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I. Introduction.

The general problem of chemical reactivity may be treated by two
methods, the thermodynamic and the kinetic. The first one, as well
known, is capable of dealing only with the equilibrium state, and the
conclusions are therefore, independent of the mechanism by which such
a state is attained. In the form of van’t Hoff equation

dinK _ O (1)

dT RT?

the thermodynamical method leads to a relation between the equi-
librium constant K, the heat of reaction (, and the absolute temperature
T, that has proved to be one of the most valuable generalizations of mod-
ern chemistry. Stated in another form, this equation gives the relation
between the temperature coefficient of the free energy of a chemical reaction
and the fotal energy change involved in the reaction. Thus, it is impos-
sible, without the use of further assumptions, to derive by means of this
equation the actual value of the free energy change from the change in
total energy. As well known, Nernst has shown that this may be accom-
plished by means of his third law of thermodynamics, but, in general
the method although theoretically valuable, is difficult to apply because
of our lack of knowledge of specific heats at extremely low temperatures.
G. N. Lewis and his collaborators have attacked the problem from a
purely experimental point of view, and as a result of their work, we have
a great deal of accurate data on the actual change in free energy in a
large number of reactions.

Attempts have also been made during the past decade or so to treat
the problem of chemical reactivity from a kinetic point of view, that is,
by considering the mechanism by which the equilibrium state is attained.

Thus we may regard the equilibrium state as one in which the velocities
of 2 opposing reactions are equal. If, in addition, we take into account
the mass-law relation first deduced by Guldberg and Waage, we can
write for the velocity of any chemical reaction

aA +bB+.... = s2X+y¥+....
an expression of the form
dC p .
— 8 hCCH . —RCCY )

where C denotes the concentration of each substance and k; and k; are
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the so-called veloctty-consiants. At equilibrium, the actual velocity of the
reaction is zero. Consequently,
ke _ (C)°Ca)° . . .
ke (Cx)'(Cy)” . ..
This equation enables us, therefore, to calculate the free energy of a
chemical reaction from determinations of the velocity constants of the
opposing reactions.

Now what are the factors governing the values of %, and k.7 ‘“The fact
that many reactions occur with a findte and measurable velocity, shows
us that all the molecules are not in the same chemical state. If they
were, the speed of the reaction would either be zero or practically infinite.’’!
It has also been a matter of common knowledge that the velocities of most
chemical reactions increase very rapidly with the temperature, so that
at ordinary temperatures the rate usually doubles or trebles for an in-
crease of 10°.2

Arrhenius® pointed out that the effect of temperature on the velocity
of a reaction could be expressed by means of the empirical equation

dink _ A @)

dT T

which is analogous to van’t Hoff’s equation for the temperature-coefficient
of the equilibrium constant. In this equation, A is a constant for any
particular reaction. In order to account for the effect of temperature
on the velocity of a reaction, Arrhenius also introduced the concept of
“active molecules,” so that AR corresponds to the amount of energy
required to “‘activate’’ a gram-mol of the reactants.

L. Boltzmann* and subsequently F. Kriiger® have attempted to cal-
culate the velocity of a bimolecular reaction in gases by means ¢f kinetic
considerations. Thus consider the reaction

A + B~ AB,

where all the substances concerned are gases. Formation of AB can
occur only because of collisions between molecules of A and B. Hence,
the velocity of this reaction should be given by the value of the collision-
frequency of these molecules. With regard to the dissociation of AB,
Kriiger assumes that this reaction occurs whenever the relative velocity
of one of the atoms with respect to the other, inside the molecule AB,
exceeds a certain critical value.®

1'W, C. McC. Lewis, “Radiation the Fundamental Factor in all Chemical Change,”
Scientia, 25, 450 (1919).

2 van't Hoff, “Die Chemische Dynamik,” 1901, p. 225.

3 Arrhenius, Z. physik. Chem., 4, 226 (1889).

4 Boltzmann, Wied. Ann., 22, 39 (1884).

8 Kriiger, N ach. Géttinget, Math. Phys. Klasse, 1908, p. 318.

& For a full discussion of this theory see K. Jellinek, “Physikal. Chem. der Gasreak-
tionen,” 1913, p. 723.

=K. 3)
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Neither Boltzmann nor Kriiger attempted to compare their theoretical
conclusions with experimental data, but as the collision-frequency of gas
molecules is proportional to v7T, while the experimentally observed
effect of temperature on reactions is to increase the velocity constant
exponentially, it is evident that the velocity cannot depend upon col-
lision-frequency alone.

This phase of the problem has been attacked by M. Trautz in a series
cf papers published during the past ten years.!

Trautz’s fundamental conception is that a molecule must be in an
active state in order to react, and he deduces the fraction of the molecules
which are in the active state at any temperature from the following con-
siderations.

Combining Equations 1 and 3 above, it follows that

dinK _dlnki—Ink) _ Q

ar RT® RT®
it ®
where g1 — ¢ = Q.
If now we write

dink - @
dT RT? ©)

din k: _ O

dT RT?

we obtain a relation between the temperature coefficient of the velocity
constant and the heat of activation, ¢ (or gs) of the corresponding reactants.
Furthermore, the difference between the heats of activation of the reactants
and resultants corresponds to the thermochemically observed heat of reaction.
Now, if we assume that the molecules have to acquire an energy of activa-
tion given by ¢ before the reaction corresponding to k; can occur, it
readily follows from Maxwell’s distribution law that the fraction, «, of
the molecules which at any temperature, T, possess this amount of energy

is given by or
qu
a = e—fkrz_

It is evident that for a small range of temperature where g may be
assumed to be constant.
@l o
RT? RT’
L A review of this work has been given by Trautz himself in Z. anorg. Chem., 106,
81-127 (1919), where further references are given to his previous publications.

Trautz’s work has also been discussed by K. Jellinek (loc. cit.) and K. F. Herzfeld,
Ann. Phys., 59, 635 (1919).
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Thus we can write for «, the fraction of the molecules which are in the
active state, the relation
a = ¢ ¥/RT )

where ¢ denotes the heat of activation at the temperature 7. In general,
g will, of course, vary with the temperature, owing to differences in specific
heat between activated and inactivated forms, and Trautz has indicated
the manner in which the magnitude of this specific heat correction may
be calculated in certain cases. This correction is, however, usually small,
and if we define g as the heat of activation at any given temperature 7,
the value of « is fixed by the value of d(In k)/d(1/7) at this temperature.

Trautz and also Stern! have drawn attention to the fact that in some
cases, at least, another factor must be taken into account as possibly
influencing the mutual reactivity of 2 molecules. This is known as the
steric factor. ‘Thus the molecules in order to react may not only have
to be in an active state as defined by their internal energy content, but
may have to collide at definite portions of their surfaces. In the case
of complex molecules, such as are met with in organic chemical reactions,
such a factor must undoubtedly be taken into account, but in the case
of ordinary gas reactions, it has not been found necessary to consider
this factor, so that for the purpose of the present discussion, its value
may be considered as practically unity (the maximum value).

By taking account, in the above manner, of the fact that only a definite
fraction of each type of molecule is capable of reacting at any given tem-
perature, Trautz and W. C. McC. Lewis? have shown that the rate of
a bimolecular reaction in gases may be calculated from the frequency of
collision between the active molecules as deduced from kinetic theory
considerations. Some other examples of the application of this theory
are given in a subsequent section of this paper.

While the treatment of bimolecular reaction velocities from the kinetic
point of view has proved very successful, the problem of unimolecular
reaction velocities has still remained open, and the reason for this may be
readily understood from the following considerations.

" As has been pointed out quite recently by Perrin,® the fact that a reac-
tion proceeds according to the law of a unimolecular reaction means that
the rate of this reaction is independent of the concentration. Thus, let
us consider a dissociation into atoms of the type, A, <= 24.

‘The fraction of A, dissociating at any instant at any given temperature
is independent of the actual number of molecules of A; present in unit
volume. Hence, the collision-frequency can have no effect on the velocity
of the dissociation, or the probahility that a molecule of A, will disso-

! Stern, Ann. Phys., 44, 497 (1914).
* J. Chem. Soc., (London) 113, 471 (1918).
8 Perrin, Ann. physik., 11, 5 (1919).
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ciate is independent of the number of collisions with other molecules,
and must consequently depend upon some process occurring within the
structure of the molecule itself.

Now let us consider the significance of this from another point of view.
The ordinary expression for a reaction of the first order is

— 48 4y ®
where [A;] denotes the concentration of A, at the instant, £. It is ev-
ident that the value of the velocity constant, kj, is independent of the
particular units of concentration used, and has the dimension ¢~!, that
is, a frequency. Since the velocity of dissociation increases rapidly with
the temperature, we may assume, as Trautz has done, that the fraction,
a, of the molecules A, which are in the active state increases with the
temperature according to Equation 7. It therefore follows that the
value of the velocity constant k; will be expressed at any temperature
by an equation of the form

by = v VKT (9)
where v denotes a frequency.

The question therefore arises as to how the value of » may be deter-
mined. Following Herzfeld,! we may deduce a relation for » empirically
from the equilibrium constant, K, of such a reaction as the dissociation
H, <= 2H. For the velocity of dissociation may be assumed to be
unimolecular, while that of the recombination must be bimoleculdr. To
the latter case we can then apply the relation deduced above, based on
the collision-frequency theory and thus obtain the velocity constant of
dissociation %, from the relation

by = Kk (3)

In this manner Herzfeld has deduced the relation

hy
kl = k_T‘(l - E_—I_;Ti> E_I?q.f‘
h
where % is the gas constant per molecule = 1.372 X 101 ergs/deg.; I is
Planck’s constant = 6.55 X 10727 ergs/sec.; and v4 is the vibration fre-
quency of the atoms, as derived from specific heat data.

Herzfeld is unable to assign any physical significance to this expression,
and concludes with the statement that “‘experimental data are lacking
for testing out this relation quantitatively.” As will be shown in a sub-
sequent connection, this is not at all the case, as we have data on the
equilibrium constants of the dissociation of hydrogen, iodine, bromine,
chlorine, phosphorus and arsenic, and it is therefore possible, as indicated
above, to calculate the magnitude of », the frequency of dissociation of
the active molecules in each of these cases. The frequencies thus cal-

' Herxfeld, Ann. Phys., 59, 635 (1919).
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culated are found to vary from 4 X 10* to 9 X 10'4, and therefore cor-
respond to ultra-violet frequencies. On the other hand, the vibration
frequencies v4 deduced from specific heat data by Bjerrum and others
vary from 10 to 104

Trautz assumes that the dissociation of an active molecule of A, is
due to collisions between the constituent atoms. Applying the kinetic
theory of gases, he thus obtains a relation of the form,’

2 RNF L AT Q
b= 872 X 104 S/ LM 12 o
o1 MM,
where ¢ is the diameter of each atom; ¢, is the diameter of the molecule;
M and M, denote the atomic weights of each atom, and Q4 denotes the
heat of activation per mol.

There are, however, several objections to this theory. Our ordinary
conception based upon a great deal of chemical evidence, leads us to re-
gard the atoms in a molecule as held together by fotces exerted by elec-
trons. The dissociation of a molecule must therefore involve a tearing
apart of a bond between these electrons, and it is therefore difficult to
understand how the atoms could move about freely inside the molecule
and suffer continual collisions. Most probably these binding electrons
are vibrating at certain definite frequencies, and it is only occasionally,
after the critical amount of energy has been supplied to the molecule,
that the electrons can vibrate far enough apart to cause an actual sep-
aration of the 2 positive nuclei, constituting the atoms.

Furthermore, Trautz assumes that the collision-frequency of the atoms
varies with the temperature. On the other hand, from the specific heat
phenomena it has been concluded that for each kind of molecule there
exists a definite frequency of vibration of the atoms which is independent
of the temperature.

Lastly, Trautz’s formula can be tested by comparison with the value
of v deduced from the experimentally determined values of the equilibrium
constants as shown above. Such a calculation shows that the collision-
frequency theory of unimolecular reaction-velocities leads to values of »
which are much too low except at extremely high temperatures. The
actual quantitative comparison must again be reserved for the subsequent
discussion.

W. C. McC. Lewis has suggested an empirical formula for the rate
of a unimolecular reaction,? which he bases on the radiation hypothesis.
As this theory has already been discussed in a paper by Langmuir,? fur-
ther discussion may be omitted in this connection. Briefly stated, Lewis
assumes that the process of activation is due to the absorption of radia-

! Trautz, Joc. cit., Equations 10 and 11.
2 Lewis, loc. cit.
3 Laugmuir, Turs JOURNAL, 42, 2100 (1920).
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tion of a definite frequency ». According to the quantum theory, this
energy, which is absorbed from the black-body radiation with which the
molecules are in thermal equilibrium, must be absorbed in quanta of the
value 2y, Hence it follows that the heat of activation per mol

Qs = Nhy (10)

where N is the number of molecules per mol = 6.062 X 102%, and hence
P hy

a = ¢ RT = ¢ 4T (10a)

A similar assumption had previously been made by Haber for heats of
reaction, and Trautz has also assumed, like Lewis, that the heat of activa-
tion is absorbed in quanta. As shown by Langmuir, Equation 10a may
also be regarded as a direct consequence of the similarity between Wien's
equation for black-body radiation, and Arrhenius’ equation for the tem-
perature coefficient of reaction velocities. From this point of view, there-
fore, the origin of the heat of activation, whether it is directly absorbed
from the radiant energy in the environment, or is due to some internal
process within the molecule itself, is of secondary importance.

On the above hypothesis of black-body radiation as a source of activa-
tion, Lewis concludes that the velocity of a unimolecular reaction must
be proportional to the density of the black-body radiation of the par-
ticular frequency v corresponding to = Nhv, and suggests the empir-

ical relation

ky = 108 pe Q4/KT
8_7:731/3; ¢ is the velocity of light; and » = frequency calculated
by means of Equation 10 from the heat of activation, Q4. .

From the form of this equation, it is evident that %, has the dimensions
cm.? sec.® ergs™!, whereas as already mentioned, k; involves only ¢~
The only reason Lewis obtains a fairly quantitative agreement in apply-
ing this equation to the dissociation of hydrogen is because of the intro-
duction of the factor 10%, which was apparently necessary because of the
particular units of concentration used. As a matter of fact, Lewis! finds
very recently that the above equation is not in accord with the conclu-
sions based on Planck’s radiation theory and leaves the whole problem
still open.

II. Theory of Unimolecular Reaction Velocity.

In attempting to obtain a solution for the problem of unimolecular
reaction velocities, the writer was guided mainly by 2 considerations.

1. From the known law of variation of reaction velocities with tem-
perature, and from dimensional considerations, the velocity constant of
a unimolecular reaction must satisfy a relation of the form,

! Lewis, Phil. Mag., 39, 26 (1920).

where p =
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By = v ¥RT 9
as has been pointed out above.

2. As Haber has shown, the quantum theory does apply with a fair
degree of success to the calculation of heats of reactions. Furthermore,
the quantum theory has been shown to be applicable to all processes in
which energy absorption or emission is accompanied by the transfer of
an electron, whether it be from one atom to another, or from one position
to another position in the same atom. In all these cases the conclusion
is forced on us that the energy transfer occurs in multiples of a unit quan-
tum kv, where » is the particular frequency of the energy radiated or
absorbed.

These 2 considerations lead to the conclusion that the constant of a
unimolecular reaction has the general form,

hv g
ky = ve kT
since Q4 = Nhv, and therefore Qi = Nhvy = }-W—A. This would still

leave v undetermined.

Now the frequency » denotes the rate at which the active molecules
dissociate. It seems reasonable to expect that in some manner this fre-
quency ought to be related to the potential energy of the constituent
atoms, that is, to the heat of activation. ‘T'he writer has therefore assumed
that

V=V = QA/Nh (11)
and the rate of a unimolecular reaction is therefore given by the relation
dc 4
—3 = Cvy€ &T (12a)
so that
vy 4 %4
kl = VA.G—I—é-T—" = ]—WLE-_—I“ (12b)

where C is the concentration of reacting substances; QA is the heat of
activation per mol of reactant, and N, k, R, and T have the usual sig-
nificance.
This equation we may consider as the fundamental relation for the rate
of any unimolecular reaction that isfdependent on the temperature.!
By substituting in Equation 12
N = 6.062 X 1023
_6.55 X 10—%
4.184 X 107
we obtain for the rate of any unimolecular reaction at a given temper-
ature 7, the expression
! See also J. Franklin Inst., 189, 515 (1920).

(cal. sec.)
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dC -
— — = 1.04 1010 Q4/RT
ot 048 X 10% Qyue (12¢)
where (4 is the heat of activation per mol, in gm.-calories, and dC/Ce

denotes the relative change in concentration of the reacting substance

per second.
Comparing this equation with Equation 8, we derive the relation,
log By = 10.0203 + log Qs — —24 . 13
gk g Qa IsiT (13)

That is, from a single determination of the velocity constant at any given
temperature it should be possible to calculate the heat of activation, or
vice versa.

The only unimolecular reaction, so far investigated, for which the
reaction has been shown to be free of the catalytic effect of the walls,
is the dissociation of phosphorus trihydride at temperatures above 920°
A. 'Table I gives the values of k; observed by M. Trautz and D. S. Bhand-
harkar,! for the temperature range 918° to 956° A. From the smoothed
curves obtained by plotting these results they derived the values ‘%,
graph’ given in the third column of the table. These are the values which
have been used for calculating Q4 by means of Equation 13 and from
the average of these results, Q4 = 72,750, the values of %, given in the
last column have been calculated. It will be observed that the agree-
ment is very satisfactory.

Kooy’s observations at 845° 785° and 719° A. are also given at the
bottom of the table. From the fact that in these experiments %, (obs.)
is greater than k; (calc.), it is evident that the reaction at these tem-
peratures must have been catalyzed by the walls. This is also shown
by the lower values of Q4 (calc.).

TaBLE 1.
Rate of Dissociation of PHj;.
T. 10%; (obs.). 10%; (graph.). Q4 (calc.). 10% (calc.).
956 22;11; 22 18.3 72,760 17.5
953 15; 11 15.0 72,740 15.2
948 17; 10; 10; 11 12.0 72,710 12.4
945 8.5 10.2 72,760 10.8
942 17 9.1 72,780 9.6
940 13; 14 8.3 72,740 8.9
936 2.7,3;8.3; 7.1 72,730 7.6
7.6;8.7
933 12 6.3 72,690 6.6
929 5.6 5.5 72,610 5.6
923 4.4 4.6 72,560 4.4
918 3.6 3.8 72,520 3.5
845 0.54 1 69,920 0.113
785 0.0021 } Kooy. 0.0041
719 0.00081 | 0.000055

1 7 anorg. Chem., 106, 95 (1919).
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From the plot of Trautz and Bhandarkar’s values of log k; against
1/T, it is possible to calculate Q4 by means of van’'t Hoff’s equation.
The values thus obtained vary between 75,000 and 81,000 cal. per mol
when all the data are taken into consideration, and a straight line is drawn
so as to include the maximum number of points. Considering the accu-
racy of the experimental data, the agreement between calculated and
observed values of Q4 is therefore as good as can be expected.

M. Bodenstein and G. Dunant! have measured the rate of dissociation
of phosgene at 3 different temperatures, and find it to be unimolecular.
Similarly von Wartenberg? has shown that at approximately 1100° C.,
the rate of dissociation of water is unimolecular.

However, the heat of activation has not been measured from the tem-
perature-coefficient of %, so that a direct application of the above equa-
tion is not possible. But as will be shown in a subsequent section, from
the experimental data on the rates of formation and the equilibrium con-
stants, it is possible to calculate the heat of activation for the unimolecular
reaction and thus obtain a further check on Equation 13. In each of
these cases the calculated values are found to be in good agreement with
the observed velocity constants for the rate of decomposition.

While this direct evidence of the validity of Equations 12 and 13 is very
satisfactory, further confirmation has been obtained from a consideration
of the equilibrium data for various types of reactions, as determined ex-
perimentally by making use of Equation 3 above.

If we consider a reaction such as the dissociation H; = 2H we may
assume the rate of dissociation to be unimolecular, and the rate of recom-
bination must be bimolecular. If, therefore, we can calculate the velocity
constant k; of the latter reaction, we ought to be able to determine %,
from the experimentally observed values of the equilibrium constant K
at different temperatures.

Similarly Langmuir has applied the above theory for unimolecular reac-
tion-velocities to the case of evaporation® by equating the rate of evapora-
tion as given by this theory to the rate of condensation as derived from
kinetic theory considerations.

III. Kinetic Theory of Bimolecular Reaction Velocity.

Before, however, discussing the application of Equations 12 and 13 to
the calculation of equilibrium constants, it is necessary to consider more
fully the collision-frequency method of calculating the velocity of bi-
molecular reactions, and some actual applications.

Let us consider a bimolecular reaction of the type A + B <= AB.

Let Q4 and Qp denote the heats of activation per mol of A and B, re-

! Bodenstein and Dunant, Z. physik. Chem., 61, 437 (1908).
z yvon Wartenberg, ¢bid., 56, 513 (1906).
3 This paper will shortly be published by Langmuir as the next one of this series.
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spectively. Then it follows from considerations based on the kinetic
theory of gases and Trautz’s theory that the number of collisions between
active molecules of A and B, per unit, volume and unit time, is given by the
equation,’

Q4
Z = ns€ RT nge RT 048 \/8#RT< > (15)
Mz

where »4 is the number of molecules A per unit volume, M, = molecular
weight of A, with the corresponding notation for B, and ¢4 5 denotes
the average molecular diameter of A and B.

Since every collision between active molecules is assumed to result in
the formation of a molecule of AB, it follows that the rate of formation
of AB is given by

dngys
ds
where n, 5 = number of molecules AB per unit volume at the time ¢.

Converting to mols per cm?. per sec., it follows that

(QA+QB)
dCap _ d[AB] _ Blo2. \/87TRT <—- + ——>.e (16)
dz . dt Ms

where IV is Avogadro’s number = 6.062 X 102%; and C is the concentration
in gram-mols cm.~% This will be denoted in the following portion of
paper by square brackets.

Comparing this equation with the ordinary expression for the rate of
a bimolecular reaction,

=7

d[AB]

23— hanim) (1)
it follows that
2\/ 1 1 > _(QA+QB)
ke = Nad 8TRT (Z-W—A- + m . € RT . (18(1)

The total heat of activation Q, + Qp is given by the relation

din (b/NT) _ _ (Qa + Q)
a1/7) RT
which, as has already been mentioned above, was first suggested (in a
slightly different form) by Arrhenius and has been subsequently applied
by Trautz and Lewis.
In the case of a bimolecular reaction of the type 24 —> A, the col-
lision-frequency between the molecules A is given by the relation®

47RT
- 2 o
Z Nao lwA . (20)
Hence, the velocity constant of a reaction of this type is, in general,
given by the equation,

17, H. Jeans, “The Dynamical Theory of Gases,” 1916, Chapter X.
2 See Jeans, loc. cit.
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kzl = NG'ZA\/

For the purpose of calculation, Equations 18a and 21a may be written
in the more convenient form,
log by = 28.4427 + 2log o + 0.5 log T —
3 My Mp_ Qs+ 0s (18)

xRT _294
. RT
Ma €

(21a)

0.5 log
: My 4.57T
log k' = 28.2922 4 2loge 4 0.51log T — 0.5 log M4 — 425?7‘47" (21b)

In these equations %k, and %)’ are expressed in terms of gram-mols,
cm~3, sec™!., and the constants have been calculated by substituting the
proper values for the universal constants NV and R.

W. C. McC. Lewis has made use in his calculation of the velocity of
decomposition and formation of hydrogen iodide (HI), of equations for
ks and k,’ which are not exactly the same as those given above, although
leading to results which are in fair agreement with the experimental
data. The expressions which he derives for the collision frequency Z,
are not in accord with those given by Jeans and also by Trautz. For
this reason, and in order to show the validity of Equations 18b and 21b,
it has been considered advisable to discuss in this connection the decom-
position and formation of hydrogen iodide as well as some other bimolec-
ular reactions.

Velocities of Formation and Decomposition of Hydrogen Iodide—The
velocities of these reactions have been shown by Bodenstein! to be bi-
molecular, according to the equation Hy; 4+ I, <__> 2HI, and the values
of k; and %y’ have been determined by him over quite a range of tem-
peratures.

From Equation 19 it is possible to calculate values of Qy, + Qy, and
compare these with the values deduced from the slope of log (ko/vT)
against 1/7, and in a similar manner 2Qy; can be calculated from the
temperature-variation of k,’.

The average values thus obtained from the plots of log ks/v7 and
log k»'/NT against 1/T are as follows:

2Qy1 (obs.) = 453,700 cal.
Qu, + O, (obs.) = 40,520 cal.

Tables IT and III give the values of k; and %’;, respectively, as deter-
mined by Bodenstein for different temperatures. As his values are given
in gram-mols per 22,412 cc. and minutes, the values tabulated have been
derived from Bodenstein’s by multiplying by the factor 22412/60 in order
to convert them into the units used in Equations 18b and 21b.

In applying these equations to the calculation of the heats of activation

! Bodenstein, Z. physik. Chem., 29, 295 (1899).
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from k; and k', respectively, the values of the molecular diameters used
were as follows:!
o, = 4.52 X 10~8 cm.

oy, = 2.0
Average value = 3.26
oygr = 3.50.

Since every collision between an active molecule of H, and one of I,
results in the formation of 2HI, while every collision between 2 active HI
molecules results in the destruction of 2HI, it is necessary to multiply
the values of %, and &y’ calculated by means of Equations 185 and 21b
by the factor 2.

Substituting the proper values for ¢ and M in these equations and in-
troducing the factor 2, we can therefore write the equations for the ve-
locity constants of the reactions under consideration, as follows.

Rate of Formation of HI.

(Qn, + O1)
log by = — == —=2 1. 0.51og T + 13.62.
g ke 5T + gl +
Rate of Dissociation of HI.
2Qur
log kby! = — === + 0.51og T + 12.63.
g ks 17T + g T +

The values of (Qy, + Q1) and 2Qy; calculated from these equations
are given in Tables IT and III.

TaBLg II.
Rate of Formation of HI.

T. Log k2 (obs.). (QH,. + 01,).
556 0.6474-2 41,350
579 0.1200-1 42,050
599 0.7366-1 41,800
629 0.4021 42,050
647 0.7183 42,310
666 1.1508 42,270
683 1.3911 42,610
700 1.8077 42,350
716 2.1462 42,200
781 3.1261 42,630

Av. = 42,130
Obs. = 40,520

1 The value for o1, is that calcutated by O. Sackur (Adnn. Phys., 40, 87 (1913)) by
means of the Clausius-Mossotti equation; the value for oy, is that ordinarily used,
while ¢y has been calculated from the critical data by means of the formula,

3RT¢ 1/3 T¢ 1/!
= = 10-% X 2.01 2
2 <167rNP¢> 108 X 2.01 X <Pc> (22)

wlhere Te and P denote the critical temperature and pressure, respectively.
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TasLE III.
Rate of Decomposition of HI.

T, Log &’ (obs.). 2QH1.
556 0.54634 44,360
575 0.0834-3 44,320
629 0.4801-2 44,710
647 0.9339-2 44,660
666 0.3416-1 44,070
683 0.7089-1 44,760
700 0.0636 44,760
716 0.3983 44,700
781 1.5971 44,550

Av. = 44,540
Obs., = 45,700

As will be observed, the agreement between the values of the heats of
activation calculated by means of Equations 185 and 216 and the value
obtained from the average temperature-coefficient of the reaction-velocity
constants is very satisfactory.

Velocity of Decomposition of Nitreus Oxide—M. A. Hunter! has meas-
ured the velocity of decomposition of nitrous oxide. This is a bimolecular
reaction according to the equation 2N;O —> 2N; 4 O,. The values of
k" = 1/t.(x/ 1 —x) at different temperatures are given in Table IV. In
this equation, x# denotes the degree of dissociation at one atmosphere pres-
sure, and ¢ is in seconds.

Converting to mols. cm 3. sec™. k' = k" X 22,412.

The value of oy,0 has been taken as 4.3 X 10~® cm.? Hence, Equa-
tion 21b assumes the form,

log k' = 12.737 - 0.5 log T — 2280
4.57T
TaBrLE IV.
Rate of Decomposition of N,O.

T. ke”, Log k', 20N.0.
986 0.0003 0.8275 60,420
1078 0.00495 2.0450 60,170
1168 0.0436 2.9899 60,220
Av. = 60,270

The value of 2Qy,0 calculated by means of Equation 25 agrees well
with that calculated from the sloped log (ky'/vT)/d(1/T) which is found
to be 61,500.

Velocity of Decomposition of Nitric Oxide. ‘The rate of this reaction has
been measured by Jellinek® and found to be bimolecular in accordance

! Hunter, Z. physik. Chem., 53, 441 (1905).

2 Kaye and Laby, Tables, 1911, p. 33.
3 Jellinek, Z. physik. Chem., 61, 422 (1908).
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with the equation 2NO —> N, 4+ O.. The velocity constants in terms
of mols. cm 3. sec™!,, as calculated by Trautz! are given in Table V. The
value oy calculated from the critical data is 2.82 X 1078 cm. Substi-
tuting in Equation 21b we obtain the reaction,

log k' = 12,757 + 0.5 log T — i_QEQ

Table V gives the values of 2Qyo calculated by means of this equation,
and for comparison the values observed, from the temperature-coefficient
of log k..

From the fact that these last values vary widely, it is evident that the
values &y’ obtained by Jellinek cannot be very accurate. This was prob-
ably due to the experimental difficulties involved in the measurements.
Furthermore, the values of k,’ given for the extreme temperatures are
such that they may properly be regarded as extrapolated from the data
obtained at intermediate temperatures. Assuming 2Qyo = 65,000 we
have calculated the values of k.’ which are given in the last column of
the table. The agreement with the values given by Jellinek may be
considered to be as satisfactory as the original data.

TaBLe V.

T. ky’ (obs.). 20N0 (calc)).  2QN0 (obs.). ky’ (calc.).
1620 191,750 67,220 . 383,700
1525 47,059 67,440 70,870 105,300
1355 3,843 66,510 59,060 6,651
1252 1,073.6 64,510 40,410 883.1
1206 624.6 63,390 33,700 314.6
1108 228.3 60,360 26,040 28.1

962 39.82 55,630 24,290 0.3

IV. Theory of Chemical Equilibria.

The possibility of calculating equilibrium constants of chemical reac-
tions from the kinetic point of view has already been discussed above.
On the basis of this theory every equilibrium state may be regarded as
the resultant effect of 2 opposing velocities. Ordinarily, in a reaction
of the type,

aA + bB = ¢C + dD
the reaction would be regarded as of the order (¢ + b) in one direction
and of the order (¢ + d) in the opposite direction. But from the kin-
etic point of view, all reactions in gases must be regarded as either uni-
miolecular or bimolecular. It can readily be shown from considerations
based on tlie kinetic theory of gases that collisions between 3 or more
molecules must be exceedingly infrequent as compared with collisions
between 2 molecules. This idea las also been emphasized by Trautz
in several papers. Accordingly it ought to be possible to deduce equi-
L' Trautz, Z. physik. Chem., 68, 310 (1908).
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librium constants from the consideration of the velocities of unimolecular
or bimolecular reactions which lead to this equilibrium state.

An attempt to apply this concept to different types of reactions has
been made in the following portion of the paper. The results may be
considered as fairly successful in most cases and may therefore be as-
sumed to be an additional confirmation not only of the kinetic point of
view but also of the fundamental equation for the velocity of unimolecular
reactions which was given in a previous section.

Case I. Reactions of the Type, A, + B, = 2AB.—This case is
interesting because the reaction may be considered bimolecular in each
direction.

Equations 180 and 21b are therefore applicable directly to the calcu-
lation of the equilibrium constants.

From these equations and the fundamental Equation 3 it follows that
My, . Mp,  Q (23)

M2 4.57T
where ¢ is the molecular diameter of AB; ¢, is the average molecular
diameter of A; and Bs; and Q = thermochemical heat of reaction, =

2QAB - (QAz + QBZ)'
Since ¢ is ordinarily not very different from ¢, we can neglect the term
log ¢2%/0? and Equation 23 reduces to the simple form,

2
log K, = log = + 0.5 log
20’12

Q
logK, = — 2~ +17T 24
g K. T (24)
where I = 0.5 log 22d:- M5, 25)
4M2 B
Furthermore, since the reaction involves no change in volume, log K, =
log Kp = log K’p, where Kp = gi’—zﬂ in terms of atmospheres, and

PaB
K'’p denotes the same expression in terms of millimeters of mercury.

The dissociation of hydrobromic, hydrochloric and hydriodic acids and
nitric oxide, are typical illustrations of this class of reactions. In Table
VI the values of log K are given for different temperatures, together with
the values of Q (calc.) derived by means of Equations 24 and 25. The
last column gives the values of Q (obs.) as calculated from van’t Hoff’s
equation.

The thermochemically observed heats of reaction are

H; 4 Cl; — 2HCI + 44,000 cal. (Thomsen)
H, + Br, — 2HBr + 24,200 cal. (Thomsen)
H, + I, — 2HI + 3,252 cal. (Thomsen)

The agreement between calculated and observed values of Q is satis-
factory in the first 2 cases, but is apparently bad in the case of hydrogen
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iodide. The reason for the discrepancy in the latter is, however, to be
expected since the heat of the reaction

Q= 20u1 — Qu + ng)

and is therefore the difference of 2 large numbers.

TasLg VI.
Equilibrium of Type 4; + B: == 24B.
Reaction. T. Log K. 1. Q (calc.). Q@ (obs.).
Hy + CL==22HCI*.............. 1810 — 5.72
—0.79 40,800
923  —11.32 44,400 }
753  —13.60 44,100 } 45,160
703 —14.67 44,600
303 —13.37 43,700
Hy + Bra ==2HBr"............. 303 —18.43 —0.96 24,190}, oo
1207 — 5.20 25,140 ’
1381 — 4.87 24,680
1495  — 4.53 24,210 [ 30,000
Hy + L==9HI. .............. 328.3 — 2.85. —1.206 2,467
556  — 1.93 1,840 )
601 — 1.87 1,824 L
647 — 1.80 1,757
683 — 1.75 1,700 [ 2/900
716 — 1.70 1,616
781 — 1.60 1,407

2 I. W. Cederberg, ‘“Die Thermodynamische Berechnung Chemischer Affinitdten,”
1016, p. 79. The values for the range 923-703 were determined indirectly from the
equil’brium data on the reaction f4HC1 + O "<___>_. 2H,0 + Cl; and the equilibrium
data for the dissociation of H,O.

b Ibid., p. 84.

¢ Ibid., p. 87.

The equilibrium, N; + O, == 2NO, has been studied by Nernst,’

and Jellinek and Finckh. The constant [ has the value —0.302 in this
case, and the equation for the equilibrium constant is, therefore,

log K = — ‘212110— — 0.302.

57T

The following table gives the observed values of log K, and the values
of Q (calc.) and Q (obs.).

TaBLE VII.

T. Log K. —Q (calc)). —Q (obs.). Log K (calc.).
1811 4.0724 36,200 .. 4.92
1877 3.9576 36,600 44,400 4.73
2033 3.4864 35,200 4.35
2195 3.2182 35,300 .. 4.00
2580 2.5368 33,500 42,500 3.36
2675 2.4582 33,800 3.23

! Nernst, Z. anorg. Chem., 45, 116 (1905); 49, 212, 229 (1907).
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The agreement is not very good. The thermochemically observed heat
of dissociation of 2NO at 290° C. is 43,200 according to Thomsen and
Berthelot. The values of log K calculated from this value are given in
the last column. At T = 2195, Nernst finds about one per cent. con-
version of air into nitric oxide, whereas the amount calculated by means
of log K = 4.00 would be 0.4%.

Case II. Reactions of Type, A, < 2A.—The dissociations of
hydrogen and iodine.into atoms are typical reactions of this class. We
shall assume that the dissociation of the molecules is a unimolecular re-
action, while the re-combination is bimolecular. Furthermore, we shall
assume that all the atoms are active, so that recombination results at
every collision between atoms, and consequently the heat of activation of
the molecules is the same as the thermochemical heat of dissociation.

From Equations 21a and 12b it follows that
AT 2
log == = log K, = log —
* ] X

457T
=logQ—2loge—051log T + 0.5 log M4 — 18.2718 + AI_E%—Y_‘ (26)

= log NQ"’ZL — 2logo—0.5l0g(4rR) 4 0.5log M 4 —0.5log T — 2

where K, is the equilibrium constant in terms of mols./cm?.
Since p4 = C4.RT, it also follows that
log Kp = log K, + log T + 1.914 (27)
where ¢ is expressed in atmospheres.
Similatly, if ¢ is expressed in millimeters of mercury,
log K'p = log K, + log T + 4.795. (28)
In Table VIII under Q (calc.) are given the values of Q deduced by means
of these equations from the observed values of the equilibrium constants
for different reactions of this class. The values of Q (obs.) have been
calculated from the equation,
0 = 4.57 d log (KANT) _ 4571 d log(Kp/\/T).
d(1/7) d(1/7)
Regarding the values of ¢, the atomic diameter, it has been assumed that
this is the same as the molecular diameter. Wherever possible, the val-
ues of ¢ used are those calculated by means of equations developed in the
kinetic theory of gases, either from viscosity determinations, or from
critical data.! In other cases, such as those of P and As, the atomic diameter

1 See the writer’s articles on “The Kinetic Theory of Gases,”’ Gen. Elec. Rev.,
18, 951, 1042 (1915); Table VI, p. 1049, gives values of ¢ calculated for different gases.

For those gases for which this paper does not give any value of ¢, use has been
made of, Kaye and Laby’s ““Tables of Physical Constants” and Sackur’s paper (Loc.
cit.)

(29)
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has been calculated from the density, #, by means of the equation,

3 3
- = (Ai‘i> =~ 1.18 X 10~ (Aﬂ> . (30)
Np P
TaBLE VIII.
Reactions of Type 4, === 24.
Reaction. o X 108, T. Log K’p, Q@ (calc.). @ (obs.).
Ho === 2H%, v iiie i 2.0 1200 0.3617-9 93,500

1800 0.8195-4 95,450 .
2300 0.2041-1 98,800 90,000
3000 1.2095 101,500 .
log K.
PR ) L 4.52 1073 0.1106-7 36,290 e
1173 0.6920-7 36,460 34,530
1278 0.1987-6 35,790 35,830
1373 0.6395-6 36,560 386,540
1473 0.0086-5 36,690 35,570

log Kp.
B == 2B s viie i i 3.74 1000 0.336-5 46,620 R
1500 0.866-2 46,970 47,220

Ch==2Cl....cevviinienen 3.30 1940 0.0004-4 88,300 ...
. 2270 0.0043-2 82,490 120,000
2610 0.5228-1 77,230 118,500

log K’p.

Py = 2P e 2.85 1073 0.5441-2 49,050 .
1173 0.3801-1 49,330 46,960
1273 0.0792 49,450 46,540
1373 0.6812 49,900 46,800
1473 1.2041 50,500 47,520

A T=2A¢ i 2.79 1073 0.2041-1 46,840 ...
1173 0.9085-1 47,370 39,400
1273  0.4983 46,550 39,080
1373 1.0086 49,110 39,470
1473 1.4472 49,820 39,160

% 1. Langmuir, THIS JOURNAL, 37, 418 (1915).

b Stock and Bodenstein, Z. Elektrochem., 16, 961 (1910). 'The value for o is that
given by Sackur, Ann. Phys., 40, 87 (1913).

¢ Bodenstein, Z. Elektrochem., 22, 327 (1916). The original article has not been
available; log K has therefore been calculated from the interpolation formula as given
in the abstract, which is as follows:

10;00 + 1.75log T — 0.000409 T + 4.726 X 1078 T2 4 0.548.

8 M. Pier, Z. physik. Chew., 62, 385 (1908). ‘The values of Kp are calculated from
his data on the degree of dissociation at the 3 temperatures given in the table. The
value of ¢ is that given by Sackur (Joc. ¢it.).

® G. Preuner and I. Brockmoller, Z. physik. Chem., 81, 129 (1913). ‘These values
of & are calculated from the density of red phosphorus (p = 2.20).

/' G. Preuner and I. Brockméller, Joc. cit. Values of o calculated from density
(o = 5.73).

The agreement between (Q(calc.) and Q(obs.) is splendid in the case

log Kp = —
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of iodine and bromine. For these reactions the experimental data are,
however, much more accurate than for the other reactions. In the case
of the dissociation of hydrogen Langmuir concluded that the heat of dis-
sociation at constant volume (7" = 3000) is 87,000 cal. and at constant
pressure, 90,000. The experimentally observed values range from 80,000
to 100,000 approximately, but assuming the value ¢ = 87,000 Langmuir
has calculated the values of K’, given in the table. Using the value
Q = 97,000, as derived from the average for Q(calc.) we obtain the fol-
lowing values of log K',:

T. Log K’p.
1200 0.7675-10
1800 0.7455-4
2300 0.3708-1
3000 1.5724

These calculated values are in fair agreement with the experimental
data.

In the case of chlorine, the data for the degree of dissociation are those
given by Pier. Trautz concludes, on the basis of the radiation hypothe-
sis, Q = 86,000, while the average of the calculated values given in Table
VII is Q = 83,000. Assuming the latter value, we obtain the following
values for x, the degree of dissociation.

T. Log Kp (calc). % (cale.). z (Pier.).
1940 0.8074-5 0.0081 0.01
2270 0.2025-3 0.04 0.10
2610 0.2748-2 0.138 0.50

Pier, however, states himself that his data lay no claim to great accu-
racy, and judging from the indirect method which he used in deriving
the degree of dissociation, his values are probably too high.

Preuner and Brockméller’s values of dissociation constants of P, and
As, were also obtained by an indirect method, from the determinations
of the density of the vapors at different temperatures. These determina-
tions show that phosphorus in the vapor state consists of a mixture of
P, P; and P, in varying proportions. The same holds true for arsenic.
By making plausible assumptions as to the proportions of these present
at any temperature, Preuner and Brockméller have derived the values
for the dissociation constants of P, and As. given in the table. These
values must therefore be regarded as only approximately correct and the
difference between Q(calc.) and Q(obs.) may therefore be well within the
range of experimental errors.

Case III. Reactions of Type, AB = A + B.

In the case of collisions between atoms it was assumed that every col-
lision is effective in the production of a molecule. For these reactions,
therefore, it is possible to calculate », the dissociation frequency of the
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active molecules, from the value of Q, the thermochemical heat of disso-
ciation. On the other hand, before a reaction can occur between two
molecules, it is necessary that they should be in an active state, as has
already been shown in the case of HI formation from H; and I,. Hence,
in dealing with a case such as the equilibrium,
PCl, = PCly + Cl,

it is not justifiable to calculate v directly from the thermochemically ob-
served heat of dissociation of phosphorus pentachloride. From consid-
erations similar to those used in calculating the equilibrium constants
for the previous 2 cases, it readily follows that for a dissociation of the
type, AB <~ A + B, where A and B are in the molecular state,

log [A1B] _ log K, = logil = log —2—2 — 0.5 log(87RT) +

[AB] kz Na'
0.5 log My Ms__ 0
Myusg 4.57T
where ¢ = average diameter of molecules A and B,

Q= Qap— Q4 + 0B

= difference between heats of activation,
and v = QAB/(Nh)
Substituting the proper values for the universal constants, this equa-
tion may also be written in the form:

(31)

MsMp  Q
Mas 4.57T

From this equation, log K, and log K’, can be calculated by means of
Equations 27 and 28, respectively.

In order to determine v, it is necessary to obtain the value of the heat
of activation of the molecule AB. Where the velocity of either the rate
of dissociation or rate of formation is known for 2 or more temperatures,
it is evidently possible to calculate Q45 with a fair degree of accuracy,
and thus determine the validity of the above equations.

Reaction COCl; ==~ CO + Cl,,—This is the only reaction of the type
under consideration for which, as far as the writer is aware, any rate
measurements are available. M. Bodenstein and G. Dunant! have ob-
tained a few measurements on the rate of formation and rate of disso-
ciation of phosgene. At T = 876, the rate of dissociation is so rapid
that equilibrium is attained in less than 2 minutes. The measurements
at T = 826 and T = 776 showed that the dissociation is a unimolecular
reaction. Only at the latter temperature, does the dissociation proceed
at a slow enough rate for accurate measurements. The results obtained
at this temperature are given in the following table:

L Z. physik. Chem., 61, 437 (1908).

log K, = log = — 0.5 log T + 0.5 log — 98.443. (32)
ag
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Degree of
¢t (Seconds). dissociation.

T =776 i 82.8 0.305
110 .4 0.322

186.0 0.452

342.0 0.532

342 .0 0.553

0 0.67

Since the observed velocity of dissociation is the resultant effect of the
actual velocity of dissociation less the velocity of recombination, the
above data were plotted and from the slope at ¢ = 0, the value of %,, the
rate of dissociation, was found to be 3.6 X 1073,

Hence, according to Equation 13 for the rate of a unimolecular reaction,

QCOClz = 61,000
From this result, it follows that the rate of dissociation at T = 826 ought
to be 4.5 X 10~ while the plot of degree of dissociation against time (as
in the previous case) shows that for ¢ = 0, k; must be greater than 2 X 1072

Since the observed thermochemical heat of dissociation of phosgene is
20,000 cal. approximately, it follows from the above result, that

Qco + Qct, = 41,000 cal.

For T = 776, Bodenstein and Dunant’s measurements on the rate of
formation of phosgene show that for the concentrations used in their
experiments

. d[ClL]
[Cl,]d¢

On the other hand, by means of equations similar to those already
applied to the rate of formation of hydrogen iodide, it is possible to cal-
culate the rate of formation of phosgene at any temperature from the total
heat of activation of the reactants. Assuming ¢? = 107!, such a cal-
culation for the velocity of formation of phosgene at 7' = 776 leads to
the result b, = 490, and for the concentrations actually used,

— 4Gl _ 5y 10
(Cly]dt
Furthermore, from the values %k, = 3.6 X 103 and k, = 490, it fol-

lows that

= 2 X 1072 (approx.).

K, =z-l = 7.4 X 1075,

2
whereas, the observed value is 12.8 X 108,

These results are therefore in satisfactory agreement with the theory
that the rate of dissociation of phosgene follows the law of unimolecular
reaction velocity as given above, while the rate of formation may be cal-
culated by means of the collisions frequency theory as in the other cases
cited above.
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It will be observed that in the case of this reaction,
QCOClg = 61,000
Hence » = 6.39 X 104
Assuming ¢ = 1075,
Logv/c? = 29.81.
Substituting this value in Equation 32 and also the values for the
molecular weights, and converting from log K, to log K',, we obtain the
equation,

log K’, = 3.923 + 0.5 lo T———Q——.
g5 + g 457T

The values of () calculated by means of this equation from Bodenstein
and Dunant’s data on K’,, and also Q(obs.) as derived from van’t Hoff’s
equation, are as follows:

T, Log K’'p. Q (calc.), Q (obs.).
776 0.9112-1 19,360 .

826 0.2518 19,360 19,400
876 0.6819 18,870 27,250

The agreement at the 2 lower temperatures is splendid. For T =
876, log K’, calculated from the slope corresponding to Q = 19,400 is
0.562. The discrepancy is therefore not very great even in this case.

Theoretical Considerations Regarding the Heat of Activation in Dissocia-
tion.—The case of the dissociation of phosgene has been discussed in detail
because it illustrates the fundamental principles which it ought to be
possible to apply to all similar reactions in order to calculate the relation
between the total energy and that available as work (free energy). In
practically all the other reactions which are discussed in the rest of this
paper, no experimental data are available from which heats of activation
may be calculated. It is therefore necessary to obtain some general rela-
tion by which the heat of activation of a unimolecular reaction may be
determined with some degree of approximation. From the manner in
which », corresponding to Q4 p, enters into the calculation of log K, it is
evident first, that an error of even 509, in the value of this term will
not seriously affect the calculated value of Q, the heat of the reaction.
Furthermore, in the cases already discussed we have observed that the heat
of activation varies from 36,000 in the case of iodine to approximately
100,000 in the case of hydrogen. We may therefore consider the latter as
an upper limit for most cases, while, in general, a more nearly average
value will be about 70,000. Also, the molecular diameter for most gases
varies from 2.5 to 3.5 X 1078, Assuming as an average value ¢? = 10718
and Q4 = 70,000, we obtain for log v/c? the value 29.865. Taking
into account the lack of accurate data with respect to both » and ¢ we
have therefore assumed as a general relation, the value log »/¢? = 30.
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As a matter of fact, the values of log K are not known in a large number
of cases, with any greater degree of accuracy.

There is, however, another consideration which leads to the conclusion
that, except in one or two cases, the heats of activation for dissociation
must range between 100,000 and 40,000. From the form of the equation
for a unimolecular reaction, it is evident that there must be a direct rela-
tion between the heat of activation and the temperature range in which
the dissociation can be measured. Furthermore, in order that equil-
ibrium may be attained in a short time, the actual rate of dissociation or
recombination must be extremely high. That is, log k2 must exceed a
certain minimum value. Now for all practical purposes a reaction can-
not be measured when the relative change in concentration of the reac-
tant is less than 10~° per second. The reaction is so slow under these
conditions that it takes 10 seconds (i. e., about 11.5 days) for the con-
centration to change 0.19;. On the other hand, the reaction will go to
completion in 10 seconds or less if 2 = > 10~'. Hence, in those cases
where equilibrium is attained in a very short time, we can write as an
approximate equation for calculating Q4 5,

Qan
L —_ = = —11. 33
og Qun A5 T (33)

Table IX gives values of Q45 corresponding to different values of T
calculated according to this equation. The last column gives the cor-
responding lower limit of 7 at which dissociation may possibly be first
detected.

TasLe IX.
QA B/1000, T (upper limit), T (lower limit).
1 71.5 45.5
10 145 95
20 286 188
30 425 280
40 560 370
50 697 461
60 832 552
70 966 643
80 1100 732
90 1234 822
100 1368 912
125 1700 1135
150 2030 1358
200 2684 1801

Thus, the fact that phosgene dissociates rapidly at 7 = 876, means,
according to this table that Qcocy, is between 60,000 and 70,000. Where
the limits of temperature are known between which the degree of disso-
ciation varies from practically zero to unity, it is possible to assign limits
to Q4. Thus, in the case of the dissociation of phosphorus pentachloride
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the degree of dissociation is 0.05 at T = 439, and 0.98 at T = 631. From
Equation 33 we therefore obtain the value Qpc;, = 45,000. On the other
hand, it has been experimentally observed that N, shows no trace of
dissociation, even at 2500° K. Hence, we would conclude that the heat
of activation in this case is at least 200,000 cal.

The conclusion that the heat of activation for most unimolecular dis-
sociation reactions ranges between 50,000 and 100,000 cal. per mol is
also confirmed by the experimental data which are available with respect
to the velocities of dissociation of ammonia, arsine, stibine and sulfur
trioxide, which have been found to be unimolecular.

The rate of dissociation of ammonia at 7 = 1384 has been measured by
Perman and Atkinson.! From their determination, log k1 = 0.4500 — 3,
we obtain by means of Equation 13 the result Qng, = 112,000. In view
of the possible catalytic effect of the walls (as was actually observed at
lower temperatures), we can conclude that the heat of activation of am-
monia is about 120,000.

The decomposition of arsine is catalyzed by the arsenic deposited on the
walls. Using the data quoted by M. Trautz,? the values of & at T =
717 and 577, at the very beginning of the reaction (where the least cata-
lyxic effect is to be expected) are as follows:

T. k1.
717 7.0 X 10~
377 2.2 X 104

The value Quuy, calculated for the higher temperature by means of
Equation 13 is 59,000, whereas the value calculated by .means of van’t
Hoff’s equation from the determinations of &y at T = 717 and T = 577
is 68,000. We can therefore conclude that for the decomposition of arsine,
the heat of activation is about 65,000 cal. per mol.

In the case of stibine, the values of log &, as quoted by Trautz, and the
calculated values of the heat of activation, are as follows.

T. Log. kI. QsbH;.
323 0.809-5 27,390
348 0.448-4 28,640

This reaction is also catalyzed by the antimony (Sb) deposit, so that it
can be concluded that the heat of activation of stibine is over 30,000 cal.
per mol.

The rate of decomposition of sulfur trioxide has been measured by M.
Bodenstein. For T = 1132, k; = 1.1 X 10~% Hence Qgo, = 98,330 as
a minimum value. In a similar manner it follows from Bodenstein’s
measurements of the rate of dissociation of hydrogen selenide that the
heat of activation in this case must be greater than 40,000 cal. per mol.

1 Proc. Roy. Soc., 74, 110 (1904).
t Z. anorg. Chem., 104, 69 (1918).
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Mittasch has measured the rate of dissociation of nickel tetracarbonyl
in contact with a nickel surface.! Since it decomposes very slowly at
T = 313, and fairly rapidly at T = 343, we can conclude that the heat
of activation for the uncatalyzed reaction must be greater than 30,000
cal. per mol.

In view of these considerations we have, therefore, assumed in the
following calculations, log »/¢? = 30. Hence, Equation 32 can be writ-
ten in the more general form,

- _ ' My Mg O
log K, = 1.55 — 0.5 log T 4 0.5 log Mo a7 (34)

S0.Cl; === SO; + Cl,,—The data obtained by Trautz? are given in

the following table. According to Equation 34

_ _ 9
log K, = 4.085 4 0.5log T 15T
The values of ( calculated by this equation are given in the table. The
value of Q observed from the temperature-coefficient of log K,/vT is
6160, while Trautz calculates for the heat of reaction at 290° the value
11,146. The discrepancy between these 2 values would tend to throw
some doubt on the accuracy of the experimental data.

T. Log Kp. Q (cale)),
375.0 0.3784 8560
381.9 0.4958 8520
409.9 0.8525 8500
464 .2 1.1158 9130

PCl; = PCl; + Cl.—From Equation 34 we deduce the relation
Q
log K', = 7.1875 + 0.5log T — ——,
85 + 8 4.57T

The following table gives the values of Q calculated according to this
equation from the data on log K’,.* The value of Q calculated by means
of Equation 29 is 21,280.

T. —Log K’p. Q.
439 0.4764 18,030
443 0.2371 17,710
485 0.3456-1 17,460
495 0.3615-1 17,860
574 0.8736-3 16,900
623 0.1997-3 16,470
631 0.1386-3 16,510

(CH;COOH), =——= 2CH;COOH.*—In this case we have collisions be-
1 Mittasch, Z. physik. Chem., 40, 5 (1902).
2 Z. Elekirochem., 14, 540 (1914).
3 C. Holland, ibid., 18, 234 (1912).
¢ C. Holland, Zoc. cit.
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tween like molecules, so that Equation 34 cannot be applied directly. In-
troducing the necessary correction, we obtain the equation

log K, = 7.392 + 0.5 log T — —2—

4.57T
which has been used for calculating Q in the following table.
T. —Log. K'p. Q.
413 0.7079-2 13,980
423 0.3985-2 13,740
433 0.3350-2 13,940
458 0.9907-3 14,060
473 0.7043-3 13,910
485 0.5085-3 13,830
493 0.4436-3 13,930
533 0.1867-3 14,470
578 0.1164-4 12,920
579 0.2573-4 13,260

Q observed from slope is 14,560 cal.
N:O;y == 2NO,!'—In this case, the modified form of Equation 34
leads to the relation

log K, = 4.4534 + 0.5 log T — —2—

4.57T
T. —Log K. Q.
273 .0 1.8129 9790
291.3 1.1399 9090
322.9 0.0969 8570
346 .6 0.4713-1 8230
372.8 0.8751-2 7690

Q observed from slope is 13,400 cal.

P, < 2P,.—This equilibrium has been investigated by G. Preuner
and I. Brockméller.2 The data, as in the case of the equilibrium P, <=
2P already discussed, lay no claim to great accuracy. From the values
of log K’, at different values of 7', ) has been calculated according to the
equation

log K’y = 7.399 4+ 0.51log T — ——Q—

4.57T

T. Log K’p. Q.
1073 0.8129 39,730
1173 1.3979 40,400
1273 1.9031 41,020
1373 2.3222 41,090
1473 2.6990 42,320

The value of Q observed from the slope of log K’,/v T against 1/7), is
32,800.

1 Data given by G. N. Lewis, THIS JOURNAL, 37, 2308 (1915).
2 Loc. cit.
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As; <= 2As,.—The data for this equilibrium are also given by Preuner
and Brockmoéller. In this case,

log K', = 7.591 + 0.5 log T — —2_

4.57T

T. Log K'p, Q.
1073 0.4814 42,300
1173 0.9542 43,800
1273 1.3522 45,300
1373 1.6990 46,800
1473 2.000 48,300

Q observed from slope is 26,200 cal.

It will be observed that the agreement in the case of the dissociation
of (CH;COOH), and phosgene is very good; for sulfuryl chloride the
agreement is as good as can be expected from the experimental data,
while in the case of P,, Asy, phosphorus pentachloride and N.O,, there is
a considerable difference between the calculated and observed heats of
reaction.

As already stated, the data on As, and P, are probably not very ac-
curate. These are practically the only cases in which Q(obs.) is greater
than Q(calc.). It is also possible, however, that in some cases a steric
factor should be taken into account as mentioned in the introduction, so
that instead of v/o? we ought to write v/ ac® where « denotes the fraction of
the collisions between active molecules that is effective. Thus for the
dissociation of phosphorus pentachloride if we assume Q = 21,280, we
find that log »/ae? = 31.5 (approx.). Hence a = .03, that is, about 3%;
of the collisions are effective. Similarly in the case of N2O,, if we assume
Q = 13,400, we obtain the result log v/ag: = 33.26, and therefore o =
0.55 X 107% at T = 273, while for higher temperatures it is still smaller.

However, practically all the reactions involving nitrogen compounds
show similar discrepancies between calculated and observed data. The
reason for this may possibly be looked for in the peculiar structure of the
nitrogen molecule and some of its compounds.! The writer is, however,
unable at present to form any more definite ideas on this point.

Reactions of Type, 2A.B = 24; + B,.

In this case we can assume that the dissociation is a bimolecular reac-
tion, although the available data on rates of dissociation of this class
of compounds is very meager. The measurements made by Hunter on the
rate of the reaction 2N,O —> 2N; + O, have already been mentioned
above. This is a clean-cut case of a bimolecular reaction. On the other
hand, Von Wartenberg has carried out a few determinations of the rate
of dissociation of water at about 1100° and finds it to be unimolecular,?

1 I. Langmuir, THIS JOURNAL, 41, 868 (1910); G. N. Lewis, ¢bid., 38, 762 (1916) .
2 Z. physik. Chem., 56, 513 (1906).
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while the reaction between hydrogen (H,) and oxygen (O) is termolecu-
lar. Both the dissociation and formation were catalyzed by the walls,
so that much stress cannot be laid on this case. According to Trautz’s
views and the theory developed above for rates of reactions, it is impos-
sible to conceive of a termolecular reaction in a gas phase. Trautz as-
sumes that in such cases we really have a sequence of two reactions.
Thus, in the case of the reaction leading to the formation of nitrogenoxy-
bromide,! Trautz assumes the intermediate stages:

NO + Bl'g <__>. NOBI‘z
NO + NOBr; < 2NOBr.

Similar assumptions are also made by him with respect to the formation
of nitrogenoxychloride and nitrogen dioxide.

In general, we might assume for reactions of the type under considera-
tion either of the following 2 mechanisms,

AB = A, + B

2B = B, M
or
2438 = As + AB,
AB, == Ay + B, ¢8y)
In Case I,
vais Mas. M3
i 2B _ Map  _ Qap — (Qa, + O5)
[A.B] No*V87RT RT
1, Bl _ . No*sV&xRT _ 205 — Qs
(B} v, VM g RT
Hence
2 2 2 2 A
2. Vg, M4,B . OT.
In Case IT we have similarly,
2 A2 ar
nK, = m( VasBiTAE My Ms, >_2 (350)
2N'0-A2'A2320-A2'Bz MA,B.87TRT RT

where the subscript letters on ¢ denote the average values for the mole-
cules designated.

The 2 mechanisms lead to equations which have similar form and
differ only in the values of the frequencies and molecular diameters.
Making the assumption as above, that log »/¢? = 30, and assuming that
the values of ¢ are approximately the same for all the molecules, we can

1 Z, anorg Chem., 110, 1 (1920).
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write the general equation for a reaction of the type under consideration,
in the form,

2
log K, = 1.256 — 0.5 log T + 0.5 log MAZ;MBZ _ 9 (36a)
Mi,B 4.57T
where
1.256 = 30 — log(2N) — 0.5 log (87R)
Since p = C.RT,
M3, .M 0
log K, = 3.16 4 0.5 log T + 0.5 log =2 — 5 — 360
8% 8 S5, i %
where p is expressed in atmospheres.
Also
2
log K’, = 6.04 + 0.51og T + 0.5 log Ma,-Mp,__Q (36¢)

M, 4.57T
where ¢ is expressed in mm. of mercury.

These equations have been applied in the following section to the cal-
culation of Q from the published values of K, (or K’,) for different equi-
libria.

(I) 2H; + 0; == 2H;0.—The values of —log K, as obtained by
different investigators have been tabulated by G. N. Lewis.! The fol-
lowing table gives these data, together with the values for Q calculated
by means of the equation,

Q
log K, = 297 4+ 05 log T — —=—
8% + 8 4.57T
which was derived from Equation 360b.

T. —Log Kp. Q (calel).
1325 13.768 110,900
1393 12.786 110,400
1397 12 .624 109,600
1455 11.844 109,000
1480 11.506 108,600
1550 10.928 109,700
1561 10.708 109,000
1863 7.652 104,300
2257 7.219 105,200

From the slope of (log K, — 0.5 log T) against 1/7, the average value
of Q observed is 117,500, while Lewis gives Q, = 114,820.

(I) 2CO + Oy == 2CO,.—From the data given by Lewis? the fol-
lowing values of O have been calculated by means of the equation

log K, = 373 +051log T — ———Q ,
85 & T It
! Lewis, THuIs JOURNAL, 36, 1982 (1914).
 Lewis, 1bid., 37, 458 (1913).
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T. —Log. Kp. Q (cale.)
1395 11.8454 109,300
1400 11.7854 109,200
1443 11.1078 108,200
1478 10.7854 108,700
1481 10.9396 110,000
1498 11.8676 106,900
1565 9.8820 108,700
1823 7.4964 107,200

The average value obtained from the slope of (log K, — 0.5 log T)
against 1/7 is 116,100, while Lewis gives Q, = 135,000.

(IIT) 280, 4 O == 2S0;.—This equilibrium has been determined by
Bodenstein and Pohl.! ‘The values of the constant K, are given in terms
of mols/liter. Converting Equation 36a into the same units and sub-
stituting in the term for the molecular weight, the equation for calculat-
ing Q becomes,

Q
4.57T

‘I'he observed values of log K’,, together with the values of Q (cal-
culated) are as follows:

log K, = 4.912 — 0.5 log T —

T: Log K’. Q (cale.).
801 —4 .810 41,000
852 —4.126 40,890
900 —3.500 40,670
963 —2.914 40,570

1000 —2.451 40,510
1062 —1.900 40,410
1105 —1.552 40,330
1170 —1.089 40,300

Q observed from slope is 42,520 cal.

(IV) 2H, + S; =— 2H,S.—From the equilibrium data, as given by G.
N. Lewis,? the values of Q have been calculated by means of the equation

Q

log K, = 3.193 0.5log T — ——,

85 TOosle I =y
T. —Log Kp. Q (cale).
1362 1.804 40,860
1473 1.286 40,830
1537 0.980 40,520
1667 0.514 40,520

Q observed from slope is 42,370 cal.

(V) 2NO + 0, == 2NO,.—From the data given by Lewis® for the
degree of dissociation of nitrogen dioxide at different temperatures, the

1 Z. Elektrochem., 11, 373 (1905).
2 Lewis, ‘THIS JOURNAL, 40, 373 (1918).
8 Lewis, ibid., 37, 2311 (1914).
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values of K, have been derived and from these the values of Q calculated
by means of the equation

- Q
log K, = 3.737 0.5 log T — -,
85 My
T. ~Log Kp. Q (calc.).
457 4.160 19,360
552 2,838 20,040
767 0.322 20,240

Q observed from slope is 19,240 cal.
The thermochemically observed heat of dissociation of 2NO, is given
as 26,900 (Abegg) and assumed to be about 24,000 by Lewis.
(VI) 2NO + Cl, === 2NOCL—This equilibrium has been investigated
by M. Trautz and C. F. Hinck.! From his data for K,, as given below,
corresponding values of Q were calculated, according to the equation

log K, = 1.655 — 0.5 log T — ——Q——

4.57T
T. —Log K,. Q (cale.),
450 8.010 17,140
483 7.590 17,450
503 6.779 16,290
543 6.077 16,170
571.4 5.284 14,540
593 .4 4.8894 14,000

Q observed from slope is 24,000 cal.

(VII) 2NO + Br; <= 2NOBr.—The equilibrium data have been ob-
tained by M. Trautz and V. P. Dalal.? From these the values of Q have
been calculated by means of the equation

log K, = 1.794 — 0.5 log T — -—Q——
4.57T
T. ~Log K. Q (cale.).

258.4 7.5376 9600
204.8 6.3716 9340
333.0 5.4776 9150
373.1 4.9208 8950
453.2 3.4815 8200
513.2 2.6990 7400

As calculated from the change in K, with T, Trautz finds that Q varies
between 8500 and 18,000 cal., but he concludes that the actual value
must be between 8,000 and 9,500 cal.

(VIII) Ammonia Equilibrium.—The reaction 3H, + N == 2NHj is
a more complex case than the equilibria already discussed. In order to
apply kinetic considerations to this equilibrium we may make several

! Hinck, Z. anorg. Chem., 93, 177 (19135).
¢ Trautz and Dalal, Z. anorg. Chem., 110, 1 (1920).
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different asstumptions as to the mechanism of the reaction. Thus, we
msy assume one of the following mechanisms.
H2 - — 2H
N, == 2N
H,+H = H;

N + H; = NH; @
or
H; + N, = N.H,
N.H. + H, = N,H,
N.H, + H; == 2NH; (II)
or

N, == 2N
N + H, = NH,
H, = 2H
NH, + H = NH; (I1I)

Caleulating on the basis of the first assumption, we obtain the relation:

2 2 2 2
log K, = log —H!NBTHIN 169 (37RT) 4
2VH2'VN2"TH2‘H'O-H3‘N

My, My, 0 .

Min, 4.57T
Introducing the further assumption that the heat of activation in all
cases corresponds to » = 10" and ¢? = 10~!5 approximately for all the
atoms and molecules under consideration, we derive the simplified equation

0.5 log (37)

Q
log K, = 6.59 + log T — —=—,
&5 8 T ImT
Here again, if we use Mechanism IT or IIT and introduce the same as-
sutnptions regarding » and ¢ we arrive at approximately the same result.

The following table gives the values of the equilibrium constant as tab-
ulated by G. N. Lewis,! and also the values of § calculated by the above
equation.

In view of the fact that the term containing v and ¢ is of the dimensions
v*/g* it is evident that any inaccuracy in this value is bound to affect
the result much more than in any of the other cases hitherto discussed.
It seems not unlikely from all that we know of the nitrogen compounds
that »/0? for these compounds is much greater than 10%®. The last col-
umn of the table gives the values of Q calculated on the assumption
v/e?* = 108, The value of J, given by Lewis is 21,400.

1 Tuis JOURNAL, 37, 2308 (1915).
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T. Log Kp Q (cale.). Q’ (calc.).

958 6.524 13,330 22,090

973 6.334 14,410 23,030
1023 6.660 13,720 18,280
1074 6.898 13,360 23,170
1074 6.956 13,070 22,910
1082 7.154 12,200 22,090
1109 7.306 11,790 22,020
1123 7.108 12,980 23,250
1149 7 .542 11,050 21,560
1174 7.344 12,410 23,140
1193 7.756 10,400 21,300
1203 7.398 12,470 23,470
1273 8.018 9,736 21,030
1273 7.660 11,820 23,450
1313 8.170 9,212 21,210

Discussion.

Validity of the Equation for Unimolecular Reaction Velocities.—The
fundamental assumption in all the calculations made in this paper is that
the rate of a unimolecular reaction is given by the expression

_h Qg _@9
ky = v.€ kT = -2 ¢ RT (12b)
Nh

where Q is the heat of activation.

It has been shown that the available data on unimolecular reaction
velocities are in good accord with this equation; furthermore, that by
means of this equation it is possible to calculate the equilibrium constants
of a reaction such as the dissociation of hydrogen (H,), with a fair degree
of accuracy. This, of course, involves a kinetic theory of bimolecular
reaction velocities. But the evidence for this latter theory is very strong,
as shown by W. C. McC. Lewis, Trautz, and the writer in previous
sections.

It will also be shown in a subsequent paper by Langmuir that the
above equation can be applied to rates of evaporation and the heats of
evaporation calculated from the vapor tension data are in good agtee-
ment with the observed heats of vaporization. The equation expresses,
therefore, a general relation between the rate of a reaction at any tempera-
ture and the energy change involved in that reaction. However, in the
above form the equation is only a first approximation to the true relation
which is undoubtedly more complex. It, therefore, lays no claim to strict
validity. However, as such, it must have a fundamental significance both
from the point of view of the quantum theory and from that of chemical
reactivity.

The values of » obtained by means of the relation

Q = Nhy
range from 1.05 X 10* for Q = 10,000, to 1.05 X 10 for @ = 100,000



A THEORY OF CHEMICAL REACTIVITY. 431

cal. The frequency corresponding to the D line of the sodium spectrum
is approximately 0.5 X 10'5. It, therefore, follows that the heat of
activation, in general, corresponds to a frequency which is in the visible
or ultra-violet portion of the spectrum. As the latter are usually asso-
ciated with vibrations of the electrons in the atoms, this result is in ac-
cord with the conclusion deduced from other considerations! that in
chemical reactions the electrons play the fundamental réle.

Bohr’s theory of the structure of a hydrogen molecule represents the
first attempt at a calculation of the heat of formation of a molecule from
its atoms. In making this calculation Bohr applies the quantum theory
to electronic orbits and arrives at a value for the heat of reaction which
is too low. However, there is no doubt that the quantum theory must
apply to such cases and up to the present we have simply not been able
to suggest the exact manner in which it does apply. The relation ex-
pressed by Equation 12b is another application of the quantum theory
to the theory of chemical reactions.

At the present time the writer is unable to answer the question as to
the physical significance of the above equation. But he feels that the
sclution of this problem is intimately bound up with that of the larger
problem which Bohr has attempted to solve in the specific case of the
hydrogen molecule. As has been stated by Nernst:2

“It is one of the peculiarities of the quantum theory that many very
remarkable relations are derived from a very simple assumption, which,
hbwever, is not altogether free from arbitrariness.”

In attempting to apply Equation 12b to homogeneous gas reactions
in general, it has been necessary to assume an average value for the heat
of activation which is probably not even approximately correct in a num-
ber of cases. 'This, no doubt, accounts to a certain extent for the appar-
ent lack of satisfactory agreement between the calculated and observed
heats of reaction in these cases. Again, it has been assumed that every
collision between active molecules is effective, but it is self-evident that
this cannot be generally true, especially in the case of more complex
molecules. For a reaction to occur at a collision, the molecules must
not only be in the active state but must also present to each other cer-
tain active areas. Thus for a reaction to occur between 2 acetic acid
molecules, it is evident that during the collision the 2 hydroxyl groups
should be adjacent, and a collision between 2 molecules in which the
methyl groups are adjacent would be ineffective in causing polymerization.

Relation of Kinetic Theory to Nernst’s Third Law of Thermodynamics.

On the basis of his ‘““Third Law of Thermodynamics,” Nernst has de-

! Langmuir, THIS JOURNAL, 41, 868 (1919).
2 Nernst, Verh. deut. physik. Ges., 18, 84 (1916).
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rived an expression for the relation between K, and Q which can be written
in the following approximate form:*

Q
log K, = — —=2— + 2019 log T + ZuC
e == T 8
where = heat of reaction at constant pressure and temperature, 7.
ZnC = algebraic sum of the “chemical constants.”

Various other approximate formulas have been used, and the subject
is at present in a more or less confused state.

As well known, Nernst has shown that the values of C can be obtained
from the vapor tension data, while Sackur and others have deduced the
values from statistical considerations and shown that for any substance

C=Co+—2—logM

where C, is a universal constant.

Very recently Tolman? has also shown that this relation is the only
one which is in accord with the principle of similitude.

On the other hand, in the equations for log K, derived in the previous
sections, the molecular weights occur as M *, and the integration-con-
stant involves », o2 and VM. There is, therefore, a difference here which
probably accounts to a large extent for the approximate nature of the
results obtained by applying the theory of reaction velocities.

Application te Solutions.

The writer has also attempted to apply similar considerations to the
calculation of solubilities and rates of reactions in solution, with a fair
degree of success in a number of cases and very poor results in other cases.

It is apparent, however, that a simple kinetic theory such as has been
used for the case of gas reactions cannot, in general, apply to reactions
in solution. The discussion of this must therefore be reserved for a future
paper.

In conclusion, the writer wishes to express his appreciation of the
interest and encouragement given him in the development of the above
theory by Dr. Langmuir.

Summary.

1. A theory of unimolecular reaction velocities is suggested according
to which the velocity constant is given by the relation, based on the
quantum theory,

Q _°9
kl = m € RT,
1 1. W. Cederberg, '‘Die Thermodynamiscke Berechnung chemischer Affinitaeten,”

1916, p. 71.
* TH1s JOURNAL, 42, 1185 (1920).
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where Q denotes the heat of activation, and N and R have the usual sig-
nification, and % is the quantum constant.

2. As shown by Trautz, the heat of activation can also be calculated
from the temperature coefficient of %, according to van’t Hoff’s equation.
Combining this relation with that for Q, it is possible to check the above
theory on actual experimental data in the case of the dissociation of
phosgene (the only uncatalyzed unimolecular reaction whose velocity
constant has been measured). The agreement is found to be very satis-
factory.

3. As shown by Trautz and others, the velocity constant, k,, of a bi-
molecular reaction in gases can be calculated from considerations based
on the kinetic theory of gases. This theory is shown by the writer to be
in accord with the experimental data in the case of several reactions.

4. Since the equilibrium constant K of any reaction is given by the
value of ki/k; it follows from the above theory that, for any homogeneous
gas reaction, it ought to be possible to calculate the free energy from data
on the total energy of the reaction, or wvice versa. In other words, this
theory leads to a relation which is similar in certain respects to that de-
rived by Nernst on the basis of his heat theorem.

Working over the available data on homogeneous gas reactions, it is
shown that the agreement between values of the heat reaction calculated
from equilibrium constants by means of the above theory, are in fair
accord, in a large percentage of the cases, with the total heats actually
observed. The results also show that the relation suggested for uni-
molecular reaction velocities can be regarded, at present, as only approx-
imately true.

5. However, from the very fact that it yields such satisfactory agree-
ment in a large number of cases, it must be of fundamental significance
and probably represents an ideal relation which would hold true in all
cases if it were not for the existence of other factors, at present unknown.
The theory also brings out one more relation between the quantum theory
and chemical reactions.

ScrENECTADY, N. Y.



