. Chem. Soc., 119, 142, (1921).

|| Hawkins, bid., 121, 1170, (1922).

** Michael and Hibbert, Berichte, 41, 1080, (1908); Hiickel, Leipziger

Vortrdige, 83, (1929).
11 Soper and Williams, 1'rans. Chem. Soc., 2297, (1931).
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viscosity is connected with the collision frequency, and
dielectric constant with the electrical configuration of the
molecules and the ionizing power of the solvent. Difficulties,
however, arise as soon as semi-empirical formulae relating
to a given reaction in a scries of solvents are applied to
a second reaction, of a different chemical character,* in the
same series. |t then becomes manifest that such regularities
as are found are quite specific. In spite of persistent and
ingenious efforts in this direction, the conclusion is unavoid-
able that all attempts at explaining the phenomena of
solvent action on a purely physical basis have failed. Before
a theory of sufficient gencrality can be found, attention will
probably have to be redirected to van’t Hoff’s view of
chemical combination between solute and solvent as onc
of the prominent factors in the total solvent cffect. The
acceptance of such a theory in no way precludes the existence
of certain molecular species which can be dissolved in suit-
able solvents without any interaction of this kind. In the
absence of further interference these solute molecules should
decompose at the same rate in the inert solvents as in the
gaseous phase. The requirement which has to be fulfilled
in an ideal case, therefore, is that the solutc molecules shall
be able to acquire sufficient energy to allow them to decom-
pose, but that this amount of energy shall be insufficient
to permit of any intcraction with the solvent. That con-
ditions of this kind arc rarcly met with is perhaps not
surprising. Nevertheless, examples have been revealed of
reactions of varying kinetic type possessing rates and
encrgies of activation which arc the same in the gascous
phase as in certain inert solvents. These bear an importance
which is equalled only by their rarity, for they serve to
establish the normal behaviour, by investigating departures

* Sometimes, even towards two similar reactions, the catalytic order of a
series of solvents may be different. Thus, for the combination of bromaceto-
phenone and aniline, the velocity of reaction incroases with the dielectric
constant of the solvent ; but for the combination of allyl bromide and aniline,
the reverse state of affairs is found.
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from which the study of solvent action may rightly be said
to commence.

The experimental comparison between the rates of re-
actions in solution and in the gaseous phase clearly offers the
most direct course for examining the influence of the solvent,
and is in principle very simple. The difficulties, in fact, lie
almost entirely on the experimental side. It is clearly
necessary for the reaction to proceed homogencously and
with measurable speed in the two phases. The solvent,
morcover, while being able to dissolve the reactant in con-
venient proportions, must be incapable of reacting with it.
Furthermore, the rate of reaction in solution must be such
that it can be measured at temperatures below or not far
above the boiling-point of the solvent. Of the reactions
which have been examined in the homogencous gas phase,
few proceed with measurable velocity at temperatures round
about the boiling-points of suitable solvents. On the other
hand, of the reactions which have hitherto been investigated
exclusively in solution, two have recently been studied in
the gaseous phasc.* These proved to be heterogencous, a
behaviour which is probably indicative of the majority of
such recactions, particularly when one of the products is a
solid. There exist at present six thermal reactions in all
which have afforded direct comparison between the rates
in the gascous phase and the rates cither in the pure liquid
phase or in carbon tetrachloride solution.

THERMAL REACTIONS

The Decomposition of Nitrogen Pentoxide.

Nitrogen pentoxide in the homogeneous gas phase at room
temperatures decomposes unimolecularly, except at very low
pressures. Although the change is known to involve the
transitory formation of other oxides of nitrogen, the net

reaction is N,0; — N,0,+10,.

* Moelwyn-Hughes and Hinshelwood, T'rans. Chem. Soc., 230, (1932).
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Unimolecular constants determined manometrically for
the gaseous reaction by Daniels and Johnston,* and sub-
sequently confirmed by the colorimetric measurements
of White and Tolman,{ are compared in Table 1 with the
constants found by Lueck} for the reaction in carbon
tetrachloride and in chloroform solution. Neither of these
solvents alters the velocity to any very marked extent,

Table 1

k< 107 (seconds 1)
17 (. Ingas | InCClL | In CHOL
25 ‘ 3-38 409 372
30 5-89 8§42 | 10-3
35 13:5 162 | 145
40 247 322 | 381
45 49-8 61-1 i 50-1
50 759 116 Lo128
Hh Lo150 212 L 166
E (culories) —| 24,710 25,500 | 24,450

although the slight difference recorded is probably real.
Kyring and Danicls§ found that bromine, nitrogen tetroxide,
nitromethane, and three chlorine-substitution products of
cthane also act as relatively inert solvents, but nitric acid
and dichlorpropane reduce the rate about twenty-five-fold
and cause the critical increment to incrcase to 28,300
:alories. These deviations from the normal values character-
istic of the gaseous reaction are attributed by the authors
to the formation of definitc complex molecules which are
assumed to possess stabilities differing from the stability of
free nitrogen pentoxide.

The Isomerization of Pinenc.

At temperatures of about 200° C., d-pinene is converted
siowly into di-pentenc,|| the reaction proceeding unimole-
cularly in the homogencous gas phase. Velocity constants

* J. Amer. Chem. Soc., 43, 53, (1921).
1 1bid., 47, 1240, (1925). 1 Ibid., 44, 757, (1922).
§ Ibid., 52, 1473, (1930). || Conant and Carlson, ibid., 51, 3464, (1929).
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determined polarimetrically by Smith* at six temperatures
ranging from 1846 to 237-1° (., and expressed in reciprocal
seconds, are given by the equation
43,710

RT -
Tn the pure liquid phase and in petrolatum solution, the rate
of reaction is again not very different from that of the
gaseous reaction (Table 2). The small variation found for the

Ink = 3377 -

Table 2
t° C. | Medium ko 107 (seconds )
184-6 (ias 366
184-5 . Pure liquid 499
198-0 Gas 143
197-8 Petrolatum 21-3
217-9 (las 885
217-9 Petrolatum 130

reaction in solution may not be genuine, for a slight optical
activity possessed by the solvent indicated the presence of
small quantities of impurity. The critical increment for the
reaction in solution appears to be 41,210 calories. lixperi-
ments were performed, however, at two temperatures only,
and at one of these without duplication, so that within the
limits of a fairly wide experimental error this value must be
regarded as equal to # for the gascous reaction. Unfor-
tunately no estimate can be formed for the energy of activa-
tion in the pure liquid phase.

The Decomposition of Chlorine Monozxide.

The thermal decomposition of chlorine monoxide
(2C1,0 — 2Cl,+0,) in the homogencous gas phase proceeds
in consecutive stages.t The pronounced acceleration which
follows the initial period of very slow change cannot be

* Ibid., 49, 43, (1927).

+ Hinshelwood and Prichard, T'rans. Chem. Soc., 123, 21730, (1923);
Hinshelwood and Hughes, ibid., 125, 1841, (1924).

1/ £ 79
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attributed to autocatalysis since the introduction of oxygen
or of chlorine does not influence the velocity. The rate of
reaction at each stage responds to the effect of pressure in
a manner characteristic of bimolecular changes. From the
nature of the curves showing the percentage composition as
a function of the time, it is concluded that the absolute

velocity ach stage of the decomposition must be of the
same ord magnituﬂ;, and, as would be anticipated under
such conditions, the enérgy of activation is sensibly constant

over the complete range. The foregoing explanation accounts
in a consistent and satisfactory manner for the principal
facts known concerning the reaction. An alternative
mechanism in terms of reaction chains has been suggested
by Beaver and Stieger.*

The kinetics of this reaction have also been examined in
sarbon tetrachloride solution.t In the absence of traces of
water, which retards the reaction, and of light, which in-
duces photochemical decomposition, the change corresponds
closely to that occurring in the gaseous phase. There is
an initial period of very slow change, followed by marked
acceleration. By varying the initial concentration of
chlorine monoxide, each stage in the reaction has been
shown to be definitely bimolecular.

It is an unfortunate occurrence that separate values for
the bimolecular constants for the consccutive stages cannot,
on account of mathematical difficulties, be disentangled. A
quantitative comparison between the rates in the two sys-
tems becomes possible, however, from a knowledge of the
times required for the reaction to proceed to a given extent
in the gas and in solution. In Table 3, the observed rates
of the reaction in carbon tetrachloride are compared with
corresponding rates for the gaseous reaction, which have
been extrapolated from data referring to other temperatures
and concentrations. %y g per cent. represents the time, in

* Z. physikal. Chem., B, 12, 93, (1931).
1 Moelwyn-Hughes and Hinshelwood, Proc. Roy. Soc., A, 131, 177, (1931).
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minutes, required by the reaction to proceed from 20 per
cent. to 60 per cent. of completion. Within the limits of
experimental uncertainty, the rate of decomposition in

Table 3

[CL,0] (gram molecule i 12060 per cent. (MMiNULES) {yotution
per litre) t° (. For solution For gas ! [
0-224 70-7 50 47-5 105
0115 0 105 905 | 116
0-115 C598 257 225 | 1-14
0126 69-8 ! 83 90-5 ! 0-92
0-095 . 697 100 122 X 0-82
0-120 Co80L 55 44 | 125
0-120 L7153 ‘ 54 61 0-89
0-120 [ 652 | 139 137 i 1-02
0-120 L6011 200 211 ‘ 0-95

solution equals that in the gas, the ratio £, m/lws having
an average value of 1-:02. The energy of activation for the
reaction in solution is 20,300 calories, again corresponding
fairly closely to the value for the gaseous reaction (21,000
calories).

The Decomposition of Ozone.

At temperatures of about 100° C'., ozone decomposes in
the presence of oxygen and other gases, the reaction being
predominantly bimolecular and homogeneous, but a small
fraction of the ozone molecules decompose unimolecularly,
probably on the surface of the vessel.* The velocity of
reaction is retarded by an increase in the partial pressure
of oxygen, and accelerated by the introduction of nitrogen,
carbon dioxide, and inert gases. Griffith and McKeownt
explain this on the assumption that an activated complex
is produced which can either revert into normal ozone
molecules or decompose: the process of reversal is favoured
by collision with oxygen molecules and that of decomposition
by collision with molecules of other gases. Values for the

* Riesenfeld and Bohnholzter, Z. physikal. Chem., 130, 241, (1927).

1t Trans. Chem. Soc., 127, 2086, (1925).
4018 I
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energy of activation have been given as 27,800 calories* and
29,000 calories.t

With regard to the molecular statistics of the reaction,
it can be shown that if an energy of activation of 28,700
calories per gram molecule be regarded as shared among
two square terms only, then for each energetically suitable
collision about 13,500 molecules of ozone actually decompose.
It is therefore possible that appropriate collisions between
two ozone molecules represent the initial stage in a chain
reaction, a view which is strengthened by the exothermic
nature of the change and by the sensitiveness of the rate
to the presence of foreign gases. On the other hand, the
activation process may not be simple. If six internal degrees
of freedom participate, the theoretical rate at 100° C. would
be 1-13x10°! litre/gram molecule-second, a value which
compares favourably with that of 1:59::10-1 observed by
Griftith and McKeown.

The decomposition of ozone occurs more readily in carbon
tetrachloride solution than in the gas.f Rather surprisingly,
however, the reaction is unimolecular with respect to the
ozone. Satisfactory unimolecular constants were obtained
with samples of ozone prepared in the silent discharge and
electrolytically from aqueous sulphuric acid, and with
carbon tetrachloride which had been stringently purified by
various methods. The half-life was found not to vary with
a five-fold change in the initial concentration of ozone nor
to be affected by intensely drying the solvent.

In comparing the velocities of decomposition in the
gaseous state and in solution, we must confine ourselves to
a single concentration of ozone, since the apparent order of
reaction is different in the two systems. Taking [Og], as
1-5x10-3 gram molecule per litre, it is found that, at 71°

* Bolton, Griffith and McKeown, T'rans. Chem. Soc., 129, 3153, (1926).

+ Wulf and Tolman, J. Amer. Chem. Soc., 49, 1650, (1927).

1 Bowen, Moelwyn-Hugheos, and Hinshelwood, Proc. Roy. Soc., A, 134, 211,
(1931).
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and 55°C., ozone in carbon tetrachloride solution dis-
appears 30 to 40 times as fast as at a corresponding concen-
tration in the gaseous phase.

Examination of the products of reaction showed that
ozone had attacked the carbon tetrachloride to some extent.
By estimating the concentration of chloride ion in an aqueous
extract it appeared that out of about every 17 molecules
of ozone which had decomposed, one molecule had reacted
with the solvent. This, therefore, does not account for more
than a fraction of the total change and is either a relatively
unimportant side-reaction or the first stage of a chain
reaction in which about 17 molecules of ozone are decom-
posed for cach initial act. The rate being proportional to
[0,]]('Cly], and the subsequent stages being assumed rapid,
the reaction would conform to the unimolecular faw. If
this is the true mechanism, it becomes necessary to correct
the observed value of the energy of activation in a manner
which will be described in Chapter V. The result is to
increase £ from 26,160 to 28,750 calories and thus to bring
the values for the energies of activation in the two systems
into close proximity. It will also be shown later that the
observed rate of reaction in solution is from 10 to 22 times
as rapid as that calculated on the assumption that the ozone
molecules become activated by collision with solvent mole-
cules.

If, on the other hand, the reaction between ozone and the
solvent can be regarded simply as a side-reaction we have
the very interesting fact that a decomposition, bimolecular
in the gascous state, becomes unimolecular in solution. This
would mean that the gascous reaction was really of the quasi-
unimolecular type, the molecules becoming activated by
collisions but undergoing subsequent spontancous change.
As we have seen in Chapter I, such reactions appear bi-
molecular at low pressures and unimolecular at higher
pressures or in the prescnce of an inert gas. In the present
example the solvent plays the part of the inert gas,
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at great pressures, communicating the energy of activa-
tion.

The Decomposition of Ozone Catalysed by Chlorine.

Bodenstein, Padelt, and Schumacher,* studying the gas-
cous reaction manometrically at 35° and 50° C., where the
uncatalysed decomposition of ozone is slow enough to be
ignored, found that the rate of disappearance of ozone was
given by the relation

d[Og] W _ 1 1 1

I A L AR [CN TN TN )
After an initial induction period, k rises to a constant value
which is not altered when the initial concentrations of ozone
and of chlorine are varied by factors of 4 and 7 respectively.
The authors consider the reaction to proceed by a chain
mcechanism, according to the following scheme:
Cly+03 — C10+4-C10,
ClOy+04 — C103+0,
(103403 — 10,20,
Cl04+Cl103 — (1,430,

C10+Cl10 — Cl,+-0,
6 (10404 — C14-20,.

The induction period is regarded as the time required for
the shortlived intermediate products ClO, and ClO; to
attain the stationary concentrations governed by the
relations

PO
i

“‘w

..(

+d[01Qa] == Iy C10,][O5] — k5[ C105][ O3] —ks[C1O5]* = 0
+d[(:zlf) 2] 110,104+ k[ C105][ O] +4[Cly][O5] = 0

By addition, we have
. k
[etog] = JfRrcLos)

* Z. physikal. Chem., B, 5, 209, (1929).
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The term &y[ClO4)% it is assumed, can be omitted in com-
parison with the term A4 ClO4][O4], although this would
be strictly justifiable only with the knowledge that £y and £y
are commensurate. We have thus

q k. g k.’ ]‘. Al
[€10,] = C10,] " Jicnoy)

Now the rate at which ozone decomposes is clearly
{
O] 104105 1A 10,1 03] 444 (L]0 .

from which the last quantity, representing the first link in

a long chain, can be eliminated, so that

[(28]—1.3[0] A/l [« ][OJJ ho Oy / 'A'U"z,ll,O:;l}
or

dOs] o, A/!‘”’I TRH 3
Al 2 [Rcnpioy)

This is the desired experimental relation, although derived
from somewhat insecure experimental evidence.

Bowen, Moelwyn-Hughes, and Hinshelwood* investigated
this reaction in carbon tetrachloride solution at tempera-
tures where the uncatalysed decomposition of ozone can no
longer be neglected. 1f both this and the catalysed reaction
proceed simultaneously and independently, we have for the
rate of the combined reaction

O HOLPOS 40y

This gives on integration:
/ [Osl0 o (ROsJ6[C1y )4 &)
= tngor =20 octton g )
The data found for the reaction in solution conformed
moderately well with this equation, the value of £, as with
the gaseous reaction, showing a tendency to increase as the
reaction proceeded. Only a two-fold change in the initial

* Loc. cit.
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concentration of ozone was practicable, but [('l,] was varied
twenty-fold. The average of 7 values for £ relating to the
reaction in solution at 50°C. is 1-45x1072 litres/gram
molecule-second. Bodenstein, Padelt, and Schumacher find
k= 9-5010"3 for the gascous reaction. Hence & gion/Kgus
is 1-:53. The agreement is rather striking considering the
unquestionable complexity of the reaction. The critical
increment for the gascous reaction is 20,040 calories, and
for the reaction in carbon tetrachloride solution 26,730
calories. The difference may be due to the not inconsider-
able experimental error introduced by determining this
quantity from velocity measurements carried out at two
temperatures only.  Alternatively, if we are dealing with a
chain reaction, the Arrhenius equation will not be strictly
followed, so that the diserepancy can be attributed to the
different temperature ranges employed in the two systems.

The Formation of Nitrosyl Chloride.

A termolecular collision is an occurrence of such com-
parative rarity that unless the critical increment necessary
to render such a collision chemically effective is small the
rate of reactions depending upon it will be negligible.
Trautz and Schueter* find that the combination of nitric
oxide with chlorine in the gaseous phase is termolecular
(2NO+C1, & 2NOCI) and possesses the low temperature
coelficient which is to be anticipated from the fact that the
reaction proceeds with measurable speed. According to the
proposed mechanism

8 1
NO-++(1, = NOC(l,; K = [[blI\IO(}E(I‘ﬂ J;

NO(C1,+NO — 2NOl,
the rate of formation is given by the expression
[NOCT]

44 = HNOCLIINO] = KHCIJ[NOJ,

* Z. anorg. Chem., 136, 1, (1924).
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so that the observed termolecular constant involves an
equilibrium constant (A) and a bimolecular constant (k).
The reaction has been studied also in the liquid phase by
Trautz and Gerwig* who advance cryoscopic evidence for
the formation of the intermediate compound. The value of
the termolecular constant (A'£) for the reaction in the liquid
phase at —58° (", is 10 (gram molecule/litre) 2. seconds 1, as
compared with the corresponding value of 0-7 found by
extrapolation from the data referring to the gascous reaction.
In the condensed state it would appear therefore that the
rate is about I+ times as fast as in the gascous phase. The
difference is probably real and indicates a positive solvent
effect.
PHOTOCHEMICAL REACTIONS

The general theory of activation demands that only
molecules in an exceptional state shall undergo chemical
change, but does not specify the manner in which ordi-
nary molecules can enter into that state.  In thermal re-
actions, as we have seen, molecules become activated by
the redistribution of energy during impacts. In photo-
chemical reactions, radiation absorbed by the molecules from
an external source supplies the necessary energy.  The
Stark- Einstein law of photochemical equivalence states that,
in a photosensitive system illuminated by radiation of
frequency v, one molecule will decompose for each quantum
hv of energy absorbed. In this simple form the law is true
in a few cases only, but there is powerful evidence for
regarding it as strictly applicable to the primary process in
all photochemical reactions. Generally, thercfore, the rate
of the primary process, and in certain cases the rate of
chemical change also, will be simply the rate at which the
molecules absorb radiation. Under the experimental condi-
tions usually employed, this rate is constant, so that many
photochemical reactions are of zero order, the number of
molecules decomposing per second being independent of

* Ibid., 146, 1, (1925).
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time. The kinetics of reaction, as the term is understood in
connexion with thermal processes, do not therefore occupy
as prominent a place in the study of photochemical reactions
as the determination of the quantum efficiency. 'This is
defined as the ratio of the number of molecules decomposed
to the number of light quanta absorbed, or

number of molecules decomposed
y - S

Tn the majority of cases which have been examined, the
activated molecules produced by the absorption of radiation,
or the atoms resulting from the dissociation of these activated
molecules, are able to bring about the decomposition of fresh
molecules of reactant. Frequently also the primary process
is but the initiation of a reaction chain wherein several
molecules are transformed. For our purpose, however, we
are less concerned with the actual quantum yield than with
the manner in which it may be influenced by the presence
of a solvent. The general problem of photochemical kinetics
has been treated in a comprehensive manner by Griffith and
McKeown.*

The Decomposition of Hydrogen Iodide.

For ecach quantum of radiation absorbed by gascous
hydrogen iodide in the spectral region 2,070-2,820 A, two
molecules decompose, this number being independent of
temperature.t The following mechanism of the reaction,
proposed by Warburg,} is now regarded as established:

1. HI-thw —H+1
2. H+HI —Hy+1
3. I+1 — L.
For each act of initial activation, two molecules decompose.
In the liquid state also the quantum efficiency is 2.
The observed quantum sensitivity in hexane solution in-

* Photoprocesses in Gaseous and Liquid Systems, Longmans, (1929).
1 Bodenstein and Lieneweg, Z. physikal. Chem., 119, 123, (1926).
1 Sitzungsber. Preuss. dkad., 314, (1916).
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creases from 1-01 in dilute solutions absorbing at A = 2070 A,
to 2 for approximately l-molar solutions absorbing at
A =2,820A. Warburg and Rump* suggest that the con-
centration effect may be accounted for by the diminished
probability of reaction (2) in very dilute solutions, whereas
the variation of y with the wave-length may be associated
with the change in absorption coefficient. In aqueous
solution, the quantum efficiency, as before, increases with
the concentration but is lessened by an increase in the wave-
length ; it is, furthermore, uniformly lower than in hexane
solution.

We therefore see that the relative simplicity of the gascous
reaction is reproduced in the liquid phase. Hexane intro-
duces complications which are probably explicable on physi-
cal grounds, but watecr interferes with the mechanism in a
more radical way, possibly by hydrating the hydrogen
iodide, as Warburg and Rump suggest.

The Decomposition of Chlorine Monoxide.

The quantum cfficiecncy of 2 found by Bowent for the
gascous decomposition of chlorine monoxide has been con-
firmed by Bodenstein and Kistiakowsky} who showed the
value to be unaffected by chlorine-sensitization. Both
investigations yielded evidence of the intermediate formation
of a second oxide of chlorine, which is considered by
Schumacher and Wagner§ to be ClO, produced by a pre-
dissociation mechanism from activated Cl,0.

The first investigation of the photochemical decomposition
in carbon tetrachloride solution gave an apparent quantum
efficiency of about 1, a result for which no great accuracy
was claimed since the method of analysis was admittedly
inadequate to allow for the accompanying formation of
chlorine dioxide.|| Correcting quantitatively for the part

* Z. physikal. Chem., 47, 305, (1928).

1 Trans. Chem. Soc., 123, 2330, (1923).

i Z. physikal. Chem., 116, 371, (1925).

§ Ibid., B, 5,199, (1929). || Bowen, Trans. Chem. Soc., 123, 1199, (1923).
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played by chlorine peroxide, which was estimated photo-
metrically, Dickenson and Jeffreys* found a quantum
efficiency of 2, as in the gaseous phase.

The Decomposition of Chlorine Peroxide.

Gascous chlorinc peroxide is transformed, partly into
chlorine hexoxide but chiefly into chlorine and oxygen, in
blue light, the quantum cfficiency being approximately 2;f
The primary process again involves the formation of chloric
oxide: ClOy+hv — ClO+0, absorption of radiation with
wave-length below 3753 A. indicating predissociation.

The reaction in carbon tetrachloride solution, which seems
not to entail the production of chlorine hexoxide and to
involve predissociation of chlorine peroxide at an energy
level (A = 4050 A.) lower than in the gas, shows a quantum
efficiency of about 1 at 4450 A.§ and 2 at 4150 A.|| The
limiting value of y in the inert solvent is thus equal to the
value for the gaseous reaction. In aqueous solution the
maximum quantum yield is 1. Bowen and Cheung** have
shown this to be due to the fact that chloric oxide, a product
of the initial activation, which in the gaseous phase or in
an inert solvent is available for inducing the decomposition
of a second molecule of Cl0,, is deprived of this opportunity
in aqueous solution by interaction with the solvent, the net
cffect being represented by the equation

2C10-+H,0 — HClO3+HCL

The Decomposition of Ozone Sensitized by Chlorine.
Bonhoeffertt found that for each quantum of radiation
(A = 4160 A.) absorbed by chlorine, two molecules of ozone

* J. Amer. Chem. Soc., 42, 4288, (1930).

+ Booth and Bowen, Trans. Chem. Soc., 127, 510, (1925); Bodenstein,
Harteck, and Padelt, Z. anorg. Chem., 147, 233, (1925).

1 Finkelberg and Schumacher, Z. physikal. Chem., ‘Bodenstein Festband’,
704, (1931); Urey and Johnston, Physical Rev., 38, 2131, (1931).

§ Bowen, Trans. Chem. Soc., 123, 1199, (1923).

|| Nagai and Goodeve, Trans. Faraday Soc., 27, 508, (1931).

** Trans. Chem. Soc., 1200, (1932). tt Z. Physik, 13, 94, (1923).
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decompose in the gaseous phase, the number being inde-
pendent of the concentration of the reactants. The photo-
sensitized reaction in carbon tetrachloride solution also
exhibited a quantum efficiency of 2.* Weigert’s observationt
that the temperature coefficient is 1-17 casts some doubt
as to whether the reaction is really as simple as the quantum
efficiency of 2 would imply. This does not affect, however,
the conclusion that the mechanism in the gaseous phase and
in carbon tetrachloride solution appears to be essentially
the same.

The Decomposition of Nitrogen Trichloride.

Radiation within the spectral region 4360-3650 A. brings
about the decomposition of gaseous nitrogen trichloride:
2NCl; — N,-+3Cl,, in the presence of chlorine as a photo-
sensitizer. The quantum efficiency, which is independent
of the wave-length, is about 20 for low concentrations of
chlorine but falls to a limiting value in the neighbourhood
of 2 as the partial pressure of chlorine is increased. The
reaction is initiated by chlorine atoms, and proceeds by way
of a reaction chain of short length.j

The quantum sensitivity in carbon tetrachloride solution
is also approximately 2,§ and independent of the wave-length
and of whether the reaction is chlorine-photosensitized or
directly photolytic. The absence of a high quantum yicld
probably indicates that the solvent furnishes the maximum
deactivation effect which in the gaseous reaction is attri-
butable to added chlorine. As in the thermal decomposition
of ozone, the solvent molecules appear to be influencing
the reaction by acting as an inert gas at an cnormous
pressure.

* Bowen, Moelwyn-Hughes, and Hinshelwood, Proc. Roy. Soc., A, 134, 211,
(1931).

1 Z. Elektrochem., 14, 591, (1908).

1 Griffiths and Norrish, Proc. Roy. Soc., A, 130, 591, (1931); 135, 69, (1932).

§ Bowen, loc. cit.
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Discussion.

Two important consequences emerge from the comparison
which has here been drawn between the kinetics of reactions
in solution and in the gaseous phase. The first is of consider-
able value in the information it affords concerning the rates
of collisions between dissolved molecules. The second, while
being more limited in its applicability, establishes a principle
which enables the relative catalytic efficiency of solvents to
be estimated.

1t is first necessary to reproduce the general equation for
the velocity constant of thermal reactions: k = Z.f(E/T),
where f(£/T) represents the fractional number of molecules
in the critically activated state. The velocity constant for
unimolecular reactions, as we have seen, is the ratio of the
number of molecules decomposing per second to the total
number of molecules, so that Z defines approximately the
probability per second that an activated molecule shall
decompose. 1t has the dimensions of a frequency, and for
the majority of gaseous reactions its magnitude lics between
101! and 10% secconds™'. The average life of an activated
molecule is 1/Z, and is related to the interval betwcen
activation and reaction required for the redistribution of the
critical energy within the molecule. The important point
is that Z for unimolecular processes is a composite term,
involving one quantity which is an inherent property of the
reacting molecule and another quantity which depends on
the system in which the reaction takes place. The term Z
for simple bimolecular reactions is a collision frequency,
denoting the number of encounters between the rcacting
molecules under standard conditions. This is solely a pro-
perty of the reacting system.

Reference to the experimental data quoted above shows
that for two unimolecular reactions and for two other
reactions, which although not free from complications are
essentially bimolecular in character, the velocity is sensibly
the same in the gaseous phase as in solution in inert solvents.
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Where such comparison is legitimate, the observed energy
of activation also is the same. It follows that the value of
Z has not been altered by the solvent. Considering the
nature of this term as it relates to reactions of the first order,
the result is not startling; it would, in fact, be a matter for
surprise if the probability of transformation of an activated
molecule were found to be influenced by the presence of
a medium the complete inertness of which allows the energy
of activation to remain constant. On the other hand, the
quantity Z for bimolecular reactions, being a collision term,
can on theoretical grounds undergo independent variation
while leaving the energetics of the reactions unchanged.
Actually, however, its value is virtually identical in the gas
and in inert solvents, indicating that the total number of
relevant collisions suffered by the reacting molecules is the
same in the two systems. Experimental confirmation on
this point has hitherto been lacking, although its validity
on general grounds has never been seriously contested. The
important consequence for our purpose is that the number
of collisions between dissolved molecules, in dilute solution
in inert solvents, can now be evaluated by means of the
expression given by the kinetic theory for the number of
collisions between gaseous molecules.

Secondly, the foregoing comparison of data for thermal
reactions affords evidence for regarding carbon tetrachloride
as a normal solvent in the sense that it allows thermal
reactions of varying kinetic type to proceed at the same rate
in solution as in the gasecous phase. We have now to examine
the behaviour of this solvent towards photochemical
reactions.

In an ideal photochemical change the rate of reaction, as
previously stated, is simply the rate of absorption of radia-
tion. This the solvent can influence not only by modifying
the absorption coefficient but by causing a shift in the
position of maximum absorption. Secondary changes, more-
over, usually follow the primary stage, and these dark
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reactions will be subject to a similar solvent interference as
is found in ordinary thermal reactions. It has been shown
above that a quantum efficiency of 2 characterizes the
photolysis of chlorine monoxide and chlorine peroxide as
well as the chlorine-sensitized decomposition of ozone both
in the gascous phase and in carbon tetrachloride solution.
Now although this throws no light on the actual rate of
reaction in cither system, it indicates quite clearly that the
number of effective collisions necessary to propagate the
dark reactions has not been diminished by the presence of
the solvent. Similar remarks apply to the bromine-sensitized
oxidation of monobromtrichlormethane,* the chlorination
of the same compound,} and the bromine-sensitized con-
version of diethyl maleate into diethyl fumarate.] The
quantum yields found for these three reactions in the liquid
phase is not altered by dilution to a considerable extent in
carbon tetrachloride. The isomeric change is singularly
interesting, for its high quantum efficiency (y = 295) and
its marked temperature coefficient indicate it to be very
complicated. The reaction proceeds by a chain mechanism
wherein bromine atoms play a prominent part. The energy
possessed by these atoms is therefore not dissipated by
repeated collisions with solvent molecules.

That the quantum efficiency of photosensitized reactions
in solution is independent of the dilution demonstrates the
specific nature of the energy transfer in chain reactions, a
conclusion which is fully attested by the action of inhibitors.
The same truth has been revealed spectroscopically, and by
Hinshelwood’s observations on the influence of hydrogen
and inert gases on the velocity of unimolecular reactions.

The photochemical evidence, therefore, serves to con-
solidate the position of carbon tetrachloride as an inert
solvent. There is every reason to suppose that other solvents

* Gruss, Z. Elektrochem., 29, 144, (1923).
t Noddack, #bid., 27, 359, (1921).
1 Eggert and Borinski, Physikal. Z., 24, 504, (1923); 25, 19, (1924).
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—such as silicon tetrachloride, tetramethylmethane, hexane,
and cyclohexane, for example—consisting of unassociated,
symmetrical (non-polar), and chemically saturated molecules
will behave similarly. In the case of reactions which cannot
be measured in the gaseous phase, the rates in such solvents
may be regarded as standard values with which rates in
other solvents may be compared. We may consider as an
example the data of Menschutkin®* on the velocity of com-
bination of ethyl iodide and triethylamine in a series of
twenty solvents (p. 107). The slowest rate was found in
hexane solution, & being 4-92:10°6 litres/gram molecule-
second at 100° (' ; the fastest rate referred to benzyl alcohol,
for which k& = 6-93x1073. Benzyl alcohol thus exerts a
positive catalytic effect. Ifrom the results of von Halbant
on the decomposition of triethylsulphonium bromide in
tetrachlorethane and in benzyl alcohol, the values of 4 at
60° ', are found to be 2:19<10°* and 5:64:<10 7 scconds™!
respectively. Towards this reaction benzyl alcohol acts as
a negative catalyst. Finally, we have Plotnikow’s observa-
tions] on the photo-polymerization of vinyl chloride in
various solvents; the maximum rate is found in carbon
tetrachloride solution and diminishes regularly as alcohols,
ethers, and aromatic hydrocarbons are used as solvents. In
carbon disulphide solution no reaction was detected.

As a rule, it is clear that carbon tetrachloride behaves
precisely in the way which might be expected from its
chemical character, and is without influence on the reactivity
of molecules dissolved in it.§ By comparisons of the kind

* 7. physikal. Chem., 6, 41, (1890). t 1bid., 67, 129, (1909).

1t Z. wiss. Phot., 21, 117, (1922).

§ Ozone, however, reacts with this solvent, and, in the presence of minute
quantities of water, so does triethylamine. The latter side reaction would not
have been detected even in quite accurate work but for the accidentally low
solubility of the product, triethylammonium chloride. Thermodynamic evi-
dence will be cited later to show that carbon tetrachloride probably reacts with
nitrogen peroxide. Complexes of this substance with ethers and esters have
been detected cryoscopically, although their existence is probably confined
to fairly low temperature regions. (Wyatt, Trans. Faraday Soc., 25, 43, (1929).)
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which have just been made it becomes possible to distinguish
between the positive and the negative catalytic influences
of solvents in general, and thus to prepare the way for the
further and more difficult task of discovering how these
influences are exerted.



IV
BIMOLEC(ULAR REACTIONS

Tue vast majority of chemical reactions occeur in liquid
systems. Most of these are bimolecular.

According to the collision theory in its simplest form, the
number of molecules decomposing in a bimolecular reaction
is equal to the number of activating collisions. The expres-
sion given by the kinetic theory of gases for the total number
of collisions occurring per c.c. per second between molecules
of types 1 and 2 is

1 1y
A I /A B | 1
1442 172 l.-l x”] 1”2 ’ ( )
The Maxwell-Boltzmann term e #ET gives the fraction of
this number which have critical energies of £ or more,
hence the rate of chemical change becomes
dn ( 1 LN\ er
—= = Ny Ny}, 8771{’1’( + B BT, 2
dt 1R2Ty M, M, (=)
The bimolecular velocity constant, expressed in litres per
gram molecule per second, is defined as
dn 1 N,

YT nymg 1,000 (3)
N, being the Avagadro constant. C(‘ombining, we have
. IV() 2 m 1 1 ]1’ EIRT
b 1000"‘-“{8”1” (Ml"‘ M.Z)J ¢ : ()

The deduction of this equation and its application to reac-
tions in gases* constitute the first fruitful attempt at
studying the velocity of chemical change in the light of the
kinetic theory.t This expression gives the theoretical value
of the velocity coefficient of uncomplicated bimolecular

* Lowis, Trans. Chem. Soc., 113, 471, (1918).

t Strutt (Proc. Roy. Soc., A, 87, 302, (1912)) had previously compared the
number of molecules reacting with the total number of collisions, but not with

the number of activating collisions.
4018 L
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reactions, and will frequently be referred to as the equation
of Lewis. Differentiating with respect to 7',

dink E+}RT -
dr T ORI (%)

and comparing with the Airhenius equation
dink K,

T RT? ()
it is seen that the true critical increment () is
E — E,—RT. (7)

The correction is not important enough to matter except
when the temperature of investigation is high, or when £ is
small.

Bimolecular Reactions in Gases.

The experimental results found for six bimolecular reactions
in gascous systems are compared in Table 1 with those
calculated by the equation of Lewis, taking into account
the slight correction in the critical increments. The absolute

Table 1
| B B ] B 1
| Fobserved | kealeutated |
Refer ]‘ 7 ox10° (litres/gram molecule- } Foby
ence Reaction | (calories) | 77 (abs.) | (em.) seeond) keate
) ON,O > 2N, + 0, O BRH00 1,001 33 380 %107 | 315 %10 | 12
(2 CH,CHO - CH €0 | 45,500 800 50 515 % 100 | 1-38 + 107 37
(3) 2HI > Hy + 1, | 43,800 666 35 0% L1074 | $:68 % 1074 0-47
(4) CHyt Hy - CLH, 142,400 787 20 17721072 353 x 107 {00
(H) H, 1 1,—>2H1 I 38,800 660 2:0 163> 107 346 v 1072 | 047
(6) 2NO,-»>2NO +0, | 26,500 610 33 2:06 < 10° | 693 %< 10" { 0-03

(1) Hinshelwood and Burk, Proc. Roy. Soc., A, 106, 284, (1924).

(2) Hinshelwood and Hutchison, ibid., 111, 380, (1926).

3)(5) Bodenstein, Z. physikal. Chem., 29, 295, (1899); Lewls, loc. ¢it.

(4) Pease, J. Amer. Chem, Soc., 54, 1876, (1032).

(6) Bodenstein and Ramstetter, Z. physikal. Chem., 100, 68, (1922); Kassel, The Kinetics of Homo-
geneous Gas Reactions, p. 156, (1032).

velocities of the fastest and the slowest of these reactions,
at a temperature of 800° absolute, differ by a factor of

ilnk A+BT
@nk_A+57 proposed by Kooij (Z. physikal.

* Compare the equati e =
P quation AT 75

Chem., 12, 155, (1893).
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1-:3:x108, compared with which the figures in the last column
are of secondary importance. The agreement in cases 2,
3, and 5 is excellent, and the difference in reaction 1 has
been fully explained.* On the other hand, the discrepancy
in examples 4 and 6 indicates the inadequacy of the simple
expression.  The desirability for its revision or modifi-
cation becomes much more urgent when we come to
consider further examples of bimolecular reactions in
gases.

The decomposition of chlerine monoxide, although not
satisfying a simple bimolecular law, depends essentially
upon bimolecular processes, cach of which has a rate of the
order of magnitude given by equation (4). This reaction,
thercfore, although complicated, has a ‘normal” velocity.
The decomposition of ozone, however, has a rate about. 10}
times as fast as would be expected on a similar basis, whereas
the cis-trans isomerism of dimethylmaleic estert and the
polymerization of 1:3 butadienef appear to be roughly 10?
times too slow. Furthermore, only a small proportion of the
collisions between sodium atoms and cyanogen molecules
leads to reaction, although the energy of activation is
7ero.§

It has been shown in Chapter 11 that the idea of the
activation energy being shared among a number of internal
degrees of freedom will explain the fast rate of decomposition
of ozone; so will a chain mechanism. As for the slow re-
actions, it appears that deactivations will not account for
the phenomenon, and various other suggestions have been
advanced. It is possible that only specially oriented mole-
cules, or molecules in a particular internal phase, can react.
With the reasons for the discrepancies we are not at the
moment concerned. The important fact is that they do

* Musgrave and Hinshelwood, Proc. Roy. Soc., A, 135, 23, (1932).

t Kistiakowsky and Nelles, Z. physikal. Chem., ‘Bodenstein Festhand’,
369, (1931).

1 Vaughan, J. Amer. Chem. Soc., 54, 3683, (1932).
§ von Hartel and Polanyi, bid., B, 11, 97, (1930).
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exist. The present tendency lies in the direction of attribut-
ing these deviations to the chemical nature of the reactions
themselves. It will be well to bear this in mind when dealing
with anomalous rates of bimolecular reactions in solution, for
the slowness of some of these may also be characteristic of
the changes themselves and not in any sense due to the
presence of the solvent.

Summarizing the results upon these eleven gaseous re-
actions, we see that about half the number have rates which
are in fair agreement with those calculated from equation (4).
Upon this evidence the simple collision theory has been ac-
cepted and is retained as the correct explanation of the
facts.

Methods of Comparing Observed and Theoretical Velocities.

There is no fundamental distinction between the nature
of chemical change in gaseous and in liquid systems. It is
true that the solvent can, and in many cases is known to,
interfere with the mechanism. For the present, however,
we shall concern ourselves with reactions of the type
reviewed in the previous chapter, for which the mechanism
and the actual velocity do not seem to be seriously altered
by the presence of the solvent. To discover such instances,
we compare the observed rates with those calculated by the
equation of Lewis. There is no theoretical reason for chang-
ing either the collision formula or the Maxwell-Boltzmann
relation. The procedure adopted, therefore, is precisely the
same as in the case of gaseous reactions, except that the
correction of $RT to the critical increment need not be
considered at the low temperatures which are usually
involved. The comparison between experimental and
theoretical rates may be made in various ways.

(1) Using the Arrhenius value of Z, we may substitute
directly into equation (4), and determine the value of & at
any temperature.

The critical increment for the reaction between methyl
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iodide and sodium ethylate in ethylalcoholic solution is
found to be 19,500 calories.

CH,I+C,;H,0Na — CH;0C,H, +Nal

Taking the molecular radii as 2-64 x10-8 and 2-74 x10-8 cm.
respectively (Chap. I, equation 4), the calculated value of
k at 18° C. becomes 4-12x 104 litres/gram molecule-second.
The value observed by Hecht and Conrad* is 4-96x10-4,

(2) The observed energy of activation may be compared
with that given by the relation

number of molecules reacting

~EIRT
‘total number of collisions  © ’ (8)

which is obtained by combining equations (1) and (2). To
evaluate separately the two quantitics on the left-hand side
of the equation we must choose an arbitrary concentra-
tion. One gram molecule per litre is as convenient a unit
as any.t

The velocity constant for the combination of cthyl
bromide and diethyl sulphide in benzylalcoholic solution
at 80° C. is 2:44 x107% litres/gram molecule-second (p. 123).

02H5Br+((j2H5)2S b (02 H5)3SBI'

The number of molecules combining per c.c. per second, is,
by equation (3), 2:44x1075x6-:06 x10% = 1-48x10', Kqua-
tion (1) gives the total number of collisions as 1591032,
hence £ = 25,800 calories. The experimental value is 24,470
calories, and is liable to an error of 4-1,000.

(3) The constant Z of the Arrhenius equation may be
compared with the theoretical value, which is

N,
Z= 0 2{817137’( i M) 9)

* Z. physikal. Chem., 3, 450, (1889).
t The consistent use of the molar unit avoids the confusion which may arise
from the adoption of the terms ‘normal’ or ‘equivalent’.
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The velocity of the following reaction has been measured
very carefully at intervals of 10° between 70° and 130° C. :*
CH,(C1.CO0-+0OH~ — CH,0H.COO~+Cl".

By plotting In k against 1/7" in the usual way, it is found
that Z is 4-55x10'., The theoretical value is 2-86x10M.
The justification of including ionic reactions among those
which can be analysed in this way must be postponed until
Chapter VII.

This is the method of comparison most commonly used
in the present book.

Further examples are given in Table 2. In many of these,
theory and observation are in excellent harmony, and in all
of them the difference is no greater than can be allowed for
by a reasonable error in calculation or in experiment. The
absolute velocities, compared at a temperature of 40°C.,
differ by a factor of 1-1x10° which is somewhat greater
than the range covered by the gaseous reactions cited in
Table 1.

It is evident that the theoretical collision frequency varies
but slightly from reaction to reaction, the average value
being about 2-77x 101, A figure not very different from this
is found for all systems of molecules over a very wide range
of temperature. For rough calculations, therefore, this is
a useful quantity to remember. Its approximate constancy is
due to the compensating influence of two rival factors. The
effect on the collision frequency caused by the rapidity of
light molecules is cancelled by their small cross-sectional
area; on the other hand, the effect due to the slower
velocity of heavy molecules is almost exactly balanced by
their greater collisional diameter. In a pair of ideal bimole-

cular reactions, therefore, the difference in velocity will be
given by the term e T or eRT, We have seen that the

range of velocity in the case of the gaseous reactions given

* Schwab, quoted by van ’t Hoff, Studies in Chemical Dynamics, pp. 15,
129 (1896).
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Table 2

g | ExWON | Keae
Reaction Solvent (calories) | Observed leulated | koba
CH,ONa +1:2:4-CIC Hy(NO,), CH,0H 17,450 191 242 13
C,H,ONa + 1:2:4-CICHy(NO,), C,H,0H 16,700 180 2:39 1-3
C,H,0Na +CH,I (,H,0H 19,400 242 103 08
C,H,ONa + C,H,I C,H,0H 20,650 149 2:23 15
C,H,0Nn+CH,CH,I C,H,0H 19,000 015 217 145
C,H,ONa+CH,1 CH;01 22,450 353 231 07
5H;ONa +i80C,H,1 C,HOH 22,100 174 231 13
CH,0Na-+C, H,,l (' H,0H 22,430 278 2402 )
C,H,CH,ONa+ C H,T C,H,O4 21,560 202 2:43 08
C,H,CH,0Na+is0C H,I CLH,OH 21,350 245 2:43 1-0
CH,CH,0Na + C, Hy,l C,H,0H 21,000 1-26 312 25
0-CH,CH,ONa + CH,1 C,H,0H 21,180 1-30 109 15
m-CH,(',H,ONa + CH,1 CH,OH 19,490 207 199 09
p-CH;C,H,ONa + CH,I C,H,0H 20,900 8-40 109 02
8-Cy,H,0Na + C,H,I CH,0H 21,010 0-10 221 2241
B-C,H,0Na + C,H,l (,H,0H 19,840 01t 2:21 2001
B-CyoH,ONa + ¢ H I 3 H,0H 21,300 0-40 221 50
CH,ONa +0-CeH(NO,), CH,0H 20,590 611 2-48 04
C,H,ONa +0-CsH(NO,), ,H,01 20,480 308 245 08
(CH,),80,+ NaCNS CH,OH 17,360 019 101 1000
(CH,),80,+ KCNS CH,OH 17,880 0-57 101 34
(C.H,),8 + . H,Br CGH,CH,OH| 24,470 031 202 85
C,H,0Na+ C,H,00C.CH,.COOC,H, | (;H,OH 16,760 017 180 10-6
NH,CNO — (NH,),CO H,0 23,170 42:7 4056 01
CH,C1.COOH + OH- H,0 25,850 455 2:80 06
7.H.<§;g“>0+ OH- H,0 12,500 | 417 203 | oor
CH,I.CO0" + OH~ H,0 22 370 63 2:08 05
CH,IL.CO0™ 4 C,H,0- H,0 21,010 0-4 185 40
CH,I.COOH +CI” H,0 22,850 79 206 03
CH,CL.COOH+ 1~ H,0 19,770 013 147 113
CH,[.COOH +8SCN~ H,0 18,100 040 217 R
CH,0H.CH,(1 + OH~ 1,0 10,870 255 2:78 01
CH,[CH,),Cl+ 17 (CH Y0 23,500 224 1:64 07
C,H,CO[CH,),C14-1" (CH,),(0 22,160 10+5 188 02
CH,S[CH,},Cl +17 (CH,y),00 20,740 0-085 157 18:5
4 JCWH,O[CH,,C1+ T (CH),CO | 22,420 | 05 178 | s
C,H,Br+OH" C,H,0H 21,400 430
C3HBr, 4 17 CH,0H 25,100 107

(1) Talen, Thesis, Leiden (1927); Tables Annuelles, (1931).

(2) Conrad, Z. physikal. Chem. 3, 450, (1889).

(3) Hecht, Conrad, and Briickner, ibid., 4, 273, (1889).

(4) Scgaller, Trans. Chem. Soc., 108, 106, (1914).

(5) Haywood, ibid., 121, 1904, (1922).

(6) Conrad and Briickner, Z. physikal. Chem. 7, 274, (1891).

(7) Cox, Trans. Chem. Soc. 119, 142, (1921).

(8) Steger, Z. physikal. Chem., 49, 329, (1904).

(9) Walden and Centnerszwer, Z. Elektrochem., 15, 310, (1909).
(10) Corran, Trans. Faraday Soc., 23, 605, (1927).
(11) Conrad and Briickner, Z. physikal. Chem., 7, 274, (1891).
(12) Walker and Hambly, Trans. Chem. Soc., 67, 746, (1895).
(13) Schwab, loc. cit.
(14) Tasman, Thesis, Leiden (1927); Tables Annuelles, (1931).
(15) Wagner, Z. physikal. Chem., 115, 121, (1925).
(16) Evans, ibid., 7, 337, (1891).
(17) Conant and Kirner, J. Amer. Chem. Soc., 46, 232, (1924).
(18) Kirner and Richter, ibid., 51, 3409, (1929).
(19) Grant and Hinshelwood, T'rans. Chem. Soc., 258, (1933).
(20) Dillon, J. Amer. Chem. Soc., 84, 952, (1032).
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in Table 1 is 1:3 x10%; in the case of the reactions in solution
given in Table 2, the range is e'®25032F — ].] x 109,

Compared at 0° C., the velocities of the fastest and slowest
bimolecular reactions known in both gaseous and liquid
systems bear a ratio of 104, This is the right way to regard
the problem. Two chemical changes with rates differing by
this stupendous amount, as well as a large and varied
number of reactions with intermediate rates, can be satis-
factorily interpreted in terms of the simple collision theory.
The experimental results for bimolecular reactions in gases
and in solution supplement each other in demonstrating
both the applicability of the theory in some cases and its
inadequacy in others.

A General Survey of Bimolecular Reactions in Solution.

There is an abundance of uncoordinated information
upon the kinetics of bimolecular reactions in solution, but
it is not uniformly valuable, and a certain amount of winnow-
ing has been rendered necessary. For reasons which have
been already advanced, no reference need be made to the
vast volume of work which has been carried out at single
temperatures. As a general rule, examples which appear to
contradict Arrhenius’s law may also be omitted, for experi-
ence has shown that such seeming deviations can usually
be attributed to the presence of impurities or to inadequate
control of temperature. The number thus lost is very small.
Leaving out of the count examples which for these and other
reasons are of dubious value, it is found that the critical
increments for 181 bimolecular reactions have been measured
in solution with a precision which makes them suitable for
discussion. More than 40 per cent. of these have normal
velocities in the sense that they have rates very nearly equal
to those predicted by the equation of Lewis.

Hitherto we have dealt exclusively with reactions belong-
ing to this category, purposely suppressing any reference to
those which do not agree with the simple theory. This has
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been made necessary in order to present the matter in its
true perspective, and to dispel the illusion that a degree of
harmony which has been accepted as genuine in the case
of gaseous reactions must be accidental when relating to
reactions in solution. While it is true to say that calculations
referring to solutions are not entirely free from objection,
the error is clearly negligible compared with the range of
absolute magnitudes involved.

Christiansen,* in an important paper discussing the
general theory of bimolecular reactions in solution, was the
first to make comparisons of the type which have been drawn
here. Accepting equation (1) as giving the collision fre-
quency correctly as regards order of magnitude, Christiansen
showed that the hydrolysis of amides and of esters in
aqucous solutions as well as four reactions in alcoholic
solution have velocities which are from 10 to 100,000 times as
slow as those given by equation (4). The conclusion was not
unnaturally drawn that the effect may be a general one. The
most probable explanation which presented itself was that
the activated complex molecules were subject to many de-
activating collisions with molecules of the solvent. It is an
unfortunate occurrence that these results, important enough
in themselves, have been viewed in an exaggerated light
and have subsequently been made the basis of unwarranted
generalizations. It is now known that low efficiency of
activating collisions is by no means confined to reactions in
solution and, furthermore, that deactivations by solvent
molecules are definitely not the cause of the slowness with
which these reactions proceed in the liquid systems. The
discovery of bimolecular reactions proceeding in solution
with normal velocities has been made quite recently.t
Emphasis on these gives us a much less distorted vision of
the whole field of inquiry.

* Z. physikal. Chem., 113, 35, (1924).

t Chapter I1I; also Chemical Reviews, 10, 241, (1932) Phil. Mag., vii, 14,
112, (1932).

4018 M
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In the systematic study of bimolecular reactions in solu-
tion it will therefore be convenient to imagine them as
belonging to three groups, according to whether their
velocities are normal, fast, or slow. A bimolecular reaction
may be said to have a normal velocity when its constant is

Ta0l

—> Numter of Reactions
~ w
o o
T T

S
T

---------------

—> Logg Z

Fia. 1.

given, within a reasonable factor of 10 or so, by the expres-
sion k = 2-8x10e~#/®T, The apparent arbitrariness of this
three-fold classification is removed when it is found that
the experimental results, considered quite empirically, dis-
tribute themselves automatically into the same three
groups. In Figure 1, the abscissae are values of logy, Z,
determined experimentally from the Arrhenius curves, and
the ordinates give the number of reactions with the assigned
value of Z. -1t is seen, for example, that 35 reactions have
values of Z lying between 10! and 10'2, but only 6 have
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values 100 times greater. The maximum probability refers
to logyy Z = 11-3, which is in very striking proximity to
the theoretical collision frequency for all the systems in-
volved.* In other words, more bimolecular reactions belong
to the normal group than to any other. Since the slope of
the curve is steeper on the high side of Z, it is evident
that fast reactions are of less frequent occurrence than slow
ones.

The inquiry from now on must be directed to a search for
the various factors which may account for the deviations
from the behaviour which we are regarding as standard.
Some of the possibilities have already been mentioned, and
others will be discussed in appropriate places. For the present
we may summarize by stating that chief among the causes
responsible for reducing below its normal value the rate
of a second-order reaction in a homogeneous system are:
(1) endothermic formation of a complex prior to the reaction
proper; (2) the necessity for the ionization of either or both
of the reactants; (3) deactivation by solvent molecules; and
(4) stringent conditions of orientation or of internal phaso
of the reacting molecules at the moment of impact. On the
other hand, some of the factors which will allow a faster
reaction velocity than that permitted by the simple collision
theory are: (a) exothermic formation of a complex prior to
the reaction proper; (b) the distribution of the cnergy of
activation among a number of internal degrees of freedom
of the reacting molecules; (c) the propagation of reaction
chains; and (d) activation by some means other than by
collision, e.g. by radiation. Evidence from individual
reactions may be quoted in support of cach of these.

The following will serve as provisional clues in detecting
which of these factors is more likely to be at work. Activa-
tion due to radiation is most readily demonstrated by

* A similar analysis of unimolecular reactions shows that a value of
10'3-10" occurs more frequently than any other (Polanyi and Wigner, Z.
physikal. Chem., ‘Haber-Band’, 439, (1928)).
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investigating the reaction in the dark* and in the presence
of suitable illumination. The presence of reaction chains is
to be suspected in all cases where the instantaneous velocity
(de/dt) is a function of the initial concentration raised to a
high power, and is sensitive to the presence of added sub-
stances. JIonization may be expected to enter into the
problem whenever the rate of chemical change varics
markedly with the dilution, with the addition of electrolytes,
and with the nature of the solvent. When the apparent
energy of activation undergoes a profound change from
solvent to solvent, the formation of a complex is indicated.

Complications due to photo-activation and to the pro-
pagation of reaction chains usually go hand in hand, but
arc not of frequent occurrence. There thus remain two
possible methods of explaining the velocity of fast reactions.
Activation among a number of degrees of freedom is always
possible theoretically when the reacting molecules are com-
plex. If the maximum value of F allowable does not account
for the rate, we must have recourse to the alternative idca
of an exothermic intermediate complex.

In view of the experimental evidence that deactivations
do not occur in those reactions where the hypothesis has
been put to the test, this explanation must be regarded,
temporarily at least, as being less probable than the ioniza-
tion view, or the endothermic complex theory.

Homologous Bimolecular Reactions.

Esters of most fatty acids are hydrolysed at much the
same rate.t The velocity of transformation of oximes into
nitriles is also sensibly independent of their complexity.]

* When a reaction is suspected to be catalysed by visible light, the dark
reaction may be studied in a thermostat containing a liquid which is deeply
coloured. Nigrosin is a useful dye for water-thermostats. Alternatively, the
reaction vessel may be painted black, or kept in a metal container. Solutions
may be prepared in a room flooded with light of least injurious colour.

+ Hemptinne, Z. physikal. Chem., 13, 561, (1894).

} Hantzsch, dbid., 13, 509, (1894).
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So also is the rate of benzylation of amines,* and of the
hydrolysis of acetalst and formals.f Examples of the same
type of behaviour are so numerous that one may consider
it to be almost universal. When a series of homologous mole-
cules undergo a similar chemical change, the velocity is
altered but little. This is to be anticipated on theoretical
grounds provided the critical increment is the same for the
various homologous reactions, for it is known that the
collision frequency is virtually constant.

The provision is amply fulfilled in the majority of the
reactions which have been studied. Some of the experi-
mental results found by Segaller§ for the reaction between
alkyl iodides and sodium benzylates and by Haywood|| for
the corresponding reactions with sodium phenolate are
reproduced in Table 3. The average value of K for the

Table 3
RIC,H,0Na | RI +CH;CH,0Nn
R kgagrc X 10° E  |ZX10"| ke X 10° B Zx 1om

CH, 101 22,120 | 363 i 266 20,670 | 20-85
C,H, 22-5 22,000 | 891 | 23-7 21,860 | 1567
C,H, 867 22,450 | 7-41 924 21,730 | 4-86
C,H, 8:08 22,090 | 1-45 669 21,560 | 2-92
C,Hy; 7-52 22,230 | 224 668 21,510 | 248
3H,, 723 22,500 | 3-39 6-68 21,450 | 221
CHy, 715 22,430 | 4:47 690 21,090 1-26
iso C,H, 758 22,100 | 115 5:52 21,410 1-75
iso O H, 322 21,790 | 0-39 8-68 21,3650 | 245
iso CyH,, 475 22,250 | 1:59 339 21,410 1-07
sec. CgHyq 722 22,100 | 148 9-61 21,680 | 401
sec. CgH,, 685 22,110 | 1:41 725 21,450 | 240

énalogoﬁ.; formation of eﬁHyi;z;Ikyl ethers is 19,710 calories. **
All three sets of experiments were carried out in ethyl-
alcoholic solution, and can lay claim to considerable accuracy.

* Thomas, Trans. Chem. Soc., 104, 594, (1913).

+ Skrabal and Belaric, Z. physikal. Chem., 103, 451, (1922).

1 Skrabal and Eger, bid., 122, 349, (1926).

§ Trans. Chem. Soc., 103, 1421, (1913); ibid., 105, 106, (1914).
|| Ibid., 121, 1904, (1922).

** Hecht and Conrad, Z. physikal. Chem., 3, 450, (1889).



86 BIMOLECULAR REACTIONS

One of the most thoroughly investigated reactions known
is the hydrolysis of ethyl acetate by aqueous alkalis.
Reicher* showed the bimolecular velocity constant to be
unaffected by the concentration of ester or alkali, and to
have the same value whether caustic soda or baryta was
employed. This proved the reaction to be ionic:

CH,CO0C,H;+0H- — CH;CO0~-+C,H,OH.

At five temperatures ranging from 9-4 to 44-9° C., Reicher’s

constants are given by the equation logk = 1?9—{—0-007547’

+4-53, but they are summarized equally well by the simpler

relation Ink (seconds™': gram molecules per litre) =

11,210

more accurately by Warder, whose data, relating to 15

temperatures, are in excellent agreement with the Arrhenius
equation Ink = 16-47—1—11—%,21-90. These values, measured by
the titration method, have been confirmed by the electrical
conductivity measurements of Walker,} who further showed
that k is increased by 26 per cent. when the solution is sub-
jected to an external pressure of 1,000 atmospheres. The
influence of dilution upon the velocity of saponification was
examined by Arrhenius,§ and more fully by Burgarsky,||

whose results are given in Table 4.

Table 4

The effect of temperature was studied even

k1g-40¢ X 102 (litres/gram molecule-second)

Base V = 20litres | V = 40 litres | V = 80 litres | ¥ = 160 litres
LiOH 6-39 e ..
NaOH 6-36 6-32 6-21
KOH 6-65 6-46 . -
Ca(OH), .. 6:06 6-31 6-32
Sr(OH), .. 6-08 .. ..
Ba(OH), 6-23 6-29 6:35

* Annalen, 228, 257, (1885); 232, 103, (1885); 238, 276, (1887).

1 Berichte, 14, 1361, (1881); J. Amer. Chem. Soc., 3, 203, (1881).

t Proc. Roy. Soc., A, 78, 157, (1906).

§ Z. physikal. Chem., 1, 110, (1887). || Ibud., 8, 398, (1891).
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The saponification of other esters has been investigated
more recently by Smith and Olsson ;* their data, along with
those of Reicher and Warder, are given in Table 5. With one
exception the critical increments have an average value
of 11,290 calories+330 (see Fig. 2). The critical increment

Table 5
CH,.COOR +0OH- - CH;.COO-+ROH n agueous solution

R Fogpo o X 102 E Zx 107
C,H, 6-78 11,210 1-66
C,H, 7-05 11,320 2-09
iso C,H, 2-10 11,440 0-64
CH, 655 11,370 2:13
iso C,H, 6-90 11,620 3-00
sec. C,H, 1-36 11,020 0-24
tert. C,H, 0-135 13,040 0-78
iso C;H,, 6-02 11,040 1-07

o Butyl Acetate
o Sec. Proxgl Acetate
a Propyl Acetate

20
i + 150 Amyl Acetate

05

1 1
30 33 36 39
— L xi00

F1a. 2.—Hydrolysis of esters by aqueous alkali.
* Z. physikal. Chem., 118, 99, (1925).
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for the hydrolysis by acids of a series of dihydroxypropyl
esters has a constant value.* The indifference of £ towards
the alkyl group present is thus maintained in a series of
homologous reactions even when these have rates far below
the standard values, for, adopting the same basis of calcula-
tion as before, it is apparent that the chemical efficiency
of activating collisions is here about 1 in 10,000. The same
regularity is observed when the reactions are catalytic or
when they proceed in non-aqueous solvents, as the data in
Table 6 reveal.

Table 6
Hydrolysxs of amldes catalysed by Examples of the kaelstem
hydrogen ion in aqueous | solution reactlon in acetone solutlon
R CONH2+H O+ - R COOH—f—NH, R(‘H—I - RI +(I~
R E R E
H 19,070 C,H, 18,610
CH, 20,460 C,H, 19,610
CyHj 19,770 CH,, 18,370
C;H, 20,090 CeH, 3 18,620
190 C3H, 19,430 C,H; 18,990
CH, 20,040 CgH,, 18,850
CHy, 19,060
leri,,3 19 040
— e L M L— -

Wlthln the fairly wide margin of error ‘which must be
allowed in the experiments upon which thesc figures are
based, the critical increments must be regarded as constant
for each series.

Constancy of critical increments for a series of similar
chemical changes is the most notable feature of bimolecular
reactions in solution. The truth underlying this observation
is simply that in a reaction of the type A+B — C'+D, the
energy of activation is insensitive to the length of the chain
of carbon atoms in the molecule 4. It has already been shown
that £ is unaffected by the radical R; in the reaction

RII+R20N2L ad R10R2+Nar1.

* Ingold, Jackson, and Kelly, Trana: Chem. Soc., 2035, (1931).
t Crocker, Trans. Chem. Soc., 91, 593, (1907); Conant and Hussey, J.
Amer. Chem. Soc., 47, 476, (1925).
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The following results (Table 7) show that when R, is varied,
there is a small but real change in E.

Table 7
CH,I +R,0ONa — CH,OR, +Nal

R, B
CHy 21,180
C,H; 19,490
CeHj . 22,120
CyH,CH, 20,510
0-CH,CH, 20,240
m-CH,CsH, 20,510
p-CHC.H, 21,220

The Energy of Activation.

These empirical rules give a clue to the nature of the
activation process. Concerning the critical increment for
gaseous bimolecular reactions, Hinshelwood* points out that
it may be constituted in two ways, between which experi-
ment will not allow us to choose. The activation energy may
be regarded as the sum of the components, measured along
the line of centres, of the kinetic energy of translation
possessed by the two molecules at the moment of impact,
there being no restriction concerning the relative contribu-
tion made by either molecule; that is, £ may vary inde-
pendently in two square terms. On the other hand, it may
be considered as the sum of two independent critical incre-
ments, E; and K, each associated with one vibrational
degree of freedom in the two reacting molecules. According
to the first mechanism, the condition for chemical change is
that two molecules shall possess in a head-on collision com-
bined kinetic energy equal to or greater than the energy of
activation. The geometric conditions governing the effici-
ency of such encounters must be fairly stringent. Since the
critical increment is entirely kinetic, activated molecules will
move faster than the normal molecules in the approximate

* Kinetics, p. 123.
4018 N
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ratio of / (E;;?T) For most of the reactions with which
we have to deal (£ ~ 30,000; 7' ~ 300), this correction leads
to a calculated rate about 7 times as great as that given by
the simpler expression. It may be pointed out, however,
that the true factor is actually somewhat greater than this,
for the collision frequency according to this mechanism is
virtually independent of temperature, and the term 3}RT
need not be added to the Arrhenius critical increment.
According to the second mechanism, the two reacting mole-
cules may become individually activated, by collisions as
before, to the extent of K, and E, calories respectively,
where E,+E, = K. These encrgies may be regarded as being
accommodated within each molecule in the form of vibra-
tions between two constituent atoms or groups. Four square
terms are thus involved, but £ cannot vary independently
among these. The remaining condition for reaction is simply
that two such activated molecules shall meet before losing
their critical energies. The average velocity of these activated
molecules does not differ from that of normal molecules;
and there is no reason for imposing any special steric
restrictions upon the chemical effectiveness of encounters
between them. This idea of the separate activation of the
two reacting species has more in common with our notions
concerning activation in complicated molecules than has
the idea of violent collisions. Furthermore, the energy of acti-
vation is known to increase the nuclear separation of the
atoms; this it can do readily by absorption of energy in the
form of vibration. Since the distinction drawn on purely
kinetic grounds between reactions of the first and second
orders is now known to be one of degree only, this view
of independent activation is to be preferred on general
grounds.

Experiment should allow us to decide between the two
possibilities. Consider two homologous reactions possessing
the same critical increment. The collision frequencies for
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both will be equal, within about 5 per cent. Provided no
special steric influence comes into play, the rate of chemical
change should therefore be nearly equal for the two re-
actions. If collisions of critical violence are necessary, the
chance of these occurring with the right orientation will
diminish as the size of the molecules increases, and k should
be lower for the higher homologue. In most examples there
is no evidence of this (Table 8); propyl and cetyl halides
react at about the same rate.

Table 8
‘ K pmervea X 10% (litres/
i gram mol.-sec.) ky
Reaction 4 Solvent | t° C. R = CH, | R ==C,,Hy ke
RI+C¢H;ONa C,H;OH 425 8-67 7-15 1-2
RCI+KI (CH,),CO | 50 2:95 2-95 1:0
RI+C,H,CH,ONa | C;H,OH 30 9-24 6-90 13

We therefore conclude that the molecules are not activated
solely by those collisions which lead to chemical reaction.
They may well receive their energy of activation by previous
collisions.

The Orientation Factor in Collisions.

Although it is impossible at present to pronounce with
certainty, it does not appear that the orientation of gaseous
molecules during collision plays a prominent role in the
velocity of reaction, but the absence of such an cffect may
well be due to the fact that most of the bimolecular reactions
known in the gas phase are those of symmetrical, or in any
case very small, molecules. With complicated organic mole-
cules, exacting steric conditions may sometimes prevail,
causing a diminution in the efficiency of collisions.

The introduction of a —CHy— group into an aliphatic
molecule does not, as a rule, cause a great change in the
rate at which the molecule reacts. The first transition from
the methyl to the ethyl derivative shows the greatest
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effect; beyond the third or fourth addition of CH, groups,
the effect is unimportant. Weighting the molecule in one
position, however, may have an effect which is not found
in another. The rate of hydrolysis of esters by acids,* for
example,

R;.COOR,+H,0 —> R,.COOH{R,0H

is sensitive to substitution of a CH, group into R; but not
into R,, as shown in Table 9.7}

Table 9
kygoc, X 10°
Acetate E Propionate | Butyrate
Methyl 66 | 71 39
Ethyl 6-8 7-3 42
Propyl 6-7 7-2 41

When the same esters are hydrolysed by alkalis, neither R,
nor R, can be modified without causing a noticeable change
in k.

Aromatic compounds are usually much more sensitive
to molecular rearrangements. Mesityl-acetic acid (I) and
mesityl-glyoxylic acid (II) readily form esters, but mesityl-
formic acid (III) is said to be uninfluenced under the same
conditions. Identical behaviour is found with the tribrom-
compounds.}

I 1T 111
CH, CH, CH,
()Hn<:>CH,,CO() H ol [3<::>COCOOH cm@caon
CH, CH, CH,

Menschutkin§ gives the following relative rates of esterifica-

* Reference will be made in Chapter VII to Ingold’s work on the effect of
polar groups on the rate of hydrolysis of esters.

t van ’t Hoff, Studies in Chemical Dynamics, p. 119, (1896).

1 Meyer, Berichte, 28, 1294, (1895).

§ Z. physikal. Chem., 1, 611, (1887).
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tion of acetic anhydride with various alcohols in benzene
solution:
Alcohol . . CH;OH CH,ROH CHR,0H CR3OH
Relative rate of

esterification. 100 48 13 0-8
An enormous amount of attention has been given to the
measurement of the comparative velocities with which
ortho, meta, and para di-substituted benzene derivatives
undergo reactions of various kinds. We must content our-
selves with a few typical instances only* (Table 10).

Table 10
R.C4H,.COOH ++C,H,0H —+ R.CH,COOC,H; + H,0

R f o m. ‘ .
CH, 0-011 0-047 0-024
Br 0-020 0-055 0-045
NO, 0-0028 0-030 0-026

R.C,H,NH, +H.COOH - R.C,H,NH.CHO +H,0

R o. ; m. ] P.
CH, 0-11 L 053 | 0-67
cl 0013 | 015 0-25

021

Br 0-0028

0-14

R.C,H,CONH, +H,0 > R.C,H,.COOH +NH,

R 0. ! m. ‘ .
CH, 0-22 © 193 175
NH, 0-18 L 018 1-98
NO, 0054 ' 198 2:36

“omparisons of velocity constants alone cannot take us
very far because the rearrangement of atoms within the
reacting molecule usually affects the energy of activation as
well as the spatial factors governing the fruitfulness of
collision. The relative importance of the two contributions
can be gauged only when the temperature coefficients of
the reactions are known with considerable precision. Since

* Numerous examples are given by Wittig, Stereochemie, p. 333, Leipzig,
(1930).
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k = Ze ¥RT in general, we have for any pair of bimolecular

reactions

b ppn%

RTIn+ Ic2 A

""E1+E2

]Iz = E,—FK,, then Z, must
2

equal Z, and there is no indication of any steric effect
entering. When the two critical increments are found to be
equal, any change in k is clearly due to a change in Z. These
simple considerations have been advanced by W. Hiickel,*
who quotes examples from the work of Vavont where both
conditions appear to be fulfilled. The hydrolysis of the cis
and trans forms of the succinic ester of isopropylcyclo-
hexanol have the following velocity constants (the time unit
being the hour):

If experiment shows that RTIn

t°C. cis form trans form “ RT k‘fm
l‘l!
0 0-0068 0 46 2,280
39 0-15 2,280
68 1-02 28 0 | 2260

The difference in % is almost exactly that caused by the
change in the critical increment: there appears to be no
steric effect. For the hydrolysis of phthalyl esters of borneol
and isoborneol we have

1-41 x 109 ¢~ 19970/
Kisaborn, = T°98 X 107~ 15:50IRT,

In this case there seems to be a definite influence which is
independent of temperature and may or may not be steric.
Unfortunately the data refer to two temperatures only.
Another pair of reactions is quoted which is intermediate
in character, but the Arrhenius equation is not obeyed. It
is difficult to decide how far the examples selected by

k born. —

* Berichte, 61, 1517, (1928).
t Bull. Soc. Chim., 39, 666, (1926); 41, 357, (1927); 43, 667, (1928).
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Hiickel are really suitable for the present purpose, but the
method of analysing experimental data is clearly the correct
one, and has been independently adopted by others.*

After correcting the critical increments (equation (7) ) for
the reaction between ethyl halides and hydroxyl ions in
ethylalcoholic solution, Grant and Hinshelwoodt give the
following experimental values:

(1) Iodide k = 270 x 101047 x g~ 21000/RT
(2) Bromide k = 1-28 x 101047 x ¢~ 211000/ RT
(3) Chloride k = 0-793 x 101047 x ¢~ 23,000/ BT’

The calculated values of the non-exponential term are
nearly identical in the three cases, hence the difference
between the velocities of reactions (1) and (3) is connected
with the change in E.

Reference to Table 10 indicates that the reactivity of
meta and para compounds, as reflected by the bimolecular
constants, is greater than that of ortho compounds. This
is by far the most frequent sequence obtaining, although
there are numerous exceptions. It is, however, quite
reasonable to suppose that the presence of a radical in the
ortho position exerts greater hindrance upon the approach
of a second molecule than does a group in either the meta
or the para position. If this is true, the constants Z should
be in the order Z,> Z,,> Z, 1In the reaction between
methyl iodide and the sodium cresolates (Table 2), this is
the case—a result which has some weight because the three
critical increments have different values.

One other class of reactions must be cited in this con-
nexion. The hydrolysis of sugars by dilute acids has been
studied with almost unparalleled accuracy. The results
given in Table 11 refer to 25° C., and a concentration of
hydrochloric acid of 0-1N. The critical increments are close
averages of 36 values. Here it is evident that ¥ is constant,

* Semenaro, Gazzetta, 61, 921, (1931) ; Peacock, Nature, 129, 57, (1932).
1t Trans. Chem. Soc., 258, (1933).
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Table 11
Sugar kyse o X 10° E Zx101
Sucrose 1-30 25,5680 8:59
Raffinose 1-08 25,430 553
Melezitose 0-47 25,640 348

and the changes in Z and k are roughly parallel. The cal-
culated collision frequency between hydrogen ion and the
trisaccharides (which are derivable from sucrose by con-
densation with a galactose or a glucose molecule at suitable
junctures) is actually somewhat greater than that for H;O*
and sucrose.

The influence of structure upon the velocity of chemical
change has recently been re-examined in a novel and com-
prehensive manner by Polanyi and his collaborators.* The
gaseous reactions which have been studied are those occur-
ring between sodium atoms and halogen compounds, of the

type Na-+CH,Cl — CH,+NaCl.

The velocity is measured by estimating the breadth of the
reaction zone when the two vapours interdiffuse at very low
pressures. With alkyl iodides, no critical energy is required,
every collision between sodium atoms and the organic
molecules being effective. £ is small but measurable for the
other halides, as the following results show.f The figures
express the total number of collisions needed to bring about

Table 12
108 10¢ 50 1
CH,F CH,C1 CH,Br CH,I
C,H,Cl C,H,Br C,H,I
CH,Cl C,H,Br CoH,I

the decomposition of one organic molecule. Gaseous re-
actions compared with ionic reactions in solution reveal a
striking similarity in the influence of substituents and general

* von Hartel, Meer, and Polanyi, Z. physikal. Chem., B, 19, 139, (1932);

Meer and Polanyi, ibid., p. 164.
1 Polanyi, Atomic Reactions, p. 54, (1932).
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configuration upon the velocity of chemical change.* The
terms positive and negative mechanisms require explanation.
When primary, secondary, and tertiary compounds react in

Table 13
Ionic reaction

Reaction with Negative | Positive

sodium vapour | mechanism | mechanism
Series F, Cl, Br, I Increase Increase
C =C in neighbouring Increase Increase

position

Cc=0 Increase Increase
Multiple substitution Increase Increase
C=CCl in place of C—CCl Decrease Decrease
Lengthening of chain Decrease Decrease
Branching of chain No effect Decrease
Primary, secondary, tertiary Increase Decrease | Incroase

solution with positive ions (e.g. amines with acids) the
velocity increases in this order, but when they react with
negative ions (e.g. the saponification of esters) the order
is reversed. This Polanyi explains by considering steric
influences in the two cases. As shown in Fig. 3,* steric
hindrance is small or zero with the positive mechanism, but
considerable with the negative mechanism. The same
geometric considerations account also for the absence or
presence of optical inversion.

The whole question of orientation in collisions is extremely
difficult. Even with the most accurate data it is impossible
to decide, because though Z should be definitely parallel
with %, it is clearly not logical to interpret this as evidence
for the orientation effect.

In the development of the collision theory of chemical
reaction rates there is always the danger that its exposition
may tend to interpret all the phenomena on a purely
mechanical basis, which cannot by its nature account for
the specific chemical effects which are known to enter.

* Polanyi, tbid., p. 61.
4018 0
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Activating collisions are always necessary, but they are not
always sufficient to ensure chemical change. The study of
ionic reactions shows that the replacement of a chlorine
atom by a bromine atom may increase the observed °‘col-
lision’ frequency about 100 times. This is out of all pro-
portion to any change that the new atom may bring about

Negative mechanism: steric hindrance: optical irversion
¥ia. 3.

in the configuration and diameter of the reacting molecule.
Its presence does not alter the apparent energy of activa-
tion, but it is quite possible that it may alter the frequency
of internal vibrations, upon which energy fluctuations within
the activated molecule depend. This interpretation, of course,
is still mechanical, but it brings into prominence the part
which is played by the internal dynamics of activated
molecules—a subject which has up to the present been little
explored, but which has the advantage of being able to
account for those specific chemical effects which the cruder
kinetics of collisions ignores.
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The Influence of Dilution upon the Bimolecular Velocity

Constants.

Occasionally, as with the saponification of esters, the
bimolecular constant is found to be quite independent of
the initial concentration of either reactant. Steger* found
the following constants for the reactions between o- and
p-dinitrobenzene with sodium ethoxide and with sodium
methoxide in the corresponding alcohols:

Table 14
Dilution V L“"E,_)E _123 (lxtres /gmm molecp‘b sec.) )
(litres /gram molecule) | With NnOC H;in HOCgH,i Wlth NuaOCH, m HOCH,
20 3 83 2 ‘32
40 3-82 \ 2-33
60 382 .
80 3-83 2-36
100 3-82 | ..

This behawour is mther exceptlonal In the majority of
cases, k increases with the dilution, often reaching a limiting
value at a concentration of about 1/100 molar. Hecht,
Conrad, and Briicknert found that the constants for the
reaction between methyl iodide and sodium ethoxide varied
with the dilution in the following manner:
k, = k,+wlogyv.

k, is the velocity when both reactants are at a concentration
of 1 gram molecule per litre; the constant w is specific for
the reaction but independent of temperature. Table 15
shows that an equation of this form summarizes the dilution
effect quite well. The calculated values have been obtained
from the equation

k = 0-001497(1++0-4546logv) . 102,

where ¢ is the temperature in degrees centigrade. The effect
of changing the initial concentration upon the same reaction
at 36° C. is shown graphically in Fig. 4. These equations are

* Z. physikal. Chem., 49, 329, (1904). t Ibid., 5, 289, (1890).
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quite empirical, for there can be no special significance
attaching to the value of the velocity constant relating to

ant
- - - - - n
w N ~N oo o o

=

—> Relative Velocity Const:

w

P I Y T TS Y Y N Y SN T N B
10 20 30 40 50 60 70 80 90 100
—> Dilution (Litres/Gram Molecule)
F1a. 4.—Reaction between methyl iodide and sodium ethoxide in ethyl-
alcoholic solution at 36° C.

Table 15
CH,I +C,H,ONa in C;H,OH at 24° C.
Dilution _ k (arb 1&1‘31? umts) —
(litres /gram mol.) Observed By equation

1 27-6 274

2 31-4 31-1

b 35-9 36-1

10 39-8 39-8

20 43-6 43-6
40 47-2 47-3

80 51-1 51-1

a solution of unit molar concentration. Hecht’s equation
has been found by Cox* to apply to a similar series of
reactions (Table 16). The immediate value of these results
is that they demonstrate conveniently the magnitude and
direction of the dilution effect. In order to double the

* Trans. Chem. Soc., 113, 666, (1918); 119, 143, (1921); 121, 1904, (1922).
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velocity of reaction, the dilution usually has to be increased
from 10 to 1,000 times.

Table 16.

Reaction = ky (arbitrary units) w (arbitrary units)
a-C,oH,ONa +CH,I | 41-1 ! 17-1

b HCHI | 9-19 ; 7-20

» +CH,I | 4-30 i 437
B-C,H,ONa+CH,I 356 : 16-7

” +CHI 7-90 | 580

» +C,H,T | 316 325

The velocity of reaction at great dilutions is thus about
4-2 times the velocity in 1 molar solution: this always
brings the observed rates and those calculated by the
equation of Lewis (Table 2) into closer agreement. The
implication in Hecht’s equatien that % should increase
indefinitely with the dilution is not borne out by experiment.
His own work as well as that done upon two slow reactions
in carbon tetrachloride solution* indicates the tendency to
reach a definite limit.

Further investigations upon the kinetics of reactions in
highly dilute solution are much to be desired.

The results of Hecht and many others have been inter-
preted by Acree and his collaborators in terms of the dual
hypothesis.T On the assumption that both ions and neutral
molecules react, we have

kobs = kia+km(1—a))

where k; and k,, are the reactivities of the ion and undis-
sociated molecule respectively and « is the ‘degree of
ionization’. We are here ignoring the salt effect, which is
known to be only about 7 per cent. Hecht, Conrad, and
Briickner found that the presence of 0-07 molar potassium
iodide did not alter the velocity of reaction: neither did

* Ibid, 230, (1932).

+ See, for example, Robertson and Acree (J. Amer. Chem. Soc., 37, 1902,
(1915) ), where reference to twenty preceding papers of the same series will be
found.
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the presence of the other product (diethyl ether) when
present at the high concentration of 4:-5 gram molecules per
litre. The freedom from salt effects, autocatalysis, and
reverse reaction makes these etherifications admirable cases
for testing the hypothesis. Writing the equation in the form
kobs = km+a(ki“km)7
it is seen that k; and k,, can be found by plotting the ob-
served velocity against the degree of dissociation. The curve
should be linear, with a slope equal to (k;—k,) and an
intercept of k.

An equation of this kind accounts satisfactorily for the
velocity of reaction between 1-phenyl-thiourazol and ethyl
iodide at various dilutionsin ethylalcoholic solution at 25°C.,*
k, being 0:1579 and k; being 0-4625 (Table 17). Tables 18

Table 17
Dllutlon | « L(,,,,. ‘I‘\ by equation
4 | 0248 0227 | 0-233
8 0-334 0-258 1 0-260
16 0-421 0290 0-286
32 0-514 0-312 0-314
84 0-607 0-335 0-343

and 19, which refer to Hecht’s reaction at 25° C., show that
k; calculated in this manner is sensibly independent of the
dilution and of the metallic cation. As required by the
theory, k,, is specific for each base. Not always, however, do
such regularities occur.

Table 18
Dllutlon l L x 102 ' « ’ ky k,,
2 l 750 | 0234 | 0129
4 808 | 0312 | 0125 0-0577
857 0393 | 0128 0-0603
9-23 0481 | 0124 0-0583
40 998 | 0605 t .. 0-0607

As to tho gcncral validity of the idea. underlying the
theory of dual catalysis there can be no doubt, but it is by
* Chandler and Acree, Z. physikal. Chem., 91, 607, (1916).
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Table 19
 Roaction | k| &k,
CH,I +C,H,0OLi i 0137 | 0039
CH,I+C,HONa | 0128 ; 0-059
CH,I+C,H,0K [ 0126 | 0069

no means clear whether the results quoted here can be
regarded as real evidence in its favour. All the calculations
referred to are based on the assumption that the degree of
ionization can be evaluated from the equivalent conduc-
tivities by means of the simple equation « = A, [A,. This
relation, as is now well known, is true only in rare cases—
a fact which is in no way altered by the circumstance that
the Ostwald dilution law appears to hold “or the dissociation
of sodium alkylates. Metallic derivatives of the alcohols are
strong electrolytes, for which the expression
AO_AH
A AVNC

holds good.* (' is the concentration of electrolyte, and 4 is a
constant dependent upon the electrical properties of the ions
and the medium. Hence, what has really been demonstrated
from the kinetic measurements described is that

Au A
kobs - km+K(—)(ki I"m)

AO—An . ki—knhs

o AO N ki“km |
The alkylates behaving as strong electrolytes, we may
write
Yo ki_‘knhﬁ
A0 = ki—km
or kovs = ki+-k'VC

in which ¥ = (k,—k)A4. Since the Onsager expression is
valid at high dilution only, it is only in this region that
proportionality should be observable between k,,, and vC.

* Unpublished work carried out by Mr. O. L. Hughes.
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There are not sufficient data to test this adequately, but
there are distinct tendencies towards linearity in the curves
found by plotting the data of Hecht and Acree in this way.
Superficially, therefore, it would appear that the dilution
effect in these cases might be attributed entirely to changes
in the ionic environment, but the fact that £’ is negative
rules out this possibility. The dual theory still holds the
field, therefore, as the most reasonable explanation of the
dilution effect in these reactions, but recalculations based
upon more reliable values of « are needed to consolidate
its position.

Composite Velocity Coefficients.

The rates of many reactions in aqueous solution are
sensitive to hydrogen ions and to hydroxyl ions and the
observed velocity at any given temperature can be repre-
sented by an equation of the type

kovs = ko+ky il H']+ky f{ OH].
This is best understood by regarding the change as the sum
of three simultaneous reactions, viz. a spontaneous change,

or a change depending upon undissociated molecules of the
solvent, and two ionic catalyses. The Arrhenius critical
increment determined by the relation B, = RTqu—gqlf"b“ in
such a case is meaningless. The peculiarities of these re-
actions are not known until the nature of f; and f, has
been established, and %, k;, and %, have been evaluated
separately at various temperatures. A simple instance of
multiple catalysis may conveniently be dealt with at this
stage but the general treatment is given in Chapter VIIL.
The hydration of acetic anhydride in aqueous solution is
kinetically unimolecular, and has been examined by various

investigators.* The unimolecular constant has been found

* Rivett and Sidgwick, T'rans. Chem. Soc., 97, 732, 1677, (1910); Orton
and Jones, tbid., 101, 1708, (1912); Verkade, Rec. trav. chtm. Pays-bas, 35,
79, 299, (1915); Jowett, Thests, Liverpool, (1923).
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by Jowett to increase with the dilution. 1f ¢ is the con-
centration of anhydride,

Eono(at 25° C.) = 0-002584 (1—0-02857c)
kope (at 0-5° C.) = 0-0004804 (1—0-2935¢).

Combining these results the kinetics of the net reaction
corresponding to infinite dilution are

Fgpy = 25 X 10Pg=10800IKT,

Values of £ found from the data of the other workers are
11,600 (R. and S.), 10,100 (O. and J.) and 10,600 (V.). The
observed critical increments for the hydration of the
anhydrides of propionic acid, butyric acid, and iso-butyric
acid are 10,800, 10,600, and 10,400 calories respectively
(Verkade). The average valuc of 10,650 holds for the homo-
logous series, a fact which suggests that the changes are
bimolecular, the approximately constant concentration of
water furnishing pseudo-unimolecular conditions. Direct
proof has been afforded by the work of Philip* upon the
velocity of reaction in acetone solution. Reproduction of
results is naturally difficult, but with equal concentrations
of water and acetic anhydride, the following very approxi-
mate relation holds: k,; = 1091800027 Jowett finds that
when the anhydride is hydrated in aqueous solution the
displacement of water by sucrose causes k,, to fall, the
ratio k,,,/[H,O] remaining constant. This again points to
a reaction of the second order. We are thus fully justified
upon experimental grounds in expressing the velocity of the
reaction in aqueous solution as

—d[(CH3CO),0]
dt

= {k.[Hy0]+ku[H30"]+Kou[ OH-])[(CH;C0),0].
In the presence of acids [H,0] is constant and [OH-] is

* Trans. Chem. Soc., 28, 259, (1912).
4018 P
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negligibly small, hence
b _dICHC0L0] 1

obs ™ dat [(CH3CO),0]

This equation has been verified by Jowett, who finds
ks (at 0+5° C.) = 0-000425+-0-000505[ HCI]
kopns (at 25:0° C.) = 0-00215+-0-00695[HCI].

By calculating the critical increments separately for &;, and

— I, 4k [H;0*].

kawefind g 3,615 101 1msolnr,

i.e. within a factor of 8 the velocity agrees with the theoreti-
cal value calculated on the simple collision theory. The true
critical increment for the reaction between acetic anhydride
and undissociated water molecules, obtained by a method
which will be explained later, becomes 15,100 calories which
is equal within the limit of error to £ for the bimolecular
reaction in acetone solution.

As far as this reaction goes, the analysis of the experi-
mental results has revealed a catalytic reaction with normal
velocity, as well as a bimolecular reaction between acetic
anhydride and water molecules which in two solvents pro-
ceeds at a rate lower than the calculated value by several
powers of ten. The discrepancy factor is similar to that
found in non-aqueous solvents for other reactions shortly
to be discussed.

The hydration of acetic anhydride has been dealt with
rather fully in order to illustrate the method of analysing
results. Among other examples which lend themselves to
the same treatment are the mutarotation of glucose (p. 232)
and the decomposition of carboxylic acids (p. 224).

Slow Reactions.

The study of the combination of amines and alkyl halides
has played a prominent part in the development of our views
upon the subject of reaction kinetics in general.

(CoH,)sN-+C,H,I — (CyHy),NI.
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Menschutkin* measured the velocity of the formation of
tetraethyl-ammonium iodide in a number of solvents at
100° C. and found the medium to have a profound influence
upon it. The relative values of the constants obtained
(Table 20) show that the reaction is always faster in an
aromatic solvent than in the corresponding aliphatic solvent.

Table 20
Solvent . Relutlve K
Hexane 013
Heptane 0-17
Hydrocarbons Xyleno 2.9
Benzene 2.4
Propy!l chloride i 40
Halogen Derivatives {thorobenzeno t 174
Bromobenzene 20-3
Bromoxmpht}m.lmm X 849
Kthyl-iso-amyl ether | 0-47
Diethyl ether : 0-57
Ethers { Phenetolo \ 16:0
Anisole : 303
Iso-butyl acetate i 43
Esters {Ethyl acetate : 167
Ethyl benzoate \ 19-4
Iso-butyl alcohol ! 19-4
Ethyl alcohol ; 27-4
Alcohols Allyl alcohol f 325
Methyl alcohol i 38-0
Benzyl alcohol 1000
Acetone ‘ 457
Ketoneq . . Acetophenono . 97-3

The slow bolvcnts are the hydrocarbom and (*th( rs; the
‘fast’ solvents are the alcohols and ketones. The positive
catalytic influence of the solvent thus runs roughly parallel
with its general chemical reactivity—a result which Men-
schutkin interprets by classifying the solvent influence
among specific chemical effects. Apparently, therefore, one
or both of the reactant molecules can combine in one way
or another with the solvents in varying degrees: the union
between solute and solvent is least in the case of aliphatic

* 7. physikal. Chem., 6, 41, (1890),
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hydrocarbons and greatest in the case of aromatic alcohols.
It may be mentioned that the same order of solvent activity
has been found for some unimolecular reactions, e.g. the
isomerization of camphene hydrochloride,* the decomposi-
tion of xanthogenic acid, and the decomposition of trinitro-
benzoic acid.}

The temperature coefficients of Menschutkin’s reaction
have only recently been determined, but values of E for
kindred changes have long been known and were used by
Christiansen§ in the calculations to which reference has
already been made. To explain the great disparity between
the observed constants and those given by the equation of
Lewis, Christiansen suggested that solvent molecules rob
the reactants of their critical energy in de-activating col-
lisions. Norrish and Smith|| endorsed this view, after an
investigation of the reactions between trimethylamine and
o- and p-nitrobenzyl-chloride in benzene solution, and a
review of the results of Cox**

NO,.CgH,. CH,Cl-+(CHg)sN — NO,. CgH,. CHpN(CHy)sCl
and of Hawkinstt upon the kinetics of two similar reactions
in various solvents:

C¢H,NH,+p-Br.CgH,.CO.CH,4
— CgH,;.NH.C;H,.CO.CH;, HBr.
C;H,N-+-C;H;Br — C;H;N(C;H;)Br.
The ratio (observed velocity: calculated velocity) was found
to be greater with polar solvents than with non-polar
solvents.

From the results of the experiments which have been
described in Chapter IT1 it is known that carbon tetrachloride
usually behaves as an ideal, inert solvent. It is therefore
a matter of interest to know the velocity of Menschutkin’s

* Meerwein and Montfort, Annalen, 435, 207, (1925).

+ von Halban and Kirsch, Z. physikal. Chem., 82, 325, (1913).

1 Moelwyn-Hughes and Hinshelwood, Proc. Roy. Soc., A, 113, 186, (1931).
§ Z. physikal. Chem., 113, 35, (1924). || Trans. Chem. Soc., 129, (1928).
** Ibid., 119, 142, (1921). +t Ibid., 121, 1170, (1922).
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reaction in this solvent. Experiments showed that the
reaction proceeds in carbon tetrachloride at a rate which is
not very different from that in the aliphatic hydrocarbons.
In Table 20, CCl, takes its place between heptane and xylene
among the slow solvents. This suggests that the slow rates
are the normal ones, and that the solvents in which the
reaction is fast exert a positively catalytic influence.* From
the temperature coefficient of the velocity constant in
hexane, which is an even better solvent for this reaction
than carbon tetrachloride, it was shown that there is still
a disparity of 108 between the observed rate and the cal-
culated rate for the hypothetical gaseous reaction. In order
to determine whether this is in reality due to deactivation
by solvent molecules, the velocity of reaction was measured
in the gaseous phase, where, even in spite of catalysis by
the wall of the vessel, k is only about 5 times as great as
in hexane, and is actually less than the value found in
carbon tetrachloride.

It is therefore clear that whatever the cause of the slowness
of the reaction may be it is not due to deactivation by solvent
molecules since the observed rate in the vapour phase and
in two inert solvents are of the same order of magnitude.
Now the type of reaction under discussion (A+B— AB)
involves the formation of one molecule of resultant from two
molecules of reactant and is of a kind that may require
a triple collision before activation becomes effective (cf.
combination of hydrogen atoms, Chap. V). Lest the great
divergence between the observed rate and that calculated
from the simple theory should be due to a special collisional
restriction of this kind, the kinetics of a bimolecular reaction
of the type A+B — C+D were examined.

Velocity constants for the following reaction in various
solvents at single temperatures have long been known,f

* Moelwyn-Hughes and Hinshelwood, wbid., 230, (1932).
+ Menschutkin, Z. physikal. Chem., 1, 611, (1887); Soper and Williams,
Trans. Chem. Soc., 2297, (1931).
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but the temperature effect has only recently been studied:
(CH3C0),0+C,H;0H — CH3COOC,H;+CHzCOOH.

With two inert solvents, the following results hold:

In hexane, k = 9-16x 10%e 124007
In carbon tetrachloride, k = 4:14 x 105¢=13:400/RT

The reaction, therefore, like the previous one is abnormally
slow, but the slowness cannot be due to deactivation by
solvent molecules for the velocity of this reaction also in
the gaseous phase is of the same order of magnitude as that
in the two inert solvents.*

To attempt to discover the cause of the tardiness of these
reactions is a difficult matter, and at the present stage must
be rather speculative. Nevertheless, some of the possibilities
may be briefly discussed.

If, as it appears possible in the reactions studied by
von Hartel and Polanyi, by Kistiakowsky and Nelles, and
by Vaughan, the activated molecules can react only when
they are in a suitable internal phase at the moment of
collision, the discrepancy can be readily explained. Suppose
reaction can set in only when one of the vibrating atoms is
at the extremity of its swing, the calculated velocity of
reaction as given by the equation of Lewis must be reduced
by a factor which is proportional to the frequency of the
internal vibration. This view has much to commend it.
The main objection to it is that since the phase factor is
an inherent function of the reacting molecule, it might be
expected to change but little due to the presence of inert
solvent molecules. Actually, however, the kinetics of these
reactions show considerable variation in the different sol-
vents, especially in the values of the apparent energy of
activation.

The word apparent recalls the assumption underlying all
the previous calculations that the Arrhenius critical incre-

* Moelwyn-Hughes and Hinshelwood, loc. cit.
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ment is the true energy of activation. The results in Table 21
cast some doubt upon the truth of this. The data have been

Table 21

Reactions showing Disparity between Observed and Calculated Rates

L Rere
i Ob Calcu-
sorved latod Keateutated
Reaction Solvent E x10% | X107 | Eoneerved
(CiHp)N+C;H,Br | CoH, 1,190 | 128 | 230 1-9% 100
CeHyN(CH,)+CH,I | C,H,CI, 1,680 | 454 | 031 | 21x107
(C;Hy)oN +C,H,Br (CH,),CO 1,710 1 175 [ 108 8-2x 107
p-HONH, +HeCl' | 9969 C,H,OH | 11,860 |  9-80 | 361 | 3-7x 107
00, )
(C;Hy),;N+C,H,Br 50% (CHICOV | 1y 000 | 897 | 655 | 7:8x107
509, C,H,
809 (CH,),CO .
(CaHy);N + C,H,Br {2045 &J‘Ii)‘ } 12,100 | 160 | 597 | 37x107

(C,H;)oN -+ C,H,Br

20% (CH’)*W} 12,180 | 492 | 530 | L1x108

80% CeH,

CeHN(CH,),4-CH,L | CgHNO, 13,020 6:65 | 124 19 £ 107
CyH4N 4 CH,I C,H,Cl, 13,220 | 182 904 | 50x10°
CeH;NH,+ H¢Cl 99:6% C,H,OH 13,450 | 138 325 | 24108
CS(NH,),+CH,l (CH,),CO 13,620 | 383 445 | 1-2x10°
CeHgN(CH,),+ CyH L | (CH,),CO 13,680 311 481 | 1:6x 107
CgH(N(CH,),+CH,l | CeH,CH,0H 14,400 | 250 1:50 | 6-:0x 104
CS(NH,),+C,H,L C,H,0H 14,620 | 143 0973 | 6-8% 10*
CeH;NH,+p-NO4Cl | 99-6%, C,H,0H 14,680 577 0-548 | 9-5x 10°
(CH,),NH 4 C,H,I C,H,OH 14,740 | 275 1110 | 4-0x 10
(iso CgHy)yN +CyH I | C,H,0H 115,190 | 180 | 0-577 | 3-2x10¢
p-H$NH,+H4Cl 99-6% C,H,0H | 16,050 | 25:2 | 0083 | 2:5x10¢
1 ¢ = —CgH,CH;— or —CH,C,H,—.

gathered from the work of Hawkins,* Hemptinne and
Bekaert,T Essex and Gelormini,} Byrne,§ and Preston and
Jones.|| A slightly inaccurate collision formula has been
used in calculating the theoretical rates,** but this is of no
importance. Considering these results broadly, it is seen that
rates which for normal reactions would be associated with
an energy of activation of about 22,000 calories are here
related to reactions which in all cases have values well

* Loc. cit.

t Z. physikal. Chem., 28, 225, (1899).

1t J. Amer. Chem., Soc., 48, 882, (1926).

§ Thesis, Liverpool, (1924).

|| Trans. Chem. Soc., 101, 1930, (1912).

** Moelwyn-Hughes, Chemical Reviews, 10, 241, (1932).
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below that figure. Furthermore, divergence between the
experimental and theoretical k’s diminishes steadily as the
observed value of ¥ increases, finally disappearing as ¥
approaches that quantity (22,000 calories) which charac-
terizes normal reactions proceeding with this rate. The
observed critical increments thus appear to be false, in the
sense that—by some unknown mechanism—they have been
depressed from the normal values.

The problem now resolves itself into tracing a cause which
will explain the low value of both the £ and Z terms of the
Arrhenius equation.

Suppose one of the reactants combines with the solvent,
and that chemical change takes place due to collisions of
the complex AS with the solvent.

—> . — '[AE] .
ArSeAS B = sy

AS+B — Products.
The theoretical rate should thus be
kK AS][B] = kK[S][4][B] = kK'[4][B].
The experimental rate is simply k,,[4][B] hence
kops = kK' = Z, e ZdBT o= QIRT |

where K, is the critical increment of the bimolecular process,
and @ is the heat absorbed during the formation of the
complex. Since kg, = Z,y, e~ “»/ET it follows that
_(EQ
Z gy € Boml BT = Z We \ BT J,

If E, is greater than E,,,, @ must be negative, i.e. the com-
plex would have to be formed exothermically. The objection
to interpretations of this kind in general is that they elude
the practical test. In this particular case, there is also the
drawback that the chemically inert solvent should produce
more stable complexes than the active solvents.

There is another interpretation of the phenomena under
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discussion which is also able to explain the simultaneous
lowering of both Z and E, and has the advantage of being
verifiable experimentally. Consider the reaction

(CH;3C0),0+C,H;0H — CH;COOC.H;+CH;COOH.

We have seen that in carbon tetrachloride solution and in
hexane solution, only about 1 in 10® of the activating
collisions is fruitful. Suppose the reaction can only take
place when one of the molecules is ionized, e.g.
(CH,3C0),0+C,H;0~ — CH3;COOC,H;+CH;COO0".

The observed velocity would then be low because the number
of ions in solution is small. The examples quoted in Table 2
are largely ionic: it is known, for example, that sodium
derivatives of the alcohols are all highly dissociated in
alcoholic solution. This interpretation is consistent with
the general trend of recent work, and promises to justify
further investigation. The idea, of course, is not novel.*
The first requirement is a knowledge of the very small
dissociation constants of substances such as ethyl alcohol
in inert solvents. This is seldom available. An attempt
at explaining quantitatively the disparity with which we
are dealing may be described here.

The above esterification reaction in ethyl alcohol as sol-
vent is unimolecular with respect to the anhydride, the velo-
city constant at nine temperatures leading to the cquation
kyy = 4+4x 108~ 1879ET 4 Tf reaction occurs between neutral
molecules of solute and solvent, we must introduce a correc-
tion (p. 159) which makes E equal to 21,210 calories. The
number of alcohol molecules encountered per second by each
molecule of anhydride is 3;7%0 (Chap. I, equation 7), which
is 1-2x 1018 at 50-5° C. The fraction of this number which
is effective is e F/RT = 4.3x10715, hence the calculated

* Briihl, Berichte, 32, 2326, (1899); Euler, Z. physikal Chem., 32, 348,
(1900).
t Moelwyn-Hughes and Rolfe, Trans. Chem. Soc., 241, (1932).
4018
Q
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unimolecular constant is 51 x10~2, which is 630 times lower
than the observed value. Now if reaction occurs between
acetic anhydride molecules and ethoxide ions, we have

_ d[(CH,C0),0] 1

by = di [(CH3CO),0][C.H;0"]

= ___kuzlL«
[CH,07)
Macfarlane and Hartley,* from measurements of the poten-
tial of the hydrogen electrode in ethyl alcohol, give the
dissociation constant at 25°C. as K = [C,H;O"][H*] =
1-9x10-%. Tt has not been possible to find how this varies
with temperature, but we can take the heat of dissociation
to be approximately equal to the heat of neutralization of
strong acids with sodium methoxide, which is 11,200
calories. From these two data, we can estimate the con-
centration of ethoxide ion in ethyl alcohol at any tempera-
ture; [C,H;0-] =K =>575x10"8"5%0RT At 50-5° C.,
by = 8:1x1075 secs.”1, and [C,H;0"] ="7-3x107% gram
ion per litre, hence k,; = 1-1x10%5, In order to calculate
the theoretical rate for the bimolecular process, we use the
equation of Lewis, as before, inserting the value of £ found
in the following way:

kbl = km/[CzH5O—] = kumXK_}
Ink, =Ink,,—3 InK.

Differentiating with respect to temperatures, and multiply-
ing each term by RT%, we have

Ebi = E\ml""%Q
= 18,800—5,600 = 13,200 calories.
Upon this basis, the calculated rate at 50-5° C. becomes

2:15x102, i.e. 520 times less than the observed value. The
result, although approximate, is qualitatively correct. The

* Phil. Mag., 13, 425, (1932).
T Wolfenden, Jackson, and Hartley, J. Physical Chem., 31, 850, (1927).
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observed rate therefore lies between the theoretical values
calculated upon the assumption that the reaction is either

(1) (CH4CO),0+C,H;0H — CH;.COOC,H;+CH;.COOH
or

(2) (CH3CO),0+C,H;0~ — CH3.COOC,H;+CHj;.COO-.
The importance of this is that it proves the correction which
is possible upon the ionization theory to be of the right order
of magnitude to account for the very large discrepancy.
Since the heats of dissociation are functions of the solvent,
we have also a ready explanation of the variation in the
Arrhenius critical increment for a given reaction in various
media.

It may be significant that the two outstanding instances
of slow reactions are highly exothermic, the heat evolved
being not very different from the energy of activation:

Reaction

S<_)lrv0nbu|w B ] L Q
(CH,),NC,H, +CH,I | C,H,NO, | 13,020 15,000%
(CH,C0),0 +H,0 H,0 10,6001 | 9,400}

The transition of activated molecules into normal ones in
such cases may conceivably be linked with quantum-
mechanical restrictions.

Discussion.

The existence of a large number of bimolecular reactions
proceeding in solution with normal velocities has now been
placed beyond doubt. Special value attaches to the con-
version of ammonium cyanate into urea and to the hydro-
lysis of phthalide, for these examples show the agreement to
be not confined to the etherification reaction. The develop-
ment of the subject at this stage calls for the examination
of a large variety of chemical changes. From the results
at present available the following observations emerge.

Most of the reactions with normal velocities (Table 2)

* Essex and Gelormini, J. Amer. Chem. Soc., 48, 882, (1926).
t Verkade, Rec. trav. chim. Pays-bas, 33, 299, (1915).
1 Thomsen, Thermochemistry, p. 373, (1908).
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seem to occur between ions and neutral molecules. The
simple reactions of inorganic chemistry, which take place
between oppositely charged ions,* are extremely rapid or
even instantaneous, whereas many of the reactions undergone
by complex organic molecules are extremely slow. Regarded
from the kinetic standpoint, there appear to be three classes
of bimolecular reactions, typified by the following examples:

(1) NaOH+HI — H,0+Nal, in aqueous solution; rate
is instantaneous (¥ = 0).

(2) NaOC,H;+C,H;I — (C,H;),0+Nal, in alcoholic solu-
tion ; rate equals that predicted by theory.

(3) (CoHg)sN+CoH,I — (CoHj)4NI, in most solvents; rate
is much lower than that given by theory.

Reaction (1) is simple, in that the ions OH~ and H;O+ have
simply to find each other out, when their electrical charges
are sufficient to ensure permanency of combination. The
rate of reaction (2) depends upon encounters between
ethoxide ion C,H;O~ and ethyl iodide, but a covalent bond
in the molecule must be loosened or broken by the acquisi-
tion of energy before chemical change can take place. It is
therefore possible that the slowness of reaction (3) may be
due to the fact that neither reactant is appreciably ionized.
The difference in the velocities cannot be attributed to the
solvent, and must be a function of the reacting molecules.
Denoting a charged molecule by A” or B?, and an uncharged
molecule by 4° or B, we may write:

(1) A%+B-% — instantaneous reaction, provided the com-

pound formed is electrovalent.

(2) A%+B+% — normal velocity.

(3) A°+B® — abnormally slow velocity.
An electrostatic field thus appears to be necessary for the

* We are here thinking of ¢rue ionic reactions, i.e. the formation of an
ion-pair (Chap. VII). Reaction (1) is retained in the text in order to clarify
the argument, although it is not a true ionic change, since a covalent link is
formed.
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transformations undergone by organic molecules in solution,
and can suitably be furnished by the presence of ions. The
general argument in favour of this hypothesis gains support
from the following two facts. The reaction between acetic
anhydride and water is abnormally slow, but that between
the anhydride and hydrogen ion has the normal value
(p. 106). The tardiness of the esterification reaction in
organic solvents can be accounted for by introducing the
idea of ionization (p. 114).

The Attempted Correlation of Velocity Constants with Certain

Physical Properties.

The search is being actively carried out for signs that
bimolecular velocity constants may be linked in a simple
manner with one or other of the physical properties of either
the reactants or the solvents.

(1) Dielectric Constants. There is a growing belief that the
dipole moments of molecules may influence the velocity
with which they undergo chemical change, but there is as
yet no evidence for this, nor in fact any very clear picture
of the mechanism whereby such an effect may be exerted.
There are well-known influences which certain groups in the
benzene nucleus can exert on the position at which other
groups may become attached. It has been shown* that
groups which direct ortho and para substitution cause a
drift of electrons into the benzene ring: a group which
induces substitution into the meta position attracts the
electrons away from the ring. The electrical asymmetry of
the reacting molecules is thus definitely linked with the seat
of reaction, but no comparisons have been made between
the velocity of the substitution reactions and the extent of
polarization.

The reverse state of affairs has been examined by W.
Hiickel,} who considers how the dipole moment may be
connected with the velocity of intramolecular change. The

* Sutton, Proc. Roy. Soc., A, 133, 668, (1932).
t Leipziger Vortrige, p. 83, (1925).



118 BIMOLECULAR REACTIONS

velocity of ionization of a simple dipole may be considered
proportional to e #/ET, where E;, the heat of ionization,

2
in the simplest case would be 18)7; r is the nuclear separation,

and D the dielectric constant. Therate of reactionshould then
be greatest in the solvent with the high dielectric constant.
The velocity constants found by Meerwein and Emster* for
the isomerization of camphene hydrochloride are quoted in
support of the contention. A parallelism is indeed found but
this can be interpreted in many other ways, none of which
can be of real value until the temperature coefficient has been
ascertained. It is open to question whether D for the solvent
is the right value to use.

The velocity of formation of tetraethylammonium iodide
runs roughly parallel with the dielectric constant of the
solvent.t The same regularity has been found to hold for
numerous keto-enol transformations and the reverse pro-
cesses,] and seems to be fairly general. Singularly enough,
when £ does not increase with D, exactly the inverse order
is found, i.e. for a series of solvents, k occasionally has the
same order as 1/D. This is true in the case of Dimroth’s
triazole reaction, where £ in chloroform (D = 4-95) is about
10* times as great as in water (D = 81-7). The most sceptical
comment which these results can evoke is that other physical
properties of the solvents arrange themselves in a similar
order, making possible a variety of interpretations. On the
other hand, it is not unreasonable to discern in these
regularities evidence that ionization is a factor of the utmost
importance in the kinetics of reactions in solution. It is
perhaps necessary to point out that the dielectric properties
of the medium may influence both the rate of dissociation
of the solute dipole and the extent of dissociation. The
second effect is clearly the more important.

* Berichte, 53, 1815, (1920); 55, 2500, (1922).
+ Table 20 ; also Grimm, Ruf,and Wolff, Z. physikal. Chem., B,12,301,(1931).
} Stobbe, Annalen, 326, 359, (1903).
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(2) Cohesion. Soper and Williams* note that solvents
which accelerate the esterification of acetic anhydride retard
the formation of quaternary ammonium salts. They suggest
that polar solvents accelerate reactions producing polar
products and have the opposite effect when the resultants
are less polar than the reactants. The idea is based upon
parallelisms between molecular surface energies and velocities
determined at single temperatures. The authors have also
suggested that slow reactions are those characterized by
marked polar differences between reactants and resultants.

(3) Viscosity. There have been varying views concerning
the possible role played by the viscosity of the medium in
determining the rate of bimolecular reactions: viscous sol-
vents have been held to accelerate, to retard, and to have no
influence upon the number of binary collisions.t Provided
we distinguish clearly between solute-solute collisions and
solute-solvent collisions, the answer is unambiguous. The
frequency of encounters between molecules of solute cannot
be seriously influenced by the viscosity of the medium,
whereas the number of collisions between molecules of
solvent and molecules of solute is definitely increased by
an increase in the viscosity of the solvent. The reason for
this has already been given (Chap. I).

Olander} has developed a theory of bimolecular reactions
in solution, according to which the collision frequency
between dissolved molecules is inversely proportional to the
viscosity. The equation deduced makes the number of
encounters independent of the masses of the colliding mole-
cules, and is dimensionally incorrect.

* Trans. Chem. Soc., 2297, (1931).

t Moran and Lewis, Trans. Chem. Soc., 121, 1613, (1922); Scatchard,
J. Amer. Chem. Soc., 45, 15680, (1923); Jowett, Phil. Mag., 8, 1059, (1929).

1 Z. physikal. Chem., A, 144, 118, (1929).
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THERMODYNAMICS, while unable to contribute anything to
our knowledge of the speed with which a system approaches
its most stable state, yields almost complete information
about the stable or equilibrium condition thus attained.
For the homogeneous system

ky
my A+my B kznlO—i-nzD

the inter-relation between the concentrations of the parti-
cipating species at the equilibrium point is given by a well-
known theorem as X [CTx[D]™ .

[} <[B]" M
where K, the equilibrium constant, is independent of the
relative amounts of the reactants and is determined solely
by the temperature. The harmony with data for gaseous
systems is too familiar a matter to require comment. The
deduction of this expression is based on the assumption that
each molecular constituent behaves as an ideal gas, so that
its extension to cover cases of equilibria in solution must on
theoretical grounds be strictly relegated to the region of
high dilution. It is an experimental fact that this equation
represents satisfactorily the equilibrium conditions in the
majority of cases which have been examined in solution,
whether the equilibria refer to ionization, polymerization, or
chemical decomposition in the ordinary sense. The ex-
pression holds for a large variety of solvents, and, in the
form of the distribution law, for equilibria in systems con-
taining two solvents. Even when the reacting species are
themselves pure liquids, the expression is sometimes obeyed,
due to the proportionality between the concentrations of
the pure liquids and the partial vapour pressures of the
constituents in the gaseous phase.
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A genuine shift in the position of equilibrium indicates
that the velocity of either or of both of the opposing re-
actions has changed, and thus denotes catalysis by the
solvent.

The Velocities of Reaction at the Equilibrium Stage.

When equilibrium has been established, the number of
molecules of Aand B disappearing per unit time (k[A4]™[B]™)
must be equal to the number of these molecules re-formed
(k[C]™[D]™) by the opposing reaction, so that

K = o (2)

The relative velocities of the two reactions may thus be
determined from purely thermodynamic data.

This equation has been verified in a number of instances.
From static measurements, the equilibrium constant for the
system

[H'][NO; J[NOJ?
3HNO, +> % S H +NO; +2NO+H,0, K = (HNO* *

has been found to diminish with an increase in dilution,
reaching a limiting value of 29* or 31} in aqueous solution
at 25° C. The kinetic expressions for the direct and reverse
reactions are:

~ABIO] ~ hHNO,NOF:
+ ENO] _ 1 [HNO, )1 NO5),

The ratio (ki/ky) of the two velocity constants similarly
changes with the dilution, the extrapolated value being
about 35.}

* Abel and Schmid, Z. physikal. Chem., 132, 56, (1928); 134, 279, (1928);
136, 430, (1928).

t Q. N. Lewis and Randall, Thermodynamics, p. 564, (1923).

t Abel, Schmid and Babab, Z. physikal. Chem., 136, 135, 419, (1928);
Abel, Redlich and Lengyel, ibid., 132, 189, (1928).
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Another example is afforded by the work of Roebuck*,
Bray,T and Liebhafsky} on the following equilibrium :

k
H,As04+1;5 +H,0 ‘? H,AsO,+2H*+3I-.

2
At 0° C., ky/ky = 0-15, and K = 0-16. The agreement is as
close as the omission of any correction for salt effects will
allow. The influence of a varying ionic environment on the
equilibrium constant will be discussed in Chapter VIL.

Equation (2) is useful in evaluating the rates of reactions

which proceed either too slowly or too rapidly, or are in
other respects too difficult, to be measured directly.
Apparent exceptions to its applicability may be traced to
an inaccurate application or to false equilibrium conditions
For example, the static analysis of the system

CH,Br

CH,NH,, HBr

gave an ‘equilibrium constant’ which could not be repro-
duced by heating the system and reverting to the original
temperature. The disparity between dynamic and static
measurements previously believed to exist§ is thus not
real.||
From the ionic product of water at 25° C. we can say that

the ions recombine about 4x10%° times as fast as the water
molecules dissociate, although the absolute speed of either
change is not known. Statistical equilibrium is maintained
between a small number of hydrogen and hydroxyl ions
combining very rapidly and a large number of water mole-
cules dissociating relatively slowly. If we ascribe an average
lifetime of about 10~13 second to the activated water mole-
cules, it is seen that the rate of combination of the ions is
immeasurably rapid. True ionic equilibria are, in fact,

* J. Physical Chem., 6, 365, (1902).

t Ibid., 9, 578, (1905). 1 Ibid., 35, 1648, (1931).

§ Freundlich and Neumann, Z. physikal. Chem., 87, 69, (1914).
|| Freundlich and Kroepelin, <bid., 122, 39, (1926).

CH,
tNaOH = (I)H2>NH, HBr+NaBr4H,0
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established almost instantaneously. Metallic salts, inorganic
acids, and bases, formed by the union of oppositely charged
ions, are held together by purely electrostatic forces. As
already indicated, no critical energy is required to render
these ionic encounters effective, so that the velocity of
combination is determined by the spced with which the
ions approach one another.
The equilibrium constant K for the system

(C,H,),S +C,H,Br = (C,H,);SBr

in benzyl alcohol solution at 80° C. is K == [AB]/[A][B] ~1-64
litres per gram molecule.* The unimolecular velocity con-
stant k, for the decomposition of tricthylsulphonium bromide
Corran finds to be 1-48x107% seconds™t, in excellent agree-
ment with von Halban’s value of 1-:50x10-%.1 1t follows
that the bimolecular constant k, for the combination
reaction is 2:44 x 10~ litres/gram molecule-second.

The Relation between Critical Increments and Heat of
Reaction. '
The van’t Hoff isochore cxpresses the variation with
temperature of the equilibrium constant as a function of the
decrease (4 U) in the total internal energy of the system:

dinK U .
dar = TR )
The range of temperature to which the investigation of
equilibria in solution has hitherto been confined is sufficiently
limited to allow us to regard U as being sensibly constant,
and equal to the heat (@) absorbed by the reaction at con-

stant volume, hence,

_ Q
InK = const.—RT.

* Corran, Trans. Faraday Soc., 23, 605, (1927).

t Z. physikal. Chem., 67, 129, (1909).

1 I have here corrected an error which appeared in my previous calculations
(Chemical Reviews, 10, 241, (1932)).
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Let us call the constant In W, so that
K = We 9ET, (4)
By means of equation (2) we may write
~FEy\/RT
K= ilz_; = g:g—lZ’JR'T = % e~ (1—EDIRT
whence it follows that

Q= E,—E, (5)
and = g—; (6)

We will deal in the first place with equation (5), which
simply states that the heat of reaction is the difference
between the Arrhenius critical increments (not necessarily
the energies of activation) of the two opposing reactions.
The relation has received inadequate verification.* The
nearest approach to a fair test which appears available
refers to the equilibrium between ammonium cyanate and
urea in aqueous solution. We have seen that Walker and
Hambly’s value for the critical increment of the reaction
NH,CNO — (NH,),CO is 23,200 calories.f The heat ab-
sorbed during this change, as measured calorimetrically} is
7,500 calories, leading us to expect for the reverse reaction
a critical increment of 30,700 calories. From Burrow’s and
Fawsitt’s velocity constants§ for the decomposition of urea

* Hermans (Z. physikal. Chem., 113, 337, (1924) ) has examined the equili-
bria in acetone-water mixtures of certain diols and acetone on the one hand
and the corresponding condensation products and water on the other hand.
It would appear at first that the results corroborate completely the conditions
predicted by equation (5), for the tabulated values of (E,— E,) are in excellent
agreement with the values of @ determined from the variation of K with
temperature. On closer inspection, however, it will be appreciated that this
is but an arithmetical necessity consequent upon the form of the velocity
constant expressions employed. Both reactions are catalysed pseudo-uni-
molecular changes, the observed unimolecular constant being the sum (k;+k,)
of the velocity coefficients for the direct and reverse reactions. To evaluate
these separately, it becomes necessary to assume that K = k,/k,. The intro-
duction of this assumption ensures that @ = E,—E, in the final result.

t Trans. Chem. Soc., 67, 746, (1895).

1 Walker, Z. physikal. Chem., 42, 207, (1902).

§ Trans. Chem. Soc., 105, 609, (1914).
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at 61-1°, 71-3°, and 98-2° C., the observed critical increment
is found to be 31,300 calories. Unfortunately, however, this
figure refers to aqueous solutions containing 0-1 gram
molecule of hydrochloric acid per litre, which detracts
somewhat from the value of an otherwise satisfactory
agreement. The reaction is definitely not a case of catalysis,
for the rate is little affected by the addition of the acid.
Moreover, the authors give very good reasons for believing
that the chemical change the rate of which is measured is
simply the conversion of urea into ammonium cyanate. The
function of the acid is to decomposc this salt by rapid
hydrolysis into ammonia and carbon dioxide.

When a reaction procecds without any heat effect (¢ = 0),
it is seen from equation (5) that the critical increments of the
two opposing reactions must be equal. Highly symmetrical
equilibria conform to this requirement, and the relative
rates of the two reactions are found to be independent of
temperature. The equilibrium between a-glucose and Bg-
glucose in aqueous solution furnishes an example (p. 45).

When the critical increment of one of the opposing
reactions is zero, as we assume it to be in the combination
of hydrogen ion and hydroxyl ion, the observed heat of
reaction is clearly equal to the critical increment of the
second reaction. # for the following reaction

2H,0 — H;0'+0H-
is thus 13,650 calories. The reason for describing the change
in this manner is to emphasize the permanent hydration of
hydrogen ion in aqueous solution.

The Integration Constant of the van’t Hoff Isochore.

The integration of equation (3) in the simplified form
of equation (4) is justified only as an approximation within
the very narrow experimental conditions stipulated above.
Nevertheless, for our purposes the expression is sufficiently
accurate and will henceforth be used as the most con-
venient formulation of this law. In order to understand the
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significance of the term W, it will be necessary to give a
brief description of the thermodynamic method employed
for the precise integration of the van 't Hoff isochore. This
comprises the major portion of the Nernst heat theorem,
which finally leads to the expression

InK = ——{%lnT+%T+2-%T2+...— 3 vi}—}?T, (7)
in which
U, is the heat cvolved by the reaction at absolute zero,
« represents the difference between the molecular heats of
the resultants and the reactants,
B, 7,... are the temperature cocfficients of this quantity, and
S vi is the algebraic sum of the integration constants
determined from the Clapeyron equation for the
variation with temperature of the vapour pressure of

each component in the pure phase.

An idea of the magnitudes involved may best be gained by
reference to gaseous systems, for which accurate information
is available. Bodenstein’s expression* for the equilibrium
between bromine molecules and bromine atoms (Br, & 2Br),
obtained from measurements made at temperatures between
800° and 1200° absolute, and given here in terms of concen-

trations, takes the form

log K
(075 log T+4:09 L0474 4726 X 108130538}~ p'".

It will be noted that the coefficients B and y are very small,
so that at the low temperatures with which we are concerned
these may be completely ignored. Comparison of equations
(4) and (7) reveal that the term W is primarily a function of
« and 3 v, and will thus have a magnitude dependent upon
the differences between the specific heats and the chemical
constants of the resultants and the reactants. For symmetri-

* Z. Elektrochem., 22, 327, (1916).
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cal equilibria, where there is much similarity in the chemical
constitution of the reacting molecules, the quantity InW
must approximate to zero, W itself being of the order of
magnitude unity.

It happens that the simplified equation K = We *="
summarizes with quite fair accuracy the data obtained for
numerous equilibria even in gaseous systems, although, of
course, for all purposes other than the one we have in view
the more precise expression is in every way superior. A
few figures are quoted in Table 1. The magnitude of the

Table 1
Reference Equilibrium ‘ K W i Q
(1) H, = 2H [HJ?/[H,] 175X 108 | 84,670
(2) Cly = 2C1 [C1?/[Cly] [ 490 10* | 57,600
(3) Br, = 2Br Br]2/(Bry] | 278108 | 46,100
(4) I, = 2I U32/(1,) 13X 108 | 33,900
(5) N,; 40, = 2NO INOJ?/[N,][O,] | 42710t | 43,100
(6) 2NO, = 2NO+-0, | [NOJ20,]/[NO,)* | 4:54:x 108 | 29,200
(1) SbCl=SbCl,+-Cly | [SHCIICL)/ISbCL] | 189 105 | 16,320
(8) 9HI < H,+1, (H,|[L,]/(HI]? | 018 2,940

(1) Langmuir, J. Amer. Chem. Soc., 37, 417, (1915); sco also Lewis, T'rans.
Chem. Soc., 113, 471, (1918).

(2) Wohl and Kadow, Z. phystkal. Chem., 118, 460, (1925).

(3) Bodenstein, Z. Elektrochem., 22, 327, (1916).

(4) Bodenstein and Stark, ibid., 16, 961, (1910).

(5) Briner, Bauer, and Rothen, J. Chim. Phys., 23, 788, (1926); Helo. Chim.
Acta, 9, 634, (1926); T'ables Annuelles, 7, 1244, (1930).

(6) Raschig and Prahl, Z. angew. Chem., 42, 253, (1929).

(7) Braune and Tiedje, Z. anorg. Chem., 152, 39, (1928).

(8) Bodenstein, Z. physikal. Chem., 29, 295, (1899); Stegmiiller, Z. Elektro-
chem., 16, 85, (1910).

term W is evidently capable of variation within very wide
limits. The thermodynamic reason for this has already
been discussed. We must now seek the Kkinetic inter-
pretation.

Consider two reversible bimolecular reactions, the velocity
of each being given by the equation of Lewis. Since the
collision frequencies Z; and Z, must be of the same order of
magnitude, W cannot be very different from unity. These
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conditions are fulfilled by the equilibrium between hydrogen
iodide, iodine, and hydrogen. From the thermal data given
here, W is 5-5, the difference between this and the value of
nearly one found from Bodenstein’s kinetic results* being
due to experimental uncertainty. Consider in the second
place an equilibrium reached by a bimolecular process on
the one hand and a termolecular process on the other. W
now gives the relative probability of successful binary and
ternary collisions, and must be of considerable magnitude.
This is borne out by the equilibrium data for the system
2NO, == 2NO+0,, although complications are known to
exist. Let us now assume that the dissociation of the halo-
gens takes place bimolecularly, the recombination of the
atoms occurring by ternary collisions involving two atoms
and one molecule: X,+X, =>2X+X, If this is the true
mechanism, the results given in Table 1 enable us to say
that the ratio of binary to ternary collisions in these systems
is approximately 1,000: 1, which is very similar to Boden-
stein’s estimate based on a comparison of the mean free
path with the molecular diameter. As we are here dealing
mainly with the information afforded by thermodynamics
concerning the comparative probability of reverse trans-
formations, we have been content with very approximate
calculations of both binary and ternary collision frequencies,
and have ignored the fact that the former increases slightly
while the latter possibly decreases slightly with a rise in
temperature.

To return to the kinetics of reactions in solution, it may
be stated that there is in general a great similarity in the
magnitude of the term W for equilibria in gaseous systems
and in dilute solutions although the heat effects observed
in solution are naturally small in comparison with those
found for atomic processes in gases. In a few simple equili-
bria, W approximates to unity; for example, K for the
polymerization of 9-brom-10-phenanthroxyl in chloroform

* Z. physikal. Chem., 29, 295, (1899).
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solution is 1-08xe!s*/BT* The constant [I,][I7]/[15] has
the value 2:746 X ¢~ #*7"/ET calculated from the electrometric
data obtained between 15° and 60° C. by Jones and Kaplan.t
The corresponding expression for the equilibrium between
bromide ion, bromine, and tribromide ion is 0-838 x =153/ 4T {
Table 2 contains Edgar and Shiver’s data§ for the equi-
librium in aqueous solution between creatine and creatinine:
K = [creatinine]/[creatine].

e o
HN : C—N(CH,)—CH,COOH <> HN : C—N(CHj)—CH,+H,0

Table 2
t°C. | K (observed) | K (calculated)
25 0-64 0-54
50 1-02 1-02
75 1-60 1-59
100 2:83 2-89

Since the total concentration was 0-01 gram molecule per
litre the concentration of water is regarded as constant.
The calculated values of K are those given by the equation
K = 2:32x103x e #o4IRT,

Only in connexion with one class of equilibria has there
been found an inordinately high value for the term W. These
refer to the formation of quaternary ammonium salts by com-
bination of amines with alkyl or aryl halides. With dimethyl-
aniline and methyl iodide, for example, in nitrobenzene
solution, we have K = [A][B]/[AB] = 1:12x 108 x e 100/ T ||
From kinetic data the critical increment for the bimolecular
reaction is 13,020, hence £ for the decomposition reaction
should be about 28,000 calories. Values lying close to this
have in fact been found, though not for this particular

* Goldschmidt, Vogt, and Bredig, Annalen, 445, 123, (1925).

t J. Amer. Chem. Soc., 50, 1845, (1928).

} Griffith, McKeown, and Winn, Trans. Faraday Soc., 28, 101, (1932).
§ J. Amer. Chem. Soc., 47, 1179, (1925).

|| Essex and Gelormini, ibid., 48, 882, (1920).
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reaction, for a number of similar ones.* The abnormal
slowness of the combination process has, therefore, not
lessened the coherence between the kinetic and the thermo-
dynamic measurements.

Reaction Velocity and Solubility.

The dissolution of a gas, a liquid, or a solid in a solvent is
generally associated with energy changes, which may or
may not modify the critical energy required by the solute
molecules to decompose in their new surroundings. Solids
and liquids vaporize into an indifferent gas in accordance
with their vapour pressure, but when the pressure of the
inert gas is increased to values in the neighbourhood of
100 atmospheres, specific solvent action appears.t At the
enormous internal pressures which characterize the liquid
state, the effect becomes much more marked, so that even
when an inert gas like carbon dioxide dissolves in an inert
solvent like carbon tetrachloride powerful attractive forces
come into play between solute and solvent molecules, as
indicated by the quite considerable heat evolved. In this
particular example ¢ is 2,150 calories.f Since only minute
volume changes accompany the solution of small amounts
of solids and liquids, the amount of external work done may
be ignored, but varied and complicated changes in the in-
ternal energy may set in, possibly associated with material
changes such as polymerization, ionization, and solvation.
The final solubility is the resultant of all these effects. The
question with which we are concerned is how far these
influences may be said, on experimental grounds, to govern
or alter the rate of reaction in solution.

As a starting-point, we may cite certain thermodynamical
considerations advanced by van 't Hoff§ and tested experi-

* von Halban, Berichte, 41, 2417, (1908); Wedekind and Paschke, Z.
physikal. Chem., 82, 314, (1913).

1 Nernst, Theoretical Chemistry, p. 565, (1923).

t Just, Z. physikal. Chem., 37, 354, (1901).
§ Lectures on Theoretical and Physical Chemistry, 1, 221, (1898).
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mentally by Dimroth.* If the equilibrium 4 < B be estab-
lished in the gaseous phase above a given solvent wherein
both gases are soluble, we have for the constant relating to
the gaseous reaction K = p,/p ,, where p denotes the partial
pressure, and is, of course, proportional to the concentration
in the gas phase. Henry’s law connects this gaseous con-
centration (p) with the concentration (c) in solution by the
relation p = ¢/s, in which s is the solubility of the gas in
the solvent, and is usually expressed as the volume of gas
dissolved by unit volume of solvent. This experimental
equation has clearly a limited range of applicability, for
the amount of gas absorbed will increase neither linearly nor
indefinitely with increase in pressure of the supernatant gas.
For fairly low pressures and solubilities the relation holds,

hence X - Culsn I(U(SA)' (8)

Caf$.4 Sp

If, therefore, the concentrations of the solutes in any solvent
be expressed as fractions of their solubilities, the resulting
equilibrium constant should be independent of the solvent,
and numerically equal to the constant for the gaseous
reaction. The argument holds for a liquid or solid solute.
By measuring the equilibrium concentrations and the solu-
bilities of the isomeric forms of the methyl and ethyl esters
of 1-phenyl-5-aminotriazole carboxylic acid in various sol-
vents, Dimroth found K to be sensibly independent of the
solvent (Table 3).

Table 3
Methyl ester ‘ Ethyl ester

Csl%s °al4s
Solvent cplcy 85/84 C4/84 Cp/cy '{B/"A Cy /84.
(CyH;),0 217 530 0-40 20-7 84 24
C,H,OH 2:3 7-0 0-33 456 2:1 2:3
C,H,CH, 1-8 43 0-33 1-53 0-74 2-1
C.Hg 1-02 32 0-32 1-20 060 2-4
C HNO, 0-80 22 0-36 | 085 0-33 2-6
CHCl, 0-32 11 032 | 032 019 1-7

* Annalen, 377, 1217, (1910).
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The van’t Hoff-Dimroth relation has been shown to hold
also for the equilibria betwcen the tautomeric forms of
benzoyl camphor* and of ethyl acetoacetate.t It is no
doubt universally true.i The relative velocities of the two
opposing rcactions for either of the equilibria in Table 3
varies about sixtyfold when ordinary concentrations are em-
ployed. A value of K much nearer unity results with the
use of the corrected concentrations. This in itself strengthens
the case, for we have seen that the ratio of the velocity
coefficients for opposing isomeric changes must usually be
of this order of magnitude.

At this stage it will be well briefly to enumecrate the factors
which govern the solubility of solids in liquids. Saturation
may be envisaged as the attainment of equilibrium between
the vapour pressure (p) of the solid solute and the partial
pressure of the dissolved solute. When p is linearly related
to the concentration of the solute, the solution may be
regarded as normal ; the absolute value of the solubility may
be calculated directly from the molecular heat of fusion, the
temperature of the system, and the melting-point of the
solute.§ This value should be independent of the solvent,

* Dimroth and Mason, Annalen, 399, 91, (1913).

t Meyer, ibid., 380, 231, (1911).

t Meyer (Berichtc, 47, 826, (1914)) discovered quite empirically that when
two different tautomeric equilibria are established in a series of solvents, the
ratio of the two K, values is independent of the solvent.

§ If x is the vapour pressure of the solid solute, and p that of the super-
cooled solute at temperature T', the equilibrium constant for the system is
m/p. This quantity decreases exponentially with a rise in temperature and
with the heat of fusion (¢) until at the melting-point (7)) it becomes equal to

unity, so that —q = %y, (Hildebrand, Solubility, p. 35, (1924);
Sidgwick, The Electronic Theory of Valency, p. 139, (1927).)



EQUILIBRIA ' 133

and is found experimentally to be so when both solute and
solvent are non-polar (e.g. naphthalene dissolved in ben-
zene). Considering the interconversion of two solutes in any
solvent behaving in this ideal manner, s,/s; will clearly
have a value which is independent of the medium, so that
the equilibrium constant K, in all solvents will be the same.
In the particular case where both solutes possess the same
solubility, and only in this case, the equilibrium constant
measured in solution will be identical with K for the gaseous
reaction. The natural or ‘ideal’ solubility is thus seen to be
a property of the solute only. When the experimental
solubility differs from this, specific solvent effects become
observable, and the actual solubility depends on both solute
and solvent. The abnormality may be detected by noting
that the partial vapour pressure of the solute is no longer
linearly related to its concentration. Low solubilities are
attributed to a large difference in the internal pressures of
solute and solvent. Abnormally high solubilities, on the
other hand, can only be explained in terms of some kind of
combination between the two components. This conclusion
is one of great importance, and has been reached without
reference to the study of chemical kinetics.
If the term K, is replaced by & ,/k;, cquation (8) becomes
— kA S4 (
K - kB‘SB. ('))
Since K is a function of the reaction only, it is of interest to
inquire whether the terms (k,s,) and (k;s,) separately may
also be independent of the medium. There is no thermo-
dynamic reason why this should be so, but Dimroth* found
that the velocity of conversion of the enol form of the cthyl
ester of 1-phenyl-5-hydroxytriazole carboxylic acid into the
keto form is in fact nearly inversely proportional to the
solubility of the enol in a number of solvents. To a certain
extent, however, the agreement suggested by the figures in

* Loc. cit.
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column 4 (Table 4) is illusory. In order that k, may pre-
serve its dimensions (¢7!) as a unimolecular constant, it is

Table 4
kysy
k, at 10° C. 8, at 10°C. (s, in molar
Solvent (minutes-1) (grams/litre) ko84 fractions)

CH,0H 0-00053 218 0-116 4-67
C,H,OH 0-00103 97-7 0-101 5-85
CH,CH,OH 0-00110 90-0 0-099 912
(CH,4),CO 0-00527 565 0-298 21-7
CHCl, 0-0211 88 0-186 148
CH,COO0C,H; 0-0267 12-0 | 0-320 32-7
CeHNO, 0-0460 6-5 i 0-299 31-3
C,HNO, 0-0550 3-2 | 0176 | 14-4

necessary to express the solubility as a molar fraction, i.e.
as the number of molecules of solute divided by the total
number of molecules of solute and solvent. Dimroth’s data
have accordingly been corrected, although only in an
approximate manner, by multiplying ks by the molecular
volume of the pure solvents. This has the effect of diminish-
ing an already rather doubtful regularity. The position may
therefore be summed up by stating that the velocity
coefficient (k,) measured in the usual way varies about
one-hundredfold in the different solvents, but when the
solubility correction is introduced the factor reduces to 7.
Closer harmony can hardly be expected when it is recalled
that a variation in the solubility of the reactant exerts a
possible but by no means an exclusive influence on the rate
of reaction. The velocity of the reverse process should show a
similar behaviour, but Dimroth’s work does not bear this out.

An interesting example of the effect of solubility in the
case of two similar, catalysed reactions has been studied by
Escolme and Lewis.* In aqueous hydrochloric acid solution,
acetyl glycine is hydrolysed more rapidly than benzoyl
glycine, k,/k, being about 15 and independent of tempera-
ture. We should expect the relative solubilities s,/s, to

* Trans. Faraday Soc., 23, 651, (1927).
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approximate to this figure if ks has a constant value.
Actually, at 25° C. the value is 0-074. This very marked
deviation indicates the presence of factors other than
solubility, and acting in the opposite way.

If k,s, were found to be independent of the medium
(E.s+q,) should also have a value characteristic of the
reaction only, where g, is the molecular heat absorbed during
dissolution. Freundlich and Richards’ results* on the velocity
of cyclization of e-chloramylamine into piperidine hydro-
chloride indicate that this condition is approximately ful-
filled. In aqueous solution K, = 20,670 calories and
g, = 450; hence E = 21,120. The corresponding values in
tetrachlorethane as solvent are 14,420 and 5,200, giving
E =19,620. The organic solvent was not dry, so that the
latter figure is probably too low. Within the limits of crror
the sum of the observed critical increment and the heat of
solution is independent of the solvent. Further instances of
this kind of behaviour, were they to be found, might reason-
ably be interpreted in the light of the suggestion made by
G. N. Lewis regarding the critical increment as an upper
limit to the total internal energy of the reacting molecules.

It has been suggestedf that the stability of activated
intermediate complexes in solution is connected with the
solubility. The complex can break up giving the original
reactant molecule or it can decompose yielding a molecule
of resultant. Soper supposes that the chance of ecither
process taking place depends on the solubility of the mole-
cule that is produced. Considering two opposing unimole-
cular reactions, and ignoring the possibility of deactivations,

Sp 84 k84
we have kAOC84+311 S4+8p’ kpsy
stant. The assumption is thus equivalent to van 't Hoff’s
equation (9).

and kyoc so that is con-

* 7. physikal. Chem., 79, 681, (1912).
t Soper, Discussion on the Critical Increment of Homogeneous Reactions,
published by the Chemical Society, p. 45, (1932).
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Reaction Velocity and Thermodynamic Activity.

Although not thermodynamically necessary or experi-
mentally secure, let it be supposed that the van’t Hoff-
Dimroth equation (9) can be resolved into two terms, each
of which is independent of the solvent. If this were so, the
velocity constant, expressed not in terms of ordinary con-

centrations (—(di—g = k’c) but in terms of concentrations
referred to the solubility as a standard (—g; = kg), would be

independent of the solvent, since k = k’s. Now the thermo-
dynamic activity of a compound is the product of its con-
centration and its activity coefficient, @ =c¢f. In any
saturated solution of a given solute its activity must be
constant ; the activity coefficient is therefore inversely pro-

portional to the saturation concentration: foc(%. The as-

sumption is accordingly equivalent to the statement that
the velocity of reaction of any solute is governed by its
thermodynamic activity. It has been asserted* that this
must be so, at least for catalysed reactions in the neighbour-
hood of the equilibrium point. The introduction of this idea
into the study of the kinetics of recactions in solution has,
in fact, removed many of the difficulties resulting from the
use of uncorrected concentration terms and has revealed
certain regularities even in very complicated systems. As
will be shown later, the concept can conveniently be em-
bodied into the scheme of things without violating the
fundamental idea that the rate of catalysed reactions de-
pends essentially on encounters between substrate and
catalyst molecules. We may consider as an example the
decomposition of nitrosotriacetonamine, which has been the
subject of many investigations, notably by Francis,{

* G. N. Lewis and Randall, Thermodynamsics, pp. 281, 319, 369, (1923).
+ Trans. Chem. Soc., 101, 2358, (1912); 103, 1727, (1913); 107, 1651,
(1915).
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Bronsted and King,* Kilpatrick,T Colvin,} and Goodall and
Lewis.§

_ CH,—C(CH,) >
—NO —»> 0=C
\CH —C(CH,) \CH = ~C(CH,),

The decomposition is unimolecular with respect to the
amine, and may be followed conveniently by measuring the
volume of nitrogen evolved. In the presence of dilute alkali
the velocity constant is proportional to the concentration
of hydroxyl ion (Francis) and its variation with a change in
the reaction medium becomes readily intelligible in terms
of the activity theory (Colvin). Successive additions of
alkali beyond a concentration of 0-5 molar causes the
velocity constant to fall; in the region of high concentrations
of alkali the velocity constant is directly proportional to
the activity of hydrogen ion. Upon the basis of this observa-
tion Goodall and Lewis propose the following mechanism for
this instance of hydrogen ion catalysis. The rate of decom-
position of nitrosotriacetonamine is assumed to be propor-
tional to the activities of the amine and the hydrogen ions;

_CH=C(CH,),
+H,O0+N,.

_de dey
ItN == kayay+. The observed rate is — dt =k, Cx, hence
c .
k= kohs N = ky/fuau-» The observed unimolecular

'\1 H+
constants obtained by Francis bear a constant relation to

the product of the activity coefficient of the amine, deter-
mined from solubility measurements, and the activity of
hydrogen ion, measured electrometrically by Goodall and
Lewis, whose table is included below.

The hydrolysis of disaccharides and the condensation of
monosaccharides are similarly catalysed by hydrogen ion.
The unimolecular constant in cach case is proportional to
the concentration of the catalysing acid, if this is present in
very small amounts. In more concentrated solutions,

* J. Amer. Chem. Soc., 47, 2523, (1925).

1 Ibid., 48, 2091, (1926). 't Trans. Faraday Soc., 22, 241, (1926).
§ Z. physikal. Chem., 137, 45, (1928).
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! 10 by, e B 30° C.

[KOH] | (minutes-1)
0492 | 9-60
0-588 | 8-48
0-626 | 8:05
0-784 | 6-43
0-815 615
0-985 4-80
1-048 4-375
1176 | 3-625
1-287 } 3-175
1379 | 2-830

EQUILIBRIA

Table 5

ab 25° C

; 237
! 2:04
1-91
1:48
| 1-41
| 1-10
0-997
0-813
0-708
0 661

g . X 10“ !

Ix

1-161
1-168
1-195
1-200
1-299
1-238
1-257
1-274
1-282

1144

Feare. « 10-12
Ou /N

3 55
3-58
3:62
3-64
3-63
3:56
3:62
3-55
3-52
3: 38

howover Icohs becomes closely parallel with the actlvﬂ;y of
the hydrogen ion as the results given in Table 6 show.*

Composition of solution
(gmms por 100 c.c.)

b sucroso (at 25° C. )
5 sucroso+12-6 glycerol
5 ﬁuerose—l 316 glycerol

10 maltose (at 60" C.)

10 maltose-- 10 glucose
10 maltose--20 glucose
10 maltose- } 30 glucose

10 glucosa (ut 60° C.)

20 glucose
30 glucose
40 glucose
50 gluco‘;e

Table 6

k(,,,, X 108
(sxooon(ls ‘)

13-:0
145
16-7

16-3
18:3
21-6
25-3
420
4-76
551
6-39
7 66

—

(1"4
0-088
0-098
0-116

0954 |

1-091
1-254
1-431
0-97
1-11
1-27
1-46
1 67

U+

k
uhn X 106

148
148
144

17-1
16-8
17-2
17-7
4-23
4-29
4-34
4-38
4-58

Numerous other mstances mlght be quoted 1llustrat1ng the
method of testing the activity theory of catalysis. The
volume concentration of the catalyst is maintained at a
constant value (in the present examples hydrochloric acid
at concentrations of 01 and 1-0 molar were employed),
while the activity of the catalyst is varied by the successive
additions of an inert substance. As a rule, although not
in all cases, the quantity k,./ay+ for any given reaction at

* Moelwyn-Hughes, T'rans. Faraday Soc., 25, 81, (1929).
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a fixed temperature is found to be independent of the nature
of the medium within fairly wide ranges of composition. 1t
is always much less sensitive to environmental changes than
is the term &, /Cyi+.

Parallelisms of this kind,* however, do not imply that the
activity of the catalyst replaces its concentration as the
factor directly responsible for the instantaneous rate of
reaction, dc/dt. Consider the simple reaction A — 13 to be
catalysed by C and to proceed in the following stages:
A+C 2 AC; AC — B+C. The first stage is assumed to be
reached very rapidly, the equilibrium conditions being

given by K e e _ i o fa

B a4 Xac B C4XC¢ ftXfT’

where a, ¢, and f represent activities, concentrations, and

activity coefficients respectively. The velocity of reaction

being governed by the rate of decbmposition of the complex,
de 1 fo .

we have + -a; = ke o = kKc, cgf af “. The experimentally

fAC

. . . dey 1
determined velocity constant is d t" pot hence
ll

koh»crvcd = _chCf;AfU'
18]

Even on the assumption, therefore, that the instantancous
velocity is proportional to the concentration of the rcacting
species, the observed velocity coefficient may still be pro-
portional to the activity. Supposing that tho activity
coefficient (f,-) of the complex remains unaltered, then
kops/ac f4 must be constant; this appears to be the condition
fulfilled in the decomposition of nitrosotriacetonamine in
the presence of concentrated alkali. If, in the second place,
the ratio f./f.c of the activity coefficients of the free and
combined substrates does not vary, we should expect the
quantity k../ac to be independent of the medium; the

* See also Akerlof, J. Amer. Chem. Soc., 51, 984, (1929); Harned, bid.,
44, 2193, (1922); Kuhn and Jacob, Z physikal. Chem., 113, 389, (1924).
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hydrolysis of the disaccharides conforms with this require-
ment.

The intermediate-complex theory has proved to be of
great value in the study of enzymic* and ionict reactions.

The problem which we are here considering may be viewed
from another angle, by interrogating how far, in cases of
hydrogen ion catalysis for example, we are justified in
ignoring all other types of ions and molecules as being with-
out catalytic influence. The necessity felt by Senter, Lap-
worth, Bredig, Goldschmidt, Acree, and Robertson for
ascribing a definite catalytic role to the undissociated acid
molecule has given rise to a hypothesis now known as the
dual theory of catalysis. Dawson, accepting the view as
being in the main true, has extended the original hypothesis,
by the analytic treatment of numerous measurements made
on certain catalytic processes, to what may conveniently be
termed the theory of multiple catalysis. Stated in its simplest
form, Dawson’s view is that, in any system promoting the
velocity of a chemical reaction, each species of molecule
and ion present in the system is capable of exerting a
specific catalytic influence on the rate of chemical change.
For the enolization of acetone at 25° C., it is found that the
catalytic coefficients of hydrogen ions, hydroxyl ions, and
water molecules are 2-85x1075, 4:17x1071, and 8-33 x 10712
litres per gram molecule-second respectively.f Two aspects
of Dawson’s work require emphasis at the present juncture.
In the first place, there is the very definite conclusion that
the catalytic efficiency of the catalyst is often proportional
to its concentration, and has no apparent connexion with
its thermodynamic activity.§ In the second place, it becomes
quite clear that departures from the linear relation between

* Michaelis and Menten, Biochem. Z., 49, 333, (1913).

1 Bronsted, Z. physikal. Chem., 115, 337, (1925); Bjerrum, ibid., 118, 251,
(1925).

1 Dawson and Key, T'rans. Chem. Soc., 2154, (1928).

§ Dawson and Dean, ibid., 2872, (1926); Dawson and Lowson, ibid., 2146,
(1928).
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rate of reaction and concentration of reactants can often
be completely attributed in a quantitative manner to the
influence exerted by the presence of entities other than the
catalyst which plays the dominant role.

As already indicated, the two theories in question attempt
in different ways to describe the same phenomenon, and
there is no real incompatibility between them. According
to the theory of multiple catalysis, the observed catalytic
effect is considered as due to (1) the part played by the
dominant catalyst (say hydrogen ion), and determined by
its concentration, plus (2) the part played by all other ions
and molecules present in solution. According to the activity
theory, the observed rate is determined solely by the
activity of the catalyst, c.g. hydrogen ion. This in turn is
composite, and entails (1) the concentration of hydrogen ion
multiplied by (2) its activity coefficient, which is a function
of the solution as a whole, and depends upon the total number
of ions of all kinds present, upon their charges, and upon
the dielectric properties of the medium. If a hypothetical
reaction be considered involving only one type of catalyst,
and this at very great dilutions, both theories predict that
the rate should be proportional solely to the concentration
of hydrogen ion, since factor (2) vanishes in both cases.
When greater concentrations of catalyst are employed, with
or without the addition of a third body, deviations from the
simple behaviour will appear, and k,,,..v.a Will no longer be
proportional to [catalyst]. The magnitudesof such deviations
are given, according to the activity theory, in terms of the
change in the activity coefficient of the catalyst. The theory
of multiple catalysis interprets the deviations from normal
behaviour in terms of subsidiary catalytic effects. Neither
view offers a complete explanation of the facts.

In order to ascertain experimentally whether concentra-
tion or activities determine the velocity of reaction, Eyring
and Daniels* have measured the rate of decomposition of

* J. Amer. Chem. Soc., 52, 1472, (1930).
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nitrogen pentoxide in the saturated vapour phase and in
saturated solutions in two solvents at 15° C. The activity
of the reactant is equal in the three systems, so that if this
determines the velocity, the instantaneous rate —dc/dt, or
the number of gram molecules decomposing per second,
should be constant. If, on the other hand, the rate of reac-
tion is governed by the concentration, the unimolecular
constant should be the same in all cases. Although, as the
authors point out, neither view is complete, the weight of
evidence lics well over on the side of the concentration
hypothesis. As the results in Table 7 show, k varies only

Table 7
o de l) < 105
Saturation concentration| _ ¢ 105 ( dt ¢)”
(gram molecules/litro) dt’ (seconds 1)
Gas phaso 0-0102 0-0080 | 0-79
Nitromethane 4-38 592 ! 1-35
Carbon tetrachloride 478 8-75 1 1-83

about twofold, whereas the instantaneous rate changes over
one-thousandfold. The slight difference in & is attributed
by Eyring and Danicls to the varying stabilities of the free
and solvated nitrogen pentoxide molecules. A fairly small
change in the critical increment would likewise completely
account for the effect, but ¥ for the reaction in carbon
tetrachloride is actually about 800 calories greater than the
value for the gaseous reaction, so that one would anticipate
the velocity constant to be less in the solvent than in the
gas. Quite probably the difference in £ is not real. For some
unknown reason, the unimolecular constant for the reaction
in solution increases very slightly with the initial concen-
tration of nitrogen pentoxide; consequently, in highly
attenuated solutions the velocity constant approximates
more and more closely to the value characteristic of the gas
reaction.

The position may now be described as follows. The study
of reactions in solution, including changes undergone by
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both ionized and un-ionized molecules, affords evidence for
regarding the instantaneous rate of reaction (—dc/dt) as
directly dependent upon the concentration of the reactants.
If the reactant molecule is engaged in maintaining a state
of equilibrium by combination with either the solvont
or any other compound, its concentration becomes indis-
solubly connected with its activity coefficient, which enters
into the kinetic scheme solely on account of this circum-
stance. Accepting this interpretation as correct, we may
look upon parallelisms between velocity coefficients and
activity cocfficients as evidence that the reaction concerned
entails the establishment of such equilibria. When the
chemical reaction per se proceeds to completion, the equili-
brium must relate to interaction between rcactant and
solvent.

A Comparison between Equilibria in the Gaseous Phase and
tn Solution.

Equation (8) represents the relation between the cquili-
brium constant K for a gaseous rcaction, K, for the reaction
in a given solvent, and the solubilities of the reacting gases
in that solvent; K = K(s,/sp). Differentiating with respect
to temperature, and multiplying throughout by R7% we

have Q = Qu+(q.u—qu)- (10)

The difference (Q—¢@,) between the heats of reaction in the
gas phase and in solution is thus equal to the difference in
the molecular heats of solution of reactants and resultants.
Consider the dissolution of one gram molecule cach of the
perfect gases 4 and B in an ideal solvent wherein they are
but slightly soluble and with which they do not react.* If
Raoult’s law is obeyed, i.e. if the partial vapour pressure of
the gas in contact with the solution is proportional to its
molar fraction in the liquid phase, the solution is an ideal

* For example, the dissolution of the rare gases in non-acqueous solvents
(Tammann, Z. anorg. Chem., 194, 159, (1930) ).
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one and the heat of solution becomes equal to the molecular
heat of vaporization. The solubility of methane in hexane
and in xylene conforms with this requirement. Now it is
well known that the latent heat of vaporization for a
number of gases, such as nitrogen, oxygen, and air, has a
value of about 1,500 calories, while the latent heat of
vaporization for compounds with much higher boiling-
points, such as ethers, esters, carbon tetrachloride, and
chloroform, is usually about 6,500 calories (Trouton’s law).
The important point to observe is that the difference be-
tween A,, and consequently between ¢, for any two sub-
stances belonging to either category cannot have a large
value. In such ideal cases, the heat of reaction must be very
nearly the same in the gaseous phase as in solution. Con-
versely, when there appears a genuine difference between
Q and Q,, at least one of the solutes will possess an abnormal
solubility. We have seen that the most reasonable explana-
tion of this fact is that at least one of the solutes enters into
combination with the solvent.

(i) The Dissoctation of Nitrogen Tetroxide: N,0, 2 2NO,.
From Natanson’s vapour density measurements at 0° C., it
is found that the equilibrium constant for the gaseous dis-
sociation is K = [NO,]?[Ny0,] = 7-40x10-* gram mole-
cules per litre.* The colorimetric data of Cundallt yield,
for the corresponding constant in chloroform solution,
K = 570x107¢. In this solvent, therefore, K is about 130
times as small as it is in the gas phase—a difference the
significance of which was realized by Ostwald.} The relative
velocities of the two reactions are thus altered to this extent,
but whether the rate of dissociation or of combination or
both is affected cannot be decided. The behaviour is in
striking contrast with the decomposition of nitrogen pent-
oxide in these two systems.

* Ann. Physik, 27, 606, (1886).

1 Trans. Chem. Soc., 59, 1076, (1891).
1 Ibid., 61, 242, (1892).
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Schreiber,* from a review of numerous results, quotes
13,600 calories as the best value for the heat absorbed during
the gaseous dissociation at constant pressure between 0° and
100° C. @ is accordingly 13,000 calories, in good agreement
with the value calculated by van’t Hoff from specific heat
data.t The effect of temperature upon the dissociation
equilibrium in various solvents has been extensively
examined by Cundall,{ from whose results the following
figures have been calculated.

Table 8
Kyoee. f
Solvent (gram molecules/litre) | (calories/gram mol.)
Gas 382 13,000
SiCl, 17-8 20,470
S, 13-3 19,400
CCl, 8-05 18,840
CHCl, 553 21,210
C,H Br 479 20,490
CeH Br and C;HCl 370 19,350
CeH, 223 22,180

The colorimetric method of investigation adopted by
Cundall must, in the light of manipulative refinements
which have subsequently been made possible, be regarded
as somewhat crude. Although possibly accurate enough for
the comparative purpose to which they are here submitted,
a repetition of the work, perhaps by measuring absorption
coefficients, is very desirable. Assuming, howecver, the
figures as quoted to be trustworthy, they leave no doubt as
to the reality of the solvent effect, for the magnitude of the
difference between Q and @, is not such as can reasonably
be attributed to a difference in the heats of dissolution
of the two oxides. We therefore conclude that definite
reaction sets in between one of these and the solvent with an
approximate heat effect of (Q,—@Q). It would appear that

* Z. physikal. Chem., 24, 651, (1897).

+ Studies in Chemical Dynamics, p. 154, (1896).

+ Trans. Chem. Soc., 67, 794, (1895).
4018 U
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nitrogen peroxide (NO,) is responsible for the major part
of the heat effect. From a few fragmentary data given by
Cundall, it is found that the heats absorbed when one gram
molecule of liquid nitrogen tetroxide dissolves in chloroform
and in carbon tetrachloride are 413 and 669 calories respec-
tively. These figures lie sufficiently close to the free energy
of expansion at 20° C. (which under ideal conditions would
be RT = 580 calories) to indicate that no heat effect can
be detected calorimetrically when nitrogen tetroxide dis-
solves in these solvents. One point remains to be mentioned.
Lewis and Randall* have shown that the equilibrium con-
stant for this dissociation, expressed in terms of molar
fractions, is approximately independent of the composition
of the solution from 100 per cent. liquid nitrogen tetroxide
to nearly 100 per cent. chloroform. The solution is thus
nearly perfect. This is difficult to reconcile with the con-
clusion which we have drawn concerning complex formation.
If, however, the solvated molecule, like the free NO, mole-
cule, is colourless, Cundall’s results at any one temperature
would clearly give no clue to its presence. Its existence has
here been inferred from the change in the heat of reaction.
Complex formation is often so elusive that even its detection
is a matter of difficulty.

(ii) The Dissociation of Ethylene Iodide:
CHzI . CHzI 2 CHz H CH2+I2-

This equilibrium has not been examined very carefully, but
since it appears to be the only other case available for com-
parison the results will be of interest in spite of their
approximate character. The constants for the gaseous
reaction at temperatures of 11—65° C. have been determined
by Mooney and Ludlam.t The total pressure of the system
was measured statically, that of ethylene iodide by a
streaming method, and that of iodine by difference. Under
these conditions the value of K cannot refer to the homo

* Thermodynamics,p.303,(1925). t Proc.Roy.Soc. Edin.,49,160,(1929).
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geneous equilibria, as is borne out by the discontinuity
observed at 40° C. in the curve found by plotting In K
against 1/T. Above this temperature the results are con-
sidered by the authors to be fairly trustworthy, and from
the slope of the curve the heat of dissociation is found to be
22,300 calories. Scanty data for the corresponding equili-
brium in carbon tetrachloride solution are also available,
Polissar* finding @ to be 11,300 calories in the neighbour-
hood of 137° C. These figures, despite a not inconsider-
able uncertainty, probably represent a genuine difference
in the thermal effects for the two systems.

(1ii) Bquilibrium in Various Solvents. Other instances are
lacking, but evidence of a similar nature is to be found in
the variation of the position of equilibrium and the heat of
reaction for a given chemical process in different solvents.
From measurements of the extinction coefficient, Gold-
schmidt and Badert have determined the degree of poly-
merization of aa’-diphenyl-p-benzoyl hydrazyl, and have
given values for the constants [X]%*[X,] in various solvents
at about four temperatures covering a range of 30° C. Their
results (Table 9) reveal marked changes in K and @ from

Table 9
Solvent | K_gppecx10° | Q
(C,H,),0 | 095 ) 9,400
CeHCH, 33 | 10,500
(CH,),CO 58 6,800
CHCL, | 120 | 5200

solvent to solvent. We may, perhaps, regard the first two
values as approximating to those for the gascous reaction,
whence it appears that chloroform influences this equili-
brium to much the same extent as it does the dissociation
of nitrogen tetroxide.

For a given reaction in two similarly constituted solvents,
K and @ should not exhibit a wide variation. Cundall’s results

* J. Amer. Chem. Soc., 52, 956, (1930). t Annalen, 473, 137, (1929).
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(Table 8) confirm this view. So also do the experiments of von
Halban* on the combination of allyl bromide and p-brom-
dimethylaniline in tetrachlorethane and in chloroform solu-
tion, for which the heat evolved is 19,090 and 18,940 calories
respectively. The heat of dissociation of hexaphenylethane
has a fixed value in six somewhat similar solvents.}

Complex Formation and Reaction Velocity.

The foregoing comparison between equilibria in gaseous
systems and in solution makes it desirable, if not necessary,
to postulate the formation of complexes produced by the
union of solute and solvent molecules. It will be recalled
that the abnormally high solubility of solids in liquids can
be understood best by making a similar supposition. The
existence of such molecular compounds, which has long been
recognized, is thus found to be a much commoner item in
chemistry than had hitherto been supposed. Nitro-com-
pounds are well known for the ease with which they form
molecular compounds with hydrocarbons and amines, but
even the so-called chemically inert compounds, such as
carbon tetrachloride, have lately been shown to be capable
of forming complexes with other molecules. By spectro-
metric analysis, von Halban and Zimpelmannf have studied
the equilibrium conditions governing the union, in chloro-
form solution, of picric acid and the dinitrobenzenes on the
one hand with naphthalene and anthracene on the other.
Concordant equilibrium data for the formation, in the same
solvent, of compounds between symmetrical trinitrobenzene
and dimethylaniline and dimethyl-p-toluidine have been
obtained by Ley and Grau§ by photometric, ebullioscopic,
and solubility measurements. Wyatt’s cryoscopic results||
demonstrate that chloroform (and occasionally carbon
tetrachloride) forms molecular compounds with ethers,

* Z. physikal. Chem., 67, 129, (1809); 72, 719, (1911).
1 Ziegler and Ewald, Annalen, 473, 163, (1929).

t Z. physikal. Chem., 117, 461, (1925).

§ Berichte, B, 58, 1765, (1925). || Trans. Faraday Soc., 25, 43, (1929).
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esters, and alcohols. Schulze,* by assuming that the par-
tial pressure of acctone and of chloroform over the liquid
solution is proportional to the molar fraction of each, has
calculated the equilibrium relations involved at various
temperatures in the mixed solvent.

These facts are understood in the light of the electronic
theory of valency. The constituents in a molecular com-
pound are held together by a coordinate linkage, wherein
previously unshared electrons of one component contribute
to the formation of a more complete and stable electronic
arrangement in the second component. The oxygen atom
in ethers and esters, for example, having two pairs of un-
shared electrons, is able to donate these (by forming a
complex) to an acceptor molecule such as chloroform or
carbon tetrachloride, which can accommodate a larger num-
ber of electrons than those already present in the outer octet
of each chlorine atom. The study of these and of similar
electronic rearrangements lies outside the scope of this book,
but it is essential to seek the possible bearing of such con-
siderations upon the subject of the kinetics of reactions in
solution. In passing, it is to be noted that an ctheric oxygen
atom is a more powerful donor than a ketonic oxygen atom
chlorine atoms in chloroform are better acceptors than
chlorine atoms in carbon tetrachloride.

Direct experimental proof that complexes between solute
and solvent play a definite part in determining the rate of
reaction is hard to find, although the necessity for postulating
such behaviour frequently ariscs. An interesting example
is afforded by the work of Lowry and Traillf on the muta-
rotation of beryllium benzoylcamphor. Dissolved in carbon
tetrachloride or in cyclohexane, the « and B forms have
almost the same stability, so that at equilibrium they are

present in equal amounts ( =i— =7 = ). In chloroform
a

* 7. physikal. Chem., 93, 370, (1919).
+ Proc. Roy. Soc., A, 132, 398, (1931).
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solution, the ratio becomes 2: 3 approximately, indicating,
as the authors point out, that this solvent is not only able
to combine with the « and B forms of beryllium benzoyl-
camphor, but by selective combination with the g form to
favour the formation of this variety at the expense of the
less soluble « isomeride. The intermediate compound has
been isolated by Burgess and Lowry* as a crystalline solvate
with two molecules of chloroform; from the value of its
optical rotation, the following symmetrical structurc has
been ascribed to it:

CeH,
(=C - —0n ,CHCL 0=C
(/’8H14< I ) Be ) >(\"8H14'
C=0 CHCL,” N0  — (=C

Celﬂs

Nince the racemization of an optically active compound
usually proceeds through the formation of an intermediate
compound of higher symmetry, the complex thus formulated
provides an ideal mechanism for the reaction. From a
knowledge of all the specific rotations involved, Lowry and
Traill have shown that 46 per cent. of the « form and 64 per
cent. of the g form are combined with the solvent. Experi-
ments prove that these figures account quantitatively for
the lessened catalytic activity of pyridine in chloroform, as
compared with solutions in carbon tetrachloride, where the
whole of the solute is apparently free to interact with the
catalyst instead of being bound in part to the solvent.
These investigations have accordingly given us a description
—possibly as clear and precise as it is possible to expect—
of the definite part played by a well-defined intermediate
compound in the mechanism of chemical change in solution.

A similar explanation may be accepted for the slightly
differing environmental influence exerted by carbon tetra-

* Trans. Chem. Soc., 125, 2081, (1924).
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chloride and chloroform on the reactivity of other solutes.
In fact, the intermediate-complex theory has much to com-
mend it as the basis for a general treatment of the kinetics
of reactions in solution. It is sufficiently comprehensive
to take into account many if not most of the diverse pheno-
mena of solvent and of catalytic action. The energy changes
which must be associated with the formation of such com-
plexes offers a ready means of understanding how the sol-
vent, by altering the observed energy of activation, may
exert an effect at once profound and specific, causing the
experimental rate to exceed the ideal rate when the complex
is formed endothermally (as in the experiments of Ley and
Grau) or to fall short of the ideal value when the complex
is produced with evolution of heat (as in the experiments of
Schulze and of von Halban and Zimpelmann). Relatively
minor difficulties, such as the apparently crratic catalytic
behaviour of nitrobenzene, become intelligible when viewed
in this light. The most cogent argument, however, for
adopting the hypothesis—which may ultimately prove to
be not very different from van ’t Hoff’s solubility theory-—-is
the fact that the observed variation in the critical increments
for reactions in solution is of the same magnitude as the
thermal effect which accompanices the production of the
complex.



VI
UNIMOLECULAR REACTIONS

Tue distinction between unimolecular and bimolecular re-
actions is one of degree only. ‘The essential difference is
merely one in the time elapsing between activation and
reaction, and therefore in the importance of deactivation of
active molecules by subsequent collision before chemical
transformation has occurred. In general we may say: rate
of activation = k,c?; rate of deactivation = k,ca, where a is
the concentration of active molecules; rate of chemical
transformation = kya. For a stationary concentration of
active molecules, kyc? = kyca+ksa, whence the rate of
key
5,
kylkg is great or small, the reaction approximates to the
classical unimolecular or bimolecular type.’*

By including terms to allow for the influence of the solvent,
we may apply similar considerations to reactions in solution.
Let

reaction is ksa = k1c2/ (l+ ) According as the ratio

¢ = concentration of solute,
s = concentration of solvent, and
a = concentration of activated molecules of solute.

Then rate of activation = k,cs+k,c?,

rate of deactivation = ksas+kqac, and
rate of chemical reaction = k;a.
The condition for a stationary concentration of active mole-
cules is kyes+kyc® = kgas+kyac+k;a. The velocity of
chemical change is thus
dc kg(kycs+kyc?)
@ ko= "Zf;‘s+k;cik5 : (1)
This is the general form of the equation for uncomplicated
reactions of the first and second order in solution. Of the
five constants which it contains, three are primarily char-

* Hinshelwood, Annual Reports for 1931, p. 41, (1932).
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acteristic of the reaction itself and two (k; and kg) are func-
tions of the solvent also. The relative magnitudes of these
constants determine the order of reaction and the extent
of the solvent effect. No reaction has yet been met with
in solution which, under varying concentrations, changes
gradually from the first to the second order, or vice versa.
This is a consequence of the fact that s is always a fixed
quantity, and ¢ can vary only within the usually narrow
limits imposed by the solubility of the solute.

In a completely inert solvent, active molecules of solute
can be neither formed nor destroyed by collisions with
solvent molecules (i.e. k; = 0 and k3 = 0). Under these con-
ditions e ks kyc? .

kyc+k;
Two special cases must be discussed.  When the chance of
an active solute molecule losing its energy by collision with
a normal solute molecule is small, the expression reduces
to kyc%, and the rate is a simple bimolecular one. The
decomposition of chlorine monoxide in carbon tetrachloride
solution furnishes an example.* When collisions between
active and normal solute molecules are highly efficient in the

(2)

o - . kyk,
deactivating sense (kg > k;), the expression becomes 3 2c,
a

and the rate is a simple unimolecular one. The decomposi-
tion of nitrogen pentoxide and the isomerization of pinene
in carbon tetrachloride solution conform with these condi-
tions.t The experimental observation that the velocities of
thesc reactions are the same in the gascous phase as in
solution in this solvent shows that not only has k; remained
unchanged, as might be expected, but that the ratio of the
constants k, and k4 also is unaffected by the solvent. Both
these depend upon collision frequencies, which must there-
fore be the same in the gas as in carbon tetrachloride solution.

* Proc. Roy. Soc., A, 131, 177, (1931).

t Daniels and Johnston, J. Amer. Chem. Soc., 43, 53, (1921); Lueck, hid.,
44, 7517, (1922); see Chapter III.
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Positive and negative catalytic solvents are those in
which active molecules of solute may be generated or
destroyed by collisions with molecules of the solvent. When
solute-solvent collisions predominate over solute-solute col-
lisions (i.e. k, =~ 0 and ky = 0),

kgk,cs
rate = ey (3)
and the reaction is unimolecular. Two special cases again
arise. In the true unimolecular reaction, when the vast
majority of active molecules lose their energy before being
ksky c. The ob-
ky
served unimolecular constant is thus the product of the true
reactivity (k;) and the ratio of two constants which denote
the activating and deactivating efficiency of the solvent.
Most complicated molecules undergoing unimolecular change
in solution probably do so by this mechanism. The other
case is that in which there are no deactivations (k; = 0):
the rate then becomes essentially bimolecular, although
unimolecular with respect to the solute:
rate = k;cs. (4)
Ozone in carbon tetrachloride, carbonyl sulphide in water,
and numerous other fairly simple molecules are transformed
in this way, each activating collision between a solute mole-
cule and a solvent molecule leading to chemical change.
The rate at which any given reaction of this type proceeds
as well as the critical increment will vary from solvent to
solvent.

Based upon the simple assumption that all the molecular
‘species in a liquid system collide with varying activating and
deactivating efficiencies, equation (1) and the simpler equa-
tions derived from it are sufficiently elastic to cover a large
number of the phenomena of solvent action. By ascribing
a relatively long life to a pair of molecules in collision, the
scheme can be extended to include complex formation.

transformed (ks> k;), the rate becomes
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The problem thus becomes as interesting from the theoretical
aspect as it is difficult from the practical side. Progress in
the elucidation of the precise mechanism of unimolecular
reactions in solution awaits the appearance of more experi-
mental results characterized by accuracy and variety. The
two outstanding facts which may already be regarded as
established are: (1) broadly, there exists between unimole-
cular reactions in the gascous phase and in solution a
marked similarity, which amounts to identity in certain
cases; (2) the solvent effect, when it does appear, may be
of great magnitude and is always specific with respeet to the
system.

The Influence of the Solvent.

Table 1 summarizes the results at present available on
the influence of the solvent upon the kineties of unimolecular
reactions. Inert solvents have been fully discussed in
Chapter 111. The most striking results of this table are those
referring to the decomposition of trichloracetic acid and
trinitrobenzoic acid, for which the critical increment varies
by 10,000 calories from one solvent to another. The lesser
variations observed by von Halban may now be safely
accepted as genuine although small. There are clear indica-
tions from the results quoted in the table that solvents of
similar chemical nature exert similar effects and that non-
polar solvents allow a faster rate than the polar solvents.
It is, however, unwise to base any generalizations upon such
limited information.

The investigation of a few of these reactions has been
confined to a narrow temperature range, and the solvents
used have been of questionable purity. The results given in
Table 1 are therefore not of uniform value.

The catalytic properties of some solvents—particularly
nitrobenzene—are extremely sensitive to the presence of
impurities, the most insidious one being water. The effect
of temperature upon the physical properties of this solvent
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Table 1
Reactant Solvent
Nitrogen pentoxide Gas
’ ’ CCly,
» » CHCI,
» ” N0,
» ” CH,CHCl,
» » C,HCl,
» » CzHC,
’e . Br,
» » CH;NO,
» ” HNO,
” ” C;HCl,
Camphorearboxylic acid CeHCOCH,
» ” H,0
» ”» CeHg
Triothylsulphonium bromide CsH,,OH

' . '3 H,OH

' " CeH ,CH,OH

" " CH,;COOH

. . CHCI,

» ” C,H,Cl,

» > C,H,Cly

. . (H,NO,

. . (4HNO,
CgH,CH,OH
+a per cent.
CeHCH

x

v ’s 0

" ’ 25

’ ' 50

" ’ 75

Benzylhydroxytriazole- CHCL,
carboxylic acid ester
» » CyH,OH
» » (CH3),C'O
» » CH,OH
Acetonedicarboxylic acid (;H,OH
"' » C3H,OH
» » CH,OH
" " isoCH,OH
" » isoC H,,OH
' ' isoC H,OH
» ” | HOH

E

24,700
25,470
24,450
25,000
24,900
24,400
25,000
24,000
24,500
28,300
28,300

28,960
29,640
27,800

33,140
33,120
32,180
31,060
33,010
30,350
30,410
28,290
28,870

35,900
34,800
33,100
32,700

36,270 |

30,670
29,000
26,530
26,600
25,800
23,200
22,200
22,100
21,500
23,200

InZ

31-45
31-61
31-22
32-82
32:56
31-42
3235
30-61
31-13
3411
35-72
30-56
30-02
28-88
37-84
36-87
3470
33-01
41-57
37-70
3787
34-44
3514

40-23
39-41
37-86
38:56

48-77

36-09
35-46
29-16
37-54
37-26
32:25
30-83
30-63
29-63
32-29
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[ : ] |

Refer- | ;
ence Reactant NSolvent | K P InZ
(10) ! Benzenediazonium chloride ) HOH ; 27,030 { 3601
(1) | " ’» ! CH,OH 9 Foageo
(11) . . CCgion] | a0 | ae
(1) . » | CH,0H ) -
(11) . . ‘ isol H,OH f 26,030 | 36-34
(1 " " | CHCOOH ) |, —
() | . " i (",n,voon} [ 27310 3500
B-Bromethylamine i (H,0 ¢ ;

, {r pereent, \

i (CH,0H | |

| &r | ‘
(12) " | 0 {24,710 | 3439
(13) ”» i 25 L 19,920 | 2605
(13) | " ; 50 | 20210 | 2500
(13) " 75 L2380 | 2680
(14) i Trichloracetic acid { C,H,N | 28350 | 33-82
as) » " i H,0 } 37,050 ‘ 45:00
(16) | Trinitrobenzoie acid } H,0 ! 20,970 3285
(16) ” . | CH0CH, | 30730 3113
(16) | " " [ CHNO, | 34,900 | 3375
(16) | . " [ H,C0CH, | 25450 | 24:23
(16) | " - {OCHCH, | 31600 2768

(1) Danicls and Johnston, J. Amer. Chem. Soc., 43, 53, (1921).
(2) Lueck, ibid., 44, 757, (1922),
(3) Eyring and Daniels, ibid., 52, 1473, (1930).
(4) Bredig and Balcom, Berichte, 41, 740, (1908) ; Fajans, Z. physikal. Chem.,
73, 25, (1910).
(5) von Halban, ibid., 67, 129, (1909).
(8) Essex and Gelormini, J. Amer. Chem. Soc., 48, 882, (1926).
(7) Corran, Trans. Faraday Soc., 23, 605, (1927).
(8) Dimroth, Annalen, 373, 367, (1910).
(9) Wiig, J. Physical Chem., 32, 961, (1928); 34, 596, (1930).
(10) Brandsma, Thesis, Delft (1925); seo Tables Annuelles (1930).
(11) Pray, J. Physical Chem., 30, 1477, (1926).
(12) Freundlich and Neumann, Z. physikal. Chemn., 87, 69, (1914).
(13) Freundlich and Kroepelin, ibid., 122, 39, (1926).
(14) Goldschmidt and Briuer, Berichte, 39, 109, (1906).
(15) Kappanna, Z. physikal. Chem., A, 158, 355, (1932).
(16) Moelwyn-Hughes and Hinshelwood, Proc. Roy. Soc., A, 131, 186, (1931).

has been said to be anomalous, in that a discontinuity
appears in the temperature-property curve,* and attempts

* Williams and Daniels, J. Amer. Chem. Soc., 46, 903, (1924); Mazur,
Nature, 127, 893, (1931).
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have not unnaturally been made at correlating this with its
apparently exceptional solvent activity.* Recent work has
shown, however, that the ordinary physical properties of
nitrobenzene, when pure, arc quite normal,} and there are
no real grounds for supposing the solvent action of the pure
liquid to be exceptional.}

Although there is little prospect at present of ascertaining
with certitude which of the many mechanisms of solvent
action is at work in any particular instance, some of the
more obvious possibilities may be recapitulated. The
solvent may affect the velocity of chemical change of a
solute by (1) combining with it to form a complex of greater
or smaller reactivity than the unsolvated molecule; (2)
generating or destroying active molecules of the solute; (3)
varying the degrec of ionization of those solutes which
decompose in the ionic form; and finally (4) by modifying
the number of internal degrees of freedom which contribute
to the energy of activation. This last possibility will be
referred to at a later stage.

The Molecular Statistics of Unimolecular Reactions.

The fact that the decomposition of ozone, which is bi-
molecular in the gaseous phase, is unimolecular in carbon
tetrachloride solution suggests that in the liquid system
collisions between ozone molecules and solvent molecules
are chemically effective. Calculation shows that 22 mole-
cules of ozone (or 10 molecules, if the correction for the per-
sistence of velocity is included) decompose for each collision
with a solvent molecule with the appropriate energy.§ This
is a significant result in view of the experimental observation
that 1 molecule of solvent is destroyed for every 17 molecules

* Seo, for example, Essex and Gelormini, J. Amer. Chem. Soc., 48, 882,
(1926).

t Massey, Warren, and Wolfenden, Trans. Chem. Soc., 91, (1932).

t Proc. Roy. Soc., A, 131, 186, (1931).

§ Trans. Chem. Soc., 95, (1932); fuller information will be obtained in this
paper concerning all the examples discussed in this section.
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of ozone which disappear. Whether, therefore, we are dealing
with a chain reaction of a small number of cycles or simply
with a bimolecular reaction at an enormous (and constant)
pressure, the results are consistent with the view that
solute-solvent collisions are the determining factor. This we
shall see is true also for the mutarotation of glucose in water
(p. 233). Since on general chemical grounds it is quite
reasonable to regard many other reactions in the same light,
we must consider in some detail the calculations upon which
these conclusions are based.

By equation (7) of Chapter I, the total number of col-
lisions occurring per second between » molecules of solutoe
(diameter == o ; mass = m) and molecules of solvent (viscosity

=) is

3man
Z=n . 5
‘ 2m (%)

Assuming that each collision with energy cqual to K’
(calories per gram molecule) results in chemical transforma-
tion, the rate becomes

dn N 3me

dt 2m ’

giving a unimolecular constant equal to

3 37T'l70

- 2m

The conditions imagined are those corresponding to equa-
tion (4), i.e. there are no deactivations. Since

e—-l‘.",’l(T. (6)

k/n = const. xe FIHT,

the energy of activation can be found by plotting In(k/n)
against 1/7. Alternately it may be found by making use of
Andrade’s equation* for the temperature coefficient of the
viscosity of unassociated liquids:

n =axe',

* Nature, 125, 309, (1930).
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Combination with the Arrhenius equation gives us the
relation E = EA+Rb; (7)

R is the gas constant (in calories per degree), b is one of the
viscosity constants of the solvent, and £, is the Arrhenius
critical increment. In applying equation (6) to hydrolytic
reactions in aqueous solution, allowance should strictly be
made for the diminution in the concentration of the solvent,
but since in dilute solutions only one molecule of solvent in
several hundreds is used up, the correction can be neglected.

Equation (6) accounts satisfactorily for the velocity of
decomposition of dibromsuccinic acid,* the conversion of
chloropurpureochromichloride into roseochromichloride,}
and numerous other reactions to be discussed below. The
hydrolysis of carbonyl sulphide, however, is faster than that
predicted by this equation.f The disparity becomes negli-
gible when the correction for the persistence of velocity is
introduced. This term should properly be included in all
the present calculations. It has been omitted in the following
examples for reasons which will be evident.

The Arrhenius critical increment (26,310 cals.) for the
hydrolysis of monochloracetic acid, CH,Cl.CO,H+H,0—
CH,(OH).CO,H+HCI, is lower by 3,370 calories than the
valuo obtained for the energy of activation when allowance
has been made for the variation of the collision number with
temperature. The diameter of the monochloracetic acid
molecule being taken as 541078 cm. [Chap. 1], equation (6)
gives calculated rates which are greater by a factor of 2:5 (see
Table 2) than those determined experimentally by Buchanan.§
The reaction appears to be fairly free from complications.||

Olivier** has measured the rate of hydrolysis of a large

* van 't Hoff, Studies in Chemical Dynamics, London, (1896).

1 Freundlich and Pape, Z. phystkal. Chem., 86, 458, (1914).

1 Buchbéck, bid., 23, 123, (1897).

§ Berichte, 4, 340, (1871); see van 't Hoff, op. cit., p. 130.

|| See, however, Dawson and Dyson, Trans. Chem. Soc. 49, (1933).
** Rec. trav. chim. Pays-bas, 41, 301, 646, (1922); 42, 516, 775, (1923).
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Table 2
Unimolecular velocity

constants (secs.™!)

Temp.°C| 7 X103 Obs. Calc.
80 3:56 8:52x10 7 2:13x 1078
90 3:16 2:31x10°¢ 6-00 x 10-8
100 2-84 6-64x10°¢ 1:63x 1078
110 2-56 1-67%x 1078 4-23 x 1078
120 2:32 403 x 1078 1-:03 x 1074
130 2-14 9-10x 1078 2:50 % 1074

number of substituted benzyl chlorides in 50 per cent.
aqueous alcoholic mixtures at 30° and 83°. Within this
range, the temperature coefficients of the viscosity of ethyl
alcohol and water are not very different, so that values for
water have been used in correcting the Arrhenius K’s; the
effect is in all cases to increase this by 3,425 calories. Table 3

Table 3

E (Ar- [ kegge X 107 (s008.71) Fouto

Reactant rhenius) | ox 108 Obs. Cale. Kove
CH;.CH,CI i 19,900 53 18-5 125 68
0-CH,.CH{.CH,C1 | 19,790 55 917 140 1-6
m- » 20,190 b-b 24-0 736 31
p- . 20,390 55 173 52-0 0-4
0-NO,.C¢H,.CH,Cl 22,250 6-3 0-867 2:18 2:5
m- ’ 21,780 6-3 1-06 4-76 4-5
p- ’ 21,990 6-3 0-818 3:37 4-1
m-CO,H.CeH,.CH,Cl| 21,350 57 3-15 8-89 2-8
p- » 21,560 57 2:02 6-29 31
0-Br.CgH,.CH,Cl 21,110 65 3-93 127 3.2
m- » 21,870 6:56 2:45 3-58 15
p- ' 21,550 6:56 7-62 6-08 0-8
2:6-Br,C¢H;.CH,Cl 22,460 7-0 119 1-04 0-9
2:4- »» 22,490 7-0 1-82 0-99 0-6
3:5- » 22,450 70 0-53 1-04 1-8

indicates that equation (6) predicts rates which are always

within a small factor of the observed values, the absolute rates

varying about three-hundredfold. The same degree of agree-

ment holds, of course, for the results obtained at the higher
4018 Y
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temperature, where the velocities are usually about 200
times greater. Only approximate values for the molecular
diameters have been employed, their magnitudes being given
by equation (4) of Chapter I or by comparison with the
diameters of similarly constituted molecules. All isomerides
are assumed to have the same radii, i.e. any possible steric
influence has been ignored in these calculations.

The velocity coefficients of these reactions at any one
temperature should be proportional to the viscosity of the
medium. Where such substances as urea and glycerol have
been added, the increase in viscosity has, in fact, been
attended by an increase in k, but to an extent exceeding
that demanded by theory. The difficulty is, as usual, to
effect a change in one property of the solution without
causing the concomitant adjustment of another.

The instances examined so far have been either decom-
positions of very simple molecules or elementary changes in
more complex molecules; the agreement between calculated
and observed velocity coefficients has justified our assump-
tion that the rates of activation and reaction have been
equal. When more complicated chemical changes are con-
sidered, these two quantities need not be the same. For
reactions of the true unimolecular type, the rate of activation
which still depends, of course, on the number of suitable
collisions is often considerably greater than, and does not
determine, the velocity of reaction. The rate of chemical
change is now governed by the frequency of interatomic
vibrations, and by other factors, and cannot be evaluated
without a fuller knowledge of the dynamics of activated
molecules. The immediate problem is to account, on a
collision mechanism, for a rate of activation great enough to
sustain a sufficient fraction of the total number of molecules
in an energized state. This becomes possible if the energy
of activation is regarded as being distributed between a
number of internal degrees of freedom of the reacting mole-
cule. Adopting the expression of Hinshelwood, the rate of
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production of activated molecules by collision becomes

dn _ n37,'f’7‘?’e~b:/lzr(, & )P_l_
dt 2m RT) I
For the kind of reaction with which we are concerned,
E = E'+FRT, where F is one less than the number of
degrees of freedom involved. If this be equated to the

observed rate of chemical change
dn/dt = kn,

it becomes possible to evaluate the minimum number of

degrees of freedom which must be concerned in the activa-

tion process: b — 3m,ae_1,,mT( B )h}_ @®)
2m RT/ B!

The values of F thus found for a number of unimolecular

reactions in solution are given in Table 4.

The observed critical increment (#,) and the corrected
value (£’) have been determined by plotting the logarithm
of k£ and of k/n respectively against 1/7". On an average, cach
of these reactions has been investigated at five temperatures
over a range of 40°, the actual temperatures having varied
from 0° to 140°. With one or two exceptions, the encrgy
of activation is considered to be accurate to within about
4500 calories. The viscosity data have been taken from
the International Critical Tables, vol. vii, 1930. The cor-
rection introduced into the critical increment by allowing
for the temperature coefficient of the collision frequency
depends not only on the solvent but also on the temperature
at which the kinetic measurements were made. The magni-
tude of this viscosity correction (E'—E ) varies from 880
calories for chloroform at 40-70° to 5,680 calories for
acetophenone at 70-140°. The numbers in the last column
of Table 4 are the nearest integers which will satisfy
equation (8) when the observed velocity coefficients are
substituted for k; k.. is the value assumed by & when this
value of F is used in the same equation.
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Table 4
Refer- E (Ar- K _
ence Reactant Solvent | rhenius) E Neoe X 10 Obs. Calc. F
(1) Triethylsulphonium | PhNO, 28,200 | 31,340 10904 | 2:11x107¢ | 2:06%x107* | 4
bromide C H,Cl, 30,350 | 33,180 090 | 2:19x10™* | 166 x10™* | 6
CHCI, 33,010 | 33,890 450 | 2:07x107* | 9-84x107° | 7*
PreOH 33,120 | 37,600 916 | 1-63x107 | 2-14x107* | 7
CH,CO,H | 31,060 | 33,820 716 | 851x1077 | 543 %1077 | 3
(2) 2:4:6-Trinitroben- H,0 29,970 | 33,080 460 | 3:33x10°* | 391 x10™° | 4
zoic acld PhCOMe 25,450 | 31,130 10-80 | 579 x1077 | 4-39x1077 | 2
PhNO, 34,990 | 37,120 10904 | 407 X107 | 8:61x10™ | 3
PhCH, 31,600 | 33,620 3-80 1-62x10™° | 4-20x10™° | 1
(3) Camphorcarboxylic | PhCOMe 28,960 | 32,620 | 1080 | 1'50x10°° | 2:39x10™® | 3
acld H,0 20,640 | 32,600 4:69 | 3-:31x10-7 | 218 x10°7 | 2
4) Trichloracetlc acid | PhNH, 28,350 | 32,950 15-40 1:05x10-* | 94410 | 6
(5) | Acetonedicarboxylic| H,0 23,320 | 27,240 469 | 548x10-? | 2:05x107* | 4
acid
(6,7) | Malonie acid »” 28,820 | 31,620 469 | 1441x1077 | 211 x1077 | 1
7 Allylmalonic acid ” 27,970 | 30,820 4-69 | 2:46x10°7 | 5:03 %1077 | 1
) Diethylmalonic acid » 33,430 | 36,250 4-69 2:00 x107% | 4-34x107® | 4
7 Mesoxalic acid » 33,700 | 36,330 469 | 1-82x107* | 1-33x107® | 3
8) Benzenediazonium »» 23,360 | 27,110 469 | 3-43x107*| 6-70x10* | 3
chloride
(8) | o-Toluenediazonium| ,, 23,440 | 27,310 4:60 | 897x107 | 500x107 | 3
chloride
8) m-Toluenediazonium| ,, 22,800 | 26,670 469 | 880x107® | 1-22%x107% | 3
chloride
(8) p-Toluenediazonium » 27,680 | 31,150 469 | 520%x107¢ | 551107 | b
chloride
(9) Phenylbenzyl- CHCl, 29,960 | 31,620 450 | 1-04x107* | 1-38 x10™° | 7
methylallyl-
ammoniumbromide|

(1) von Halban, Z. physikal. Chem., 67, 129, (1909).

(2) Moelwyn-Hughes and Hinshelwood, Proc. Roy. Soc., A, 131, 1806, (1931).

(8) Fajans, Z. physikal. Chem., 73, 25, (1910); also private communication from Professor Freudenberg.
(4) Goldschmidt and Br#uer, Berichte, 39, 109, (1906).

(6) Wiig, J. Physical Chem., 34, 596, (1930); 32, 961, (1928).

(6) Bernouilli and Wege, Helv. Chim. Acta, 2, 511, (1919).

(7) Knaus, Thesis, Bile, (1923); vide Tables Annuelles, (1928).

(8) Cain and Nicoll, Trans. Chem. Soc., 81, 1412, (1902).

(9) von Halban, Berichte, 41, 2417, (1908).

It will be seen from this table that the velocities of these
reactions can be accounted for if a small number—from 2 to
8—of internal degrees of freedom of the reacting molecules
come into play during collisional activation. It should,
however, be emphasized that these may not be the actual
numbers involved ; they are the minimum values which make
it possible for the observed rate to be maintained. At the
same time, it is not improbable that some of them actually
represent the numbers of degrees of freedom which are
operative. The number marked with an asterisk indicates
both the minimum value of F which will account for the

observed rate and the value of F' which corresponds to the
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maximum rate of activation. In other words, if F were
taken as 8, k., would be lower than that given in the table.
It is a consequence of the Hinshelwood-Fowler-Rideal
equation that such a maximum should exist. Unless the
collision term used is very much in error, it can therefore be
concluded that 8 degrees of freedom (7+1) come into play
when triethylsulphonium bromide decomposes in chloroform
solution. Values of F for the gaseous decomposition of
simple ethers, aldehydes, and triazenes vary from about
2 to 15.

Tt will be observed that for one and the same reaction in
different solvents, the minimal number of degrees of freedom
which must be invoked often varies from solvent to solvent.
The role of the solvent in chemical kinetics has not yet been
definitely correlated with any physical properties and seems
to belong to the category of specific chemical effects, which
range from the formation of complexes, on the one hand,
to an apparently inert or purely diluent influence on the
other, The suggestion has been made that the varying
values of F from solvent to solvent may indicate in a quasi-
quantitative manner the extent to which the solvent enters
into partnership with the reactant for purposes of decom-
position.

Many alternative theories, as we have seen, are possible
and will have to be tested in due course. Provided the rate
of activation exceeds that of reaction, the medium effect
may be associated with the variable deactivating influence
of the solvent molecules.

The Influence of Substitution and of Dilution upon the Kinetics

of Unimolecular Reactions.

These two aspects of the subject have received very
inadequate attention.

The introduction of a new group into a reactant mole-
cule usually alters its reactivity, the magnitude of the
effect being comparable for unimolecular and bimolecular
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reactions. The data in Table 5 have been compiled from
the results of Knaus* and of Bernouilli and Wege{ on the
decomposition of substituted malonic acids. These figures

Table 5
" Add | E | mz
Malonic 28,820 27-96
Diethylmalonic 33,430 32-99
Allylmalonic 27,970 27-20
Phenylmalonic 29,050 33-69
Meso-oxalic 33,700 33-29

should be compared with those obtaining for the gaseous
unimolecular decomposition of ethers{ and imides§ and
with the bimolecular benzylation of amines in solution.||
The substitution of a bromine atom for a hydrogen atom in
camphorcarboxylic acid reduces the critical increment for
the decomposition in acetophenone solution from 28,960
calories** to 20,090 calories.t On the other hand, the
critical increments for the decomposition in water of p-
brombenzenediazonium chloride}j and p-methylbenzene-
diazonium chloride§§ are almost equal. Asmight be expected,
the effect of substitution is highly specific.

The velocity of decarboxylation of trichloracetic acid in
‘water increases continuously with an increase in dilution
from 0-2 to 1,000 litres per gram molecule, ||| but the variation

* Thesis, Bale, (1923); Tables Annuelles, (1928).

t Helv. Chim. Acta, 2, 511, (1919); see also Burk and Daus, J. Physical
Chem., 35, 1461, (1931).

} Hinshelwood and Askey, Proc. Roy. Soc., A, 115, 215, (1927); Hinshel-
wood, ibid., A, 114, 84, (1927); Glass and Hinshelwood, T'rans. Chem. Soc.,
1805, (1929).

§ Ramsperger, J. Amer. Chem. Soc., 49, 1495, (1927); 50, 714, (1928);
51, 2134, (1929).

|| Peacock, Trans. Chem. Soc., 21717, (1925).

** Fajans, Z. physikal. Chem., 73, 25, (1910).

11 Creighton, ¢bid., 81, 543, (1913).

11 27,000 calories; Euler, Annalen, 325, 292, (1902).

§§ 27,680 calories, Cain and Nicoll, Trvans. Chem. Soc., 81, 1412, (1902).

|l Kappanna, Z. phystkal. Chem., A, 158, 355, (1932).
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is no greater than with bimolecular reactions. This behaviour
is probably quite general. Of the many explanations which
may be offered, that based upon a change in extent of
ionization is the least probable, since hydrogen ion exerts
little influence on this reaction.

Empirical Relations

The variety of chemical changes and the range of condi-
tions under which they occur make possible an almost un-
limited diversity of kinetic phenomena. In the nature of
things, it is therefore unlikely that any simple mathematical
relation can describe more than a limited number of reactions.
The restricted applicability of the theoretical equations
which are used in this book is being repeatedly empha-
sized and need be stressed no further. Similarly confined in
scope are the empirical formulae which have recently been
advanced and may be considered briefly here.

Most of the attempts have been directed at correlating
the two constants S and E of the Arrhenius equation:
k = Se~#ET * Many of the equations can be expressed in
the general form k= JebICo-FIRT,

The hydrolysis of sugars and glykosides by acids conform
with an equation of this type, J being unity and C being a
constant dependent upon the type of glykoside; for gluco-
sides, C = 857 calories; for fructosides, C = 743 calories.
All the members of one group are thus hydrolysed at unit
rate (k = 1) at the same temperature, which is equal to
C/R.t J is also unity for some unimolecular reactions.}
The kinetics of the decomposition of alcohols at the surface
of solids are given by the same relation, C' now being a
constant for a group of similarly constituted catalysts.§ It

* See, for example, Boeseken, Rec. trav. chim. Pays-bas, 46, 574, (1927);
Gapon, Ukraine Chem. J., 5, 189, (1930).

1 Moelwyn-Hughes, Thesis, Liverpool, p. 88, (1928).

} Syrkin, Z. anorg. Chem., 199, 28, (1931).
§ G. M. Schwab, Z. physikal. Chem., B, 5, 406, (1929).
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has been suggested that ' in the case of bimolecular reactions
in solution is a function of the solvent.* Another generaliza-
tion referring to a special class of chemical changes—the
formation of quaternary ammonium salts—has recently
been disclosed.t Polissar} takes the view that the relation
is equivalent to arithmetical accident conditioned by the
experimental restrictions under which investigations have
to be carried out. From an examination of a totally different
set of reactions,D. T. Lewis and Huddleston§ express a
similar opinion, which cannot, however, be wholly true.
The fallacious argument that the constants £ and S of the
Arrhenius equation must be related simply because only
reactions with moderate speeds can be measured is refuted
by the experimental results discussed in Chapter IV.
Normal bimolecular reactions, it will be recalled, have
velocities differing by a factor of 10%, i.e. while # undergoes
a wide variation, the term S is virtually the same for all.
When S has not its normal value, it is in fact found that
In S often varies proportionately with Z. There is no doubt
that this relation has a physical meaning, but the truth
which it attests is deeply hidden, and when revealed may
not have the same complexion in all cases. With the growth
of the subject other empirical formulae will unquestionably
appear. For example, the velocity of decomposition of a
number of different carboxylic acids in water is given with
fair accuracy by the general equation
k = 2-:3x101%x e #IRT,

as the results given in Table 6 indicate. When dealing with
unimolecular reactions, a constancy in S is seldom found
accompanied by such a wide variation in £, and may
indicate a common interatomic frequency characteristic of
the carboxyl group.|| At present, however, it is wisest to

* Holdzschmidt, Z. anorg. Chem., 200, 82, (1931).

t Chemical Reviews, 10, 240, (1932).

t J. Amer. Chem. Soc., 54, 3105, (1932).

§ Trans. Chem. Soc., 1398, (1932).

|| Cf. Polanyi and Wigner, Z. physikal. Chem., ‘Haber-Band’, 439, (1928).
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Table 6
Acid E InS
Meso-oxalic 33,700 333
Diethylmalonic 33,430 33-0
Trinitrobenzoic 29,970 329
Phenylmalonic 29,050 33-7
Acetonedicarboxylic 23,200 32-3

recall the facts that the equation is quite empirical and of
a strictly limited applicability (see Table 5). Like the other
empirical relations discussed here, its immediate value lies
in its utility and suggestiveness.

4018



VI
IONIC REACTIONS

CuemicAL transformations are either preceded or accom-
panied by a diminution in the attractive forces which hold
together the constituent atoms or groups within the reacting
molecule. In other words, a chemical bond is either loosened
or entirely ruptured. The velocity of chemical change is
accordingly dependent, among other things, upon the rate
at which the reacting molecules can acquire the critical
energy necessary to loosen or break the bond in question.
There are three types of linkages which have to be dealt
with. (1) The electrovalent linkage. When barium sulphate
is formed in solution in the familiar analytical reaction,
Batt+S0;~ — BaSO0,,

the rate of formation is simply the rate at which the barium
ions and sulphate ions come together and subsequently fit
into the crystal lattice of the precipitated salt. In the
crystalline, fused, or dissolved state the sub-molecular con-
stituents of such salts are the ions, which are held together
by electrostatic forces. No critical energy is required to
render the chemical change complete. True ionic reactions, as
we have seen, are to all intents instantaneous, and the study
of the kinetics of such processes is quite beyond the reach
of experiment at present. (2) The covalent linkage. The
single bond between two carbon atoms consists of two
electrons, one electron being contributed by each atom.
Such linkages are said to be covalent: they usually hold the
constituents together very firmly. When acetaldehyde, for
example, decomposes into methane and carbon monoxide,
a considerable amount of energy must be absorbed before
the covalent bond is broken.

HH H
H:C:C;0 —>H:C:H+:C::0:

H H
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The velocity of reaction is thus very slow, and becomes
conveniently measurable only at high temperatures. (3) When
two atoms or groups are held together by a pair of electrons
contributed solely by either atom or group, the linkage is
termed a coordinate one. Thus in the case of methylamine-
hydrochloride, the two electrons constituting the bond
between the carbon and nitrogen atoms belong to the nitrogen
atom, and appear as a lone pair in the molecule of ammonia
produced by decomposition:

HH 7+ H H
HCNH .Cl; > H:C:Cl+NH
HH H H

When a coordinate linkage is broken, there is always a
change in electrovalency, which in the present example has
been reduced from one to zero.

All these types of transformations, and of course the
corresponding reverse changes, are met with in the study of
reactions in solution. As alrecady indicated, the almost
instantaneous rate of the purely ionic reaction of the type
A2+ B~% — AR explains the absence of data in cases of
this kind. On the other hand, the fairly high energy of
activation required to disrupt the stable covalent bond
implies a slow rate of reaction at the fairly low temperatures
to which investigations in liquid media are confined. When
the critical increment is relatively small (as in the decom-
position of nitrogen pentoxide, chlorine monoxide, urca, and
carboxylic acids) the velocity becomes measurable, and is
found to be not very sensitive to the nature of the solvent,
provided no chemical union sets in. Coordinate linkages are
more easily broken, and a considerable number of co-
ordination reactions have been investigated kinetically since
their theoretical importance was discovered a few years ago.
These changes, as we have seen, are attended by electro-
static disturbances within the molecule, and are therefore
more likely to be influenced by a change in the medium



172 IONIC REACTIONS

than are the decompositions of covalent compounds, since
an electrical environment (altered by using solvents of
varying dielectric capacities or by adding electrolytes) may
make itself felt without allowing of any definite chemical
interaction between solute and solvent such as is postulated
to account for the influence of the solvent on the decom-
position of covalent compounds.

A distinction must now be drawn between what we have
termed true ionic reactions and ionic reactions as the term
is more generally understood. A purely ionic reaction
involves the combination of ions the mutual affinity of
which is wholly electrostatic. In the more general sense, an
ionic reaction is taken to mean a chemical change, perhaps
of a profound character, between two or more molecular
species of which at least one possesses an electrical charge.
An example is afforded by the conversion of chloropurpureo-
chromichloride into roseochromichloride in aqueous solution
—a reaction which was followed by Freundlich and Pape*
by measuring the power of the cation to coagulate arsenic
sulphide sol:

[Cr(NHg),C1]** +H,0 — [Cr(NHg),H,0]+ +++Cl-.

This reaction is seen to be in reality a coordination reaction ;
although ionic in the sense that charged molecules partici-
pate, the chemical change is quite as radical as, and in fact
very similar to, the combination of amines with alkyl halides.
It is with reactions of this kind that we have now to deal.
The major part of the information available is concerned
with the manner in which the velocity of such chemical
changes is influenced by the electrical environment, which
in aqueous solutions may be suitably modified by the intro-
duction of electrolytes. For this purpose it will be necessary
to give a brief outline of recent views on the nature of
electrolytic solutions. At a later stage the absolute rates of
ionic reactions will be compared with those calculated from

* Z. physikal. Chem., 86, 458, (1914),
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first principles. The result of the comparison, it may be
well to emphasize here, is to show that the electrical environ-
ment is but one of the factors governing the rate of reaction.

The Interionic- Attraction Theory of Electrolytic Solutions.

Deviations of the behaviour of ions in solution from that
of neutral molecules have their origin in the forces of electri-
cal attraction and repulsion exerted between the ions. This
is the fundamental idea underlying the modern theory of
solutions of electrolytes, which, originating in the work of
Milner* and of Bjerrum,} has been incorporated into
physical chemistry in the form given it by Debye and
Hiickel.I Tt is beyond the scope of this book to examine the
theory in detail, and reference will therefore be made only
to those aspects of it which will be of direct service to us.§
The basic postulate of the theory is that, owing to electrical
forces, the ions in solution are not uniformly distributed,
there being on the average in the neighbourhood of any ion
more ions of unlike than of like sign.|| On the assumption—
which experiment shows to be nearly though not quite valid
—that the electrolyte is completely dissociated, Debye and
Hiickel have shown that the value of the mean electrical
potential ¢ , at a distance » from the ion 4, due to the uneven
distribution of the ions, is

eK(l

_er —K?
$a= Dr¢ 1+xa’ (1)

where. 2, is the valency of ion 4, ¢ is the electronic charge,
D is the dielectric constant of the medium, « is the closest

* Phil. Mag., 23, 551, (1912).

1 Z. Elektrochem., 24, 321, (1918).

1 Physikal. Z., 24, 185, (1923); 25, 97, (1924).

§ For a simplified presentation of the theoretical treatment reference may
be made to the work of A. A. Noyes (J. Amer. Chem. Soc., 46, 1080, (1924) ).
Its examination in the light of experiment is given by Davies (The Conduc-
tivity of Solutions (Chapman and Hall, (1930) ).

|| It is more accurate to say that the motion of any given ion in solution
sets up an electrostatic field which tends to oppose the motion.
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distance of approach of other ions to an 4 ion, and « is
given by the now familiar expression

][ 4me® 3 c2? )

<= oo bz )
c is the total concentration of the surrounding ions, expressed
in gram ions per litre, so that the term » cz2 is equal to
twice the ionic strength u.

The activity coefficient of an ion of valency z in a medium
of uniform dielectric constant D at temperature 7', when the
ionic strength is p, is given by the Debye-Hiickel theory as

2 3 2
B L
The first term in this expression is seen to be a universal
constant, which, on substituting 6-06 x 1023 for N, 4-77 x 10-10
e.s.u. for ¢, and 8:315x107 for R, is found to be 4:166 x 108,
In a medium of unvarying dielectric capacity at a fixed
temperature we have
—Inf = a2 /u, (4)
where o is a constant. The theory, therefore, states that the
activity coefficient of an ion is an exponential function of
the square root of the ionic strength, its absolute value being
independent of any specific property of the ion and deter-
mined solely by its ionic type, i.e. by the sign and magnitude
of the charge z.

Equation (4) has been deduced on the assumptions that
the ions may be regarded as point charges and that the
dielectric constant of the medium is the same at all distances
from a given ion and is, moreover, independent of the ionic
strength. By assuming D to be a linear function of p, it has

been shown that —Inf = az®u—pu, (5)
where B is a constant characteristic of both solute and

solvent, and varies approximately inversely with the radius
of the ion.* It is only in very dilute solutions—say, for

* E. Hiickel, Physikal. Z., 26, 93, (1925).
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example, below an ionic strength of 0-002—that the constant
B may be entirely ignored and the limiting expression (4)
becomes strictly applicable.

The application of these principles to the kinetics of
reactions in solution is due in large measure to Bronsted,
whose theory of the influence of added electrolytes on the
velocity of chemical change occurring between ions in
solution must now be considered.

The Intermediate-Complex Theory of Bimolecular Reactions.

Following the line of argument given on p. 139, the trans-
formation of molecules 4 and B in a bimolecular reaction
A+B — C+D may be imagined to take place via the
formation of an intermediate complex X, with which the
reactants are in thermodynamic equilibrium, 44+ 8 X.
By the law of mass action we have

K = ajgﬂ = (c ,c,,) (f{}n)

The rate of reaction being proportional to the concentration
of the complex,

v=Fklcy = k’KcAc,,(fAf”), (6)
fx
or, putting k'K = k,
k f flf 7
V= KoC4qCp (7)

Nothing is known about the nature of the intermediate
complex. Bjerrum* assumes it to decompose unimolecularly,
the rate of chemical change being determined by its specific
reactivity k’; K is assumed to be independent of tempera-
ture. Bronsted,t on the other hand, regards the rate of
formation of the complex, or the rate of attainment of the
equilibrium stage, as determining the. velocity, so that the
influence of temperature upon the reaction is a displace-
ment of the equilibrium; £’ is taken to be independent of

* Z. physikal. Chem., 108, 82, (1924).
t Ibid., 102, 109, (1922); 115, 337, (1925).



176 IONIC REACTIONS

temperature. Both hypotheses are equally valid: if the
lifetime of the complex is great compared with the time
elapsing between two successive activating collisions, the con-
ditions postulated by Bjerrum willresult. Alternatively, if the
complex has a life which is short in comparison with the
time taken to traverse the mean free path, the state of affairs
will correspond with Bronsted’s supposition. The two views
therefore represent extreme cases, the choice between the
two being governed by the relative complexity of the
chemical change concerned. The whole problem has been
regarded from another angle by Christiansen,* who, without
making any assumptions about the intermediate complex,
recalls the possibility that the factors governing its forma-
tion may be complicated by variable deactivating influences.

Equation (7) has, in fact, been derived in a variety of
ways, starting with assumptions concerning the complex
which are equally plausible but experimentally indistin-
guishable. Since nothing is definitely known about its true
nature, there is clearly no advantage to be gained by com-
paring the various assumptions. It will be recalled that this
equation reduces to the experimental relations found by
Lewis, Harned, Akerléf, and others, when the activity
coefficient of one or more of the reacting solutes is either
independent of, or changes in a simple manner with, the
total concentration. The important point is that the
velocity v at constant temperature is a function of the ratio
(fa falfx) of the activity coefficients—a term which Bron-
sted calls the kinetic activity factor (#). Since the observed

. .de 1
bimolecular constant is — ——, we have
dt c,cp

buverv = bo(47) 1y . ®

X

The kinetic activity factor is thus a quantitative indication
of the extent to which the experimental velocity deviates

* Z. physikal. Chem., 113, 35, (1925).
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from the ideal value k,. At infinite dilution, the activity
coefficients of all solutes are unity, and the two rates become
equal ; but it must not be overlooked that k, is still a com-
posite term.

Bronsted’s Theory of the Electrolyte Effect.

The presence of neutral salts has long been known to
influence the velocity of reactions in aqueous solution. The
rate of change may be increased or decreased by the addition
of electrolytes, and may be a simple linear function or a
more complicated function of the total salt concentration.
Bronsted’s theory* has brought coherence into many of the
apparently chaotic observations that have been made from
time to time. The theory distinguishes between two definite
effects which added salts may exert. Primarily, their mere
presence may alter the activity coefficients of the solutes,
whether these be ions or neutral molecules. Such an
influence is termed the primary salt effect, and is represented
by a change in the value of F. Secondly, the presence of the
added salt may vary the position of the equilibrium govern-
ing the formation of the complex, and thus alter the actual
concentration of one or more of the reacting species. This
is termed the secondary salt effect. An example will serve
to illustrate these ideas. When sucrose is hydrolysed in
aqueous solution by 0-1 molar hydrochloric acid, k is found
to increase about 4 per cent. on addition of 0-1 molar
potassium chloride. The degree of dissociation of the acid
has remained sensibly constant, and the increase in k can
be attributed entirely to the enhancement of the activity
coefficient of the hydrogen ion; we are therefore dealing
with the primary electrolyte effect. When, however, the
catalyst is 0-1 molar acetic acid, the addition of the same
concentration of sodium acetate causes k to decrease about
40 per cent. ; in this case also the activity coefficient of the

* Loc. cit.; also, Chemical Reviews, 5, 231, (1928); Trans. Faraday Soc.,

24, 630, (1928).
4018 Aa
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hydrogen ion has increased slightly, but its effect on the
velocity has been completely masked by the suppression in
the dissociation of the acid, and the consequent serious
diminution in the concentration of the catalyst; the salt
effect is therefore secondary. The primary electrolyte effect
is by far the commoner. The secondary effect appears when
one of the reactants is a weak electrolyte, i.e. when its
dissociation at moderately high dilutions is not complete
and varies with the total concentration.

The Primary Electrolyte Effect; The Principle of Ionic Type.

The general solution is given by equation (7), in the
derivation of which it is important to observe that the
instantaneous rate (v) of reaction has, upon all hypotheses,
been assumed to be directly proportional to the concentra-
tion—and not the activity—of the participants, i.e. the
velocity constant &k’ retains its usual significance as the
number of molecules reacting per unit time in a system
containing unit concentration of reactants. Now let us
consider the ionic bimolecular reaction A%44-B%z —» X%x,
where Z denotes the electrical charge on the various ions.
By equation (4), we have

~Inf, = aZip
~Infp = aZ%\/p, ete.
Combining with equation (7), and noting that Z,+Zp = Zx:

v = kg cpe*fatnwm (9)
or kobserved = kO erelaZnyp (10)
or ln(k]:z-s) = 207 4 Z gAp. (11)

The velocity of ionic reactions is thus an exponential
function of the ionic type (represented by the charges Z,
and Zz) and of the square root of the ionic strength. No
departure from ideal behaviour will be apparent when either
of the reacting species is uncharged, since k,,, = ko when



IONIC REACTIONS 179

either Z, or Zjy is zero. When the two reacting ions have
charges of the same sign, the addition of electrolyte will
cause an increase in the velocity; when the ions are oppositely
charged, an increase in the total concentration of electrolyte
will diminish the velocity; if one of the reactants is a
neutral molecule, k,,, should be independent of u. Finally,
the curves found by plotting values of In k,,,, for all ionic
reactions, against the square root of the ionic strength
should be linear, the tangents of the curves being intogral
multiples, positive or negative, of 2a.

1f, in the expression for the activity coefficient of an ion,
common logarithms be employed, logyf = o«’Z2/u, where
o’ = «/2:303. Equation (11) then becomes

ko )8 777
logm( k:)) = 20'Z 4 Zg\p

The absolute magnitude of «’, as we have seen, is dependent
upon the dielectric constant of the medium and upon the
temperature. It happens that for water at 25° C., «” = 0-505,
so that as an approximation we may write

ko
togia(2") = ZuZo d. (12

When, therefore, the common logarithm of the observed
velocity coefficient for a bimolecular ionic reaction in
dilute aqueous solution at 25°C. is plotted against yp,
the intercept should be logyk, and the gradient should be
0 = tan"1Z,Z, With the values of k, so obtained, the

quantity logy (k];”’s) may be plotted as a function of \/u; the
0

slopes under these special conditions should be very nearly
+1, +2, +3, ete., 0, —1, —2, —3, ete. The principle is
exemplified well by the accompanying figure, which is due

to La Mer.*
Such excellent agreement with the theory of Bronsted is

* Chemical Reviews, 10, 179, (1932).
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found to be limited, not only to very dilute solutions, but
to ionic reactions where the charges are fairly low. The
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F1a. 1.—The influence of ionic strength on the velocity of ionic reactions.

1. 2[Co(NH,)Br]++ +Hgt+ +2H,0 — 2[Co(NH,);H,01**+ + HgBr,! (Bi-
molecular).

2. Circles. CH,BrCOO~+8,0;~~ - CH,8,0,C00~ +Br-.

Dots. 8,05~ +2I~ - I,+280;~ (Bimolecular).
. [NOy=N—-COOC,Hs]-+OH~ - N,0+COj3 - +C,H,0H.
. O H,,0;; +OH~ - Invert Sugar
. H,O3+H*+Br~ - H,0+Br,.
. [Co(NH,);Br]* * +OH~ — [Co(NH,),0H]** +Br-.

S O W

failure of the curves to reach the theoretical limiting slope
may be traced to the inapplicability of the simple expression
(equation (3)) deduced by Debye and Hiickel for the
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activity coefficient.* The activity coefficient of certain
tervalent ions, determined by means of solubility measure-
ments, is found to be linearly related to 4/u only when the
anion of the added salt is univalent. When ions of higher
valency are present, the experimental limiting slope of the
—log f-y/i curve is between two and three times as great as
that predicted by equation (3). The precise formula for the
activity coefficient of salts of the unsymmetrical valency
type (A%s B%s, where Z  + Zj) is somewhat complicated,¥
but even with these electrolytes there is a parallelism between
activity coefficient and reaction velocity in their relation to
the ionic strength.

Reactions between Ions and Neutral Molecules.

Chemical reactions of the type (A%+B%-— Products)
deserve a more detailed treatment on account of their pre-
valence. In very dilute solutions, the velocity should be
independent of the total concentration of electrolyte. This
is seen to hold for the reaction between monoiodoacetic acid
and the thiocyanate ion in the presence of a strong acid
(Table 1):

CH,I.COOH+CNS~ — CHy(CNS).COOH +1-.
In neutral solutions, the iodoacetic acid is largely ionized,
so that under these conditions the reaction between the
iodoacetate ion and the thiocyanate ion should come into

Table 1
g i
010 010 571
010 005 569
0-10 0-025 579
0-05 005 567
0-025 0025 576
010 0-20 571
0-05 0-20 575

* La Mer and Mason, J. Amer. Chem. Soc., 49, 363, 410, (1927) ; La Mer and
Cook, zbid., 51, 2622, (1929); La Mer and Goldman, :bid., 51, 2632, (1929).
1 La Mer, Gronwall, and Grieff, J. Physical Chem., 35, 2245, (1931).
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prominence. Since the term Z , Zy of equation (11) has now
increased from zero to unity, there should be a primary salt
effect. Holmberg’s observations* are consistent with this.{
Another striking example is afforded by the work of Kil-
patrick,f who investigated the velocity of the reaction
between water and hexa-urea chromium ion:
611,0+4Cr{Co NH2)+++—> OR(H,0)¢+6CoC
2 \NH,/, B \NH,
The change is almost certainly not as simple as its uni-
molecular character would indicate, but this is probably
irrelevant. Using a constant initial concentration of the
complex ion of 0-0025 gram ion per litre, £ was found not
to vary when by addition of potassium nitrate the ionic
strength was brought up to 0-0402 (Table 2). Attention

Table 2
T IRNOJX10? | kg X100
(gram mol. /litre) (seconds~1)

0 1-86

25 1-84

50 1-87
100 1-85
150 1-85
200 1-83

has been directed by Bronsted§ to a number of other
reactions of zero ionic type, where the primary salt effect
amounts to no more than the limit of experimental error.
Mention may be made of the reduction of ferric ion by
hydroxylamine||
2Fet*++2NH,0H — 2Fe*+*+N,0+H,0+4H*,
the decomposition of chlorine peroxide by chloride ion :**
2C10,+H,0+Cl~ — 2HCI0,+-CIO~,

* Z. physikal. Chem., 92, 134, (1921). 1 Brénsted, tbid., 102, 169, (1922).
1 J. Amer. Chem. Soc., 50, 359, (1928).

§ Loc. cit. || Raschig, Annalen, 241, 188, (1887).

** Bray, Z. physikal. Chem., 54, 569, (1906).
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and the reaction between chloracetamide and potassium
xanthogenate :*

CHZCI <002H5 LH2820002H5

CONH2 LONH

As indicated on p. 40, when the concentration of one of
the reacting species in a bimolecular reaction is maintained
at a constant value, the reaction appears to be unimolecular.
The majority of the known cases of catalysed reactions in
aqueous solution belong to this class, so that the catalytic
coefficient (i.e. observed unimolecular constant/concentra-
tion of catalyst) should, in dilute solutions, not alter with
the concentration of the reactants. This has already been
shown (p. 41) to be true in the classic instance of catalysis
by hydrogen ion.t Similar behaviour is recorded by Bron-
sted and Grovef for the hydrolysis of ethylene acetal
(Table 3). Other familiar examples of catalysis by hydrogen

Table
TUHENX10 | ke x100 |k
(gram ion /htre) (mmuto%" Iogm) [H*)
5 0912 0-182
10 1-82 0-182
25 4-62 0-185
50 9-38 0-188

ion in which no primary electrolyte effect is observed are:
the inversion of sucrose;§ the hydrolysis of esters;|| and the
mutarotation of glucose.** Among those reactions which are
catalysed by hydroxyl ion, no change in the catalytic
coefficient with dilution has been found for the hydrolysis

* Holmberg, ibid., 88, 385, (1914).

+ Bredig and Fraenkel, Z. Elektrochem., 11, 625, (1905) ; Z. physikal. Chem.,
60, 202, (1907); Spitalsky, Z. anorg. Chem., 54, 2178, (1907).

t J. Amer. Chem. Soc., 52, 1394, (1930).

§ Arrhenius, Z. phyenlcal Chem., 4, 226, (1889); Palmaer, ibid., 22, 492,
(1897) ; Euler, 4bid., 32, 348, (1900).

|| Poma, Meddelanden Vetenskap. Nobelinstit., 2, 11, (1912); Taylor, tbad.,
2, 34, (1913).

** Bronsted and Guggenheim, J. Amer. Chem. Soc., 49, 2564, (1927).
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of y-valerolactone,* the polymerization of acetone,t and the
inversion of sucrose.f A salt effect amounting to about
10 per cent. is observed when esters are saponified by alkalis
in 0-1 molar solutions, but below this concentration k is
definitely independent of the dilution, as the following
results of Arrhenius prove:

[NaOH] 0-05 0-025 0-0125 0-00625 0-003125

kogzec. 676 6-52 648 6-58 6-65

The reaction between hydrogen peroxide and the iodide

ion in aqueous solutions has been very fully investigated.§
The complete absence of any electrolyte effect is brought
out clearly by the results of Walton, which are quoted in
Table 4. With potassium iodide as catalyst, the average

Table 4

[NalI]x 10 Koge, X 103 keos
(gram mol. /litre) (minutes—!; log,) [Nal]
6-16 813 1-32

9-21 11-99 1-30

12-26 16-21 1-32

18-40 24-19 1-31
24-52 31-95 1-30
30-60 39-47 1-29
36-80 48-10 1-31

value of the catalytic coefficient at 25° C. is 1-33 litres per
gram molecule per minute.

The dynamical interpretation of these results is simply
that the frequency of collisions between ions and neutral
molecules in dilute solution is not appreciably influenced by
the presence of added electrolytes.

The Secondary Electrolyte Effect.

Let us consider a reaction which is catalysed by hydrogen
ion. As the source of the catalyst we will use, in turn, two

* Henry, Z. physikal. Chem., 10, 96, (1892) ; Holmberg, ibid., 80, 587, (1912).

1 Koelichen, ibid., 33, 129, (1900).

} Arrhenius, ¢bid., 1, 111, (1887) ; La Mer, Chemical Reviews, 10, 179, (1932).

§ Walton, Z. physikal. Chem., 47, 185, (1904) ; Brode, ibid., 49, 208, (1904);
Harned, J. Amer. Chem. Soc., 40, 1461, (1918).
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weak electrolytes so that the concentration of hydrogen ion
may be varied by the addition of a neutral salt. With
acetic acid as the first source of the catalyst we have

HAZHY+A-
and K= Qe X@a- _ Che XCa- frr Xfa-
a = ALRRACT. S
Aya Cya fua

If fua may be regarded as invariant,

K =g f
CHA

Both activity coefficients decrease with the addition of
neutral salts, so that an increase in ¢y is anticipated, and
the secondary salt effect should be positive. As our second
source of hydrogen ion we will use the hexa-aquo chromic
ion, the first stage in the dissociation of which is

-
Cr(H,0)) *F = Cr(OIﬁO)SJrH 3
Like the ammonium ion, this complex ion is a true acid in
the sense that it is able to part with a proton. As before,
the equilibrium is defined by the relation

K, = Cir+ Cop i+ fruvforr v .
Copt+ Cpttr
By means of equation (4) it is seen that the kinetic activity
factor in this case is €%, i.e. it increases with the con-
centration, so that ¢y may be expected to decrease with the
addition of neutral salts; the secondary salt effect should
thus be negative.

These considerations have been applied by Bronsted and
Teeter* to the catalytic decomposition of diazoacetic ester
by hydrogen ion. They find (Table 5) that the addition of
potassium nitrate causes the velocity to increase when
acetic acid (0-05 molar) furnishes the catalyst, and to de-
crease when hexa-aquo chromic ion (0-0105 molar) supplies

* J. Amer. Chem. Soc., 28, 579, (1924).
4018 Bb
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Table 5

The Effect of the Addition of Potassium Nitrate upon the Velocity of
Decomposition of Diazoacetic Ester Catalysed by Hydrogen Ion.

Hydrogen ions from acetic acid Hydrogen jons from hexa- -8quo chromic jons
[KNOg] x10* | kx10* [[H+]x10*| Kex10® [KN()'] X10® | Ex10° [(H+]x10¢| Kex10*
0 127 9-52 185 0 139 10-4 126
b 1-31 9-77 196 — —_ —_ —_
10 1-35 10407 2:07 10 1-38 100 1-16
20 1-37 10-27 215 20 1-29 97 1-09
60 1-42 10-62 2:30 50 1-21 9-0 094
100 1-46 10+ 90 1 44 100 1 12 8- 4 0-82

the catalyst The concentration of hydrogen ion has been
obtained by means of the relation kyweq = £"[H*], where
k” is the catalytic coefficient of Bredig and Fraenkel (see
Table 6, Chap. II). The equilibrium constant K, is thus

(H*]?
0-05—[H*]’
formity with Bronsted’s supposition.

Precisely the same argument holds for the catalysis of
reactions by weak bases. The decomposition of nitroso-
triacetonamine is catalysed by hydroxyl ion: with piperi-
dine as the base, addition of sodium chloride increases the
rate of reaction, but with sodium phosphate as base, addi-
tion of the same salt decreases the rate.* The lowering in
the rate of hydrolysis of ethyl acetate when ammonium
chloride is added to a solution of the ester containing
ammonia may be explained in the same way.?

The classification of salt effects into primary and secondary
is one of convenience only and is not fundamental. In
both cases the added electrolyte influences one or more
of the factors in terms of which thermodynamic equili-
brium is defined. In the primary salt effect, it is the
equilibrium between two reactants which is disturbed; in
the secondary effect, it is the equilibrium between one of
the reactants and a third body, usually a constituent of
a weak electrolyte.

and is found to vary with the dilution in con-

* Bronsted and King, J. Amer. Chem. Soc., 47, 25623, ( 1925).
1 Arrhenius, Z. physikal. Chem., 2, 284, (1888).
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Linear and Exponential Electrolyte Effects.

Hitherto we have confined attention to the influence of
ionic environment upon the velocity of reactions in very
dilute solutions, for which the limiting law of Debye and
Hiickel (equation (4)) expresses with sufficient accuracy the
change in activity coefficient with total concentration of
electrolyte. The factors at work in solutions of higher ionic
strength are but little understood ; progress in this direction
is partly empirical, and depends upon the validity of
approximations which have to be introduced. The greatest
advance has been made in the study of reactions of zero
kinetic type: 4%+ B° — Products. According to the hypo-
thesis of the intermediate complex, the velocity of reaction
is given by equation (7). It is therefore necessary to find
expressions for the activity coefficients of both ions and
neutral molecules which are applicable to solutions of high
ionic strength.

Theoretical investigations on the manner in which the
activity coefficient (f,) of a non-electrolyte is influenced
by ionic environment have been made by Debye and
MacAulay* and by Scatchard.t It has been shown that,
provided the dielectric constant of the solution of the
non-electrolyte falls off with an increase in concentration,
In f, increases linearly with respect to p:

Inf, = bu. (13)

b is a constant depending upon the value of the ionic radii.
Experimental confirmation of this equation has been given
by Beltonf for the change in the activity coefficient of
N-chloracetanilide in the presence of various salts. Using
common logarithms, the numerical values of b in aqueous
solution at 25° C. are 0-372, 0-164, and 0-275 for sodium
chloride, barium chloride, and magnesium sulphate respec-
tively. In the same way, the activity coefficients of iodine

* Physikal. Z., 26, 22, (1925).  t Trans. Faraday Soc., 23, 454, (1927).
t Proc. Leeds Phil. Soc., iv, 178, (1932).
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in aqueous salt solution are exponentially related to the
ionic strength.* To an approximate degree this is true also
for solutions of phenyl-thioureat and o-nitrobenzaldehyde.}
As a working hypothesis it may be assumed that in general
the activity coefficient of a non-electrolyte is given by an
equation of this form.

The activity coefficient of an ion is given by equation (5),
which accounts for the well-known minimum through which
the activity coefficient passes during a change in concentra-
tion. Combining equations (7), (5), and (13), we obtain for
the kinetic activity factor:

In(5%) = (04— (14)

For reactions between ions and neutral molecules, therefore,
In k should be directly proportional to the ionic strength up
to very considerable concentrations. In dilute solutions, this
has been verified by Bronsted and Wynne-Jones§ for the
hydrolysis of acetal by 0-0008N hydrochloric acid at 20° C.
CH3CH(OC,H;),+H,0 — CHgCHO+2C,H,OH.
The reaction is sensitive to hydrogen ion but not to other
ions. This fact, coupled with the slowness of the uncatalysed
hydrolysis and the electrical neutrality of the participants,
renders it very suitable for the purpose in hand. Using a
dilatometric method, the figures in Table 6 have been

Table 6
‘Added | Concentration |  kx10? i
_clectrolyto | of electrolyte | (minutes; logy) | 2+lognk
None 0-00 1-563 0-185
KNO, 0-05 1-63 0412%3:8;2
NaCl 0-10 172 0-238y o0
NaCl 0-15 1-84 0~265}0_O23
KNOj; or NaCl 0-20 1-94 (average) 0-288}

* Carter, Trans. Chem. Soc., 127, 2861, (1925).

1 Rothmund, Z. phystkal. Chem., 33, 401, (1900).
! Goldschmidt and Sunde, <bid., 56, 1, (1906).

§ Trans. Faradau Soc., 25, 59, (1929).
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obtained, from which it is clear that log £ is proportional to p.
It will be noticed that the primary electrolyte effect is quite
considerable—a fact which rather suggests that the absence
of any such effect for those other reactions of zero kinetic
type which have been discussed may be due, not to the
applicability of expression (4), but to the cancelling out of
the B terms in the more accurate expression (5). As already
indicated, equation (14) should hold up to moderate con-
centrations. In view of this fact, it is unfortunate that the
scope of the inquiry has been so limited.

It is an experimental fact that the velocity constant for
certain reactions of zero kinetic type, particularly hydro-
lytic changes catalysed by hydrogen ion, is linearly (rather
than exponentially) related to the ionic strength. The
hydrolysis of ethylene acetal is a case in point.* When
catalysed by perchloric acid, or by mixtures of this with
either acetic acid or monochloracetic acid, the unimolecular
constant is directly proportional to [H*'], at least up to
concentrations of 0-05 gram molecule per litre. When uni-
univalent salts arc added to a solution containing a fixed
concentration of acid, & is found to increase linearly with
the total salt concentration, as shown in Table 7, where
relative values of k£ are given taking the velocity in a salt-
free solution as unity. The slope of the curve found by
plotting k against [Salt] is constant in all cases, but assumes
different values for different uni-univalent salts. The velocity
is actually decreased by the addition of sodium picrate.

Table 7

Relative velocity of hydz;olysiﬂ of cthylene acetal

Concentration of

added electrolyte In the presence of NaClO, | In the presence of NaNO,
0-00 1-:000 1-000
0-05 — 1-039
0-10 1-165 1-080
0-156 1-239 1-123
0-20 1-326 1-172

* Bronsted and Grove, J. Amer. Chem. Soc., 52, 1394, (1930).
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Marked specific effects have been observed also by Dawson
and Key* in the study of the enolization of acetone in the
presence of lithium, sodium, and potassium chlorides. The
reaction between thiocyanate ions and monochloracetate
ions is not influenced to an equal extent by potassium and
sodium ions.f

Bronsted offers the following explanation for the propor-
tionality between k and p, and for the specificity of the salt
effect. Considering the terms (b+8,—By) of equation (14),
where b refers to the unionized solute, B to the hydrogen
ion, and By to the complex, it can be seen that, if the term
within the brackets is small,

er?*+Bs=Px) is nearly 1+u (b+B,—Byx), hence

Fove — 1 e (b +85—B). (15)
0

Now b is usually positive, and g for any ion is approximately
inversely proportional to its radius, hence in hydrogen ion
catalysis B will be greater than By, and a (linear) positive
salt effect is to be anticipated. This expectation, as we have
seen, is fulfilled in certain instances. Adopting the same
argument, a linear and positive salt effect should be manifest
in zero type reactions which are catalysed by hydroxyl ion.
Generally speaking, this is not found.}

The specificity of the electrolyte effect has been recorded
in an empirical observation made by Grube and Schmid§
upon the hydrolysis of cyanamide by acids in concentrated
salt solutions. They found that k}g:s = ¢%, where ¢ is the
concentration of salt, and G is a constant, specific for each
electrolyte. This is formally similar to equation (14), and

* Trans. Chem. Soc., 1239, 1248, (1928).

t Holmberg, Z. physikal. Chem., 97, 134, (1921).

1 Cf. The depolymerization of diacetone—XKoelichen, wbid., 33, 129, (1900);
the decomposition of nitrosotriacetonamine—Francis and Geake, T'rans. Chem.
Soc., 104, 1722, (1913).

§ Z. physikal. Chem., 119, 19, (1926).
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reduces to k,,, = ko(1+Gc) for small values of ¢ (cf. equa-
tion (15)).

It will be already appreciated that the theory of Bronsted
offers considerable latitude in the matter of interpretation.
A comparison of the results given in Tables 1, 2, 3, and 4
with those of Tables 6 and 7 indicates that even in dilute
solutions (not exceeding 0-2 molar) the effect produced upon
the velocity of reaction by increasing the total concentration
of electrolyte may be zero, exponential, or linear. The slight
departures from the zero effect given in Table 3 suggest the
existence of intermediate cases. In conjunction with this,
it must be remembered that different uni-univalent electro-
lytes exert unequal influences on one and the same reaction.
The case is therefore not yet proved that the extent of the
disturbance in these reactions, even in very dilute solutions,
depends solely upon the ionic strength. It would be very
surprising in fact, if, contrary to experience, such were found
to be the case; the electrical environment is but one of the
conditions which can alter the velocity, and specific influences
are bound to enter. Among other effects, the relative com-
plexity of the reactants has been mentioned. The rate of
hydration of hexa-urea chromic ion, for example, involving
a series of changes in a complicated molecule, is probably
governed by the stability of the activated ion, i.e. the
Bjerrum condition may be expected to hold. It is not sur-
prising, therefore, that the presence of small amounts of
neutral salts has no effect on the velocity of this chemical
change. The hydrolysis of ethylene acetal is more likely to
depend upon the frequency of collisions between hydrogen
ion and the solute—a quantity which is susceptible to the
presence of ions of varying sizes and degrees of hydration.
In solutions not so dilute as those with which we have been
dealing, the specific influence of foreign ions is satisfactorily
explained by the terms b, B, and By of equation (15).

An alternative explanation of the linear salt effect be-
comes possible if the anion, as well as hydrogen ion, exercises



192 IONIC REACTIONS

a catalytic effect on these reactions. The results of Dawson
and Lowson, however, on the rate of hydrolysis of ethyl
acetate catalysed by mixtures of sodium chloride with
hydrochloric acid and with monochloracetic acid show that
this explanation is not sufficient.* By the theory of multiple
catalysis, we have v = ky+[H*]+kua[HAc]+k,._[AcT] for
the rate of reaction in the presence of the organic acid.
kg has a value of 9-0x10-8 at 25° C., and may be assumed
constant at all dilutions. Independent experiments show
that k,,_ is negligibly small. The values of kg« computed
upon this basis are given in Table 8. Up to an ionic strength
of 0063, this quantity is independent of the amount of
added electrolyte, thus furnishing another example of a
reaction of zero kinetic type for which the primary salt
effect is nil. Beyond this point, ky+ increases almost linearly

Table 8
0 1 N Hydrochlonc acxd 0 1 N Monochloracemc acxd
[NaCl] kgt x 10° [Na,Cl] kg% 103
0 647 0 650
— -— 0-01 6-52
— 0-02 653
—_ — 0-03 6-55
— — 0-04 6-57
0-05 6-57 0-05 6-58
0-10 — 0-10 6-66
0-20 6-87 0-20 6-82
0:30 —_ 0-30 6-98
0-50 7-35 0-50 7-32
1-00 8-:09 1-00 814
2-00 9-85 2:00 9-90
3-00 11-80 3-00 11-80
4-00 14-10 4-00 14-10

with the total concentration of salt, at least up to a concen-
tration of 2 gram molecules per litre. These results are in
excellent agreement with equation (15). Dawson’s work on
the acetone-iodine reaction reveals a similar behaviour until
an ionic strength of about 3 is reached.

* Trans. Chem. Soc., 393, (1929).
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A linear salt effect is not infrequently met with in reactions
between ions and neutral molecules, but several instances
are known of carefully investigated reactions in this category
for which there appears to be no clear connexion between
velocity and ionic strength.*

Review of Bronsted’s Theory.

The work of Bronsted and his collaborators deals with the
part played by electrolytes in altering the velocity of ionic
reactions in aqueous solution. The theory postulates the
formation of a charged intermediate complex, which exists
in thermodynamic equilibrium with the reactants. Ex-
pressions for the velocity of reaction are then deducible in
terms of the activities of the reactants, for determining
which the theory of Debye and Hiickel is introduced. By
predicting the direction (and in many cases the magnitude)
of the electrolyte effect, by distinguishing between primary
and secondary disturbances, and by establishing the principle
of ionic type, Bronsted has brought a long-delayed theoretical
illumination on to a large mass of experimental material.
The theory is admittedly incomplete in that it ignores all
non-thermodynamic factors. Furthermore, its validity
rests largely on assumptions made concerning the activity
coefficient of a fugitive complex which eludes direct in-
vestigation.

The theory treats comprehensively of the factors which
modify the velocity of an ionic reaction from that ‘normal’
value which it would possess in an ideally dilute solution,
but tells us nothing about its absolute magnitude. This
aspect of the problem must now be discussed.

The Statistical Mechanics of Ionic Reactions.
The problem of ionic bimolecular reactions has been
approached from the point of view of statistical mechanics

* Akerlof, Z. physikal. Chem., 98, 260, (1921) ; Garrett and Lewis, J. Amer.
Chem. Soc., 45, 1091, (1923).
4018 ce
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by Christiansen.* Asshown in Chapter IV, the instantaneous
velocity v of a bimolecular reaction in an inert solvent at
great dilutions is

v=cy 052 45T e ¥, (16)

where v is the number of gram molecules decomposing per
second per litre, and Z ,; is a constant characteristic of the
reaction and numerically equal to

N, 1 1
om0 (37 (Mﬁ E)}
Ignoring the effects due to orientation and to deactivations,
we must now inquire how this expression must be modified
for the case where the reacting molecules are electrically
charged.

In the deduction of the collision formula by the kinetic
theory of gases, it is assumed that the concentration of
molecules B in the neighbourhood of any given molecule 4
is the same as that in the bulk of the gas—an assumption
which cannot be true when ions in solution rather than
neutral molecules in gases are considered. The theory of
strong electrolytes, as we have seen, is based upon the
recognition of an uneven distribution of ions. When thermo-
dynamic equilibrium is attained in the immediate vicinity
of any ion, the Boltzmann distribution law states that the
mean ‘concentration’ ¢ of ions B at a distance r from an

ion A is
n ¢ = cpe~CrehDba, (17)

where ¢, is the average electrostatic potential at the dis-
tance # from the central ion A4, ¢ is the bulk concentration
of ions B, zy their valency, and e the electronic charge. The
distribution, moreover, of translatory energy is uniform
throughout the solution, since the motion of a swarm of
molecules into a field of force alters the density but not the
kinetic energy of the swarm.} It follows that the number

* Z. physikal. Chem., 113, 35, (1924).
t Jeans, The Dynamical Theory of Gases, 4th ed., p. 96, (1925).
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of collisions between ions A and B will be given by the
gas collision formula, corrected by the term e~ ¢a<*? %4, The
velocity of reaction then becomes

v = cpZ VT e FIT g~ CakTIbs, (18)

Z ,u, as before, is a constant characteristic of the masses
and diameters of the ions.

Two conditions must be fulfilled before chemical reaction
can set in. In the first place, the ions must approach each
other to within a certain critical distance, which is the lower
limit of . Now this depends upon the total concentration
of electrolyte, so that the collision frequency will vary with
the ionic strength. In the second place, the kinetic encrgy of
the colliding molecules must equal or exceed the energy of
activation ; this is not influenced by the ionic strength.

By inserting into equation (17) an approximate expression
for the electrical potential ¢, Christiansen has shown that
the collision theory, modified in this way, is in agreement
with Bronsted’s theory. The treatment outlined above,
however, makes no allowance for the possible formation of
a stable complex, although the conditions holding in the case
of an unstable complex are covered in Christiansen’s fuller
treatment by including the probability of decactivation.
Equation (17) accordingly gives us the upper limit to the
velocity of reaction which is possible under the most favour-
able conditions of translatory activations. It will be shown
later that the observed rates of certain rcactions are greater
even than this.

The following deduction of the Bronsted relation from a
statistical mechanical basis is due to Scatchard.* It has
certain advantages over Christiansen’s earlier derivation,
although yielding finally the same result. It is immaterial
whether we think of the complex as a physical constellation
or as an activated chemical compound. Provided the
probability of its existence, while small, differs but slightly

* Chemical Reviews, 10, 229, (1932).
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from that of other complexes, the concentration of the
complex is given by the relation

cx = K"c cpe@nclkda, (19)
The rate of reaction being proportional to cx (equation (6) ),
we have e WK’ cpe-cadkDbi g EIRT, (20)

which is similar to equation (18) except that it does not
identify the proportionality factor with the collision fre-
quency. Using the value given by equation (1) for the
electrostatic potential, we have

Cy = K”CA cp e{~(€'2, 25| DKTr)e*(ex 1 4xa)} (2 1 )

At infinite dilution (« = 0), the concentration of each species
is equal to its activity, and the exponential term reduces
to —e% 25/ DkTr, so that

ay = K"a a6 a2l DkTr, (22)

Remembering the definition of the activity coefficient as
f=alc,
5 ay  €2z42p e Texa

tn f{ "% —In - = pite - e | (@
We may now either expand in series, omitting higher terms,
or make the assumption that @ and » must be very nearly
equal. It is in all probability justifiable to assume that the
distance (7) of approach of two ions which characterizes the
formation of a complex cannot differ much from the closest
distance (a) of approach of other ions to an 4 ion. When
r = a, we have

wfafe _ zazn x
T = DT l4ea’ (24)
A further approximation becomes legitimate, since we may

ignore the term «a in comparison with unity, and write

f f € ZA ZB
e % (25)
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Combining with (7), which is the general equation of the
intermediate-complex theory,

v = ]\,-0 C4Cp (€2 2zl DkT)x

kobs . e2zA %p

ke — DkT ™

Employing the value of « given by equation (2), it follows
that

or In

= 2az 2K, (26)

where «, as before, is

.Né 63 271'
(DRT)'» J (1000)‘

This is identical with equation (11), as might have been
anticipated from the fact that the Debye-Hiickel expression
for the electrostatic potential has been incorporated in the
thermodynamic treatment of Bronsted and in the statistical
mechanical treatment of Christiansen.

Reactions between ions and non-electrolytes, in solutions
containing low concentrations of each, have been dealt with
along similar lines by Scatchard.* By means of relations
deduced by Grosst and by Debye} for the influence of an
electrolyte (4) upon the activity of a non-electrolyte (1), it
can be shown that the concentration ((',) of the non-
electrolyte at a distance r from an ion is

C,=cgrr, (27)

C, is the concentration at an infinite distance:

2,2
4 €F4 3p 28
£ 8a N, kT D (28)
Cp
* Loc. czt. t Monatsh., 53, 445, (1929).

t Z. physikal. Chem., 130, 56, (1927).
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Since R is independent of the concentration of the electrolyte,
we have, for the concentration of the complex,

Cy=KC,C,=KC,C,e®"=KC,C,=KC,Cpfyp (30)

The change in rate of a reaction between an ion and an
uncharged molecule caused by the addition of an electrolyte
should thus be equal to the change in the activity coefficient
of the uncharged molecule. This is identical with Bronsted’s
conclusion (equation (14) ), since in dilute solutions 8, and
Bx are probably equal.

To the question of how the velocity of a completely non-
ionic reaction is influenced by the presence of electrolytes,
the answer given by the statistical mechanical inquiry is
that Ink should vary as an approximately linear function
of the ionic strength. Reference will be made later to
experiments which confirm this conclusion in a striking
manner.

Scatchard has approached the problem of solvent action
by attempting to discover the manner in which the velocity
of a reaction is changed when the sole variant is the dielectric
constant of the medium. The inquiry leads to interesting
conclusions, but it is difficult to conceive of experimental
conditions complying with the assumptions upon which the
calculations are based.

The Relation between Critical Increment and Ionic Strength.

The effect of temperature on the velocity of an ionic
reaction will in general be a profound one. Regarded from
the standpoint of thermodynamics, a change in temperature
will shift the position of equilibrium and will modify the
activity coefficients in terms of which the equilibrium is
defined. From the point of view of statistical mechanics, the
effect of a change in temperature is to alter the number of
activated molecules, in the Arrhenius sense, and by an
adjustment of the most probable distribution of the ions to
modify the collision frequency also. Now although ions of
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opposite sign congregate near one another as a result of
electrostatic attraction, they do not collide with any greater
violence than they would in the absence of electrostatic
attraction. This, as we have seen, is a salient point in
Christiansen’s theory of ionic reactions. It has been rightly
emphasized* that its omission violates an important prin-
ciple of statistical mechanics. Accepting as an hypothesis
that activation in ionic reactions is due to the translatory
energy of the colliding ions, it follows that the energy of
activation must be independent of the ionic strength.
Whether the observed critical increment will prove to be so
remains to be seen.

The problem may be suitably approached by considering
the equation of Bronsted which applies to solutions so dilute
that the limiting law of Debye and Hiickel holds good.

Inkg,, = Inky+2az,02, . (11)

ko is simply the extrapolated value of the velocity con-
stant corresponding to zero ionic strength; « has its usual
significance. Differentiating with respect to 7', and multi-
plying each term by RT2:

dinD

ar

Reactions between ions and neutral molecules (z, or z, is
zero) should therefore have a critical increment independent
of the ionic strength. There is a large mass of data which
might be quoted as vindicating this conclusion. Many
examples have been given in earlier chapters. The effect
seems to be fairly general even when the total concentration
of electrolyte far exceeds that for which the limiting law
can be expected to apply. Table 9 shows that the addition
of large amounts of univalent salts does not change the
critical increment of the lactonization of y-hydroxyvaleric
acid.

B = Ey—30z,42,, w{RTZ +RT). (31)

* La Mer, Chemical Reviews, 10, 179, (1932): Brénsted, ibid., 5, 231,
(1928) ; Wynne-Jones, T'rans. Chem. Soc., 1230, (1928).



200 IONIC REACTIONS

Table 9
Lactonization of y-Hydroxyvaleric Acid, Catalysed by 0-5 N Hydrochloric
Acid in the Presence of Salts
Kcl Byswe. |
0 15,220
0-671 16,020
1-341 14,880
2:012 15,000
2-682 15,000

Garrett and Lewis, J. Amer. Chem. Soc., 45, 1091, (1923).

Returning to equation (31), it will be observed that when
both reactants are charged, £, will vary with 4/ in a way
which depends, in the first place, upon the relative magni-
tudes of the terms RT?%dInD/dT) and R7T. Since the
dielectric constant decrcases with a rise in temperature,
these terms will be opposite in sign. In the case of water at
25° C., they are roughly —930 calories and +590 calories,
hence as a special case we may write

B = Bg+-30z. 23 p (340). (32)
The critical increment should thus increase or decrease with
increasing concentration, according as the ions are similarly
charged or oppositely charged. « for water at 25° C. has
a numerical value of 1-158. The difference between the
critical increment at infinite dilution and the value at an
ionic strength of 0-2 is consequently 5302z, z,, calories. This
falls within the limit of experimental error when 2,2z, is 1,
and possibly 2, but should be detectable experimentally for
reactions of higher ionic types.

The influence of temperature upon the velocity of ionic
reactions has been very inadequately studied. As far as
the work hitherto accomplished allows us to decide, these
expectations are confirmed by experiment. Kappanna* gives
the following results for the reaction between thiosulphate
ions and monobromacetate ions (Table 10). Taking 15,900

* J.Indian Chem. Soc., 6,451, (1929) ; Kappanna and Patwardhan, Rec. trav.
chim. Pays-bas, 51, 379, (1932).
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Table 10

8,05~ 4 CH,Br.COO ™ -> CH,(8;0,)” .COO ™ +Br ™.

ook Feswe
0-0025 l 15,660
0-0050 ‘ 16,290
0-0070 ’ 16,120
0-0085 l 15,920
0-0100 '

15,520

calories as the average value of K, the maximum cxperi-
mental deviation from this is 4-400 calories, which is greater
than the variation of 225 calories predicted by equation (31).
Over a wider range of concentration, similar effects have been
found in the case of chloracctate-thiosulphate reaction.*

Table 11
 Total ionic |
concentration keooc. [k s00c, koo [Rgo oo,
0-02 198 2-09
0-04 1-96 1-99
0-08 202 204
010 2.02 208
0-15 204 202

It does not appear that the combined influence of tem-
perature and ionic strength has been studied in the casc of
reactions of higher ionic type.

The temperature coefficient of the following non-ionic

reaction 3HNO, — HNO,-+2NO+H,0
has been carefully measured over a wide range of electrolyto

concentration by Abel, Schmid, and Rémer,t whose results
are summarized in the form

logiok — —6’3,50+22-65+0-O78j.

The total ionic concentration (j) was varied from 0-6 to 4-0.
Within this fairly wide region, then, there is an invariant
* Kappanna, J. Indian Chem. Soc., 5, 293, (1928).

1 Z. physikal. Chem., 148, 337, (1930).
4018 D d
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(and composite) critical increment of 28,500 calories. At each
temperature, logk is proportional to the ionic strength—
as predicted by the statistical mechanical theory.

] 1 1 |
3-00 3410 320 5-5b0 340 350 3:60 %
—_— 103

T

Fra. 2.

It has been found that, just as # for non-ionic reactions
is uninfluenced by the addition of electrolytes, so £ for
reactions involving ions is frequently not influenced by
the addition of non-electrolytes (Table 12).

Table 12
~ Reacion | Non-cloctrolyto added | k£
Hydrolysis of acetyl-glycine by 0-5 N None 22,300
hydrochloric acid (Escolmoe and 12:69%, glycerol 21,800
Lewis, Trans. Faraday Soc., 23, 31:59, glycerol 21,700
651, (1927) ) 50-49, glycerol 21,800

8:19, propy! alcohol 22,500
20-29, propyl alcohol 21,900
32-39, propyl alcohol 21,900

Hydrolysis of raffinose by 01N None 25,330
hydrochloric acid (Stothart, Thesis, 12:69, glycerol 256,510
Liverpool, (1928)) 31-59%, glycerol 25,270

50-49, glycerol 25,210
10-:09, glucose 25,610
20-09, glucose 25,680

30:09, glucose 25,570
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Less Simple Ionic Reactions.

Most of the reactions hitherto considered have been those
which follow a fairly straightforward bimolecular course in
dilute solutions. lonic reactions are usually much more
complicated; the number which has been studied is very
large. All that is possible here is to demonstrate, by
examining a few illustrative examples, the general principles
upon which all the others are interpreted. We shall treat of
the action of halogens, in aqueous solution, upon oxalic acid,
arsenious acid, hydrogen peroxide, and phenylpropiolic
acid. These are all retarded by hydrogen ion, a fact which
at once suggests that the active agent is not the free halogen
molecule, but one or more of the products of hydrolysis:
Xo+H,0 - HXO-+X-++H". This contention has been sub-
stantiated in all the following instances.

A. The Reaction between Bromine and Oxalic Acid.
(COOH)y+Bry, — 2HBr+2C0,.

Roloff* discovered that the rate of reaction was retarded
by bromide ions and by hydrogen ions, and concluded that
the bromine molecules were attacked by oxalate ions.
Berthoud and Bellenot,t by replacing oxalic acid by neutral
oxalates, arrived at the same conclusion, and showed,
further, that the velocity had the exceptionally high
temperature coefficient of 5:99. From a study of the inhibi-
tive action of various acids, examined under a great range
of experimental conditions, Jozefowiczi inferred that the
measurable reaction is

HC,05 +HOBr — H,0+2C0O,+Br-.
His rather incomplete analysis of the kinetic data, however,
led to certain inconsistencies in the final results, which were
not removed until the whole matter was reinvestigated by
Griffith, McKeown, and Winn.§ These authors agree with
* Z. physikal. Chem., 13, 346, (1894).

t J. Chim. physique, 21, 308, (1924).
t Rocz. Chem., 8, 123, (1928). § Trans. Faraday Soc., 28, 107, (1932).
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Jozefowicz in regarding the velocity of reaction as being
due entirely to the change written above. In their hands,
this relatively simple mechanism has been shown to account
fully for all the experimental facts. Rates have been
measured at three temperatures, and in solutions of varying
composition for which p ranged from 0-8 to nearly zero.
The kinetic equations are very complicated, yielding
finally the bimolecular constants given in Table 13. These
values refer to 21:5° C., and are given in litres per gram
molecule per minute. There is a pronounced linear salt
effect, and a specific influence of sodium and potassium ions.

Table 13
In presenco In presenco
of KBr NaBr
© Ex 1074 Ex 1072,

0-00 (1-89) (1-89)
0-01 1-90 1-90
0:05 1-945 1-:90
0-1 2-01 1-92
0-2 2-11 1-945
0-3 2-195 1-99
0-5 2-41 2:16

The high temperature coefficient recorded by Berthoud and
Bellenot is shown to be a composite value involving the
equilibrium constant (K) for the hydrolysis of bromine.
The product Kk was found by Griffith, McKeown, and Winn
to increase 5:95 times for a rise of 10° this value being
independent of the total concentration of electrolyte. Since
the temperature coefficient of K is 2-42,* that for k¥ must be
2:52, which corresponds to a critical increment of 15,400
calories.

B. The Reaction between Chlorine and Oxalic Acid. An
analogous mechanism has been found to apply to this
reaction,t the velocity of which is governed by the bi-

* Jones and Hartman, Trans. Amer. Electrochem. Soc., 30, 295, (1916);

Bray and Conolly, J. Amer. Chem. Soc., 33, 1485, (1911).
t Griffith, McKeown, and Winn, Trans. Faraday Soc., 28, 518, (1932).
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molecular process
HC,0,~+HOC! — H,0+2C0,+Cl".

The specific rate is about 28 times as slow as that of the
bromine-oxalate reaction ; £ is 15,000 calories.

C. The Reaction between Iodine and Oxalic Acid. Depend-
ing on the relative concentrations of iodine and potassium
iodide, the rate of the thermal oxidation of oxalic acid by
iodine is unimolecular or semimolecular with respect to the
halogen. The varied and interesting observations which
have been made are best interpreted by postulating the
existence of two independent, concurrent reactions.* The
unimolecular component is in all respects analogous to
the reaction between oxalic acid and the other halogens,
the measurable process being

HC,0,~+HOI — H,0+2C0,+1".

Rather surprisingly, the critical increment (18,550) is greater
than that for the two other reactions, and the velocity is
somewhat lower. The mechanism of the semimolecular
process indicates that the active agent is the iodine atom, as
in the photo-oxidation of oxalic acid. The simplest kinetic
interpretation of the results is that a chain reaction takes
place in the following manner:

I1+C,05 - 5 I-+C,04

(05 +13 — 2CO0,+141.
‘alculation of the velocity of this reaction necessitates a
knowledge of the degree of dissociation of iodine in aqueous
solution, which is not at present available. Griffith and
McKeown have estimated that the approximate value of
k" at 45°C. is 7-5x10* seconds, £’ being 17,800 calories.
Chains of about a million cycles are thus indicated.

Reference may here be made to another example of a

thermal reaction in solution involving free atoms.f The

* QCriffith and McKeown, ibid., 28, 752, (1932).
1 Polissar, J. Amer. Chem. Soc., 52, 956, (1930).
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uncatalysed decomposition of ethylene iodide in carbon
tetrachloride solution at temperatures ranging from 40° to
150° C. is negligibly slow:
CH,I.CH,I — CH,: CHy+1,.
The reaction, however, is autocatalytic, and over a very
wide range of iodine concentration the velocity is expressed
by the equation
d,)
dt
Several mechanisms might be suggested, all of which, as
Polissar points out, indicate the action of iodine atoms.
Expressed in minutes, k is equal to 44 x 1012 x VT' x e~ 20500/ KT,
Assuming the heat of dissociation of iodine in this solvent
to be equal to the value in the gas phase, it can be shown
that Polissar’s hypothesis leads to calculated rates lying
close to the observed values. The energy of activation for
the reaction involving iodine atoms is about 12,500 calories.

= k[CzH4Iz] [Izl*-

D. The Reaction between Iodine and Arsenious Acid.

ky
H3AsO3+15 +H,0 2 HgAsO,+2H ++31-. (@)
Roebuck* and Bray,t from a study of this reaction at
0° (., have shown that

d[HaAsO3] — [ HaAﬁos][Ia] (b)
di A
and AL as0 01 (©

The ratio k,/k, was found to be 0-15, agreeing closely with
the value of 0-16 determined for the equilibrium constant

H+][1"]*[HAs0,]

K~[ B o S d
(15 [H;A50;] “
Bray} accepts the mechanism of Roebuck as the only

* J. Physical Chem., 6, 365, (1902); ibid., 9, 727, (1905).
t Ibid., 9, 578, (1905).
1 Chemical Reviews, 10, 161, (1932).
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reasonable one. This assumes the two following equilibria
to be reached very rapidly,

I,+H,0 > HIO+I-+H"; Kl:[HIQ][[IIi]lH*;] (©
2

I; 2L4+1-; K, = L] ()

(1z]
and the observed rate to be governed entirely by the bi-
molecular reaction between arsenious acid and hypoiodous
acid:

k
H3;As0;4+HIO — H3AsO4+H +-+17. (¢)
According to this mechanism,
d{lz] _ _d[H3As05] _ ;rpr 4o
— g = d = k[H3As03])[HIO]
_ [H3AsOg][1,] ;- - [H3AsOg](15]
= kK, St = kKK, [HI-] - (h)

[H+](17)

By comparing equations (b) and (&), we sce that k = k;/K K,,
so that it becomes possible to evaluate the bimolecular
coefficient (k) from a knowledge of the observed coefficient
(ky) and the equilibrium constants K, and K, Licbhafsky*
takes A, at 0° (. to be 9x10715, and K, to be 7-2x10"4%
Using Roebuck and Bray’s figure for k;, which is 1:57 <102
litres per gram molecule-second, & becomes 2-42 x 102, This,
as Liebhafsky points out, is of the same order of magnitude
as the collision frequency calculated by means of the
formula for gases—a result very similar to that obtained
by him in the case of the reaction between hydrogen per-
oxide and the iodate ion{—and indicates that every collision
between the reacting molecules results in chemical change,
independent of any energetic restrictions. Another interest-
ing feature of this reaction is that, upon approximate
estimates, it appears to have a negative temperature

* J. Physical Chem., 35, 1648, (1931).
t Jones and Kaplan, J. Amer. Chem. Soc., 50, 1845, (1928).
1 Ibid., 53, 896, (1931).
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coefficient, the Arrhenius E being about —7,700 calories.
Unfortunately, these figures are not very reliable, so that
a discussion based upon them at this stage is premature.
It is reassuring to learn that Liebhafsky’s investigations are
being continued, for they have every prospect of affording
interesting information on the frequency of collisions in
liquid systems. In the meantime, it may be mentioned that
the results as they stand at present are not difficult of inter-
pretation. If the measurable reaction is determined by
collisions between water molecules and molecules of the
complex HgAsO4,HIO, a theoretical collision frequency some-
what greater than 2-42 x 102 becomes possible, and a negative
temperature coefficient is also to be expected.

E. The Reaction between Bromine and Hydrogen Peroxide.
The manner in which bromine attacks hydrogen peroxide
in aqueous solution is given by the stoichiometric equations

H,0,+2Br-+2H+ — Br,+2H,0 ()
H,0,+Br, — 0,+2Br~+2H+. (b)
The velocities of these reactions have been found to be*
_@[}1202] — d[Br,] _

w ST = ky[H,0,][Br-][H+] (c)
and _ﬂ%%(_).z] _ _@[%fz_] N L?%gz}%]z], )

The decomposition of hydrogen peroxide is thus catalysed
by both bromine ions and bromine molecules. The con-
centration of bromine molecules, by reaction (a), increases
with time, and by reaction (b) decreases with time. The
reverse is true of bromine ions. A certain stage will conse-
quently be reached at which these opposing influences
exactly balance one another, and the composition of the
catalyst will attain a stationary value. This condition has
been termed the steady state, and the reactions which lead

* Bray and Livingston, J. Amer. Chem. Soc., 45, 12561, (1923); ibid., 50,

1654, (1928); Livingston and Bray, tbid., 45, 2048, (1923); Livingston, tbid.,
48, 53, (1926).
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to it have been termed compensating reactions.* At the
steady state, the two rates given by equations (c) and (d)
must be equal, hence

ky _ 5 _ [Br,] ,

NS “
This relation has been verified at 25° C., where k; and k,,
corrected for salt effects, are 3:7x10"¢ and 3-:0x10°%
respectively (units of seconds and gram molecules per litre).
kyfky is thus 1-23; R was found to be ca. 1-45. It will be
observed that, at the steady state, the reaction must be
unimolecular with respect to the hydrogen peroxide, since
the effective concentration of catalyst is fixed. The reaction
itself, however, is anything but unimolecular. A totally
unsuspected complexity here lies concealed under an
apparent kinetic simplicity. It indicates the fallacy of
ascribing an order to a reaction by seeing with which of the
kinetic equations the results fit best. Expressing the hydro-
lysis of bromine in the usual way,
_ [HBrOJ[Br-]J[H']
= ey !
we complete the experimental relations which are necessary
in formulating the kinetics of this reaction. If the measur-
able reaction H,0,+H*+Br~ — HBrO+H,0 be followed
by the rapid attainment of stage (f), the velocity of reaction
(@) can be accounted for. The stoichiometric and kinctic
equations (b) and (d) can be reconciled by postulating the
process which determines the rate to be

Br,+H,0 = HBrO+Br-+H*; K

H,0,+HBrO -3 0,+Br-+H++H,0. )
This gives us
_d[H,0,) _ _d[HB:0)
da dt

_ — . g H20:1(Br.]
= ky[H,0,][HBrO] = k3K (Br-JH+]’
* Bray, loc. cit.; Abel, Z. Elektrochem., 14, 598, (1908).

4018 Eea
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from which, as in the previous instance, it is possible to
evaluate the bimolecular velocity constant (k5). At 25°C.,
we have k; = ky/K = 3-0x10-%/5-2x 1079 = 5-8x10+4 litres
per gram molecule-second.

F. The Reaction between Iodine and Hydrogen Peroxide.
The work of Brode,* Magnanini,} Noyes,; and Abel§
indicates that the very simple relationship established by
Walton (Table 4) for the kinetics of this reaction holds only
in neutral solutions of iodides. In the presence of acid,
the velocity at any instant is a complicated function of the
concentrations. Without entering into a full discussion of
the mechanism which is at present accepted, it may be
mentioned that there is evidence for believing that at least
three catalysts affect the decomposition of hydrogen
peroxide in the presence of aqueous iodine. They are

H,0,+1- - H,04+I0~ (a)
H;0,+10~ — H,0+1-+0, (b)
H,0,+HIO — H,O+H*+I~+40,. (c)
The velocity constants, determined indirectly, at 25° C. are
(1/gm.s.) k, = ca. 17 x 10°
" k, = 5-5x103.

The difference in catalytic activity of hypoiodous acid and
its anion is rather striking, and, as far as can be ascertained,
has no parallel. But it is admitted by the investigators that
neither of these values is very reliable. A reinvestigation by
Liebhafsky|(| has yielded the following results:

ky =2x101; k, = 2-2x103.

It seems quite clear that the reaction measured by Walton
was reaction (a), followed by a second and fast change,
which is perhaps reaction (b). In other words, the reaction

* Loc. cit. t Gazz. chim. ital., 21, 476, (1891).

1 Z. physikal. Chem., 19, 601, (1896).

§ Ibid., 136, 161, (1928); ibid., 96, 1, (1920); Z. Elektrochem., 14, 598,
(1908). | J. Amer. Chem. Soc., 54, 3499, (1932).
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between hydrogen peroxide and the iodide ion in neutral
solution is a chain reaction of two cycles. This is probably
the explanation for the inapplicability of the Arrhenius
equation to Walton’s results (Table 14). The published
value of the Arrhenius term A4 is 6,864, which corresponds to
E =13,590. This, however, is just the mean of three values
which definitely fall with a rise in temperature.

Table 14
kobnervu:;( 103 B S
t° C, (minutes-! g.m./l.) Eprehenine
5 . .
15 6 35} 14,240
25 14-12
} 13,580
35 30'00} 12,490
45 62:50 o

The thermal decomposition of hydrogen peroxide has
many of the features of a chain reaction, and it is a matter
for surprise that it has not been studied from this angle. The
uncatalysed decomposition is exothermic, @ being 23,060
calorics per gram molecule,* and exhibits many kinetic
irregularitics, among which may be noted the sensitiveness
of the rate to the presence of dust particles, the nature of
the walls of the vessel, and adventitious impurity.f The
high photon efficicncy} and the action of inhibitors§ estab-
lish the chain character of the photochemical reaction.

G. The Reaction between Chlorine and Hydrogen Peroxide.
There is much similarity between this and the case of
bromine. A stationary concentration of the halogen mole-
cules and ions is reached, and a steady rate of decomposition
sets in. Budge|| has substantially confirmed the carlier work
of Livingston and Bray,** and finds a temperature coefficient

* Thomsen, Thermochemistry, p. 194, London (1908).

t See p. 34; also Clayton, Trans. Faraday Soc., 11, 164, (1915); J. Williams,
ibid., 24, 245, (1928); Pana, ibid., 24, 486, (1928).

t Kornfeld, Z. wiss. Phot., 21, 66, (1921).

§ Anderson and Taylor, J. Amer. Chem. Soc., 45, 1210, (1923).

| Ibid., 54, 1792, (1932).
** Ibid., 47, 2069, (1925).



212 IONIC REACTIONS

for the reaction, in the presence of concentrated hydro-
chloric acid, of 20,750 calories. If this is any indication of
the energy required in the separate stages, it is seen that
a molecule of hydrogen peroxide in decomposing liberates
more than enough energy to activate a fresh molecule, and
a reaction chain becomes possible. The limiting value of
the velocity constant of the following reaction is not known,

H,0,+HCIO — 0,+-Cl-+H*++H,0,

but in the presence of 4-8N hydrochloric acid at 25°, k is
1-3x10% (1./g.m.s.).

H. The Reaction between Iodine and B-Phenylpropiolic
Acid. In the presence of potassium iodide, this reaction is
bimolecular with respect to the acid and the total iodine.*
It appears, however, that molecular iodine does not add on
to the acid, the reaction at ordinary concentrations taking
place between the tri-iodide ion and the organic acid or
its anion:¥

CgH;C=C.CO0~+I; — CeH,CI=CI.COO~+1-.
At dilutions exceeding about 400 litres per gram molecule,
there comes into prominence a very rapid reaction, apparent-
ly initiated by collisions between molecules of hypoiodous
acid and phenylpropiolate ions. The kinetics of the reaction
are summarized by the equation

—Aal _ b AYI k4T HOT)

k, is smaller than, and k, is greater than, the normal values.
Molecular halogens are reluctant to attach themselves to
unsaturated compounds by a simple mechanism. Bromine
is not added on directly to cinnamic acid, but hypobromous
acid has been suspected of playing a role in the bromination
in acetic acid solution.}
Collecting the evidence afforded by the foregoing examples,
* James and Sudborough, T'rans. Chem. Soc., 91, 1037, (1907).

1 Moelwyn-Hughes and Legard, ¢bid., 424, (1933).
1 Williams, <bid., 979, (1932).
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it may be said that most of the facts may be suitably inter-
preted by regarding the active agent as the molecule HXO
or its anion (X represents a halogen atom). The velocities
of the reactions between HXO and oxalic acid, arsenious
acid, hydrogen peroxide, and B-phenylpropiolic acid are so
great that they lend themselves to measurement only by
indirect means. A complete comparison of the various rates
is not yet possible, since the temperature coefficient has not
been determined for each reaction, but sufficient data are
available to show that the catalytic activity of the halogens
diminishes in the order I > Br > ClL. The decomposition of
di-isopropyl ether in the gaseous state is catalysed by iodine,
and to a smaller extent by bromine; chlorine has little
influence.* As already pointed out (p. 96), this order of
catalytic efficiency is persistently encountered whether the
halogen atom is free or combined.

The Effect of Substituent Groups on the Velocity of Ionic

Reactions.

The change in the rate of ionic reactions attending the
introduction of new groups into one or both of the reacting
molecules has been studied by a large number of investiga-
tors. In fact, this approach to the problem has long been
one of the most popular from the experimental side. Leng-
feld, for example, measured the ‘stability’ of alkyl halides
by comparing the rates at which they react with alkalis and
with silver nitrate.t For reasons which have already been
given, conclusions drawn from a comparison of velocity
measurements carried out on a homologous series of reactions
at one temperature only are apt to be misleading. If the
influence of substitution upon the kinetics of the reactions
is the aim of the research, complete and accurate determina-
tions over a range of temperature are absolutely nccessary
(p. 93). Then it may become possible to decide whether

* Clusius and Hinshelwood, Proc. Roy. Soc., A, 128, 75, (1930).
t J. Amer., Chem. Soc., 11, 40, (1889).
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‘weighting’ the molecules alters the critical increment, or
whether, in a more mechanical way, it interferes with the
frequency of effective collisions by obstructing the smaller
molecule (or ion) from hitting the larger one on the right spot.

Rather than omit entirely any reference to the abundance
of material which is available, we may cite a few of the most
carefully studied cases. They show effects qualitatively
similar to those found for non-ionic reactions. Table 15*
illustrates the effects of interchanging the halogen atom (X)
and the inorganic ion (B~ or B~~) in the following reaction:

X.CH,.COO~+B~~ — B-CH,.COO~+X~.

The figures are relative values of the bimolecular constants.

Table 15
7 Reactmg ion o
bubstltuont in tho a,cetato ion ONS- ’ GO - ] §30.,
a1 ‘ 1 22 41
Br 110 2,160 4,230
I 154 | 3,780 6, 300

The influence of lengthening the chain of carbon atoms is
shown in Table 16, from which it would appear that internal
rearrangement of one of the reacting molecules brings about

Table 16
Relalwe Velocities of Homologous Reactions
| Total number of carbon atoms in-
the moleculet
Temperaturo
2 3 4 5 l 6 | of comparison
$,0,--+HCHBr.COO- | 101 305 (1| 053 | 033 25-0%
--+HCH,.COOCH, 124 114 | 1| 060 | .. 9-4§
(' H,0-+HCH,I 279 | 107 | 1| 043 | 096 42-5)
H,0*-+H.CONH, 138 | 083 |1 051 | 013 61411

* La Mer, Chemical Reviews, 10, 179, (1932).

1 The chains are lengthened by substituting for the hydrogen atom shown
in heavy type. The series are normal or straight-chained.

1 Backer and van Mels, Rec. trav. chim. Pays-bas,49,457,(1930) ; La Mer, (loc.
cit.). § Reicher, Annalen, 228, 275, (1885) ; van 't Hoff, Studies, p.116,(1896).

|| Segaller, T'rans. Chem. Soc., 105, 106, (1914).

1t Crocker, ibid., 91, 593, (1907).
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a slightly greater change in velocity in reactions of high
than in those of low ionic type. On the whole, however, the
successive introduction of —CH,— groups has much the
same effect on the different reactions. The first member of
a homologous series is usually ‘abnormal’ in the velocity with
which it reacts, as it is in most of its other properties. This
is the reason for the standard adopted in Table 16.

Esters containing a halogen atom arc attacked by the
thiosulphate ion more readily than are ions containing the
same halogen atom. This fact has been turned to good
account by La Mer,* who has been able to calculate from it
the nearest distance of approach of the ions during collisions
which lead to chemical change. Let us consider the two
following reactions:

BrCH,.COOCH 48,035 = — (S;05)CH,. COOCH;+Br-
and

BrCH,.CO0~+8,035 ~ — (8,05 )CH,.COO~+Br-.
The concentration of the complexes thio-ester and thio-ion
are given by equations (22) and (30). Considering the condi-
tions which hold at infinite dilution, and assuming that the
equilibrium constant for the two systems is the same, we have

[[thio-ion] = K"c, ey e verr
[thio-ester] = K"c ¢,
kostcr) . €2ZA Zp Qe
Hence logw( khm o = 2.303 I)k_’l"r' (33)

Substituting numerical values for the constants relating to
o (1 . 3:066 <108
water at 25° C., the expression becomes z,z,x - , .

kestcr
Kion
mentally by La Mert is 58, whence r = 3:47x10-8 cm. The
corresponding value using «-bromopropionic acid is 131,
givingravalueof 2-88 x10~8cm. Ingold} from measurements

* Loc. cit. 1 J. Amer. Chem. Soc., 51, 3341, (1929).
t Trans. Chem. Soc., 1375, (1930).

The limiting value of the ratio determined experi-
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of the velocity of hydrolysis of dicarboxylic acid esters,
has been able to evaluate the distance separating the
two carboxyl groups. These are rather striking results of
molecular magnitudes determined from purely kinetic data.
The influence of polar substituents upon the velocity of
hydrolysis of ethyl esters (XCH,.COOC,H;) has been
examined by Ingold.* To eliminate the steric factor the
kou

ratio ( kn
ions and hydrogen ions is considered. This relative velocity
should be independent of the shape of the ester, but not of

kou) . .
OH) increases as X is
ky

) of the velocities under the influence of hydroxyl

the polarity. It is in fact found that (
H—, Cl<«— or NHj «.

The Absolute Magnitude of the Velocities of Ionic Reactions.

The combined influence of temperature and of added
electrolytes upon the rate of ionic reactions has been rather
inadequately studied. The data available are summarized
in Table 17, which contains the results obtained by La Mer,

Table 17
k - at
55> C
(litres /gram
Reaction mol.-sec.) zZ E
CH,C1.CO0-+8,0,-~ — 447x10-5%| 1-13x 107 | ca. 15,500}
CH, Br COO-+8,0;—~— 4-38%10-3 | 2:20x 10° 15,900
2[Co(NH3)5Br]+ r +Hg+++2H,o | 1.21x10° | 1-28x 108 12,280§
HCIO+HOO0C.CO0-— 1-:61 x10* | 177 x 1012 15,000
HBrO+HOO0C.COO- — 4-35x 10%2 | 9-30x 103 15,400
[Co(NH,);Br]**+OH~ — 7-29 x 10° 1:63 x 10'® 23,6708
CH,C:C.COO-+13-— 1:01x10-3 | 1:39x 10 15,500

* Trans. Chem. Soc., 1032, (1930).

t Computed by assuming the ratio ky,-/kc- (= 98 in 0-1 molar solutions)

not to vary with dilution.

1 The Arrhenius equation is not accurately obeyed; the values at two

temperatures differ by 1,500 calories.

§ Velocities were measured at two temperatures only, hence it is not clear
whether the Arrhenius equation holds good.
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Kappanna, Griffith, McKeown, Winn, Bronsted, Livingston,
Legard, and Moelwyn-Hughes, rearranged into common
units. Each reaction is kinetically bimolecular, the velocity
constant corrected for salt effects being given by the
expression k = Ze FFT litres per gram wmolecule-second.
These reactions have rates differing widely from those we
should expect if they were simple bimolecular processes
deriving the energy of activation from two square terms
only. To go beyond this stage is admittedly speculative
but will serve to exemplify the principles which have been
outlined in the preceding portions of this work. We will
consider the reaction between hypobromous acid and the
monoxalate ion only. In principle, the following three
possibilities present themselves as explanations of this very
fast velocity. Quantitative agreement with theory results
if (1) rcaction chains of 450 cycles are set up, or if (2) a
complex is formed with a heat effect of 3,600 calories, or if
(3) three internal degrees of freedom contribute to the energy
of activation. Of these, the chain mechanism is perhaps the
least plausible, so that we may go one stage ncarer the
solution by ascribing the rapid rate of this reaction to either
or both of the other influences. It would perhaps appear
that the intermediate-complex theory is the more probable
explanation, in that it conforms with the theory of ionic
reactions as developed by Bronsted, but this is really not
true, for we have seen that Bronsted’s equations may be
derived without postulating the existence of a complex (i.c.
by Christiansen’s method, which simply combines equation
(1) of Debye and Hiickel with the collision formula (18)
modified by the Maxwell-Boltzmann factor). The problem
must accordingly be left open. In this connexion it may be
remarked that valuable evidence in favour of the inter-
mediate-complex view would result if a reaction were dis-
covered of a non-chain character possessing a velocity
exceeding any which might be calculated from equations
(6) and (11) of Chapter L.

4018 ¥f
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Since (by equation (21)) the critical increment of ionic
reactions does not vary with the ionic strength when one
of the reactants is an uncharged molecule, and changes but
slightly when both ions are charged, we are justified in
supplementing these data with results found without paying
any special regard to salt effects beyond keeping the con-
centration low and fixed over the complete temperaturerange
(Table 19). Out of about thirty reactions now before us,
nine have rates that are normal in the sense that they agree
with the values calculated by the equation of Lewis, allowing
an error of about 1,800 calories in the value of E. Just as in
the general case for bimolecular reactions (Chap. 1V), the
most probable velocity of a bimolecular ionic reaction is

Table 19
Refer-
ence. Reaction E i Z
(1) | CHCLCOO™ + OH~— 25,850 | 455 %101
(2) | NHCNO — (NH,),C0 23,160 | 469x10m
CH,I.COOH +Cl~ — CH,Cl.COOH -1~ 23850 | 79 X101
CH,L.C00- 4 OH~ — CH,OH.C00" + I~ 22370 ¢ 63 X101
) CH,(CL.COO~+CH,0~ — 21,010 40 x100°
: CH,;CL.COOH +-I™ —» 19,770 1-3 x10'°
CH,1.C00~+CN~— 17,030 2:0 x10°
CH,LL.COO™+8CN~ —» 16,580 6:3 x10°
CH, b
@ CH,OH.CH,(l + OH~ —>(|)H >0 +CI7+H,0 19,870 | 2:55x 10+
B |
C(CH,),0H.CH,Cl +OH~ — 18,050 | 204108
CCLOH.CH,(l + OH~ — 21,270
%) | 20107 —> €17+ 010, 2,460
{_)-CONH,+O0H" - NO,.C,H,.C00"+ NH, 12,830
[}
© No,
NO,~(_»-CONH,+OH"-— 11,310 414 %10
() | CHsCOOCH,+ OH~ = CH,C00"+C,H,0H 11,210 | 166x107
i80CH,CO0C; Hy, + OH™ — 11,040 108 x 107
Co ._ €00~
® | el g ,20+0H" > CH oy op 12,500 417101
®) As0,y™ "+ TeOy” =~ — As0,~ ~+Te0,™ - 14,380 1:95 X 10¢

(1) 8chwab, quoted by van 't Hoff, Studies in Chemical Dynamics, pp. 15 and 129, (1896).
(2) Walker, T'rans. Chem. Soc., 67, 746, (1895).

(8) Wagner, Z. physikal. Chem., 118, 121, (1925).

(4) Evans, ibid., 7, 337, (1891).

(5) Foerster, Z. Elektrochem., 23, 137, (1917); Glordani, Gazz. chim. ital., 54, 844, (1924),
(6) Reid, J. Amer. Chem. Soc., 21, 281, (1899).

(7) L.Smith and Olsson, Z. physikal. Chem., 118, 99, (1925).

(8) Tasman, Thesis, Leiden, (1927); vide Tables Annuelles, (1931),

(9) Straup and Meloche, J. Amer. Chem. Soc., 53, 3331, (1931).
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given approximately by the collision formula in its simple
form. As far as this not very extensive evidence goes, the
next most probable velocity is definitely lower than the
normal value. The slowness of the arsenite-tellurate reac-
tion has been attributed by the investigators to the transfer
of an oxygen atom, i.e. to the breaking of a coordinate link.

One or two minor matters call for comment. (i) Among
those reactions which have roughly the normal rates are
cases (1) and (8), the absolute velocities of which, under
comparable conditions, differ by a factor of 10, (ii) The
presence of iodine, in the combined or ionic state, again
ensures the relative rapidity of the process in which it takes
part. (iii) Wagner’s experiments were carried out at two
temperatures differing by 10°, and are therefore more liable
to error than the others, most of which have covered a good
range.

The Order of Ionic Reactions.

Tonic reactions have occasionally been found to be of a
higher kinetic order than is now regarded as possible. The
explanation of this is adequately given in terms of the
electrolyte effect.

Donnan and Le Rossignol* concluded that the reduction of
the ferricyanide ion by the iodide ion was a reaction of the
fifth order:

2Fe(CN)g " +31 — 2Fe(CN)g ' ' +15.
The vélocity was measured by adding successive amounts
of sodium thiosulphate, and noting the time taken for the
iodine produced to colourize starch. The ionic strength was
thus continually changing. The reaction is bimolecular with
respect to the ferricyanide, the value of the constant in-
creasing in such a manner with the initial concentration of
iodide as to suggest that the term [I-]3 is involved. In view
of the knowledge which we now possess, but which was not

* Trans. Chem. Soc., 83, 703, (1903).
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available at the time of the investigations, it seems that
this change may be due to the increased concentration of
electrolyte. The presence of thiocyanate and tetrathionate
ions further complicates matters, especially at the high
concentrations employed. Even with the simpler reaction
between thiosulphate and bromacetate ions, at low con-
centrations, the limiting law of Debye and Hiickel holds
only when uni-univalent electrolytes are added. Deviations
amounting to 40 per cent. for bivalent ions and 440 per
cent. for tervalent ions have been found.* It now appears
that the iodide-ferricyanide reaction is termolecular.}

Noyes and subsequent workers (see p. 37) have concluded
that the following reaction is termolecular,

Snt4-2Fe' *+ —Sntt 4 2Fett

since the velocity constant equation for a third order reaction
is approximately obeyed. Actually, however, the agrecement
is frequently not good; and in the presence of hydrochloric
acid the reaction is apparently bimolecular. Theory predicts
for this reaction a positive and very large electrolyte effect.
Examination of the original results of Noyes shows this to
be so, for in the presence of hydrochloric acid, k increases
(almost linearly) by about 450 per cent. from p = 0-250 to
p = 0-475. van’t Hoff, using the same results, has calcu-
lated in various ways the order of reaction.} His figures are
given in Table 20, along with the two initial concentrations
used in determining each figure. By a slight though some-
what uncertain extrapolation, the value of n corresponding

Table 20
«"l“nitinl (vsoncc,rx;t,ir;x;i(")vns } A;;\,nige conc@ﬁtmtion n
0:1000-0-0625 0-08125 3-22
0-1000-0-0500 0-0750 3-20
0-0625-0-0250 } 0-04375 2-56

0:0500-0-0250 0-0375 2-37

* La Mer and Fessenden, J. Amer. Chem. Soc., 54, 2351, (1932).
t von Kiss, Rec. trav. chim. Pays-bas, 52, 289, (1933).
1 Studies in Chemical Dynamics, p. 113.
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to p = 01is 1:8. In all probability, therefore, the reaction is
bimolecular.

This method may be generally applied to determine the
order of ionic reactions; provided it is possible to work with
very dilute solutions, the extrapolated value will undoubted-
ly turn out to be the requisite whole number. The number
of true termolecular reactions known is very small; no
authentic cases of reactions of higher order have been
found. Among those seemingly very complicated reactions
of inorganic chemistry which have proved to be kinetically
simple, the following deserves mention, if only on account of
the thoroughness and accuracy with which Hood* amassed
and interpreted his results.

KC10,+6FeS0,+-3H,S0, — KC14+3Fcy(S0,)s+3H,0.

After definitely establishing its bimolecular character, ho
cautiously concluded that the influence of temperature
‘upon this reaction at least’ was of an exponential form. A
few years later, Arrhenius generalized the same conclusion.

Ionic Reactions in Non-Aqueous Solvents.

The subject of the kinctics of ionic reactions in non-
aqueous solvents has not yet developed to that stage where
discussion at any length becomes profitable. Of the few
reactions which have been investigated up to the present,
there has not been discovered one which is very suitable
for the purpose in hand. Nevertheless, there are indications
of conformity with the theory of Bronsted in a general
way, e.g. the magnitude of the electrolyte effect varies
inversely with the dielectric capacity of the solvent.

The absolute values of the velocities in methyl alcoholic
and in acetone solutions arc of the same order of magnitude

* Phil. Mag., 6, 371, (1878); tbid., 20, 323, (1885).

t See, for example, Brénsted and Bell, J. Awmer. Chem. Soc., 53, 2478,
(1931); Weissberger and Hégen, Z. physikal. Chem., A, 156, 321, (1931);
Weissberger, Dérken, and Schwarze, Berichte, 64, 1200, (1931); Kailan and
Irresberger, Monatsh., 56, 428, (1930).
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as those for comparable reactions in water.* This, of course,
is to be expected, for, compared with the term e~ */#7, the
electrolyte effect, even intensified by a solvent of low di-
electric capacity, is of quite subordinate importance.

* See, for example, Phil. Mag., 14, 112, (1932); Walden and Centnerszwer,

Z. Elektrochem., 15, 310, (1909); Kirner and Richter, J. Amer. Chem. Soc.,
51, 3409, (1929).



VIII
CATALYSED REACTIONS

ANY substance which hastens a chemical reaction is termed
a catalyst. It performs its work in a variety of ways, for
example, by initiating reaction chains or lengthening pre-
viously existing ones, by increasing the concentration of
molecules of one reactant in the locality of a molecule of
the other, and by lowering the energy of activation. The
last of these mechanisms is by far the commonest, although
a few chain reactions are known in solution, and will be
discussed later. The way in which ions of one sign cluster
round those of opposite sign, and the manner in which this
clustering is altered by the addition of electrolytes and non-
electrolytes have been described in the preceding chapter.
We are thus left with the task of discovering to what extent,
and why, the energy of activation of any reaction is lowered
by the presence of a catalyst. Experiment gives a direct
answer to the first of these questions, and shows that the
fall in the critical increment of any reaction is characteristic
of the catalyst but independent of its amount. The second
query goes to the root of the matter but finds no ready
answer although shrewd guesses are being made. In a sense
it is still true to say that the term catalysis is synonymous
with unsolved mechanism.

In the presence of the catalyst, the uncatalysed and
the catalysed reactions proceed simultaneously, so that
kopservea = Ko+k[Catalyst]®. If successive additions of the
catalyst bring about proportionate increases in the observed
velocity, » is unity, and &, becomes a bimolecular constant
or catalytic coefficient. By plotting Ink, against 1/7" in the
usual way, we can evaluate the critical increment of the
catalytic reaction. It has already been stressed, and must
be repeated here, that the value of £ obtained from the

dInk,,,

equation K = RT2—~d-T is often meaningless. 1f, as not
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infrequently it happens, even small amounts of catalyst
produce a large effect on the velocity, k, may be ignored in
comparison with 4. This is the case with the decomposition
of hydrogen peroxide; in the presence of minute quantities
of certain catalysts the unimolecular velocity constant is
millions of times greater than the constant for the uncata-
lysed decomposition. Occasionally, as with the hydrolysis
of casein, the spontaneous reaction has never been detected
under any conditions, and k, accordingly does not enter. On
the other hand, the two constants of the reaction may be
commensurate: when this is so, a careful analysis of the
influence of varying amounts of the catalysts is essential at
all temperatures. A case in point is the decomposition of
acetonedicarboxylic acid ; &k at 60° C. is 5:48 x 10~ 2 seconds™1;
the addition of 0-0165 gram molecule of aniline per litre
gives k,,, = 11:9x10-% £k, thus becomes 3-89 litres/gram
molecule-second, and £, has the approximate value given
in Table 1. X, is 19,500 calories, but has no real signi-
ficance. The results in this table are self-explanatory. The
catalysts themselves are as varied as the reactions which
they facilitate and the media in which the chemical changes
take place. The extent to which a catalyst accelerates a
reaction is dependent on the solvent.

There is a close parallelism between catalysis in solution
and in the homogeneous gas phase. Hinshelwood and his
collaborators have investigated the uncatalysed decom-
position of various substances as well as their decomposition
in the presence of halogens. Iodine was found to be the best
catalyst. Some of their results are given in Table 2, concern-
ing which Clusius and Hinshelwood* remark: ‘in one case
there is a general break up of the molecule caused by
collision between two ether molecules, for example, with a
large amount of energy. In the other case the catalyst brings
a smaller amount of energy to a point in the molecule where
it is more effectively and economically utilized.” This is a

* Proc. Roy. Soc., A, 128, 82, (1930).



CATALYSED REACTIONS

Table 1
Refer-
ence Reaction Catalyst
(1) | The decomposition of hydrogen | None
(2) peroxide in aqueous solution | Iodide ion
(3) Colloidal platinum
(4) Liver catalaso
(8) | The decomposition of acctone- | Nono
dicarboxylic acid in aqueous | Anilino
solution
(6) | The hydrolysis of sucrose in | Hydrogen ion
(7) aqueous solution Saccharaso
(8) | The hydrolysis of cascin in | Hydrochloric acid
(9) aqueous solution Trypsin-kinaso
(10) | The decomposition of tricthyl- | Nono
sulphonium bromide in ace- | 4 per cont. water
tone solution
(11) | The decomposition of trinitro- | Nono

benzoic acid in nitrobenzeno
solution

Adventitious impurity,

probably water

(1) Possibly some decomposition upon dust particles. Pana, Trans.
Soc., 24, 486, (1928).

(2) Walton, Z. physikal. Chem., 47, 185, (1904).

(3) Bredig and von Berneck, tbid., 31, 258, (1899).

(4) Williams, J. General Physiol., 11, 309, (1928).

(6) Wiig, J. Physical Chem., 32, 961, (1928).

(8) Lamble and Lewis, T'rans. Chem. Soc., 105, 2330, (1914).

(7) Nelson and Bloomfield, J. Amer. Chem. Soc., 46, 1025, (1924).

(8) Nasset and Greenberg, tbid., 51, 836, (1929).
(9) Moclwyn-Hughes, Pace, and Lewis, J. General Physiol., 13, 323, (1930).
(10) von Halban, Z. phystikal. Chem., 67, 129, (1909).
(11) Moelwyn-Hughes and Hinshelwood, Proc. Roy. Soc., A, 131, 188, (1931).
(4, 7, 9) These figures refer to the optimum pH.

&

| 18,000

13,500
11,700
5,600

23,200
13,900
25,560

8,700

20,600
14,400

33,600
30,700

35,000
21,700

Faraday

concise interpretation of the two significant facts concerning
the energy of activation, which are (a) £ is large for the
uncatalysed reaction, and is shared among a number of
square terms, and (b) £ is smaller for the catalysed decom-
position, and is shared between two terms only. The theory
of Kassel* and of Rice and Ramspergert supposes that a

* J.Physical Chem.,32,225,(1928).
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t J.Amer.Chem.Soc.,49,1617,(1927).



226 CATALYSED REACTIONS

Table 2
E for uncatalysed | E for reaction catalysed
Decomposition of reaction | by iodine
Di-isopropyl ether 60,500 f 28,600
Diethyl ether 53,500 ] 34,300
Acetaldehydo 45,5600 | 32,500

critical amount of energy must be acquired by one valency-
bond or by one degree of freedom. Let us examine in a
qualitative way the kinetics of the decomposition of diethyl
ether, assuming that the energy required to activate the
necessary link is 34,300 calories. Iodine can supply this
energy directly, but before an ethyl ether molecule can do
so the molecule as a whole must be activated to the extent of
53,500 calories. When this limit is reached, the appropriate
fraction of the total energy can flow into the crucial bond.
If each vibration in the molecule is simple harmonic, there
will be associated with it an energy of RT calories. On the
assumption that the difference between K, and X, can be
accounted for in this way, the number of internal degrees of
freedom concerned is 7, which, although higher than the
value of 3 found as the minimum number from the velocity
at low pressures, is quite a reasonable figure. The precise
development of the theory is, of course, much more com-
plicated than this and has been fully discussed elsewhere.*
The important circumstance for us to note is that current
ideas of catalysis are definitely forming themselves into a
coherent system which is as formal from the mathematical
point of view as it is satisfactory from the chemical. As in
the general treatment followed in this book, the claim may
be made here also that the theory of catalysis now evolving
from the study of gaseous reactions must be adequate,
when properly applied, to the study of reactions in solution.
Before proceeding to a more detailed examination of parti-
cular instances, the general analogy between -catalytic

* Kassel, The Kinetics of Homogeneous Gas Reactions, Chemical Catalog
Company, (1932).
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phenomena in the two systems may be revealed in numerous
ways.

The total catalytic effect in the simplest conceivable case
is denoted by the quantity (Ey—E,)/RT, in which 7' is the
temperature of investigation, and K, and K, are the critical
increments of the uncatalysed and catalysed reactions
respectively. The total catalytic effect for homogencous
reactions in solution and in the gas phase are usually of
similar magnitudes. In the case of the decomposition of
diethyl ether by molecular* iodine, the factor is 4x108,
which is almost exactly equal to the catalytic effect of the
decomposition of hydrogen peroxide by the iodide ion. The
interpretation of this factor is that it gives directly a com-
parison of the velocity of the uncatalysed reaction with that
which would be observed in the presence of the catalyst at
a concentration of one gram molecule per litre. When the
two reactions are not bimolecular, the total catalytic effect
is still proportional to (E,—E,)/RT, although not equal to it.

At least four internal degrees of freedom contribute to
the energy of activation when acetonedicarboxylic acid
decomposes without a catalyst in aqueous solution (Table 4,
Chap. VI). With aniline present, the velocity of reaction
can be fully accounted for on a simple collisional basis, in-
volving energy in two square terms. Here, again, the
similarity with gaseous systems is manifest.

The necessity for postulating the existence of an inter-
mediate complex has repeatedly been stressed in the study
of reactions in solution. The same necessity has not arisen
in respect to gaseous reactions until quite recently, due,
there is little doubt, to the smaller number of homogencous
gas reactions which have been investigated. The decomposi-
tion of nitrogen peroxide (see Table 1, Chap. 1V), contrary
to earlier conclusions,t has a bimolecular velocity constant
which is about 34 times lower than that calculated by the

* The percentage dissociation into atoms is small at 800° abs. (see Table 1,
Chap. V). t Norrish, Nature, 122, 923, (1928).
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equation of Lewis.* The discrepancy can be fully accounted
for if the formation of an intermediate oxide N,0, is asso-
ciated with the evolution of 4,900 calories.

2NO =2 N,0,+4,900 cal.

Hinshelwood has pointed out that the same supposition
explains in a satisfactory manner the ‘negative critical
increment’ observed by Bodensteint for the reverse reaction.

The relative catalytic efficiencies of the halogens in the
gaseous decomposition of ethersi are, in the familiar order
(I > Br > Cl), found to hold for reactions in solution
by Menschutkin,§ Conrad and Briickner,| Griffith and
McKeown,** and others whose work has been described
in preceding chapters.

In a general way, therefore, experiments on catalysis in
gases and dilute solutions reveal the similarity which is to
be expected. Following the arguments which were outlined
in Chapter III, the logical approach to the study of catalysis
in solution would lead to investigations in inert solvents
such as hexane and carbon tetrachloride. Unfortunately,
the amount of work of this kind which has been attempted,
particularly in connexion with the temperature effect, is
very small. Almost all the work has been directed to the
study of catalysis in aqueous solution. Furthermore, the
catalyst usually employed has been an acid or a base, such
catalysts as the halogen ions and the cyanide ion having been
found either inefficient or uninteresting. In the hands of
Lowry, Dawson, and Bronsted, the study of acidic and basic
catalysis in aqueous solutions has afforded important new
knowledge on the mechanism of such chemical changes, and
has indeed necessitated a revision of our views about acids
and bases in general. It is, nevertheless, appreciated that
reactions which are hastened by hydrogen ion or hydroxyl

* Kassel, loc. cit., p. 156, (1932). t Z. physikal. Chem., 100, 68, (1922).
! Clusius and Hinshelwood, Proc. Roy. Soc., A, 128, 75, (1930).
§ Z. physikal. Chem., 5, 589, (1890). || Ibd., 4, 631, (1889).

** Trans. Faraday Soc., 28, 752, (1932).
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ion in aqueous solution must constitute a highly specialized
type of catalysis, since the solvent, being amphoteric, can
supply both ions. Moreover, in hydrolytic changes, the
solvent participates stoichiometrically in the reaction. A
cautious attitude must accordingly be maintained towards
conclusions based upon the study of these reactions if and
whenever they are made the grounds of a theory which
claims to be true for catalysis in general.

The literature upon catalysis in solution has attained such
alarming proportions that only a very brief sketch can be
given here. A few of the most important reactions may be
dealt with in some detail.

The Mutarotation of Beryllium Benzoylcamphor in Non-

Aqueous Solvents.

Lowry and Traill* have determined polarimetrically the
velocity of the mutarotation of beryllium benzoylcamphor
under the influence of various catalysts in carbon tetra-
chloride solution and in chloroform solution. A relatively
slow unimolecular change is observed in pure carbon tetra-
chloride, k¥ being 6-66x107¢ seconds™! at 25° (. In pure
chloroform also there is some change, but its velocity is not
accurately reproducible. Sometimes the reaction is com-
pletely arrested for a period of 1-2 hours. The authors
interpret this as showing that mutarotation is not spon-
taneous, but must be aided by a catalyst, which is possibly
a trace of impurity in the solvent. There is, however, no
necessity to doubt the existence of a genuinely uncatalysed
reaction. In carbon tetrachloride solution, a unimolecular
constant of this magnitude would be quite a reasonable one
to expect for a reaction having a critical increment of some
26,500 calories. The results themselves are in fact more
consistent with the view that the slow reaction in CCl, is
uncatalysed, for, as will be shown presently, Lowry and
Traill have established that most organic catalysts influence

* Proc. Roy. Soc., A, 132, 398, (1931).
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the velocity of this reaction to about the same extent.
Taking an average of many values of the catalytic coefficient,
it can be shown that a unimolecular constant equal to
6-66x1078 seconds™! at 25° C. in this solvent would necessi-
tate the presence of organic impurity to an extent corre-
sponding to more than 0-001 gram molecules per litre. This
is unlikely.

Turning to the influence of catalysts on the velocity of
mutarotation, pyridine, alcohol, and p-cresol exert very
similar effects, The unimolecular constant is found to be
linearly related to the concentration of pyridine, but with
the other catalysts the same relation only holds in very
dilute solutions. Consequently, the catalytic coefficients
have in these cases been obtained by a slight extrapolation
(Table 3, which is taken from Lowry and Traill’s paper).

Table 3
(,utulyhc Coefﬁcxents (thxeq/grum mo]ecule mmuto)
(a) Mutumtutlon of glucosé :nA B (b) Mutarort;;;xk(r)x:of.' bér&ll;;xx;x o
wu,ter at 20° benzoylcamphor
[_()H] = 8000 Pyl 1dmo in (/Cl,, at 20° . . 0-132
Pyridine in CClg at 26° . . 0-227
[OH4] == 0-:00026 Pyridine in CCl, at 30° . . 0-385
| Pyridine in CHCI; at 25°. . 0100
[OH,] = 0-36 Alcohol in CClg at 20° . . 0-231*
Alcohol in CCl; at 25° . . 0-370%*
[HC1] = about 0-5 Alcohol in CCl g at 30° . . 0-658*
Alcohol in CHCl; at 26° . . 0-204*
[HAc] = 0:0065 p-Cresol in CCl, at 25° . . 0-318*
_ p-Cresol in CHCl, at 25° . . 0-103*
[Ae] = 0-069 Acetone in CCl, at 25° . . 0-015*
¥ .
[NH,] = 0-0012 CCl, and CHOI, 25° {N°g"8“."e in
comparison

* Extrapoluted to infinite dilution.

As the authors point out, the most interesting feature of
this table is the uniformity of the catalytic efficiency of pyri-
dine, cresol, and ethyl alcohol, representing a weak base, a
weak acid, and a simple organic molecule. This is in striking
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contrast with the highly specific action of acids and bases
upon the mutarotation of glucose in water.

Reference has already been made (p. 149) to the isolation
of a compound of beryllium benzoylcamphor and chloro-
form, and its bearing upon the kinetics of mutarotation in
this solvent.

An analysis of these results in terms of the kinetic theory
has been given by Traill,* who finds that the equation of
Lewis gives values of the catalytic coeflicients which are
equal to the experimental values to within a factor of about
2-7. A somewhat closer agreement results from independent
and slightly different calculations.f The results refer to
CCl, and are given in Table 4. The calculated values of the
energy of activation are obtained from the equation

number of molecules reacting o BIRT
total number of collisions ! ’

(1)

Table 4
("ut’ulys‘ ( Enbnorvml i Ernh‘uln(nl
Pyridine i 18,850 i 18,840

Alcohol 18,410 18,690

The disparity in the results of the two calculations, although
small, is worth examining, since the choice of reactants,
solvent, and catalysts made by Lowry and Traill offer an
unusually favourable test of the applicability of the gas-
collision formula to calculate the frequency of encounters in
dilute solution. For catalysis by alcohol a critical increment
of 18,500 calories may be acceptedf in preference to the value
of 20,200 calories previously published. The other sources of
the discrepancy may be traced to the use of a form of the
collision equation which gives values that are 10 per cent.
higher than those given by equation (6) of Chapter I, and
finally to the small correction of $R7. When all these factors
* Phil. Mag., 13, 225, (1932).

t Moelwyn-Hughes, Nature, 129, 316, (1932).
% Dr. R. C. Traill, private communication.
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are taken into account, the results of Lowry and Traill give
an agreement with theory which is as absolute as the uncer-
tainty in estimating the molecular diameters will allow.
Although incidental to the main argument, it may be
noted that aluminium benzoylcamphor mutarotates in car-
bon tetrachloride solution in such a manner as to indicate
two consecutive unimolecular reactions, the first one being
the faster. The rotation at time ¢, is given by the equation*

[«], = Ae ™!+ Be~™!4-C.,
The general equation in such cases is
k2 - kl -
(xty) =(a—2) =a E:ic;e k‘t+’k;;_'_7c“1€ k,

where a is the initial concentration of the reactant, and «,
y, and z give the concentrations at time ¢ of the reactant, the
intermediate compound, and the resultant respectively. The
velocity of oxidation of oxalic acid by an acidic solution of
potassium permanganate,f and of the mutarotation of «- and
B-galactose} are expressible by an equation of this form.

A second example of a catalysed reaction in a non-
aqueous solvent is the conversion of diazoaminobenzene into
p-aminoazobenzene in aniline solution, under the catalytic
influence of aniline hydrochloride.§ The unimolecular con-
stant is linearly related to the concentration of catalyst,
E being 24,020 calories.

CeH;N,.NH.CgH; — CeH;N,.C¢H,NH,.
The calculated critical increment is 22,000 calories by
equation (1), which cannot, however, be strictly applicable
to a reaction so complicated.

The Mutarotation of Glucose in Water.
Reference has already been made to the earlier work
carried out upon this reaction (p. 44). By methods which

* Lowry and Traill, Proc. Roy. Soc., A, 132, 4186, (1931).
t+ Harcourt and Esson, Phil. Trans., 156, 193, (1866).
t Smith and Lowry, Trans. Chem. Soc., 666, (1928).

§ Goldschmidt and Reinders, Berichte, 29, 1369, (1896).
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will now be familiar to the reader, Bronsted and (Guggen-
heim* have measured the catalytic coefficients of hydrogen
ion, pyridine, and acetate ion towards this rcaction, and
have obtained by difference the component of the velocity
which is due to the water molecules. Their results were
obtained at 18° C.; converted from minutes~! and log,;, to
seconds™! and In,, they have the values given in Table 5.

Table
(,ataly%t ’t" L ‘ hnlmervml Eml«-nln(ad
Hydrogen ion 1-27 X 10 -2 } 19,300 20,860
Pyridine 7-37%10-3 | 18,000 17,980
Acetato ion 2:61 x 103 l 19,100 19,570
Water 468 x 10-* | (By Arrhenius) 17,600 ..
\ (Corrected) 22,000 292,120

The crltlcal mcrements of thc individual processes, as deter-
mined by Kilpatrick,t arc also given. 1t is to be observed
that the first three constants are really bimolecular, whereas
that referring to water is unimolecular. In order to make
ky o roughly comparable with the others, we may divide
by [H,0] and obtain the value of 8-43x10°%. The most
significant result, therefore, is that the slowest velocity
should be connected with the lowest critical increment. The
reason for this is that the frequency of activating collisions
between glucose and water molecules decreases rapidly with
temperature, whereas the frequency of collisions in tho other
cases (which involve two solute molecules) is fairly constant.
The correction to be applied in the temperature range
(0-25°) to which E refers is 4,400 calories. This gives a
corrected £ of 22,000 calories for the reaction in pure water.
We may now calculate the energies of activation, using the
equation of Lewis as before,

number of molecules reacting R

total number of collisions
In the first three examples, the gas-collision formula may

* J. Amer. Chem. Soc., 49, 2554, (1927). t Ibid., 53, 3698, (1930).
4018 Hh
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be used. The theoretical values of E are in excellent agree-
ment with observation in the case of pyridine and acetate
ion. The higher value obtained for hydrogen-ion catalysis
may be fully explained if one internal degree of freedom is
called in. The equation used to calculate the total number
of collisions between glucose and water is Z = 3mq/2m. It
will be recalled that each observed velocity coefficient is
a composite term, which may be resolved in the manner
described on p. 45. We finally arrive at the following
expressions for the velocity of the uncatalysed mutarotation
of glucose in water, at 18° C., accepting the value of £ as
22,000 calories:

observed rate for a-glucose = 11-4x1012¢~#/ET
observed rate for B-glucose = 6-35x1012¢~F/ET
calculated rate for either = 10-9x1012¢~#/%T,

Apart from a discrepancy factor of 16 between the observed
and theoretical velocities in the case of hydrogen-ion cata-
lysis, there is no reason to seek farther for an interpretation
of the results upon the mutarotation of glucose in water.
Similar changes in other solvents are often not so easy to
understand. They have been studied extensively by Lowry
and his collaborators, and have been made the basis of a
theory which must now be discussed.

Lowry’s Theory of Prototropic and Hydrolytic Changes.

The mutarotation of nitrocamphor can be attributed to
the partial conversion of the nitrocompound into an isomer.*
The change is seen to involve the migration of a hydrogen
atom, and a rearrangement of bonds.

CH.NO, C:NO,H
| /
(6[0)

Reducing and oxidizing agents, however, which can fur-
nish or remove hydrogen atoms, have no influence on the

CBH14<

* Lowry, Trans. Chem. Soc., 75, 213, (1899).
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change, hence the real migratory unit must be the proton.
It is with such changes that the theory of Lowry has to
deal. To the mutarotation of sugars, the enolization of
ketones, and other chemical transformations which can be
represented by the migration of a proton, Lowry has given
the name of prototropy.* The study of these reactions has
led to the development of an electrolytic theory of catalysis
which has a bearing on chemical changes other than those
for the interpretation of which it was invented. The
presentation of the thecory has been given in detail by its
author.f
Nitrocamphor undergoes mutarotation more slowly in

hydrocarbon solvents than in hydroxylic solvents and esters
(cf. Menschutkin’s results on the formation of tetraethylam-
monium iodide). The change is not conditioned, however,
by the presence of an oxygen atom in the solvent moleculef
nor by the dissociating power (high dielectric constant) of
the solvent. Two discoveries have indicated the true condi-
tions. (1) The mutarotation of several compounds can be
suspended entirely in certain pure non-aquecous solvents.
Tetramethylglucose does not undergo change in dry pyri-
dine, nor in dry cresol.§ With specially eleaned silica vessels,
and solvents stringently purified, tetramethylglucose and
tetracetylglucose may be kept unchanged for several hours
in chloroform, benzene, methyl acetate, and other solvents.||
(2) Although pure pyridine and pure cresol separately do
not catalyse mutarotation, a mixture of the two acts as an
even more effective catalyst than water. The results show
that the change is not spontancous: the condition for its
inception is the presence of an amphoteric medium. The
facility of prototropic changes in water thus becomes readily
intelligible. Since the solvent is amphoteric, it can furnish

* Lowry, tbid., 123, 828, (1923).

t Lowry, Réunion internationale de chimie physique, p. 219, (1928).

t Lowry and Magson, Trans. Chem. Soc., 93, 119, (1908).

§ Lowry and Faulkner, ¢bid., 127, 2884, (1925).
|| Lowry and Owen, Proc. Roy. Soc., A, 119, 505, (1928).
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the substrate molecule with a proton at one position and
remove a proton from another position. The intramolecular
change is then formulated as a transmission of an electron
through the molecule, attended by the passage of a proton
through the amphoteric solvent. The process accordingly
resembles electrolysis, in which the substrate molecule is the
electrolyte. For the general application of this idea, the
original papers of Lowry must be consulted. The aspect of
the theory which is of immediate importance to us is that
prototropic and hydrolytic changes proceed by consecutive
stages. When, for example, they are catalysed by acids in
aqueous solution, the following steps are involved: (1) the
reactant molecule collides with a proton-donor, giving rise
to an acid complex ; (2) this complex collides with a molecule
of water; whereby (3) internal electrolysis of the reactant
molecule results, the water acting as a proton-acceptor in
the case of prototropy and as a hydroxyl-donor in the case of
hydrolysis. Since stage (3) maybe regarded as instantancous,
there are left two stages either of which may determine the
velocity. The study of the kinetics of hydrolytic reactions
in the light of these views is taken up at a later stage.

The crucial experiment upon which the present theory
rests is that of mutarotation in pyridine-cresol mixtures.
The study of other types of chemical changes in ‘synthetic’
amphoteric solvents would be of great interest.

It is significant that esterification® and the saponifica-
tiont of esters take place much more rapidly in alcoholic
solution than in water, and that the addition of water to
organic solvents frequently has a marked inhibitive action.]

Dawson’s Theory of Multiple Catalysis.
That undissociated molecules of acid as well as hydrogen
ions possess definite catalytic properties has been shown

* Goldschmidt and Udly, Z. physikal. Chem., 60, 728, (1907).

t Gilby and Waters, T'rans. Chem. Soc., 2643, (1932).

t Goldschmidt, Berichte, 29, 2208, (1896); Lapworth and Fitzgerald,
T'rans. Chem. Soc., 93, 2167, (1908).
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beyond doubt by the work of Goldschmidt,* Bredig,t
Snethlage,; and Dawson.§ Dawson’s researches, however,
proved that the hypothesis of dual catalysis in solution was
insufficient to explain any but a limited number of results,
and the hypothesis was extended by ascribing catalytic
effects to all the molecular and ionic species present.
Dawson’s work may therefore be described as a test of the
theory of multiple catalysis. It finds its theoretical counter-
part in the modern electronic definition of acids and bases
as proton-donors and proton-acceptors.||

Numerous papers have been published dealing in parti-
cular with two catalytic reactions which have been measured
very thoroughly in aqueous solution at 25° C. By analysis
of the results, Dawson and his collaborators have brought to
light some interesting facts and have obtained quantitative
confirmation of many others which have previously or
subsequently been revealed by independent inquiry along
other lines. For complete information the reader must be
referred to the original memoirs,** as it is impossible in a
book of this scope to examine the results at all fully. The
general method of analysis, however, may be described,
along with a few of the more important deductions which
it has yielded.

The reactions studied are the enolization of acetone and
kindred ketones (followed by the rapid substitution of
iodine)

CH;.CO.CH3 — CHy.C(OH): CH,
and the hydrolysis of ethyl acetate
CH;.CO0C,H;+H,0 — CH;. COOH+C,H;OH.

Both are catalysed not only by hydrogen ion and hydroxyl
ion, but by acids and bases in the widest sense. Although

* 7. physikal. Chem., 70, 627, (1910).

t Z. Elektrochem., 18, 535, (1912). $ 1bdd., p. 539.

§ Trans. Chem. Soc., 103, 2135, (1913).

|l Lowry, ibid., 2554, (1927); Bronsted, J. Physical Chem., 30, 777, (1928).

** Trans. Chem. Soc., 1926 onwards.
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occasionally the complete course of the autocatalytic
reactions has been followed, the initial velocity of reaction
(dz/dt) alone is usually measured.* According to the basic
postulate of the theory, the catalysts in an aqueous solution
containing any substrate with an acid and its salt will be
hydrogen ion, hydroxyl ion, the acid anion, the metallic
cation, the undissociated acid molecule, and the water mole-
cule. Experiment shows that low concentrations of metallic
cations have no influence on the rate, hence, if we denote
the substrate by S and the acid by H4, the instantaneous
velocity is

—2 S 1 +kon[SIOH 1+

dt
+ky[SIHA 4k [STA~]+k, [SIH:O].

The velocity is unimolecular with respect to the concentra-
tion of substrate. Dawson denotes the unimolecular constant
by v (the unit being minutes~1), hence

dS1
= =7 5 = kulH ] +kou[OH "]+
+ky[HAV+E [A™]+kyw[HoO]. (2)

The manner in which the various catalytic coefficients are
evaluated may be demonstrated by referring to the acetone-
iodine reaction.t Since the reaction in water is very slow,
k;, can be neglected in comparison with the other constants.
It is a definite though small quantity which can be deter-
mined indirectly. kj is found by measuring the velocity in
the presence of a strong acid (such as HCl) whose anion is
devoid of catalytic properties. Under these conditions
[OH-] and [HA] are negligibly small, and k, is zero, so that
v is linearly related to [H*]. Consider the reaction to be
catalysed by mixtures of a weak acid (e.g. acetic acid) and
its sodium salt, which may be regarded as completely

* This procedure has the advantage of being expeditious and of giving
results which refer to a fairly constant ionic environment.
t+ Dawson and Carter, Trans. Chem. Soc., 2282, (1926).
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dissociated. Making use of the equilibrium relations,

4 -
K, = L%%*] and K, = [OH-][H*], the above equation
becomes
o+ konKy kK, ,[HA
o= bty ol g R )

With moderate concentrations of acid, the second term can
be omitted. The concentration of hydrogen ion is deter-
mined electrometrically, so that by varying the concentra-
tions of acid and salt, the three catalytic coefficients can
readily be found. At 25°C., using acetic acid, they aro
by =4-42x1074, ky, = 1:5x1078, k, = 4-5x107% minutes~1.
With monochloracetic acid, k,;; = 24x107% and k, = 1-2x
10-7 minutes~l, The inversion in the relative catalytic
coefficient of anion and undissociated acid is somewhat
surprising. koy is found in the following way. In dilute
solutions of acetic acid, the observed velocity v,,, is com-
pared with the calculated value found by employing these
catalytic coefficients, and the difference is attributed to the
term kou[OH-]. The method is liable to considerable error,
but gives values of ko of the correct order of magnitude
(ko == 10 minutes~1). In Table 6 are given the observed
velocities alongside of those calculated by the relation

v =ky[H'] + ky[HA] + kA" ]+kou[OH"]

4-42x107* 1-5x107¢ 4-5x10°¢ 10

x is the number of gram molecules of sodium acetate present
per litre, with (0-2—x) molecules of acetic acid. The equation
expresses the facts accurately, giving the minimum velocity
at the right pH. The minimum velocity (v;) and the con-
centration of hydrogen ion (H,) corresponding to it are
two important items in Dawson’s theory. Before dealing
with them more fully, it is necessary to give briefly some
of the results which similar analytical methods have
afforded.



240

CATALYSED REACTIONS

Table 6
z [H+]1x10% | vXx 108 (obs.) | X 10% (calc.)

0 19-2 116 115
0-015 2-51 0-46 0-455
0-024 1-58 0-44 0-445
0-036 1-00 0:46 0-45
0-053 0-63 0-495 0-49
0-074 0-40 0-54 0-54
0-098 0-25 0-59 0-61
0-141 011 0-74 0-74
0-158 0-063 0-80 0-795
0-171 0-041 0-835 0-84
0-181 0-025 0-88 0-885
0-190* 0-013 0-94 0-945
0-195% 0-0062 1-07 1-045
0-198* 0-0025 1-26 1-295

* Some side reaction, giving iodoform.

The different catalytic coefficients show wide variations
in magnitude, e.g. kou/ky for the acetone-iodine reaction
is about 5x10%.* Constants of similar order have been
found for the intramolecular transformations of phoronef
and of mesityl oxide.} The ionic product of water§ and the
dissociation constants of other acids|| have been found from
catalytic data to have values almost identical with those
derived from conductivity measurements (sec Table 7).
The dissociation constants, moreover, vary with the ionic

Table 7
K, x 10° K, x10°
Acid ky % 108 | (From catalytic data) | (From conductivity data)

Propionic 11 1-38 1-40

Acetic 1-35 1-85 1-85

Succinic 43 6-30 6-55
B-chloropropionic | 3-7 10-1 10-4

Glyecollic 57 15-0 15-2
Chloracetic 22-3 151 155

* Dawson and Key, Trans. Chem. Soc., 543, (1928).
+ Dawson and Spivey, ibid., 2658, (1931).

1t Dawson and Key, ibid., 2154, (1928).

|| Dawson, Hall, and Key, tbid., 2844, (1928).

§ Dawson, ibid., 1290, (1927).
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strength according to the predictions of the Debye-Hiickel
theory for univalent electrolytes (log K, = log Ko+ A4 vVu—fp),*
although the absolute value of 4 found by experiment is
usually only about one-half the theoretical value. Catalytic
data thus reinforce the argument raised by conductivity
measurements concerning the inadequacy of the interionic
theory to cope with all the facts.f Bronsted’s equation
(vide infra) connecting the catalytic coefficient (k,,) of the
undissociated acid with its equilibrium constant (K ,) is also
satisfied, the numerical factors for the acetone-iodine re-
action being k,; = 3-0 ky K°%*.1

The earlier applications of the theory of multiple catalysis
were marred by an insistence that the various catalytic
coefficients were independent of the ionic environment.
Accurate measurements of the initial velocity of hydrolysis
of ethyl acetate by hydrochloric acid certainly showed
ky to be constant over a concentration range of HCI from
0-0002 M to 0-02M.§ Addition of inert salts (such as
sodium chloride), however, causes kj to increase.| Catalytic
coefficients like other bimolecular constants must in general
be sensitive to salt effects. The acceptance of this principle,
as is now realized, in no way detracts from the value of the
multiple theory. Experiment shows the salt effect to be
linear** and specific.t7

The Catalytic Catenary.

An equation has been deduced by Dawsonf{ connecting
the minimum velocity of a hydrolytic reaction in water with
the corresponding pH. Ignoring the contributions due to

* This equation results from combining the mass-action equation with
equations (5) and (13) of Chapter VII.

1 Dawson and Smith, bid., 25630, (1929); 79, (1930).

1 Dawson, Hoskins, and Smith, ibid., 1884, (1929); Dawson and Lowson,
tbid., 1217, (1929).

§ Dawson and Lowson, tbid., 2146, (1928).

|| Dawson and Key, ibid., 1239, (1928).

** Dawson and Key, tbid., 1249, (1928).

tt+ Dawson and Lowson, tbid., 393, (1929). 13 Ibid., 213, (1927).
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hydroxyl ions and to water molecules, we have

V= kﬁ[H+]+kA[A_]+kﬂI[HA]. (4)
If the total concentration of acid be C, [4~] = C—[H*].
i [H][A4"]
Also, since K, = (HA]
v = 14 B R oy

kK, C
[H]
k4K, is negligibly small. k, C denotes the effect due to

undissociated acid molecules. Hence the component of the
velocity due to the ions only is

= (kg —ka)[H" ]+ —k4 K +ky C. (5)

k4 KAC’

U = (kH ku [H+]+ [H+] (6)

At the optimum stability of the substrate, d[‘JZ%? ol 0;
du k,K,C
d[H] = (kg—ky)—- fﬂﬁf -

The concentration of hydrogen ion corresponding to this
minimum ionic velocity is accordingly

=0.

kK, C
I’I+ i = 4 — 7
N o ™
By substituting in equation (6), the minimum ionic velocity
is
. k,K,C A/ ku—Fky
u; = (kg—ky) b IcM+k“K C kK, C
= 2{(ka—kn)k, K 4 C). (8)

Now let us express the velocity generally in terms of that
at the minimum point, and the hydrogen-ion concentration
in terms of the hydrogen-ion concentration at the mini-

mum, i.e. U = ru; and [H+] = n[H+]i' (9)

r is termed the reduced ionic velocity, and n the reduced
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hydrogen-ion concentration. By equation (6)

kE,K,C
1 .
= n\/l(kll_kM)kA K,C) ‘*‘;b\/((kn“km)h K,C)

2 +§3i (10)

= %(n+7—%).

Calling Inn = A,
= (" +e™), (11)
or r = coshh. (12)

This is the equation of a catenary, and indicates that the
reduced ionic velocity is equal to the hyperbolic cosine of
the logarithm of the reduced hydrogen-ion concentration.

The simplest way of testing this relation is by plotting
experimental values of r against ApH, where

ApH = logyon = (pH),—pH.

Dawson has done this using his own data, supplemented by
those of Karlsson* upon the reactions in question, examined
under the influence of various catalysts at different tempera-
tures. A general catalytic catenary is found, which seems
to be independent of the reaction, the catalyst, and the
temperature.

The translation of this conclusion into physical terms is
a difficult matter. It will be appreciated that, from its
nature, it can tell us nothing of the absolute velocity of
any reaction or of the catalytic coefficient of the undisso-
ciated acid or base. pH; and u;, which are the real specifics of
the systems, have been eliminated by the usc of the ratios
n and 7, and k,, has been subtracted from the total velo-
city. The catenary therefore shows how the velocity of ionic
reaction varies relatively to the velocity at the minimum

* Z. anorg. Chem., 119, 69, (1921).
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point by displacing the pH to the right or to the left of the
minimum pH. It implies that positive and negative ions
have a similar effect, which in both cases is exponential.

The derivation of Dawson’s equation is not free from
criticism. In the first place, the term kyo is neglected.
Although this is a small figure,* it attains maximum im-
portance at the minimum pH, where ionic effects are at
their lowest. Secondly, the term kqy is omitted, presumably
because (pH); is always less than 7. An examination of
Dawson’s curve shows that in one set of conditions (pH);

+
is 5:05. This corresponds to [E)}'Il—{gj = 6,800, but generally

I;.CQE is about 2x10%, hence the contribution (koz[OH™]) due
H

to hydroxyl ions is actually about 300 times as great as that
due to hydrogen ions (kg[H"]). The inclusion of this term
would destroy the symmetry of the catenary, and lead to
a (v, pH) curve which is steeper on the alkaline side of the
optimum, as in the earlier work of Wijs.}

The theory of buffer solutions has been examined in the
light of these considerations.f Dawson’s analytical method
has been adopted by Ingold and his collaborators in applica-
tions of the electronic theory to determine the course of
chemical reactions.§

The Qrder of Magnitude of the Catalytic Coefficients.

Nearly all the work which has been done upon the kinetics
of catalysed reactions has been directed to a study of the
factors which modify the velocity of reaction at a given
temperature, or to the influence of temperature under
otherwise constant catalytic conditions. Table 8 gives the

* Skrabal and Zahorka (Monatsh., 54, 562, (1929) ) state that 36 per cent.
of the rate of hydrolysis of ethyl acetate at the minimum point is due to water,
but the effect is not as great as this if the buffer correction is applied (Groocock,
Ingold, and Jackson, Trans. Chem. Soc., 1039, (1930) ).

t Z. phystkal. Chem., 12, 514, (1893). 1 Dawson, tbid., 1146, (1927).
§ Burton and Ingold, bid., 904, (1928).
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Table 8
Refer-
ence Reaction catalysed by H* E perved Z perved

(1) | Hydrolysis of methyl acetate 16,920 3-86x 10°

(2) | Hydrolysis of ethyl acetate 16,830 1-66 x 10°

(3) | Hydrolysis of acetamide 18,780 9:43x10°

(4) | Conversion of creatine into creatinine 19,690 4-35x10°

(56) | Hydrolysis of benzoyl glycine 22,100 1-72x 10°

(5) | Hydrolysis of acetyl glycine 22,100 7-41x 10°

(8) | Conversion of y-hydroxyvaleric acid into 16,630 455X 10°

lactone

(7) | Enolization of acetone 20,580 394 x 10"

(8) | Decomposition of nitrosotriacetonamine 16,040 4-69x 10°

(catalysed by OH-)

(9) | Decomposition of diazoacetic ester 17,480 4-64x 1012
(10) | Hydrolysis of lactose 24,680 3-21 x 101
(11) | Hydrolysis of sucrose 25,660 889 x 104
(12) | Hydrolysis of maltose 30,970 1-86 x 1018
(12) | Hydrolysis of cellobiose 30,710 9-78 X 104

(1) Lamble and Lewis, T'rans. Chem. Soc., 105, 2330, (1914).

(2) Taylor, J. Amer. Chem. Soc., 37, 551, (1915).

(3) Mcehan, Thesis, Liverpool, (1923); Euler and Rudberg, Z. anorg. Chem.,
127, 244, (1923) ; von Peskoff and Meyer, Z. physikal. Chem., 82, 129,
(1913) ; Crocker, T'rans. Chem. Soc., 91, 573, (1907).

(4) Edgar and Wakefield, J. Amer. Chem. Soc., 45, 2242, (1923).

(5) Escolme and Lewis, Trans. Faraday Soc., 23, 651, (1927).

(8) Garrett and Lewis, J. Amer. Chem. Soc., 45, 1091, (1923); Taylor and
Close, J. Physical Chem., 29, 1085, (1925).

(7) Rice, Fryling, and Wesolewski, J. Amer. Chem. Soc., 46, 2405, (1924);
Rice and Kilpatrick, tbid., 45, 1401, (1923); Dawson and Powis,
Trans. Chem. Soc., 101, 1502, (1912); sce also Dawson and co-workers
in subsequent issues of this journal.

(8) Clibbens and Francis, ibid., 101, 101, (1912); Colvin, Trans. Farac_iay Soc.,
22, 241, (1926).

(9) Fraenkel, Z. physikal. Chem., 60, 202, (1907).

(10) Bleyer and Schmidt, Biochem. Z., 135, 546, (1923); Moclwyn-Hughes,
Trans. Faraday Soc., 24, 309, (1928).

(11) Urech, Berichte, 17, 2175, (1884); Spohr, Z. physikal. Chem., 2, 195,
(1888); Arrhenius, ibid., 4, 226, (1889); Lamble and Lewis, T'rans.
Chem. Soc., 107, 233, (1915) ; Moelwyn-Hughes, Trans. Faraday Soc.,
25, 81, (1929).

(12) Moelwyn-Hughes, tbid., 25, 503, (1929).

results of an attempt which has been made at calculating the
catalytic coefficient in terms of independently measurable
physical properties, accepting the Arrhenius critical increment
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as a true value of the energy of activation.* How far this
assumption can be regarded as acceptable will become clear
from the following discussion, which seeks to compare the
experimental results with those predicted by the collision
theory in various forms. The reactions referred to in Table 8
are catalysed by hydrogen ion, with the exception of the
decomposition of nitrosotriacetonamine, which is catalysed
by hydroxyl ion. The true bimolecular constant or catalytic
coefficient is obtained by dividing the observed unimolecular
constant by the concentration of the catalyst. This is a
simple matter where k,y is proportional to [H*], as, for
example, in the case of the decomposition of diazoacetic
ester (9) and the conversion of creatine into creatinine (4);
similarly, ky, for the decomposition of nitrosotriacetona-
mine (8) is proportional to [OH~]. In certain other cases,
however, this linear relation does not hold, the observed
unimolecular constant being more closely proportional to the
activity of the hydrogen ion: this is true for the hydrolysis
of lactose (10) and the substituted glycines (5). The true
bimolecular constant in these instances is kyy/ay., since the
activity of hydrogen ion becomes equal to its concentration
at great dilutions. Wherever it has been possible to compare
values of kyy/ay+ determined at fairly high concentrations
of acids with values of £/[H*] measured in dilute solutions
the agreement is quite good. Thus, for the conversion of
y-hydroxyvaleric acid into valerolactone at 30° C., Garrett
and Lewis give kyy/an+ = 4-45x 1073, while Taylor and Close
find kyy/[H*] to be 4-31x10-3 litres/gram molecule-second
(6). Similarly, for the hydrolysis of sucrose at 25° C. the
bimolecular constant given by Moelwyn-Hughes from the
activity of hydrogen ion is 1-47x10~4; kyy/[H*]in very dilute
solutions is found by Lamble and Lewis to be 1-35x10-*
litres/gram molecule-second (11). The experimental velocity
constants have been corrected for the attainment of an
equilibrium stage in certain instances (e.g. the hydrolysis of

* Phil. Mag., 14, 112, (1932).
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methyl acetate (1), and the formation of valerolactone) and
for auto-catalysis in the case of the enolization of acetone.

Results as numerous as possible have been used in the
graphical evaluation of the critical increment. K for the
hydrolysis of sucrose (11) by acids is the average of 36 values
in very close agreement ; ¥ for the enolization of acetone (7)
is the average of 25 values. These are among the most
accurately determined critical increments for reactions in
solution. The constants obtained by Meehan, by Euler and
Rudberg, and by von Peskoff and Meyer for the hydrolysis
of acetamide (3), taken jointly, give K = 18,780 calories,
which is in fair agreement with Crocker’s value of 18,320.
The present value of the critical increment for the hydro-
lysis of lactose (10) was obtained from the data of Bleyer
and Schmidt at six temperatures, and is a more reliable value
than that previously quoted by Moelwyn-Hughes.

If these chemical changes were due to collisional activa-
tion of the simple kind, # being equal to the Arrhenius
value, Z should in all cases be about 2:8x 10, As shown
in the Table, only in the hydrolysis of lactose does it approxi-
mate to this figure. There are a few other examples where
the agreement is good (e.g. the mutarotation of glucose
(Table 5) and the hydrolysis of phloridzin),* but their
number is insignificant. General theoretical explanations for
the discrepancy have been given in Chapter IV. The most
natural explanation of the fast reactions is that the activa-
tion involves a number of internal degrees of freedom—a
view which is consistent with the greater complexity of the
substrate molecules in those instances where large values
of Z are found. A more serious difficulty arises in attempting
to understand why the rate of hydrolysis of esters, for
example, is about 1,000 times slower than the normal value.
The failure of other experiments to support the view that
deactivations by solvent molecules is a prominent factor in
dealing with reactions in solution lessens our faith in the

* Moelwyn-Hughes, T'rans. Faraday Soc., 24, 309, (1928).
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belief that the explanation is the correct one in this case.
The real objection to the deactivation view is that it
aggravates the already great disparity, rather than removes
it. The simple assumption that only one out of a thousand
activated molecules undergoes chemical reaction would
supply no real answer to the problem.

In order to maintain the Maxwellian distribution, it must
also be assumed that water molecules can activate the
solute molecules. This is in general true, but under the
conditions which we are imagining, the part played by
the solvent molecules alone is known to be of subordinate
importance, since the velocity of reaction in water is rela-
tively slow. The problem may be approached by a method
analogous to that used by Hinshelwood* to show the kinetic
connexion between reactions of the first and second orders.
Let  ng = number of substrate molecules per c.c.

Ng = . hydrogen ions '
Ny = ’ water molecules ’
and 7, = number of activated molecules produced per
second by collisions between substrate mole-
cules and hydrogen ions, and by collisions
between substrate molecules and water
molecules.
Then  rate of activation = ky ngng+ks ngny
rate of deactivation = kgn,n,,
rate of reaction = kyn .

The condition for a stationary concentration of active
molecules is

kyngng+kynsny = kgnynyp+kyn 4. (13)
kyngng+k,ngn
H — 1748 7'H 2 g 1oy
e;we N, o e s
an
rate of reaction = kyn, = ks nH+k2nan. (14)
kg
4

* Annual Reports of the Chemical Society, p. 42, (1932); cf. p. 152 of this book.
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When the part played by the water molecules is small, the
equation reduces to the ordinary expression for the catalytic
coefficient, but with considerable activation and deactiva-
tion due to water molecules the observed velocity would not
be bimolecular, which is contrary to experience. If the idea
of considerable deactivation by water molecules is retained,
while admitting the first term in the numerator of equation
(14) to be the important one, it follows that since the
temperature coefficient of k3 is negative, the true energy of
activation upon this mechanism would be actually lower
than the already low value which is found.

It is possible that activating collisions in these reactions
occur not between substrate and hydrogen ions but between
complex molecules and water. If this were so it would in-
validate the use of the gas-collision formula completely, and
would necessitate a correction in the Arrhenius critical in-
crement. The idea has been applied to numerous examples.*

In principle the calculations may be made by using the
formula 3nN.

Vo

IZW = 2M (15)

to determine the total number of water molecules which
collide per c.c. per second against one molecule of complex
of molecular weight M, but the difficulties of estimating the
number of complexes present and of finding the probability
that when activated they will react are at present insur-
mountable.t The simplest assumption to make is that com-
plex formation is complete, i.e. one hydrogen ion instantly
attaches itself to one molecule of substrate, the complex
being stable enough to await the necessary activation.
This would mean, however, that addition of acid in quanti-
ties greater than the concentration of the substrate would

* Phil. Mag., 14, 112, (1932).

+ The number of complexes at a given temperature can occasionally be
computed (e.g. from the dissociation constant of glucose, Britton, Trans.

Chem. Soc., 1896, (1924) ), but the temperature coefficient of the equilibrium
which governs complex formation is not known.

4018 Kk
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produce no further increase in the velocity, which again
is contrary to experience.

The problem may be approached so as to circumvent our
ignorance concerning the nature or number of complex
molecules. It may be assumed that reaction takes place
whenever a water molecule collides with sufficient violence
against a substrate molecule, a hydrogen ion being in the colli-
sion zone. This is equivalent to making the rate of change
dependent upon ternary collisions with unit probability that
the activated ternary complex will undergo transformation.
Adhering to the nomenclature given above, we have for the
total number of collisions occurring per c.c. per second
between molecules of substrate and molecules of water

3 Nyonng
ZS, w = '4’{1.-2“3—”?5*_:5' (16)

The probability that hydrogen ion shall be present at such

collision is
Ny

ny+ns+ny’
which in dilute solution is nearly equal to ng/n;,. The fre-
quency of ternary collisions is therefore

*

Zs,w,u = ToMyn,, (17)
and the expression for the velocity becomes
dn _ 3nNyon -ERT
di = é‘Msnwnane . (18)

The energy of activation according to this mechanism is
equal to the Arrhenius value plus the correction for the
variation of collision frequency with temperature. The
results of applying this equation to a few instances are given
in Table 9.

* A more accurate, but still approximate, expression for the probability
g —®

vp+vs+vw
by each molecular species. The simpler form ignores the differences in mole-
cular dimensions.

, where v is the fraction of the total volume which is occupied
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Table 9
Reaction catalysed by k = ky[[catalyst]
hydrogen ion E’ |t°C.| Observed | Calculated | F
Hydrolysis of methyl acetato 20,790 | 30 | 2:16 x 107* | 2:55X 107¢ | —
Hydrolysis of ethyl acetate 20,840 | 25 | 9:38x 1078 | 1-23x 107¢ | —
Hydrolysis of acetamide 22,790 | 25 | 6:60x107¢ | 6:79x 1078 | —

Conversion of creatine into | 22,810 | 78 | 2:18x 1074 | 408 x 107
creatinine
Hydrolysis of benzoyl glycino 25,210 | 80 | 5:05x107% | 1-113x 1078 | —
Hydrolysis of acetyl glycine 26,430 | 60 | 2:05x 1078 | 2:77x 108
Conversion of hydroxyvaleric | 20,600 | 30 | 4-38x 107 | 3:38x 1073
acid into lactone
Enolization of acetone 24,620 | 24 | 2631078 | 3-63x 1078 | 2
Decomposition of nitrosotri- | 19,910 | 30 | 3-04x 107 | 409X 1072 | 2
acctonamine (catalysed by
hydroxyl ion)
Decomposition of diazoacetic | 21,490 | 25 | 6:42x 1071 | 1:63x 107! | 4

b

estor
Hydrolysis of lactose 28,690 | 25 | 3-24x 1077 | 3-12x10°7 | 4
Hydrolysis of sucrose 29,670 | 25 | 1-41x 1074 | 9:82x 1073 | 10
Hydrolysis of maltose 34,300 | 60 | 1-68x 1075 | 2:00x 1075 | 9
Hydrolysis of cellobiose 34,040 | 60 | 5:89x 1078 | 5:47x10°%} 9

Referring to the three stages which according to Lowry
constitute all hydrolytic and prototropic changes, it is
known that the third stage, being almost instantaneous,
does not determine the velocity. From the purely kinetic
considerations advanced here, and illustrated by Tables 5
and 9, it seems likely that either stage (i) or stage (ii) may
be responsible for the velocity. Up to this point, therefore,
there is considerable harmony between the electronic theory
of hydrolytic reactions and the kinetic theory of reaction
velocity. The elementary treatment of the problem given
here is admittedly inadequate, but even in its present form
it has been made possible only by imposing an artificial
simplicity implied in the purposeful omission of such
factors as orientation during collision and persistence of
velocity after collision. It is becoming increasingly clear that
no single theory can account for all chemical rates, and that
reactions must be studied from the kinetic standpoint in
groups wherein certain factors predominate and others are
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sufficiently suppressed to be of no serious consequence.
The conclusion which the foregoing calculations entitle us
to draw must be accepted hand in hand with its limitations.
It is that many examples of hydrolytic and prototropic
changes are known with velocities lying near to those pre-
dicted by theoretical equations based on the assumption
that the postulated mechanism holds good.

The values of F given in the table have been determined
by applying the equation of Hinshelwood in the usual way,
E being now taken as (E’+FRT). They reveal in an inter-
esting manner the relative complexity of the activation
process. The decomposition of diazoacetic ester, for example,

-CH< E+Hao+ —» —CH,0H+N,+H*,

requires energy drawn from four internal degrees of freedom.
The hydrolysis of sucrose, entailing the opening of a five-
membered y-fructoside link, involves ten internal degrees of
freedom, while the mutarotation of glucose, which is con-
cerned with the relative positions of the hydrogen atom and
hydroxyl group attached to a terminal carbon atom, in-
volves not more than one (p. 234). The value of these con-
clusions naturally depends upon how close to the truth are
the assumptions underlying the calculations.

Application of the same principles to the reaction between
esters and alkalis reduces the ratio of K ycuated/Kobservea from
about 25,000 to 14.

A Comparison between Catalysis by Hydrogen Ion and by

Hydrozyl Ion.

It has long been known that hydroxyl ions are more
efficient catalysts for many reactions than are hydrogen
ions. According to the mechanism of catalysis which was
shown in the preceding sections to be most commonly at
work in solutions, we should anticipate a lower critical
increment for the basic catalysis. The anticipation is fully
justified, as the results in Table 10 indicate. All the data
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Table 10
= -
Catalysed by | Catalysed by
Reaction hydrogen ion | hydroxyl ion | Difference

Decomposition of  nitrosotri- 22,100 16,210 5,800

acetonamino
Hydrolysis of methyl acetato 16,920 11,220 5,700
Hydrolysis of ethyl acetate 16,830 11,210 5,620
Conversion of hoxamethylpara- 17,770 11,260 8,510

rosaniline hydrochloride from 18,910 12,950 5,960

carbinol to quinonoid form* 19,460 13,750 5,710
Hydrolysis of acetamide 19,210 13,320 5,890
Hydrolysis of propionamide 19,490 12,930 6,560
Hydrolysis of butyramidet 18,890 13,870 5,020

refer to aqueous solutions, and point to an approximately
fixed value of 5,900 calories for (£, —E, ;) in the case of all
these reactions. At 25° C., the ratio k,y/k; of the catalytic
coefficients in the case of the mutarotation of glucose
(Table 3) is 2-22x10% and in the case of the enolization
of acetonef 4-3x10% Assuming the collision frequency
to be the same for basic and acidic catalysis, we have
AE = RTIn(koy/ky). For mutarotation (K,;—£K,,) thus
becomes 5,910 calories, and for the acetone-iodine rcaction,
6,310 calories. Although the temperature coefficients of these
reactions, catalysed by hydroxyl ion, have not been measured
experimentally, we can with some confidence predict the
values of K,y to be 13,400 and 14,300 calories respectively.

Why E,y should be lower than E;; remains unexplained,
just as the greater catalytic efficiency of iodine over the other
halogens is not understood, but an interesting implication

* This reaction is probably not simple, the critical increments falling with
rise in temperature. Nevertheless (E,— K,y) remains roughly constant at all
temperatures. The reaction was measured by Biddle and Porter (J. Amer,
Chem. Soc., 37, 1571, (1915) ).

1 Crocker (loc. cit.) whose results with alkalis are probably liable to con-
siderable error. References to the other sources of information have alrcady

been given.
1 Dawson, T'rans. Chem. Soc., 458, 2449, (1927).
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may be pointed out. Consider a reaction to be catalysed
in aqueous solution by water molecules and by hydrogen
and hydroxyl ions. The experimental conditions may be
realized by measuring the velocity of the reaction in pure
water, and in the presence of small amounts of a strong acid
(e.g. HCI) and a strong base (e.g. NaOH), whose anions and
cations respectively have no catalytic properties. Under
these conditions

k = ky,o+ka[H*]+kon[OH"] (19)
kon K
= IcH.O-}—IcH[H*]—l—V—%ﬁ +-]’K. (20)
The minimum velocity corresponds to
ae] = B e
k()HKlV
and the pH to H] = E (21)
H
dipH); _ Ex—Eou—Qw
whence TAT 2% 2303 X RT® (22)

Q, is the heat of ionization of water (13,700 calories), hence
the numerator becomes 5,900—13,700 = —7,800 calories.
This means that the pH corresponding to the minimum
velocity has a negative temperature coefficient, which is
nearly the same for all hydrolytic reactions. A rise in
temperature from 20 to 30° C. should reduce (pH); by
nearly 0-1. This relation has not been verified.*

The Relation between Catalytic Coefficient and Dissociation

Constant.

The work of Lowry, Dawson, and Bronsted has jointly
led to the new definitions of acids and bases. An acid is
a proton-donor: a base is a proton-acceptor. It is mot
" unreasonable to expect some kind of parallelism between
two of the more characteristic properties of acids, viz. their

* Professor H. M. Dawson, private communication.
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catalytic activity and their ability to yield protons. The
first of these properties may be estimated by measuring the
velocity of reaction, and the second by the dissociation
constant determined from conductivity measurements.
Bronsted* has shown that the catalytic coefficient k  of an
acid is empirically related to the dissociation constant K,
by the equation

k, = GK%, (23)
where G and x are constant for a whole series of acids.
The hydrolysis of ethylorthoacectate, the mutarotation of
glucose,t and the enolization of acetone,{ obey the rule,
although the agrecement in the last instance is approximate
only. Similarly, the catalytic coefficient of bases might be
expected to run parallel with some function of the dissocia-
tion constant of the base, or, more strictly, of the equilibrium
constant of the base, its conjugated acid, and hydrogen ion.
This has been tested in the case of the decomposition of
nitramide, catalysed by a wide variety of weak bases, such
as the orthophosphate ion

PO;-—-+H'" 2 HPO; -,
and the acetate ion
CH;.CO0~+H*" = CH,.COOH.
Considering the second example, we see that the power of

the base CH3;.COO~ to accept hydrogen ions is measured

*[CH,.COOH] lity ¢
[CH,.COO-JH'] The ability of the
base to accept a proton from the substrate is estimated by
the velocity of the reaction

HzNgOz - H20+N20
referred to unit concentration of the basic catalyst, i.e.
kg = Kopservea/[CH3 . COO~]. Using anumber of different bases,

* Trans. Faraday Soc., 24, 630, (1928).
+ Bronsted and Guggenheim, J. Amer. Chem. Soc., 49, 2654, (1927).
1 Dawson, Trans. Chem. Soc., 2844, (1928).

by the constant K, =
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Bronsted and Pedersen* found the following relation to hold:
k B = G(nK B)I .

At 25° C., G is 6:2x1075, the velocities being in minutes™!

and log,,. « is 0-83 (see Fig. 1). The factor n is a statistical

ratio, calculated to allow for the comparative probabilities of
the transference of the proton in dissociation and in catalysis.
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Malicl
Phthalic

Ph cnglac_et'xc
taric il

Formic
Jartaric |
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1 L !
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Llog n Kg —

Fia. 1.

__the chance that a proton will be accepted by the base
"~ the chance that a proton will be accepted by the
substrate
_ number of missing protons in the base
~ total number of protons in the base.

Bronsted’s relation is a semi-empirical one, which can be
interpreted but not deduced theoretically.

The Velocity of Reaction under great External Pressures.

If the rate (in aqueous solution) of reactions which are
catalysed by hydrogen ions and hydroxyl ions depends on
collisions between solute and solvent molecules, we should
expect an increase in pressure to bring about an increase in
the velocity, corresponding to the diminished free space and

* Z. physikal. Chem., 108, 185, (1924).
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mean free path. It has, in fact, been found that the rate
of hydrolysis of sucrose by acetic acid* and the rate of
hydrolysis of esters by acidst and alkalis{ are increased
about 25 per cent. when an external pressure of 1,000
atmospheres is applied. The catalytic effect of strong acids
upon the velocity of inversion is diminished by an increase in
pressure.§ The evidence is therefore not conclusive. Other
factors besides the collision frequency enter into the problem,
such, for example, as the deformability of the molecules,
and appear to be a more probable explanation since the
influence of the pressure is independent of temperature.||

Termolecular Reactions.

Few reactions are known which are definitely of the third
kinetic order. The polymerization of benzaldehyde into
benzoin in alcoholic solution

2CsH;.CHO — CgH;.CH(OH).CO.CgH;
is bimolecular with respect to the aldehyde, but the reaction
is powerfully catalysed by cyanide ion, k, being directly
proportional to the concentration of this catalyst. The
reaction has been examined by Stern,** and appears to be
singularly free from complications. The relation

_%;f — ky[aldehyde]¥[cyanide]

holds over a fairly wide range of conditions, at temperatures
of from 25° to 60° C. Stern’s results may be summarized

in the form ky = 5:27 x 10P¢~13000RT,

the termolecular constant being in (litres/gram molecule)?

* Stern, Ann. Phys. Chem., 59, 657, (1896) ; Cohen and Valeton, Z. physikal.

Chem., 92, 433, (1917).

+ Rothmund, ib:d., 20, 168, (1896).

1 Cohen and Kaiser, ibid., 89, 338, (1915); Walker, Proc. Roy. Soc., 78,
157, (1907).

§ Cohen and de Boer, Z. physikal. Chem., 84, 41, (1913).

|| Moesveld, ibid., 103, 486, (1923).

** Z. physikal. Chem., 50, 513, (1904).
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per second. A bimolecular reaction with this energy of
activation we should expect to go about 500,000 times as
fast. The disparity is clearly due, in part at least, to the
much smaller probability of ternary collisions.

Among other reactions which appear to be termolecular
are the oxidation of ferrous sulphate in water,* the action
of ammonia on ethyl malonate in ethyl-alcoholic solution,}
the reaction between iodide and ferric ions in water,f and
that between benzoyl chloride and alcohols in etheric
solution.§ The order in some of these examples has been
assessed by the method of trial and error, which is known to
yield insecure conclusions.

Negative Catalysis.

Just as a positive catalyst can accelerate a reaction in
many ways, a negative catalyst can retard it in many ways.
Since small amounts of a catalyst can produce a marked
increase in the rate, a small amount of any substance which
will destroy or incapacitate the catalyst can produce a
marked decrease in the velocity. Examples will be cited
in Chapter IX, when dealing with catalytic poisons. The
retarding influence of a negative catalyst upon the rate of
an uncatalysed reaction cannot be understood in this way,
and other hypotheses are necessary. Two of these may be
mentioned here. When a reaction proceeds by a chain
mechanism, any substance which interrupts a single process
in the chain can produce a considerable damping of the
velocity by prematurely terminating a chain which would
otherwise have involved many cycles. Secondly, a negative
catalyst may function by combining with the reactant to
form a complex which is more resistant to chemical change
than is the uncombined reactant. Instances of both types
of negative catalysis are known.

* Lamb and Elder, J. Amer. Chem. Soc., 53, 137, (1931).
t Bailey, Proc. Roy. Irish Acad., B, 39, 567, (1930).

1 von Kiss, Z. anorg. Chem., 198, 102, (1931).

§ Ashdown, J. Amer. Chem. Soc., 52, 268, (1930).
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The chain theory of negative catalysis has been given by
Christiansen* as a corollary to the more general theory of
chain reactions previously developed by Christiansen and
Kramers.t The theory can be dealt with but briefly in this
place, giving no more of it than is necessary to understand
the interesting results obtained by Bickstromi and others
upon chain reactions in solution. The problem has been
reviewed by Hinshelwood,§ whose version we here follow.

Consider the thermal decomposition of a single gas. The
molecules are initially activated by collision, but the product
of reaction is able to activate fresh molecules of the initial
substance by giving up its excess energy to it. Kach mole-
cule of the product is supposed to activate « molecules in
the process of relapsing into the normal condition. Let n be
the concentration of normal, unactivated molecules of the
gas, a that of activated molecules of reactant, and «’ that
of activated molecules of product. The condition for a
stable chain is that

da da’

- 0 and = 0. (24)
Now {Z = Aa—Zna’ = 0; (25)

i.e. the rate at which activated molecules of products are
produced is equal to the rate (4a) at which activated re-
actant molecules spontancously pass over, minus the rate
(Zna') at which activated product molecules become de-
activated by collision with normal molecules. Similarly,
da _
dt
The four processes here are: (1) formation of active reactants

Kn?*+aZiyna'—Aa—Zyna = 0. (26)

* J. Physical Chem., 28, 145, (1928).

t Z. physikal. Chem., 104, 451, (1923).

t J. Amer. Chem. Soc., 49, 1460, (1927); Medd. K. Wetenskapsakad.
Nobel-Inst., 6, 15 and 16, (1917); Trans. Faraday Soc., 24, 601, (1928).

§ The Kinetics of Chemical Change in Gaseous Systems, 3rd ed., Chapter VII,
(1933).
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by collisions among normal molecules; (2) formation of
active reactants by collisions between normal molecules and
a certain fraction of active products; (3) spontaneous con-
version of active reactants to active products; and (4)
deactivation of active reactants by collisions with normal
molecules. Z; and Z, are collision frequencies determined
by the temperature and size of the molecules. K and A4 are
more specific constants of the reaction itself. Substituting
the value of a’ (¢’ = Aa/Z;n) given by equation (25) into
equation (26) and rearranging, we have
~ Kn®
a= Z2n+.A(1——a).
. AKn?
rate of reaction = da = ZyntA(l—a)’ (28)
When each activated molecule of product activates one
molecule of reactant, i.e. when « = 1, the rate reduces to

éfn, and the reaction becomes unimolecular. As pointed
out by Christiansen, this gives an alternative theory of
unimolecularity. In principle, a first order rcaction would
also result if « were less than unity, and 4 were negligibly
small compared with Z,n. Consideration shows that this
cannot be a probable condition, even if in solution the
deactivations were at a maximum, every collision with
solvent molecules depriving the active solute molecule of
its energy. The theory in other respects also is not as helpful
as the alternative one in dealing with reactions in solution.
Suppose the factor « to be greater than unity, i.e. imagine
one molecule of active product to be able to activate more
than one molecule of the normal kind. The term A(1—«)
thus becomes negative; and if « is so great that A(1—«)
equals Z,n, the velocity of reaction becomes infinite.
Generally, when « is greater than 1, the phenomena of
branching chains appears, and explosions are possible.*

(27)

* Semenov, Z. Physik, 46, 109, (1927); bid., 48, 6571, (1928).
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Explosive reactions are obviously less likely to occur in
solution than in the gas. There is as yet no definite evidence
for the existence of explosions in solution, although the
question is experimentally difficult to settle, since solutions
are always examined in the presence of a vapour phase.
Theory does not exclude the possibility of their existence.

The equation deduced above is the simplest of a large
number which can be formulated in a similar manner for
reactions of other orders and peculiarities. The significant
point is that, in common with the more complicated ex-
pressions, it takes the form:

rate of }
reaction

__ function of the coneentration
[factor determining} factor which measures
+{

the breaking of}+{the inherent reactivity
chains by collisions of the process

The experimental investigation of negative catalysis in
solution was first approached in a comprehensive manner
by Titoff.* Sodium sulphite in aqueous solution is oxidized
by atmospheric oxygen, the velocity being unimolecular
with respect to the sulphite. The most significant feature
of the reaction is the marked inhibitive effect produced by
the addition of minute quantities of a variety of substances
such as salts of manganese and chromium, mannite, aniline,
potassium cyanide, and numerous alkaloids.tf That the
reaction actually proceeds by a chain mechanism was proved
by Bickstrém,} who confirmed the earlier work on the
inhibition by various substances, particularly alcohols, and
found the rate of reaction to be given by the equation

rate = (29)

€1
kC+ky'
C is the concentration of inhibitor, and k,, k, and k, are con-
stants, £ depending upon the nature of the inhibitor. This
equation is seen to be of the form required by Christiansen’s

* Z. physikal. Chem., 45, 641, (1903).
1 Young, J. Amer. Chem. Soc., 24, 297, (1902). t Loc. cit.
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theory. The relative values of k found by experiment are—
mannite : methyl alcohol : ethyl alcohol : benzyl alcohol ::
1:05:13:60. These figures demonstrate the varying
chain-breaking efficiency of the different alcohols, each of
which is destroyed by the change which it inhibits.* Bick-
strom measured the length of the chains by assuming that,
when inhibition is considerable, all the chains are broken
by molecules of the inhibitor. The number of alcohol mole-
cules which are destroyed in unit time gives the number of
chains terminated in unit time, and, since the chains are
stationary, the number initiated in unit time. The total
number of sulphite molecules which are oxidized, when
divided by the number of chains, gives the average number
of links in each chain. When sodium sulphite is oxidized in
aqueous solution, about 50,000 molecules are converted for
each initial act. The chain is of remarkable length. Com-
parable figures were found also for the oxidation of benzalde-
hyde (10,000) and heptaldehyde (15,000).

The correctness of this interpretation is confirmed by
measurements of the photochemical oxidation of these three
compounds in aqueous solution. The velocity is increased
by light of appropriate frequency, and is given by the relation

kyky

KOty (30)
The constants have the same significance as in the dark
reaction. The new constant k, is the ratio of the velocities of
the photochemical and thermal reactions. The quantum
efficiencies of the photochemical changes are 50,000, 10,000,
and 15,000, which shows that the chain-length is not altered.
In the photochemical oxidation the number of chains
initiated is greater than in the thermal reaction, but other-
wise the mechanism of the reaction is the same.

Further investigationst have shown that the inhibitory

rate =

* Tnhibitors can break the chain without themselves undergoing chemical
change.
t Alyea and Bickstrém, J. Amer. Chem. Soc., 51, 90, (1929).
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action is connected with the induced oxidation of the
alcohols. The oxidation of benzaldehyde is inhibited also
by anthracene, which during the reaction is itself converted
by induced oxidation to anthraquinone.* In this case, the
actual velocity of the photochemical reaction (A = 3130 A.)
at 30°C. is about 3 times as great as that of the thermal
reaction. The active agent, which is identified as a peroxide,
suffers at least 1,000 collisions with benzaldehyde molecules
before finally giving up its energy.

The alternative explanation of negative catalysis receives
support from the large volume of work which has accumu-
lated on the inhibitive action of water and other substances
upon the velocity of decomposition of organic acids in
sulphuric acid solution.t One example may be considered
in detail—the quantitative conversion of malic acid into
a-pyrone-g’-carboxylic acid, with water and carbon mon-
oxide, the latter providing a suitable means for manometric
estimation.f The reaction in pure sulphuric acid presents
no novel features, k£ being unimolecular and given accurately
by the equation k = 1-78x1015¢~25330/ET  Ten substances
of widely different character inhibit the reaction, which has
been measured in the presence of varying amounts of each
at three temperatures. Dittmar interprets the results in
terms of a reactive complex of malic acid and sulphuric
acid, the existence of which is confirmed by solubility
measurements. The inhibitors act by combining with malic
acid and thus diminishing the concentration of the reactive
complex. Dittmar’s results may be examined in the follow-
ing way, by a study of the observed critical increments
under each set of conditions. In seven cases, the second
addition of the inhibitor has caused an average increase in
E of 490 calories. The factor eA%/ET ig 2-3, which accounts

* Bickstrom and Beatty, J. Physical Chem., 35, 2530, (1931).

+ Oxalic acid, Lichty, ibid., 11, 225, (1907); formic acid, Meyer, Z. Elek-
trochem., 15, 508, (1909); succinic acid, Wiig, J. Amer. Chem. Soc., 52, 4742,

(1930).
% Dittmar, ibid., 47, 987, (1925); 52, 2746, (1930).
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Table 11
E .
025 mol. of 0:50 mol. of

Inhibitor No inhibitor inhibitor inhibitor
Ammonium sulphate A 27,640 28,240
Phenol 27,640 29,310
p-Cresol 27,380 28,030
Coumarin 27,900 28,120
Benzophenone L 925330 26,980 27,340
Benzoic anhydride ’ 30,400 31,060
Ethyl alcohol 26,800 26,470
Benzoic acid 27,160 27,160
Ortho-phosphoric acid 26,890 27,470
Acetophenone 26,900 26,050

almost exactly for the decrease in velocity corresponding to
the second addition. The interpretation given by Dittmar
seems therefore to be justified. It is a special application
of the intermediate-complex theory, exhibiting a rather
unusual phenomenon which is of some importance. When,
as in most of the studies hitherto encountered, the inter-
mediate complex is more reactive than the uncombined
reactant, there is a fall in K, the extent of the fall being
independent of the amount of catalyst. In the present case,
E rises with the addition of the negative catalyst, successive
additions causing a continual increase in E. The reason for
this is not far to seek. With a positive catalyst, two simul-
taneous reactions occur side by side, but usually the catalytic
coefficient is so much greater than the uncatalysed reactivity
that the latter becomes negligible in comparison. X therefore
gives the heat of activation of the catalysed reaction. With
a negative catalyst, also, there will be two simultaneous
reactions, and since the inhibitive effect is often less marked
than a catalytic effect, the velocity of the uninhibited re-
action will usually be comparable with that of the inhibited
one, especially with small amounts of negative catalysts. The
true E for the inhibited reaction cannot be evaluated -until
sufficient of the negative catalyst has been added to remove
nearly all of the uncombined reactant. It will be noticed
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from the table that the first addition of inhibitor causes
E to rise by about 2,500 calories: the second addition
causes £ to rise a further 500 calories only, so that the
conditions are quickly approximating to those of a com-
pletely inhibited reactant. Inhibition in this case is strictly
a misnomer. The slow reaction which is measured is really
the decomposition of another substance. In true inhibiting
effects, the chemical change which is measured is the same
in the presence of all inhibitors.

Dittmar’s explanation would not apply to Bickstrom’s
results, but Christiansen’s theory may be able to interpret
Dittmar’s. As in positive catalysis, so in negative catalysis,
the variety of phenomena calls for a varicty of hypotheses,
all of which may find justification under special circum-
stances.

154

The Kinetics of Chain Reactions.

Hitherto we have been dealing with the initial, or instan-
taneous, velocity of chain reactions. The complete course
of some of these reactions has been shown to be unimole-
cular. They are the photopolymerization of vinyl chloride,
the auto-oxidation of sodium sulphite, and the photolysis
of hydrogen peroxide.* Assuming that the primary step
is followed by a chain of probable length kz/(ky+kc), we have

do kx(“—x){l+k2k3 ‘ - (31)

dt +kef

With chains of appreciable length, the initial act may be
ignored, hence

dx K \
G = Vi kel @) (32)
or Iy e o K (33)

t a—x  kopthke
By the graphical examination of the observed unimolecular

* Jen and Alyea, J. Amer. Chem. Soc., 55, 575, (1932).
4018 Mm
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constants, Jen and Alyea find the minimum number
(1/k3) of links in the chains to be 5,000, 900, and 540 respec-
tively. It will be observed that when the fractional change
(x/a) is small, equation (32) reduces to Backstrom’s equa-
tions ((29) and (30)).



IX
HETEROGENEOUS REACTIONS

WHEN a chemical reaction occurs in a heterogeneous system,
there are superimposed on to the specific chemical effects
certain interfacial factors which operate at the boundary of
the phases and may influence the velocity of chemical
change. A large variety of phenomena thus becomes possible
theoretically, and is in fact met with in practice, although
the precise information at present available is somewhat
meagre.

Attention has been confined almost completely to solid-
liquid systems, consisting of a solid in contact with a dilute
solution. Dissolved molecules may react with the solid or
undergo catalytic transformation at its surface. The study
of the kinetics of these reactions is the logical prelude to
the investigation of enzymic reactions. The solid may be
present as a crystal, or dispersed as a suspensoid or colloid.

Since the dissolved molecules must strike the surface of
the solid before reaction can occur, the change takes on the
nature of a bimolecular process, with the possibility of inter-
mediate complexes of varying natures and stability. Solute
molecules may anchor on the solid surface with the tenacity
denoting a polar link, or they may merely congregate in
greater number about the surface than in the bulk of the
solution, and be held loosely there by attractive forces not
necessarily chemical in origin. In both cases, the molecules
are said to be adsorbed on the surface. Since the approach
of an ion or a solute molecule up to the surface, or its re-
moval therefrom, entails the expenditure of energy, the
observed critical increment of a heterogeneous reaction will
usually be a composite term, consisting of the true energy
of activation plus the heat of adsorption or desorption as
the case may be. Surface reactions may thus be examined in
the light of the intermediate-complex theory, but the heat
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of formation of the complex acquires a different meaning.
There are three distinct processes occurring in reactions of
this kind : (1) the solute molecules approach and collide with
the solid surface, where (2) chemical reaction takes place;
followed by (3) the recession of the products away from the
interface into the bulk of the solution. Theoretically, each
of these three processes, having definite velocities, may
influence the net rate of reaction, the magnitude of which is
determined by the slowest process of all. Experience shows
that the velocity of approach of solute molecules towards
the surface is usually faster than the speed of chemical
change, although the rate of approach of suitably activated
molecules may be less than the usual speed of chemical
reactions. The determining factor very often will be the
relative magnitudes of stages (2) and (3). A sharp distinction
here arises between homogeneous and heterogeneous sys-
tems, since in the latter case the rate at which molecules
move away from the surface may become important. This
rate has much the same value for all solutes in a given
solvent at a fixed temperature, and is determined by its
diffusion coefficient. When a crystal of calcite dissolves in
dilute mineral acids, the chemical change is slower than the
diffusion process and determines the observed velocity.
Calculations given below show that a fair percentage of the
hydrogen ions which strike the marble surface with the
requisite energy liberate molecules of CO, On the other
hand, when metals are attacked by aqueous acids, or cad-
mium by aqueous iodine, the chemical change is rapid; the
observed velocity is then simply the velocity of diffusion (of
cadmium ions away from the surface, or of iodine molecules
towards the surface). The true kinetics of chemical change
in cases like these entirely elude investigation: nothing is
known of their velocity or energy of activation, except that
by inference the latter must be small.

The course of a reaction between a dilute solution and a
solid and its apparent kinetic order are governed by the
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relative amounts of solute and solid present in the system,
and by the relative adsorbability of the reactants and the
resultants. When there is a large excess of solute, the
surface may be perpetually saturated with adsorbed mole-
cules of solute. The velocity, being dependent on the number
of adsorbed molecules, will therefore be constant, giving a
reaction of apparently zero order (dn/dt = k). Such be-
haviour is found when substrates at high concentrations
are hydrolysed by small amounts of enzyme.* In general,
the number » of molecules adsorbed per unit surface will
be related to the number (n,) of solute molecules per c.c. of

solution by the Freundlich isotherm, n == Kné. The number
of molecules of solute in the bulk of the solution diminishes,
and the number adsorbed by unit surface falls off continuous-
ly and proportionately as the reaction procceds. When « is
unity, the conditions for a unimolecular reaction are realized,
since ——(22‘“ = kn = kKn, Most of the simpler reactions
which are catalysed by solids or enzymes proceed unimole-
cularly under certain limited experimental conditions, the
unimolecular constant being proportional to the amount of
catalyst present. The decomposition of hydrogen peroxide
is a pseudo-unimolecular reaction in the presence of massive
platinized platinum,} colloidal plantinum,f haemase,§ and
liver catalyse.|| The tryptic digestion of casein is apparently
unimolecular when the enzyme concentration is maintained
at a high and constant value.** Most of the glykosides and
simple carbohydrates also behave in a similar manner, the
general condition for unimolecular behaviour being a con-
stancy in the enzyme concentration and a relatively low

* Lactose by emulsin, Armstrong, Proc. Roy. Soc., 73, 500, (1904) ; sucrose
by saccharase, Hudson, J. Amer. Chem. Soc., 30, 1564, (1908); casein by
trypsin, Northrop, J. General Physiol., 6, 429, (1924).

t Bredig and Teletow, Z. Elektrochem., 12, 581, (1906).

1 Bredig, von Bernek, and Ikeda, Z. physikal. Chem., 37, 1, (1901).

§ Senter, ibid., 51, 673, (1905).

|| Zeile and Hellstrém, Z. physiol. Chem., 192, 171, (1930).

** Northrop, J. General Physiol., 6, 417, (1924).
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concentration of substrate.* Departure from the first-order
curve may result from a number of effects, among which
may be noted : (1) the existence of adsorption of the Freund-
lich type, where « is less than unity, and dnr/dt is conse-
quently greater than dn,/dt; (2) spontaneous or induced
inactivation of the enzyme; and (3) selective adsorption of
the products of reaction. In the last case, provided both
reactants and resultants are highly adsorbable, but the
latter more so than the former, the rate becomes inversely
proportional to the concentration of products.

The problem thus becomes very complicated, and the
possibility of interpreting the results is within reach only
when exceptionally simple experimental conditions have
been chosen. Even then a complete understanding is not
possible, but the theoretical and practical approach may
here be illustrated with reference to a few well-investigated
reactions. A brief account of diffusion must first be given.

The Diffusion of Solutes.

The necessity arises for a knowledge not only of the
translatory velocity which dissolved molecules and ions
possess in virtue of their temperature but of the extent to
which the velocity is modified by the superposition of direc-
tional forces. When, for example, an external electrostatic
field is applied to a solution of an electrolyte, the component
velocity of the ions in a direction perpendicular to the
electrodes is increased. Similarly, when there is an unequal
concentration of solute, and the solution is consequently not
at equilibrium, there is a resultant osmotic force driving
the molecules from the region of high concentration to that
of low concentration, and tending to establish equilibrium
by bringing about the most random distribution of solute
molecules. The ions or dissolved molecules under these
conditions are said to diffuse through the solution. Since

* See, for example, Kuhn and Sobotka, Z. physikal. Chem., 109, 65, (1924) ;
Weidenhagen, Z. deutschen Zucker-Industrie, 82, 503, (1932).
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an adsorbed layer of molecules is formed at the surface of
any solid in contact with a solution, the process of diffusion
will tend to unform such a layer. If chemical change takes
place very rapidly at the surface of contact, under certain
conditions the observed velocity of reaction will bo governed
by the rate at which molecules of the product move away
from the surface, or by the rate at which fresh molecules of
reactant reach the surface from the bulk of the solution.

Tick* found that the quantity (ds) of solute which crosses
a boundary of area A in time d¢ is proportional to the
concentration gradient dc/dz

dc

The proportionality factor is termed the diffusion coefficient,
and is seen to have the dimensions of (length)?/time. The
conventional units in which D is expressed arc: area in
sq. em. ; concentration gradient in gram molecules per litre
per centimetre; time in days. D is thus the number of
gram molecules of solute which cross a boundary of 1 sq. cm.
in 1 day under unit concentration gradient, and can be
determined cxperimentally by analysing different layers
at various intervals in a tall cylinder which originally con-
tained a concentrated layer of the solute in contact with
a large volume of the solvent.

The kinetic theory of diffusion has been given by Kinstein.
A cylinder of unit cross-section containing a dilute selution
is imagined to be fitted with a semi-permeable membrane,
through which only solvent molecules can pass. If the con-
centration of the solute in compartment A is greater than
in B, a force F' will be exerted on the piston, which is equal
to the difference in osmotic pressure per unit volume.

_P—pe_dp
F= dz ~ dz’ (2)

The osmotic pressure p is related to the concentration ¢ by

* Pogg. Annalen, 94, 59, (1855). t Z. Elektrochem., 14, 235, (1908).
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the gas laws, p = RTc, provided the solution is very dilute.

Hence
S i (3)
P P2
i i
! 1
! ]
' t
A ! \ B
| ]
‘ |
: !
[——
dz
The force exerted by one molecule is
F  RTdc
eNy ey’ @

where N, is Avogadro’s number. By Stokes’s law, the
resistance offered to the motion of each molecule is 6myr,
hence the uniform velocity of diffusion should be
i
U:RF{iE ‘1 . (5)
cNy dg 6myr
But wc/(de/dz) represents the number of gram molecules
transported per second across unit area under unit concen-
tration gradient, and is therefore simply the diffusion
coefficient. Hence
D RT 1 (6)
Ny 6mpr’

This is the familiar Stokes-Einstein diffusion equation.*

The relation between the velocities of ions under unit
concentration gradient and their velocities under unit
electrical potential was deduced by Nernst.t Assuming a

* In applying this equation, it should be observed that, taking
R = 8:315x 107 ergs per degree, D becomes equal to the number of gram
molecules carried across an area of 1 sq. cm. in 1 sec. when the concentration
gradient is one gram molecule per c.c. per cm., and is thus 1,000 times the value

of D in the units of gram mol. per litre per sec.
t Z. physikal. Chem., 2, 613, (1888).
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uni-univalent electrolyte to be completely ionized in dilute
solution, the diffusion coefficient is related to the ionic
mobilities (U, and U,) of the anion and cation, and to the
absolute velocities (u, and ) of the ions under the influence
of an electrostatic field of unit potential gradient by the

equation UL,
[Ju + L’Tt) )

Numerical values have been obtained for the diffusion
coefficients of numerous solutes in various solvents by the
use of equations (1), (6), and (7). The three methods lead
to results in close agreement, provided the radius of the
solute molecule is known when equation (6) is employed.
There is often some doubt about the precise value of r, since
solutes, due to solvation, have greater effective diameters in
solution than in the solid or liquid phase. The usual pro-
cedure is to determine D by means of Fick’s law and Nernst's
equation. The Stokes-Einstein relation is then often used
to evaluate the diameter from a knowledge of the diffusion
coefficient. Kxtensive experiments on diffusion have been
carried out by Oholm*, and supplemented by Haskell,t and
others. In a given solvent at a fixed temperature, all solutes
should have diffusion coeflicients of the same order of magni-
tude, the value of D being inversely proportional to the
radius of the solute. This is known to be the case; for
example, in water at 18° (., urea, hydroquinone, and sucrose
have values of 1:12210°5, 073 <105, and 0-41 - 10 ® sq. en
per second respectively. (Cf. the molecular diameters as
given by equation (4) of Chapter 1.) As is to be expected
from equation (6), the temperature coeflicient of the diffusion
of all solutes in any given solvent should have the same value,
which is closely related, but not exactly equal, to the
temperature coefficient of the fluidity of the solvent. This
also is borne out by experiment. The average value of
(Dys10e/Dy) for most aqueous solutions at 18°C. is 1-238.

D= 0RT( (7)

* Z. physikal. Chem., 50, 309, (1805). t Physical Review, 27, 145, (1908).
4018 Nn
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For our purposes it will be most suitable to express the
temperature coefficients in the form of an energy term, to
which no special physical meaning need be attached except
that it is defined by the equation

. _2303RT,T, D,
or p=" o, glODI°

Similarly, from the temperature coefficient of the viscosity,
which is negative, we have
dlny
— RT2
e = RT ar 9)
This is but another way of writing Andrade’s equation
(p. 159). From the Stokes-Einstein relation, it follows that

ep == RT—e, (10)
This equation also is accurately obeyed. As a first ap-
proximation, e,, may be taken as equal to e, which is inde-
pendent of temperature in the case of non-associated liquids,
but falls with a rise in temperature in the case of water,
alcohols, and other polymerized solvents.

Nernst’s Theory of the Kinetics of Heterogeneous Reactions.

By rotating cylinders of benzoic acid and of lead chloride
in water, and analysing the solution from time to time, Noyes
and Whitney* found that the velocity of dissolution of the
solids followed an apparently unimolecular law:

dx
dt
a, is the solubility of the solid in water, and x the concen-
tration of the solute in the bulk of the solution at time ¢.

The rate of dissolution being proportional to the difference
between the saturated and observed concentrations, it was

= k'(a,~x). (11)

* Z. physikal. Chem., 23, 689, (1897).
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suggested by them that a saturated layer is formed at the
surface of the solid. The velocity of the change is then simply
the velocity with which solute molecules diffuse out into the
liquid. Bruner and St. Tolloczko* substantiated this con-
clusion by examining the rate
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of dissolution of a variety of
compounds in water. The
velocity was found by them
to be directly proportional to
the area (A) of the surface:

de

=
Since unimolecularity is obeyed
during the complete process, it
appears that the effective area
remains constant, although the
actual surface of the solid
becomes eroded.

A gencral theory of the
kinetics of heterogencous re-
actions was developed by
Nernstt upon analogy with
the effects observed during
dissolution.

The principal postulate is
that chemical reaction proper
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takes place very rapidly at the surface, the liquid in tho
immediate neighbourhood thus becoming soon choked with
the products of reaction, and hindering further chemical
change. Fresh molecules of solute can, however, diffuse
slowly through this saturated layer, with a velocity which
is small compared with that of the chemical change, and
diminishes as the concentration of dissolved substance falls
off. The theory therefore predicts that such rcactions must

* Ibid., 35, 283, (1900). t Ibid., 47, 52, (1904).
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be unimolecular, with a velocity which is equal to the
velocity of diffusion. Nernst’s views have been variously
received by different investigators. Brunner* and others
have enthusiastically adopted it as the correct and final
answer to the phenomena of all chemical reactions occurring
between solids and dilute solutions. Wildermannt is in-
clined to discredit the theory altogether, pointing out, quite
rightly, that the unimolecular behaviour can be explained
in other ways. Experiments carricd out during later years,
a review of which is given by Centnerszwer,{ show that some
reactions can readily be understood upon the Nernst theory,
whereas others seem to contradict it. The crux of the matter
depends on how much truth there is in the assumption that
the actual chemical reaction (or the actual process of dis-
solution of a solid in a liquid) takes place rapidly compared
with the process of diffusion.

Instances are known where the agreement with theory is
complete, and the assumption in these cases seems to be
amply justified. It will be shown later that the postulate
does not accord with the facts in other cases: the actual
chemical change at the interface may completely determine
the velocity of reaction, the question of diffusion not entering
into the problem at all.

The theory of Nernst may be described in the following

words. Consider a solution of

Solid H . ..

/// S volume V litres, contalmn.g ¢ gram
7' sturated ! of soeon TOlecules of solute per litre. Be-
/ toger of e Corame Y tween the solution and a solid of
/ LI moes arca A sq. em., there is a layer of
/ - thickness 3, formed by the accumu-
/ ' lation of reaction products during
/ Fro. 2 initial stages. In the subsequent

stages, fresh molecules of solute
can only reach the solid by diffusion through this layer. The

* Z. physikal. Chem., 47, 56, (1904). t 1bid., 66, 445, (1909).
3 1bid., A, 141, 297, (1929).
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number of gram molecules reaching the solid in time dt
seconds is ds. This transfer reduces the concentration of
the solute by an amount ds in V litres, i.e. the fall in con-
centration in this time is ds/V. Now by Fick’s law

ds de .
(—17 == 1)“1 ;{—:’:’ (13)
where dc/dz is the concentration gradient. Hence
de lds Dddc (14)

i~ Vdt~ VvV de

The concentration gradient at any instant being ¢/3, we have

de DA 5
;E - VS c (1())
dcl DA
and ]‘.uni = d_;'c = Vs ¢ (16)

It should be noticed that k is independent of the concentra-
tion of the solute, V being the total volume of the solution
and not the volume containing 1 gram molecule of solute.
We will return to a fuller discussion of this equation later.
For the present, it need be pointed out that the velocity
corresponding to an area of 1 sq. em. and a total volume of
1 litre is given as D

5=

an equation which has been used by Brunner to calculate the
thickness of the saturated layer. For a number of reactions
in water at 20°, 5 is about 31073 cm. The magnitude of 5,
of course, is no proof that the theory is correct, but the fact
that k is of the same order of magnitude for a number of
different solutes is what is to be expected if diffusion governs
the processes. This is the really significant result. The
absolute value of 8 may well be regarded as improbable,
since it represents a layer which is about 50,000 molecules
thick.

A further important test of Nernst’s theory is afforded by

(17)
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the influence of temperature upon the velocity of hetero-
geneous reactions. Provided the thickness of the interfacial
layer is independent of temperature, dk/dT should equal
dD/dT, and the observed critical increment should thus
have a value of 4,600 calories at 25° C. Many heterogeneous
reactions do in fact have about this value for E, but it
is quite possible, of course, for reactions to possess a real
energy of activation of this value. Homogeneous reactions
in solution are known with zero critical increment (p. 207).
The argument is therefore not unambiguously in favour of
the diffusion theory even when the temperature coefficient
is of this amount. A third characteristic of reactions with
rates governed by the diffusion process is that k varies with
the rate at which the solution is stirred. The constant s in
the equation : rate of reaction = constant X (rate of stirring)
has been given values of 1 (Wildermann), 2 (Brunner), and
# (von Name).

Nernst’s theory is open to criticism which cannot be given
before dealing first with its application in various directions.

The Reactions between Metals and Iodine Dissolved in

Aqueous Potassium Iodide.

The velocity of the reaction between metals and iodine
has been studied by von Name and his collaborators.*
The significant results are that numerous metals, such as
mercury, cadmium, zine, copper, and silver react at ap-
proximately the same velocity at the same temperature.
The velocity increases with a rise in temperature to the same
extent as the diffusion coefficient. ¥urthermore, bromine
attacks the metals more rapidly than iodine. All these facts
are adequately explained in terms of Nernst’s diffusion
theory, and there is no doubt that the interpretation is
correct. We must, however, examine some of the results
more closely.

* von Name and Edgar, J. Amer. Chem. Soc., 38, 253, (1916); von Name
and Bosworth, Am. J. Sci., 32, 207, (1911); von Name and Hill, tbid., 36,
543, (1913).



HETEROGENEOUS REACTIONS 279

Von Name’s* data on the rate of reaction between cad-
mium and iodine are very complete. A disk of cadmium
of diameter 3-83 cm. (area thercfore equals 23-0 sq. cm.) was
rotated 200 times per minute in a solution containing
0-5 gram molecules of potassium iodide per litre, 0-01 of
sulphuric acid, and 0-02 of iodine. The halogen was there-
fore present almost entirely in the form of the tri-iodide ion
I;. The reaction was found to be unimolecular; the value
being that given by the equation
= ‘Zi(:?vlogm[{:}:. (18)
t is the time in minutes, and v the volume of the solution in
c.c. Von Name’s values are:

t° C. 0 15 25 35 45 55 65

k 372 587 762 955 11-81 1426 16-93.
The critical increment (4,040 calories) thus compares very
favourably with the heat of diffusion (equation (8)), which,
although not quite constant, has an average value of 4,240
calories over this range.

It is when we come to consider the absolute value of the
velocity of reaction that the first departure from an other-
wise complete agreement with theory becomes noticeable.
At 15°C., we may take the diffusion coefticient to be
approximately 51078 cm.2 per second. The velocity con-
stant given by von Name must be divided by (601,000 <23)
in order to reduce the time to seconds, the volume to litres,
and the area of the surface to 1 sq. em. k;; then becomes
4-25x1078, By equation (17) the thickness 8 of the satur-
ated layer would appear to be about 1 cm., which of course is
absurd. A saturated layer of a few molecules seems in all
respects to be the true interface. Let us therefore assume
3 to be of the order of magnitude of 10-?. The observed
velocity of reaction is consequently lower by this factor than
what would be anticipated on the basis of Nernst’s theory.

* 4Am. J. Sci., 43, 4563, (1917).

k
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In other words, only about one in ten millions of the ions I3
which diffuse on to the metallic surface succeeds in detaching
an atom of the metal. Why this should be is not clear,
although many explanations suggest themselves. The whole
picture remains intact, however, since the number of ions
which do react is still proportional to the number that reach
the surface. Quantitative agreement between calculated and
observed rates implies, not only that the reaction at the
surface is rapid, but also that every molecule which reaches
the surface reacts.

If, in the reactions studied by Brunner, the efficiency of
collisions is less than one, the saturated layers will have a
true thickness which is smaller than the published values
in proportion to the inefficiency.

The Reaction Between Metals and Dilute Aqueous Acids.

The factors governing the rate of evolution of hydrogen
from metals in acid solution have received much attention,
partly on account of the importance attaching to the allied
phenomena of metallic corrosion and passivity. A wide
diversity of results has been discovered. 1t may be said that
the general reproducibility of data obtained within recent
years is singularly good. The velocity of reaction most
frequently is unimolecular with respect to the acid, although
changes of higher order have been reported. Many metals
and some alloys are attacked by acids at approximately the
same rate, indicating, along with other results, the pre-
dominance of the part played by diffusion.

A polished disk of metal, partially covered by a mixture
of wax and rubber, is rotated in the solution of acid. The
course of the reaction may be determined by weighing the
disk at various intervals, or, as is more frequently done, by
measuring the volume of hydrogen evolved. The velocity of
the reaction between zinc and hydrochloric acid has been
investigated using both methods. Some of the results are
compared in Table I.
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Table 1

The Rate of Reaction between Zine and Hydrochloric Acid referred
to 1 8q. cm. of Metal Surfuce

' Observed | Caleulated
. Tempera- | Initial concen- | no. of HO'| no. of H,0" ;
Refer-|  ture tration of HCl |disappearing 1 striking unit. |
ence °C. (gram mol./litre) | per second jarea per swomlé Ratio
(1) 1 23 0-175 310107 | 152N 10w 49108
(2) | 16 0-5 1-36 x 10 420 10% 32108
3) | 25 0-5 108 < 10" | 436 10u [ 140~ 108

(1) King and Braverman, J. Amer. Chem. Soc., 54, 1744, (1932).
(2) Fischer, Z. Elektrochem., 35, 502, (1929).
(3) Centnerszwer, Z. physikal. Chem., A, 141, 297, (1929).

The figures in the fourth column have been computed
from the number of c.c. of hydrogen evolved per minute:
those in column 5 have been obtained from the expression
nAJ(RT[2n M), where n, is the number of hydrogen ions
per c.c. of solution (equation (9), Chap. I). Asin the reaction
between metals and iodine, only a very small fraction of
those ions which reach the surface result in chemical change.
In the present example, two hydrogen ions must become
engaged before one atom of zine is dissolved, which suggests
that the low efficiency of the reaction may be attributed to
the smaller probability of what is in effect a ternary collision.
This explanation, however, is improbable, for the same
tardiness is revealed in the process of dissolution of a salt
in water. The origin of the delay at the surface seems to be
due to the necessity of activation of the solid molecules. In
the most favourable case, the minimum value of the energy
of activation would be equal to the heat of fusion of the
solid plus the heat of solvation. When ¥ is large, the reaction
at the surface will be slow, and possibly much slower than
diffusion, which does not therefore enter into the scheme.
In the instance under examination, however, the actual
chemical change at the surface, although relatively slow, is
still much faster than the rate of diffusion. Hence nothing

is known of the true energy of activation. King and
4018 00
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Braverman* have shown this reaction to be free from kinetic
salt effects and due entirely to hydrogen ions.t From their
values of ky/k; ( = 1-285), and kyy/ky; ( = 1-260), we have an
apparent energy of activation of 4,230 calories, in close
agreement with the heat of diffusion, which is 4,600 calories
in this temperature range. Further proof that the measur-
able velocity is influenced by diffusion is afforded by the
effect of stirring and of the addition of substances which
alter the viscosity.

Table 2
Av . Av 1
Time (minutes) | Af (c.c. of H, per minute)  A¢(HOY

10 1-249 —

20 1-169 -

30 1-426 —

40 1-600 —_

50 1-796 ——

60 1:805 4-28

70 1-777 4-33

80 1:777 4-42

90 1-651 4-42
100 1-553 4-41
110 1-483 440 36
120 1-408 4-38
130 1-333 4:36
140 1-236 4-33
150 1-216 4-32

The alloying of zinc with small amounts of silver, lead,
arsenic, and other metals diminishes the velocity of reaction
to a slight extent.f The results of a typical run are given in
Table 2, which is due to Centnerszwer§ and refers to an
alloy of 0-4 per cent. of silver in zine, dissolving in 200 c.c. of
0-5N hydrochloric acid at 25° (. As is frequently found, the
rate of reaction increases during the initial stages before
the unimolecular condition is established. Calculations

* Loc. cit.

t The proportionality between velocity of dissolution and concentration
of acid is disputed by Guertler and Blumenthal (Z. physikal. Chem., A, 152,

197, (1931) ), who emphasize the role played by the overvoltage of hydrogen.
t Fischer, loc. cit. § Loc. cit.
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directed at evaluating the thickness of the Noyes-Whitney
layer on the assumption that the early period in the reaction
corresponds with the time taken to form the layer show the
assumption to be false. 1t is much more probable that the
reaction under ideal circumstances is actually unimolecular
throughout its course, but in such cases as these the law is
partially obscured by the incomplete removal of those
factors which when present in a more acute form give rise
to entire passivity. Further discussion of this interesting
phenomenon would be out of place here, but it is worth
while noticing that the effect is definitely connected with
the surface of the metal only, and that the potential differ-
ence set up between the metal and the solution of its ions
may be the sole cause. The rate of dissolution of metals
in acids is modified by the application of an external
electromotive force, the magnitude of the modification being
proportional to the applied K.M.F.*

Centnerszwert claims that the reactions hetween eadmium
and hydrochloric acid and between tin and hydrochlorie acid
arc of the fourth order with respect to the acid, but the
evidence adduced is not convincing. The absolute rate is
slower by a factor of about 10® than the rate with zine and
other metals, and is definitely a function of [ HCI] raised to a
power greater than unity. The other fact which is definitely
established is that the temperature cocefficient of the solution
of tin in hydrochloric acid is much greater than that of diffu-
sion. Centnerszwer’s results give a value of /£ = 7,210 calories,
from which it is found that the ratio of the number of activa-
ting collisions to the number of molecules reacting is about 10°,

Experiments which have been carried out on the dissolu-
tion of metals} and of amalgams§ in non-aqueous solutions
of acids are few in number. They clearly indicate a marked

solvent effect.
* Thiel and Eckell, Z. physikal. Chem., 132, 78, (1928).
t Ibid., A, 141, 297, (1929).
+ Zecchini, Gazz. chim. ital., 27, 466, (1897).
§ Bronsted and Kane, J. Amer. Chem. Soc., 53, 3624, (1931).
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The Reaction between Solid Calctum Carbonate and Dilute

Hydrochloric Acid.

When a crystal of marble dissolves in hydrochloric acid,
the rate of evolution of carbon dioxide is found to be pro-
portional to the area of the surface of the solid and to the
concentration of the acid. Equimolecular solutions of strong
acids have all the same effect.

4[002] — kATHCI). (19)
Spring* worked with parallelepxpeds of Carrara marble,
waxed all over but for one facet, which was exposed to a
5 per cent. solution of hydrochloric acid. The facet measured
19 mm. by 16 mm. and at 35° . gave off carbon dioxide
at the rate of 25 c.c. in 54 seconds. This is equal to 1-11 <1019
molecules per second. From the temperature coefficient of
this rate, it is found that K, == 6,300 calories and
E gy g5 = 6,400 calories. Over a temperature range of 40°,
therefore, there is a constant critical increment of about
6,350 calories, which is definitely greater than the slightly
variable heat of diffusion. It is thercfore worth while making
the supposition that the velocity of the actual chemical
change is the important factor in the case, and calculating
the rate of disappcarance of hydrogen ions by means of the

equation
_dn, _ RT \ _ ke
~dr = An, N/(%MS)e . (20)

A is the area of the solid (here equal to 3:04 sq. cm.), and
N, J 2R1]‘1[ is the number of hydrogen ions which strike unit
™

surface per second (here equal to 1-22x10%), If the chemical
change consists of the removal of carbonate ions from the

crystal C0; = +H;0* — HCO; +H,0,
the subsequent decomposition of the soluble bicarbonate

* Z. physikal. Chem., 1, 209, (1887).
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may be assumed rapid, so that one molecule of carbon
dioxide is produced for each hydrogen ion which disappears
as a result of collision with the surface. The result of these
calculations is that about one ion out of every 93 which
strike the surface with energy greater than & results in
chemical change. This factor is quite a reasonable one. The
important conclusion is that the necessity of postulating the
existence of an interfacial layer is superfluous. Diffusion
does not determine the velocity of reaction in this case.
Brunner,* whose absolute rates are about 4 times as great
as those of Spring—possibly due to the stirringf-—favours
the diffusion view, although his study of the temperature
effect is hardly extensive enough to warrant the conclusion.

Since the predominance of the diffusion effect may in
general be expected when the energy of activation of the
reaction taking place at the surface is small, we must look
for examples of heterogencous reactions with a large critical
increment. Several of these have been investigated but with
the solid present in the dispersed rather than the massive
form.

The Decomposition of Sodium Hypochlorite in Aqueous

Solution, Catalysed by Cobalt Peroxide.

Reference has alrcady been made (p. 49) to the very
slow decomposition of aqueous solutions of sodium hypo-
chlorite, and to the marked catalytic effect of mickel
peroxide. Howellf has studied the velocity of decomposition
of sodium hypochlorite (2 (10~ — 2 C17+0,) under the
influence of cobalt peroxide.

A suspension of (00, containing 0-033 gram molecule per
litre was found to be quite stable, and to give reproducible

* Ibid., 47, 56, (1904).

t It is open to question whether it is strictly logical to apply to reactions
carried out with violent stirring the value of the diffusion coeflicient which
has been determined in quict solutions. The diffusion of a solid in a stirred

liquid is discussed by Schumann, Physical Rev., 37, 1508, (1931).
1 Proc. Roy. Soc., A, 104, 134, (1923).
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results when the rate of stirring was not less than 1,600
revolutions per minute. When the concentration of catalyst
is low, the decomposition is unimolecular with respect to
hypochlorite, the value of the unimolecular constant being
directly proportional to the concentration of catalyst over
a sixfold range in [Co0,]. At 40°C,, 1 c.c. of the catalyst
preparation added to 60 c.c. of hypochlontc solution gives
by = 3:51 1073 (minutes~!: In,). Howell measured the
velocity of reaction at temperatures of 25, 30, 35, 40, 45, and
50° C., and found the Arrhenius critical increment to be
16,574 calories.

The molecular statistics of this reaction may now be
discussed, provided the size of the catalyst particles can
be estimated. From the stability of the preparation, it may
safely be inferred that the diameters are less than 108 cm.,
for particles of this size coagulate rapidly. Ascribing a
value of 5x1077 em. to the diameter of the cobalt peroxide
suspensoid, and assuming it to have unit density, it follows
that under the experimental conditions (1 c.c. of 0-033 molar
preparation added to 60 c.c. of hypochlorite solution) 1 c.c.
of the reaction mixture contains 7-:52x 10 units of catalyst
The observed unimolecular constant is 5-85x 10~% seconds=1.
The unimolecular constant which would be observed when
the concentration of catalyst is 1 particle per c.c. is thus
7:78 10720 seconds~!,

Let us now calculate the velocity upon the assumption
that each ion ClO~ which strikes the catalyst with energy
greater than 16,574 calories/gram molecule brings about the
formation of one molecule of oxygen. The number of mole-

I . . RT .
cules striking unit area per second is n, / T where n, is
™ 3

the number of hypochlorite ions per c.c. and M, is the ionic
weight The number which strikes a sphere of area wo? is

n,02 Taking o to be 5x10-7 cm., and 7' == 313°, this

2M
becomes 7-05x107%n, The fraction of this number with
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the requisite energy is e '**"/ET — 2.46x107!2; the number
of activating collisions upon one particle per second is
1:73x10-2xn,. Hence

dn
$ == “fo X -20
dt 1:73x10720p,
or k=173x10"20,

which is in excellent agreement with the observed velocity
constant. The closeness of the agreement, however, is not
important and may well be accidental. The result never-
theless is conclusive enough in demonstrating that the order
of magnitude of the reaction velocity is governed by the
rapidity of the chemical change, and not by the diffusion
process.

The general form of the equation which is applicable to

similar cases is
dn, . wRT) CBRT o
dr = et A/(M[( e , (21)

where n, and 7, are the numbers of substrate and catalyst
units present per c.c., and o, is the diameter of the catalyst.
Tt will be noticed that the collision term in this equation is
the same as that derived for gascous molecules,

1 1
2 Tl— -f-—
01’27l1?L2/s/{8"1{11(ﬂll}ﬂlz)},

under such extreme conditions as will allow us to ignore
1/M, as negligibly small, and to take the sum of the mole-
cular radii as equal to the radius of the larger molecule.
Howell found that the addition of sodium chloride
accelerated the reaction, the velocity constant being linearly
related to the amount of added salt, thus affording an
interesting example of the linear salt effect in heterogeneous
catalysis. The catalyst suffers no injury when the usual
poisons—potassium cyanide, mercuric chloride, arsenious
oxide, and hydrogen sulphide—are added. Alkalis, how-
ever, retard the reaction markedly, possibly, as Howell
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suggests, due to selective adsorption. In the absence of
alkali, the following mechanism is suggested:

0-Cl1
Co=0=0 — Co=0{  — Co= 0<
0\ —-Na
which in its presence is hindered by the preferential adsorp-
tion of the hydroxyl ion:

Co=0<0 —> Co= 0< N’

The explanation is consistent with the fact that hydrogen
peroxide is much more labile in alkaline than in acid solution.

Chirnoaga’s repetition of this work* gives results which
agree in the main with those of Howell, although ¥ is found
to be somewhat less (15,840). With nickel peroxide as
catalyst  becomes 16,580 calories, but the reaction is no
longer unimolecular, the rate being given approximately as
de/dt = kc®¥. The difference is rather surprising in view of
the similarity in the two catalysts and in the apparent heats
of activation.

The Freundlich adsorption isotherm has been found to
represent the equilibrium between adsorbed molecules and
those in solution in the reaction between formaldehyde and
alkalis at the surface of copper oxide,} in the decomposition
of formic acid solutions at the surface of rhodium} and of
sodium hypophosphite at the surface of palladium.§

Other examples of heterogeneous reactions, the rates of
which are not governed by diffusion, are the oxidation of
hydrocarbons by potassium permanganate,|| the hydrolysis
of emulsions of esters in water,** and the dissolution of
arsenious oxide.}t

~ * Trans. Chem. Soc., 1693, (1925).

1 Birstein and Lobanov, Z. anorg. Chem., 195, 173, (1931).
1 Blackadder, Z. physikal. Chem., 81, 385, (1912).

§ Sieverts and Peters, ibid., 91, 199, (1916).

|| Meyer and Saam, Berichte, 30, 1935, (1897).

** Goldschmidt, Z. physikal. Chem., 31, 235, (1899).
11 Drucker, tbid., 36, 693, (1901).
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The Kinetics of Dissolution.

The theory of Noyes and Whitney, as we have seen, offers
an explanation of the kinetics of dissolution of solids in
terms of the diffusion of solute molecules away from an
interfacial layer of a saturated solution which is found in
the early stages of the process. There are two important
facts, however, which need to be pointed out in any general
consideration of the kinetics of dissolution.

In the first place, a unimolecular velocity is to be ex-
pected for the process in any case, whether a saturated layer
is held to the surface or not. Adopting Langmuir’s phraseo-
logy* we have

rate of evaporation of solid molecules = k, A
rate of condensation of solute molecules = ky An.

A is the area of the surface, and # is the number of dissolved
molecules in 1 c.c. of the solution.

rate of dissolution = %—? =k A—ky An. (22)

When the whole solution is saturated, statistical equilibrium
is maintained between the number of molecules leaving the
solid surface and the number deposited upon it; dn/dt = 0,

and ky = kp n,,
where n, is the number of molecules present per c.c. of
saturated solution. While the solution is still unsaturated,

d
7}: = ky A(n,—n)

1 Ny
or kg = E]ﬂ n;_n, (23)
which is the equation of Bruner and St. Tolloczko

(equation 12).
Secondly, the Noyes-Whitney hypothesis assumes the
actual process of dissolution to be rapid compared with the

* J. Amer. Chem. Soc., 38, 2221, (198186).
4018 Pp
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rate at which the dissolved molecules move off. This has
not yet been proved, and there are facts which cast doubt
upon its validity. The most thorough examination of the
influence of temperature upon the rate of dissolution of
benzoic acid in water has been made by Wildermann* from
whose results at intervals from 0 to 60° C. it is found that
E is 5,630 calories. Solubility measurements taken over the
same ranget show the heat of solution to be 5,970 calories.
It is therefore quite likely that the true velocity of dis-
solution is governed largely by the rate at which molecules
of solid in the surface layer acquire sufficient energy to
become dislodged, and the problem thus becomes similar
in some respects to the velocity of dissociation of salt
hydrates, the molecular statistics of which have been dis-
cussed by Topley.}

Discussion of the Nernst Theory.

The chief objection to the theory of Nernst, which claims
to be applicable only when the true chemical change is
rapid, is the high values which result for the thickness of the
saturated layer. Films of 103 cm. are not likely to be stable,
and moreover, the time which would be taken to form a
layyer of this thickness is often a major portion of the time
of reaction when the products are fairly soluble. As we have
seen, one of the reasons for the high values is that the
calculations imply that all the molecules which reach the
surface react. Another reason may be due to the limited

applicability of the equation (16): § = 1371102’ which has not

really been tested adequately. If & has a fixed value, this
equation implies that the unimolecular constant diminishes
indefinitely as the total volume of the solution is increased.
The constancy of Vk has hitherto been demonstrated only
within fairly narrow experimental conditions. It would be

* Z. physikal. Chem., 66, 445, (1909).
t Bourgoin, Ann. Chim. Phys., 15, 171, (1878).
} Proc. Roy. Soc., A, 136, 413, (1932).
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instructive to learn whether a limiting value of k is definitely
reached long before the solution has the infinite volume
which according to this equation it should have. In all
probability the value of 8 thus obtained would be less than
the high values usually found, and would be more consistent
with the modern views of an adsorbed layer.

Reaction Velocity at a Liquid-Liquid Interface.

The following characteristics are to be sought in selecting
a reaction suitable for investigation:* (1) the two solvents
must be immiscible and non-emulsifiable; (2) each reac-
tant must be soluble in one phase and insoluble in the other;
(3) the products of reaction must be soluble in at least
one of the solvents; (4) there must be no hydrogen ions
present, or other ions which have a disturbing effect upon
surface conditions. There is also, of course, the desirability
that the change shall proceed with measurable velocity at
temperatures below the boiling-point of either solvent. From
a number of reactions which is thus very restricted, Bell
chose to study the oxidation of benzoyl-o-toluidine into
benzoylanthranilic acid (in benzene solution) by potassium
permanganate (in aqueous solution). The reaction was found
to be unimolecular with respect to the permanganate, the
initial velocity increasing with increase in concentration of
the organic reactant up to a point (5:6 grams per litro)
beyond which further addition of benzoyl-o-toluidine caused
no change in the rate. The results arc interpreted on the
assumption that the velocity depends upon the number of
permanganate ions which strike a layer of benzoyl-o-
toluidine molecules adsorbed at the interface. The rate of
stirring has little effect upon the reaction velocity, but the
influence of temperature is great, hence the rate is not
determined by diffusion. Bell calculated a value of 9,500
calories for the critical increment from the ratio of the
number of fruitful collisions to the number of total collisions.

* Bell, J. Physical Chem., 32, 882, (1928).
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The observed value was 43,700 calories, but upon this figure
no great reliance was placed. Kassel and Schaffer* repeated
the experiments, with results which are mainly confirmatory,
except that the observed critical increment has a value of
11,500 calories at about 20°C., increasing gradually to
16,200 calories at about 40° C., and thus demonstrating the
reaction to be composite. There can be no doubt that these
low values of E are the more accurate ones. The investiga-
tion of other reactions at liquid-liquid interfaces would yield
valuable information concerning matters which are at pre-
sent but dimly understood.

The Decomposition of Hydrogen Peroxide.

Pure liquid hydrogen peroxide and aqueous solutions
decompose with a slow but measurable velocity under ordin-
ary conditions. A wide variety of substances catalyse the
reaction to varying extents. The influence of the halogen
acids upon the rate has been fully discussed in Chapter VII.
Berzelius saw in the similarity of the catalytic action of
platinum and organic ‘ferments’ a possible way of studying
the nature of enzyme action, which was subsequently
adopted by Bredig and his collaborators. It will be shown
presently that, as far as this reaction goes, enzymes and
colloidal metals are not only qualitatively similar, but
actually bring about the destruction of the same number of
hydrogen peroxide molecules under comparable conditions.
The experimental matter may be dealt with under the follow-
ing divisions: the decomposition (a) in the absence of cata-
lysts, (b) under the influence of colloidal platinum, (c) under
the influence of liver catalase and plant catalase, (d) under
the influence of massive platinized platinum. The reaction
is invariably unimolecular with respect to hydrogen peroxide.

(a) Decomposition in the Absence of Catalyst. The decom-
position of aqueous solutions in glass vessels is partly
heterogeneous, and is affected by the surface of the vessel

* J. Amer. Chem. Soc., 41, 965, (1929).
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and by dust particles suspended in the solution.* In quartz
vessels, the change is apparently homogeneous.t The
velocity is also very susceptible to traces of hydroxyl ion,
which is sometimes present as an impurity in the form of
ferric hydroxide.f Using great precautions to purify the
peroxide and to ensure a reproducible surface, fairly con-
stant velocities of decomposition have been found by
Williams§ and by Pana,|| some of whose results are given
in Table 3. Approximately 1-molar solutions were employed,
so that the unimolecular velocity coefficient in waxed vessels
at 25° C. takes on the value of 3-45x10-? seconds~1,

Table 3
Initial rate of decomposition
at 40° C. E
(grams of H O, per c.c. per | Calories per
Surface of vessel minute X 107) gram molecule

Silica 3:50 16,800
Glass 1-:05 17,000
Paraffin wax 0-30 18,000

(b) Decomposition Catalysed by Colloidal Platinum. Highly
reproducible results were obtained by Bredig and von
Berneck** in their important researches on the catalytic
influence of stable platinum sol. One gram atom of the
metal dissolved in many millions of litres of solution has
a pronounced catalytic effect, which is not, however, directly
proportional to the quantity of catalyst present, but.varies
in a manner consistent with the adsorption conditions of
a Freundlich isotherm. Velocity measurements taken at
temperatures of 25, 45, 65, and 85° C. give an Arrhenius
A of 5,899, whence the critical increment is 11,700 calories.
This has been corrected for the spontaneous (uncatalysed)

* F. O. Rice, J. Amer. Chem. Soc., 48, 2099, (1926); J. Physical Chem.,
31, 1507, (1927).

t Robertson, J. Amer. Chem. Soc., 53, 382, (1931).

$ Clayton, Trans. Faraday Soc., 11, 184, (1915).

§ Ibid., 24, 245, (1928). | Ibid., 24, 486, (1928).
*+ 7. physikal. Chem., 31, 258, (1899).
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decomposition of the peroxide, but not for the coagulation
of the sol, which may introduce a considerable error.* At
25°C., with 1/38,000 gram atom of platinum per litre, and
a concentration of 1/50 gram molecule of hydrogen peroxide
per litre, the unimolecular constant is 6:10x10-3 (minutes=1,
logye) or 2:34x 1074 (seconds™1, In,).

In order to compare this figure with the theoretical value,
it is first necessary to know the number of colloid particles
present. Their average diameter is known to be about
8:8x1078 cm.T Let us assume that each atom of platinum
in the colloid is associated with three molecules of water,
the density of the particles being about 10 grams/c.c. On
this basis, the number of colloid particles in each c.c. is
1-84x10° The number of molecules of hydrogen peroxide
destroyed per c.c. per second is

(1/50) x (1/1000) x 6-06x 1023 x 2-:34 x 104 = 2-83 x 1075,
One colloid particle therefore brings about the decomposition
of 1-564x10% molecules of hydrogen peroxide per second.

The number of H,0, molecules colliding per second against
a sphere of diameter o is Z = o?n,/(7RT/2M).

o = 8:8x1078, n, = 1-:21 x 1019, M= 34.
Hence Z = 3-17x101,

The fraction of this number with energy equal to 11,700
calories is e ¥/®T = 2:46x107%. The number of activating
collisions per second per colloid particle is thus 7-78 <104
Rather than conclude, as would probably be legitimate in
the absence of adsorption, that each activating collision
causes the destruction of 20 molecules of hydrogen per-
oxide—thus indicating a chain reaction—it must simply
be concluded that the theory of collisional activation leads
to a value of the velocity which lies as close to the experi-
mental one as the nature of the assumptions will allow.

* Cf. P.J. R. Butler, T'rans. Faraday Soc., 34, 656, (1930), upon the influence

of temperature on the rate of coagulation of gold hydrosol.
t Lewis, A System of Physical Chemistry, vol. i, p. 333, (1923).
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(€) Decomposition Catalysed by Catalase. The results of
Willstatter and Pollinger,* of Zeile and Hellstrém,t and of
Williams,} upon the enzymic decomposition of hydrogen
peroxide have been analysed and interpreted by Haldane.§
Zeile and Hellstrom have shown that horse-liver catalase
is an iron-porphorin compound with a spectrum resembling
that of alkaline haematin, and that the quantity of iron
present can be estimated photometrically by converting the
enzyme into pyridine-haemochromogen. Haldane makes the
assumption that a molecule of catalase contains one atom
of iron, and on this basis shows that at 0° C. and at the
optimum pH (6-6) one molecule of catalyst destroys
5-42x10* substrate molecules per second. Plant catalase is
slightly more active. A comparison of this figure with the
one calculated above shows that inorganic catalysts and
enzymes behave very similarly. The following figures refer
to a solution which is 1/100-molar with respect to hydrogen
peroxide at 0° C.:

One platinum colloid destroys 1-26x10% molecules of
hydrogen peroxide per second.

One unit of liver catalase destroys 0-54x10° molecules
of hydrogen peroxide per second.

One unit of plant catalase destroys 1-7:<10° molecules of
hydrogen peroxide per second.

If the enzyme molecules contain, like haemoglobin, four
atoms of iron per molecule, the reactivity is commenstirably
greater, but of the same order of magnitude.

A careful examination of these figures shows the agree-
ment to be largely accidental. When hydrogen peroxide is
decomposed by colloidal platinum, it appears from the fore-
going calculations that every molecule of the peroxide which
strikes the colloid with an energy equal to 11,700 calories

* Annalen, 430, 290, (1923).
t Z. physiol. Chem., 192, 171, (1930).

4 J. General Physiol., 11, 209, (1928).
§ Proc. Roy. Soc., B, 108, 6§59, (1931).
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is decomposed. The chemical efficiency of the activating
colloid-substrate encounter is not less than unity, and all
parts of the colloid surface seem to be equally effective
catalytically. Now the energy of activation for the decom-
position by liver catalase is about 5,500 calories (Williams),
so that we should expect one molecule of catalase to be
more efficient than a platinum sol unit by the factor e*Z/%7,
where AE = 11,700—5,500. The value of the exponential is
96 x10%. By an independent line of argument, without
reference to colloidal platinum, Haldane has estimated the
efficiency factor to be about 6-6 x10% Apparently, there-
fore, only one out of about 90,000 molecules of hydrogen
peroxide which strike the catalase molecule with sufficient
violence is decomposed. In the case of the hydrolysis of
sucrose by saccharase the factor is about 7,000.* After
allowing for the possible error in #, which may be consider-
able even at the optimum pH, there remains justifiable
evidence for concluding that enzymes are in fact less efficient
than inorganic catalysts. The principal reason is that only
a small fraction of the enzyme surface is catalytically active.
This constitutes a major distinction between enzymes and
inorganic catalysts. <

(d) Decomposition Catalysed by Massive Platinized Plati-
num. In most respects this reaction is typical of the changes
the rates of which are governed by the process of diffusion,f
as we should expect, since the chemical change occurring at
the surface must be extremely rapid if massive platinum
is catalytically comparable with the colloidal metal. The
catalyst is poisoned by hydrocyanic acid, mercuric chloride,
and iodine. Chloroform and alcohols are without effect,
while formic acid, hydrazine, and dilute nitric acid have a
promoting action, and have been termed catalytic tonics.
The poisoning, or negative catalytic, effect is best understood
in terms of selective adsorption. Promoter action may well

* Moelwyn-Hughes, Ergebnisse der Enzymforschung, 2, 1, (1933).
1 Bredig and Teletow, Z. Elektrochem., 12, 582, (1906).



HETEROGENEOUS REACTIONS 297

be independent of the surface of the platinum, and due to
separate catalysis in the homogeneous phase. The injury
by the poisons is not permanent, and the health of the
catalyst can readily be restored.

Enzyme Reactions.

Until some of the mysteries which still enshroud simple
chemical changes have been cleared up, it is obviously
unprofitable to deal at any great length with the application
of chemical dynamics to the enormously complicated
problem of enzyme reactions. The subject has recently
been reviewed* on the supposition that the collision theory,
even if proved to be ultimately inapplicable, can be regarded
at least provisionally as a useful guide.

A fundamental difficulty is that of discovering the precise
significance of the observed critical increment. When ethyl
butyrate is hydrolysed by pancreatic lipase—a reaction
which is probably typical of the enzymic hydrolysis of fats—
the closeness of £ to the heat of diffusion} shows the reaction
to be definitely heterogeneous, with a velocity governed
solely by the diffusion. On the other hand, E for the
hydrolysis of sucrose by saccharase is not only greater than
the heat of diffusion, but is apparently independent of
temperature, provided attention is confined to the region
of optimum pH.} Moreover, the system is probably homo-
geneous.§ Most enzyme reactions occupy positions between
these least and most favourable examples, ¥ being neither
equal to the heat of diffusion nor independent of tempera-
ture. The suggestion that the fairly persistent fall in the
critical increment with a rise in temperature could be
attributed to the operation of a large number of internal

* Moelwyn-Hughes, loc. cit.

t+ Kastle and Loevenhart, J. Amer. Chem. Soc., 24, 491, (1900).

1 Nelson and Bloomfield, ibid., 46, 1025, (1924).

§ Michaelis, Biochem. Z., 115, 269, (1921); solutions of albumin (Serensen)

and of pepsin are also considered to be homogeneous (Northrop, Ergebnisse
der Enzymforschung, 1, 322, (1932) ).

4018 Qq
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degrees of freedom,* though leading to reasonable values
for the velocity of reaction,t is inconsistent with the general
theory of catalysis, and must now be discredited.

Although the kinetics of most enzyme reactions must for
the present be studied individually, there are two simple
equations which have an extensive applicability.

The first of these] affords another illustration of the useful-
ness of the intermediate-complex theory. The equation is
derived in the following manner, by postulating the in-
stantaneous velocity (v) of reaction to be proportional to
the concentration of a complex formed by the union of
enzyme and substrate:

Enzyme Substrate Complex
(e—p) $ p
_(e=p)s k=S

K = s v—kp—K+8. (24)

When K is either very large or very small, the relation
reduces to v = (k/K)es and v = ke respectively. The bi-
molecular condition (v es) more often prevails, i.e. K is
small; hence the union between enzyme and substrate,
although intimate, is a loose one. An equation of the same
form results even when the rates of the reactions comprising
the equilibrium are commensurate with the velocity of
decomposition of the complex.§

The second equation, known as Schiitz’s law,|| refers to
systems wherein the proportion of substrate to enzyme is
high. It expresses the results found for the velocities of
fermentation and hydrolysis of sugars,** but has chiefly been
used in connexion with the tryptic and peptic digestion of
proteins.tt Schiitz’s law connects the time () with quantity

* Moelwyn-Hughes, T'rans. Faraday Soc., 25, 81, (1929).
1 Haldane, Proc. Roy. Soc., B, 108, 559, (1931).

1 Michaelis and Menten, Biochem. Z., 49, 333, (1913).

§ Briggs and Haldane, Biochem. J., 69, 443, (1926).

|| Schiitz, Z. physiol. Chem., 30, 1, (1900).

** Armstrong, Proc. Roy. Soc., B, 73, 507, (1904).
+t Northrop, J. General Physiol., 6, 723, (1923~4).
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(%) of substrate hydrolysed, in the following manner:
x

Vet)’
which impfies that the velocity (v) is inversely proportional
to the concentration of the products.* By assuming that
reactants and resultants are both highly adsorbable, but the
latter more so than the former, the equation can be deduced
theoretically on the basis of Langmuir’s theory, regarding
enzymes as colloids on the surface of which reaction takes
place.t The true energy of activation is equal to twice the
critical increment calculated from the Schiitz constant (k,),
plus the heat of formation of the enzyme-products complex.{

It has been suggested that oxidative processes catalysed
by enzymes proceed by way of a chain mechanism.§ The
hypothesis is of singular interest in view of the large number
of enzyme reactions which obey Schiitz’s law. The theoretical
explanation is then to be found in the special case of negative
catalysis, when the products of reaction are the inhibitors
(i.e. C = xin equation (32), p. 265).

Enzymes are differentiated from inorganic catalysts by
their specificity and instability. Although stable in the
crystalline state, in aqueous solution they undergo spon-
taneous transformation which modifies or completely de-
stroys their catalytic properties. The change is known as
inactivation, and frequently complicates the mechamsm of
the reactions which they catalyse.

ky = (25)

The Inactivation of Enzymes.

As might be expected, enzymes become inactivated uni-
molecularly. Superficially at least, the process does not seem

kie

dx
* Differentiating with respect to ¢, we have — = - Schiitz’s law can

2
dt 2z
therefore not hold for the initial stages of reaction.
t+ Langmuir, J. Amer. Chem. Soc., 38, 2221, (19186).
1 Moelwyn-Hughes, Pace, and Lewis, J. General Physiol., 13, 323, (1930).
§ Willstitter and Haber, Berichte, 64, 2844, (1931).
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to differ markedly from other reactions of the first order.
With enzymes carefully purified by adsorption methods, the
inordinately large and variable critical increments previously
found with impure preparations are not obtained, but
reasonable values of £ are recorded,* which are sensibly
independent of the pH, within certain limits, and of the
presence of large amounts of glycerol. The lability of the
enzymes is characterized by the large values of the term S
of the Arrhenius equation. The velocity of inactivation is
catalysed by hydroxyl ions and hydrogen ions, the catalytic
coefficients being in the order koy > kg > ky o, as for simpler
processes.

The calculation of theoretical velocities of inactivation
necessitates, of course, a knowledge of the energy of activa-
tion, which may be very different from the observed critical
increment if the reaction is heterogeneous. It is therefore
unfortunate that the temperature coefficient of £ has not
been examined over a wide range. Assuming the observed
E to refer to a simple unimolecular reaction governed by
collisions between enzyme and water molecules, the rates
can be accounted for by supposing that from 9 to 15 internal
degrees of freedom are involved. The values of F' are inter-
esting in spite of their uncertainty. The elimination of
carboxylpolypeptidase from trypsin-kinase (¥ = 12) yields
proteinase, for which F = 9; the decrease corresponds to
the paralysing of at least one active centre on the parent
enzyme.

The frequency of collisions (ca. 1014) between enzyme and
water molecules given by equation VIII (p. 28) agrees with
that found by combining equation V with the correction
for the persistence of velocity, which in these examples is
naturally very large (ca. 103).

In some respects, the inactivation of enzymes resembles

* 45,900 calories for pancreatic lipase (McGillivray, Biochem. J., 24, 891,
(1930)); 40,800 calories for trypsin (Pace, ibid., 24, 606, (1930)); 38,000
calories for pancreatic proteinase (Pace, tbid., 25, 1485, (1931) ).
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the denaturation of proteins,* which probably corresponds
with a conversion from the molecular to the unaggregated,
micellar state.} The distension of the enzyme, consequent
upon the entrance of water molecules, would be sufficient
to destroy that delicately balanced orientation of surface
groups upon which catalytic activity depends. Pace inde-
pendently concludes that the core of the enzyme is affected.
The kinetics of inactivation, if this hypothesis should prove
to be correct, must then be very much more complicated
than the straightforward experimental results imply.

A Comparison of the Sucrose-Saccharase Reaction with

Simple Bimolecular Reactions.

The chemical change now to be considered is that
catalysed by an enzyme under conditions such that the
inactivation may be neglected. A favourable case to examine
is the enzymic inversion of sucrose, for which the efficiency
of activating collisions has been shown to be one in about
7,000. The familiar calculations upon which this figure is
based involve certain assumptions which may rightly be
challenged. It is therefore desirable to learn how this
reaction, judged solely upon experimental facts, compares
with simple bimolecular processes. During the initial stages,
the reaction is definitely unimolecular with respect to the
sugar, k., being directly proportional to the amount of
enzyme employed. The value of the constant at 37° C. and
pH 45 is 2:1x107* seconds™1,} when the solution contains
0:06 gram of crude saccharase per 100 c.c. By a method
which is fully described elsewhere,§ it can be shown that
this represents a concentration of pure saccharase not
exceeding 5x10-% gram molecule per litre. The bimolecular
constant is thus at least 4-2x10*% litres/gram molecule-

* P. S. Lewis, Btochem. J., 20, 965, (1926).

t Loughlin and Lewis, <bid., 26, 476, (1932).

1 Nelson and Born, J. Amer. Chem. Soc., 36, 393, (1914); Nelson and

Vosgurgh, ¢bid., 39, 790, (1917).
§ Ergebnisse der Enzymforschung, 2, 1, (1933).
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second. In Table 3 this value is compared with the velocities
of simple bimolecular reactions in solution and in the
gaseous phase. Column 3 gives the fraction of the total

Table 3
E ks7°c
(calories (litres per
per gram mol.- ko
Reaction gram mol.) | second) e~ EIET e Z/BT

Inversion of sucrose by 8,700 42% 104 |70x 107 | 0-6x 10"
saccharase in aqueous
solution

Combination of sodium 20,650 35%x 1074 |2:3x 10715 1-5%x 101
ethoxide with ethyl iodide
in ethyl-alcoholic solution

Decomposition of hydrogen 44,450 4-2% 1072 | 3-5 10732} 1.2x 10"
iodide in the gaseous phase

number of molecules with a critical energy of ¥ in two
square terms. The enzyme reaction is seen to fall in line
with the others. Its great speed is due primarily to the
relatively large proportion (approximately one in a million)
of the molecules which are in the active state at any instant.
The parallelism between the figures in columns 3 and 4 is
explicable in terms of the general theory of activation, of
which the collision theory is one variant. The approximate
constancy of the quantities in the last column becomes
intelligible in the light of the collision theory. The figures
for the two simple reactions lie close together merely
because the collision frequency in the two systems is nearly
the same. The much greater collision frequency predicted
by theory for the enzyme reaction is almost exactly counter-
balanced by the inefficiency of activating collisions. It is
well to recall that the results given in this table are based
entirely upon experimental facts; although best understood
in terms of the collision hypothesis, they possess an intrinsic
value, independent of any theory.
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Acetaldehyde, 37, 74.

acetals, 85.

acetic acid, as solvent, 156.

— — catalysis by, 185, 233, 238.

acetic anhydrido, esterification of, 93.

— — hydration of, 31, 43, 104.

acetone, as solvent, 88, 106, 156, 225.

— enolization of, 46, 140, 237.

— formation of, 32.

— mixtures with chloroform, 149.
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— reaction with diols, 124.

— — with halogens, 46.

— thermal decomposition of, 6.

acetonedicarboxylic acid, 31.

— — catalysed decomposition of, 224.

— — decomposition in various solvents,
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acetophenone, as inhibitor, 264.

— as solvent, 157.

acetylglycine, 134, 202.

acid anhydrides, 43.

acids, catalysis by, 40, 88, 137, 183, 233,
238, 245, 251, 256.

— dissociation constants of, 240, 254.

— reaction with metals, 280.

— retarding effect of, 203.

activation, and deactivation, 152.

— separate, 90.

— gee critical increment.

active molecules, 3.

activity, 136.

— coefficient of electrolytes, 174.

— — of non-electrolytes, 187.

— theory of catalysis, 141.

adgorption, isotherm, 49.

— layer, thickness of, 290.

— preferential, 288.

alcohols, decomposition of,
surfaces, 167.

— inhibitory action of, 261.

— reaction with benzoyl chloride, 258.

— solvent action of, 51, 68, 134, 136, 155,
221.

aldehydes, 48.

alkyl iodides, reaction with alkoxides, 80,
85, 214.

— — — with silver nitrate, 213.

alloys, 282.

allyl iodide, 111.

allylmalonic acid, 164.

aluminium benzoylcamphor, 232.
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amalgams, 283.

amides, hydrolysis of, 82, 88, 93, 214,
245.

amines, benzylation of, 85.

- reaction with halides, 106.

aminoazobenzene, 232.

aminomethylsulphonic acids, 48.

ammonia, reaction with ethyl malonate,
258.

ammonium cyanate, see urea.

amphoteric solvents, 235.

aniline, as catalyst, 224.

— as inhibitor, 261.

— a8 reactant, 111.

— as solvent, 232.

anthracene, 148.

anthraquinone, 263.

antimony pentachloride, 127.

arrest of mutarotation, 235.

Arrhenius equation, 2, 29.

arsenious acid, as catalytic poison, 287.

— — reaction with iodine, 122, 206.

arsenious oxide, 288.

arsenite ion, oxidation of, 218.

atomic distances, from kinetic data, 216.

— reactions, 96.

atoms, formation of, 23.

— reactions involving, 64, 67, 70, 96, 205.

autocatalysis, 45, 237.

average velocity, 12, 27.

Bases, catalysis by, 137, 186, 245, 252, 255.

-— reaction with halides, 111.

benzaldehyde, oxidation of, 262.

— polymerization of, 257.

benzenediazonium chloride, 157, 164.

benzoic anhydride, 264.

benzoin, 257.

benzophenone, 264.

benzoxide ion, 85.

benzoyl-anthranilic acid, 291.

— -camphor, 132.

— -chloride, 258.

— -glycine, 134.

— -toluidine, 291.

benzylation of amines, 85.

benzyl chloride, 161.

benzylhydroxytriazolecarboxylic
ester, 156.

beryllium benzoylcamphor, in carbon
tetrachloride, 229.

— — in chloroform, 149.
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bimolecular reactions, 34, 73.

— — autocatalysed, 46.

-— — consecutive, 55.

borneol, 94.

bromacetate ion, 201.
brombenzenediazonium chloride, 166.
brombenzoic acids, 93.
bromcamphorcarboxylic acid, 166.
bromethylamine, 122, 157.
bromine, as solvent, 54, 156.

-— dissociation of, 126.

— hydrolysis of, 209.

— reaction with bromide ion, 129.
— — with cinnamic acid, 212.

-— — with hydrogen peroxide, 208.
— — with metals, 278.

— — with oxalic acid, 203.
bromphenanthroxyl, 128.
Brownian movement, 19.

buffer solutions, 244.

butadiene, 75.

butyl halides, 79.

butyric anhydride, 105.

Cadmium, reaction with acids, 283.

— — with halogens, 278.

calcium carbonate, 284.

camphene, 108.

camphorcarboxylic acid, 156, 164, 166.

camphorquinone, 31.

carbon dioxide, 31.

carbon monoxide, 31.

carbonyl sulphide, 154.

carboxyl-polypeptidase, 300.

cagein, 225.

catalase, 225, 295.

cataly.sis, 39, 223.

— auto-, 45, 237.

— by acids, see hydrogen ion, and acids.

— by aniline, 232.

— by bases, 136, 186, 245, 252.

— by cobalt peroxide, 285.

— by colloids 293.

— by hydrogen ion, 40, 106, 138, 183,
186, 192, 200, 225, 233, 246, 252.

— by hydroxyl ion, 183, 245, 252.

— by light, 84.

— by nickel peroxide, 288.

— by solvents, 51, 71, 107.

— complex-formation in, 139.

— dual, 102.

— heterogeneous, 49, 267, 285, 292.

— multiple, 237.

— negative, 11, 258, 263.

— positive, 71, 223.

— steady state of, 208.
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catalytic catenary, 241.

catalytic coefficients, 40, 233, 239, 244,
300.

— —relation to dissociation constants,
254.

-— poisons, 296.

— tonics, 296.

catenary, catalytic, 241.

cetyl iodide, 79, 91.

chain reactions, 10, 211, 258, 265, 299.

chloracetamide, 183.

chloracetanilide, 187.

chloracetic acid, see monochloracetic acid.

chloramylamine, 135.

chlorate ion, 221.

chlorine, dissociation of, 127.

— monoxide, 55, 65, 153.

— peroxide, 66, 182.

— reaction with hydrogen peroxide, 211.

— — with oxalic acid, 204.

— — with ozone, 66.

chloroform, 149, 150.

chloropurpureochromichloride, 160.

cinnamic acid, 212.

coagulation, 31, 294.

cobalt peroxide, 285.

cohesion, 51, 119.

collisions, between solute and solute, 16,
73.

— — — and solvent, 18, 159.

— — — and surface, 22, 287.

— ternary, 128, 250.

colloidal platinum, 225, 293.

colour, 31.

combination reactions, 106.

compensating reactions, 209.

complex-formation, 135, 148, 175.

— in catalysis, 139.

— in enzyme action, 298.

— in hydrolysis, 250.

— in inhibited reactions, 264.

composite velocity constants, 104.

concentration gradient, 277.

— units of, 50.

condensation of glucose, 138.

consecutive reactions, bimolecular, 55.

— — unimolecular, 232.

co-ordination reactions, 48, 171.

corrosion, 280.

coumarin, 264.

covalent reactions, 170.

creatine, 31, 129, 245.

cresolate ion, 79.

cresol, as catalyst, 230.

— as inhibitor, 264.

— a8 solvent, 235.
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critical increment, 4, 29.

— — corrected, 27, 74, 160.

— — and heat of dissolution, 135.
— — and heat of reaction, 124.
— — and ionic strength, 198.
— — zero, 207.

cyanamide, 190.

cyanide ion, as catalyst, 257.
—*as inhibitor, 261.

— as poison, 287.

cyanogen, 75.

cyclization, 135.

Deactivation, 82, 109.
decarboxylation, 166.

degrees of freedom, 26.
denaturation, 301.

determination of hydrogen ions, 40.
diacetone alcohol, 31.

diameters of molecules, 27, 215.

diazoacetic ester, 31, 40, 185, 245, 251.

diazoaminobenzene, 232.
diazonium salts, 31, 157, 164.
dibromsuccinic acid, 160.
dicarboxylic acid esters, 215.
dichloropropane, 54.

dielectric constant, 51, 54, 117.
diethyl-maleate, 70.

— -malonate, 79.

— .malonic acid, 164, 169.

— -sulphate, 79.

— -sulphide, 79.

diffusion, 19, 28, 270, 274.
digestion of proteins, 298.
dihydroxypropyl esters, 88.
dilution, 86, 99, 166, 184, 220.
dimethyl-acetal, 31.

— -aniline, 42, 111, 148.

— -toluidine, 148.
dinitrobenzene, 99, 148.
dipentene, 54.
diphenylbenzoylhydrazyl, 147.
dipole moment, 17, 117.
disaccharides, 31, 138, 251.
dissociation of acids, 240, 254.
— of ethyl alcohol, 114.

— of ethylene iodide, 146.

-— of gaseous molecules, 127.
— of hexaphenylethane, 148.
— of water, 125.

dissolution of solids, 274, 289.
distribution of ions, 173.

Efficiency, chain-breaking, 262.
electrolyte effect, 177, 184, 187, 189.
— — in heterogeneous reactions, 287.

electrolyte effect, in non-aqueous sol-
vents, 221.

electrovalent link, 170.

empirical formulae, 167.

emulsions, 288.

energy of activation, 5, 23, 27, 111: see
critical increment.

enolization of acetone, 46, 140, 237.

enzymes, catalysis by, 292, 297.

— inactivation of, 299.

esterification, 92, 93, 236.

esters, hydrolysis of, 82, 92.

— saponification of, 87, 214, 218.

ethoxide ion, 79.

ethyl acetate, 86, 192, 244.

— alcohol, as catalyst, 230.

— — as inhibitor, 244.

— — ag solvent, 79, 100, 113, 157, 236.

ethyl alcohol, ionization of, 114.

— alkyl ethers, 85.

— bromide, 78.

— butyrate, 297.

— halides, 95.

— iodide, 42, 71.

— malonate, 258.

— orthoacetate, 132, 255.

ethylene, 74.

— acetal, 183, 189.

— chlorhydrin, 218.

-— iodide, 146, 206.

exothermic reactions, 1156.

explosive reactions, 260.

extinction coefficient, 31.

Fats, 297.

fermentation, 298.

ferric ion, 31, 37, 182, 220, 258.
ferricyanide ion, 219.

ferrous ion, 271.

Fick’s law, 271.

Finkelstein reactions, 88.

first order reactions, see unimolecular.
fluidity, see viscosity.
formaldehyde, 288,

formals, 85.

formic acid, 31, 93, 288, 206,
free space in liquids, 18, 21.
fructosides, 167.

Galactose, 232.

glucose, as displacing agent, 202.
— condensation of, 138.

— mutarotation of, 44, 230, 232.
glycerol, 202.

glycollic acid, 240.

glykosides, 31.
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glykosides, hydrolysis of, by acids, 167.
— — by enzymes, 269.

Half.life, 38.

halides, 106, 111.

halogens, as catalysts, 228.

— dissociation of, 127.

— relative reactivity in combined state,
95, 97, 213.

heat of activation, 89.

-— of diffusion, 274.

— of dissociation, 127, 130.

— of dissolution, 290.

— of fusion, 132.

-— of ionization, 114, 125.

— of vaporization, 144.

Henry’s law, 131.

heptaldehyde, 262.

heterogeneous reactions, 34, 49, 267.

hexa-aquochromic ion, 182, 185.

hexadecyl iodide, see cetyl iodide.

hexaphenylethane, 148.

hindrance, steric, 91.

homologous reactions, 84.

‘hot’ molecules, 10.

hydration, 31, 104, 125.

hydrocarbons, 107, 288.

hydrocyanic acid, 31.

hydrogen, 127.

—iodide, 64, 74, 127.

— ion, catalysis by, 40, 233, 251, see
catalysis.

— — compared with hydroxyl, 252.

— — reduced concentration of, 242.

-— peroxide, photochemical decomposi-
tion of, 265.

— — reaction with bromine, 208.

— — “— with chlorine, 211.

— — — with iodine, 184, 210.

— — thermal decomposition of, 31, 225.

— sulphide, 287.

hydrolysis of acetals, 85, 183, 189.

— of amides, 82, 88, 93, 214.

— of bromine, 209.

— of carbonyl sulphide, 154.

— of casein, 225.

—- of chloracetic acid, 78.

— of cyanamide, 190,

— of emulsions, 288.

— of esters, 82, 88, 92, 215, 251, 255.

— of ethyl acetate, 86, 192, 244.

— of fats, 297.

— of formals, 85.

— of glucosides, 167.

— of glycine derivatives, 202.

— of iodine, 207.
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hydrolysis of phloridzin, 247.

— of phthalide, 79.

— of sucrose and other sugars, 95, 202,
225.

— of valerolactone, 184.

hydroxybutyric acid, 44.

hydroxylamine, 182.

hydroxylion, 137, 186, 218, 245, 252, 288.

hydroxyvaleric acid, 199, 245.

hypobromous acid, 203.

hypochlorite ion, 49, 218, 285.

hypochlorous acid, 205, 211.

hypoiodous acid, 205, 207, 210.

hypophosphite ion, 288.

Inactivation of enzymes, 299.
inhibition, 236, 261, 264.
instantaneous velocity, 143.
interdiffusion, 19.

interface, liquid-liquid, 291.

—- liquid-solid, 276.

interionic attraction, 173.
intermediate complex, 175, 227.
internal degrees of freedom, 7.
internal phase, 110.

inversion of sucrose, 1, 184, 302.
— optical, 98.

iodide ion, 184, 211, 219.

iodine atoms, 127, 205.

— catalysis by, 224, 227.

— dissociation of, 127.

— reaction with acetone, 46, 140, 237.
— — with arsenious acid, 206.
— — with ethyl alcohol, 31.

— — with hydrogen, 23, 74.

— — with hydrogen peroxide, 210.
— — with metals, 278.

— — with oxalic acid, 205.

— — with phenylpropiolic acid, 212.
— — with water, 207.

ionic product of alcohol, 114.
— — of water, 240.

— reactions, 170, 213.

— — order of, 219.

— strength, 174, 198, 240.

— type, 174, 178.

— velocity, reduced, 242.
wsoborneol, 94.

isochore, van’t Hoff's, 123.
isolation method, Ostwald’s, 43.
isomerism of camphene, 108.

— of diethylmaleate, 70.

— of glucose, 44.

— of menthone, 44.

— of nitrocamphor, 234.

— of pinene, 54, ‘153.
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isopropyleyclohexanol, 94.
isotherm, Freundlich’s, 49, 270.

Ketones, 118, 237.
kinetic activity factor, 176.
kinetic order, see order of reaction,

Lactonization, 44, 199.

lactbse, 245.

linear salt effect, see electrolyte effect.
lipase, 297, 300.

liver catalase, 225, 295.

Malic acid, 263.

malonic acid, 164, 166.

maltose, 245.

marble, 284.

Maxwell-Boltzmann law, 24.

measurement of reaction velocity, 30.

melezitose, 96.

menthone, 44.

mercury, 278, 287.

mesityl derivatives, 92, 240.

meso-oxalic acid, 164, 169.

metals, 278, 280.

methane, 144.

methyl iodide, 34, 77.

migration of ions, 21.

minimum pH, 254.

minimum velocity, 242.

mobility, 273.

molecular collisions, 28.

— compounds, 148.

— diameters, 14, 27.

monobromacetic acid, 200, 214.

monobromtrichlormethane, 70.

monochloracetic acid, 78, 192, 201, 214,
240.

monochlordinitrobenzene, 79.

monochlorpropionic acid, 240.

monoiodoacetic acid, 79, 214.

multiple catalysis, 237.

mutarotation, arrest of, 235.

— of camphor derivatives, 229.

— of galactose, 232.

— of glucose, 44, 230.

Naphthalene, 148.

naphthoxide ion, 79.

negative catalysis, 11, 258.

nickel peroxide, 49, 288.
nitramide, 255.

nitric acid, as catalytic tonic, 296.
— — a8 solvent, 54, 156.

nitric oxide, 62, 127.
nitro-amides, 218.
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nitro-benzaldehyde,188.

— -benzene, 157.

— -benzoic acid, 93.

— -benzyl chloride, 108.

— -camphor, 234.

nitrogen, evolution of, 31.
nitrogen pentoxide, 6, 53, 153.
— — in saturated systems, 142.
-— — in various solvents, 156.
— peroxide, 74, 127, 228.

— tetroxide, 564, 144, 156,

— trichloride, 67.
nitro-methane, 156.

nitrosotriacetonamine, 131, 136, 186, 245.

nitrosyl chloride, 62.
nitrous acid, 121, 201.
— oxide, 74.

Opposing reactions, 43, 121.
optical inversion, 98.

— rotation, 31.

order of reaction, 38, 43, 152, 218, 248.
orientation, 91.

overvoltage, 282,

oxalic acid, 203, 232.

oxidation, induced, 263.
oxidation of anthraquinone, 263.
— of arsenite ion, 218.

— of benzaldehyde, 262.

— of benzoyltoluidine, 291.

— of ferrous ion, 221.

— of heptaldehyde, 262.

— of hydrocarbons, 288.

— of monobromtrichlormethane, 70.
— of oxalic acid, 232.

— of stannous ion, 220.

— of sulphite ion, 48, 261, 265.
— of tellurite ion, 48, 218.
oxidation, photochemical, 262.
oximes, 84.

oxygen, evolution of, 31.
ozone, 57, 60, 164, 1568.

Palladium, 288.

pancreatic enzymes, 300.

passivity, 280.

pepsin, 298.

permanganate ion, 232.

persistence of velocity, 20, 28.

phenol, 264.

phenoxide ion, 79, 214.

phenyl-aminotriazoles, 131.

— -benziminophenyl ether, 31.

— -benzylmethylallylammonium
bromide, 164.

— -malonic acid, 166, 169.
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phenyl-propiolic acid, 212.

— -thiourea, 188.

phloridzin, 247.

phorone, 240.

phosphoric acid, 258, 264.

photochemical reactions, 63, 262.

phthalide, 79, 218.

phthalyl esters, 94.

picric acid, 41, 148.

pinene, 54, 153.

piperidine, 135.

plant catalase, 295.

poisons, catalytic, 258, 296.

polar groups, 216.

polarimetry, 31.

polar solvents, 108, 119.

polymerization of acetone, 184.

— of benzaldehyde, 257.

— of butadiene, 75.

— of diphenylbenzoylhydrazyl, 147.

— of vinyl chloride, 265.

polymerization, photo-, 71, 265.

potassium xanthogenate, 183.

pressure, effect on velocity of reaction,
86, 256.

primary electrolyte effect, 178.

promoter action, 296.

propionic acid, 157, 240.

— anhydride, 105.

propylene dibromide, 79.

proteins, 298, 301.

prototropy, 233, 236.

pseudo-unimolecular reactions, 41.

pyridine, as catalyst, 230, 233.

— as reactant, 108, 111,

— ag solvent, 157, 235.

Qua‘ntum efficiency, 64, 262.

Radiation hypothesis, 5.
radii, see diameters.
raffinose, 96, 202.
reactions, atomic, 60.

— autocatalysed, 46.

— bimolecular, 55.

— catalysed, 39, 223.

— chain, 10, 258.

— compensating, 209.

— consecutive, 55, 232.

— enzymioc, 297.

— explosive, 260.

— heterogeneous, 34, 49, 267.
— homologous, 84.

— inhibited, 261, 264.

— ionie, 170.

— negatively catalysed, 11.

INDEX OF SUBJECTS

reactions, opposing, 43, 121.

— photosensitized, 60.

— pseudo-unimolecular, 41.

— termolecular, 221, 257.

— tunnel, 10.

— unimolecular, 32, 38.

reduced pH, 242.

reduction, see oxidation.
refractive index, 31, 51.

root mean square velocity, 12, 27.

Saccharase, 297, 302.

salt effect, see electrolyte effect.

saponification, 87, 214, 218, 236: see
hydrolysis.

Schiitz’s law, 298.

secondary electrolyte effect, 184.

second order reactions, see bimolecular.

semimolecular reactions, 205.

sensitized reactions, 66.

sodium atoms, 75, 96.

sodium benzoxide, 79.

— ethoxide, 77.

solids, dissolution of, 274, 289.

solubility, 51, 130--6.

solutes, diffusion of, 270.

solvation, 16.

solvents, amphoteric, 235.

— effect on velocity, 107, 155.

— ‘ideal’, 68.

stannous ion, 31, 37, 220.

Stark-Einstein law, 63.

stationary concentration, 152.

steady state, 208.

steric hindrance, 91, 97.

stirring, 278.

Stokes’s law, 272.

substitution, 96, 97, 165, 213.

succinic acid, 94, 240.

sucrose, 1, 96, 184, 225, 245, 273, 287, 301.

sugars, fermentation of, 298.

— hydrolysis of, vide supra.

sulphite ions, 48, 214, 261, 265.

sulphuric acid, 263.

Tellurite ions, 48, 218.

termolecular reactions, 37, 221, 257.
tetraethylammonium bromide, 107.
tetraphenylethylene, 17.
thiocyanate ion, 181, 214.
thiosulphate ion, 200, 214.

third order reactions, see termolecular.
time of half-completion, 38.
toluene, 157.

— diazonium chloride, 164.

toluic acids, 93.



INDEX OF SUBJECTS

toluidines, 93.

tonics, catalytic, 296.

tribromphenylacetic acid, 92.

trichloracetic acid, 157, 164, 166.

triethylamine, 111.

triethylsulphonium bromide, 71,
156, 164, 225.

tri-iqdide ion, 212.

tri-isoamylamine, 111.

trinitrobenzene, 148.

trinitrobenzoic acid, 108, 157, 164, 169,
225.

trisaccharides, 31, 96.

tunnel effect, 10.

trypsin, 298.

trypsin-kinase, 225, 300.

123,

Unimolecular reactions, 32, 38.
— — consecutive, 232.

— — opposing, 43.

— — pseudo- 41.

units, 50.
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unsaturated compounds, reaction with
halogens, 212.
urea, 35, 80, 124, 218.

Valerolactone, 184, 245.

van’t Hoff-Dimroth relation, 131.

velocity constant, 2.

velocity, ofsmolecules, 27.

velocity of reaction, composite, 104.

— — influence of dilution, 99.

— — influence of orientation, 91.

— — influence of substitution, 96. .

— — measurement of, 30.

— — see reactions.

vinyl chloride, 71, 265.

viscosity, and collision frequency, 19, 28,
51.

— Andrade’s equation, 159.

Xanthogenate ion, 108, 183.

Zinc, 278, 281.
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