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I. INTRODUCTION
A. Synopsis

The determination of dissociation energies of various chemical bonds is of
fundamental importance for the quantitative treatment of chemical processes.
In chemical reactions bonds are broken and formed, and in many reactions both
processes occur simultaneously. In consequence the magnitudes of dissociation
energies are of prime importance for both chemical kinetics and chemical
equilibria.

At the outset of this review the definition of the bond dissociation energy is
given, which is followed by a brief discussion of the various relationships between
this entity and other related quantities: namely, the heat of atomization, the
average bond energy, the heat of radical formation, the heat of reaction, and
the activation energy of the reaction. This discussion is followed by a short review
of various direct methods which may be applied for the estimation of bond dis-
sociation energies.

The main theme of this paper, however, is a critical survey of various pyrolytic
methods used for the determination of bond dissociation energies, the examina-
tion of principles applied in the interpretation of the experimental material and
in computation of the results, and finally a review of the actual results obtained
by various workers. This part is divided into two sections, the first dealing with
the equilibrium method and the second with the kinetic method.

The paper then concludes with a discussion of some unexplored reactions
which might be used for the determination of bond dissociation energies, and
with a description of various new methods which might prove useful in this type
of work. Tables of bond dissociation energies and heats of formation of various
radicals are given in the appendix.

B. The definition of bond dissociation energy

The dissociation energy of the bond A—B in the molecule (or radical) M is
the endothermicity of the reaction in which M is decomposed into two fragments
R’ and R” formed by breaking the bond A—B.!

M — R’ 4+ R” — DR'—R”) keal./mole

It must be stressed that this endothermicity must be computed for the state
in which the reactant M and the products R’ and R” are in the gaseous phase, at

1 In cyclic molecules the breaking of certain bonds might lead to the formation of one
fragment only.
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zero pressure and at 0°K. It follows from the above definition that the dissocia-
tion energy of the bond is defined unambiguously by the description of the
initial state, i.e., the molecule (or radical) M, and the final state, i.e., the frag-
ments R’ and R”, M, R’, and R” being in certain specified electronic states. It
is also obvious that no restriction need be imposed on the path of the reaction
which leads to this dissociation, since variation of this path does not change
the endothermicity of the process.

C. The relationship between the bond dissoctation energy and the heat of atomization
of a molecule

The rupture of the ‘“first” bond in a polyatomic molecule M requires an ex-
penditure of energy equal to the dissociation energy of the particular bond in the
original molecule. As a result of this process new fragments are formed and the
breaking of an additional bond requires an amount of work equal to the dis-
sociation energy of this bond referred to the appropriate fragment. The work
expended in splitting a further bond is in turn equal to the dissociation energy of
this bond in the newly formed fragment. This process is continued stepwise until
ultimate atomization of the molecule takes place. Hence, the heat of atomization
of the original molecule is equal to the sum of the dissociation energies of all the
bonds as they are broken successively until the whole molecule is finally degraded
into separate atoms.

This relationship is illustrated by the following two examples:

Example 1
H,O0 —- H 4 OH — DH—O0H)
OH -0+ H - D(O—H)

DH—O0H) = D(O—H)in m,0 = the dissociation energy of the
“first’’ O—H bond in H,O

D(O—H) = D(O—H)i» og = the dissociation energy of the
“second” O—H bond in H,0
or the O—H bond dissociation
energy in the OH radical

Q. = D(H—OH) + D(0O—H)

Q. denotes here the heat of atomization of the original molecule.

It should be emphasized that the dissociation energies of a bond between
any two given atoms, but referred to different fragments, will not usually be
equal; e.g.:

D(O—H)iz 5,0 = D(H—OH) = 118 keal./mole
D(O—H)i, ow = D(O—H) = 100 kcal./mole

In this particular case, the dissociation energy of the “first”” O—H bond is greater
than the dissociation energy of the “second” O—H bond in H,O by 18 keal./mole.
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Ezample 2
CH;Cl — CH; + Cl — D(CH;—Cl)
CH; —CH;+ H - D(CH—H)
CH; —CH + H - D(CH—H)
CcH —-»>C 4+ H - D(C—H)
Thus
Q. = D(CH,—Cl) + D(CH,—H) 4+ D(CH—H) + D(C—H)

It is permissible, however, to visualize other paths for the atomization process
of the methyl chloride molecule, e.g.:

CH;Cl — CH,Cl 4+ H — D(CH,Cl—H)
CH,Cl - CH, + Cl — D(CH—C))
CH, —»CH 4+ H - D(CH—H)
CH —-C 4+ H - D(C—H)
Thus
Q. = D(CH,ClI—H) + D(CH,—Cl) + D(CH—H) + D(C—H)

Both modes of atomization must lead, of course, to the same value for the heat
of atomization, although the component dissociation energies need not neces-
sarily be the same; e.g.:

D(CH—Cl) s D(CH,—Cl)
D(CH,Cl—H) » D(CH,—H)

D. The relationship between the bond dissociation energy and the “average
bond energy”

The bond dissociation energy is to be distinguished from another quantity
which will be referred to in this paper as “average bond energy.”? The latter is
defined for a molecule of the type AX, as 1/n of its heat of atomization. The
absence of a clear definition of the “average bond energy’’ was recently stressed in
a paper by M. G. Evans and M. Szwarc (56). These authors proposed a purely
formal and unequivocal definition of the “average bond energy” which can be
expressed in nonmathematical language as follows: The “average bond energy”
of a bond between two atoms A and B is equal to the work done in separating
these two atoms in a process during which all the other bonds are independently
and simultaneously extended in such a way that the molecule as a whole swells
infinitely whilst preserving its original geometrical form.

2 See, for example, L. H. Long and R. G. W. Norrish: Proc. Roy. Soc. (London) A187,
337 (1946).



BOND DISSOCIATION ENERGIES 79

The mathematical representation of the ‘“‘average bond energy” described
in this manner is given, therefore, by the integral
® 9E

Gop = 2.4

G ThoeL Iy T
where E denotes the potential energy of the molecule expressed as a function
of all the bond lengths (r;) and of other required codrdinates (o), the latter being
chosen as the required angles between the bonds; 7, denotes the value of r in
the original molecule; L denotes the integration path, which is defined by the
following set of equations:

a; = ay, = const. for all ¢
Tk = VT for all k

v being a variable which increases from 1 to «. The potential energy E is meas-
ured from the zero level represented by the set of separate atoms, each of them
being in a specified electronic state.

The following example illustrates the numerical difference between tie bond
dissociation energy and the ‘“‘average bond energy.”

D(H—OH) = 118 keal./mole: D(O—H) = 100 keal./mole
““Average bond energy = 109 kecal./mole”

1.e., in molecules of the type AX, the ‘“‘average bond energy’’ is the arithmetic
mean of all the bond dissociation energies.

The relationship between D and §, in various molecules of the type AX, has
been discussed more fully in papers by M. Wehrli and G. Milazzo (212) and by
H. A. Skinner (164).

E. The relationship between the bond dissociation energy and the heat of formation
of radicals

The determination of the dissociation energy of a bond, the rupture of which
produces two tdentical radicals (or atoms), enables one to compute the heat of
formation of these radicals (or atoms):

AH, (radical or atom R) = i[AH;(R:) + D(R—R)]

Ezxample 1: The dissociation energy of the H—H bond in hydrogen is 104
keal./mole; hence the heat of formation of hydrogen atoms (from the element
in its standard state) is 52 kecal./mole.

AH,(H) = i D(H—H)] = % X 104 keal./mole

Ezxample 2: The dissociation energy of the N—N bond in hydrazine is 60
keal./mole and the heat of formation of gaseous hydrazine (from the elements
in their standard states) is 22 kecal./mole; hence the heat of formation of the
NH; radical (from the elements in their standard states) is 41 keal./mole.
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AH;(NHy) = 3[AH;(N.Hy) + D(NH;—NH,)]
= (22 + 60) kcal./mole = 41 kcal./mole

If the heats of formation of various radicals or atoms are known it is possible
to calculate the related dissociation energies, provided the heats of formation of
the required compounds are known. For instance, the heat of formation of gase-
ous ammonia (from the elements in their standard states) is —11 keal./mole,
and the heats of formation of H atoms and NH, radicals have been computed
in the examples given above at 52 keal./mole and 41 kecal./mole, respectively.
Thus we can calculate the dissociation energy of the “first’”” N—H bond in am-
monia as follows:

D(NH,—H) = AH,NH,) + AH,(H) — AH,(NH,)
= (62 + 41 4 11) kecal./mole = 104 kecal./mole

The above example illustrates the use of the principle which enables one to
derive bond dissociation energies from thermochemical data, provided the heats
of formation of the required radicals, or atoms, are known, i.e., if the bond dis-
sociation energies on which these latter quantities are based have been inde-
pendently determined by some direct methods. It must be stressed that it is by
no means possible to compute a bond dissociation energy from purely thermo-
chemical data, without recourse to other bond dissociation energies which have
been determined by direct measurements. It is obvious, therefore, that a bond
dissociation energy calculated on the basis of thermochemical data and in terms
of directly estimated dissociation energies entails the uncertainty and the experi-
mental errors involved in the determination of the latter.?

If the value of the dissociation energy of a bond the rupture of which produces
two different radicals or atoms is known, then one is able to compute the heat
of formation of a radical by reversing the above method. For instance,
D(C¢H;CH,—H) = 77.5 kcal./mole, the heat of formation of toluene in the
gaseous state is 12 keal./mole, and that of hydrogen atoms is 52 keal./mole.
Thus, the heat of formation of the benzyl radical is found to be 37.5 keal./mole.

AH(CH;CH,) = AH,(CH;CH;) 4+ D(C:H;CH,—H) — AH,(H)
= (12 4+ 77.5 — 52) keal./mole = 37.5 keal./mole

3 For example, the C—F bond dissociation energy in acetyl fluoride was computed by
A. 8. Carson and H. A. Skinner (37) at 110 kcal./mole. The above authors measured calori-
metrically the heat of hydrolysis of acetyl fluoride and their experimental error was +0.6
keal./mole only. The computation of D(CH;CO—F) involves, however, the values of
D(F—F) and D(CH;—CO) in addition to their experimental data. These two bond dis-
sociation energies involve considerable uncertainties, owing to the interpretation of ex-
perimental data used for their calculation (for example, D(F—F) has been accepted at
60-65 keal./mole and at present the new evidence seems to suggest a value of 3545 keal./
mole) and to experimental errors of measurements. Hence, the uncertainty in D(CH;0—F)
is probably of the order of = 10 keal./mole, although the experimental error of calorimetric
determination of Carson and Skinner is only 0.6 keal./mole.
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It must be emphasized again that this calculation requires a knowledge of both
the heat of formation of the second fragment and the dissociation energy.

F. The relationship between the bond dissociation energy and the heat of reaction

The heat of reaction is equal to the sum of the dissociation energies of the
bonds which are formed minus the sum of the dissociation energies of the bonds
which are broken. This relationship is particularly simple for reactions of the type

AX 4+ Y—-A+4+ XY

where Y denotes either an atom or a radical. The heat of this reaction is given as
D(X—Y) — D(A—X). Hence, if D(X—Y) is known, the determination of the
heat of reaction will enable one to compute the value of D(A—X).

G. B. Kistiakowsky and his collaborators (88) applied this principle in a
very ingenious manner to the problem of the estimation of the dissociation energy
of the C—H bond in methane. They determined the activation energies of the
two reactions

CH4 + Br— CH;;' -+ HBr
CH; 4+ HBr — CH, + Br

as 18 kecal./mole and 2 keal./mole, respectively. The difference between these
activation energies gave the heat of reaction for

CH, + Br = CH;* 4+ HBr — 16 kecal./mole at 453°K.

their own recalculation for 0°K. leading to AHg = 15 keal./mole. On applying
the above principle, and taking the D(H—Br) at 85.8 kecal./mole they con-
cluded:

D(CH;—H) = D(H—Br) + 15 keal./mole = 101 keal./mole

G. The relationship between the bond dissoctation energy and the energy of activation

In most chemical reactions two processes occur simultaneously: the existing
bond is broken and a new bond is formed. The activation energy of such a re-
action is, of course, a function of the dissociation energies of both the bond which
is broken and that which is formed. The relationship between the activation
energy and the relevant dissociation energies is, in most instances, of a complex
nature. It is not an easy task, therefore, to obtain information concerning the
magnitude of the dissociation energies involved in a reaction from a knowledge
of the corresponding activation energy of the process.

In some cases, however, these relationships are greatly simplified. Firstly, let
us consider the unimolecular decomposition of a molecule in which the fission of
one bond results in the production of two radicals or atoms. The activation
energy of this process will be equal to the dissociation energy of the broken bond
if the reverse process, i.e., the recombination of the radicals, corresponds to zero
activation energy. Although there are few experimental data available from which
we may calculate the activation energy of the recombination process, the evidence
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so far accumulated strongly suggests that this activation energy is negligible.
There is no theoretical justification whatever to anticipate repulsion forces
between two colliding radicals or atoms.* Furthermore, observed spectroscopic
data seem to conform closely to potential energy curves which do not show
humps. Finally, most reactions between radicals and molecules, if exothermic,
seem to have very low activation energies.

One should notice, however, that the recombination of two triphenylmethy!
radicals involves an activation energy of about 7-8 kcal./mole (227). This reac-
tion is an obvious exception, and the calculation by M. Szwarc (184) demon-
strates that there are repulsion forces, due to the interaction between
the hydrogen atoms of the approaching phenyl groups. These repulsion forces
begin to operatecwhen the distance separating the central carbon atoms is still
greater than 4 A, i.e., before the development of any appreciable attraction
between these centers.

It seems reasonable, therefore, to make the general assumption that the re-
combination of radicals or atoms does not involve any activation energy; hence
it follows that the activation energy of the discussed dissociation process is equal
to the respective bond dissociation energy.

The second case which we shall consider involves a series of reactions of the

type:
RX 4+ A—-R+ XA

In each series the radical R is varied, while X and A remain constant. The varia-
tion of R changes the bond which is subsequently broken, giving rise to different
R—X dissociation energies. On the other hand, it will be noticed that the same
bond is formed in every reaction. For such reactions we should expect some
systematic increase of the activation energy with the increase of the dissociation
energy of the R—X bond. As an example we may quote a series of reactions of
the type:

RCl 4- Na —» R 4 NaCl

For this series a relationship between the activation energy and the dissociation
energy of the R—Cl bond was first proposed by R. A. Ogg, Jr., and M. Polanyi
(124) and further developed by M. G. Evans and M. Polanyi (54). It was shown
by the above authors that in such a series the increase in activation energy is
proportional to the increase in the dissociation energy of the R—Cl bond.

AE, = a-AD

On the basis of theoretical considerations a value of about 0.3 was attributed to
«, and the experimental justification of the above relationship was presented in
a paper by E. T. Butler and M. Polanyi (35).
Similar relationships have been reported for other series of reactions, e.g.,
RH -+ CH;;' — R -+ CH4

4 See, however, W. Heitler and G. Rumer (75).
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given by H. S. Taylor and J. O. Smith (202), and
RH 4 Cl - R 4 HC!

given by H. Steiner and H. R. Watson (176).

This type of relationship does not provide information as to the absolute mag-
nitude of the bond dissociation energy; nevertheless it is valuable for the estima-
tion of the gradation in bond dissociation energies. However, the results obtained
from this type of investigation cannot be accepted always with complete
confidence.

II. THE DIRECT DETERMINATION OF BOND DISSOCIATION ENERGIES

The principles of the evaluation of bond dissociation energies from thermo-
chemical data havealready been described in Sections I, E and I, F. In Section IT
various direct methods applicable to the determination of bond dissociation
energies are presented.

A direct estimation of the bond dissociation energy is possible by measuring
the amount of energy involved in either the bond-breaking or the bond-forming
processes. All the direct methods for estimation of bond dissociation energies
can, therefore, be classified into two groups: (A) methods in which the process
of bond formation is investigated; (B) methods in which the process of bond
rupture is investigated.

It is by no means easy, however, to measure the energy liberated in the bond-
formation process. Under ordinary experimental conditions this energy is not
liberated in the form of radiation, thus rendering photochemical methods useless.
Neither is the energy liberated in bond formation converted into electric energy.
The only feasible method, therefore, is to measure the amount of heat liberated
in the process of recombination of radicals or atoms. This phenomenon has been
known for some time and utilized for various purposes; e.g., the heat liberated in
the process of recombination of hydrogen atoms has been used for welding pur-
poses (Langmuir torch) and for measuring the concentration of atoms in a gas
stream. This effect was used by F. R. Bichowsky and L. C. Copeland (19) for
the estimation of the heat of recombination of hydrogen atoms to hydrogen
molecules. The atoms were produced by electric discharge, their concentration
was estimated by the effusion method, and the recombination took place on the
surface of a calorimeter which was covered by palladium black. The results were
satisfactory and D(H—H) was estimated at 105 % 3.5 kcal./mole. Similar ex-
periments were repeated with oxygen atoms by L. C. Copeland (43) and by W. H.
Rodebush and 8. M. Troxel (154). It seems, however, that the method is less
reliable in this case. The preliminary report of Copeland suggested a very high
value for D(O—O): namely, 165 =+ 5 kecal./mole. The value finally recommended
by Copeland and by Rodebush and Troxel of about 131 keal./mole is still too
high (the value accepted at present is 117 keal./mole) and seems to indicate
some inherent defect of the method. The possibility of the participation of meta-
stable oxygen atoms in the recombination was not refuted in a decisive way.

All the other direct estimations hitherto completed have been based on the
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bond-splitting process. This method, included in group B, can in turn be divided
into three subclasses according to the form in which the energy is supplied for
the fission of the bond.

(a) Photochemical methods: The energy is supplied in the form of radiation.
Under this heading we include the methods based on the investigation of ab-
sorption spectra, predissociation phenomena, photodecomposition, photosensi-
tized decomposition, etc.

(b) Electron tmpact methods: The energy in this type of investigation is sup-
plied by the kinetic energy of a beam of electrons. This method was used suc-
cessfully by D. P. Stevenson.

(¢) Thermal or pyrolytic methods: Here the energy is supplied in the form of
thermal energy. These methods are discussed in detail in the following sections.
They are described under two main headings: (I) the equilibrium method and
(2) the kinetic method. The former deals with those investigations in which
equilibrium is attained between the undissociated molecules and the fragments
resulting from the fission of the bond in question, and leads to the computation
of the heat of dissociation. The latter is based on the kinetics of the bond-break-
ing process and leads to the determination of the activation energy of the dis-
sociation process. It is shown later that this activation energy might be identified
with the bond dissociation energy.

III. DETERMINATION OF BOND DISSOCIATION ENERGIES BY THE EQUILIBRIUM METHOD
A. Principle

The determination of bond dissociation energies by the equilibrium method
is based on the measurement of the equilibrium constants of the gaseous reaction:
RIR” :\_ Rl + Rll
where R’ and R” denote the radicals or atoms produced by the rupture of the
bond in question. These equilibrium constants, estimated at various tempera-
tures, enable us to compute the heat of dissociation by applying the van’t Hoff
isochore, and the recalculation of the heat of dissociation to zero pressure and

0°K. yields, by definition, the bond dissociation energy.

The experimenter who wishes to determine a bond dissociation energy by the
equilibrium method has to consider the problems of: (a) selecting a system in
which the required equilibrium may be established and maintained throughout
the period necessary for the appropriate measurements to be made; (b) selecting,
or devising, a method which will enable him to determine the equilibrium con-
stant with a sufficient degree of accuracy.

The equilibrium method is particularly suitable for estimating the bond dis-
sociation energies of diatomic molecules of the X; type. In this case the dissocia-
tion process produces the atoms X, and the latter can only recombine into the
original molecules X3. Such a system, therefore, is very simple and cannot be
disturbed by any side reactions.? However, in the case of molecules of the type

s There were speculations about the formation of molecules of the X; type. Such a
situation is encountered, e.g., in the system O, O, and O; at very high temperatures. It

was definitely proved, however, that no molecules of the I type exist in the system I, =
21 (133), and probably no molecules of the Br; type disturb the equilibrium Br, = 2Br.
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R, R being a radical, the situation is much more complex owing to the occur-
rence of various secondary processes such as:
(a) Reactions between radicals R and molecules Ry which would lead to
products different from RR; e.g., in the hypothetical system CH,CH;
= 2CH;* the CH; radicals could be removed by the reaction:

CH;;' + CHsCHs b d CH4 + .CH2CH3

(b) Reactions between two radicals R which would lead to products differ-
ent from RR; e.g., in the hypothetical system C,H;CyH; = 2C,H;* the
radicals CoHs* might be removed by a disproportionation:

2C;H;* — C.H, + C.H;

(¢) Decomposition of radicals R into simpler fragments; e.g., in the hypo-
thetical system C.H;C,H; = 2C,H;* the radicals might decompose ac-
cording to the equation:

CaHa' — Cqu -+ H

All the side reactions discussed above become more likely at higher tempera-
tures and for longer reaction times, and their participation in the overall process
limits the applicability of the equilibrium method; therefore the equilibrium
method is particularly suitable for dealing with molecules R, for which the
R—R bond is weak, the R radical is inert with respect to R, and thermally
very sta.ble, eg., N204 = 2NO2, (CsHs)sCC(CsHa)s = 2(CsH5)3C .

It is possible, in principle, to calculate the heat of reaction even if the equi-
librium constant was measured at one temperature only. These calculations,
however, require a knowledge of the partition functions of the molecule R'R”
and of the radicals or atoms, R’ and R”. Since partition functions are known
accurately only for relatively simple molecules and they are not available for
radicals, the method is limited to the estimation of dissociation energies of di-
atomic molecules.®

B. Static manometric method

A known amount of a compound of the type RR is introduced into a reaction
vessel of constant volume and heated to a suitable temperature for the time
required. After attainment of equilibrium the final pressure is determined. This
method yields the average molecular weight, which in conjunction with the
known molecular weight of the undissociated compound RR enables one to
deduce the degree of dissociation, «. The equilibrium constant K. is given by
the formula:

2

K.=-—2% _.p

l -«

P being the pressure in the system.
In order to achieve sufficient accuracy in measuring the pressure increments,

& For further details see, for example, R. H. Fowler and E. A. Guggenheim: Statistical
Thermodynamics. Macmillan Company, New York (1940).
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the latter must attain some considerable fraction of the total pressure; i.e., it is
necessary to choose a temperature range over which the degree of dissociation is
adequately large. Table 1, taken from E. W. R. Steacie’s monograph (168),
gives the temperatures at which a dissociation of 1 per cent is attained for various
diatomic molecules at a pressure of 1 mm. of mercury. It is scarcely possible to
detect sufficiently accurately the increase of pressure corresponding to 1 per cent
of dissociation, and a glance at table 1 shows that a high temperature is required
for the determination of bond dissociation energies greater than about 50
keal./mole. Work at such high temperatures presents many technical difficulties,
making the static manometric method very inconvenient.

The difficulties associated with experimentation at high temperatures might
be avoided by working at extremely low pressures. This, however, presents new
problems, such as the measurement of very low pressures, estimation of minute
quantities of material, and, above all, an estimation of the amount of material
adsorbed on the walls of the reaction vessel. The latter information is required

TABLE 1
Dissociation of diatomic molecules at a pressure of 1 mm. of mercury

COMPOUND DI AT oY T COMPOUND DISSoCIATN T

kcal./mole °C. ‘ keal./mole °C.
Koot 11.8 270 Bro.......... 45.2 850
Nag........... 17.0 390 Cleooooooo. L. 56.9 1040
Lig............ 26.7 590 He........... 104 1920
L............. 35.2 680 Og.ovvvi o 117.4 2000

for estimating the amount of material present in the gas phase, as at very low
pressures the amount of adsorbed material may rise to a considerable fraction
of the total amount of compound introduced. Obviously, accurate estimation of
the adsorbed material would present formidable difficulty.

C. Dissociation energies determined by the static manometric method

(1) I—I bond dissociation energy in the iodine molecule

The first accurate data on the equilibrium I, = 2I were obtained by G. Starck
and M. Bodenstein in 1910 (166). The equilibrium was investigated over a wide
temperature range from 800° to 1200°C. The results are self-consistent and the
accuracy of the measurements appears to be satisfactory. The heat of dissocia-
tion of iodine, recalculated by these authors for 0°K., was estimated at 35.5
keal./mole.

These investigations were repeated in 1922 by H. Braune and H. Ramstetter
(26), and by lowering the total pressure in the reaction vessel to a few millimeters
of mercury they succeeded in measuring the equilibria at lower temperatures,
i.e., 640-1100°C. The final results, however, seem less satisfactory than those of
Starck and Bodenstein, and the value of 35.1 keal./mole recommended by Braune
and Ramstetter is definitely too low.

The most elaborate study of the equilibrium I; = 2I was undertaken by
M. L. Perlman and G. K. Rollefson in 1941 (133). A modern technique was ap-
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plied and the experiments were carried out over a temperature range of 450° to
1000°C. Perlman and Rollefson achieved an extremely high degree of accuracy
and estimated the dissociation energy of the iodine molecule at 35.514 % 0.050
keal./mole. In computing this value a correction was introduced to allow for a
deviation of iodine vapor from the perfect gas law. It should be emphasized that
the accuracy of this estimation is of the same order as that obtained in the best
spectroscopic determinations of D(I—I). The best spectroscopic value, 35.547
<+ 0.023 keal./mole obtained by W. G. Brown (31), agrees excellently with the
value 35.514 4+ 0.050 kcal./mole recommended by Perlman and Rollefson.

(2) Br—Br bond dissociation energy in the bromine molecule

Values of the dissociation energy of bromine obtained by the static manometric
method are much less reliable than those obtained for D(I—I). These studies
had to be carried out at temperatures still higher than those required in the
study of the iodine system and the investigators were obliged to overcome in-
creasing technical difficulties.

E. P. Parman and G. A. 8. Atkinson (131) were the first to show that the ap-
parent molecular weight of bromine vapors varied with temperature, thus indi-
cating the occurrence of the dissociation process. The observed change was,
however, too small (80.0 at about 650°C. and 74.3 at about 1050°C.) and their
experimental technique too crude to justify any calculations of the heat of the
dissociation process.

In 1916 M. Bodenstein and P. Cramer (22) repeated these experiments, using
a much more refined technique. Bromine vapor was heated up to 1300°C. in a
silica reaction vessel (a platinum reaction vessel was attacked at these tempera-
tures by bromine). Since silica starts to soften at 1300°C., the reaction vessel
might be deformed as a result of the differences between the outside and inside
pressures. The silica reaction vessel was enclosed therefore in a platinum con-
tainer, the pressure in the latter being continually adjusted to the pressure in
the former. The highest percentage of decomposition observed was 18.3 per cent
at 1300°C. and 770 mm. of mercury. The uncorrected value for the Br—Br bond
dissociation energy was computed by Bodenstein at 46.5 kcal./mole (compared
with the accepted value at present of 45.4 keal./mole).

The percentage of decomposition of bromine molecule into bromine atoms
was estimated experimentally by H. von Wartenberg and F. A. Henglein (211).
These authors measured the dissociation at extremely low pressures, of the order
of 108 mm. of mercury, and in consequence could observe the dissociation over
a much lower temperature range: namely, 560-730°C. It is interesting to note
that the percentage of decomposition computed from Bodenstein and Cramer’s
equation for log K agreed closely with that observed directly by von Wartenberg
and Henglein.

(3) CI—Cl bond dissociation energy in the chlorine molecule

The technical difficulties associated with work at extremely high temperatures
became serious and manifested themselves in the investigations of the dissocia-
tion process Cl; = 2Cl. The early workers were unable to observe any dissocia-



88 M. SZWARC

tion, even at temperatures as high as 1200°C. (e.g., see V. Mayer: Ber. 11, 1426
(1879)). M. Trautz and W. Stickel (205), who investigated the dissociation of
chlorine under atmospheric pressure by heating it in a porcelain reaction vessel
up to 1300°C., recorded 1.5 per cent decomposition at 1200°C. and 3 per cent
decomposition at 1280°C. They calculated from these data the Cl—Cl bond
dissociation energy at 70 keal./mole, a value which is widely different from that
accepted nowadays (57 keal./mole). Undoubtedly, the degree of dissociation ob-
served by them was too small to render the results accurate enough.

Much better results were obtained by F. A. Henglein (76), who carried out
the investigation of the dissociation process of chlorine at pressures of the order
of 10~° mm. of mercury. Chlorine was heated in a silica reaction vessel which
was enclosed in an evacuated platinum container. This arrangement was re-
quired in order to prevent the diffusion of hydrogen into the silica vessel.” The
experiments were performed over a temperature range of 700° to 900°C. and the
pressure was measured by the Haber-Kerschbaum fiber manometer. The Cl—Cl
bond dissociation energy was estimated at 54 keal./mole.

It is rather strange that in a preliminary communication H. von Wartenberg
and F. A. Henglein (211), reporting the above studies, claimed the value of
70 kcal./mole for D(C1—C]).

(4) N—N bond dissociation energy in N;Oq

The first experimental data on the equilibrium N,O, = 2NO; were reported
by E. Natanson and L. Natanson (120) in 1886, and used by K. Schreber (160)
for the calculation of the heat of dissociation of N,QO,, estimated by him at 13.1
keal./mole.

E. Wourtzel (224) reinvestigated this equilibrium in 1919. His results, con-
cordant with those of E. and L. Natanson, led to a slightly smaller value for the
heat of dissociation: namely, 12.85 keal./mole. About the same time M. Boden-
stein et al. (21) reéxamined thoroughly the equilibrium N0, = 2NO,. The ex-
perimental technique was considerably improved by using an all-glass apparatus
and a spiral manometer.® The final results were given for two sets of pressures,
the so-called “higher” and “lower’’ constants. The results at the lower pressures
were considered to be more reliable, since N.O, does not follow the ideal gas law
at pressures of the order of 1 atm. The heat of dissociation was estimated at
12.90 keal./mole, showing a good agreement with results obtained by Wourtzel.

Bodenstein observed some displacement in the equilibrium N,O, = 2NO; at
higher temperatures (about 500°C.), and succeeded in proving that this was
due to the reversible reaction 2NQO; = 2NO + O,, which became appreciable
at these temperatures.

7 Hydrogen was formed by the decomposition of water vapor present in the laboratory
air, while in contact with the hot silica surface.

8 The previous workers used greased stopcocks, rubber tubing for connections, and
mercury manometers. All these materials are attacked by nitrogen dioxide vapor, and
therefore their presence in the system introduces a considerable element of uncertainty
in the interpretation of results.
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The deviation of N,0O, from the ideal gas behavior is the source of some error
in Bodenstein’s computation of the heat of dissociation of N3O, In order to re-
move this uncertainty F. Verhoek and F. Daniels (207) reinvestigated the equi-
librium N,O, = 2NO,, using a very sensitive glass-membrane manometer, and
measured the equilibrium constants for decreasing pressures. They extrapolated
the results to zero pressure, thus computing the heat of dissociation at zero pres-
sure. The measurements were taken at 25.0°, 35.0°, and 45.0°C., in order to avoid
any complications due to the decomposition of nitrogen dioxide. It was definitely
proved that the presence of inert gases was without any influence on the equi-
librium constant. The “corrected” heat of dissociation was estimated at 14.5—
14.7 keal./mole, i.e., considerably higher than the values proposed by previous
workers.

Lastly it is necessary to consider which of the bonds is ruptured during the
decomposition of the N,O; molecule into NO.. From the study of symmetry
properties of the infrared absorption spectrum of N»,O, L. Harris and G. W. King
(73) concluded that only those models where the NO, groups are joined by the
nitrogen atoms would be compatible with the observed pattern. This conclusion
is further supported by investigation of the electron diffraction of N,Q,, which
indicates that the N—N distance in the model 0.N—NO; is 1.6-1.7 A. (L. R.
Maxwell, V. M. Mosley, and L. S. Deming (109)). The results were confirmed
by recent x-ray studies of N,O, crystals (28). It is reasonable to conclude, there-
fore, that the fission takes place at the N—N bond and the observed heat of dis-
sociation measures the N—N bond dissociation energy in N;O,.

(5) N—N bond dissociation energy in N.O;

The equilibrium N,0; = NO 4 NO; was investigated at about the same time
by E. Abel and J. Prois! (1) and by F. Verhoek and F. Daniels (207). The in-
vestigation was complicated by the fact that the above equilibrium takes place
simultaneously with the equilibrium 2N O, = N;0,, the system investigated being
thus composed of the four species NO, NOg, N,0s, and N,O,.

The heat of dissociation of N2Qs, calculated from the van’t Hoff isochore on the
basis of data at 25°C. and 35°C. and extrapolated to zero pressure, was estimated
by Verhoek and Daniels at 10 kecal./mole. The results obtained by Abel and
Proisl pointed to the same value (9.5 keal./mole).

D. Other static methods used for the determination of bond dissociation energies

It was shown in Section II that the static manometric method is not suitable
for the determination of very small fractions of decomposition, since the results
of computation are obtained as minute differences of large numbers derived from
the direct measurements. To measure accurately the small extent of dissociation
it is necessary to determine, by some direct method, the concentrations of the
fragments formed in the process. This can be achieved either by a colorimetric
method (if the respective fragment has an intense color) or by a magnetic method
(utilizing the fact that the radicals are paramagnetic). Hexaphenylethane can
serve as an example for both methods.
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The first colorimetric estimation of the degree of dissociation of hexaphenyl-
ethane was due to J. Piccard (134) in 1911. The method was further elaborated
and improved by K. Ziegler and L. Ewald (228), who determined the dissocia-
tion constants of the equilibrium

(CeHy);C—C(CsHs)s = 2(CsH;):C*

in various solvents and over a range of temperature. Their results are listed in
table 2.

Since the heat of dissociation appeared to be constant in all solvents it was
concluded that it corresponds to the C—C bond dissociation energy in

TABLE 2
Dissoctation of hexaphenylethane

SOLVENT DISSOCI‘;?;%%?NS“NT HEAT OF DISSOCIATION
kcal./mole
Propionitrile............... .. ... 1.2 X 10 11.1
Ethyl benzoate................................... 1.67 X 10— 12.0
Acetophenone. ............. ... .. ... 1.70 X 104 11.5
Dioxane............. 2.5 X 10~ 11.6
Bromobenzene............. ... ... s, 3.7 X 107¢ 11.5
Ethylene dibromide............................... 3.9 X 10 11.4
Benzene............ ... 4.1 X 10 11.3
Chloroform................ . ... .. ... ... . ... 6.9 X 104 10.5
Carbon disulfide.................................. 19.2 X 10¢ 11.0
TABLE 3
Dissociation of hexaphenylethane
TEMPERATURE DISSOCIATION CONSTANT HEEAT OF DISSOCIATION
°C. kcal./mole
23 1.5 X 104
7 53 X 10-¢ 11.6 & 1.7

hexaphenylethane: D[(CsHs)sC—C(CsHs)s] = 11.3 4= 1 keal./mole. It must be
emphasized, however, that the conclusions drawn from experiments carried out
in the liquid phase are always uncertain, owing to the thermal effects connected
with the solvation phenomena.

E. Miller and I. Miiller-Rodloff (117) investigated the equilibrium
(CsH;)sCC(CeH:); = 2(CeHj)sC* by measuring the magnetic susceptibility of
the benzene solution. Although the equilibrium constants determined by these
workers were smaller than those reported by Ziegler and Ewald, the heat of dis-
sociation was found to be the same as that given by Ziegler (see table 3).

M. F. Roy and C. 8. Marvel (158) reinvestigated the above dissociation
process, using a magnetic method. Their results were in good agreement with
Miiller’s observations, but later investigations of Marvel ef al. (108) proved that
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the dissociation processes of many derivatives of hexaphenylethane were followed
by some irreversible reactions which consumed the radicals produced. Thus, it
was found that the paramagnetic susceptibility of solutions of these compounds
was falling gradually with time, attaining eventually zero value. The true estima-
tion of the degree of dissociation required, therefore, the determination of the
magnetic susceptibility as a function of time and its extrapolation to zero time.
In this way the degree of dissociation of a number of hexaphenylethane deriva-
tives was determined. It is worth mentioning that although the paramagnetic
susceptibility of the solutions disappeared, their color persisted. This observa-
tion casts doubt on the results obtained by the colorimetric method. Hexaphenyl-
ethane seems to be an exceptional case, since the triphenylmethyl radicals are
not removed by the irreversible process mentioned above.

The studies of Marvel were continued by R. Preckel and P. W. Selwood (139).
These workers estimated the heat of dissociation of several hexaphenylethane
derivatives, measuring the degree of dissociation at various temperatures by a

TABLE 4
Dissoctation of hexaphenylethane derivatives

ETHANE DERIVATIVE m“iﬁ:e;"“ AH STABILITY

°C. keal./mole
Hexaphenyl....... ... .. ... ... ... ............ 30-80 9.9 Stable
Di(o-tolyl)tetraphenyl............................ 10-50 11.4 Labile
Di{a-naphthyl)tetraphenyl. ... ................... —10-50 11.5 Labile

magnetic method and extrapolating the results to zero time. Their results are
listed in table 4. They confirmed the great stability of triphenylmethyl radicals,
although they found that at 100°C. even these radicals began to disappear, and
thus the paramagnetic susceptibility was approaching zero after solution had
been heated for 24 hr.

E. The bond dissociation energies of some diatomic metallic molecules

The dissociation energy of a variety of diatomic molecules composed of metal
atoms has been estimated by measuring the changes in the intensity of the ab-
sorption bands of these molecules caused by the variation of the temperature.
In principle, there is no difference between this method and the colorimetric
method discussed in connection with the dissociation process of hexaphenyl-
ethane. The only peculiarity of the metal vapor system is the minute concentra-
tion of molecules as compared with the concentration of the atoms, and the former
would therefore be considered as the labile species. Owing to the low dissociation
energies of such molecules the measurements must be carried out over a large
temperature range, of several hundred degrees. Difficulties are frequently caused
by the low volatility of metals (e.g., cadmium) and compel the investigators to
resort to long absorption cells. The type of investigation which has been carried
out is llustrated by the following examples.
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In 1925 E. Koernicke (92) published his results of the investigation of the
2540 A. band which appears in the absorption spectrum of mercury. He demon-
strated that this band is due to the presence of Hg, molecules in the mercury
vapor, and by measuring the intensity of the band at various temperatures and
under different pressures of mercury he estimated D(Hg—Hg) at 1.4 keal./mole.

His work was repeated by H. Kuhn and K. Freudenberg (94), who measured
the intensity of the 2540 A. band at temperatures ranging from 500°C. to 1150°C.
Their results were essentially concordant with those of Koernicke, and they
recommended the value of 1.6 keal./mole for D(Hg—Hg).

In 1944 this work was investigated again by J. G. Winans and M, P. Heitz
(220), who calculated the dissociation energy of Hg; from measurements of the
intensity of the 2345 bands by applying the Gibson—Heitler equation (64). This
result was in agreement with those of previous investigators and yielded
DHg—Hg) = 1.38 + 0.07 keal./mole.

Following the work of S. Mrozowski (116), who demonstrated that the ab-
sorption band at 3178 A. is due to the Cd, molecule, H. Kuhn and S. Arrhenius
(93) measured the changes of the intensity of this band in the temperature region
1000-1450°K. The cadmium vapor was contained in a silica tube 60 cm. long
heated by a special electric furnace. Their conclusion was that D(Cd—Cd) =
2 =& 0.5 keal./mole.

For some metallic molecules it was possible to deduce the heat of dissociation
from the measurements of the vapor pressure and density of the respective metal
vapors. For example, the investigations of the sodium vapor pressure-tempera-
ture relationship by W. H. Rodebush and E. G. Walters (155) and by R. Laden-
burg and E. Thiele (95) proved the existence of Na, molecules in the vapor phase
and according to E. Thiele (204) Py,, = 119 mm. of mercury at the boiling
point of sodium. From these measurements D(Na—Na) was estimated at about
18 keal./mole.

F. The equilibrium flow technique

It was mentioned in Section ITI, A that the occurrence of various irreversible
processes, which may take place in an investigated system, is the source of the
main difficulties encountered in the determination of bond dissociation energies
by an equilibrium method. These processes are particularly likely to occur at
high temperatures and when the period of heating is long. It is desirable, there-
fore, to reduce the time of heating as much as possible. The application of the
flow technique is particularly advantageous in this respect.

In the flow technique the compound investigated passes through a heated
reaction vessel, and the “time of contact’’ (i.e., the time during which the com-
pound investigated is heated) may be varied by the proper adjustment of the
rate of flow. The time of contact must be sufficiently long to enable the system
under investigation to attain full equilibrium; however, this restriction is not a
serious one, since the equilibrium state is attained in an extremely short period
of time. Consequently, a stationary state is maintained in the reaction vessel
over any required period of time, during which the determination of the relevant
concentrations can be accomplished. The normal procedure is to determine by
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some photometric method the concentration of the radicals (or atoms) produced
by the dissociation process. The change of the radical concentration with the
temperature makes it possible to determine the heat of dissociation and hence
the bond dissociation energy. The method may be illustrated by two examples:
the study of the equilibrium between (CN), and CN radicals and the study of
the system 2H,O + 0. = 40H.

G. B. Kistiakowsky and H. Gershinowitz were the first to investigate the
equilibrium (CN), = 2CN (87). Cyanogen was made to flow through a silica
tube 60 cm. long heated electrically to the required temperature. The concen-
tration of CN radicals was measured by the intensity of the O — O band at 3883
A., due to the transition 2 — 22*. The measurements were carried out over a
temperature range of about 110°C. (1124-1238°C.). The heat of dissociation was
calculated at 77 =+ 4 kcal./mole.

The problem was reinvestigated by J. U. White (216), who pointed out how
misleading the photometric determination of the CN concentration would be if
the results were not corrected for the incomplete resolution of the spectrograph.
From the lower limit of the absolute absorption coefficient of CN radicals he
calculated their partial pressure at 1500°K. and from this data the equilibrium
constant Kigooex. = 1.1 X 10722, A lower limit for the heat of reaction follows
directly from calculations based on the partition functions of (CN), and CN
radicals. Thus the most probable value of the heat of dissociation of cyanogen
was computed from these data at 146 4+ 4 keal./mole, a value which is obviously
widely different from that obtained by Kistiakowsky and Gershinowitz.

There is little doubt that the Kistiakowsky and Gershinowitz value is too
low, but it is by no means certain that White’s value is correct. White’s results
have been criticized by G. Herzberg (79), who pointed out that they are less
direct than those obtained by Kistiakowsky and Gershinowitz, as they are de-
pendent on the determination of the partition function of (CN).. The investiga-
tions of the kinetics of hydrogenation of cyanogen by N. C. Robertson and R. N.
Pease (152) seem to point to some value in between the two earlier ones, i.e.,
120-130 keal./mole; this is further supported by some photochemical studies of
T. R. Hogness and Liu-Sheng Ts’ai (84). The whole controversy has recently
been reviewed by H. D. Springall (165) and by L. H. Long (104).

The equilibrium 2H,0 + O, = 40H was investigated for the first time by K.
F. Bonhoeffer and H. Reichardt (25). This work followed the study of K. F.
Bonhoeffer (23), who demonstrated qualitatively that the dissociation of water
vapor takes place according to the equation 2H,O — H, + 20H (the presence
of OH radicals was demonstrated by the appearance of their absorption bands).
They found that the latter equilibrium could be shifted by introducing oxygen
into the heated steam, and thus they were able to maintain a constant concen-
tration of OH radicals at various temperatures of the reaction vessel, by adjust-
ing properly the partial pressure of oxygen. Using this technique Bonhoeffer
and Reichardt estimated the relative equilibrium constants of the above reaction
over temperatures ranging from 1200°C. to 1600°C. They concluded that
DHO—H) is about 115 & 2.5 keal./mole.

The above work was repeated very carefully by R. J. Dwyer and O. Olden-
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berg (50). Also these workers pointed out the systematic errors due to the lack
of the resolving power of the spectrograph. For a quantitative test by the
absorption spectrum rather weak absorption is desired, and although the aver-
age absorption observed with a spectrograph of poor resolving power may be
weak, the actual absorption band contains many lines, each one of which at its
middle almost completely absorbs the incident radiation. The above workers
used, therefore, in their studies a spectrograph of high resolving power which
allowed them to measure the absorption of single lines, and by matching the
absorptions of two lines of equal intensity they tested the two reacting mixtures
for equal density of OH radicals. The measurement of the intensity of a single
line made it possible to observe the OH radicals at lower temperatures than those
used by Bonhoeffer and Reichardt (the highest temperature being brought down
from 1590°C. to 1100°C.), and thus to reduce considerably many technical
difficulties caused by the extremely high temperatures.

The results were corrected for (a) the nonuniform temperature distribution,
(b) the difference in the Boltzmann distribution between the two temperatures,
i.e., the change in the population of the various rotational levels caused by the
change of temperature, and (¢) the variation AHr over the temperature range
T—T.. The only source of systematic error which was known to the above
workers was due to variations in the width of the line. The Doppler effect was
responsible for one-third of the observed width of the line (126), the other two-
thirds representing the pressure broadening. The pressure was of the order of 1
atm., but it was due to a mixture of water vapor and oxygen in various propor-
tions. The observations, however, showed that the broadening effect of O, and
H,0 on the absorption lines of OH was practically the same.

As a result of this very careful piece of work Dwyer and Oldenberg were led
to conclude that

H, + 2(0H) = 2H,O(g) — 133.8 =+ 1.3 kcal./mole

This result, in conjunction with D(H—H) = 102.48 kecal./mole as computed by
H. Beutler (18), led them to D(HO—H) = 118.2 &+ 0.7 kecal./mole. If instead
we use D(H—H) = 103.22, as recommended by A. G. Gaydon (60), we obtain
DHO—H) = 118.5 4 0.7 kecal./mole. This value leads to D(O—H) = 101
keal./mole.

The various methods of determination of D(H—OH) have been reviewed
recently by O. Oldenberg (125).

G. The effusion method

The laws of gas effusion through an orifice the diameter of which is small in
comparison with the mean free path of a molecule have been worked out by
Knudsen (89), who deduced that the mass m of a gas which effuses in time ¢
through an orifice of cross-sectional area A4 is given by

M

m=é(N1—Nz)-A—,0-uAt
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where N; and N denote the number of molecules per milliliter present on each
side of a membrane, respectively, M is the molecular weight of the gas, N,
is the Avogadro number, and % is the mean thermal velocity of the molecules.
Where the gas concentration on one side of an orifice may be neglected in com-
parison with the concentration on the other side, then:

M

.NI.N_O.

TAl

A determination of the rate of effusion makes it possible therefore to estimate
the pressure of the gas (which is proportional to N,) if the molecular weight is
known, or to estimate the molecular weight if the pressure is known. Thus, for
example, Knudsen determined the vapor pressure of mercury (90), and by means
of similar measurements the vapor pressures of zine, cadmium, and other metals
(see, for example, Egerton (51)) were measured.

It is simple to prove that for a mixture of gases effusing through an orifice,
the rate of effusion of each component is equal to its rate of effusion if it were
present alone and at a pressure equal to its partial pressure in the mixture.
This relationship holds, of course, only if the mean free path of the molecules
in the mixture is large in comparison to the diameter of the orifice. It is possible,
therefore, to use the phenomenon of effusion to estimate the mean molecular
weight of partially dissociated gas. Consideration of Knudsen’s formula shows
that the rate of effusion is proportional to the average thermal velocity of the
molecules and the latter is inversely proportional to the square root of its molec-
ular weight. Therefore, if the pressure of the gas is kept constant, then the rates
of effusion of an undissociated and fully dissociated gas would be in the ratio of
1:4/2. It must be pointed out that the greatest possible change in the rate of
effusion, due to the dissociation process, amounts to about 40 per cent only.
Hence it is essential to determine the rates of effusion very accurately if we are
to obtain reliable data on the degree of dissociation. The latter can be evaluated
by using a formula which is derived from Knudsen’s formula:

m = (M/2r-RT)*-AtP-(1 — a + v/2a)/( + )

m, M, A, and ¢ have the meanings given before, while E denotes the gas con-
stant, T the absolute temperature of the space surrounding the orifice, P the
total pressure of the gas (assuming that its pressure on the other side of the orifice
is negligible), and « the degree of dissociation.

The actual performance of the experiment requires the fulfillment of several
conditions which have been discussed by H. Weide and F. R. Bichowsky (213):
(1) the hole must be small in comparison with the mean free path of the gas and
the thickness of the plate in which it is made must be small in comparison with
the diameter of the hole (the recommended thickness of the plate is 0.1 of the
diameter of the orifice); (2) the chamber on the high-pressure side of the hole
must be large in comparison with the mean free path of the gas; (3) the gas on the
high-pressure side must be in thermal and pressure equilibrium over a region
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which is in the neighborhood of the hole and large in comparison with the mean
free path of the gas.

The last condition requires that the rate of effusion should be small in com-
parison with the rate of diffusion of the gas from its source to the space which is
near the orifice. This means that the “time of contact,”’ i.e., the average time
spent by the molecules of the gas in the heated chamber which is near the hole,
cannot be too short. This is rather unfortunate, because it favors the occurrence
of the side reactions discussed in Section IITA.

The effusion method is, therefore, less suitable than the equilibrium flow tech-
nique in the investigations of the dissociation process R, = 2R, in which R is a
radical, particularly if the temperature required to break the R—R bond is high
and the radical R has not a great thermal stability. It is worth noting that the
low pressure which is used in the effusion technique makes it possible to work
at lower temperatures, but on the other hand it is necessary to have a high degree
of dissociation (not less than about 30 per cent) in order to obtain reliable results,
and that requires higher temperatures. However, the effusion method seems to
compete well with the static manometric method in the region of low pressures.
It was mentioned earlier (see page 86) that the great difficulty encountered in
the static manometric method in the low-pressure region is due to the adsorption
of radicals or molecules on the walls of the reaction vessel, and this difficulty
is amplified if there is some corrosion of the wall. These effects are of no impor-
tance in the effusion method,? since only the amount of substance which effuses
is measured and one is not concerned with the amount of substance introduced
into the reaction vessel. The following example makes this point clearer. Let us
say that the heat of dissociation of fluorine is to be measured. The gas attacks
the walls of most reaction vessels, particularly at high temperature. The inves-
tigation should be carried out, therefore, at low temperatures (let us say in the
region of 400°C.), and in order to obtain a measurable degree of dissociation it is
necessary to work at very low pressures. The manometric method seems to be of
no great use, because of the corrosion of the wall which is unavoidable in this
case. On the other hand, the effusion method may be used, since it requires only
that a constant low pressure be maintained on one side of the hole and that the
quantity of effused fluorine be measured. The corrosion of the vessel walls is of
no importance, with the exception of the slight change in diameter of the orifice,
for which a correction may be introduced based on measurements of its cross-
sectional area before and after each experiment.

The effusion method was used by T. DeVries and W. H. Rodebush (45) in the
determination of the dissociation energies of iodine and bromine. Great stress
was laid upon the necessity of maintaining a constant pressure in the apparatus.
For example, the pressure of iodine was kept constant by having a reservoir of
iodine erystals maintained at a constant temperature of ice water, and it was
pointed out that variations of temperature of a few hundredths of a degree
would change the vapor pressure sufficiently to make a determination worthless.

¢ In the case when corrosion of the wall produces volatile materials the required correc-
tion must be introduced by analyzing the composition of the substance which has effused.
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Special precautions were taken to avoid changes of vapor pressure caused by the
distillation of the smaller erystals on to the larger ones, and attention was called
to the conditions under which there is satisfactory thermal contact between the
crystals and the external wall of the reservoir.

The various technical difficulties were adequately resolved in the case of iodine,
but a less satisfactory solution was achieved in the case of bromine. These
authors estimated D(I—I) at 31.6 kcal./mole and D(Br—Br) at 41.2 keal./mole.
Both values seem to be too low by a few kilocalories per mole.

E. Wrede (223) suggested the following modification of the effusion method:
Two compartments are divided by a wall perforated by one or several orifices.
Owing to some dissociation process, there is a mixture of undissociated and
dissociated species in one compartment, while there is a full recombination in the
second compartment. In consequence, there is a stationary difference in pres-
sures on both sides of the orifice which measures the degree of dissociation.
This method is not suitable for the estimation of the degree of thermal dissocia-
tion, since by keeping both compartments at different temperatures additional
difference of pressures is introduced which decreases the sensitivity of the method.

H. The hot wire method

The characteristic feature of the hot wire method is the mode by which the
heat is supplied to the molecules which eventually dissociate. In the experi-
mental arrangement the molecules of the gas investigated strike the surface of a
hot wire, heated to the required temperature, and in consequence of these im-
pacts they may dissociate into some fragments. The actual process of dissocia-
tion is investigated either by measuring the amount of heat carried away from
the wire (the conductometric method), or by determining the rate of the disso-
ciation process (the thermal equilibrium method).

The conductometric method was developed by the pioneer work of I. Langmuir
(97), who made the observation that a layer of stationary gas seems to surround
a hot wire, and that the heat carried away from the wire through this layer is
transferred by a pure conduction process and not by a convection process. The
amount of heat removed by conduction is determined as the difference between
the amounts of heat lost by the wire when surrounded by the gas investigated
and when heated in the high vacuum, provided of course that the temperature
of the wire is the same in both cases. According to Langmuir the heat carried
away by the conduction process may be calculated by the following formula

W, = S(W - ¢1)

where W, denotes the rate of heat loss from a unit surface of the wire, S (called
by Langmuir the shape factor) is a coefficient which depends on the geometry
of the lamp and the nature of the gas, and ¢. and ¢, are functions of the tempera-
tures of the wire and the cooling agent, respectively. Further considerations of
this phenomenon led Langmuir to the following expressions for S, ¢, and ¢*

S = const. 27/In (b/a)
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b denoting the thickness of the stationary layer of gas which surrounds the wire
and a denoting the diameter of the wire, while the constant depends on the
units used in the computation.

Ty T
o= | k dT; o= | kEdT

where T: and T denote the temperatures of the wire and the cooling agent, re-
spectively, and k denotes the specific conductivity of the gas investigated.

Langmuir deduced also that b In (b/a) is a constant which depends on the na-
ture and pressure of the gas investigated but is independent of the diameter and
the temperature of the wire. All these theoretical deductions he confirmed by a
series of accurate measurements of the heat lost by wires maintained at various
temperatures and surrounded by a variety of gases under various pressures.

The above treatment requires, however, some modification if the gas investi-
gated dissociates on the surface of the wire. The theory of the heat conduction
in a dissociating gas was also developed by Langmuir and reported in a subse-
quent paper (98). The heat carried away from the wire (deducting the loss due
to radiation) was represented by:

W=Wc+WD

W, having the same meaning as before, while W, represents the amount of heat
carried away by the dissociating particles during the process of dissociation.
This heat is subsequently transferred to the cooling agent during the recombina-
tion process. For the sake of clarity we restrict this discussion to the dissociation
of hydrogen on a hot wire. The hydrogen atoms produced in the dissociation
process diffuse away from the immediate vicinity of the wire to the outside, the
rate of the diffusion being dependent on the gradient of concentration, de/dz.
Assuming that ¢ is given by the equilibrium concentration of hydrogen atoms
determined by the temperature corresponding to the appropriate point in the
stationary layer of the gas surrounding the hot wire, and taking into account
that each gram-atom of hydrogen disappearing from the gas phase produced
1Q keal. (@ being the heat of dissociation H, = 2H), Langmuir concluded that

WD = %QSCOD

¢o denoting the initial concentration of hydrogen atoms in the immediate vicin-
ity of the wire and D being the diffusion constant of hydrogen atoms in a me-
dium of hydrogen molecules. W is calculated from the total observable heat lost
(W) and the extrapolated value of W, using for the extrapolation the values ob-
tained for W = W, in the temperature region in which the dissociation is neglig-
ible.

If ¢ is equal to the equilibrium concentration of hydrogen atoms correspond-
ing to the temperature of the wire, then it is possible to calculate ¢ from the
temperature dependence of Wp. This type of calculation led Langmuir to the
conclusion that D(H—H) is about 130 keal./mole.

The method described here was criticized by Langmuir (99) himself, who em-
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phasized the doubtful nature of two assumptions involved in the deduction:
(a) the assumption that the gas in the vicinity of the wire attains the same
temperature as the wire and that ¢, is equal to the equilibrium concentration of
hydrogen atoms at this temperature; and (b) the assumption that the shape fac-
tor S remains the same over the whole temperature range, the latter assumption
being a particularly great source of error, since the calculated value of @ is
extremely sensitive to small changes in S (it affects both the calculated value of
Wp from W — W, and the value of dWp/dT'). Langmuir developed therefore an
alternative treatment (99), in which allowances were made for accommodation
coefficients different from 1 by introducing two constants o; and az, which denote
the fractions of hydrogen atoms and hydrogen molecules adsorbed on the wire.
Assumption (b) was also avoided by deriving a formula for the equilibrium con-
stant

x = _W/@P/D + 1/ar)’
F=W/Q®/D - 1/

and choosing the ‘“best” set of values for the constants K, D, a1, and ay, i.e., for
which the best agreement was obtained between the calculated and observed
values of W corresponding to various pressures P. This treatment yielded a value
of 84 keal./mole for @ (at constant volume) and 90 keal./mole (for constant
pressure).

The method can be simplified considerably if one determines directly the rate
of the dissociation process. This can be achieved if every atom produced by the
dissociation process is trapped and removed from the system. This was the case
in the experiments performed by G. Bryce (32). A tungsten wire was heated in
hydrogen maintained under a pressure sufficiently low to enable every hydrogen
atom emitted from the hot wire to be adsorbed on the surface of molybdenum
oxide. Thus the rate of dissociation was measured by the rate of decrease of
pressure due to the adsorption of hydrogen atoms.

The data obtained in this way may be utilized in two ways. One determines the
loss of heat from the wire and by extrapolation estimates the loss due to the un-
dissociated molecules (using for the extrapolation the data obtained at the
temperatures at which the dissociation is negligible). Thus the heat transferred
by the atoms is computable, and, their number being known, the dissociation
energy may be deduced. The calculation requires, however, a correction for the
kinetic energy of the atoms, which would only be calculable if the accommoda-
tion coeflicient is 1.

The second possibility is to assume that the accommodation coefficient is 1.
The numbers of molecules and atoms leaving the wire would then obey the
equilibrium condition. Since the total mass of particles leaving the wire must be
equal to the mass of hydrogen molecules striking the wire, and the latter is
given by the kinetic theory if we know the pressure and temperature of the gas
in the tube, then the estimation of the mass of hydrogen atoms produced leads
directly to the equilibrium constant for H, = 2H dissociation at the temperature
of the wire. P. M. Doty (47), using the experimental results of Bryce (32),
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demonstrated that the calculated equilibrium constant, on the assumption of
an accommodation coefficient equal to 1, agreed fairly well with the value derived
from spectroscopic data. He concluded, therefore, that in this case the accommo-
dation coefficient is indeed equal to 1. The equilibrium constant being known,
the heat of dissociation may be calculated by applying the equation of the van’t
Hoff isochore.

An interesting modification of the hot wire technique was introduced by P. P.
Sutton and J. E. Mayer (181). They developed a device which made it possible
to measure the current due to the flow of electrons and negative ions emitted
from the hot wire. Moreover, this device enabled them to estimate separately
the extent to which both species participated in the current measured. The
results obtained in this way were used by Mayer and his colleagues for the esti-
mation of the electron affinity of chlorine (105, 115), bromine (49), iodine (181),
and oxygen (112, 208). The method of computation was based on the assump-
tton that the accommodation coefficient of the molecules used in these experi-
ments was equal to 1, and the final results provided a fair a posterior: justifica-
tion for this assumption.

P. M. Doty (48) applied the above method to the determination of the C—Cl
bond dissociation energy in methyl chloride and carbon tetrachloride. If the
accommodation coefficient is 1, then the molecules of methyl chloride striking
the surface of the hot wire would attain thermal equilibrium. That is to say,
the number of methyl radicals, chlorine atoms, and undissociated molecules of
methyl chloride leaving & unit surface of the wire in every second would be equal
to the number of the respective species hitting this surface in a unit of time,
provided the wire is in an atmosphere of a hypothetical gas composed of CHj,
Cl, and CH;Cl in an equilibrium corresponding to the temperature of the wire.
We calculate the number of molecules hitting the unit surface, using the for-
mula provided by the kinetic theory of gases:

Zom, = __Pemy . Zoy = — Pa .
: (27I'Mcna kT,)l/2 ’ (27rMCl kT8)1/2 ’
Zomel = PCH'CI
! (27I'Mcnscl kTu)1/2

Taking Pcg, = Pq and knowing that the total mass of the species leaving the
wire must be equal to the mass of methyl chloride molecules actually striking the
wire (the latter is obtained from the pressure and temperature of methyl chloride
introduced to the apparatus), we calculate the equilibrium constant, K,

_ (Po)”
PCH:C]

K,

in terms of one unknown only, that is, Pc;. Now the chlorine atoms are in
equilibrium with the chloride ions and electrons and thus
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Pci- and P, denoting the partial pressures of the hypothetical chloride ions and
electron gases which are in thermal equilibrium with chlorine atoms. Since Pc1-
is much smaller than Pq, the second equilibrium does not affect the first one.
The ratio Pa-/P. is computed from the ratio of ¢q-/7., tc1- and 7. denoting the
currents due to the flow of chloride ions and electrons, respectively.

Por-/P, = (ic1-/3s)- (Mcr/M )"

Mc, and M, being the masses of the chlorine atom and the electron, respectively.
One concludes therefore that:

P01 = (’icr/ie)(Mcl/Ma)m'K;l

Since K, is given by the known partition functions of electrons, chlorine atoms,
and chloride ions, in conjunction with the known electron affinity of chlorine
atoms, the measurement of ¢c1-/7, determines Pcj, and by that K,. The deter-
mination of the heat of dissociation is then straightforward.

Again it must be emphasized that all the methods discussed above are based
on the assumption of accommodation coefficients equal to 1. Doty found, how-
ever, that the accommodation coefficients for both methy! chloride and carbon
tetrachloride were appreciably smaller than 1. In spite of that he obtained a good
straight line by plotting the logarithm of the quasi-equilibrium constant against
1/T, and he concluded therefore that the “‘apparent” heat of reaction, given by
the slope of this line, was identical with the “true’” heat of reaction. His confi-
dence was increased by the fact that the “apparent’ heat of reaction estimated
by him at 74 keal./mole was well within the range of the ‘“bond energies” of the
C—Cl bond as quoted by Pauling at 66.5 kcal./mole (132) and by O. K. Rice
at 73 kecal./mole (149). These values, however, represent the “average bond
energy,” while Doty tried to estimate the bond dissociation energy. The latter
seems to be 80-81 keal./mole, as computed from the heats of formation of
methyl chloride and the methyl radical, respectively. It seems, therefore, that
the results obtained from the quasi-equilibrium constant should be regarded
with a good deal of suspicion.

I. The molecular beam method

If some molecule, say X,, dissociates into 2X, then one may estimate the
relative concentrations of X, and X in the equilibrium mixture by applying a
molecular beam technique (see R. G. J. Fraser (59)). The investigation may be
carried out either by separating atoms and molecules with the aid of a magnetic
field and counting both species separately, or by investigating the velocity dis-
tribution in the beam.

The separation of the atoms and molecules in a mixed beam can be effected
if the molecules are diamagnetic while the atoms have a magnetic moment.
Performing a Stern-Gerlach experiment (63) on a mixed atomic-molecular beam
one deflects the atoms right and left without influencing the molecules, which
are unaffected by the field.

The first observations of this kind were made on bismuth by A. Leu (101),
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who measured the temperature dependence of the line which corresponded to
Bi; molecules, and thus deduced that D(Bi—Bi) = 56 kecal./mole. This result
was very rough, and in addition R. G. J. Fraser pointed out (63) that Leu made
several mistakes in his interpretation of the experimental observations. Correc-
tions introduced by Fraser reduced the value of D(Bi—Bi) to 26 =+ 12 keal./
mole.

The technique was developed further by L. C. Lewis (103), who examined the
dissociation energies of Lis, Nas, and K,. His results are given in table 5. This
work was repeated by W. Meissner and H. Scheffers (110), whose results checked
those obtained by Lewis within 5 per cent.

The velocity distribution method applies the slotted-disc velocity sectors
devised by B. Lammert (96), which make it possible to estimate the relative
amount of molecules (or atoms) moving with some definite velocity. If the beam
is composed of one species only, the plot of the fraction of the species moving
with velocity ¢ against ¢ produces one maximum only which corresponds to the
most probable velocity. If, however, two species are present in the beam, e.g.,

TABLE 5
Dissociation energies of alkali metal molecules determined by molecular beam method
SUBSTANCE Do
keal./mole
7 P 22.7
N o e e 16.5
Koo e 15.0

atoms and diatomic molecules, then the distribution curve shows two maxima.
Analysis of such a curve might lead to the information required for the calcula-
tion of the bond dissociation energy.

This method was utilized by I. F. Zartman (226) for the investigation of the
dissociation process Bi; = 2Bi. He concluded that under his experimental
conditions, at 851°C., the beam was composed of 40 per cent bismuth atoms and
60 per cent bismuth molecules (Bi,).

Similar work was carried out by Cheng Chuan Ko (91). This author esti-
mated the equilibrium constant for the dissociation process Bi, = 2Bi by meas-
uring the distribution curve over the temperature range 827-947°C. The total
pressure was estimated by an independent measurement of the rate of effusion.
The accuracy claimed by this author was 1 per cent, but the estimated D(Bi—
Bi) at about 77 keal./mole cast doubt as to the reliability of the method.

J. The chemiluminescence method

A very elegant method for the estimation of the bond dissociation energy of
the diatomic alkali metal molecules was developed by M. Polanyi (135). His
studies of reactions between highly diluted halogens and alkali metals revealed
the phenomenon of chemiluminescence which was explained by the occurrence
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of the reaction Cl 4+ Na, — NaCl 4+ Na*, where Na* denotes an excited sodium
atom which emits the observed radiation. The intensity of the chemilumines-
cence is dependent on the concentration of Na, molecules, and the latter de-
creases, of course, with increasing temperature. According to this mechanism
the intensity of chemiluminescence should decrease with the overheating of the
reaction zone, and the experiment confirmed fully this conclusion. The tempera-
ture dependence of the intensity of the chemiluminescence made it possible to
estimate D(Na—Na) and the measurements by M. Polanyi and G. Schay (136)
allowed them to calculate D(Na—Na) at 18 = 2 keal./mole.

This type of experiment carried out in Polanyi’s laboratories by H. Ootuka
made it possible to estimate D(Na—Na) at 19 =+ 1 keal./mole (127) and D(K—
K) at 12.5 kecal./mole (128). These values compare favorably with the “best”
values recommended by A. G. Gaydon (60): namely, D(Na—Na) = 17.8 keal./
mole and D(K—K) = 11.8 keal./mole.

K. The explosion method

The heat liberated in the explosion of a hydrogen-oxygen mixture is used for
heating a known amount of gas. Since the amount of heat liberated is known,
it is possible to calculate the maximum temperature of the mixture providing
the required specific heats of the components are known. The maximum tem-
perature may be estimated from the maximum pressure developed in the com-
bustion bomb. This is the principle of the method developed by Bunsen and by
Nernst for direct measurements of the specific heats at constant volume (see,
for example, A. Eucken (53)).

The estimation of the specific heat by spectroscopic methods makes it possible
to compare the calculated and observable maximum temperatures. It was
found that the observable temperature was frequently too low and it was as-
sumed that the discrepancy was due to the dissociation process: e.g., 2H,0 =
H, 4+ 20H. It was feasible, therefore, to calculate the dissociation energy from
the data obtained by the explosion method. This type of determination was
carried out by K. Wohl and G. von Elbe (221) and K. Wohl and M. Magat
(222); the best results were obtained by B. Lewis and G. von Elbe (102), who
estimated D(HO—H) at 114 & 1 kcal./mole.

The method is not very reliable, and has been ecriticized in an article pub-
lished by A. Eucken in Handbuch der experimentalen Physik (53).

IV. THE KINETIC METHOD OF ESTIMATING THE BOND DISSOCIATION
ENERGY

A. Principles

In order to estimate the bond dissociation energy by a kinetic method, one
must determine the activation energy corresponding to the unimolecular decom-
position of the molecule into the two fragments, R’ and R”, produced by the
rupture of the bond in question. It is very probable that the recombination of
the fragments formed in the dissociation process does not require any activation
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energy,'* and therefore it is plausible to assume that the activation energy of the
dissociation process is equal to the heat of dissociation, i.e., to the bond disso-
ciation energy." It is found that the values of bond dissociation energies obtained
by the kinetic method and based on the assumption of zero activation energy
for the recombination process are self-consistent and in substantial agreement
with results obtained from other direct determinations or from thermochemical
data (see, for example, page 138). This provides a valuable justification of the
assumption of zeroactivation energy for the recombination process, and strength-
ens our confidence in the reliability of the kinetic method. Nevertheless, it should
be stressed that, if the activation of the recombination process has a finite
value, then the value of the bond dissociation energy obtained by the kinetic
method will be too high. In such a case it will represent only the upper limit of
the “true” dissociation energy.

The required activation energy can be computed in the usual way from the
temperature coefficient of the unimolecular dissociation rate constant, and in
Section IV,D it is shown that this ‘“‘experimental activation energy” is identical
for all practical purposes with the bond dissociation energy. Although no abso-
lute values of the rate constants are required for the computation of the tem-
perature coefficient, it is nevertheless essential to obtain a very high degree of
accuracy in estimating relative rate constants. The following example illustrates
this point. The rate constants of a unimolecular dissociation were estimated at
two temperatures, T; and Ts, for which 1/7y — 1/T, = 107*, This corresponds
to a reasonable temperature range of about 50° if the experiments are conducted
in the vicinity of 500°K., and to a range of about 100° for experiments carried
out in the region of 1000°K. Let us assume that both rate constants, estimated
at T, and T,, respectively, are uncertain by about 20 per cent each; then the
maximum experimental error of the computed activation energy is:

E =2 X 23 X In (1.2/0.8)/(10~* X 1000) keal./mole = 8.1 kcal./mole

To improve the accuracy of the computed activation energy it is necessary
either to extend the temperature range or to increase the accuracy of the es-
timated rate constants. The extension of the temperature range is limited by
technical difficulties. The reaction at high or low temperatures may be unsuit-
able for experimentation, being either too rapid or too slow. Alternatively, the
mean value of the rate constant can be made more reliable by frequent repetition
of individual runs, but this leads to an improvement of the results only when
the experimental errors are of the haphazard type. On the other hand, if the
determination of the rate constant involves & systematic error, which is itself
temperature dependent, then the deviation of the temperature coefficient, and
consequently of the “activation energy,” is of & permanent nature and cannot be
eliminated by mere repetition of runs. Such a situation is created if, for example,

10 This problem was discussed previously in Section I,G.

11 The relationship between the experimental activation energy of the unimolecular
dissociation process and the bond dissociation energy is discussed in detail in Section
IV.D.
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the main reaction, which is the subject of investigation, is accompanied by some
side reaction the relative extent of which continuously increases or decreases with
the temperature. The reader will find examples of such reactions in the follow-
ing sections.

It is essential, therefore, to find experimental conditions under which all side
reactions are suppressed as far as possible. Only under these circumstances can
one expect to be able to determine accurately the ‘“true” activation energy of

the process from the temperature coefficient of the rate constant.
L ]

B. Estimation of the bond dissociation energy if the frequency factor of the uni-
molecular dissociation rate constant is knoun

In the preceding section we have discussed the difficulties encountered in the
computation of the activation energy from the temperature coefficient. For-
tunately these values of the activation energy can sometimes be checked by
calculating the frequency factor of the unimolecular rate constant.

The absolute rate of the truly unimolecular reaction may be expressed by:

ko= y.e—E/RT

where », the so-called frequency factor, should have a value of the order of 10%
sec.™! This result was deduced for the first time by M. Polanyi and E. Wigner
(137), and the subsequent development of the theory of the absolute rate con-
stants of unimolecular reactions has provided further arguments in favor of such
an order of magnitude for » (65).

In Section IV,D the theory of the absolute rate constant of a unimolecular
dissociation process is discussed further, together with experimental evidence
favoring the theoretical deductions. At this point we assume that the frequency
factor of a unimolecular dissociation is known, and consider the consequences of
such an assumption for the problem of determining bond dissociation energies
by kinetic methods.

Suppose that the frequency factor of some unimolecular dissociation is known
to be 1 X 10% sec.” This information might be utilized in two ways:

(a) If the temperature coefficient of the rate constant of the unimolecular
dissociation has been determined, then we are able to calculate the ex-
perimental activation energy and from this the experimental frequency
factor. If the latter entity comes out at about 1 X 10" sec.™, then we
have a further argument supporting the conclusion that the estimated
“experimental activation energy” is the ‘‘true activation energy,”
i.e., is equal to the bond dissociation energy.

(b) If the temperature coefficient of the unimolecular rate constant has not
been estimated, or if it cannot be estimated owing to some technical
difficulties, then we are able to calculate the “true activation energy”
from the absolute value of the rate constant determined at one tem-
perature only.

Let us illustrate the latter procedure by a numerical example. The unimolec-
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ular rate constant k has been estimated at 107* sec.” at a temperature of 800°K.
From the equation:

k=1X10° x ¢
we derive
E = 2313 — log k)-RT/1000 keal./mole
ie.,
E ='2.3(13 + 2)2.800/1000 keal./mole
= 55 keal./mole.

The examination of the expression E = 2.3(13 — log k)RT/1000 reveals that
E is not very sensitive to experimental errors involved in the estimation of k;
e.g., an error in the latter as high as 100 per cent produces an error of only 1.1
keal./mole in the E computed above. Furthermore, it is apparent that by using
data obtained for a very slow reaction, which is carried out at the lowest pos-
sible temperature, one can reduce still further the absolute error in E computed
by the above method.

It is, of course, very important to use the correct value of » in such calcula-
tions. It is possible, however, to obtain a reasonably good result for E even though
the chosen value of » is wrong by, say, a factor of 5. Thus an error in » by a fac-
tor of 5 produces in the above numerical example an error in E which amounts
to 2.6 keal./mole.

It is instructive to compare the magnitudes of the above errors in E with those
which are involved in E calculated from the temperature coefficient of the uni-
molecular rate constant. In the numerical example discussed in the preceding
section errors of 20 per cent in the estimated rate constants produce an error of
8.1 keal./mole in the activation energy calculated. Therefore, if the experimental
and/or theoretical evidence makes it probable that the rate of some process is
approximately governed by the unimolecular dissociation, then the activation
energy corresponding to this unimolecular decomposition can be estimated
fairly accurately by the application of the expression:

E = (13 — log k)2.3RT/1000 kcal./mole'

particularly if the data used in this computation correspond to a very slow reac-
tion investigated at a comparatively low temperature. On the other hand, the
activation energy computed from the temperature coefficient of the rate con-
stant of such a reaction (which involves side reactions or consecutive reactions
in addition to the main unimolecular decomposition) may be very different from
the former activation energy, which would then be considered as the more re-

12 The value of 13 was chosen on both theoretical and experimental grounds. The experi-
mental evidence is listed in Section IV,D, and it seems to indicate that for a variety of
unimolecular dissociations (caused by rupture of one bond only) the ‘‘true’’ values of
v do not vary by more than a factor of 5 from 10% sec.™?
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liable. This point, fully appreciated by E. T. Butler and M. Polanyi (35), is dis-
cussed on page 123.

C. Estimation of the differences in bond dissociation energies in series of similar
molecules

In Section IV,B it was shown that a fairly reliable estimate of the bond disso-
ciation energy might be attained by a computation based on the assumed value
of 10" sec.™ for the frequency factor of the unimolecular decomposition. The
absence of more exact knowledge of this frequency factor, however, is the cause
of an error in these computed bond dissociation energies, and consequently this
method fails in the detection of small variations of bond dissociation energies.

The problem could be considerably simplified by confining ourselves to the
study of the variations of the dissociation energy of some particular bond, say
C—X, in a series of molecules of the type RX, where R is a member of some spe-
cified class of kindred radicals. There is strong evidence that for such a series
of molecules RX, the frequency factors of the unimolecular decompositions
RX — R + X are identical. If this is the case then the difference D(R'—X) -
DR”"—X), R’ and R” belonging to the same class of radicals, may be accurately
estimated from the ratio of the relevant unimolecular rate constants measured
at the same temperature. Thus one obtains the following expression:

DR'—X) ~ DR"—X) = 23RT In (ky/k1)

k1 and %, denoting the respective unimolecular rate constants, both measured at
temperature T'.

Examination of the above expression reveals that this method of estimating
variations in D(R—X) requires neither a knowledge of the frequency factor,
nor the absolute value of the rate constants. One need only determine, as care-
fully as possible, the relative rate constants and ascertain that they are actually
proportional to the rate constants of the primary dissociation process. If the lat-
ter condition is fulfilled, then one is able to detect even small differences in the
relevant dissociation energies. (See, however, page 128 for an example of the
misuse of this method.)

We must now examine evidence supporting the assumption of the constancy
of the frequency factors in the series of unimolecular dissociations under dis-
cussion. There is evidence that in any series of reactions in which one varies the
components without influencing the reaction centers (e.g., by substitution) the
frequency factor (i.e., the temperature-independent factor) remains constant
for the whole series.

Thus, C. K. Ingold and W. S. Nathan (85) estimated the activation energies
for the hydrolysis of various substituted benzoic esters. The plot of the estimated
activation energies versus log k (k being the rate constant of hydrolysis) gives a
straight line, proving that the frequency factors remain constant throughout the
whole series. These authors also drew attention to the results obtained by E. G.
Williams and C. N. Hinshelwood (219) for the kinetics of benzoylation of various
substituted anilines. A similar plot of E versus log k obtained by the latter authors
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gave a straight line which was parallel to that obtained by Ingold and Nathan.
The idea of the constant frequency factors in a series of kindred reactions was
developed further by L. P. Hammett (70), who devised a system of ¢ and p fac-
tors; p represents an entropy change constant for the same type of reaction, and
o represents the change in activation energy characteristic for each member of
the series.

M. Szwarc (183, 186) estimated directly the frequency factors of a series of
unimolecular dissociations of the type C:HiCH; — CsH:CH.+ + H, and found
that, within experimental errors, they are identical for toluene, m-xylene, p-
xylene, and o-xylene. The tabulated frequency factors of the xylenes are halved,
since the presence of two methy! groups doubles the rate of the decomposition
as a purely statistical effect. The same values for the frequency factors were
obtained by M. Szwarc and A. Shaw (200) for the unimolecular dissociations
of methylated naphthalenes. These results are given in table 6.

TABLE 6
Dissoctation of methylated benzenes and naphthalenes

THE FREQUENCY FACTOR FOR THE UNI.
COMPOUND MOLECULAR DISSoCIATION RH — R + H,
CALCULATED PER METHYL GROUP

Toluene........ .. . . . 2 X 10¥ gec.!
m-Xylene. ... ..o 2 X 101 gec.m1
p-Xylene. ... . . 2.5 X 1013 gee.™?
o-Xylene..... ... e 2.5 X 1018 gec.™?
a-Methylnaphthalene................................. ... 1.5 X 1013 gec.™!
B-Methylnaphthalene.................................... 1.5 X 102 gec.™!?

The direct estimation of the frequency factor is subject to some experimental
error, e.g., the values quoted in table 6 are uncertain within a factor of 2-3.
There is, however, a more accurate way of demonstrating the constancy of the
frequency factors. It would seem that there is no relationship whatever between
the frequency factor of a reaction and its activation energy. The theoretical
treatment of this problem indicates that the causes of variations in activation
energies and in frequency factors are to be traced to quite different sources.
It is therefore extremely improbable that in a series of similar decompositions
the variations in activation energy would be just balanced by the variation in
frequency factor, thus leaving unchanged the rate constant of the reaction.
For example, it was observed that the rate constants of the decomposition of
toluene, m-xylene'® (186), the p-, m-, and o-fluorotoluenes (196), and ~-picoline
(151) were all equal within 25 per cent. It was demonstrated that all these reac-
tions are of the same type:

RH—-R+4+ H

There is no reason to expect changes in the C—H bond dissociation energies
in any of these compounds (see reference 196), and the equality of all these rate
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constants is, in the writer’s opinion, the strongest argument in favor of the as-
sumption of the constancy of the frequency factors in a series of similar decom-
positions. The same conclusion follows from the results of M. Szwarc and A.
Shaw (200), who found identical rate constants for the unimolecular decom-
positions of e-methylnaphthalene, 3-methylnaphthalene, and 1,6-dimethylnaph-
thalene.”

We conclude, therefore, that there is full justification for computing the dif-
ferences in bond dissociation energies caused by various substitutions in a given
molecule, by comparing the relative rate constants of the respective unimolecular
dissociation processes.

D. Theoretical treatment of unimolecular dissociation

In the theoretical treatment of unimolecular reactions we have to distinguish
between two aspects of this phenomenon: activation and decomposition.

By activation we understand the process of energy transfer from the mole-
cules of the system to some particular molecule which thus becomes “activated.”
This process is the result of a successful series of collisions in which the molecule
eventually activated participates, and it is, therefore, essentially a bimolecular
process obeying second-order kinetics. Hence the rate of activation, irrespective
of the mechanism, is proportional to the partial pressure of the compound which
yields the activated species and to the total pressure in the system.* The propor-
tionality coefficient depends on the nature of the molecules composing the sys-
tem, different molecules having different specific power of accepting or trans-
ferring energy.

By decomposition we understand the process of spontaneous dissociation of
the “‘activated” molecule into products. The probability of this dissociation is
characteristic of the ‘“‘activated” molecule, being independent of the total
pressure. It follows, therefore, that the rate of decomposition is proportional
to the concentration of ‘“‘activated” molecules.

A discussion of the mechanism and rate of the energy-transfer process is be-
yond the scope of this paper. We assume that in all cases discussed further the
rate of activation is much higher than the rate of decomposition and that most
of the “activated” molecules are deactivated by subsequent collisions with
surrounding molecules. This assumption, which is the basis of Lindemann’s
theory, leads to the conclusion that the concentration of ““activated” molecules
is given approximately by the equilibrium distribution of the energy of the sys-
tem amongst all the molecules of which it is composed. Provided that the pres-
sure in the system is high enough,” the energy-transfer process will be sufficiently

13 The rates of decomposition of m-xylene and of 1,6-dimethylnaphthalene are halved,
and thus they represent the ‘‘rate of decomposition per one methyl group.’”

14 If the system contains only one type of molecule, the rate of activation is proportional
to the square of the pressure.

15 Tt seems that, for sufficiently complex molecules, the energy-transfer process is rapid
even at pressures as low as a few millimeters of mercury. However, for small molecules
containing three or four atoms, the pressure required seems to be much higher.
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rapid to maintain the appropriate stationary concentration of “activated”
molecules.

In order to calculate the rate of a unimolecular decomposition we apply the
transition-state method. There is, however, some difficulty in defining the tran-
sition-state complex (sometimes called “activated complex”), and in this respect
two different types of unimolecular decompositions should be distinguished:

1. Decompositions leading to the formation of two products, recombination
of which involves an activation energy, e.g.:

C;H;:Br — C;H, 4+ HBr

2. Decompositions leading to the formation of two fragments, recombina-
tion of which requires no activation energy. This case is particularly
important for us, as it covers the dissociation of the molecule into two

radicals.
TRANSITION
STATE FINAL
STATE
>-
% FINAL >
z STATE g
INITIAL Y1 INTIAL
STATE G| sTATE
REACTION COORDINATE REACTION COORDINATE
F16. 1 Fig. 2

In the dissociation processes of the first type we do not encounter any diffi-
culties in the definition of the transition-state complex. On plotting the energy
of the system as a function of the reaction path coérdinate, one obtains the curve
shown in figure 1. The hump of this curve represents the transition state which
is, therefore, completely defined by the coérdinates of this point. Figure 2, on the
other hand, illustrates a decomposition of the second type, and because it does
not show a hump a similar interpretation of the transition-state complex is
impossible. In order to avoid the difficulties arising from the absence of a de-
scription of the transition-state complex, we adopt for the latter case a slightly
modified treatment of the transition-state method, as described below.

Let us consider all the energy levels corresponding to various modes of motion
of some particular bond in some particular molecule. These energy levels can be
classified into two groups: (A) Energy levels which correspond to the proper
vibration of the bond, i.e., for which the energy is smaller than the bond disso-
ciation energy D' (see figure 3). (B) Energy levels which correspond to the
translational mode of motion, i.e., for which the energy is greater than the bond
dissociation energy D.” These two classes of energy levels are denoted in figure 3

16 The value of D used here is the dissociation energy per molecule.

17 The energy levels corresponding to the translational mode of motion could be discrete
only if the motion is limited in space, i.e., if the bond is enclosed in a ‘““box.”” The length
of this ‘“‘box’’ is chosen arbitrarily as ds.
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by A and B, respectively. It is obvious, of course, that the bond in question can
be ruptured only if it is in a state which corresponds to any energy level belong-
ing to class B.

Let us now assume that there is no interaction between energy levels which
correspond to various degrees of freedom of the molecule. For such cases, the
total partition function of the molecule can be represented as:

ftotal = I:LIfz

where f: denotes the partition function corresponding to the ¢** degree of freedom
of the molecule. We can represent fita1 in a slightly different way:

ft,otal = f’ 'fk

where f/ = ='f; represents the product of the fi’s for all ¢-values with the ex-
ception of 7 = k, and f; represents the partition function corresponding to the
vibrational degree of freedom of the bond in question.

Fic. 3

The partition function f; may be represented by:
fk - Z e—e,‘/kT + e_D/kT'ftransl = Z e—e,‘/kT

the summation being taken over all vibrational energy levels, the ;* of them
corresponding to the energy ¢;, taking ¢, = 0; D is the dissociation energy of the
bond in question, i.e., the difference between the vibrational zero energy level
and the convergence limit of the vibrational levels; and firnq denotes the par-
tition function of the translational levels belonging to Class B and measured
from the energy level of the convergence limit taken as a zero.

If we confine our attention to the molecules for which the center of gravity
of the bond in question is restricted to some segment ds along the direction of the
bond,'* then the partition function firane may be represented, with a fair degree
of accuracy, as a translational partition function of “a particle in a box”, i.e.:

feasma= QrupkT)"?- nds

12 We assume the origin of the codrdinates to be fixed at one end of the bond in question.
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The fraction of the molecules which can decompose by the rupture of the bond
in question (i.e., which contain the requisite amount of energy in the bond to
be broken) and for which the center of gravity of this bond is confined to the
segment ds is given by:

Number of molecules which can decompose
Total number of molecules -
_ @f) T @uuk ) H T ds
(T’fi) ¢ (Ze_é’./kT + e_D/kT'ftransl)
T Qmuk ) B ds
- Z e—e,‘/kT
This expression can be further simplified if we assume that the energy levels
¢; correspond to a harmonic oscillator so that

Z T = ] + gholkT + g BroIkT + ¢Sk T 4+ .

— (1 — e—hVO/kT -1

where », denotes the fundamental vibration of the bond in question. We arrive,
therefore, at the expression:

Number of molecules which may decompose _
Total number of molecules

= (27I',LL]CT)1/2- (1 _ e—h;q;/kT) L e_D/kT'dS

We can now assume that half of the molecules which can decompose (and for
which the center of gravity is confined to the segment ds) are moving in the
direction of decomposition with an average thermal velocity (2kT/xu)"’%. The
rate of decomposition is given, therefore, by the number of these molecules for
which the center of gravity will pass the segment ds in a unit of time, i.e.:

%(zﬂ'ﬂk T)1/2 R (1 _ e—hvg/kT) R h—l R e—D/kT 'dS
kT /mwp)~12.ds

— % —
Aol 7).¢ D/kT

k = rate constant of decomposition = (kT/h)(1 — ¢

Rate constant of decomposition =

We have to distinguish between two extreme cases:

A, by L ET
B. b > kT
Assumption A: hvy K kT
In case A
(1 — ™) = huy/kT
and the expression for the rate constant is reduced to 3

o —D/k
k = rate constant of decomposition = vy-¢ 2™**
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This case, which was discussed by M. G. Evans and G. S. Rushbrooke (55),
gives the correct results for either a very high temperature or very “soft” bonds.

It is necessary to analyze further the implications of the formula derived
above for the rate constant of a unimolecular dissociation. We notice, first of all,
that the nonexponential term is a constant which is truly temperature indepen-
dent, and therefore

where N = Avogadro’s number. As the left-hand side is the Arrhenius activation
energy (sometimes called ‘‘experimental activation energy’’), we have shown
that if assumption A is valid then the experimental activation energy of a uni-
molecular dissociation process in which one bond is ruptured is exactly equal to
the dissociation energy of this bond. This provides a justification for the kinetic
method of determining the bond dissociation energy.

Before we continue this discussion there are some apparent contradictions to
be elucidated. It is known that for any reversible reaction

A=B+C

the heat of reaction is given by the difference between the activation energies
of the forward and back reactions:

AE = E1 - Eglg

We assume that the recombination of radicals does not involve an activation
energy, and we might conclude, therefore, that the activation energy of the dis-
sociation process is equal to the heat of reaction:

AE =B (B, =0)

The heat of reaction at temperature T is of course different from the heat of
reaction at 0°K., and thus we arrive at the conclusion:

AE = AE' =D
ie.,
E, # D

which seems to contradict the previous statement.

In order to clarify this point we must note that E; and E; in the expression
AE = E, — E, have the meaning of ‘“‘experimental activation energies,” i.e.,
each of these activations can be represented by an expression of the type
RT?.-d In k/dT. It was shown previously that for unimolecular dissociations:

RT*d In ky/dT = Ey = D = AE’
In order to find RT?-d In ky/dT we write:

k i —_ag0
Keq _ _ ffma.l ¢ AEO/RT

ks finitial

19 The heat of reaction is measured here at constant volume.
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K.q = the equilibrium constant for A = B 4+ C; fine1 a0d finitia1 are the par-
tition functions of products B and C, and of reagent A, respectively. Hence:

nitial AR¢ _
kg — fmma .e+ E /RT'Vo'e D/RT
ffina.l

and because AE® = D, we obtain:

2. dlnky _ 2 d(n finiwa) _ 52 A0 fona)
RT T - RT —dT RT —a7

The left-hand side of this expression gives E,, while the right-hand side gives
AE® — AE. We see, therefore, that although there is no potential energy barrier

TABLE 7
Frequency factors for various unimolecular dissociation processes in which one bond is ruptured
PROCESS E I
keal,/mole sec.~1

CH:CH; - CcH;CH + H..................oooii i 77.5 3 X 0.7 X 1012
m~CH306H4CH3 g m~CH303H4CH2 + H................... 77.5 6 X 0.7 X 1012
p-CH;CH.CH; — p-CH;CH.CH, -+ Ho.................... 76 6 X 0.8 X 1012
0~CH306H4CH3—>O~CH305H4CH2+ H 75 6 X 0.8 X 1012
CﬁHﬁCHzBI‘ b CﬁHscHz + BI‘ ............................. 50.5 1 X 1013
06H50H20H3 i CﬁHaCHg + CH3 .......................... 63 1 X 1018
CsHsCHzNHz g CﬁHsCHz + NH2 .......................... 59 6 X 1012
C¢H;CH,COCH; » CiH;,CH; + COCH:................... 63 8 X 101
N2H4 g 2NH2 .............................................. 60 4 X 1012
CH;COCOCH; — 2CH;CO. ... ... iiiiiiiiiiiiiiininenanes 60 6 X 1013
(CH;);COOC(CH;); = 2(CH3)sCO. ..o 34 2 X 1018
CHCHCH;Br - CH=CHCH; 4+ Br.................... 47.5 5 X 102
(CeH5)sCC(CeHs)s = 2(CeH)sCiv i 11 5 X 1012
(CeHCO)OO(COCH;) — 2CHsCOO. ....ovvvovvee e 27-33 1012-101¢
(CH;CO)OO(COCH;) - 2CH,CO0..........cove e 31 8 X 1014
CoH:00C:H; — 2CoH 0. .o ie i i 31 5 X 10+

for the recombination, there is an ‘‘experimental activation energy” which just
accounts for the difference between D and AE. At 0°K. we get, of course:

AE0=E1—0=D

The expression derived here for the rate constant of unimolecular dissociation
demands that the frequency factor should be nearly equal to the fundamental
vibration frequency of the bond in question. It is possible, therefore, to check
the theory by comparing frequency factors determined experimentally with the
corresponding vibrational frequencies. Table 7 lists the frequency factors ob-
tained for various unimolecular dissociation processes in which one bond is rup-
tured. One observes that their orders of magnitude are 10'*-10" sec.™ On the
other hand, the corresponding fundamental vibrational frequencies are of the
order of 10**-10" sec.™; hence the agreement appears to be reasonable. It seems,
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on the whole, that the frequency factors are lower by about a factor of 10 than
the fundamental frequencies; this may indicate that in the activated complex
that part of the molecule which is not involved in the decomposition is less
flexible than it is in ‘“normal” molecules.

Assumption B: hvy 3> kT
In case B
(1 _ e——hro/kT) =1
and the expression for the rate constant is reduced to

" kT _
k = rate constant of decomposition = -hI gD
The “experimental”’ activation energy measured by RT* d In k/dT is given now

by
Ewp = RT + D

We conclude, therefore, that at the temperature of about 1000°K. the “experi-
mental’ activation energy gives results which are too high by about 2 keal./mole,
The “experimental” frequency factor obtained from the expression k& = yp-
exp(— Eexp/RT) should be greater than kT/h = 10" by about a factor of 3. It
seems again that the theory predicts slightly higher values for vex, than are
actually observed.

We arrive thus at the conclusion that the “experimental” activation energies
vield values which are within D + 2 > Eqp, > D. If hvo/kT is of the order of 1,
the E, approximates closer to D than in case B. The same effect is caused by
the anharmonicity of vibration; it makes kT/h-f, less dependent on tempera-
ture and decreases the difference between Exp and D.

Finally we have to consider the influence of the term f*/fi. (excluding the
partition function linked with the bond to be broken). If the transition state is
“softer” than the initial state, then the frequency factor contains an additional
term increasing with temperature in the denominator. That helps to make the
frequency factor temperature independent and approximates Eex, to D. On the
other hand, the contrary is true if the transition state is ‘“harder’’ than the
initial state.

It seems adequate to summarize this discussion with the statement:

The experimental activation energy defined by the expression RT? d In
kE/dT gives a fair approximation to the bond dissociation energy, par-
ticularly if the experimental frequency factor is close to 10" sec.™

E. Expertmental problems in the determination of the rate of initial decomposition

Let us consider now the conditions which enable one to measure the rate of
the primary unimolecular dissociation RR’ — R 4 R’. The experimentation
is limited, of course, to the type of decomposition in which the weakest bond of
the molecule is ruptured, and it is desirable, therefore, that this bond should be
considerably weaker than any other bond in the molecule.
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The primary dissociation process is followed by the subsequent reactions of
the radicals formed, and consequently the investigator is confronted with the
possibility of numerous complications which may obscure the kinetics of the
decomposition and make their interpretation ambiguous. A straightforward
approach would be one based on a direct measurement of the rate of formation
of the radicals produced initially. This, however, cannot be achieved by simply
estimating the concentration of radicals present in the system. As soon as the
radicals are produced by decomposition, they begin to react either with each
other or with other surrounding molecules. The measured concentration of
radicals, therefore, corresponds to their stationary concentration and since this
is not proportional to the time of reaction it cannot measure the rate of the dis-
sociation process.

It seems probable that in a flow system in which the reactants pass very rapidly
through the furnace, i.e., when the time of contact is extremely short, the rad-
icals produced will have no chance of recombining or reacting in any way. If,
in a case like this, one were to count them on their leaving the reaction vessel
one would be able to measure the rate of dissociation (per cent of decomposed
molecules divided by time of contact). This idea was developed by F. O. Rice and
his collaborators and is discussed more fully in Section IV,F (page 118).

An interesting case is encountered when nearly all the radicals produced are
removed by their mutual recombination. Such a system approximates closely
to the equilibrium state R'R” = R’ 4 R”. Hence, when a minute quantity of
these radicals is removed by some ¢rreversible process which produces molecules
X, then the rate of formation of X depends on the equilibrium concentration of
the radicals. The overall activation energy, corresponding to the process of X
formation, involves, therefore, the activation energy of the reaction R — X
(whatever its mechanism may be) and the heat of dissociation of R’-R”. If the
former is known, or can be independently estimated, then the heat of dissocia-
tion of R’-R” can be computed from the overall activation energy of X forma-
tion. This is the basis of a combined equilibrium and kinetic method, illustrated
by the example given on page 127.

The estimation of the rate of initial dissociation is accomplished most satis-
factorily in a system in which the radicals are removed as soon as they are
formed, without regenerating the original molecules. In such a system we avoid
any complications caused by the back reaction and the rate of formation of the
final product from the primary radicals measures the rate of initial dissociation.
However, since all reactions between radicals and molecules must produce
radicals, there is a danger of starting a chain reaction. It is possible, in prin-
ciple, to obtain the required information even by investigating a chain reaction,
since the determination of both the length of the chain and the overall rate of
chain reaction would enable us to compute the rate of initiation. In practice,
however, the kinetics of chain reactions is very ambiguous and, in the writer’s
opinion, these reactions are not to be recommended for the estimation of the
rate of initial dissociation.”

20 See, for example, page 132.
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There are two cases in which the chain reaction might be prevented:

(1) When the radicals are removed rapidly by a recombination which does not
produce the original molecules. Such a process generally requires two stages:
e.g., the initial decomposition of mercury dimethyl takes place according to
the equation

Hg(CH;); —» HgCH;- + CH;e
and it is followed by rapid decomposition of HgCHj-.
HgCH,;- — Hg + CH;-

Thus, the recombination of HgCH;+ and CH;* radicals into the original mole-
cules of mercury dimethy! is prevented. Now suppose that the recombination
of methyl radicals into ethane molecules is the most effective reaction by which
methyl radicals are removed from the system. In this case, the overall process is
represented by the equation:

Hg(CHs)z b d Hg + CgHs

and will be governed, kinetically, by the unimolecular rate-determining disso-
ciation:™

Hg(CHs)g b HgCH;;' + CH3°

(2) When radicals initially formed are rapidly removed by some reactions.
These eventually produce stable radicals which neither decompose into simpler
fragments nor react with molecules present in the system. This is illustrated by
two examples:

Ezxample 1:

Decomposition of benzyl bromide produces reactive bromine atoms and
relatively inert benzyl radicals:

CsH5CH2BI‘ had CsHsCHz' + Br

If this reaction is carried out in an excess of toluene, then reactive bromine atoms
are removed rapidly by the interaction with CeHCHj:

Br + CsHaCHs — HBr + CsHaCHg'

producing inert benzyl radicals. The benzyl radicals may be continuously re-
moved from the reaction vessel and they dimerize eventually in the outlet tube.
The rate of the initial dissociation can be measured, therefore, by the rate of
formation of either hydrogen bromide or bibenzyl.”

21 A detailed discussion of this decomposition, investigated by E. Warhurst and G. B.
Gowenlock, is reported on page 151.
22 Decompositions of this type are discussed on page 136.
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Ezxample 2:

Primary decomposition of methyl nitrite takes place according to the equa-
tion:

CH;ONO — CH;0* 4+ NO

The reactive CH;zO: radical interacts with a molecule of undecomposed nitrite
and produces the unstable radical - CH,ONO:

CH;O- 4 CH;ONO — CH;0OH + -CH,ONO

Finally, the unstable «CH,ONO radical decomposes and a stable NO radical
is produced:

-CH,ONO — CH,0 + NO

According to this mechanism the rate of initial decomposition may be meas-
ured by the rate of formation of nitric oxide.”

F. The determination of bond dissociation energy by the mirror technique

It was first demonstrated by F. Paneth and his collaborators (129, 130) that
free methyl and ethyl radicals may exist in the gas phase. They have shown that
these radicals reacted easily with metallic mirrors deposited on the walls of the
tube, and the reciprocal of the time of removal of a “standard” mirror was
taken as a measure of their ‘“‘activities”, i.e., an entity proportional to their
concentration.

The mirror technique was further developed and improved by F. O. Rice and
his colleagues (146, 147), who succeeded in demonstrating the presence of free
methyl radicals amongst the products of decomposition of various organic com-
pounds. Having proved that under their experimental conditions most com-
pounds appeared to decompose homogeneously and according to a unimolecular
law and that these decompositions involved a primary splitting of the molecule
into two radicals, they deduced that the activation energies of these decom-
positions should measure the dissociation energies of the relevant bonds. It was
further assumed that for small fractional decompositions the concentration of
radicals at the end of the furnace is proportional to the rate of dissociation of an
organic compound. This assumption may be sound if the recombination of rad-
icals is negligible, as would be the case for low pressures and extremely short
times of contact.

In the actual experimental set-up the vapor of an organic compound was
passed rapidly through a silica tube, which was heated by means of an electric
furnace to a temperature at which slight decomposition took place. The pressure
was kept low (0.2-2 mm. of mercury) and the time of contact was very short,
being of the order of 0.001 sec. Standard mirrors of antimony were placed at
varying distances from the end of the furnace and the times of their removal were
determined for each position. The time of removal of a mirror at the end of the

2 Decompositions of organic nitrites are discussed on page 141.
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furnace was computed by extrapolation.? By this method the relative concen-
trations of radicals at the end of the furnace were determined for various tem-
peratures of the decomposition and these data were used for the computation
of the required activation energy (145).

F. O. Rice and W. R. Johnston (145) have discussed various objections which
could be urged against this method of determining the activation energy. They
argued, firstly, that the radicals originally formed undoubtedly decompose
further and that, therefore, the activation energy of this process would be
measured simultaneously; secondly, that the free radicals reacting with the
surrounding molecules might start a chain reaction; and, thirdly, that, since
the organic vapor passes through the furnace in about 0.001 sec., it is doubtful
whether it reaches the temperature registered by the thermocouple.

With regard to the first of these objections, Rice and Johnston argued that
the decomposition of the larger radicals into olefin molecules and methyl radicals
has an activation energy of 40-60 kcal./mole lower than that of the initial
dissociation of the parent compound. This is in their opinion due to the forma-
tion of a double bond, which takes place simultaneously with the dissociation
process of the complex radical. The rate of formation of methyl radicals should,
therefore, be equal to the rate of formation of the primary complex radicals and
the activation energy measured should correspond to that of the primary dis-
sociation process.

The second objection Rice and Johnston consider to be nonessential. Even
if a chain process ensued, it would have no effect on the experimental measure-
ments, since a reaction between a radical and molecule must of necessity lead
to the formation of another radical. The chain termination seems to be negligible,
because of the extremely short time of contact and low pressure.

Finally, the last objection was refuted by showing that changing of the diame-
ter and length of the reaction vessel, as well as the rate of flow, had no appreciable
effect on the final results. Similarly, no effect was observed when a preheater
was fitted to the reaction vessel immediately in front of the main furnace.
Moreover, the theoretical treatment of these problems by Herzfeld (80) seems
to confirm fully the conclusion drawn from the experimental evidence above.

However, the following objection was not considered by Rice: The time of
removal of a mirror at the end of the furnace was computed by extrapolation,
the necessary data being provided by determining the times of the removal of
mirrors placed at various distances from the furnace along the cold tube. The
decay of radicals in the cold tube was quite different from the decay in the hot
zone immediately following the end of the furnace. It is doubtful, therefore, if
the extrapolated time of removal was correct. Moreover, the variation of the
temperature of the furnace was changing both the temperature distribution
and the length of the hot zone. This effect might systematically alter the error
involved in the extrapolation yielding the time of the removal of the mirror at
the end of the furnace. Any variation of the error with the temperature causes,

24 A direct determination of this time would have been prevented by the sublimation of
the mirror, were it deposited on the hot tube in the vicinity of the furnace,
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of course, an appreciable error in the estimation of the temperature coefficient
of the activity, i.e., in the activation energy determined. We doubt whether
this objection could be refuted merely by the fact that variation of rate of
flow did not produce a greater change in activation energy than =+ 3 keal./mole,
which Rice considered as the experimental error of his determinations.”

The difficulties of the extrapolation discussed above were strongly emphasized
by J. S. A. Forsyth (57). This worker has shown that nitric oxide apparently
did not inhibit the reaction of methyl radicals at distances shorter than 4 cm.
from the end of the furnace. He concluded that the gas leaving the furnace is
still hot enough to decompose and to generate further quantities of radicals

TABLE 8
Bond dissociation energies estimated by mirror technique
COMPOUND FURNACE TEMPERATURE E
°K. kcal./mole
CHs—CHs. ... e 1179, 1233 79.5
CH;0CO—O0CH; (?) ...t 1043, 1080, 1152, 1188 74.2
CHiCH:z—CHs. ... oo e 1010, 1080, 1152 71.5
N-CiHio. .o 1010, 1080, 1152 65.4
N-CsHua. oo 996, 1033, 1052, 1080 64.0
N-CoHue. oo 1010, 1080 63.2
CH:CO—CHi.....oooio i 1010, 1080, 1134 70.9
CH:CO—H (). ..o 1116, 1152, 1179 69.4
CH:—CHOH.......... ... i 1134, 1152, 1223 68.6
CHi0—CH; . ..o e 1080, 1152, 1188 81.1
CoHsOCoHos. . ..o 1010, 1080, 1152 68.6
C{z——CHz ........................................ 1052, 1088, 1134, 1188 44.0
0
(CH3)sN—CHa. ... 953, 1010, 1080 50.8
CH:NH—CH;. .........o. 1080, 1116, 1152, 1188 52.0

even at some distance from the furnace. He suggested that the “effective” end
of the furnace should be taken as 4 em. from its actual end.

To illustrate the application of the mirror technique we reproduce here table
8, taken from the paper by Rice and Johnston. These workers also showed their
results by giving the plots of log of “activity” (i.e., time of removal of a mirror
at the end of a furnace) against 1/7, which gave excellent straight lines over a
range of 150°C.

Consideration of table 8 leads to the following conclusions: In the first place,
all the activation energies quoted seem to be definitely smaller than the relevant
bond dissociation energies, taking for the latter values which are now considered
to be the best. In the writer’s opinion, this general trend may be attributed to
errors in the extrapolated time of removal of the mirror at the end of the fur-

26 In Steacie’s opinion, the experimental error in determining activation energies by
the mirror technique may be as high as & 10 keal./mole.
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nace. The hot zone following the reaction vessel is longer and hotter the higher
the furnace temperature. Therefore the concentration of radicals in the region
of mirror deposition corresponds to a smaller fraction of their initial concentra-
tion® the higher the temperature of the furnace. Consequently, the apparent
activation energy is lower than the “true” activation energy.

The gradation of results presented in table 8 seems to be reasonable. We
notice a decrease in activation energies in the series CoHg, C;Hs, n-CsHio, n-CsHis,
and n-C;His although the recorded differences seem greater than would be
expected, e.g., the difference between D(CH;—CH;) and D(C.H~-CHs) is
probably considerably smaller than the 8 kecal./mole reported. The results
obtained for n-CsHo, n-CsHie, and n-C;H;s leave us unable to decide which was
the bond initially broken. Similarly, it is impossible to say whether the decom-
position of dimethyl carbonate takes place at CH;OCO—OCH; or at CH;0CO0—
CH;, and whether, in the decomposition of acetaldehyde, the C—C or the C—H
bond is primarily broken. It is interesting to note that the results obtained for
dimethyl] ether indicate that the dissociation energy of a C—O bond is greater
than the dissociation energy of a C—C bond, a conclusion which is in accord
with our present views. The difference in activation energies obtained for di-
methyl ether and diethyl ether seems to indicate that, in the latter case, a
C—C bond is broken and not a C—O bond. Finally, one notes that the activa-
tion energies obtained for amines are exceptionally low. The writer believes
that D[(CH,;):N—CH;] and D(CH,NH—CH;) are much higher, probably of
the order of 70-75 keal./mole.

The mirror technique was used by Rice and his colleagues in several other
cases. F. O. Rice and M. D. Dooley (143) used this technique for determining
D(CH;—H). They proved that under their experimental conditions CH, de-
composes into CH; 4+ H, and estimated the activation energy at 100 & 6 kcal./
mole; this result is in excellent agreement with the value of 101 keal./mole for
D(CH;—H) at present accepted as the most reliable. The same authors rein-
vestigated the thermal decomposition of ethane, demonstrated the formation
of methyl radicals, and estimated the activation energy at 79.5 + 3 keal./mole
(144).

The decomposition of ethyl nitrite was investigated by the mirror technique
by F. O. Rice and E. L. Rodowskas (148). The activation energy of the process:

CszONO b CzHaO + NO

was estimated by them at 35 & 3 keal./mole (see also page 143).

We conclude that the mirror technique is an extremely sensitive tool for the
detection of radicals. We do not think, however, that it can be accurate enough
for the estimation of bond dissociation energies. The method is based on a
calculation of the thermal coefficient of the rate constant and, as shown in
Section IV,A, such a calculation is susceptible to errors resulting from the
occurrence of various side reactions. The mirror technique fails to eliminate the

26 By “‘initial concentration of the radicals’ is meant the concentration of radicals at
the end of the furnace.
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occurrence of possible side reactions and the time lag between the end of the
reaction (products leave the furnace) and the actual measurements (products
arrive at the mirror) is a source of appreciable errors which, in the writer’s
opinion, tend to decrease the observed activation energy. Perhaps the time lag
could be eliminated by using the mass-spectroscopic technique described by
G. C. Eltenton (52). The radicals produced in the reaction vessel leak through
a small orifice directly into the ionizing chamber, where their presence can be
detected in the usual way, since the ionization potential required for formation
of the relevant ion from the radical is much lower than that required for forma-
tion of the same ion from the molecule.

G. The determination of the C—I bond dissociation energy in organic todides

The C—I bond dissociation energy of various organic iodides was estimated
by E. T. Butler and M. Polanyi (35) and by E. T. Butler, E. Mandel, and M.
Polanyi (33), who investigated the rate of pyrolysis of a series of organic iodides
by a flow technique. They measured the fraction of iodide decomposed by the
amounts of free iodne formed in the reaction. In their opinion the use of a flow
technique was advantageous, since the accumulation of the products resulting
from an axtended period of flow made it possible (a) to work with a very small
partial pressure of organic substance and (b) to limit the total decomposition to
a very small percentage. Thus, by maintaining low concentrations of the initial
and final products, the chances of secondary reactions were considerably re-
duced. These were further suppressed by the brief duration of the reaction,
which was over in a second or less as the gases passed through the reaction vessel.

Since the C—I bond is the weakest bond in organic iodides, it is obvious that
the first step in the pyrolysis of these compounds involves the rupture of this
bond in preference to any other:

RI>R+1I (a)

The formation of free iodine must be attributed to this reaction.”
Neither the radicals R nor the iodine atoms can be the final products of the
decomposition. The appearance of I, suggests the reaction:

I4+I—-1 (c)

and this can take place either in the gas phase, by three-body collisions, or on
the walls of the reaction vessel. Whether reaction ¢ occurs in the reaction vessel
itself, or in the tubes leading to the trap in which iodine is condensed has been
left open. Radicals R must also be removed from the system by some secondary
reactions which can be represented by the general equation:

R — product

27 The experiments of Butler and Polanyi demonstrated that pyrolysis of many iodides
produced hydrogen iodide in addition to free iodine. They explained the formation of
hydrogen iodide by assuming an alternative unimolecular decomposition of the type:

C.HsI — C.H, + HI (b)
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If reaction c¢ is the only one which consumes iodine atoms, i.e., if the back
reactions e and f

R+ I—RI (e)
R+L—oRI+1I ()

can be neglected, and if the radicals R are removed from the system without
initiating any chain decomposition of RI, then the rate of formation of iodine
molecules measures the rate of the initial decomposition (equation a).

Butler and Polanyi tried to obtain further evidence for the occurrence and
extent of back reactions e and f in the following ways:

(a¢) In some experiments mercury vapor, or nitric oxide, was admitted to
the system. It is known that mercury vapor reacts readily with iodine atoms or
iodine molecules (123) removing them from the system, while nitric oxide is
well known for its readiness to combine with radicals (167); therefore, it was
reasonable to assume that either of these substances must suppress the back
reactions e and f. Actually, they found that admission of mercury vapor to
ethyl iodide had no effect on the rate of decomposition, while admission of
nitric oxide doubled the rate of decomposition, thus indicating only 50 per cent
of back reaction.

(b) If the back reaction were only a minor disturbing factor, and if the initial
decomposition were the actual rate-determining step, then the activation energies
derived from the temperature coefficient of the rate constant would agree closely
with the activation energy derived on the assumption of the frequency factor
being 10" sec.™ (see Section IV,B for details of the computation). On the other
hand, if the back reactions were very fast, then the latter computation would
yield a much higher value of the apparent activation energy. In fact, Butler and
Polanyi found that for the decomposition of n-propyl iodide and n-butyl iodide
the activation energies calculated from the temperature coefficients were 52
keal./mole and 53 keal./mole, respectively, whereas the activation energies
computed on the basis of an assumed frequency factor at 10" sec.™ came out at
50 kecal./mole and 49 keal./mole, respectively.

On the basis of these two arguments Butler and Polanyi concluded that the
rate of formation of iodine molecules approximates closely to the rate of initial
decomposition of RI. They were aware, of course, of the fact that the main
reaction was accompanied by various complicating reactions which made this
approximation rather crude.” Therefore they did not consider the activation
energies calculated from the temperature coefficient of the rate constant to be
reliable. They were convinced, however, that no great error was introduced by
calculating the activation energy of the primary process by the method in
which the frequency factor was assumed at 10" sec.™, particularly if the data
used for these computations were taken from experiments performed at the
lowest temperatures and with the shortest times of contact (¢f. Section IV,B).

28 The fact that the calculated unimolecular rate ‘‘constant’’ varied with changes in
the time of contact, pressure, etc. demonstrated clearly that the decomposition is not a
simple unimolecular reaction.
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In consequence, the activation energies were computed in this way and identified
with the relevant C—I bond dissociation energies. The results are given in
table 9, taken from the original papers of Polanyi et al. The third column of
table 9 gives the C—I bond dissociation energies which in the writer’s opinion
are more reliable, being computed on the basis of more recent evidence. Com-
parison of the results listed in columns 2 and 3 demonstrates that in many
instances the original values of Butler and Polanyi are sound.

We shall now examine more closely the assumptions made by Butler and
Polanyi. Intrinsically there is no reason to assume that the combination of iodine

TABLE 9
C—1 bond dissociation energies

D(C-I)

R
R D 5&; {,)o ggg_n MOST RELIABLE VALUES AT PRESENT
K;igc;ﬂg{:es References
keal./mole

CHs—I... ... .. . (54) 54-55 (36, 206)

CHs—I....... . 52 51-53 (182)

n-CsH—L ..o 50

ISO~03H7—I .............................. 46

’n~C¢H9——I ................................ 49

tert-CHo—X.......... ... . ........ ... 45

(CHe=CHCH)—I....................... 39 ~34 (61, 163)

(CH=CH)—I........................... 55

CH:CH—I............................. 44 ~37 (61, 182)

CeHe—I ... 54

CH:CO—I.........ooiiiiiiiian . (51) ~41-46 (37, 195)

CH:CO—I.............................. 44

CH;COCH:—I........................... 45

Cyclo~CsHu——I ........................... 49

CH:CH,CH—1I.......................... 50

CHCl—I... ... i 42

CHBro—1I................................ 41

CH:CICH.—1I............................ 46

atoms to iodine molecules is more likely than the recombination of iodine atoms
with R radicals. The mutual combination of iodine atoms must take place
by a three-body collision if it occurs in the gas phase. On the other hand, if the
dissociation process RI — R + I is truly unimolecular (as was assumed by
Butler and Polanyi), then the recombination R + I — RI has to be a truly
bimolecular process (under the experimental conditions which prevailed in
the dissociation process). It follows, therefore, that R + I — RI is more likely
tooccur than I 4+ I 4+ M — I, + M. The chances of recombination are further
increased by the reaction:

R+L—->RI+4+1I 49)

It is known that iodine molecules react readily with radicals, and since the con-
centration of I, increases during the actual dissociation process, reaction f
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should be favored by a greater extent of decomposition. For example, a longer
time of contact or a higher temperature of pyrolysis should increase back reac-
tion f, and an examination of the data reported by Butler and Polanyi reveals
indeed a decrease of the unimolecular rate ‘“‘constant” with increasing time of
contact. Besides, in some instances the apparent activation energy, calculated
from the temperature coefficient of the rate constant, is too low, thus indicating
a more efficient back reaction at higher temperature.

These arguments convince us that the back reaction cannot be prevented,
at least efficiently enough, by the combination of iodine atoms to iodine mole-
cules. However, Butler and Polanyi accumulated considerable evidence which
pointed to the fact that in the pyrolyses of ethyl, propyl, and n-butyl iodides
the back reaction was negligible. We conclude, therefore, that in the pyrolyses of
these compounds the back reaction is prevented by a rapid removal of organic
radicals R from the system.

There are two types of reactions which may remove radicals R from the system:

@ R+ R—RRor
R + R — RH + olefin
(I1) R+ RI—-RH + R

where R’ represents a radical of the type - CH,CH,I. The efficiency of reactions
of type I cannot be greater than the efficiency of the back reactions R 4+ I —
RI or R 4+ I, —» RI + I. On the other hand, the efficiency of the reaction of
type II might be greater, owing to a much higher concentration of RI as com-
pared with the concentration of R.

There is additional evidence in favor of the assumed reaction:

R+ RI—-RH+ R’

The photochemical investigations by W. West and E. Ginsburg (214) and by
W. West and L. Schlessinger (215) clearly demonstrated that at room tempera-
ture the back reaction, i.e., the re-formation of RI, was very efficient (the presence
of a silver foil in the reaction vessel increased the rate of photolysis by a factor
of 10 to 30). This means then that the reaction which removes the radicals has
an activation energy, thus being efficient at high temperatures of pyrolysis and
of little importance at low temperatures of photolysis. It is unlikely that the
dimerization or disproportionation of radicals requires any appreciable activa-
tion energy (both being highly exothermic reactions), but it is plausible to
attribute an activation energy to the reaction R 4+ RI — RH 4+ R’

The mechanism of pyrolysis of organic iodides, therefore, takes the following
shape:

RI—-R 41

R 4+ RI - RH + R’
R’ — olefin 4 I
I4+T-1,
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The third reaction of this scheme is extremely plausible, as the C—I bond dis-
sociation energy in the radical R’ (e.g., CH,CHS,I) is considerably lower than
D(R—I). An examination of the above scheme shows that it would lead to
first-order kinetics, the unimolecular dissociation of RI being the rate-determin-
ing step. Two iodine atoms would be formed for every molecule of RI primarily
decomposed.

It is the belief of the writer that the pyrolysis of ethyl, n-propyl, and n-butyl
iodides approximates to this scheme. The unimolecular rate constants for n-propyl
iodide and n-butyl iodide reported in table 1 of Butler and Polanyi’s paper did
not vary appreciably with changes of partial pressure of iodide and with different
times of contact. The experimental frequency factors came close to the the-
oretically required value of 10" sec.” Similar conclusions might be drawn from
the results of the pyrolysis of ethyl iodide, reinvestigated in Polanyi’s laboratory
by G. B. Gowenlock (68) and by M. Szwarc (182). The experimental activation
energy calculated from the temperature coefficient of the rate constant was
estimated at 54 keal./mole by Szwarc and 55-56 kecal./mole by Gowenlock.
The activation energy computed on the basis of frequency factors, assumed at
10" sec.™!, was 51-52 keal./mole. This value agrees well with the D(C,Hs—I)
estimated thermochemically at 51 keal./mole. Nevertheless, closer analysis of
the kinetics of these pyrolyses shows that various other processes participate
to some extent in the overall decomposition and, notw thstanding all this ex-
tensive work, it has been impossible to elucidate finally the details of these reac-
tions.

The kinetics of the pyrolysis of other iodides was much more complicated
than those observed for ethyl, n-propyl, and n-buty! iodides. To illustrate the
various complicating factors we shall discuss the pyrolyses of methyl iodide,
benzyl iodide, and allyl iodide.

Reinvestigation of the pyrolysis of methyl iodide (182) demonstrated that
the formation of iodine molecules was accompanied by the formation of methane.
The rate of decomposition was much lower than expected, and it obeyed kinetics
of an order higher than 1. It seems that the back reaction was much more
efficient in this decomposition, indicating a higher activation energy for the
reaction:

CHs' + CH;;I b CH4 + ‘CHzI
than for the reaction:
C.H;+ + C:HsI — C,He¢ + CH,CH.I

The formation of the radical +CH,I is a further complicating factor. While a
-CH,CH,I radical decomposes easily into an iodine atom and an ethylene mole-
cule, the + CH.I radical decomposes probably more slowly and then forms another
radical, i.e., CH,. It seems also that some steps of the decomposition of methy!l
iodide involve a heterogeneous wall reaction.

Reinvestigation of the pyrolysis of benzyl iodide (182) led to the postulation
of the following mechanism:
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CeH;CH,l 2 CHCH,- 4 1 Keq
I+I=1 Ky,
206H50H2° b d CsHaCHzCHngHs kz

The benzyl radicals appeared very unreactive. They were not removed by the
reaction R + RI — RH + R’, and therefore the system approached an equilib-
rium state for R, I, and I,. Consequently, the dimerization of benzyl radicals
was the rate-determining step. For low temperatures and very small percentages
of decomposition it was found that the unimolecular rate constant was inversely
proportional to the square root of the time of contact. Denoting by X the amount
of I, formed and by C the initial concentration of benzyl iodide (which we can
regard as constant for very low percentages of decomposition) we derive the
following expression:

I = Ky  X)V? (L] = X)
[CoHiCHy'] = Keq*C/[I] = Keq:C/K1,: X)V?

1 dX _ g2 _ ke Keq  C°
5 g = BICHCHy* = . X

and on integration we obtain:

1X? = (ke Kiy/Ky,) = C¥

2 1
t2C2 = const, Z
where
onst 4k, K2q
C = T
ns K.,

As the left-hand side is the square of the unimolecular rate constant we have
derived the above empirical relationship: the unimolecular rate constant is
inversely proportional to the square root of the time of contact.

The scheme discussed above represents only the first approximation of the
actual decomposition of benzy! iodide. The participation of other complicating
factors prevented the determination of the C—I- bond dissociation energy in
this compound.

The pyrolysis of allyl iodide was reinvestigated in a static system (163). It
would appear that the following scheme represents the best first approxima-
tion to the actual reaction:

CH,—=CHCH,I = CH;=CHCH;- 4 I
I+I=0L
CH,=CHCH;* + CHy~=CHCH.I — biallyl 4- I

The kinetic evidence favors the last reaction rather than the dimerization of
allyl radicals. It was not possible, however, to obtain conclusive results which
would enable one to calculate the exact value of D[(CH=—CHCH,)—I].
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Comparing the kinetics of the pyrolysis of benzy! iodide with that of allyl
iodide we find that the rate of decomposition of ally! iodide was higher than the
rate of decomposition of benzyl iodide. From this one might draw the conclusion
that D[(CH—=CHCH,)—I] is smaller than D(C¢HsCH,—1I). This conclusion is,
however, by no means certain. The postulated rate-determining steps are quite
different for each case,

2C¢H;CH,+ — bibenzyl (a1)
CHy~CHCH,* + CHy=CHCH,I — biallyl + I (a)

and a closer inspection shows that the latter reaction should be faster than the
former (if reaction a, does not involve any appreciable activation energy). In
this connection we ought to emphasize that, when comparing rates of decompo-
sition, one is entitled to draw conclusions as to the meaning of differences in
bond dissociation energies only when the initial unimolecular dissociation is
the rate-determining reaction.

We conclude this section with the following remarks:

(@) The pyrolysis of iodides is complicated by the occurrence of back reactions.
The inertness of iodine in attacking organic molecules was considered a simplify-
ing factor which, in practice, turned out to be the source of various difficulties.

() The gradation in the bond dissociation energies can be assessed if the
initial dissociation process is the rate-determining step, which is not always the
case.

(¢) The amount of iodine produced mught be decreased by the addition of I,
to the double bond in olefins. Such a reaction might occur in the gas phase, or
more likely on the glass surface.

(d) In some cases the decomposition of RI into HI and olefin might be the
main process in the pyrolysis of RI. Calculation of the rate of unimolecular split
into a radical and an iodine atom is then particularly doubtful. (See, for ex-
ample, the results of the pyrolysis of tert-butyl iodide (35).)

(¢) The amount of I, produced might be increased by the occurrence of the
reaction RI + HI — RH 4 I, (122). This reaction becomes particularly im-
portant when the rate of formation of HI (RI — olefin + HI) is very high, for
example, in the pyrolysis of fert-butyl iodide.

H. Determination of the C—H bond dissociation energy tn toluene and related
compounds

It has been shown (183, 186) that the weakest bond in the toluene molecule is
the C—H bond of the methyl group. In consequence one would expect the first
step in the pyrolysis of this compound to be dissociation into hydrogen atoms
and benzyl radicals:

CH:CH; — CsH;CH,: + H (1)

On account of their high reactivity the hydrogen atoms are rapidly removed by
interaction with other molecules present in the system. If the extent of pyrolysis
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is limited to a very low fraction of decomposition, then hydrogen atoms formed
by reaction 1 will be surrounded mainly by the molecules of undecomposed
toluene and will be, therefore, most likely to interact with these.

The experiments revealed that a hydrogen atom will react with a toluene
molecule in two ways:

CeH:CH; + H — CsH:CH,- + H, 2)
CsH:CH; + H — C¢H; + CH;- 3)

The first reaction produces a hydrogen molecule, while the second produces a
methyl radical. The latter is surrounded by molecules of undecomposed toluene
and reacts, therefore, rapidly with these, forming a methane molecule and another
benzyl radical:

C¢H:CH; + CH;- — CsHCH,- + CH, (4)

If the pyrolysis of toluene is carried out in a flow system, where the gases pass
rapidly through the reaction vessel, then the benzyl radicals are quickly re-
moved from the hot zone and eventually dimerize:

2CsH;CH,* — bibenzyl (5)

In order to eliminate other possible secondary reactions, it is essential to prevent
the decomposition of bibenzyl, and therefore it is imperative to work with
short times of contact and high rates of flow. Furthermore, it is advantageous to
work with low pressure, high temperature, and low fraction of decomposition,
since all these factors prevent the dimerization of benzy! radicals in the hot zone.
On the other hand, numerous investigations have proved that benzyl radicals
are very stable and unreactive: they neither decompose nor initiate any chain
reactions (see, e.g., the pyrolysis of benzyl iodide (182), of toluene (186), of
ethylbenzene (189), of benzylamine (190, 192), and of benzyl bromide (194)).

We conclude from this outline that if the pyrolysis of toluene takes place
according to the above mechanism, then each mole of hydrogen or methane
produced corresponds to 1 mole of toluene primarily decomposed and should be
accompanied by the formation of 1 mole of bibenzyl. Moreover, the kinetics of
decomposition, measured by the rate of evolution of gaseous products
(H; + CH,), should reveal all the features of a truly unimolecular reaction.

Investigation of the pyrolysis of toluene by M. Szwarc (183, 186) fully con-
firmed these conclusions. The pyrolysis was investigated by a flow method in the
temperature range 680-850°C. and under a pressure of 2-15 mm. of mercury.
The experimental technique developed for these investigations made it possible
to follow the reaction down to as little as 0.01 per cent of decomposition. The
only gaseous products observed were hydrogen and methane in a constant pro-
portion (1.5:1). In addition to gaseous products bibenzyl was isolated in quan-
tities corresponding approximately to 1 mole of bibenzyl per mole of gas formed
(H, + CH,).

The rate of reaction was calculated on the assumption that 1 mole of gas pro-
duced corresponds to 1 mole of toluene primarily decomposed. It was found that
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the decomposition was a homogeneous gas reaction of the first order, the fre-
quency factor determined experimentally being 2 X 10® sec.”! and the activa-
tion energy 77.5 4 1.3 keal./mole. In view of all these facts, it seems that the
author was fully justified in concluding that the estimated activation energy
represents the dissociation energy of the C—H bond in toluene, i.e.:

D(CHCHy—H) = 77.5 % 1.3 kecal./mole

Further confirmation for the applicability of this method of estimating C—H
bond dissociation energies is based on results obtained in the pyrolysis of com-
pounds related to toluene. The compounds listed below were pyrolyzed and the
experiments seem to indicate that they decomposed according to the mechanism
suggested for toluene.

COMPOUNDS REFERENCE

1...| p-, m-, and o-xylenes M. Szwarc (186)

2...| p-, m-, and o-fluorotoluenes M. Szwarc and J. 8. Roberts (190)

3...| a-, §-, and vy-picolines (methylpyridines) J. 8. Roberts and M. Szwarc (151)

4...| a- and B-methylnaphthalenes and dimethyl-] M. Szwarc and A. Shaw (200)
naphthalenes

Let us summarize the experimental results of these pyrolyses. The gaseous
products were invariably hydrogen and methane, the Hy/CH, ratio being similar
to that observed in the decomposition of toluene. The nonvolatile products of
pyrolysis were isolated and identified as the relevant homologs of bibenzyl or
substituted bibenzyls. Thus: 0,0’-dimethylbibenzy! and m,m’-d methylbibenzyl
were isolated from the products of pyrolysis of o-xylene and m-xylene, respec-
tively; the 2,2’-, 3,3’-, and 4,4’-difluoro-bibenzyls were isolated, identified, and
described as products of pyrolysis of the respective fluorotoluenes (197); «,c-
dinaphthylethane and B,8-dinaphthylethane were isolated and identified as
products of pyrolysis of a-methylnaphthalene and g-methylnaphthalene, re-
spectively; and the relevant dimethyldinaphthylethane was isolated and
described as the product of pyrolysis of 2,6-dimethylnaphthalene (201).

The pyrolysis of p-xylene produced a polymer (185) and not the expected
p,p’-dimethylbibenzyl. Nevertheless it was possible to show that the essential
features of this pyrolysis remained the same as that of the toluene pyrolysis.

The polymeric substance resulted from polymerization of CH =CHS,,

which was in turn produced by disproportionation of the primary fragments of
the decomposition of p-xylene, i.e., the p-CH;CsH,CH,+ radicals. The formation

of molecules of the CH CH_, type and their corresponding polymers

seems to be characteristic of the pyrolysis of aromatic compounds having two
methy! groups in para positions. In fact, the relevant quinonoid compounds and
their polymers were observed in the pyrolysis of 1,4-dimethylnaphthalene,
2-chloro- or 2-fluoro-p-xylene, 2,5-dimethylpyrazine, 5,8-dimethylquinoline,
and 2,5-lutidine (193).
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Technical difficulties prevented the identification of nonvolatile products
formed in the pyrolysis of picolines. It was demonstrated, however, that the
crystalline product obtained in the pyrolysis of picoline had the molecular
weight of the expected dimer.

The kinetics of pyrolysis of the xylenes and of the «- and S-methylnaphtha-
lenes was thoroughly investigated. It was shown that all these decompositions
were homogeneous gas reactions of the first order, the frequency factors and
activation energies being given in table 10. From these data it is obvious that
frequency factors, calculated per methyl group, are, within the experimental error,
the same for all the compounds listed.

Our confidence in this assumed mechanism and the conclusions following from
it is strengthened by the above facts, which suggest that the pattern of decompo-
sition postulated for toluene is valid not only for this single compound but for a
whole class of kindred compounds. Of particular importance is the inference

TABLE 10
Pyrolysis of methylbenzenes and methylnaphthalenes
COMPOUND ACT1IVATION ENERGY FREQUENCY FACTOR
kcal./mole sec.”!
Toluene . ...t i 77.3 £ 1.3 2 X 101
m-Xylene......oo. 771+ 1.9 2 X2 X101
p-Xylene. .. .. ... .. 76.2 + 1.5 2 X 2.5 X 1013
o-Xylene. . ... ... 74.8 1.1 2 X 2.5 X 1013
a-Methylnaphthalene. ............................ 73.5 1.5 X 1018
B-Methylnaphthalene............................. 73.5 1.5 X 1013

drawn that the observed activation energies represent true dissociation energies
of the C—H bonds in the respective compounds.

Table 11 shows computed values of the C—H bond dissociation energies.
This computation was performed by assuming the frequency factor to be a
constant for the series, and the actual value chosen was 2 X 1013 sec.~! Justifi-
cation for the use of this method of computation is discussed in Section IV,C
(see page 107).

Consideration of table 11 leads to the following conclusions:

1. The substitution of an additional methyl group in the meta position in
toluene seems to have no effect on the C—H bond dissociation energy.
On the other hand, if this substitution takes place in the para or ortho
position the C—H bond dissociation energy is weakened by 2.5 keal./mole
and 3.5 kcal./mole, respectively. This weakening effect is ascribed to
hyperconjugation.

2. Substitution by a fluorine atom seems to have no effect on the C—H
bond dissociation energy.

3. It seems that a change of a pyridine ring for a benzene nucleus influences
the C—H bond dissociation energy, the gradation being v > 8 > a for
the three picolines.
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4. A change of a naphthalene ring for a benzene ring decreases the C—H

bond dissociation energy by 2.5 keal./mole. It seems that the position of

the methyl group (« or 8) does not influence the C—H bond dissociation
energy.

Lastly, we shall review the pyrolytic behavior of some compounds which were

expected to decompose like toluene but actually behaved differently. The com-

pounds in question are propene, 2-methylpropene (‘‘isobutene”), cyclopen-

TABLE 11
Computed values of the C—H bond dissociation energies
{ D(C~H) v
COMPOUND FORMULA (T‘fg;ggiﬁﬂ
0.5 XCAL./MOLE)
Toluene.................. C¢H;CH,—H 77.5 &+ 0.14
m-Xylene................. m-CH,;C¢H,CH,—H 77.2 &£ 0.18
p-Xylene................. p-CH;CsH,CH—H 74.8 & 0.20
0~Xylene ................. O~CH306H4CH2——H 74.0 + 0.55
p-Fluorotoluene . ......... p-FCH.CH.—H 77.5-78.0
m-Fluorotoluene.......... m-FC:H,CH-—H 77.5-78.0
o-Fluorotoluene . . ........ 0-FCH,CH,—H 77.5-78.0
a-Picoline................ C:NH,CH.—H 75.5
g-Picoline. ............... CsNH,CH.—H 76.5
y-Picoline................ C:NH,CH,—H 77.5
a-Methylnaphthalene. .. .. CoH,CH,—H 75.0
B-Methylnaphthalene. . . .. CyH,CH,—H 75.0
1,6-Dimethylnaphthalene. CH,—H CH; 75.0
or
H;C H—H2C
2,6-Dimethylnaphthalene. CH,—H 75.0
H;C
2,3-Dimethylnaphthalene. CH,—H 75.0
CH,

tadiene, and ammonia. A consideration of their pyrolysis illustrates the limita-
tions of this method and shows up the various complicating factors which may
change completely the mechanism of the decomposition.

The pyrolysis of propene was investigated by M. Szwarc (187) by the experi-
mental technique applied previously to the pyrolysis of toluene. Hydrogen and
methane were found as products of decomposition. Assuming that the rate of
decomposition is measured by the rate of formation of Hy + CH,, it was shown
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that the pyrolysis of propene was a homogeneous gas reaction of the first order,
the first-order rate constant being given by 1 X 1013 exp(72,000/RT) sec.—! Other
products of decomposition were identified as allene and ethylene. The amount of
allene corresponded roughly to that of H, + CH, (in moles), while the quantity
of ethylene seemed to be equivalent to the amount of methane.

The following mechanism, which is analogous to that suggested for the pyroly-
sis of toluene, accounts well for the nature of the observed products, their
relative quantities, and the first order of the reaction.

CH,~CHCH; —» CH,=CHCH,- 4+ H 1)
CH.CHCH; 4+ H — CH~=CHCH,- + H, 2
CH,—CHCH; 4+ H — C,H, 4 CH;- 3"
CH,—CHCH; + CH;- —» CH,~CHCH,- 4 CH, 4")
2CH,—CHCH,: — CH,~CHCH; + CH~C=CH, (3"

Postulation of step 1’ seems reasonable, since the high resonance energy of the
allyl radical should decrease considerably the C—H bond dissociation energy in
propene, making the rupture of this bond more likely than the breaking of the
C—C bond. Step 5’ is different from the corresponding reaction 5 of the toluene
scheme. The postulated disproportionation of allyl radicals accounts for the
formation of allene, while step 5 would require the appearance of biallyl as the
product of reaction. Reaction 1/, being the rate-determining step, is responsible
for the first-order kinetics and for the frequency factor of 10! sec.—! which is
characteristic for a unimolecular process. The observed activation energy of 72
keal./mole should represent, according to the mechanism postulated, the dis-
sociation energy of the C—H bond in propene. The latter conclusion makes this
mechanism rather doubtful, as the suggested value for D[(CH=CHCH,)—H]
seems to be too low, particularly since it leads to the value of 30 keal./mole for
the C—C bond dissociation energy in biallyl, a value which is obviously in-
compatible with the thermal stability of this compound.

Closer comparison of the benzyl and allyl radicals reveals an important dif-
ference between them. Both radicals have high resonance energies which facilitate
their formation, but the thermal stability of the benzyl radical is mainly due to
the fact that it cannot be decomposed into a still more stable fragment. On the
other hand, such a decomposition is possible for the allyl radical, namely:

CH,—CHCH,; — CH~C=CH, + H (6)
Reaction 6 leads, of course, to the following chain mechanism:
CH,~—CHCH; —» CH~CHCH,: + H 1)
CH,=~=CHCH;* — CH~C=CH, 4+ H (6)
CH~=CHCH; 4+ H — CH,—~CHCH,- + H, 2
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or
CH,=CHCH; + H — C,H, + CH;- 39
CH~CHCH; 4 CH;+ —» CH~CHCH,- 4+ CH, 4"
CH~CHCH;* + H — CH,—CHCHj; (M

Step 7 represents the termination process. %
The application of the stationary-state method leads to the following ex-
pression for the rate of the overall decomposition:

d(Hz + CH4)/dt = (klkekg/k7) 1/2 [CsHs]

which shows that the chain mechanism also requires first-order kinetics. More-
over we may assume that ks =2 k7, since reactions 2 and 7 probably have the same
collision factor and negligible activation energies. Hence we deduce:

d(H; + CHy)/dt = (kike)/? [CsHi]

Now, since reactions 1 and 6 are unimolecular decompositions, both should re-
quire frequency factors of the order of 1012 sec.—!; therefore the frequency factor
of the overall reaction is also of the order of 1012 sec.~1 It follows that the overall
activation energy is

Bt = 3(E1 + Eo)
and since

E, = D[(CH~CHCH,)—H] and E; = D[(CH2=(.JCH2)—H]

E, + E;is the endothermicity of the process:
CH~CHCH; — CH,~C=CH, + 2H — 145 kecal./mole

This means then that the proposed chain process accounts for the nature of the
decomposition products, their relative quantities, the first-order kinetics, the
frequency factor, and even for the observed activation energy.

The decomposition of the allyl radical into allene and a hydrogen atom is the
complicating factor which makes the mechanism of the decomposition of propene
essentially different from that suggested for toluene. The similar decomposition
of the methylallyl radical, i.e.,

CH2=‘(|30H2° — CH2=C=‘CH2 ~+ CHs'
CH,
is responsible for the fact that the pyrolysis of 2-methylpropene (188) takes a

course similar to that of propene.
The estimation of the C—H bond dissociation energy in propene and 2-methyl-

1 For discussion of the other termination processes see reference 187.
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propene would be feasible if the length of the reaction chain could be estimated.
The data provided by the decomposition of 2-methylpropene suggest that the
length of the chain is approximately 10. The stationary-state method leads to the
following expression for the length of the reaction chain in the decomposition of
propene:

In (length of chain) = (1/2RT)-(E, — E¢) — 1/2In 3%
Taking the length of the chain as 10, one derives
E, — E¢ =~ 11 keal./mole
while
E, 4+ E¢ = 145 kecal./mole

(This is the endothermicity of the reaction

Thus E, = D[(CH~CHCH,;—H] &~ 78 kcal./mole. This result seems to be
plausible and leads to the frequency factor 2.5 X 1012 sec.~! for the initial de-
composition process, a value which is in agreement with the results discussed
previously (see page 131). Similar considerations lead to D{(CH,—=CCH,)—H]
= 76 keal./mole and 5 X 10!® sec.”! for the frequency factor of the initial
decomposition of 2-methylpropene. It must be emphasized, however, that
these results are highly spceulative and they call for an additional and inde-
pendent evidence. Such evidence has been provided recently by a study of the
pyrolysis of 1-butene (199 ; see also page 141).

A few experiments with cyclopentadiene were carried out in the Manchester
laboratories, the technique described above being used again (unpublished
results). It was expected that the molecule of cyclopentadiene would split into a
hydrogen atom and the CsHj radical

CH=({I CH=(§I

! CH; — CH. + H
7 /

CH=CH CH=CH

and that the hydrogen atoms would react with the excess of cyclopentadiene,
producing H, and CyHj radicals. It was also anticipated that the Cs;H; radicals
would be stable enough to emerge from the reaction vessel unchanged and
eventually to dimerize. It was found, however, that a complete cracking of the
molecule took place. The products of the decomposition contained H,, CH,, C,
hydrocarbons, ete. No attempt was made to clear up the mechanism of this

3 In 3 appears in this expression because statistical considerations require that the
frequency factor of the decomposition of the C—H bond in the methyl group of propene
be three times as great as for the decomposition:

CH~=CHCH.+ — CH~C=CH, + H
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pyrolysis. It may well be that the molecule breaks up by the scission of & C—C
bond, i.e.,

CH=CH
/CH2 — CH.CH=CHCH=CH -
CH=CH

with the subsequent decomposition of the diradical thus formed.

The thermal decomposition of ammonia (190) proved to be another instance of
a pyrolysis from which no information on bond dissociation energy was obtained.
It was expected that it would be possible to break the N-—H bond and to produce
hydrogen atoms and NH, radicals. Further, it was supposed that hydrogen atoms
would react with ammonia, producing H, and more NH, radicals, and that the
latter would dimerize in the outlet tube. The reaction, however, proved to be
heterogeneous, a result which confirms the earlier observations of C. N. Hinshel-
wood and E. R. Burk (82), the products being H; and N, in the molar ratio of
3:1. Moreover, it is known that NH, radicals decompose rather than dimerize,
and the products of their decomposition are H; and N,.

1. The determination of bond dissociation energy by the “‘toluene carrier gas”
technique

In the preceding section we described a method of estimating the C—H bond
dissociation energy which can be summarized as follows: (1) Hydrogen atoms
produced in the decomposition are rapidly removed from the system, forming
H, (or CH,) and thermally stable benzyl radicals (or their homologs or deriva-
tives). (2) The benzy! radicals being inert and thermally stable neither decompose
nor react, but pass out from the system when they eventually dimerize outside
the hot zone. Therefore, no chain reaction ensues and the rate of formation of
H, (and CH,) measures the rate of initial decomposition of the compound
investigated.

This method, with slight modifications, applies to the investigation of the
pyrolysis of a number of compounds which split into two radicals by the breaking
of one bond only. The technique is limited, however, by the condition that the
dissociation energy of the bond in question must be smaller (preferably much
smaller) than the C—H bond dissociation energy in toluene.

Let us assume that a molecule R—R.’ decomposes by the rupture of the R—R/’
bond into radicals R and R/, and that D(R—R’) is smaller than D(C¢H;CH,—H)
i.e., smaller than 77 kecal./mole. We can, therefore, carry out the dissociation
process RR’ — R + R’ at temperatures low enough to avoid the decomposition
of toluene, which is used in this technique as a carrier gas. The radicals R and R/,
being surrounded by molecules of toluene, are removed rapidly from the system
by the reactions:

CsHaCHa + R b d CsHaCHz' + RH
CeHaCHa + R’ hand CsHaCHz' + R’H
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In the experimental set-up (similar to that described in the preceding section)
the benzyl radicals pass out of the reaction vessel and eventually dimerize
outside the hot zone. We conclude, therefore, that if the pyrolysis of RR’ takes
place according to the scheme suggested above, then the rate of initial decompo-
sition may be measured by the rate of formation of RH, or R’'H, or bibenzyl.
Moreover, the molecular ratio of RH:R’H :bibenzyl ought to be 1:1:1.

The appearance of bibenzyl amongst the products of decomposition makes it
possible to discriminate between two modes of decomposition: namely, the de-
composition into radicals (or atoms) and the decomposition into molecules. For
example, ethyl bromide might decompose into ethyl radicals and bromine
atoms, or into ethylene and hydrogen bromide. By using toluene as a carrier gas
we should obtain bibenzyl as one of the products of reaction only if the decompo-
sition takes place via radicals, whereas no bibenzyl would be produced if the
compound decomposes directly into two molecules.

The most suitable compounds for this type of investigation are the benzyl
derivatives of the general formula C¢HsCH,X, where X denotes an atom or a
radical. The high resonance energy of the benzyl radical decreases considerably
the C—X bond dissociation energy, making possible pyrolysis at conveniently
low temperatures. Furthermore, the overall process is simplified by the fact
that there is one radical (or atom) only, namely, X, which has to be removed
from the system. The second fragment—the benzyl radical—remains unchanged
and eventually gives rise to bibenzyl.

The important condition for the successful operation of the method is the
high reactivity of X, which has to be removed rapidly from the system by the
reaction:

CsHaCHs + X — CeHaCHg‘ + HX

For example, the method fails in the case of benzyl iodide because the iodine
atoms produced by the initial decomposition are too inert and unable, therefore,
to react with toluene and to produce hydrogen iodide. This failure leads in
consequence to back reaction and eventually to the equilibrium:

CeHsCHgI : CsHsCHz‘ + I

which has been discussed on page 127.

The method was successfully applied in the pyrolysis of ethylbenzene (189),
benzyl bromide (194), and benzylamine (192). The pyrolysis of ethylbenzene
illustrates how the kinetics of decomposition could be simplified by using toluene
as a carrier gas. The decomposition of ethylbenzene without carrier gas led to a
chain reaction:

CsHaCHzCHs b CsHsCHz‘ + CH3°

initiation steps
CsHaCHzCHa + CHs' g CGHSC2H4° + CH!

CsHanH4' b CsHaCH=CH2 + H

propagation steps
CsHaCHgCHa + H had CeHanHv + Hg
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and some termination steps. Styrene and hydrogen are the main products of the
pyrolysis required by the above mechanism. It was found, in fact, that the bulk
of nongaseous material was composed of styrene, with small quantities of bi-
benzyl; the main gaseous product was hydrogen, which was present along with
small quantities of methane and C, hydrocarbons (the latter resulted probably
from some chain termination process; for example, CH;. + CH;. — C.Hs,, or
CeH:C.H; + H — Ce¢Hs + C,H;-). The kinetics of the decomposition was
hopelessly complicated and difficult to disentangle.

The character of the pyrolysis was changed radically when toluene was used as
a carrier gas. The formation of the C¢H;CoH,. radical, which was responsible
for the chain propagation, was prevented by the reaction between methyl radicals
and toluene:

CsHaCHs + CH3° b d CH4 + CsHaCHz'

Since toluene was in great excess, the chance of reaction between methyl radicals
and toluene was much higher than between methyl radicals and ethylbenzene.
In consequence the products of the pyrolysis were methane and bibenzyl in
molar proportions (1:1). The kinetics of the decomposition, measured by the
rate of formation of methane, obeyed the first-order law, the activation energy
being 63 keal./mole and the frequency factor 1 X 102 sec.~! It was concluded,
therefore, that the rate of formation of methane measures the rate of initial de-
composition of ethylbenzene into methyl and benzyl radicals and the observed
activation energy of 63 keal./mole represents the C—C bond dissociation energy
in ethylbenzene.

There is a check on the values obtained for D(CH;CH,—H) and
D(C:H;CH,—CH;). These two values, in conjunction with the relevant thermo-
chemical data, make it possible to estimate the dissociation energy of the first
C—H bond in methane at 103 & 3 keal./mole, and the results are in accordance
with the D(CH;—H) estimated by other investigators, and particularly with the
determination of G. B. Kistiakowsky and E. R. Van Artsdalen (88) (101 = 1
keal./mole).

The pyrolysis of benzyl bromide (194), investigated by the same technique,
produced hydrogen bromide and bibenzyl in molar proportions of 1:1. The
kinetics of the decomposition revealed all the characteristic features of a uni-
molecular reaction, obeying the first-order law and giving a frequency factor of
the order of 10 sec.~! The observed activation energy of 50.5 keal./mole was
identified, therefore, with the C—Br bond dissociation energy in benzy! bromide.
It was again possible to check the deduction by using the available thermo-
chemical data. The difference between D(C¢H:CH,—H) and D(C¢H;CH,—DBr)
was estimated calorimetrically by O. H. Gellner and H. A. Skinner (61) at
29 =+ 3 keal./mole. Since the direct pyrolytic estimation of both bond dissociation
energies gave 77.5 == 1.3 keal./mole for the former and 50.5 4+ 2 keal./mole for
the latter, the difference expected is 27 4+ 3.3 kecal./mole. The agreement seems
to be satisfactory.

The pyrolysis of benzylamine (192), investigated again by the same technique,
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produced ammonia and bibenzyl. This decomposition also revealed the char-
acteristic features of the unimolecular reaction, and therefore the observed
activation energy of 59 + 4 keal./mole was identified with the C—N bond dis-
sociation energy in benzylamine.

The above technique was applied to investigations of the pyrolysis of other
classes of compounds such as hydrazine (191), biacetyl (195), 1-butene (199),
and a series of organic bromides (unpublished results).

The pyrolysis of hydrazine (191) provided an example of a mixed heterogeneous-
homogeneous decomposition. It is well known that hydrazine decomposes hetero-
geneously into nitrogen and ammonia, or into nitrogen, hydrogen, and ammonia,
according to the following stoichiometric equations:

3N2H4 — Nz + 4NH3 (hl)
2N.H; — H, + N: + 2NH; (he)

The first mode of decomposition is predominant in reactions which take place on
the surfaces of glass or silica, while the second represents the main reaction which
takes place on the surfaces of platinum or tungsten wire. It was also demonstrated
that the heterogeneous decomposition obeyed first-order kinetics.

The investigation of the pyrolysis of hydrazine at much higher temperatures,
i.e., 660-780°C., revealed that in addition to the heterogeneous decompositions
mentioned a homogeneous reaction took place in which a molecule of hydrazine
dissociated into two NH, radicals.

N2H4 b d 2NH2 (hS)

It was possible to investigate this homogeneous reaction by using toluene as a
carrier gas, since under these conditions the N'H, radicals reacted with toluene,
producing eventually bibenzyl. Hence the rate of formation of bibenzyl measured
the rate of homogeneous dissociation (h;).

The products of the pyrolysis contained, therefore, nitrogen, hydrogen, am-
monia, and bibenzyl. Assuming that all the observed hydrogen was produced by
reaction h,, it was possible to calculate the amount of hydrazine decomposed and
ammonia formed in this reaction. Nitrogen was formed in both reactions h; and
hy; deducting therefore from the total amount of nitrogen observed the amount
of hydrogen (calculated in moles), one obtains the amount of nitrogen produced
in reaction h;. Thus it was possible to compute the amount of hydrazine de-
composed and of ammonia formed in this reaction. Finally the amount of
hydrazine decomposed and of ammonia formed in the homogeneous reaction
(hs) could be calculated from the amount of bibenzyl observed. Thus it was
possible to calculate the total amount of ammonia formed in the pyrolysis and
the total amount of hydrazine decomposed. Since both these quantities were
observable, the above deductions could be checked. Table 12 illustrates the
above method of computation. The activation energy of the homogeneous dis-
sociation process (h;) was estimated at 60 kecal./mole and the frequency factors at
4 X 1012 sec.—! Making the usual assumption, that the activation energy of the
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recombination process is negligible, it was deduced that D(NH,—NH,) = 60
keal./mole.

The results obtained in the investigation of the pyrolysis of hydrazine may be
checked against the results obtained in the pyrolysis of benzylamine, since
having D(NH,—NH;) and AH;(N.H,) one is able to calculate AH;(NH,-), and
the latter value can be independently calculated from D(CH;CH,—NH,),
AH;(CH;CH,NH,), and AH/(C¢HsCH,-). The calculation based on the esti-
mated value of D(NH,—NH,) leads to AH,(NH;-) = 41 =+ 2 keal./mole, while
that based on D(CsH;CH,—NH,) gives AH;(NH,-) = 35 =+ 5 keal./mole. The
latter value relies on AH,(CsH;CH,NH,) estimated by combustion by Petit (133a)
in 1889. If the heat of combustion which he obtained was too low—which
seems likely3'—then the corrected value of AH;(NH,-) would be higher, making
the agreement between both methods of computation still closer.

TABLE 12
OBSERVED AMOUNT EQUATION OF DECOMPOSITION NH; cALCULATED N:H¢ DECOMPOSED
millimoles millimoles millimoles
)5 CH, 0.25 2N,H; = H, + N; + 2NH; |2 X 0.25 = 0.5012 X 0.25 = 0.50
Naoooonno 0.43=0.254-0.18; 3N;H, = N, + 4NH; 4 % 0.18 = 0.72]3 X 0.18 = 0.54
Bibenzyl..0.48 N.:H, = 2NH, (1 bibenzyl)|2 X 0.48 = 0.96/1 X 0.48 = 0.48
Total . ... . NH; = 2.18 N.H, = 1.52
Observed . ... ...t NH; = 2.02

The pyrolysis of biacetyl (195) yields carbon monoxide and methane in the
molar proportion 1:1. The amount of biacetyl decomposed was estimated as a
difference between the amounts of biacetyl introduced and recovered (i.e., not
decomposed), the latter two entities being determined directly. It was found in
this way that each mole of biacetyl decomposed produced 2 moles of carbon
monoxide and 2 moles of methane. These facts suggested that the mechanism of
the decomposition of biacetyl is represented by the following equations:

CH;COCOCH; — 2CH;CO- The slow, rate-determining step
CH:CO+ — CH;+ + CO A very rapid reaction
CH;: + C¢H;CH; — CH, + C:H;CH,* A rapid reaction

and that the rate of formation of CO + CH, measures the rate of initial decompo-
sition of biacetyl, which was found to obey the first-order kinetics. Hence, the
activation energy estimated at 60 kecal./mole represents the CH;CO—COCH;
bond dissociation energy.

The value of D(CH;CO—COCHS,), in conjunction with the heat of formation of
biacetyl, yields the heat of formation of the acetyl radical, which was computed

31 The minute amount of water or carbon dioxide which is likely to be in benzylamine
makes the heat of combustion too low (0.5 per cent of either of these decreases the heat of
combustion by about 5 kcal./mole).
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at —11 keal./mole. Having this value it was possible to calculate the various
CH;CO—X bond dissociation energies from the relevant thermochemical data
only.

The above value for the heat of formation of the acetyl radical was confirmed
by the estimation of D(CsH;CH,—COCH;). The pyrolysis of the latter compound
was investigated also by the “toluene carrier gas” technique (195), and it was
found to proceed analogously to the pyrolysis of biacetyl. The value of
D(C¢H;CH,—COCH;) was estimated at ~63 kcal./mole, and this, together
with the required thermochemical data, led to AH,(CH;CO-) = 10 keal./mole,
in fair agreement with the previous estimate deduced from studies of the pyroly-
sis of biacetyl.

The pyrolysis of 1-butene (199) was similar to the pyrolysis of ethylbenzene.
The initial decomposition produced methyl and allyl radicals:

CH,—CHCH,—CH; —» CH,—~CHCH,- 4 CH;-

Methy! radicals were removed by toluene and the progress of decomposition
was measured, therefore, by the rate of formation of methane. The
CH,=CHCH,—CH; bond dissociation energy was estimated at 62 kcal./mole,
and this value led to D[(CH,=—~CHCH,)—H] = 77 kecal./mole. The latter C—H
bond dissociation energy was estimated previously by investigating the kinetics
of the decomposition of propene. These studies suggested a value of 78 keal./mole
for D[(CH,—~CHCH,)—H], which compares well with that obtained from investi-
gations of the pyrolysis of 1-butene.

J. Dissociation energies of RO—NO bonds

E. W. R. Steacie and his collaborators investigated the kinetics of the pyrolysis
of a series of organic nitrites, viz., methyl (171), ethyl (172), n-propyl (173),
isopropyl (174), and n-butyl nitrites (175). All these decompositions were studied
by a static method over the temperature range of 170-230°C., the rate of reaction
being measured by an increase of pressure. By packing the reaction vessel with
short silica tubes (which increased the surface/volume ratio by a factor of 6-9)
it was proved that all these processes were homogeneous gas reactions. Assuming
that the increase of pressure was proportional to the amount of compound de-
composed, Steacie deduced that all these pyrolyses followed the first-order law.
This deduction was substantiated by the following two criteria:

1. The time required for an increase in pressure by some constant fraction

of its initial value was constant. This meant that the time for partial
decomposition was independent of the initial pressure.
In most cases the constancy of the time for fractional decomposition was
found to hold for initial pressures ranging from 50 to 350 mm. of
mercury, and in the case of methyl nitrite even for higher pressures, up
to 35 atm. (170).

2. The plot of the increase in pressure against time was in close agreement
with the theoretically expected graph for a first-order reaction. This was
further checked by comparing ratios of fss;/tss9,, as obtained from ex-
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periments, with the theoretical values for the same ratios derived on the
basis of first-order kinetics. For example, in the decomposition of methy!
nitrite the ratio of the times required to increase the pressure by 50 per
cent and 25 per cent of the initial pressure was found to be 2.53. The final
increase of pressure was 82.5 per cent of the initial pressure. Thus, the
above increments of pressure correspond to 30.3 per cent and 60.6 per
cent of the total decomposition. The theoretical value of teo.e0;/ts0.59, 18
2.58, in excellent agreement with the experimental value of 2.53.

The investigations also included the analysis of the products of each reaction.
Although the analytical technique was rather crude, Steacie was able to conclude
that the overall process of decomposition was represented stoichiometrically by
the equation:

R’CH,ONO — NO + }R’CH;0H + 3R'CHO

Finally, the activation energies of these processes were estimated in the usual
way from the temperature coefficients of the time of fractional decomposition.
The results are summarized in table 13.

TABLE 13
Activation energies of decomposition of organic nitrites
COMPOUND » E
sec,”! keal. fmole
CHEONO. .t e e e e 1.8 X 1012 36.4
CoH:ONO o 1.4 X 1014 37.7
n-CH,ONO. ......... 2.7 X 1014 37.6
Iso-C:H/ONO. ..o e 1.3 X 1014 37.0
n-CHONO . ... o 1013 36.0

It follows from what was said that the decompositions of organic nitrites are
homogeneous gas reactions of the first order, the frequency factor of the rate
constants being 10!3-10%4 gsec.~! Consequently, Steacie concluded that all
these pyrolyses are initiated by the same unimolecular split of the molecule of
the organic nitrite. The results of the analysis of the products proves that the
following reaction is the only possible® primary step, as suggested by Steacie:

R'CH,ONO — R'CH:O- 4+ NO

This primary reaction must be followed by a sequence of rapid processes which
remove the R'CH,0O- radicals. Several reaction schemes may be proposed which
take these points into account.

8 One would expect the dissociation of the molecule of RONO to occur by the rupture
of the RO—NO bond, because this bond seems to be the weakest one in the molecule of
the organic nitrite.
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R/'CH,0- —» R'CHO + H )
R'CH,O- + H — R'CH,OH
R’CH:0- + R'CH,ONO — R’CH,OH + R'CHONO ®)
R’CHONO — R'CHO + NO
2R'CH,0- — R’CH,0H 4 R'CHO ©

Scheme A, originally proposed by Steacie and workers (171), does not seem to
be likely. If a hydrogen atom is formed, then one expects it to have a much
higher chance of collision with a molecule of the undecomposed nitrite than with
an R’CH,0- radical, since the concentration of these radicals is very much smaller
than that of the undecomposed nitrite. Therefore, the probability of reaction D

R’CH,ONO + H — H, + R’CHONO (D)

would be very considerable, and this reaction could be neglected only if it either
has a very high activation energy, or if the stationary concentration of R’CH,O-
radicals is very high. However, neither alternative seems to be acceptable.

Scheme C leads to the same result as scheme A, and yet it does not involve
the improbable implications of the latter, but it requires a great stability of
the R’CH,0- radicals.

Scheme B, proposed by F. O. Rice and E. L. Rodowskas (148), seems to be
the most plausible. It implies that the observed reaction rate is twice as high as
the initiation rate, leaving all the other features of the kinetics identical with
those required by the previous schemes. It is obvious, however, that all three
schemes account equally well for the observed products of the reaction and for
its unimolecular character.

The unimolecular character gains additional support from the studies of F. O.
Rice and E. L. Rodowskas (148). These workers investigated the pyrolysis of
ethyl nitrite in the region 400-500°C., using the mirror technique and carbon
dioxide as a carrier gas. The activation energy was estimated by them as 35 + 3
keal./mole, and it was attributed to the initial rupture of the molecule
of CH;ONO into & C,H0O- radical and an NO molecule. The radicals removing
the mirror were identified as CH;-, which can be interpreted in terms of the
decomposition of the CH;CH,O- radical into a CH;+ radical and a CH:O mole-
cule. The high temperature of the pyrolysis and the dilution of ethyl nitrite with
carbon dioxide favor the degradation of the CH;CH,O- radical, as suggested
above.??

In the light of all these facts one may safely conclude that the activation
energy of the dissociation process

RONO — RO- + NO

% The experiments of Rice and Rodowskas also demonstrate that in the absence of the
carbon dioxide carrier no methyl radicals are produced.
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is of the order of 34-37 keal./mole. It is well established that the recombination
of various radicals with nitric oxide molecules proceeds extremely easily, and
this implies that the activation energy of the recombination process is very small,
perhaps even zero. Hence, one arrives at the final result: The dissociation energy
of the RO—NO bond s of the order of 34—37 keal./mole.

There remains a further point to be elucidated: namely, the influence of the
variation of the radical R in the nitrite molecule on the dissociation energy of
the RO—NO bond. The activation energies listed in table 13 are not accurate
enough to provide a satisfactory answer, and it is suggested that the problem
might be solved by comparing the rate constants of decompositions of various
nitrites, measured at the same temperature. On the assumption of a constant
frequency factor the ratio of the rate constants leads to the difference in the
dissociation energies of the various RO—NO bonds. The necessary data are
provided in the paper by E. W. R. Steacie and W. McF. Smith (175) (table 14).

TABLE 14
Dissociation energies of RO—NO bonds
COMPOUND RATE CONSTANT AT 190°C. AD
sec”! keal./mole

CHiO—NO. ... i 0.97 X 10~¢ )
CoH0O—NO. . .. 1.9 X 10—¢ -0.6
n-C:H,0—NO . ... 3.9 X 10°¢ —-1.3
Iso-C;H;O0—NO.... ... i, 3.7 X 10+ -1.2
n~C4H90——NO .................................... 8.9 X 104 —1.9

Inspection of table 14 shows that the rate constant increases, i.e., the bond
dissociation energy decreases, in the series methyl, ethyl, propyl, butyl. Closer
examination of Steacie’s results, however, casts some doubts on the accuracy of
the values quoted in table 14. The decompositions of nitrites are certainly
accompanied by various side reactions, which may considerably affect the
numerical results obtained from measurements of the increase of pressure. Some
of the disconcerting factors are summarized as follows:

1. The suggested mechanism requires the final pressure to be twice the
initial pressure. Actually the increase of pressure amounts only to 82
per cent for methyl nitrite, 86 per cent for ethyl nitrite, and it varies from
60 to 80 per cent in the case of butyl nitrite. (For n-propyl nitrite and
isopropyl nitrite the increase of pressure reached the theoretically re-
quired value of 100 per cent.)

2. In some experiments a drop of pressure was observed in the last period
of reaction, and in these cases it was necessary to consider the maximum
value of the pressure as the final pressure.

3. The postulated mechanism requires all the noncondensable gas to be
nitric oxide. In fact, the noncondensable gas obtained in the decomposi-
tion of methy! nitrite contained 81-88 per cent of nitric oxide and 6-10
per cent of carbon monoxide; that obtained from ethyl nitrite contained
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88-94 per cent of nitric oxide and 1-3 per cent of carbon monoxide; that
from n-propyl nitrite contained 90 per cent of nitric oxide; and that
from isopropy! nitrite contained 82-84 per cent of nitric oxide.

4. The case of n-propy!l nitrite is particularly doubtful, as considerable
amounts of tarry materials and of carbon were deposited in the reaction
bulb, the results being much less reproducible than those obtained for
the lower nitrites.

5. The unimolecular rate constants calculated for the various periods of
reaction were sometimes different; e.g., in the decomposition of ethy!
nitrite the rate constant increased slightly towards the end of reaction,
while in the decomposition of isopropy! nitrite it dropped considerably as
the reaction proceeded.

6. A later investigation by A. G. Carter and M. W. Travers (38) demon-
strated that the rate of production of nitric oxide resulting from the
decomposition of methyl nitrite could not be represented by any simple
kinetic expression. In the words of these workers there is *“. . . . no justifi-
cation for the statement that it [the decomposition] involves a first
order reaction.”

This last statement of Travers is, in our opinion, debatable, and we consider
it most likely that the decomposition of organic nitrites in the main is governed
by the unimolecular reaction:

RONO — RO+ 4 NO

However, the disturbing factors listed above make the data presented by Steacie
and his collaborators too uncertain for any conclusions to be drawn from them
about the influence of the nature of R on the dissociation energy of the RO—NO
bond. The present writer is inclined to believe that D(RO—NO) is of the order
of 34-37 kecal./mole, probably tending towards the lower limit. It seems also
that the dissociation energy of the RO—NO bond decreases along the series
methyl, ethyl, propyl, butyl, but this trend is by no means established. The
problem might be solved if it were possible to compare the initial rates of decom-
position of various nitrites measured at the same temperature, which should be
as low as possible.

K. The O—O bond dissociation energy in peroxides

The dissociation energy of the O—O bond in hydrogen peroxide has been
estimated at 55 keal./mole from the thermochemical data in conjunction with the
measured value of D(H—OH). It seems, however, that the O—O bond dissocia-
tion energies in organic peroxides are considerably lower than D{HO—OH),
although the existing observations do not permit one to draw any definite
conclusions.

The kinetics of the thermal decomposition of various organic peroxides con-
vinces us that the first step in these processes is the rupture of the O—O bond.
Unfortunately, this primary dissociation is followed by various secondary re-
actions which complicate the overall kinetics to such an extent that the estima-
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tion of the activation energy of the initial dissociation from the overall activation
energy is subject to considerable uncertainties. We may illustrate this point by
discussing the kinetics of the thermal decomposition of benzoyl peroxide, acetyl
peroxide, ethyl peroxide, propyl peroxide, and tertiary butyl peroxide.

The decomposition of benzoyl peroxide has been investigated by many workers.
It has been shown that this decomposition produces carbon dioxide, benzoic
acid, phenyl benzoate, and various other products, not all of which were identi-
fied. The first kinetic studies were performed by D. J. Brown (29), by F. I.
Berezovskaya and E. K. Varfolomeeva (17), and by 8. Kamenskaya and S.
Medvedev (86) in 1940. The rate of reaction was measured by the rate of dis-
appearance of peroxides. The reaction was found to be approximately of the first
order, and the activation energy measured by the temperature coefficient of the
overall process (over the temperature range 75-85°C.) was estimated at 30
keal./mole (86). The very extensive studies of K. Nozaki and P. D. Bartlett
(121) demonstrated that the overall process can be represented by two simul-
taneous reactions—a unimolecular decomposition and a chain reaction which
obeys a kinetic of the 3/2 or second order. They suggested the following mecha-
nism in order to account for the observed facts:

(CsHsCO) OO (COCsHa) b d 2CsHscOO°
2CcH;COO- — CsHiCOOCsH; + CO,

Unimolecular decomposition

CsH;COO- 4 (CeHsCO)OO(COCH;) — CsHiCOOCsH; + CO; + CsHCOO-
Chain reaction

CsH;COO- + solvent — product + new radical Chain transfer

The existence of a chain reaction was proved by demonstrating inhibition and
initiation phenomena. The component rate constants for the unimolecular and
chain reactions were computed from the overall kinetics, and the activation
energies of the unimolecular dissociation were estimated at 30.7 kecal./mole and
at 33.3 kcal./mole for decompositions taking place in acetic anhydride and
benzene, respectively. The corresponding frequency factors of the unimolecular
steps in the two solvents were calculated to be 6 X 10 sec.”! and about 10
sec.”! It is to be noted that the rate of the reaction depended on the nature of the
solvent used (compare references 10 and 121), and it is most unfortunate that,
owing to the low volatility of benzoyl peroxide, the reaction has not been investi-
gated in the gaseous phase.

The complicating action of the solvent is caused by the chain-transfer reaction:

CeHiCOO- + solvent — product 4+ new radical

followed by the secondary chain process initiated by new radicals. One might
expect, however, that if the above reaction leads to a stable radical, then the
latter would terminate the chain process, and thus the rate of inhibited reaction
would measure the rate of the initial dissociation. It was our belief that such a
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simplification of the process would be brought about by using toluene as a
solvent, but the results of P. D. Bartlett and R. Altschul (9) and of K. Nozaki
and P. D. Bartlett (121) did not confirm this expectation.

The importance of the chain process would be reduced in more dilute solutions,
but the work of P. F. Hartman, H. G. Sellers, and D. Turnbull (74), who investi-
gated the decomposition of benzoyl peroxide at various concentrations (the
lowest concentration being 0.005 mole/liter) did not reveal any simplification
of the reaction scheme. The results of these workers agreed very well with those
obtained by Nozaki and Bartlett, and the activation energies and frequency
factors reported by Turnbull et al. are presented in table 15.

TABLE 15
Frequency factor for the decomposition of benzoyl peroxide
SOLVENT CONCENTRATION E v
moles/liter keal./mole sec,”1
Benzene. .........c i 0.0050
Benzene........... i 0.025 29.9 1 X 10t
tert-Butylbenzene. .. ......... ... ... 0.012 30.4 2 X 101
Cyclohexane. .............. .. it 0.012 28.2 3 X 1013
Methyleyclohexane.............. ... ... oL 0.012 30.7 6 X 1014
n-0ctane . . . ... 0.008 29.0 3 X 1018
TABLE 16
Unimolecular rate constants for the decomposition of benzoyl peroxide
TEMPERATURE k X 108 TEMPERATURE k X 100
°C. sec.™ °C. sec.”?
54% 1.83 80 33.5
64% 5.84 90 110.0
4% 19.3

* These results were obtained by S. G. Cohen (40).

D. J. Brown (30) presented in his paper the data for the unimolecular rate
constants (see table 16), covering a great range of temperature, and we may use
them for the more accurate computation of activation energy and frequency
factor. This leads to an activation energy of about 27.5 kcal./mole and a fre-
quency factor of about 3 X 1012 sec.™!

Investigations by B. Barnett and W. E. Vaughan (8) proved again that the
decomposition of benzoyl peroxide is a composite reaction and can be treated
as strictly of the first order only in infinitely dilute solutions. The activation
energy of the first-order reaction in infinitely dilute solution was estimated at
31-32 keal./mole. The rate of the reaction depended on the nature of the solvent,
varying by a factor of 20.

All the data mentioned above indicate that the primary dissociation process

(CsH5CO)OO(COCsH;) — 2CsHCOO-
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corresponds to an activation energy of about 27-33 keal./mole. Since we favor
a low value for the frequency factor (1012-1013 sec.”!), we therefore recom-
mend the value 27-28 keal./mole as a more reliable estimate for the above
activation energy. Making the usual assumption that the recombination process
does not require any activation energy we estimate D(CsH;COO—OCOC¢H;)
at about 27-28 keal./mole. This estimate, however, would be too low if the
observed rate of reaction were given by the product of the rate of initiation and
the length of the chain, e.g., a chain of about 100 cycles would make the “true”
dissociation energy higher by about 3 keal./mole.

An extremely elegant method of measuring the rate of dissociation of peroxides
was developed by C. E. H. Bawn and Mellish® (13). These workers found that
the stable and colored radical

0:N
(CoH)NN—_ HNO,
0.N

is removed easily from solution by other radicals formed in the system, e.g., by
radicals produced in the decomposition of benzoyl peroxide. Hence, the rate of
the initial decomposition of peroxide is measured by the rate of disappearance of
(CsHB)2NNCsH2(NOz)3, and the latter might be followed by any colorimetric

method. TUsing this method Bawn and Mellish estimated D(C:H;COO—
OCOC¢H;) at about 35 keal./mole. The frequency factors were of the order 10%-
10% sec.~?, and the rate of dissociation was found to depend on the nature of the
solvent.

The kinetics of the thermal decomposition of substituted benzoyl peroxides
was investigated by D. J. Brown (30). The rate of decomposition of substituted
peroxides was of the same order as the rate of decomposition of the unsubstituted
compound. This seems to indicate that the influence of substitution on the 0—O
bond dissociation energy in benzoyl peroxides is not very considerable.

The thermal decomposition of acetyl peroxide was investigated both in the
gaseous phase and in solution by O. J. Walker and G. L. E. Wild (209). The
decomposition in the gaseous phase, at 100°C., produced ethane and carbon
dioxide in the molar proportion 1:2, and Walker and Wild explained this result
by postulating a reaction

(CH,CO)O0(COCH;) — C.Hs + 2CO,
The same products, however, would be obtained in a chain reaction:
(CH;C0)00(COCH;) — 2CH;CO0O0-
CH;COO- — CH;- + CO,
CH;- + (CH;CO)OO(COCH;) — CoHg + 2CO, + CHse

34 ] am indebted to Professor Bawn for permission to quote his unpublished results.
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It is most unfortunate that the above workers did not report the rate of the
gaseous decomposition.

The liquid-phase decomposition of acetyl peroxide was investigated in toluene
solution. The products of decomposition were different from those obtained in
the gaseous phase, consisting mainly of methane and carbon dioxide in a molar
ratio of about 1:1. Kinetically the reaction was of the first order, the acti-
vation energy being estimated at 31 kecal./mole (the frequency factor was
8 X 10U sec.™1). It seems, therefore, that the decomposition could be represented
by the following mechanism:

(CH,CO)OO(COCH;) — 2CH;COO-
CH;COO+ — CH;- + COq
CHs' + CGH5CH3 b CH4 + CsHsCHz'

the initial dissociation being the rate-determining step. If this mechanism is
correct, then the O—O bond dissociation energy in acetyl peroxide would be
about 31 kecal./mole.

The kinetics of the thermal decompositions of diethyl peroxide and dipropyl
peroxide has been investigated by E. J. Harris and A. C. Egerton (72) and by
E. J. Harris (71). Both reactions were proved to be homogeneous, first-order,
gaseous decompositions, the rate being measured manometrically. The first-
order rate constants remained unchanged over a wide range of initial pressure
and were not influenced by the presence of foreign gases. As the initial pressure
was raised, the character of the reaction suddenly changed at a definite value
and became explosive. The nonexplosive decompositions of both substances
had definite although very short induction periods. The experimental activation
energy for the decomposition of diethyl peroxide was estimated at 31.5
keal./mole, the frequency factor being 5 X 10 sec.™?; the corresponding values
for dipropy!l peroxide were 36.5 kcal./mole and 25 X 10 sec.™ It seems very
likely that the rate-determining step in these decompositions is the rupture of
the O—O bond and that the above activation energies are equal to the cor-
responding O—O bond dissociation energies. The last conclusion, however, is not
definite, because the mechanism of the decomposition is not yet quite clear.
Harris suggested:

C,H:00C,H; — C,H;OH 4+ CH;CHO

This suggestion is contradicted by the fact that in the decomposition of diethyl
peroxide the final pressure increases to 2.17 times the initial pressure and in the
decomposition of dipropyl peroxide to 2.5 times the initial pressure. More work
is required for the determination of the O—O bond dissociation energy in these
compounds.

The decomposition of tertiary butyl peroxide, investigated by N. A. Milas
and D. M. Surgenor (1946) in a flow technique at temperature of 200-300°C.,
produced acetone and ethane. This finding can be understood in the light of
the suggestion of P. George and A. D. Walsh (62) that the decomposition of a
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tertiary peroxide takes place by the breaking of the O—O bond, followed by the
reaction:

(CH;):CO- — CH;COCH; + CH;-

The kinetics of the thermal decomposition of tertiary butyl peroxide was very
thoroughly investigated by W. E. Vaughan and his colleagues. The work con-
ducted in the liquid phase (142) demonstrated the presence of (CH;);CO-
radicals, since (CH,);COH was isolated amongst the products of decomposition.
The studies in the gaseous phase (141) were carried out by a static manometric
technique and by a flow technique, the latter being used only for the estimation
of produets. Thus it was shown that acetone and ethane were the main products
of decomposition, accompanied by much smaller amounts of methane and
methyl ethyl ketone, and the appearance of these products was accounted for by
the following mechanisms:

(CH;);COOC(CH;); — 2(CH;);CO-
(CH;);CO+- — CH;+ + CH;3;COCH;

2CH;- — C.H;

CH;+ + CH;COCH; — CH, 4+ -CH,COCH;

CH;- + -CH.COCH; — C,H;COCH;

The final pressure should be 3P, (P, denotes the initial pressure of peroxide),
both when ethane and when methane is the product of reaction.

The rate of decomposition was calculated on the assumption that the reaction
obeys first-order kinetics and the computations were performed by the two
methods:

(a) Assuming Pgpa = 3P, (as required by the stoichiometry)
(b) Assuming Pgpe = 2.88P,

method (a) yielding rate constants higher than method (b).

The rate constants calculated by method (a) showed some fall-off towards the
end of the run, while those calculated by method (b) were unchanged, and for this
reason method (b) was used throughout the work. It was shown that the de-
composition was a homogeneous gas reaction; that the first-order rate constant
was not affected either by changes of the initial pressure of peroxide or by the
addition of nitric oxide or propene; and that this rate constant was nearly the
same when the decomposition was carried out in solution (142). It was concluded
therefore that the observed rate of reaction measures the rate of initial de-
composition of tertiary butyl peroxide into (CHj;);CO- radicals.

The activation energy was calculated at 39 keal./mole from the temperature
dependence of the rate constant, the relevant frequency factor being 3 X 10
sec.”! Vaughan and his colleagues claimed therefore that

D[(CH;);CO—OC(CHs)s] = 39 keal./mole
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The above decomposition was reinvestigated recently by M. Szwarc and
J. 8. Roberts (198), who used a static method and added a great excess of toluene
to the reacting mixture. The rate was measured by the rate of formation of
CH, + C,H;, and the results indicated again that the reaction is homogeneous
and obeys the first-order kinetics. The suggested mechanism is identical with
that proposed by Vaughan:

(CHs)sCOOC(CHa)a b d 2(CH3)3CO°
(CHs)sCO' b CHa‘ + CH;;COCH;;

CH;+ + CH; — C,Hs
or
CHa' +CGH50H3 b CH4 + CsHaCHz'

The values of rate constants were smaller by about a factor of 2 than those
obtained by Vaughan, and the activation energy was estimated from the temper-
ature dependence of the rate constant at 33-34 keal./mole, the frequency
factor being 1-5 X 10% sec.~! On this basis a value of 33-34 keal./mole was pro-
posed for D[(CHs)aCO—OC(CHs)s]

L. Various methods

The decomposition of mercury dialkyls has been investigated by E. Warhurst
and G. B. Gowenlock (210). The technique was similar to that applied by
E. T. Butler and M. Polanyi (35), and the extent of decomposition was measured
by the rate of formation of mercury. It was demonstrated that the decomposition
obeyed first-order kinetics. The activation energy was calculated by assuming
the frequency factor to be 108 seec.™ The following mechanism was suggested:

Hg(CH;), — HgCH;- + CH;: The rate-determining step
HgCH,;- —» Hg 4+ CH;: A rapid decomposition
20H3' b d C2H6

The decompositions of hydrazobenzene and phenylhydrazine have been in-
vestigated by M. J. 8. Dewar (46). The decomposition was carried out in solution
and the reaction was measured by the rate of disappearance of substrate. The
reaction was proved to be of the first order, although the rate was dependent on
the nature of solvent. The plot of log k against 1/T produced straight lines, and
from their slopes the activation energies were estimated at 35-36 keal./mole
for hydrazobenzene and at about 48 keal./mole for phenylhydrazine. The author
suggests the following mechanism for these decompositions:

C:HNH—NHC:H; — 2C:H;NH- The rate-determining step
2C¢H;NH: 4 CH.NH—NHCH; — 2C:Hs;NH, 4+ C:H;:N=NC:H;

In conclusion, it is claimed that the observed activation energies measure the
relevant N—N bond dissociation energies.
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A similar mechanism was proposed by Miles (113) to account for the results
of the pyrolysis of bibenzyl:

CsHaCHz-CHzCsHa —>ZC sHsCHg .
2CHCH,* + C:H;CH,CH,CcH; — 2CsH:CH; + C:HCH=CHCH;

The pyrolysis was studied in the gas phase by means of a flow technique, and the
rate was measured by the rate of formation of toluene. The activation energy
was estimated at 45—48 keal./mole and was identified with

D(C aHacHz_CHzc GHB)
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VI. APPENDIX
This appendix contains three types of tables:

1. The tables of bond dissociation energies determined directly

The values quoted (table Al) were taken from the literature without in-
troducing any corrections. They contain the data obtained from direct ob-
servations and not those calculated from heats of formation of the respective
compounds in conjunction with heats of formation of radicals determined either
by independent methods or by some guesswork. The values favored by the
writer and considered by him as reliable are given in heavier type. Those which
seem uncertain are indicated by question marks.

The bond dissociation energies for diatomic molecules were omitted, since an
excellent compilation of these data is found in A. G. Gaydon’s recent mono-
graph (Dissociation Energies, Chapman and Hall, London (1947)).

The bond dissociation energies for triatomic molecules were calculated on the
basis of the corresponding values for D(A—B) in the respective diatomic mole-
cules. The values actually quoted were taken from recent papers by M. Wehrli
and G. Milazzo (212) and by H. A. Skinner (164).

2. The tables of heats of formation of radicals or atoms

The values quoted in table A2 are computed on the basis of the respective
bond dissociation energies. The values for the latter entities were either chosen
from the literature or assumed on the basis of some observed regularities. It
must be stressed, however, that in both cases the choice was a purely subjective
one, reflecting the present opinion of the writer.

Every effort has been made to point out the assumptions on which these data
are based, and the remarks added in the last column should help in this respect.

3. The tables of “best” bond dissociation energies

Assuming the heats of formation of radicals, as quoted in table A2, one may
calculate the ‘“best” bond dissociation energies (see table A3). This calculation
requires a knowledge of the heats of formation of the respective compounds, and
the data were taken from Selected Values of Properties of Hydrocarbons, or
from the National Bureau of Standards monograph by F. R. Bichowsky and F.
D. Rossini, or from modern publications. The references to the latter are given
in a recent paper by J. S. Roberts and H. A. Skinner (150).

The values obtained in this way contain the uncertainties involved in the
heats of formation of radicals (see Section IV,B) and in the estimation of the
heats of formation of the respective compounds. The latter factor is of no sig-
nificance in the case of hydrocarbons (and a few other compounds) for which
modern and very accurate data are available.

The nature of the uncertainties is again stressed under the headings of the
respective tables. The values determined directly are given in heavier type.



TABLE Al

Bond dissoctation energies determined directly

u—ry
ot
Bond dissociation energies in teratomic molecules *®
MOLECULE X—A—Y D(X—AY) DXA-Y) METHOD YEAR INVESTIGATORS AND REFERENCES
keal./mole keal./mole
H—O-H... . ..... 115 + 2.5 115 + 2.5 2H,0 + O, = 40H 1928 | Bonhoeffer and Reichardt (25)
115 115 Fluorescence 1934 | Terenin et al. (203)
117 = 1 117 + 1 Mercury-sensitized photolysis 1934 | Senftleben et al. (168)
114 1+ 1 114 4 1 Explosion method 1935 | Lewis and von Elbe (102)
113.5 113.5 2H.0 + 0, = 40H 1937 | Avramenko and Kondrat’ew (6)
118 + 0.7 118 3+ 0.7 2H.0 + 0O, = 40H 1944 | Dwyer and Oldenberg (50)
H-S—H.......... >78? >78? From D(5—H) See Gaydon (60)
0—C—-0.......... 127 127 Thermochemistry See Rossini et al., Selected Values of K
: w
O—N—O........ 72 72 Thermochemistry Properties of Hydrocarbons S
N
Cl—N—O......... 37 2NO + Cl; = 2NOCI1 1939 | Beeson and Yost (41) a
Br—N-O......... 28 2NO + Br; = 2NOBr 1934 | Yost et al. (225)
O—N—-N.......... 39 ? Thermochemistry
H-C-N.......... 1217 ?| Owing to uncertainty | Thermochemistry
Cl—C—N......... 95? ? in D(N—N) Thermochemistry .
B—C—N......... 837 » Thermochemistry Using AH;(CN) = 100 keal./mole
I—C—-N.......... 71? ? Thermochemistry
Cl—Hg—Cl....... 80.5 80.5 Spectroscopic 1943
Br—Hg—Br....... 71.5 71.5 Spectroscopic 1943
I—Hg—I......... 57 57 Spectroscopic 1943 See Wieland (218) and Wehrli and
Cl—Hg—Br....... i 70 Spectroscopic 1943 Milazzo (212)
Cl—Hg—I......... 74.5 62.5 Spectroscopic 1943
Br—Hg—I........ 68 63.5 Spectroscopic 1943




Cl—In—Cl........ 46 46 Based on spectroscopic 1943

Br—In—Br........ 42 42 D(In—Cl), D(In—Br), and | 1943 See Wehrli and Milazzo (212)
I—In—I.......... 42 42 D(In—I) 1943

Cl—Ca—Cl........ 1767 1767 1949 | ]

Cl—Mg—Cl....... 136 + 20? 136 + 207 1949

Cl—Be—Cl........| 147 + 15 147 + 15 . g 1949

Cl—Cd—Cl.. ... 84 + 5? 84 + 57 Usfmg }fpe"tr°s°°p“(’i. at;. 7R B 160
Br—Cd—Br....... 76 + 10? 76 %+ 10? or the C‘l’”eslp“ 1N 413~ 1 1949 omputed by Skinner (
I-Cd—I....... ... 57 + 10 57 + 10 tomic molecules 1949

Cl—Zn—Cl........ 96 + 57 96 + 5? 1949

I—Zn—I.. ... ... 53 &+ 157 53 + 15? 1949

Bond dissociation energies of some inorganic molecules

COMPOUND D METHOD YEAR INVESTIGATORS AND REFERENCES
keal./mole
HO—OH............... 54 From D(H—OH)
NH—H. .. ... <124 Predissociation 1928 | Bonhoeffer and Farkas (24)
<112 Mercury photosensitization 1935 | Melville (111)
<117 Fluorescence 1935 | Terenin and Neumin (203)
104 NH; + H= NII. + H, See Szwarc (192)
104 3+ 2 | Pyrolysis of hydrazine 1949 | Szware (191)
100 Pyrolysis of benzylamine 1949 | Szwarc (192)
HeN—NHs. oo 60 & 4 | Pyrolysis of hydrazine 1949 | Szware (191)
O:N—NOz.. .o 13 N:0.= 2NO, 1897 | Schreber (160)
12.85 N:0, = 2NO, 1919 | Wourtzel (224)
12.90 N0 = 2NO, 1922 | Bodenstein et al. (21)
14.6-14.7 | N,O, = 2NO, 1931 | Verhoek and Daniels (207)
O N—NO..... ..o 9.5 1929 | Abel and Proisl (1)
10 N:0;, = NO; + NO 1931 | Verhoek and Daniels (207)

STIDYINT NOILVIDOSSIA aNod

691




TABLE Al—Continued

—_
Bond dissociation energies of hydrocarbons—!I =
TYPE C—H D(C—H) METHOD YEAR INVESTIGATORS AND REFERENCES
kcal./mole
C—H. .. .. e 80 Spectroscopic 1939 | Herzberg (78)
CHe—H............ ... “— 98 Mirror technique (Cale) 1933 | Rice and Dooley (143)
100 & 6 | Mirror technique (CH,) 1934 | Rice and Dooley (144)
~103 Pyrolysis of CH;sl 1940 | Polany et al. (11, 34, 35)
101 &= 5 | Electron impact 1942 | Stevensoun (177)
~101 Klectron impact 1942 | Stevenson and Hipple (179)
101 4+ 1 | Photobromination 1942 | Kistiakowsky et al. (3, 4, 88)
~101 Klectron impact 1943 | Stevenson (178)
~101 Electron impact 1943 | Hipple and Stevenson (83)
103 &+ 3 | Pyrolysis of CH:CsH; 1949 | Szwarc (189) 8
Cll; + Hy=CH,+ H See, for critical review, Wicke (217) -
and Steacie (168) ;
N
(CH=C)—H......................o.... <121 Photodecomposition 1942 | Cherton (39) ]
(CH=CH)~H.......................... 92? Electron impact 1943 | Stevenson (178)
CH.CH—IT... .......................... ~102 C:H; + Ho = Colle + 11 1942 | Computed by Wicke (217)
~100 Coll, + Hy= CHs + H 1946 | Computed by Steacie (168)
~97 Pyrolysis of C:H:I 1940 | Polanyi et al. (11, 34, 35)
~97 Electron impact 1943 | Stevenson (178)
~98 Photobromination 1944 | Andersen and Van Artsdalen (5)
CH,CH:CH,—H............ e ~95 Pyrolysis of n-C:H,1 1940 | Polanyi et al. (11, 34, 35)
(CHy),CH—H............cccoiiiiiiin.. 89? Pyrolysis of iso-C;H,1 1940 | Polanyi et al. (11, 34, 35)
(CH=CHCHy)—H...................... ~78 Pyrolysis of propene 1949 | Szware (187)
~T7 Pyrolysis of 1-butene 1950 { Szwarc and Sehon (199)




n~C;I{7CIIr’II

(CH4),C—1I

[CHe=C(CH3)CH:]—II..................

~94

86?

~76

77.641.5

75 + 1

77 &+ 2

76 % 1.5

76

Pyrolysis of n-CH,I
Pyrolysis of tert-CH,I
Pyrolysis of 2-methylpropene

Pyrolysis of toluene

Pyrolysis of o-xylene

Pyrolysis of m-xylene

‘Pyrolysis of p-xylene

Pyrolysis of a-methylnaphthalene

1940

1940

1949

1947

1947

1947

1947

1950

Polanyi et al. (11, 34, 35)
Polanyi et al. (11, 34, 35)
Szwarc (188)

Szware (183, 186)

Szwarc (183, 186)

Szwarc (183, 186)

Szwarce (183, 186)

Szwarc and Shaw (200)
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TABLE Al—Continued =
Bond dissociation energies of hydrocarbons—I1—Continued o
ryre C—H D/C—H METHOD YEAR INVESTIGATORS AND REFERENCES
keal./mole)
CHe—H........ooveieeiieen 76 Pyrolysis of 8-methylnaphthalene 1950 | Szwarc and Shaw (200)
(CeHe)sC—H ... U ~75 Dissociation of (CeH5)sCC(CeHys)s | 1929 | Ziegler et al. (228)
Bent et al. (16)
Bond dissociation energies of hydrocarbons—2
TYee C—C D(C—C) METHOD YEAR INVESTIGATORS AND REFERENCES g
n
kcal./mole g
CHs—CHa. ..o oo 80 = 6 | Mirror technique 1933 | Rice and Dooley (143) ;
82-87 Calculated from D(CH;—H) See D(CH,—H) Q
(CH=~CHCH;z)—CHj..................coien.. ~81.6 Pyrolysis of 1-butene 1950 | Szwarc and Sehon (199)
CeHsCH;—CHsy. ...t 63 + 1.5] Pyrolysis of CeHsC.Hs 1949 | Szwarc (189)
CeH;CH—CHCeHs. ... covioeeeieiiiaaan 47 Pyrolysis of toluene 1947 | Szwarc (184)
4548 Pyrolysis of bibenzyl 1949 | Miles (113)
CH, H,C
CHz——CHzC> ................ 22? Rate of thermal dissociation 1943 | Coops et al. (42)
CH, H,C




CH, H,C
H;CC>CH2——CH2<:>CH3 ........
CHs H,C
CH, H,C
CHy/ ; C

(CeHg)sC—CH(CeHs)a.. ... .ovviin it

(CGHB)S C——C (CeHs): ...........................

(CeHj;):C ?(CGHB)Z .......................
H‘CG OCIL
(CeH5)sC C(CeHs)a. oo vveiieiinnn.

90106

22?

227

<28

11 4+ 1
11.6 & 2
10

Rate of thermal dissociation

Rate of thermal dissociation

Rate of thermal dissociation

Equilibrium constant
Equilibrium constant
Equilibrium constant

Equilibrium constant

Equilibrium constant

1943

1941

1937

1929
1935
1941

1941

1941

Coops et al. (42)

Coops et al. (41)

Bachmann and Wiselogle (7)

Ziegler and Ewald (228)
Miiller and Miiller-Rodloff (117)
Preckel and Selwood (139)

Preckel and Selwood (139)

Preckel and Selwood (139)
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TABLE Al—Continued
Bond dissociation energies of hydrocarbons—3

791

JUVMZIS ‘N

'D(C=C) METHOD YEAR INVESTIGATORS AND REFERENCES
keal./mole
HC=CH,.................. <162 Predissociation in Schumann ultraviolet 1934 Price (140)
<159 Predissociation in Schumann ultraviolet 1935 Hilgendorff (81)
Bond dissociation energies of hydrocarbons—4
c=C D(C=0) METHOD YEAR INVESTIGATOR AND REFERENCE
keal./mole
HC=CH................... <187? Predissociation in Schumann ultraviolet 1934 Price (140)
Bond dissoctation energies of halogen-substituted hydrocarbons—1
tvPe C—H D(C—H) METHOD YEAR INVESTIGATORS AND REFERENCES
kcal./mole
CHBr—H..............oii ~99 Photobromination of CH;Br 1942 | Kistiakowsky and Van Artsdalen (88)
CCOL—I. .. i ~89 Photochlorination of CCLII 1934 | Schumacher and Wolff (161)
89 + 2 | Photobromination of CCI:H 1939 | Braunwarth and Schumacher (27)
CBra—H.......oooii 93 + 2 | Photobromination of CBrsll 1939 | Braunwarth and Schumacher (27)
CH—H. ..., 78 Pyrolysis of parent compound 1948 | Szwarc and Roberts (196)
1




CHy—M.. ... .. ... ............ 78 Pyrolysis of parent compound 1948 | Szwarc and Roberts (196)
F
CHe—H.. ... ... 78 Pyrolysis of parent compound 1948 | Szwarce and Roberts (196)
F
Bond dissociation energies of halogen-substituted hydrocarbons—2
tveE C—Cl D(C—C) METHOD YEAR INVESTIGATORS AND REFERENCES
keal./mole
CH;—Cl...... .. ... .. ... .. ... ... (74)? Hot wire decomposition 1944 | Doty (48)
CCle—Cl.. =70 CCl; + Br,== CCL;Br + BrCl | 1949 | Miller and Willard (unpublished results)
Bond dissociation energies of halogen-substituted hydrocarbons—3
TvPE C—Br D(C—Br) METHOD YEAR INVESTIGATORS AND REFERENCES
keal. /mole -
CH;—Br............................... ~68 Pyrolysis of CH;Br 1949 | Szwarc and Selion (unpublished results)
CFs—Br.........ccoooiiiiiiii .. ~65 Pyrolysis of CF;sBr 1949 | Szware and Schon (unpublished results)
CCLBr....... ... 45? Photooxidation of CCl;Br 1939 | Franke and Schumacher (58)
~52 Exchange Br; and CCl;Br 1949 | Miller and Willard (114)
~57 Exchange Br: and CCl;Br 1949 | Davidson and Sullivan (44)
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TABLE Al—Continued

991

Bond dissociation energies of halogen-substituted hydrocarbons—3—Continued

DdVMZS "N

TYPE C—Br D(C—Br) METHOD YEAR INVESTIGATORS AND REFERENCES
keal./mole
(-CHCICHC)~Br.................... 11 + 3| Bromination of CHCl=CHC! | 1938 | Miller and Schumacher (118)
CHCIBrCHCl—Br.............ccocenn 51 + 4] Bromination of CHCl=CHCl | 1938 | Miller and Schumacher (118)
(*CH=CH)~Br........co.o.oocveerun. 8 4 4| Photobromination of acetylene | 1939 | Miiller and Schumacher (119)
(CH;=CHCH3)—Br..........cccououn. 48-50 | Pyrolysis of allyl bromide 1949 | Szwarc and Ghosh (194)
~A45 Pyrolysis of allyl bromide 1949 | Maccoll (107)
CelHsCHo—Br. ..., 50 + 2| Pyrolysis of benzyl bromide 1949 | Szwarc and Ghosh (194)
Bond dissociation energtes of halogen-substituted hydrocarbons—4
TYPE C—1 D(C—T) METHOD YEAR INVESTIGATORS AND REFERENCES
kcal./mole
CHe—I.. .. ~54 Pyrolysis of CH;I 1940 | Butler and Polanyi (34, 35)
<58 Absorption continuum 1937 | Porret and Goodeve (138)
CHClL—I.... ... ... .. 42? Pyrolysis of CHCLI 1945 | Polanyi et al. (33)
CHBro—I...... ... ... . .. 417 Pyrolysis of CHBr,I 1945 | Polanyi et al. (33)
CHL—I... ..o 37? Pyrolysis of iodoform 1945 | Polanyi et al. (33)
CHs—I.. . ~52 Pyrolysis of C.H;I 1940 | Butler and Polanyi (34, 35)
~51 Pyrolysis of C,Hsl 1947 | Szwarc (182)
CHCICH:—I.................ooooiia. 467 Pyrolysis 1945 | Polanyi et al. (33)




(CHy)sC—I.................

Cyclo-CeHj—1

CsHCH.—IL............. o

CH:CH.CH,—I............

........... <47

........... ~55

~46

........... 39?

35-37

~49

45?

49?

........... ~b4

>57

........... 44?

~39

........... 507

Photochemical decomposition
Pyrolysis of vinyl iodide
Pyrolysis of n-C,H;I
Pyrolysis of iso-C,H;I

Pyrolysis of allyl iodide
Pyrolysis of allyl iodide

Pyrolysis of n-butyl iodide
Pyrolysis
Pyrolysis

Pyrolysis of iodobenzene
Pyrolysis of iodobenzene

Pyrolysis of benzyl iodide
Pyrolysis of benzyl iodide

Pyrolysis

1930

1940

1940

1945

1940
1948

1940

1945

1945

1940
1947

1940
1947

1945

Deduced from Schumacher and Wiig
Butler and Polanyi (34, 35)

Butler and Polanyi (34, 35)

Polanyi et al. (33)

Butler and Polanyi (34, 35)
Szwarce and Shaw (163)

Butler and Polanyi (34, 35)
Polanyi et al. (35)
Polanyi et al. (33)

Butler and Polanyi (35)
Szware (182)

Butler and Polanyi (35)
Szwarc (182)

Polanyi et al. (33)

Bond dissociation energies of organic compounds containing orygen—I

tyee C—H

D(C—-H)

METHOD

YE AR INVESTIGATORS AND REFERENCES

keal./mole

....... <78 Threshold in photolysis

4444444 <26 Photolysis, temperature coefficient

<12? | Photolysis

1939 | Gorin (67)

1939 | Gorin (67)
1939 | Remark by Style (180)
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TABLE Al—Continued

891

Bond dissociation energies of organic compounds contatning oxygen—2

OUVMZS '

tyPE C—C D(C—-C) METHOD YEAR INVESTIGATORS AND REFERENCES
kcal./mole
CH;—CO.......ooiiiiiiii e <10 Photolysis 1934 | Leermakers (100)
<10 Photolysis 1936 | Akeroyd and Norrish (2)
<17 Photolysis 1939 | Gorin (67)
<18 Photolysis 1940 | Herr and Noyes (77)
<9 Photolysis 1940 | Grahame and Rollefson (69)
<9 Photolysis 1942 | Blacet and Loeffler (20)
<15 Photolysis 1943 | Benson and Forbes (15)
CH;~CHO.............ciiiin 75 + 2 | Photolysis 1940 | Grahame and Rollefson (69)
CH;CO—COCH;..........ooiine 60 Pyrolysis of biacetyl 1950 | Szwarc and Murawski (195)
<64 Threshold in photolysis 1942 | Anderson and Rollefson (5a)
CH:CH:—COCH;................. 63 Pyrolysis of CsH;CH,COCH; 1950 | Szwarc and Murawski (195)
Bond dissociation energies of organic compounds containing oxygen—3
TYPE 00 D(0—-0) METHOD YEAR INVESTIGATORS AND REFERENCES
keal./mole
CHO—OCHs. ......oovviinn ~30 Pyrolysis 1938 | Harris and Egerton (72)
C.H,O0—O0CH7. ...t ~35 Pyrolysis 1939 | Harris (71)
(CH;3);CO—O0C(CHa)s 39 Pyrolysis 1948 | Rust, Vaughan, et al. (141)
34 Pyrolysis 1950 | Szwarc and Roberts (198)
CI,CO0—O0COCH;................ ~30 Pyrolysis 1937 | Walker and Wild (209)




CeIlI;COO—0COCH;.............. ~30 Thermal decomposition in solution 1940 | Kamenskaya and Medvedev (86)

30-33 | Thermal decomposition in solution 1946 | Nozaki aud Bartlett (121)

28-30 | Thermal decomposition iu solution 1947 | Hartman, Sellers, and Turnbull (74)
~27.5 | Thermal decomposition in solution 1948  Brown (30)

~30 Thermal decomposition in solution 1949 | Bawn et al. (13)

Bond dissociation energies of organic compounds containing oxygen—i

TYPE C—0 D(C—0) METHOD YEAR INVESTIGATORS AND REFERENCES
keal./mole
CH—OH... ....................... ~90 Fluorescence 1934 | Terenin et al. (203)
CH:—OH......................... ~90 Fluorescence 1934 { Terenin et al. (203)
HCO—-OH......................... ~90? | Fluorescence 1934 | Terenin et al. (203)
CH,CO—OH...... ................. ~90? | Fluorescence 1934 | Terenin et al. (203)

Bond dissociation energies of organic compounds containing nitrogen—I

TvPE C—H D(C—H) METHOD YEAR INVESTIGATORS AND REFERENCES
—N kcal./mole
< >CH2——II ......................... 75 Pyrolysis 1948 | Roberts and Szwarc (151)
N
< CH—II.......... ... . ..... 76 Pyrolysis 1948 | Roberts and Szwarc (151)
4 -
N\ CH—H......................... 77 Pyrolysis 1948 | Roberts and Szwarc (151)
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TABLE Al—Concluded

0L1

Bonddissociation energies of organic compounds containing nitrogen—2

TYPE C—C D(C—C) METHOD YEAR INVESTIGATORS AND REFERENCES
kcal./mole
NC—CN. oo ~100 Predissociation 1932 | Hogness and Ts’ai (84)
77? Pyrolysis 1933 | Kistiakowsky and Gershinowitz (87)
146? Pyrolysis 1940 | White (216)
<127 H: + (CN): = 2HCN 1942 | Robertson and Pease (153)
117-120 | Lattice energy 1948 | Glockler (66)
CHy—CN .. i e e 105? Fluorescence 1934 | Terenin et al. (203) =
Bond dissoctation energies of organic compounds containing nitrogen—3 4
=
Tyee C—N D(C—N) METHOD YEAR INVESTIGATOR AND REFERENCE ;
a
kcal./mole
CeH:CH;—NH,. .. ..o 59 + 4 Pyrolysis 1949 | Szwarce (192)
Bond dissociation energies of organic compounds containing nitrogen—j
1YPE N—N DN—N) METHOD YEAR INVESTIGATOR AND REFERENCE
kcal./mole
CeH:NH—NH:....covveveii it ~A48 Thermal decomposition in solution 1950 | Dewar (46)
CH:NH—-NHCH;. ......... ... .. ~35 Thermal decomposition in solution 1950 | Dewar (46)
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TABLE A2
Heats of formation of radicals or atoms in the gaseous state from elements in their standard
states
RADICAL OR ATOM AH} METHOD REMARKS
kcal. /mole
H...................... +52.0 Spectroscopic
Cl..................... +29.0 Spectroscopic .
Br.................... +26.7 Spectroscopic Rossini et al, Select.ed
§ . Values of Properties
I +25.5 Spectroscopic £ Hyd bons (1948
O i +59.2 Spectroscopic oJ Hyarocarbons )
OH...............ou.e. +10.0 2H;0 + 0. = 40H
CN.. .. +100 ? (CN)2=2CN; D(CN— | Uncertainty in inter-
CN) = 127 keal./mole| pretation
NO.........ooooeiil +21.5 Calorimetric
NH.................... +41 + 2 Pyrolysis of hydrazine
NOz. oo +7.4 Calorimetric
CH;................... +31 +1 Photobromination Well established
CHO................... 0?2 Decomposition of CHO | Very unreliable
CHs..oo oo +26 + 2 Photobromination Might be slightly higher
CH:O................. —107? Pyrolysis of C;HsONO | Very unreliable; leads
to D(C:H:0—C.Hj)
< D(C.H:—O0)
CH~=CH.............. +64 ? Estimate D[(CH,=—CH)—H]seems
to be > D(CH,—H)
CH=C................. +123 2 Photodecomposition Very uncertain
CH:.CO ...l —4to 8 Pyrolysis of biacetyl Lack of modern com-
bustion data
n-CsHy. ..o +18 ? Pyrolysis of n-C;H,I Uncertain
Iso-CHy. ..o +12 7 Pyrolysis of iso-C;H;I | Uncertain
CH~CHCH,.......... + 29.5 + 2 { Pyrolysis of 1.butene | Cross-checks: pyrolysis
of propene and allyl
bromide
CH~C(CH;)CH,...... +20 ? Pyrolysis of 2.-methyl-
propene
n-CHg.oovoiiiiinas. +12 ? Pyrolys's of n-CH,I
(CH3):C.ovvviveevene e +3 7 Pyrolysis of tert- Very uncertain
CH,I
L0 - N +72 7 Estimate D(C¢Hs—H) seems to
be >D(CH —H)
CH: CHs..o o cvvveal +37.5 £+ 1.5{ Pyrolysis of toluene Cross-checks: pyroly-

sis of CeHC,H;s and
CsHsCHzBI‘




TABLE A3
R’'—R" bond dissociation energies
Hydrocarbons

For uncertainties in D(R’—R”) compare the table of AH; of respective radicals
The bond dissociation energies estimated directly are set in heavy type

=
= .| E . .
N g . =
AR AR A
= | 5SS 8 8]%] 8 BTy S |3
CHs.........ooo... 101 |83 |82 | 907 (1107 79 | 74.5260 |78 | 747 917 |63
CHs..........o.... 98 |82 |82 | 907 (1097 79 | 7572 |60.5 78 | 737 917 (62
CH~CH....... ... 1042 | 907 | 902 [101? 872 | 852 |68.52/86> | 817[101>
CH=C 1217 (1102 {1097 1062 1032 1197
n-CHy.............\9 |79 |79 [872 [106? 76 | 722 |57.5|75 | 707 88> |59
Iso-CoHy........... 897 | 74.52| 757 | 852 [1032| 727 | 66.52(54.52(717 | 65| 837 |54.5?
CH,=CHCH,.......| 7T | 60 60.5{ 68.5? 57.5) 54.52)38  |56.5
n-CHo.............|94 |78 |78 |862 75 | 717 |56.5 74 | 697 877 |57.5
(CH)C............ 857 | 747 | 73?7 | 812 702 | 852 697 | 607|782
CH:—=C(CH;)CH,. . .| 767 | 607 | 607
CeHs............... 1042 | 917 | 917 |1017 [1197] 887 | 832 872 | 782/108? (76.57
CeHCH,........... 77.6 63 | 62 59 | 54.52)  |57.5 | 76.5247
0-CH;CsH(CH; . .. .. 74 |58 |58
m-CH;CoH,CH,.....| T7.5| 62 | 62.5
p-CHyCHCH, . .. .. 6 | 60 | 60
CHy......... ~76
(\OCHz ...... ~76

R’—R" bond dissociation energies
For uncertainties in D(R'—R") see the table of AH; of respective radicals
The bond dissociation energies estimated directly are set in heavy type
The values of D(R’—R”) calculated on the basis of AH, of the respective compounds are
denoted by an asterisk if the AH, is uncertain

H | Q| Br 1 OH NH: CN CHO| . |NO:jNO

Q

8 ||
CHs ..o 101 | 80 |66-67|64-55/ 91 (90)|79 [110? (105)i71-76 77? | 57
CeHeooooooo 98 | 80 65 |51-52 93 (90)|78 717 | 777 | 52
o ; 95 | 77* 50 92 |77* 717 | 772 |
(CH3);CH............ 897 ~46 | ~80 i73? ’
(CHy):C.............. 852 | 752617 |~46?( 912 [76? | 1
CH=CH............ 1047 | 86? 557 1217 84%p %
CH,=~CHCH,........ 77 | 58 |48 [86-37| 71 lea* | 92*> | 507
CeHs.................[1047 | 88> BT? | 107*p (94*p| 124*7 | 83*7!
CeHsCHy............. 77.5 50.5 | 39> | 73* |59 95*? 63
CHO................. 79? 967 (90)(897 597
CH:CO............... 857 | 82?1677 | B1? [102? (90)/98? 597 | 60
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It is necessary to acknowledge the existence of three previous communications
attempting to systematize the data concerned with bond dissociation energies:
a review by E. Wicke (217) published in 1942; a monograph by E. W. R. Steacie
(168) published in 1946; and an extensive compilation by J. 8. Roberts and
H. A. Skinner (150) published in 1949. The data given in the present paper differ
only slightly from those recommended by Roberts and Skinner. It seems, how-
ever, that Roberts and Skinner reported the various bond dissociation energies
and heats of formation of radicals with an accuracy which is not warranted by
the actual accuracy of the experimental determinations. They put the whole
emphasis on the accuracy of thermochemical data used in their calculations,
stressing to a lesser extent the uncertainties in the bond dissociation energies
measured directly and consequently in the heats of formation of the radicals.



