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Abstract

A symposium on The Mechanisms of Pyrolysis, Oxidation, and Burning of Organic Materials
was held at the National Bureau of Standards in October 1970. This volume contains the nineteen
papers presented and much of the discussion which followed.

These papers review and discuss the current status of kinetic studies on the reactions of
organic materials in both gas and condensed phases. The topics covered include: pyrolysis of
hydrocarbons, pyrolysis of polymers, oxidation of polymers, oxidation of organic compounds,
burning of organic compounds and burning of polymers. Particular emphasis is placed on the
elucidation of the mechanisms of reaction in terms of free radicals or other transient species and
physical effects.

Key words: Burning; hydrocarbons; organic materials; oxidation; polymers; pyrolysis.

Library of Congress Catalog Card Number: 76-181873

Identification of some commercial materials and equipment has been necessary in this publi-
cation. In no case does such identification imply recommendation or endorsement by the National
Bureau of Standards, nor does it imply that the material or equipment is necessarily the best
available for the purpose.
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Foreword

The Institute for Materials Research of the National Bureau of Standards has among its
responsibilities the investigation of the chemical and physical properties of materials, the develop-
ment of metrological techniques for measuring such properties and characterizing materials, and
the dissemination of data and information of importance for the advance of industry and commerce.
In many important areas there are phenomena where measurement methods are nonexistent or
inadequate, and where the critical properties needed for characterization of the process or material
are not clearly identified. The burning of polymers, which is a complex process involving the pyroly-
sis and oxidation of polymers and their gaseous decomposition products, had for a time been in
this category, but recent work has shown encouraging signs of definite progress.

We are therefore particularly pleased to have as the topic for our 4th Materials Research
Symposium, “The Mechanisms of Pyrolysis, Oxidation and Burning of Organic Materials.” It is
also particularly timely because it is apparent that many of our most pressing and difficult national
problems from solid waste disposal to product safety involve or require knowledge of the com-
bustion, burning and deterioration of organic materials. This symposium was organized for the
purpose of intensively reviewing, examining, evaluating and disseminating available knowledge
and data on these complicated physical and chemical processes.

It is hoped that the publication of these proceedings will be of value to specialized investi-
gators in the particular areas discussed, as well as those actively engaged in attacking such current
problems as flammable fabrics, fire safety, air pollution, waste disposal, recycling of organic ma-
terials and the design of safe products.

Such problems will require considerable effort in utilizing science for the development, where
possible, of technological solutions for social and national needs.

J. D. HOFFMAN, Director
Institute for Materials Research
National Bureau of Standards
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Preface

This symposium, “The Mechanisms of Pyrolysis, Oxidation, and Burning of Organic Ma-
terials,” germinated from a suggestion made about six years ago by Dr. Alvin S. Gordon of the
Naval Weapons Center, China Lake, California, that a conference on both gas phase and con-
densed phase pyrolysis would be very productive. This idea then developed naturally to include
oxidation and burning. Thus the symposium covers six areas of specialization or subdisciplines,
all of which have the common thread of free radical reactions.

Starting with the historical paper by Professor F. O. Rice, this publication reviews and dis-
cusses the current status of the fields of gas phase pyrolysis, polymer pyrolysis, polymer oxidation,
gas phase oxidation, gas phase burning, and the burning of polymers, with emphasis on the physical
and chemical mechanisms of the processes.

The arrangement of the subject matter is intended to gradually and systematically introduce
the reader to a very complex and relatively unexplored area of research, the burning of polymers
or organic materials. It is also hoped that the organization of the various topics will stimulate new
work, identify critical problems and lead to fruitful investigations.

The efforts and kind cooperation of the authors, discussants, and all the participants in this
symposium are greatly appreciated.

Leo A. WaLL
Editor and Chairman
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Francis Owen Rice

The career of Professor Francis Owen Rice as a chemist, scientist and educator covers over a half century. He
was born in Liverpool, England on May 20, 1890 and studied at the University of Liverpool where he received the
B.Sec. degree in 1911, the M.Se. in 1912 and the D.Sc. in 1916. An 1851 Exhibition Fellowship brought him to Princeton
University and the U.S.A. in 1919. After teaching at New York University, 1919-24, and Johns Hopkins University,
1924-38, he became Professor and Head of the Chemistry Department at Catholic University. Upon retiring from
Catholic University in 1959 he served as Professor and Chairman of the Chemistry Department at Georgetown
University till 1962, and then as Principle Research Scientist, Radiation Laboratory, University of Notre Dame,
1962—68. Since 1968 he has been a Fellow-by-Courtesy in the Chemistry Department at the Johns' Hopkins Uni-
versity and also actively continues research in his home laboratory.

Professor Rice is best known for his trail-blazing work on transient free radicals and their role in the mechanism
of organic reactions, such as pyrolysis, oxidation and burning. Subsequently he pioneered studies of trapped free
radicals and utilized the results of his free radical studies in developing hypotheses for a rational explanation of
extraterrestrial phenomena such as the colors of the planet, Jupiter. At the present time he is interested in the possi-
bility of reacting solids by mechanical methods.

Thus it is particularly fitting and appropriate that Professor Rice presented the introductory paper at the sym-
posium on the Mechanisms of Pyrolysis, Oxidation and Burning of Organic Materials.




NATIONAL BUREAU OF STANDARDS SPECIAL PUBLICATION 357, THE MECHANISMS OF
Pyrovrysis, OXIDATION, AND BURNING OF ORGANIC MATERIALS, Proceedings of the 4th
Materials Research Symposium, Oct. 26-29, 1970, Gaithersburg, Md. (Issued June 1972).

The Genesis of Free Radical Chemistry

Francis O. Rice
Department of Chemistry, Johns Hopkins University, Baltimore, Md. 21218

Modern chemistry is a late-comer among the sciences and came into being only at the be-
ginning of the 19th Century when the phlogiston theory was abandoned to be replaced by Dalton’s
Atomic Theory. As Dalton’s Theory became firmly established there grew with it the belief known
as the doctrine of valency which resulted, by the middle of the 19th Centry, in the denial of the
very existence of free radicals.

In the early 20th Century, the work of many scientists—Hinshelwood, Bodenstein, Taylor—
in the fields of photochemistry and kinetics led to the belief that free radicals not only existed but
played an important part in the mechanism of chemical transformations. Paneth’s discovery
that free radicals could be detected by their removal of certain metallic mirrors was followed by
Rice’s demonstration that organic compounds did decompose thermally into free radicals, and
then, the Rice-Herzfeld theory that showed it was possible to explain quantitatively the mecha-
nism of the thermal decomposition of organic compounds. In The Annual Review of Physical
Chemistry (1971) a chapter on Paraffin Pyrolysis contains the following sentence: “All in this
field are now agreed that the reactions can basically be described in terms of the Rice-Herzfeld

radical chain mechanisms and that, in general, chains are long.”

Key words: Alchemys; free radicals; genesis; phlogiston; valency.

Among the sciences chemistry made a late start.
Even at the end of the 1700’s when its sister
sciences—mathematics, physics and biology—had
attained a modest degree of maturity, chemical
transformations were explained on the basis of the
mythical phlogiston. How could this have occurred?
Except for medicine, chemistry is the most applicable
of all the sciences and from this standpoint it might
be supposed that its development would come about
sooner than that of the other sciences. Doubtless in
prehistoric days many chemical discoveries were
made independently in different parts of the world
and kept as closely guarded family secrets. Thus,
the reduction of ores in fires, the formation of glass
by fusion of pot-ashes with sand and the production
of crude soap by hydrolysis of fats by hot aqueous
potash solutions are all examples of discoveries that
may well have been made before the dawn of history.

Although chemical history does not commence
with Greek science, the Greeks really determined the
early history of chemistry and unwittingly set it off
in a wrong direction. We can detect three main lines
of chemical thought among Greek philosophers:

(1) Ignoble and sordid, unworthy of written record,
is every sort of scientific activity directed to use
or profit. The foregoing quotation is a paraphrase
of written thoughts of many Greek philosophers.

(2) To the mind trained in epistemology, dialectics,
and etiology, the experiment is superfluous.
The menial work of the experimentalist should
be left to slaves and the common man.

(3) Properties are not inherent in a substance. By

suitable manipulation properties may be modi-
fied so that a substance A may be endowed with
all the properties of a substance B.

It should be realized that not all Greek scientists
subscribed to all, or even to one, of these postulates.
As with everything else, where large numbers are
involved there is always a distribution, commonly
known to chemists by the title of Maxwell’s Dis-
tribution Law. There were notable experimenters
among Greek scientists and glimmerings of Dalton’s
Atvomic Theory appear in the writings of several
Greek philosophers. However, by the beginning of
the Christian era chemical opinion had crystalized
fairly definitely along the three lines indicated.

Indeed there seemed evidence for all of them,
especially the third. If one takes a piece of ordinary
sulfur, a brittle yellow solid, and melts it, and
continues heating until it almost reaches the boiling
point, a thick, dark-reddish liquid results. When this
liquid is poured into cold water, instead of getting
back the brittle yellow sulfer, one obtains an amber-
colored solid with the properties of rubber. Surely it
was reasonable to think that one could take a cheap
base metal such as lead and endow it, not only with
the yellow color, but with all the other properties of
gold. The period of alchemistry lasted for centuries,
during which chemists struggled in vain to perform
such feats as to change lead into gold. We know now
that it is possible to change one element into another,
but the technique is far beyond anything available
to the alchemist—and the cost far outweighs the
value of the product.




Although alchemical work continued during the
first ten or twelve centuries of the Christian era,
iatrochemistry—the study of chemistry in medi-
cine—developed simultaneously. The iatrochemists
hoped to find a magic drug, the so-called philosophers’
stone, that would cure all diseases and would indeed
confer eternal life. Magic prescriptions and potions
abounded, most of them without any merit whatso-
ever. However, here and there evidence appeared
often in some quite nauseating prescriptions, that
the search was not necessarily in vain. For example,
among the hundreds of recommendations for treating
infections, one was to make a poultice of the green
mold on stale bread and apply it to the wound. This
green mold is rich in penicillin!

About the middle of the 1600’s there appeared the
strangest theory of all, the Phlogiston theory—
designed in the first place to explain the chemistry
of burning. This wrong theory lasted until about
1800, the birth date of modern chemistry.

In order to understand the acceptance of the
experimental work of Lavoisier and the theory of
John Dalton, which at long last (about 1800 A.D.)
set the mainstream of chemistry in the right direc-
tion, we have to go back many hundreds of years to
the work of Roger Bacon, a Franciscian friar who
lived in England during the 13th Century and is
commonly regarded as the intellectual originator of
the experimental method. However, it was only
many centuries later that the experiment took its
rightful place in natural science and in all disputes
became generally accepted as the court of last resort.
Even in the 16th Century the attitude of many
scientists may be illustrated by an extract from the
writings of a Frenchman, Jean Rey. He was con-
sidering the question, whether matter could be
made to disappear during the course of a chemical
transformation, and wrote ‘I affirm that the
examination of weights that is made by the balance
differs greatly from that made by reason. The latter
is only employed by the judicious, the former can be
practiced by the veriest clown; the latter is always
exact; the former is seldom without deception.”
By an extraordinary piece of sophistry he “proved”
(correctly) that matter does not disappear during
the course of an ordinary chemical reaction.

The combination of the experimental work of
Lavoisier and the theoretical work of Dalton
resulted in a great flowering of the science, particu-
larly of organic chemistry. However, in one vital area
chemists were still misled: their work seemed to
disprove the very existence of free radicals. The
doctrine of valency became generally accepted.
Hydrogen was monovalent, oxygen divalent, nitrogen
trivalent, and carbon tetravalent. The existence of
hydrogen peroxide, hydrazine, ethylene and acetylene
could be explained readily by writing respectively

H H
H—0—0—H;

H H
N,

c—C ; H—C=C—H.
/N

0 H

The existence of CO and the many metallic salts
obviously of different valencies, was more difficult to
explain, but even here the idea of latent or “‘sleep-
ing” valencies gave an acceptable explanation.

Even Kekulé’s formula for the structure of benzene
fitted into the valency theory. If one writes benzene
as (A) with fixed double bonds, there should be two
ortho disubstituted compounds, (B) and (C); how-
ever, only one could be found. Kekule must have
had some sort of intuitive understanding of what
we now call resonance when he postulated the mi-
grating double bond to explain the existence of only
one ortho disubstituted benzene.
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The situation in chemistry at the end of the 19th
Century may be illustrated by a quotation from the




eminent physical chemist Ostwald [1]": “It took a
long time before it was finally recognized that the
very nature of the organic radicals is inherently
such as to preclude the possibility of isolating
them.” However, some few chemists persisted in
considering the possibility that free radicals did exist
and play a part in chemical reactions. Nef [2], in a
series of papers published in the 1890’s, concluded
that a wide variety of organic transformations could
be explained by postulating the intermediate
formation of a divalent carbon radical. At that time
little was known about relative bond strengths, and
many of his proposed mechanisms are actually
completely impossible.

The situation during the first two decades of the
20th Century may be illustrated by the following
extracts from chemical textbooks published during
that period:? “The assumption of the existence of
radicals, capable of existing alone and playing a
special role in chemical reactions, has long been
abandoned.” It is evidently quite out of the
question to isolate free alkyl groups.” “Alkyl
radicals do not exist independently. They occur
only in combination with other elements or groups.”
“Carbon is quadrivalent, and on this foundation the
whole superstructure of organic chemistry rests.”

It is ironical that during the first part of the
20th Century physicists, especially spectroscopists,
not knowing at all that free radicals did not exist,
were actively investigating them. Their interaction
with electromagnetic fields (wave lengths of abhsorp-
tion or emission, intensities and widths of lines) and
the general theoretical understanding of the potential
energy curve of two particles, made it possible to
obtain with great accuracy for diatomic particles
the equilibrium distance and the energy of dissocia-
tion. Unfortunately, at that time there was not the
close liaison between physics and chemistry which
exists today.

Since free radicals are short-lived entities, it is
not surprising that chemical evidence of their
existence was first pointed out by kineticists.
Bodenstein in Germany, studying the hydrogen-
chlorine reaction, finally became convinced that the
mechanism of the reaction could best be described
by an atomic chain. Hinshelwood, in England,
succeeded in explaining the complicated mechanism
of the hydrogen-oxygen reaction by a chain mecha-
nism involving free radieals.

However, it was not until 1926 that experimental
evidence for the existence of free radicals was first
described [3]. Taylor and Jones [4] found that
pure ethylene heated in a quartz flask at 260 °C
remained stable indefinitely. However, when a
mixture of ethylene and either mercury or lead
alkyls was heated under the same conditions, a
reaction occurred resulting in the formation of oils.
Taylor and Jones explained the results by postulating

1 Figures in brackets indicate the literature references at the end of
the paper.

2 Since these quotations are taken from ephemeral literature, references
are not given. However, these or similar statements may be found in every
chemical textbook published during this period.

a primary dissociation of the metal alkyls:
Pb(CH;),—Pb+4CH;;

followed by reaction of the methyl radicals with
ethylene as follows:

CH3CH2CH2 + CH2= CH2
—>CH3CH2CH20H2CH2 ete.

Combination or disproportionation of the radicals
resulted in the formation of oils. Although this work
did not give any conclusive proof of the existence of
free radicals, the explanation of Taylor and Jones
proved to be essentially correct and was a significant
factor in gaining acceptance for the existence and
importance of free radicals in chemistry.

Just a few years later (1929) a paper appeared by
Paneth and Hofeditz [5] showing how the methyl
radical could be isolated and studied. Their method
was to carry tetramethyl lead in a stream of an inert
gas at low pressure, passing the gases through a
furnace and at the end of the furnace bringing them
in contact with a cold lead mirror. They thus showed
conclusively that the tetramethyl lead decomposed
into lead and methyl radicals. The latter combined
with the cold lead mirror, reforming tetramethyl
lead. Although the work of Paneth and Hofeditz
seemed quite conclusive, it did not by any means
gain general acceptance immediately. This was
partly because the experiment itself is difficult: the
lead mirror must be quite clean, and the flow of the
gases, owing to the short life of the methyl radical,
must be very rapid. Also, about a year after publica-
tion of the original paper, there appeared a paper by
Muller and Schultze [6] suggesting that in the
Paneth and Hofeditz experiment the removal of the
lead mirror was merely due to the formation of
hydrogen atoms.

Paneth [7] lost no time in replying and it seems
worthwhile to illustrate the climate of the time by
giving two extracts from his paper:

(1) “It will be shown that the experiments of
Messrs. Schultze and Muller do not constitute
any proof against the existence of free methyl.”

(2) Footnote: "It is a fact well known among
logicians that the undependability of such a
conclusion is very easily recognized when it
leads to an absurdity. As a striking example of
their erroneous logic we may give the following
example: All geese have 2 legs. This girl has
2 legs. Therefore it follows that this girl is a
goose.”

My own interest in free radicals started two or
three years after I joined the Department of Chem-
istry at The Johns Hopkins University in 1924.
Hinshelwood [8] had already studied the kinetics of
the thermal decomposition of acetone and found that
the decomposition followed a unimolecular law. He
assumed that the decomposition was represented by




the equation

CHgCOCHg——)CO+C2H6

One of my students and I (9) soon found that the
decomposition of acetone was really represented by
the equation

CH3COCH3—)CH2: CO + CH4

At that time chemists thought that organic trans-
formations occurred through a series of migrations of
atoms or radicals, without the intermediate forma-
tion of free radicals. Thus, the thermal decomposi-
tion of acetone into ketene and methane would be
represented by the migration of a hydrogen atom
from one methyl group of the acetone molecule to
the other, foliowed by rupture of the acetone
molecule, thus producing ketene and methane.

This seemed to me to be asking a rather impossible
behavior of a hydrogen atom. In the gaseous state,
at atmospheric pressure or lower, an acetone
molecule spends most of its time out of range of the
force fields of other molecules. It seemed reasonable
to assume that the heat energy flowing into the
molecule would finally result in the rupture of the
weakest bond, with the consequent formation of two
free radicals, which would then fly apart and each
react with the surrounding acetone molecules. It
turned out that considerations of this kind, guided
by our knowledge of bond strengths and the prin-
cipal of least motion,’ led to a chain reaction which

ave the products ketene and methane. Having
established the theory for acetone, it was easy to test
it by comparing the theoretically predictable
products of decomposition of hydrocarbons, other
ketones, ethers, etc., with those actually produced
experimentally. Such comparisons showed that free
radical mechanisms provided a satisfactory ex-
planation for the thermal decomposition of aliphatic
organic compounds.

However, when the theory was first proposed we
had no evidence at all of the actual existence of free
radicals, during the thermal decomposition of
organic compounds, and there thus was little hope of
gaining acceptance of our postulated mechanisms.
It was at this very time, when we needed it most,
that the paper by Paneth and Hofeditz [5] appeared.
To be sure, they had only discovered a method of
detection of CH; radicals by their removal of lead
mirrors, and it remained for us therefore to deter-
mine that the thermal decomposition of ordinary
organic compounds, such as hydrocarbons, ketones,
ethers, etc., resulted in the formation of free radieals.
Our experiments were successful, and we found that
all these compounds readily decomposed in this
manner. We thereupon published the results of
our work [117].

In the years that followed, the reception accorded
our interpretations is best illustrated by such
excerpts as the following:

(1) From a paper by R. E. Burk [12]:
*The thermal decomposition of straight chain

3 These matters were clarified in a later paper by Rice and Teller [10].

paraffins is of outstanding interest for at least two
reasons. Firstly, the reactions are basic ones in the
technical “cracking” of petroleum fractions, prac-
ticed on a huge scale; secondly, since the C—C
bonds are probably all alike energetically, straight
chain paraffin molecules are almost ideal ones for
mechanical and statistical calculation of reaction
rates ... A paper on the decomposition of paraffing
has just appeared, in which the first step is assumed
to be free radical formation. The decomposition of
radicals themselves

CHgCHzCHzCH;;—‘)zCHgCHz

was thought to play an important part . . . It seems
unlikely that free radicals should be formed by
thermal decomposition of hydrocarbons, because
reaction 24 can occur with the evolution of some
70,000 or 100,000 calories, and with no

CH;CH;-+CH,;CH;—C,Hs+CH;=CH,

evident kinetic impediment, before the radicals leave
the sphere of reaction.”
(2) From a paper by Kassel [13]:

“The decomposition of paraffin hydrocarbons has
been discussed by F. O. Rice and by Burk; Burk
upholds the view that a paraffin is split out in the
initial act, while Rice assumes free radical formation.
Both attempt to obtain evidence from the com-
position of the reaction products but without any
very striking successes.” ——— “There is a second
explanation for the results of Rice and Evering. It
seems possible that the primary process in these
reactions may be of the type

/
CHgCHzCH3—>CH4+CH3CE

This view has the advantage that the methyl group
in splitting off captures a hydrogen atom from the
carbon to which it was itself attached, rather than
from a more distant atom, as is the case when eth-
ylene is the initial product... It is likely that

CH,CH would behave like a free radical in a Paneth

test such as used by Rice and Evering.”
(3) Still another extract may be given: Simons
and Dull

“On the Reaction of Gaseous Methyl with Carbon
Tetraiodide” [14].

... the identification of these as free radicals
(odd molecules) is still open to question... Its
reaction with carbon tetra-iodide to form methyl
iodide is an argument against the assumption of
Kassel that the active particles are alkylidene
radicals, for in that case di-iodomethane should
have been formed.”

It finally became obvious to organic chemists that
free radicals were important intermediaries in many
organic transformations. There remained, however,
the problem that troubled physical chemists, prin-
cipally kineticists, that thermal decompositions of
organic compounds followed simple laws, of the first




or second order, and this seemed quite impossible on
the basis of the mechanisms I was proposing.

Fortunately for me, at that time a colleague in the
Physics Department, Karl Herzfeld, was also
interested in reaction mechanisms. Together we
made an examination of the free radical theory which
I had proposed, with the object of finding out what
kind of kineties it would lead to. It turned out that
the problem was a very messy one algebraically, but
our calculations finally led to a simple solution,
depending on the chain ending [15]. It was found
that thermal decompositions such as, for example,
that of acetone, should follow a unimolecular law,
whereas the thermal decomposition of acetaldehyde
should follow a 1.5 order. It was actually found that
published data for the latter reaction fitted better a
1.5 order of decomposition than a second order. We
submitted this paper to the American Chemical
Society for publication and it seems worthwhile to
give some extracts of our correspondence with the
late Professor Arthur B. Lamb, who was then editor.
Comments of referee I (in part):

“The paper is important and is concisely and
rather elegantly expressed; and I have concluded
that | should recommend its publication in full ...
The concept of free radicals in kinetics is a very live
subject now, and in my opinion this paper is a dis-
tinet contribution to this field.”

Professor Lamb submitted the paper to another
scientist who preferred not to act as a referee and
wrote:

“... I know that we should be criticized for
publishing such a long paper with so many equations
and I believe it would be better to have the judge-
ment of another referee.”

The comments of the other referee were as follows
(in part):

“I am very decidedly of the opinion that the
material involved should be published, but I cannot
agree with the judgement of your first referee that
it is concisely expressed . . .

... So far as this particular paper is concerned, 1
think you would be justified in requiring that it be
shortened by 10 to 12 pages.”

Then followed the Editor’s decision (in part):

“There is no question as to our desire to publish
this manuscript as a valuable contribution to the
subject of free radicals. .. I am glad to accept your
manuscript for publication provided it can be con-
densed from its present 27 typewritten pages to not
over 17 typewritten pages.”

The Editor’s decision posed quite a problem for us,
which we solved in the following manner. We went
over the paper carefully, but succeeded in shortening
it only by several pages. As it was necessary to retype
the paper, and as we were unable to shorten it by
the required 10 pages without emasculating it
altogether, we resorted to the use of a typewriter
with somewhat smaller type, and used narrower
margins. In this way we met the Editor’s require-
ments.

The publication of the Rice-Herzfeld paper [15 ]
removed the final objections to the theory and

thereafter the progress of free radical chemistry
proceeded exponentially.

It is extraordinarily difficult to select for mention
any names among those of the many distinguished
scientists who contributed to the advance of free
radical chemistry. However, there are a few lines of
free radical research that call for special mention.
About 1932 I had become interested in the methylene
radical and my former student, Glasebrook, and
I [16] discovered that although it does not combine
with metallic lead it can be studied through its
combination with tellurium. We had no notion at the
time of the properties of this extraordinary particle
and it remained for the physical chemist, George
Kistiakowsky [17], at Harvard and the organic
chemist, Doering [18], then at Yale, to uncover
its properties.

At Rochester W. A. Noyes, Jr. [19] founded a
school interested principally in a study of the photo-
chemical production of free radicals. The work of
Porter and Norrish, in England [20] demonstrated
that it was possible through flash photolysis, actually
to obtain the spectra of free radicals.

Lastly the work of Dr. E. W. R. Steacie [21] at
Ottawa should be mentioned. Canada does not have
as many centers for free radical research, nor does it
produce a volume of work as great as do some other
countries, but in proportion to its population and
wealth its production far outranks every other
country; this is due in large measure to the foresight
and planning of E. W. R. Steacie.

Finally, since this is essentially an historical paper,
we should ask ourselves “what will future historians
have to say concerning free radical science today?”
‘What will scientists think, 200 years from now, when
reading the papers presented at this meeting? Are
we going: in the right direction? Have we finally
arrived, by and large, at a true and full under-
standing of free radical reactions? In my estimation;
the answer will be NO.

As an example, for many years I have had a
feeling of uneasiness when reading papers describing
measurements of the speed of chemical reactions, in
which it is mentioned that the surface of the vessel
must be “conditioned” before reproducible results
could be obtained. However, reproducibility can
hardly be regarded as a safe criterion of truth: the
phlogiston theory gave consistently reproducible
results—which were exactly opposite to the truth.

There is a second Rice-Herzfeld paper [22] in
which this matter is discussed. There 1s the possi-
bility that chains may start from the wall, go out
into the gas phase and terminate on the wall.

Only a few decades ago the difficulties of travel
were such as practically to preclude a Symposium
such as this, which provides an opportunity for
scientists from far distant countries to engage in
informal discussion.. Out of such deliberations are
likely to emerge many new lines of attack on the
challenging and important problem of controlling
the pyrolysis, oxidation and burning of organic
materials.
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Pyrolysis of Organic Compounds in the Gas Phase

Alvin S. Gordon and R. H. Knipe

Research Department, Chemistry Division, Naval Weapons Center, China Lake, Calif. 93555

A critical review of the pyrolysis of organic compounds is made. The review is divided into
hydrocarbons, halides, and oxy compounds. Most hydrocarbon reactions have an important uni-
molecular component, either the initial step in the case of chain reactions (e.g., saturated hydro-
carbon decomposition) or a one step reaction which may involve a transient biradical structure.
There are many types of pyrolysis reactions in the latter category.

For halocarbon pyrolysis there are two reaction paths, one involving an unimolecular rupture
of the carbon-halogen bond and the other an unimolecular elimination of the hydrogen halide
molecule via a polarized activated complex. The preferred path is determined by the self-quenching
efficiency of the radical path. If highly efficient, the molecular elimination path will dominate
and vise versa. In some systems, the two paths are competitive.

Oxy hydrocarbons such as acids and esters pyrolyze via the polarized complex molecular
elimination path. Ethers appear to pyrolyze via a free radical chain mechanism while ethylene
oxide is initiated by a unimolecular rearrangement to acetaldehyde with excess energy. The
vibrationally excited molecule can decompose into two radicals and initiate chain decomposition.

Key words: Decomposition; kinetics of decomposition; pyrolysis of hydrocarbons; radical mecha-

nisms; unimolecular decomposition; molecular mechanisms.

1. Introduction

It is fair to inquire how the pyrolysis of organic
compounds is related to flamibility of organic
materials. The relation is that when organic materials
burn in a diffusion flame, the condensed phase is
heated by the flame and provides gaseous molecules,
with and without decomposition of the organic
material; these gaseous molecules form the fuel for
the flame. It has been demonsirated that the fuel
molecules inside the flame mantle are extensively
pyrolyzed with only a trivial amount of oxygen
being present and probably acting as an efficient
catalyst [1, 2]

The gross aspects of the pyrolysis of most organic
compounds were delineated by F. O. Rice in the
early 1930’s [3]. For the bulk of such molecules, the
reaction is initiated by the breaking of the weakest
C—C bond to form two radicals. These radicals and
their daughter radicals, abstract an atom from the
parent compound to produce product molecules and
new radicals in a chain mechanism. In the case
where large radicals are formed, these will isomerize
to other radicals as well as pyrolyze by unimolecular
reactions to olefins and smaller radicals. The chain
reactions are quenched by radical-radical combina-
tion and disproportionation reactions.

In addition to the above chain decomposition
reaction, organic molecules may decompose in a
unimolecular reaction to give two molecules without
free radical intervention. Other reaction paths are
unimolecular isomerization and bimolecular re-

1 Figures in brackets indicate the literature references at the end of this
paper.

actions involving one or two reactants. For these

last processes, the Woodward-Hoffman orbital
correlation rules have been able to provide simple

rationalizations of the products in many cases [4].

Usually, one of the many possible mechanisms

dominates. Bond strengths, molecular structure and

polar effects have been used to explain why a particu-

lar mechanism is dominant in a given temperature

range.

For crystalline solids, the pyrolysis reaction rate
may be determined at the interface between reacted
material and the unreacted crystalline material as
well as by reactions in the solid volume. For liquids,
because of their comparatively high dielectric con-
stants, the competitive reactions may include
ionized species which are unlikely in gas phase
reactions except at temperatures well above 1000 K.
In condensed media the original two radicals, formed
by decomposing a molecule remain in close proximity
for a period of time because of hindrance to diffusion.
This ‘“‘cage” effect leads to higher radical-radical
reaction rates than for the same average radical
concentration uniformly distributed.

In this paper we shall restrict our review to
homogeneous gas phase reactions and include
examples of hydrocarbons, halocarbons and some
oxygenated compounds. Although we recognize that
pyrolysis reactions of economic significance such as
occur in flames, production of commercially useful
hydrocarbons from petroleum feedstocks, and lamp-
black manufacture all involve very deep pyrolysis,
we shall focus on the early stages of reaction before
secondary and higher products play any significant
role.




2. Unimolecular Reactions

Since unimolecular reactions are so prominent in
the gas phase decomposition of organic molecules,
they have received much theoretical and experi-
mental attention. There is an extensive recent
review of thermal unimolecular reactions of hydro-
carbons and we will attempt not to extensively
overlap with this work [5].

Grossly, a thermal unimolecular reaction is a
consequence of an occasional molecule acquiring
enough energy to undergo chemical change as a
result of collision with other molecules in its environ-
ment. If the collision rate is sufficiently rapid relative
to the rate of reaction of these energetic molecules,
their steady state concentration will approximate
the limiting Maxwell-Boltzmann distribution with
the result that the rate of reaction at a particular
temperature is a linear function of the concentration
of reactant molecules. At lower collision rates the
concentration of sufficiently energetic molecules falls
significantly below the Maxwell-Boltzmann value
with an accompanying “‘fall-off” in the rate of
reaction. The pressure at which “fall-off” becomes
significant decreases as the complexity of the
molecule increases. As the temperature is increased,
the pressure at which ““fall-off” becomes significant
increases. At flame temperatures, ‘“fall-off” will be of
importance for unimolecular reactions involving
even moderately complex molecules.

Because of the principle of microscopic reversi-
bility, the pressure independence of the rate of
breaking a bond also applies to the making of a bond
under the same conditions. The experimental
demonstration that the rate of ethane decomposing
to two methyls is first order in ethane concentration,
indicates that under the same conditions two methyls
combine without need for a third body. Because of
the thermodynamic relationship involving the for-
ward and reverse elementary reaction, it is often
more convenient to study the reverse reaction to
generate information about the forward reaction.
Thus, Benson and Bose have studied the bimolecular
addition of HI to olefins in order to gain insight into
the unimolecular decomposition of alkyl iodides [6].

There are two general approaches that have been
widely employed to fit experimental data on uni-
molecular reactions. The statistical approach is
exemplified by the RRKM formulation [7]. The
stochastic approach has been diversely applied to
non-thermal initiation of chemical reaction [8] and
as a tool to investigate the limits of validity of the
statistical approach [9]. The Marcus improvement
on the older RRK approach consists of using the
actual molecular frequencies and anharmonicities
where they are known and replacing the empirical
frequency factor by an Eyring-like transmission
coefficient for the activated molecular states [10].
As a consequence, the RRKM formulation leads to
ostensibly apriori estimates of the high pressure
limit of the unimolecular rate constant which
correspond to the estimates of transition state theory
as well as fitting ““fall-off”” with decreasing pressure.

There remains an element of adjustability in that
the molecular degrees of freedom are divided into
adiabatic (do not contribute energy to the process)
and active. The “fall-off”” behavior is influenced by
the manner in which this division is made. Also, the
frequencies and/or anharmonicities in the activated
molecules are not precisely known and hence may be
subjected to empirical variation to adjust both the
high pressure limit and the “fall-off”” behavior. The
“fall.off” behavior can be further adjusted by
variation of the collision efficiency. Recently, it has
been shown that for the case of thermal isomeriza-
tions, inclusion of back reaction from excited isomer
configurations can lead to descriptions of the “fall-
off” behavior with physically more acceptable
collision efficiencies that would otherwise be neces-
sary [11].

A major disadvantage of the RRKM approach
over the RRK is the complexity of the computations
which necessitates the use of large scale computers.
The advantage is that it is possible to obtain a
description of the “fall-off”” in the unimolecular rate
constant which may be valid over a considerable
range of temperature [12]. More sophisticated
treatment of the mechanics of the dissociation proc-
ess suggests that parametric adjustments used in
fitting the observed kinetics may reveal some quali-
tative features of the nature of the excited molecu-
lar configuration which is undergoing reaction [13,
147]. However, it must be recognized that the princi-
pal value of the RRKM approach is in correlating
available data. The wide variability possible in
RRKM estimates of “fall-off”” behavior has recently
been illustrated for methyl radical combination by
Casas et al. who suggest that the data for this
reaction should be fit with a somewhat tighter
activated complex than had been previously sup-
posed [15].

— CH,=~=CH—CH==CH,

In what follows we will discuss the pyrolysis of
various types of hydrocarbons which follow a uni-
molecular path. For cyclic saturated hydrocarbons,
the pyrolysis path is overall molecular, although a
transient biradical intermediate may be involved.
The simplest type of reaction which involves elec-
tronic rearrangement may be illustrated by the work
of Hauser and Walters on cyclobutene pyrolysis
[16]. A C—C bond breaks and the electrons rear-
range to form 1,3 butadiene. The cooperative reac-
tion has an 4 =103 g~ and E=32.7 kcal/mole.?

The preexponential factor corresponds to a small
entropy change in going to the activated complex,

2 Throughout this paper experimental rate constants will be denoted by
their preexponential factor 4 and activation energy E.




indicating the complex is cyclic with no additional
degree of rotation over the normal molecule.

Frey and co-workers have pyrolyzed vinyl cyclo-
propane and alkyl substituted vinyl cyclopropane.?
In all instances there is no evidence of any H migra-
tion but an isomerization initiated by opening the
allylic C=C bond; e.g.,

— B

R R
r! G C—C
R 7
c=C - C/ > R'C// (\3
N \C—COJ Ne”
RAN

where R and R’ may be an H or an alkyl group. All
these reactions are unimolecular with E~50
keal/mole, and 4~10" s~i. The presence of the
allylic C—C bond lowers the energy of activation
over opening a cyclopropane ring. If it is assumed
that all the allylic energy is in the activated complex,
which is quite unlikely, then a value for the allylic
resonance of 13-15 kcal/mole may be obtained by
comparison of the energy of activation for opening
the non-allylic and the allylic ring. It would be
perhaps more realistic to say that the value is the
minimum allylic energy. The rotational energy of the
vinyl group is lost when going to its resonance
stabilized activated complex, thus causing a negative
entropy of activation. The activated complex of
cyclopropane has less hindered rotation than that of
vinyl cyclopropane with a resulting higher pre-
exponential factor. Pyrolysis of the isomer of vinyl

c

e H -
\C ‘C/

For these reactions typically 4~10%2 s~! and E~35
keal/mole indicating, as would be anticipated, that
the formation of the cyclic activated complex reduces
the number of free rotations and results in a negative
entropy of activation. These reactions are similar to
the Cope rearrangement in that both cases involve a
cyclic activated complex in which one bond is broken
and another made with associated electronic re-
arrangement. In both of these cases there is little or
no AH of reaction; hence the rates of the forward and
backward reaction are the same.

Cyclopropane pyrolysis has been extensively
studied. The kinetic data may be interpreted as
resulting from the intermediate formation of a
biradical by scission of one of the C—C bonds or the
reaction path may be via an expanded ring. We will
examine the biradical mechanism first.

Since the opening of the ring is over 60 kcal
endothermic, any subsequent rate processes with a
much higher rate constant such as the 1,2 H shift to

cyclopropane, methylene cyclobutane has also been
investigated. The molecule cannot easily rearrange
to cyclopentene and falls apart unimolecularly to
allene and ethylene.

Another class of molecular isomerizations which
are closely related to vinyl cyclopropane isomeriza-
tion are the sigmatropic rearrangements which
involve the migration of a sigma bond flanked by one
or more double bonds. The Cope rearrangement is
an example of such a rearrangement. It may be
illustrated by the reaction

N_/\~>

In a cooperative process, C; and Cg atoms bond
while the Cs—C, bond is broken and the electrons
rearrange. Since some rotational degrees of freedom
are lost in going to the cyclic activated complex, the
entropy of activation is negative [17, 187]. The re-
action mechanism is easily followed by using deu-
terium marked 1,6 groups in the reactant or by using
an appropriately alkyl substituted compound. Typi-
cally, 4~10" s7', and E~36 kcal/mole.

If C—H bonds are in the right configuration to be
abstracted cooperatively with an electronic shift,
then the molecule will rearrange in a unimolecular
reaction analogous to the Cope rearrangement. A
typical example of many reactions that have been
studied is [19}%]

S0\

form propylene occurs very rapidly in the thermal
environment necessary for the formation of the
biradical. A most informative study of cyclopropane
has been reported by Rabinovitch, Schlag, and
Wilberg [20]. It involved the geometrical isomeriza-
tion of cis 1,2-dideutero cyclopropane which exists
in the cis and trans form because H (or D) atoms
cannot rotate through the ring. They studied the
simultaneous geometrical and structural isomeriza-
tion and found that the overall energy of activation
for the geometric is 1.3 kcal/mole lower than for the
structural while the preexponential factor for the
geometric isomerization is about seven times that for
the structural. Benson has interpreted these data in
terms of the same slow step in both processes which
is the opening of the ring to form a trimethylene
IE)irajlical. This allows free rotation of the methylenes
217].

The 1,2 H shift from trimethylene to form
propylene has a low E,. (calculated) of about 9.5
keal/mole. On the other hand, Jackson and McNesby




showed that 1,2 H shift in n-propyl radicals did not
complete with C—C bond scission, [22] while stud-
ies of a similar reaction of ethyl radicals in our labo-
ratory indicates that the 1,2 H atom shift is about 10
percent of the loss of H atom at 500 °C [23]. The
striking difference in the behavior of various 1,2 H
shifts may be related to the AH of the reaction.

The difference in the heats of formation of the
biradical and cyclopropane at about 450 °C (a con-
venient temperature for cyclopropane pyrolysis
studies) is about 56 kcal/mole. On the other hand
the experimental energy of activation is about 64
keal/mole, indicating that the trimethylene has an
energy about 8 kcal/mole less than the activated
complex, so that the trimethylene must climb an
8 kecal/mole barrier to reform the ring. Since the
back reaction must be many times faster than the
forward, the two species are likely to be in equilib-
rium. The various reaction paths are

2 [ ) .
Ziil fE:{:;;: CHyCHpCHy ~—3* CH3CH=CHy

From the AS° of the reaction and the experimental
preexponential factor for the forward reaction as well
as the above data, ko and k; are readily calculated
[247. The various self consistent specific rate con-
stants are

kl = 101610—64000/4.6T’
k2 — 101310—8200/4.67”
ks = 1012.210—9500/4.6T

It should be added that an equally consistent set of
kinetic parameters can be formulated if it is assumed
that the trimethylene biradical plays no role, but
that the activated complex allows free rotation and
is the species which leads to both geometric and
structural isomerization. Rabinovitch et al. refer to
such an activated complex as an expanded ring.

Two papers in the recent literature [25, 26] at-
tempt to resolve the two mechanisms, one group by

a study of
CD3 f \CH3

CHj “CD3

and the other group by using

N
cis/ \H
H CyoHs

In these compounds the change in optical activity is
used to gain details of the mechanism. One team
[257] concludes that much of the reaction path is via
an expanded ring, while the other workers [26] con-
clude that the biradical path is most likely.

Tt should be noted that all the above types of
unimolecular processes are isomerization reactions,
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mainly structural and some geometrical. Many
important unimolecular cyclic hydrocarbon pyrolysis
reactions occur either by a cooperative process to
give final products, or by breaking C—C bonds. This
process may proceed via biradical or expanded ring
cooperative processes which are not readily differ-
entiable as noted for cyclopropane above. Examples
of reactions giving products in one step are illus-
trated below. :

The pyrolysis of cis and zrans 1,2 dimethyl
cyclobutane are examples of unimolecular reactions
which result in molecular products [27]. Various
simultaneous reactions may be studied: formation of
ethene and butene-2, formation of 2 moles of propene,
and isomerization of the parent compound. Also,
the butene-2 may be analyzed for cis and trans
components. The kinetic parameters for the various
reactions paths are listed below:

A (s1)  E (kcal/mole)
Cis—Trans 6.4 10" 60.1
Trans—Cis 3.7X10" 61.3
Cis—Ethane+Butene-2 3.7X10% 63.0
Trans—Ethene-+ 2.9X10% 63.4
Butene-2
Cis—Propene 3.0x101 60.4
Trans—Propene 2.8X10% 61.6

Unlike the cyclopropane (and dimethyl cyclo-
propane) pyrolysis, the rate of isomerization of the
parent compound is much slower than the rate of
formation of products. The butene-2 product largely
reflects the steric configuration of the 1,2 dimethyl
cyclobutane precursor.

Although Woodward-Hoffman rules are favorable
for the reaction going by a biradical mechanism and
unfavorable for a cooperative cleavage to final
products, the qualitive prediction does not take into
account that the paths may have different endo-
thermicity. Thus, the AH reaction ~40 kcal/mole
for a cooperative ring break to final products is
consistent with the observed E,; of over 60 kcal/mole.
This path would be stereospecific. For the biradical
path there would be a competition between the back
reaction to reform the cyclobutane ring and the
breaking of the C—C bond to form two olefins. The
back reaction to reform the ring has a negative
entropy of activation while that to break the C—C
bond is zero or positive. Additionally, the back
reaction, by analogy with trimethylene going to
cyclopropane, has a 5-7 kcal/mole barrier, while the
breaking of the C—C bond has a barrier very close to
zero. Therefore, the C—C bond break should be
many hundreds of times more rapid ‘than the re-
forming of the cyclobutane ring. When the biradical
is in the activated complex configuration to form the
olefins, it may have some olefinic character hindering
the rotation around the C—C bonds which preserves
the original isomer configuration. Thus both the
cooperative expanded ring and the biradical decom-
position paths are comsistent with the results.

The elimination of molecular hydrogen from a
hydrocarbon is a rare process. It has been quite well




established in a number of compounds such as
cyclopentene, and 1,4-cyclohexadiene. For cyclo-
pentene,

1 t l

L
3

pyrolysis of the deuterium compound marked on the
3 position has shown that most of the elimination is
1,3 rather than 1,2 [287]. The results are in accord
with the predictions of the Woodward-Holfman
orbital correlation rules [47]. The 1,2 elimination is
predicted to involve H atoms which are trans to
each other and thus must react through the ring as
well as a 4 membered cyclic activated complex. Such
a reaction is very difhicult compared with the 1,3
which involves elimination of cis H’s from a six
membered cyclic activated complex.

1,4-cyclohexadiene has been shown by a number
of investigators to pyrolyze cleanly to benzene and
molecular H,, while 1,3-cyclohexadiene is much
more stable to pyrolysis and seems not to eliminate
molecular H, [29, 30, 31]. Steric considerations for
both the 1,3 hydrogen elimination from cyclopen-
tene and hydrogen elimination from 1,4-cyclohexa-
diene suggest that the activated complex must in-
volve considerable structural distortion.

The Woodward-Hoffman rules have been used to
rationalize the products from a variety of uni-
molecular reactions [327]. Orbital correlation has not
been widely considered relative to radical reactions.
Longuet-Higgins and Abrahamson have discussed
the case of the cyclopropyl radical, ion and cation.
Since for either the disrotary mode or the contra-
rotary mode a change in the overall symmetry of the
electronic ground state is involved in the isomeriza-
tion of cyclopropyl radial to the allyl radical, these
authors suggest that the reaction should have a large
activation energy. McNesby and Gordon have
presented evidence that this isomerization does in
fact proceed at an appreciable rate at temperatures
below 400°C [34]. Relative to the symmetry con-
sideration, H, elimination from the cyclopentyl
radical is analogous to the disrotary cyclopropyl
isomerization. Gordon has presented evidence for
this reaction at relatively low temperature [35].
Thus, it appears that restrictions due to symmetry
correlations may not be as severe for odd-number
electron systems as for the even-number electron
system.

2

3. Halo and Oxy, Carbon-Hydrogen
Compounds

The pyrolysis of alkyl halides have been reviewed
recently by Maccoll [36]. The pyrolysis of alkyl
fluorides goes at a high enough temperature so that
the walls of the reaction vessel are strongly attacked,
leading to difficulties of interpretation. Pritchard,
et al. have shown that the reverse reaction forming
an excited partially fluorinated ethane molecule via
combination of two CH,F radicals eliminates HF
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and gives CHF=CH, [37]. It should be noted that
this experiment is performed at room temperature
and the C—C formed in making ethane has more
than enough energy to surmount the energy of activ-
ation barrier for eliminating HF. The study involves
super excited molecules relative to the thermal py-
rolysis of 1,2 difluorethane. It is interesting that the
analogous reactions of CH; radicals has never re-
vealed the slightest evidence of H; elimination from
the excited ethane, even though both thermal proc-
esses are quite analogous. It can be concluded that
there is a fundamental difference in the mechanism
for HF and H, molecular eliminations from a mole-
cule. As will be seen below, HCl, HBr, and HI are
molecularly eliminated from the corresponding alkyl
halides as is the organic acid from an ester when
pyrolyzed. Both xanthates and carbonates also
pyrolyze via molecular elimination.

A very striking factor in the pyrolysis of alkyl
halides (methyl halide is a special case) is the large
effect of substitution of a hydrogen on the « carbon
atom (which contains the halogen) by an alkyl
group. There is a much smaller effect of alkyl sub-
stitution on the 8 carbon. Maccoll and Thomas first
pointed out that the homolytic bond (RX—R+X)
strengths of the various C—X bonds did not correlate
with the energies of activation for elimination [38].
On the other hand, there is a strong correlation
with the heterolytic bond dissociation energies
(RX—R++X™). Maccoll put forth the explanation
that the activated complex was associated with a
highly polarized C—X and some small polarization
of the C—H of the 4 atom complex. Benson and
Bose have extended the concept of Maccoll to a
complex where the H and X have a one electron
bond with formal changes of 4% and —3 respec-
tively [39]. Calculations based on the model includ-
ing a polarization term as well as charge attraction
and repulsion to give the minimum energy of the ion
pair have resulted in values in moderately good
agreement with observation. Benson and Haugen
have tried to include molecular H, elimination in
this model, but the experimental validation is not
very convincing [40]. In addition, there is no evi-
dence that an alkyl group substituted on the « car-
bon in hydrocarbons has the dramatic effect on
pyrolysis parameters noted with alkyl halides.

The molecular elimination of HX is complicated
by the possibility of a radical reaction initiated by a
C—X scission. In his review, Maccoll quotes Barton
and Oryon, and Howlett that a chain reaction is
the preferred path for decomposition of a chloro
compound [36, 41, 427]. Since the molecular elimina-
tion has a much lower E,;, (~60 kcal/mole) than
the breaking of a C—C bond (~80 kcal/mole), the
radical reaction can only be favored by long chains
resulting from the original break. It will decompose
by the competitive molecular mechanism if the
reactant or the products are strong radical quenching
molecules, or if the preferred abstraction path leads
to a radical intermediate which cannot stabilize
itself by breaking a C—Cl bond. As an example,
CH,CICH,Cl decomposes via a radical chain because




Cl+CH,CICH,Cl—>HCl+CHCICH,CI

and

CHCICH,Cl—-CHCICH,+Cl
On the other hand, CH.,CICH; and CHCLCH,

decompose via molecular mechanisms since the pre-
ferred abstraction position on the parent results in
CHCICH; and CCLCH; radicals which cannot easily
decompose to continue the chain. The last mechanism
is substantiated by study of chlorine atom attack on
ethyl chloride, resulting in 1,1 dichloroethane and
1,1,1 trichloroethane [43]. The AE, for abstrac-
tion of H from the « and B8 carbon position thus
strongly favors the a position. To account for the
results at 600 K, we can say that at least 99 percent
of the chlorine atoms must abstract an ol relative
to a BH from the parent compound. Taking into con-
sideration that there are 3 SH atoms and 2 ol atoms
in ethylchloride

1
—BR/RT o _— p—FalRT
3/2e < 99 ¢

and
Es—E,>6 kcal/mole

For the corresponding bromides, the radical chain
process is favored over the molecular elimination,
indicating that for Br abstraction of H from the «
and 8 positions in CH;CH.Br kinetically is more
favorable for the 8 position than for the correspond-
ing chloro compound. When both chlorine and

|

o

0
RCOCH,CH,R'

o 0

This reaction complex is a six-membered ring for
elimination rather than the four-centered complex of
the alkyl halides.

In a study of the pyrolysis of many acetates in the
gas phase, Scheer et al. found that substitution of
alkyl groups in the « position increased the decom-
position rate much more than substitution in the 8
position [45]. The effect of substituting both H’s in
the a position by alkyl groups increased the rate by
as much as almost 16,000 times the rate of the com-
pletely unsubstituted compound. Interestingly, the
substitution of a second alkyl group increased the
rate by as much as 200 times the rate for the mono
alkyl substituted compound. This behavior, some-
what analogous to the molecular elimination re-
actions of alkyl halides, suggests very strongly that

RC“’",,.‘
N

BN
0/ HR'
!

CHy
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bromine are attached to carbon atoms, the rate of
H abstraction by Br atoms for an analogous series
are in the order CH;Cl>CH;Br>CH, A very
recent paper on the kinetics of the thermal decom-
position of 1 bromo, 2 chloro ethane is in line with
the above observations [44]. The main products are
HBr and CH,CHCI formed via a radical chain:

CH,CICH,Br—Br+CH,CICH,
CILCICH,—Cl-+- CH;CH,
Br/Cl+CH,CICH;Br—HBr/HCl+ CHCICH;Br
GHCICH,Br—Br+ CH,CHCL

The chain is then set up via reactions 3 and 4 and
quenched by various radical-radical reactions.

For iodo compounds, it is likely that both a radical
as well as a molecular mechanism path occur con-
currently. Benson and Bose ingeniously studied the
reverse reaction adding HI to an olefin to establish
the unimolecular reaction for alkyliodide decom-
position [397]. Analogous studies with olefins and
HBr or HCl were not feasible because in the temper-
ature region where these reactions occur with reason-
able rates, the equilibrium is strongly on the side
where the reactants predominate.

The pyrolysis of various organic esters of acetic
and proprionic acid in the gas phase have been

studied. The reactions are homogeneous and uni-

molecular resulting in an olefin and the acid as
products.

I

| 0
~————— RCOH + R'CH=CH,

i
i

—

the activated complex is quite polar in nature. One
interesting observation is that substitution in the
or B position of an electron withdrawing group (Cl)
slows the rate of decomposition. This may be inter-
preted in terms of a large positive charge on the
carbon atom which donates the I atom, increasing
the energy of the polar reaction complex.

There is one unanswered question: What is the
effect of the methyl group on the carbonyl carbon?
The question could be answered by studying the
decomposition of a formic acid ester relative to the
same acetic acid ester.

Gordon and Norris studied the pyrolysis of
methyl-ethyl carbonate and diethyl carbonate [46].
The reaction is homogeneous and unimolecular and
probably goes through a six-membered activated
complex.




—

C

ROCgCH2CH3 e RO

ROCOOH then decomposes to CO; and ROH,
probably on the surface. Although the effect of
substituents on the carbonyl containing carbon
cannot be experimentally tested since HOCOC,H; is

not stable, this reaction by analogy also proceeds
via a polar complex. Gordon and Norris saw no
evidence that the hydrogen from the methyl group
was transferred in dimethyl carbonate pyrolysis. It
is pot surprising because a more strained five-

.H
~

|
|
~
1 |
CHa I ————> ROCOOH + CyH,

membered complex would be involved in the re-
action and the AH of the reaction would be about
65 kcal higher since no olefin would result.

Similarly the pyrolysis of Xanthates which also
decomposes via a molecular mechanism probably
occurs via a polar activated complex.

Laidler and McKenney have pyrolyzed diethyl
and dimethyl ether [47]. For dimethyl ether, they
found the reaction to be free radical initiated by a
break of one of the C—O bonds. Diethyl ether was
reported as being a combination of a free radical
and a molecular elimination reaction.

, 2
g J:H
C,H OCH, CH ———— C,H.0

The pyrolysis of ethylene oxide resembles the initial
step of cyclopropane pyrolysis.

CH,CH ——> CH CH ——> CH3CHO*
\2/ 2 ] 2 2
0 0°

The acetaldehyde may have as much as 85 kcal
excess energy over thermal energy because of the
exothermicity of the isomerization of the biradical.
The excess energy coupled with the average thermal
energy is more than enough to break the C—C bond.
As was first noted by Neufeld and Blades and
developed by Benson, the behavior of the pyrolysis of
ethylene oxide may be rationalized as a combination
of free radical reactions induced by the decomposition
of the excited acetaldehyde and the stabilization of
the acetaldehyde by collisions [48, 497]. The two
processes explain the experimental behavior as a
function of pressure and of temperature.

The Claisen rearrangement is analogous to the
Cope rearrangement differing in that an oxygen atom
replaces a carbon atom in the skeleton of the mole-
cule. The rearrangement of vinylalkylether is a
typical example:

O—k

> CZHSOH + CZHH

for which 4=10"7 sec™, and E=30.6 kcal/mole
[507].

4. Pyrolysis of Saturated Linear
Hydrocarbons

Linear saturated hydrocarbons decompose by
chain reactions, initiated by the unimolecular
decomposition of the parent molecule into two
radicals. For a chain reaction, the other elementary
reactions in the mechanism can involve unimolecular,
bimolecular and, for small radical-radical combina-
tions, termolecular reactions.

The pyrolysis of a saturated hydrocarbon may be
illustrated by ethane. Many studies of this reaction
have been conducted with the mechanism generally
agreed to be the following [51]:

C,H¢—2CH;, (1)
CH;+ CoHe—CH, + Gl (2)
C.H;4+M—C.H,+-H+M (3)
;s H+CHe—CH;s+-H, (4)

The reaction can be termined by
H+H+M-H,+M (5)
H4CH;4+M—C.He+M (6a)
H+4C.H;—H,+C,H, (6b)
CoH;+-CoHs—CyHyo (7a)
—C,He+CoH, (Tb)
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Of the termination reactions, the bimolecular
combination of two ethyl radicals would have the
largest rate constant since none of the reactions has
any appreciable energy of activation and the other
terminations are termolecular. In addition, the
unimolecular pyrolysis of the ethyl radical has a
fairly high energy of activation and is probably in
its ““fall-off” region in the temperature regime where
ethane pyrolyzes, so that reaction (3) is much slower
than reaction (4). Thus, the ethyl radical has the
largest steady state radical concentration. Methane
has been used to monitor the unimolecular ethane
decomposition since it is completely stable in a
temperature region where ethane pyrolyzes very
rapidly. In our laboratory, we have investigated the
effect of inert gases on the pyrolysis of ethane. These
gases cause the overall rate of decomposition of
ethane to increase appreciably; about 500 torr of
Xenon pressure doubles the overall rate of ethane
decomposition [52]. The decomposition of pure
ethane has been shown in many laboratories, in-
cluding ours, to be about first order relative to ethane
disappearance, and the rate of formation of methane
has been shown to be very closely first order in
ethane concentration. The increase in overall rate
by the addition of inert gases may be understood in
térms of the pressure dependence of ethyl radical
decomposition, as well as any effect of slowing the
diffusion of H atoms to the wall where they may
be quenched.

In any event, the H atom steady state concen-
tration increases because this determines the rate
of H, production (reaction 4) which is equal to the
total rate of ethane decomposition within about one
percent. However, we have also noted that the rate
of methane increases by about ten percent under the

R
R(’jH —C

/i

-~
N

1 ~

~

CH== CH—CH ==CH

R" Rl"

The pyrolysis rates of both olefins and acetylenes
have been reported to be bimolecular. These re-
actions are discussed in the paper by Dr. M. Back.

6. Practical Pyrolysis Applications

In the work presented above, only the initial
pyrolysis reactions were discussed. In a practical
situation, such as the pyrolysis of hydrocarbon feed
stocks to make more desirable hydrocarbons, or
combustion reactions in a diffusion flame, reactions
of the initial products will give rise to other products
which will also participate, etc. All these products
will also interact with the radicals formed in the
original reactions giving rise to a most complicated
situation. With the advent of computers with large
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same experimental condition in the presence of
inert gases. There is no explanation for this in the
mechanism noted above. The most likely reaction
for the extra formation of methane is that between
H and C,Hj; radicals which are not stabilized because
the C—C bond is about 85 kcal/mole, while the
C—H bond is 98 keal/mole, leaving 13 kcal/mole
extra energy in addition to thermal energy which
must be removed by collisions before the molecule
can be stabilized. Rabinovitch and Setser have
concluded from a theoretical study that there is a
high probability that the excited molecule will split
into two methyl radicales [53]. The extraneous
source of methane clouds the experimental support
for a preexponential factor of as much as 10" for
the unimolecular decomposition of ethane.

5. Bimolecular Mechanisms

Tor all of the radical chain reactions as discussed
in the preceding section, after the original uni-
molecular scission of the reactant the resulting radi-
cals (or their breakdown radicals) will abstract an
atom from an unreacted molecule in a bimolecular
reaction. This type of reaction is very important in
most pyrolyses of organic molecules. There is an
extensive literature of the kinetics of alkyl radicals,
particularly methyl and perfluoro methyl, abstract-
ing H as well as halo atoms [54 ].

Diels-Alder reactions have been extensively
studied. They are bimolecular reactions between
two olefin molecules, one of which must be a 1,3
diolefin to conform with the Woodward-Hoffman
orbital correlation rules [47]. The activated complex
is a six-membered ring:

R
H
R' "C\H ~ EHR'
CH\ HR'"!
N

capacities, it is possible to solve such an involved
situation. Computer programs are now becoming
commercially available [55]. The use of such
programs requires that reliable kinetics for all the
elementary steps be established. Such kinetic data is
only attainable by careful studies of systems where
secondary reaction complications are eliminated or
controlled.
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Discussion

R. S. Konar (Catholic University):

Dr. Gordon has raised a serious question on the
validity of the measurement of the initiation rate in
ethane pyrolysis via the initial rate of methane
formation in the uninhibited decomposition (i.e.,
before the radical-olefin reactions set in). According
to his mechanism (p. 1 of preprints) CH; radicals
are not only produced in the reaction (1),
C,H¢—2CHj;, but also in the atom cracking reaction,
viz:

H+CH;—C,H—2CH; (8)
CzHék—’—M—)CgHG‘E‘M. (88)

If the reaction (8) is really significant under the
normal experimental conditions (at or above 100
torr CyH, and at or above 540 °C), then in principle
the measurement of total CH, at the initial stages
would not be a measure of the initiation reaction

(1). However if the initiation reaction (1) is first
order, and all the elementary reactions are homoge-
neous, then it is mnot clear how an inert gas can
accelerate the rate of methane formation at a given
pressure of the reactant. On the contrary, it should
decrease the rate of CH, formation because of the
occurrence of the reaction (8a). Dr. Gordon has
found that the inert gas increases the rate of CH,
production by about 10 percent. Does he refer to the
initial rate of CH, formation? I wonder whether
Dr. Gordon could illustrate this point in greater
detail. Incidentally, it may be relevant to mention
here that the calculations of Setser and Rabinovitz
on ethane dissociation and on the recombination of
CH; radicals (Adv. Photochem. 3, 1, 1964) do not
agree with the experimental data (Lin and Back,
Can. J. Chem. 44, 2360-61, 1966; Van Den Berg,
Callear, and Norstrom, Chem. Phys. Letters 4,
101, 1969).




It may be relevant to mention here that it has
been found experimentally that diallyl is a product
in the cadmium photosensitized decomposition of
cyclopropane at 265 °C (Konar and Darwent, to be
published) and it is believed that this diallyl is
formed due to the interactions of allyl radicals
originated almost entirely from the isomerization of
cyclopropyl radicals produced in the system. This
confirms the observation of McNesby and Gordon
(page 11) that the isomerization of cyclopropyl rad-
icals to allyl radicals does occur even below 400 °C, al-
though this reaction is symmetry forbidden (Longuet-
Higgins and Abrahamson, J. Am. Chem. Soc. 87,
2045, 1965).

Alvin S. Gordon and R. H. Knipe:

Dr. Konar has raised the question of how a first
order initial split of ethane and subsequent homoge-
neous elementary steps can effect the rate of the
cracking reaction (8). If there is any effect of
pressure he reasons that the cracking reaction should
decrease because of reaction 8(a)

[C2H§+M—)C2H6+M].
The answer to his question lies in reaction (3)
C2H5+M——)CQH4+H+M

If this reaction is in its ““fall-off”” region in the
pressure range of the studies, then increasing (M)
will increase reaction (3), resulting in a higher steady
state concentration of H atoms. The rate of H,
formation is determined by reaction (4) and reflects
the increased H atom concentration in the presence
of inert gases, since the rate can be doubled with
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sufficient inert gas addition. The ethyl radical con-
centration, according to the mechanism is propor-
tional to (C;He)!2, independent of (M). Thus,
reaction (8) increases proportional to (H) with
changes in (M) for a given (C;H;). An interesting
question which can be raised is why the rate of
methane formation seems to be first order in ethane
if the cracking reaction contributes? Here the (C;Hs)
is proportional to (C,He)Y? and the (H) is in-
dependent of (CoH;) if no inert gases are present
since the rate of H; is first order in (C.Hg) and is
formed via reaction (4). Thus, there is a component
of CH, rate which is proportional to (C,Hg)2. The
fact that it does not show experimentally is because
it is not a high percentage of the total methane rate
and is absorbed in the experimental error.

The above analysis is on the basis that reaction
8(a) in Konar’s question plays only a minor role.
It is difficult to evaluate the significance of reaction
8(a). Since the ethane molecule has about 98
kcal/mol plus its normal thermal energy and re-
quires about 85 keal/mol to break the C—C bond,
it can survive a number of collisions and still have
enough excess energy to break the C—C bond. In
the paper we have referred to calculations by
Rabinovitch and Setzer which predict that the
CoH molecule is so short lived that it will not be
quenched by collision. It is true, as pointed out by
Konar, that calculations on the pressure at which
recombination of methyl radicals becomes pressure
dependent are not in accord with experiments, so
that calculations of this type are not exact. There
may be some quenching of the excited ethane, but
our experimental results indicate that the cracking
reaction 1s Important In our pressure range.
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Some current problems arising from studies of the pyrolysis of hydrocarbons are discussed
and two stages of these studies are distinguished. The first stage concerns the description of the
mechanism of the pyrolysis in terms of a series of elementary reactions. The types of reactions
occurring during the pyrolysis of olefins are discussed from this point of view and the effects of
teml]])erature and pressure on these elementary reactions are shown to produce predictable changes
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cussed and a mechanism proposed which relates the reactions occurring in both the high and low
temperature regions. The second stage in pyrolysis studies is attained when the mechanism of the
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the rate constants of the elementary processes. Several studies on the paraffins have attained this
goal and the results are examined for consistency with related measurements.
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1. Introduction

The mechanisms by which hydrocarbons pyrolyze
may be broadly divided into those which involve
one elementary rearrangement process to give one or
perhaps two products and those which include a
series of radical reactions and yield several products.
Ring compounds usually fall in the first category
[1]" and the large majority of straight and branched
chain hydrocarbons fall in the latter group [27]. This
discussion will be confined to the second class of
mechanisms, those involving radical reactions.

Pyrolysis studies of the latter group may be
considered to involve two stages. The first stage is
the elucidation of the mechanism in terms of a series
of elementary processes. Studies on the paraffins
have, during the past several years, succeeded in
completing this stage, with the notable exception of
the simplest member of the series, methane, which
still defies explanation on several aspects. When the
elementary processes are known the system is ready
for the second stage which involves the measure-
ment of the rate constants for the elementary
reactions. This stage constitutes the ultimate goal in
pyrolysis studies, as perhaps in any kinetic study,
where the measurement of an elementary rate con-
stant and its variation with temperature and pres-
sure may be considered the final achievement.

The discussion will begin with a brief review of
some of the techniques used in pyrolysis studies and
the relative merits of each. The paraffin systems will
be discussed next, as examples of studies in stage
two, and several measurements of elementary rate

1 Figures in brackets indicate the literature references at the end of
this paper.

constants will be described. Finally, the type of
reactions occurring during the pyrolysis of the
simple olefins will be described and compared with
those occurring during the pyrolysis of acetylene.

2. Pyrolysis Techniques

The techniques used for pyrolysis studies are of
three basic types, depending on the time resolution
required for the experiments. The latter in turn is
determined by the region of temperature where the
reaction is studied. At temperatures up to about
900 K a static system may be used. The reactant is
admitted to a vessel and the reaction allowed to
proceed for a measurable time. For shorter reaction
times, from approximately 1 to 0.01 seconds, a flow
system is used and temperatures commonly range
from about 900-1200 K. The technique of shock tube
pyrolysis generally produces temperatures from
1000-2000 K and detection methods may have time
resolutions as low as 10 us.

Each method has its own limitations. The static
system provides the most controllable conditions of
temperature and reaction time but is most sus-
ceptible to surface reactions. The main problem in a
flow system is the definition of the temperature
profile and hence the time of the reaction. There is
also the difficulty in obtaining a thorough test of the
order of the reaction, since wide variations in the
concentration of reactant are not usually feasible. An
interesting flow system has been developed [3] in
which the reacting gas is surrounded by a shell of
inert gas, thus isolating the reactant from the walls
of the reaction vessel. Measurements of the rate of
the initiation step in the pyrolysis of neopentane were




reported and shown [4] to be in reasonable agree-
ment with previous studies in a static system (51

Another interesting technique which has proved
useful in measurements of elementary dissociation
reactions and which may provide data on other
fundamental processes is the very low pressure
pyrolysis method developed by Benson and col-
leagues [6]. This technique uses a flow system with
pressures sufficiently low that molecules are excited
primarily by collisions with the wall. The rate of
flow and hence the steady state concentration of
molecules in the reactor depend on the rate of
effusion from the orifice and can be accurately
calculated. Measurements can be made over a
wide temperature range and the method should
provide useful tests for unimolecular theories.
Several measurements of elementary rate constants
have been made, among them the rate constants for
dissociation and combination of allyl radicals [7],
a result difficult to obtain by other methods.

Reactions in shock tubes are free of heterogeneous
complications but have encountered difficulties in
defining the temperature exactly and in describing
the mechanism satisfactorily. Nevertheless several
reliable measurements of rate constants for elemen-
tary reactions have been reported using the shock
tube technique and among the hydrocarbon studies
may be cited those of Tsang [8]. The special com-
parative technique used by Tsang allows the ac-
curate measurement of relative rates but the absolute
values depend on the accuracy of the measurements
for the standard.

3. Parameters obtained from Pyrolysis
Measurements

The measurement of the rate constant for an
elementary reaction as a function of temperature
gives an Arrhenius plot from which the activation
energy and the frequency factor may be determined.
In order to obtain the enthalpy change of the re-
action the activation energy of the reverse reaction
must be known. If the reverse reaction is a radical-
radical reaction and its activation energy negligible
then the measured activation energy will be within
RT of the bond dissociation energy. The frequency
factor gives an indication of the entropy change
associated with the formation of the activated
complex and allows some deductions about the
structure of the complex.

The interpretation of the kinetic parameters in
this way depends on the assumption that the re-
action occurs homogeneously. For a reaction oc-
curring on the surface the parameters would have
quite different meanings. The problem of surface
reactions is a thorny one for most gas kineticists.
The effects of heterogeneous reactions are often quite
unpredictable and the various tests and treatments
which have been used are sometimes ambiguous.
The only case for which a meaningful test may be
made is for the measurement of an elementary
reaction. When the rate of an elementary reaction is
measured any change in conditions of the reaction
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will be immediately observable in the measurement
if such changes affect the rate. If the concentration
of surface sites is increased (as is usually done by
packing the vessel) and the rate is unaffected then it
may be concluded that the particular elementary
reaction does not occur on the surface. Such tests
may be quite ambiguous if a series of elementary
reactions is involved, since each reaction may be
affected in a different way at the surface and no
net change may occur [9].

The comparison of rate constants over a wide
range of temperature can provide useful information
for tests of kinetic theories. The combination of
results from the three techniques gives data spanning
a very large temperature range. Of particular
importance is data on rate constants in the pressure-
dependent region. The existing theories, in particular
the RRKM {formulation [10%, are able to describe
adequately the variation of the first order rate
constant with pressure [11], but the way in which
the fall-off curves change with temperature provides
a more stringent test for theories of energy transfer.
Comparison of mechanism over a wide range of
temperature can also be useful. Most mechanisms
will be significantly altered by a change in tempera-
ture of one or two hundred degrees and if such
changes can be predicted and confirmed experi-
mentally, the mechanism may be well established.

4. Pyrolysis of Paraffins

Studies of the pyrolysis of the simple paraffins,
with the exception of methane, have brought our
understanding of these systems to a reasonably
satisfactory stage. Much of this work has been done
by Purnell, Quinn, and their co-workers at Cam-
bridge and Swansea and by Niclause and colleagues
at Nancy, France. The situation may be illustrated
and summarized by the most thoroughly-studied
paraffin, ethane [12-167]. The series of reactions
which occur in the initial stage of the pyrolysis of
ethane in the temperature range 800-900 K are
as follows:

C.H—2CH; (1)
CH;3+CoHe—CH,+C,H; (2)
C,H;—CH,+H (3)

H+ CoHe—H,+ CoHs 4)
2C,H;—CHy, or CH,+CHg (5a) or
(5b)

In this type of chain mechanism, initiation occurs
by unimolecular dissociation of the reactant, the
rate-controlling propagation step is the dissociation
of a radical, and termination occurs by the bi-
molecular combination of radicals.

Similar mechanisms have been suggested for the
pyrolysis of propane [17], butane [18], isobutane
[197, neopentane [20, 217 and some Cs to Cy alkanes
[227. As the hydrocarbon becomes larger the number
and variety of radicals increases and the variations
on the propagation reactions, isomerization for
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example, can cause considerable complexity in the
mechanism. Without summarizing all the arguments
which led to the acceptance of these mechanisms I
shall instead describe the measurements which have
been made of some of the rate constants of these
elementary reactions.

In the pyrolysis of ethane the following relations
may be derived by applying the steady state treat-
ment.

3Rom = k1 (CoHg)
RHz . k3
(Rewo)'? (ksa) 2

where R refers to the initial rate of formation of
product. Measurements of the rate of formation of
methane allow the determination of k; and measure-
ments of the rates of formation of hydrogen and
butane allow the determination of ks using the
previously measured value for ks, [23].

5. Measurements of k;

Several measurements of the initial rate of
formation of methane have been made as a function
of temperature and of pressure. Considering the
temperature variation first, figure 1 shows an
Arrhenius plot of measurements by various workers.
The maximum deviation from the line drawn is
40 percent and most of the measurements are within
20 percent. These measurements were made in static
systems and the yield of methane as a function of
time was extrapolated to zero time to obtain the
initial rate. In spite of this close agreement the
Arrhenius parameters obtained from each study
show much wider variations.

Log 4 E Temperature
gs—l) Kcal/mole Reference range
16.3 86.0 Pavis and Williamson 948-1048
17.45 91.7 Quinn 837-881
14.5 81.0 Gordon 748-873
16.00 86.0 Lin and Back 823-893
16.3 88.0 Trenwith 839-873

The rate of dissociation of ethane has also been
studied as a function of pressure [24, 167]. The first
order rate constant begins to decrease at pressures
below about 100 Torr at temperatures above about
880 K. The experimental results have been inter-
preted with the RRKM theory [25] and a reasonable
model for the activated complex has been found to
give the observed variation of k; with pressure.

This dissociation reaction is important not only
because it is the basic C-C bond but also because
many measurements of the reverse reaction, the
combination of methyl radicals, have been made,
and since the equilibrium constant may be cal-
culated with some precision the two rate constants
may be compared over a wide range of temperature.
The rate of combination of radicals has been meas-
ured in the range 300-776 K while the dissociation
of ethane has been measured between 820 and
1050 K. Two aspects of this comparison are impor-
tant: first the absolute magnitude of the rate con-
stants in the high pressure region, and secondly the
characteristics of the change i the first order rate
constant with pressure.

Measurements of k_; in the high pressure region
in the temperature range 300-500 K gave a value of
2.2.X108% em3 m's~! [26, 27], apparently inde-
pendent of temperature. An average of ki obtained
from the pyrolysis of ethane,

88000
2.3RT

together with the equilibrium constant gave a value
for k_; at 500 K of 3.8X102 cm?® m~'s~ [24]. The
discrepancy of a factor of 6 is outside the estimated
errors in each of the quantities ki, k_1, AS® or AH".
The four measurements of k; in the range 820-870 K
were within 50 percent of a mean and if this range is
fixed for k; one cannot obtain a frequency factor for
k; high enough to give agreement with k_; without
obtaining an unreasonably high value for E, and
hence AH. The value of A obtained by Quinn [13]
does agree with the measured value of k_, but the
activation energy of 91.7 keal/mole implies a heat of
formation of the methyl radical of 35.6 kcal/mole
at 298 K which requires a value for D(CHsH) of
105.6 kecal/mole. It may be pointed that that any
positive temperature coefficient of k_; would make
its value even greater at the temperatures at which
k1 was measured.

A similar discrepancy was observed in the study
of neopentane. The average value for the rate con-
stant for the dissociation of neopentane,

CsHpp—CH; 41— Cyl,

from studies in the ranges 723-803 K [20] and
1070-1245 K [28] gave a rate constant for the
reverse combination of radicals which was about
10 times less than the measured value for the com-
bination of methyl radicals. The rate constant
measured over the range 713-823 K [21], however,
did not show this discrepancy but gave very good
agreement with measurements of radical com-
binations.

log k1 =16.5—
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Ficure 2. Combination of methyl radicals; variation of the
medium fall-off pressure with temperature.

;{[g;l]]; A [16]; X [30]; vV [31]; + [32]; A [27); M [26]; 3 (33]; O [29);

It may be argued that the extrapolation of the
rate constants measured in pyrolysis studies into a
region of temperature so far from where they were
measured carries with it enough error to account for
the discrepancy observed. This is possible but still
implies more error in the four quantities than is
currently admitted. Such a wide temperature range
is an exacting test for the validity of rate constant
measurements and may help to reveal sources of
error which might otherwise have remained hidden.

The measurements of the pressure dependence of
the combination of methyl radicals over the tem-
perature range 300-1000 K have been summarized
by Casas, Previtali, Grotewold, and Lissi [297].
Their summary of the variation with temperature
of the pressure at which the first-order rate constant
has fallen to half its high pressure value is reproduced
in figure 2. Grotewold and colleagues have shown
that a transition state in which the free rotation of
the methyl radicals, suggested by Rabinovitch and
Setser [117] and designated by the dotted line, has
been replaced by low frequency bending, designated
by the solid curve, gives better agreement with their
results at low temperature and also with the measure-
ments in the higher temperature range. This model
also reproduces the general shape of the curve of rate
constant as a function of pressure obtained for the
ethane dissociation. The values of py/; obtained from
the ethane pyrolysis are, however, still disturbingly
far from the values obtained from the combination
of methyl radicals.

The rate constants for the dissociation of isobutane
and of neopentane have also been measured using
similar techniques, and the results summarized
as follows:

E
log A (571) (kcal/mole)

Reference
Isobutane 17.8 82.5 19
Neopentane 18.1 85.9 21
16.8 82.0 20
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The high frequency factors appear to be characteristic
of these dissociation reactions.

6. Radical dissociations

It had been suggested that the dissociation of the
ethyl radical was pressure dependent in the tem-
perature region of the ethane pyrolysis studies [13].
Measurements of the yields of hydrogen and butane
from the pyrolysis of ethane confirmed this [15] and
the rate constant obtained, extrapolated to the high
pressure limit, agreed with that from the mercury
photosensitized reaction of ethane over a lower
temperature range [35].

The rate constant for the dissociation of the
isopropyl radical into ethylene and a methyl radical
was obtained from the study of the isobutane pyrol-
ysis [36] and compared satisfactorily with the value
measured in a lower temperature region [37].
Dissociation modes requiring higher activation
energies are more easily measured in the higher
temperature region of pyrolysis experiments while
the rate requiring the lower activation energy is
usually obtained from photolysis experiments in a
lower temperature region.

These rate constants, of which only a few examples
have been given, have been obtained with techniques
and measurements which are not difficult. It is
encouraging that simple methods can yield reliable
and useful data.

7. Secondary reactions

The discussion so far has considered only those
reactions occurring in the initial stages of the
reaction, which means those reactions which do not
involve any of the products. In the paraffin systems
the olefin products react rapidly with radicals,
producing secondary products and adding many
new reactions to the mechanism [38]. This is a
general consequence of forming products more
reactive than the reactant and has caused con-
siderable trouble in the studies of the paraffins. Most
of the rate constants for the elementary reactions
have been measured in the region where secondary
reactions are not serious. Some attempts have been
made to treat systems where the rates of formation
of the products are changing with time [397, but
because such systems generally involve a large
number of elementary reactions very little quantita-
tive data on rate constants can be obtained. Com-
puter solutions to the equations may be the answer
to this type of problem, although such solutions
depend heavily on accurate data for the rate con-
stants involved.

8. Methane

Since methane is the least reactive of the paraffins
secondary reactions of the products become impor-
tant at very early stages In the reaction, making
studies of the primary reaction very difficult. The



overall course of the reaction may be written as
follows:

2CH4_)C2H6+H2“_)C2H4+H2'_)C2H2+H2'—)C +H,

but the series of elementary reactions by which the
products form has not been established [40]. No
satisfactory measurement of the initiation step has
been made in the lower temperature range of the
studies in static and flow systems. Indeed, it has not
been possible to identify the initiation step, partly
because the two most likely possibilities,

CH4—)CH3 + I’I
CH4-—)CH2+ Hg

have very similar endothermicities. Studies in shock
tubes [41, 427] have made the closest approach to
measurements of the initiation step. Either of these
initiation steps ought to show pressure dependence
at fairly high pressures and hence could provide
some interesting data for unimolecular theories. For
identification and measurement of the initiation step
the rate of formation of the primary products must
be measured before secondary reactions become
important. Perhaps the best hope for this is from
the improved sensitivity of techniques for measuring
products which may make it possible to study the
decomposition of methane in the lower temperature
range.

9. Pyrolysis of olefins

The thermal reactions of olefins are more complex
than those of the paraffins but the general features of
the mechanisms now seem moderately well under-
stood. Both decomposition and condensation pro-
cesses occur, yielding a wide range and variety of
products. Induction periods are usually observed, at
least in the lower temperature region. The kinetics
are thus complex and quantiative measurements
of elementary rate constants have not been reported
from studies of the olefins.

Early work [2] on the pyrolysis of ethylene
established that the rate of disappearance of ethylene
was second order and the activation energy had the
low value of 40 kcal/mole. The major products
were propylene, butene-1, butadiene, ethane and
polymer. A variety of minor products were reported
depending on the extent of the reaction. Because an
induction period was observed primary and secondary
products were not always distinguished and the
mechanisms suggested were somewhat speculative.
The relative importance of radical and molecular
processes was also uncertain.

Two recent studies of the thermal reactions of
ethylene in the lower temperature region, 750-900 K,
have provided a general framework for the mecha-
nism of simultaneous polymerization and decom-
position, although the results appeared at first to be
conflicting. The first study by Halstead and Quinn
(43), which covered the range 798-923 K and
10-270 torr, reported that all products showed self-
acceleration and no changes in total pressure were
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observed. They suggested the reaction was a
degenerately branched chain reaction with butene-1
as the chain branching agent. The main chain
propagating radicals were ethyl and vinyl and
addition, decomposition and abstraction reactions
of these radicals were able to account quantitatively
for the time dependence of the yield of the major
products.

The second study by Boyd, Wu, and Back [44]
at somewhat higher pressures (150-600 torr) and
lower temperatures (773-873 K) showed that ethane
and a polymer were the only primary products and
all other products were formed with an induction
period. The formation of the polymer was deduced
from the discrepancy between the measured pressure
change and the pressure calculated from the measured
products. The rate of formation of ethane was
approximately second order with an activation
energy of 42 kcal/mole. The mechanism suggested
was a radical chain polymerization initiated by the
bimolecular reaction of ethylene to give a vinyl and
an ethyl radical. Initially the only two products
were ethane and polymer.

CoH,+CoH—CoH34-CoH; (1)
C2H5+C2H4——>C2He+ C.H; (2)
—C,H, (3)
C,Hy+CH—CeHis (4‘)
CnH2n+1+ C2H4_)C2H5+ C.H,, (5)
C.H;4-C,H,—C,H; (6)
CH;+C.H—CeHyy (7)
C.Hsy 1+ CH—CH; 4+ C Hy, o (8)

2C2H5“‘>C4H10

Subsequent decomposition of the unsaturated pro-
duct formed in (5) and (8) led to the formation of
the other products and the induction period observed
was caused by the accumulation of sufficient un-
saturated product in the system. The rate of forma-
tion of ethane, for a long chain process, is

Rethane = k2 (kl/kz> 1/2 (C2H4) 2

The endothermicity of the initiation process is 65
keal/mole so that the activation energy for formation
of ethane is predicted to be about 40 kcal/mole, in
satisfactory agreement with the experimental result.

The two mechanisms can be seen to be essentially
complementary when the effect of pressure on each is
considered [45]. The rate of the bimolecular initia-
tion is proportional to the square of the concentration
of ethylene, and at low pressures the secondary
dissociation of higher molecular weight products
will compete at an early stage. Also at low pressures
the reversal of the addition steps will become in-
creasingly important, the average molecular weight
of the polymer will decrease and the yield of ethane
in the initial stages will decrease. Thus the char-




acteristics of the second study would change over to
those of the first study as the pressure was lowered.
The key difference between the two mechanisms is
the extent of the polymerization that occurs before
the dissociation of radicals competes with the
addition, or dissociation of products creates a new
source of radicals.

At the high temperature encountered in shock tube
studies [46] polymerization does mot occur, the
vinyl and ethyl radicals rapidly dissociate and the
major products are acetylene, hydrogen and buta-
diene. At first glance it might appear that a logical
extrapolation of the low temperature radical chain
mechanism could account for these products.

2C,H,—CoH;+CoH,
C.H,—C,H,+H
C.H;—CH,+H
H4+CoH—H,+CHs
2C,H;—C,H,

The observed activation energy of the rate (50
keal/mole) is, however, lower than required by this
mechanism (65 kcal/mole). A molecular process
could occur at the high temperature of shock
pyrolysis but would not explain the rapid formation
of HD in experiments with mixtures of C;H, and
CeDy (47).

10. Propylene

Polymerization occurs in the pyrolysis of propylene
below about 550 °C but by 600 °C decomposition is
the major process. The main products in the latter
region are methane and ethylene and a variety of
minor products of higher molecular weight is also
formed [487. As in the ethylene system an induction
period was observed, and a radical chain mechanism
appeared very probable. A recent study [49] showed
that in the lower temperature region (740-820 K)
in the initial stages of the reaction the distribution of
products was simplified to methane, ethylene,
propane and a group of Cs; compounds, and that
initial rates of formation of these products were
measurable before the onset of secondary reactions.
The initial rates of formation of the Cg products were
second order in propylene with activation energies of
between 45 and 50 kcal/mole. This suggested that
the bimolecular reaction of propylene was the
initiation process,

2C3H3—>C3H5+C3H7 (1)
and addition and abstraction processes of the allyl
and propyl radicals could form the Cs products
observed. It was also shown that the rate of (1) was
comparable to the rate of formation of the major
products and it was concluded that the reaction in
the initial stages was a radical non-chain reaction. In
agreement with this, the activation energy for the
rate of formation of the C; products was close to the
activation energy for reaction (1) of 52 kcal/mole.
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The reason for the difference in chain length from
that in the ethylene system is that the bimolecular
initiation reaction of propylene is much faster than
the corresponding reaction of ethylene, and since the
propagation reactions have similar rates the chain
length should be much shorter in the propylene
system. As in the ethylene system the dissociation
of higher molecular weight products contributed to
secondary initiation and the rate of formation of the
more stable products increased rapidly after the
induction period.

The reactions in olefin systems are dominated at
low temperatures by addition reactions and as the
size of the radical grows isomerization processes may
occur, leading to a wide variety of products. In the
propylene system 1-methylcyclopentene and 3-meth-
ylcyclopentene were major components in the G
fraction. It was suggested that cyclisation of the
CeHy radical took place forming the methyl cyclo-
pentyl radical, which then lost a hydrogen atom to
form methylcyclopentene.

CH3 CHB
CH—CH, CH—CH,
N / AN
CHz — H2C CH2
/
H,C = CH
CH

In the ethylene reaction benzene was a major
secondary product and in this case the favourable
cyclization process of the Cq radical would be the
formation of the Cg ring rather than the C; ring.

A question arises concerning the reaction path for
the bimolecular reactions of olefins. The process may
be a simple hydrogen transfer reaction similar to
disproportionation reactions of radicals, or it may
involve the intermediate formation of a cyclobutane
ring.

2C2H4—>C2H3+ CgHs
2C2H4—>C — C4H3

The rates of these two processes may be calculated
using known thermodynamic and kinetic data [50].
In the case of ethylene the rate of formation of
cyclobutane is about 300 times faster than the rate
of formation of vinyl and ethyl radicals at 800 K
and 600 torr, but in the case of propylene the two
rates are almost identical. Whether cyclobutane
may be an intermediate in the bimolecular reaction
depends both on its rate of formation and on its rate
of decomposition to yield the radicals formed by the
reaction of the olefin. The simple cyclobutanes
decompose almost exclusively by a molecular
mechanism [517] and homogeneous dissociation into
radicals has not been quantitatively measured. An
empirical upper limit to the fraction of the decom-
position of cyclobutane which gives radicals below
733 K was given as 0.1 percent. This makes the rate
of formation of radicals from cyclobutane about three
times less than the rate of formation of radicals from
two molecules of ethylene at about 750 K. Given



the errors involved in measurement and calculations,
it is just possible that radicals are formed through
cyclobutane at this temperature.

In the propylene system the rates of the two
reactions are about equal and since the formation of
radicals in the decomposition of dimethylcyclobutane
[52] was no more important than in the decom-
position of cyclobutane the cyclic intermediate
cannot contribute significantly to the formation of
radicals in this system.

11. Acetylene

The mechanism of the acetylene pyrolysis has
provoked much controversy, partly because of the
difficulty of obtaining reliable data. Modern analysis
has overcome much of this trouble and there is now
general agreement concerning the nature of the
products under various conditions (53). Poly-
merization is dominant at low temperatures and as
the temperature is increased ethylene, ethane,
hydrogen, methane, vinylacetylene, diacetylene,
benzene are among the products found in varying
yields depending on temperature and conversion. In
several aspects the acetylene pyrolysis bears a strong
resemblance to the ethylene pyrolysis. The activation
energy of the reaction is low, between 45 and 50
kcal/mole, and induction periods are observed. Both
the initial rates and the maximum rates after the
induction period are second order in acetylene. Most
of the mechanisms suggest (54) that the initial step
is a bimolecular reaction of acetylene to give an
excited molecule of acetylene in the triplet state or a
triplet or biradical species C,HF [55]. The rate of
formation of excited molecules in thermal systems,
however, is somewhat uncertain; the frequency factor
may be very low.

The bimolecular reaction of acetylene to give a
vinyl and an ethynyl radical has been suggested
[56], but has not been followed up with a complete
mechanism. With this initiation the following
reactions represent an outline of the most probable
types of radical reactions which may occur during
the pyrolysis of acetylene.

C2H2+C2H2—>C2H+C2H3 (1>
C2H3-—>C2H2+H (2)
C2H+C2H2—)C4H3 (3)
C4H3—‘>C4H2+H (4)
High
temper- H+CH—H,+CH (5)
ature
2C2H“—)C4H2 (6)
C.H;+C.H,—CH,+4C.H (1)
Inter- C.H;-+ CoHo—CH5 (8>
mediate
temper- CH;—CH.+4+H (9)
ature
C2H3+C2H2“—)C2H4+C2H (10)
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2C,H;—CsH, (11)
2C2H3—)C4Hs (12)
LOW C4H3+ Csz—')CﬁHs ( ].3)
temper-
ature C4H5+C2H2—)C6H7 (14)

A mechanism similar to this in many respects was
recently suggested by Cullis and Read [57]. They
suggested initiation occurred by the following

reaction:
2C2H2—)C4H3+H (15)

Kinetically these two initiation reactions cannot
be distinguished but reaction (1) is perhaps the
simpler.

The products formed depend on the temperature
region where the reaction occurs. At high tempera-
tures, as found in shock tubes, decomposition will
compete with addition and the C,H; radical will
disappear to form C;H,4-H. The vinyl radical will be
largely dissociated. This region is illustrated by the
work of Gay, Kistiakowsky, Michael, and Niki
[58]. At lower temperatures the C.H; radical may
undergo abstraction to form C,H,, and reactions of
the vinyl radical will become important. In this
region vinylacetylene, ethylene and butadiene are
products. At still lower temperatures further addition
reactions will build up high molecular weight
products.

Taking AH/C,H) as 114 kcal/mole [59],
AH(C,H3) as 64 kcal/mole, S°(C.H) as 51. e.u. [60 ]
andlog k_; (cm® m™'s™!) =12.5 23], the rate constant
for reaction (1) may be expressed as

70000
2.3RT

Assuming a long chain reaction the rates of formation
of the products may be expressed as follows.
(A) High temperature region:
e\ V2
Rate C4H2 = k3 (E) (C2H2) 2
6

Taking reasonable values for reaction (3) [61], the
activation energy of the rate is 40 kcal/mole and the
frequency factor is 3 X10' em® m~'s7%. The activation
energy is in reasonable agreement with the experi-
mental value. The frequency factor is about a factor
of 20 lower than suggested by Gay et al. [58], who
averaged the results of ten different investigations
but still fairly close considering the oversimplification
of the mechanism.

(B) Intermediate temperature region:

Vinyl acetylene may be formed by either of the
sequences (3) followed by (7) or (8) followed by
(9), depending on the relative concentration of the
CoH; and C,H radicals. In either case the rate-
controlling propagation step will be the addition of
the radical to acetylene.

log ki(em® m—1s7) =15.0—

kl 1/2
Rate C4H4 = kg (k— (CgHg) 2
6

Thus in these two limiting cases represented by the




dominant formation of C,H, or by CiH, the rate
expressions are the same or very similar.

(C) Low temperature region:

The primary products in this region are somewhat
more uncertain but a general expression similar to
those for the other regions may be written

e\ V2
Rate polymer =k, (E (C.H,)*
t

where k, is an average rate constant for addition and
k. represents the termination rate constant for the
radicals involved.

Such a mechanism can therefore lead to a rate
expression which will remain essentially the same
over a wide range of temperature. The requirements
are only that the addition of radicals to acetylene is
the rate-determining step and that the termination
steps involving the various radicals have similar rate
constants. The mechanism is intended to show, not
that excited molecules of acetylene may not be
formed, but that there is no need to postulate their
formation. First, the bimolecular initiation step can
account for the low activation energy. Secondly, the
rather erratic effects of surfaces observed may be
expected in a long chain reaction where the propaga-
tion reaction of radicals may occur following adsorp-
tion on surface sites. Thirdly, the importance of
cyclic compounds in the products, particularly
benzene, is fully in accord with the present knowledge
of the rapid cyclisation processes of radicals con-
taining six or more carbon atoms. Earlier work,
having suggested that polymerization occurred by
condensation reactions of acetylene to form linear
molecules or diradicals, was concerned over the
difficulty of forming cyclic compounds from such
species. The formation of products by the radical
mechanism removes this difficulty since the addition
reaction destroys the sp hybridization and the sp®
hybridization will give bent radicals. Fourthly, the
formation of methane and compounds containing an
odd number of carbon atoms may be most easily
accounted for by the dissociation of radicals. For
example,

C,H,+ C.H;—CH,—=CH—CH=CH
CH,—~CH—CH=CH—CH;—CH—C=CH

The terminal methyl radical may split off and
form methane by abstraction. Similar isomerizations
may occur with larger radicals and other radicals
containing an odd number of carbon atoms may be
formed. Finally, the radical mechanism accounts
adequately for the products formed when halogens
are added to the reacting acetylene [62 ].

12. The induction period

As in the reactions of ethylene and propylene the
higher molecular weight products are more unstable
than the reacting olefin and as these accumulate
their dissociation soon contributes appreciably to the
reaction. In the reaction of ethylene the rates of
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formation of the main products formed after the
induction period were second order in ethylene and
this was interpreted to show that the main initiation
both in the initial and in the later stages was the
bimolecular reaction of ethylene [44]. The dis-
sociation of the high molecular weight products
contributed new products and new propagation
steps, but not significantly increased initiation. This
is probably the situation in the acetylene pyrolysis,
where the kinetics are second order both in the initial
stages and in the region of maximum rate. In both
regions the main initiation step will be the bimolecu-
lar reaction of acetylene to give the vinyl and ethynyl
radicals.

13. Reaction of C.;H, and D,

A related reaction with some puzzling features is
the H-D exchange in acetylene. Experiments m
shock tubes with mixtures of CoH, and C.D. [58]
and mixtures of C,H; and D, [63] had shown that
the isotopic exchange in acetylene was orders of
magnitude faster than the conversion to other
products. The mechanism suggested, in line with
similar studies with other molecules, that exchange
occurred through dissociation of a molecular complex
between CoH, and D,. An atomic exchange mech-
anism for the reaction was proposed by Benson and
Haugen [64], but several difficulties with this were
pointed out 657, the main ones being the dependence
of the rate on the acetylene concentration, the low
activation energy and the time required to reach the
steady state radical concentration.

A consideration of the mechanism suggested here
for the reactions occurring during the pyrolysis of
acetylene would lead to the prediction that exchange
of H and D in acetylene would occur very rapidly by
the addition of atoms to acetylene followed by rapid
reversal. Exchange would not require stabilization of
the vinyl radical, which would undoubtedly be a
third order reaction under shock tube conditions. If
initiation occurs by the bimolecular reaction of
acetylene instead of by the similar reaction of
acetylene and D., an atomic exchange mechanism
can be written which correctly predicts the observed
order of the rate with respect to acetylene and
deuterium and the observed activation energy. At
1500 K the former initiation is about six times faster
than the latter, for equimolar mixtures.

The main difficulty with an atomic mechanism is
that the time required for the steady state concen-
tration of radicals to be attained (about 500 us) is
long compared to the time resolution of the experi-
ments (10 us), but no induction period was observed.
This discrepancy is puzzling but must be resolved
before an atomic mechanism could be accepted.
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Discussion

C. F. Cullis (The City University, London):
Dr. Back has included in her paper a very helpful

summary of the present situation regarding our
understanding of the mechanism of pyrolysis of
acetylene. As she is at pains to point out, however,
there are a number of questions still unanswered and
it is not at present possible, for example, to dis-
tinguish between various alternative routes in the
radical chain mechanism. Thus, vinylacetylene,
which appears to be the primary product of the
breakdown of acetylene below ca. 1000 °C, might be
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formed either by reactions:
C.H+C,H,—CsH,
C.H;+C.H,—CH,+CH
or by reactions:
C.H;+CoH,—C,H,
CH;—CH,+H

It is probably not going to be possible to determine
the extents to which such alternative reaction




sequences operate simply by means of more detailed
studies of the associated overall molecular reactions.
Further useful information may, however, be ob-
tained from independent studies of the abstractive
and additive reactions of the radicals concerned.
Thus, for example, Tarr, Strausz, and Gunning have
shown! that the reaction

C2H + C2H4—>C4H4+ H

is faster at room temperature than the alternative
reaction,

CzH + C2H4——)C2H2 + C2H3.

At present therefore, Mr. J. V. Shepherd and Dr.
D. J. Hucknall are attempting, at the City Uni-
versity, to study the kinetics of some of the reactions
of ethynyl, vinyl and butenynyl radicals, with
particular emphasis on their interaction with small
alkyne molecules. It is hoped that such studies will
throw light on the mechanism not only of the pyrol-
ysis of acetylene and its homologues at relatively low
temperatures but also of the formation of carbon at
somewhat higher temperatures.

M. H. Back:

I agree with the remarks by Professor Cullis both
with respect to the mechanism of formation of
vinylacetylene and to the view that measurements
of the rate constants for the elementary reactions
involved would be very useful. Below about 1000 °C
vinylacetylene may indeed arise from reactions of the
C,H or the C,H; radical. The relative importance of
each sequence would depend on the relative concen-
trations of C;H and C,H; radicals as well as on the
rate constants of the reactions involved.

In the mechanism outlined it has been assumed
that vinylacetylene is the main primary product of
the vinyl radicals while diacetylene is the main
primary product of the C;H radicals. This is an over-
simplification which may be partly true but cannot
be assessed with confidence until the rate constants
for the elementary reactions and heats of formation
of the radicals are known more accurately than
at present.

R. S. Konar (Catholic University):

I would like to make some comments on the
dissociations of ethane and of neopentane.

Ethane Dissociation

The overwhelming experimental evidences [1-5]
now show that the high pressure rate constant
(k) for the reaction 2CH;—C,H; in the gas phase is
greater than 108 exp(—0/RT) em’-m7s™, and
probably Shepp’s number (k,=2.20X10% cm’-

m~1s~1) represents the lower limit for k.. Thus in

1A. M. Tarr, O. P. Strausz, and H. E. Gunning. Trans. Faraday Soec.
(1966) 62, 1221.
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ethane dissociation,

ASass AHyi g (keal m™)

k1
CH 2 2CH;

k-1

37.1(£1.0), 88.20(£3.0)

[where the entropy (S) is in cal-deg™ mole-".
Standard state ideal gas at 1 atmos; thermochemical
data are taken from Benson [6], and Purnell and

Quinn [7]].
ey = 1075 exp (—87600/RT) 71

if k_y=10%% exp(—0/RT) em®-m -5
By measuring the initial rate of CH, formation,
Quinn [8] found

ky=10"-% exp(—91700/RT) s72,
while Lin and Back [97] first found

k=100 exp(—86000/RT) s,
and later on

ky=10%% exp(—88000/RT) s71.

(see Lethard and Purnell [10] for a discussion).
It is suggested here that these discrepancies are
probably due to the differences in the experimental
approach to the problem.

Quinn measured methane by taking samples
directly from the reaction vessel, and injecting it into
the G.C. (integrated with the reaction system via an
automatic gas sampling valve). He measured the
initial rate of CH, formation before the secondary
reactions started in the system (fig. 2 of reference 8).
The Arrhenius parameters as reported by Quinn are
somewhat higher than the average values as shown
above, and this may well be partly due to the error
in the absolute calibration of CH, in the G.C.
columns.

Lin and Back [97] measured CH, indirectly, i.e.
they froze all the products and the unreacted
reactant at the liquid N, temperature, and then
toeplered the noncondensables. It is found that under
such conditions, all CH,; is not collected in the
toepler pump although in principle it should be
collected by the pump. The situation gets worse if
there is hydrocarbon or inert gas matrix which
retains a considerable amount of CH, by trapping.
H, and CH, were then analyzed by combustion of
hydrogen in a copper oxide furnace maintained at
280 °C (for details see page 506 of reference 9).
It may well be that Lin and Back did not collect all
the CH,, and as a consequence might have under-
estimated the initial rate of CH, formation. This is
reflected in the low value of 4,.

The initiation reaction in ethane dissociation can
also be studied by measuring the initial rates of
n-butane and of ethyl formations coming from the
reactions (5a) and (5b) (see page MO0). Lin and Back
did find that at high pressures,

d(n— C4H10) /dlz k(C2H6)



where k=A exp(—89800/RT) s7!, and n—C,Hy
was measured by L. E. Reid and D. J. LeRoy [11]
have measured (kqs/k.) of ethyl radicals, which is
given by:

logi(ka/kc) = —0.21340.014— (906-£30) / (2.3RT)
Hence E;=90.7 kcal/mole. Thus,
k=101 exp (—88000/RT) s!
= A, exp(—90700/RT) s~

Hence A4;=107% s It is interesting to note that
O’Neal and Benson [12] estimated

k=107 exp(—89500/RT) s,
assuming
k_y=1029 cm3-m—1.57!

for which the experimental evidence is very poor.
It is clear that because of analytical errors, one can
hardly expect the expected Arrhenius parameters
from such complex pyrolytic reactions. Thus from
the experimental standpoints, the best Arrhenius
parameters for k; are k; = 107 exp (—90700/RT) s~
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Neopentane

By measuring the initial rate of C;H; in neopentane
pyrolysis, Halstead et al. [1] found k; as

1 =109 exp (—85800/RT) s~
k1
(CH;).C I:—i (CH;)3CH-CH;
—1

The estimated endothermicity of [1] at 298 K is
(80.4:£3.0) keal mole™, if AHY} of (CHy)sC radical
at 298 K is 6.74-1.0 kcal mole™, and is (82.5+3.0)
kcal-mole~! if the AH? of the (CH;)sC radical is
(9.1:£1.0) keal mole™ as reported by Tsang.?
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If we want to correlate the estimated endothermicity
(AHr) with the activation energy of the process
(E), it is necessary to know the value of E_,, since

AHT— AnRT=E1——E_1.

Some kineticists believe that E_; is zero, some think
E_, is a positive quantity, while others suggest that
E_; is a negative quantity [2]. However all gas
kineticists accept that the experimentally measured
(ka/k.) ratio of alkyl radicals given below is probably

correct.
2C2H59 (CH3+C2H5), (CH3+n—C3H7),

(CH;+:i—C;H7), (CH3;+:—C Hy),

kq

k0298 K

and that for two ter-C4Hy is 2.30, (Terry and Futrell
[37, Trotman-Dickenson and Milne [4]).

If E_; is zero, then it is very hard to explain all
these experimental data. The E, for the two ethyl
recombination has been measured by Shepp and
Kutsche [5] as 2.0 kcal mole~?!, while (k;/k:) by
Reid and LeRoy [6],

logio (ka/k.) = —0.213—906/(2.3RT),

i.e., Eq for the two ethyl is about 3.0 kcal/mole, (see
also Ivin and Steacie [7]). Comparing the (ki/k.)
of two ethyl radicals and of (CH;+ter-Cstly), I am
inclined to think that E, (i.e. E_;) of (CH;+-ter-C,H,)
cannot be zero, and must be greater than the E,
of two ethyls. Thus E_; may be as high as 3 to 4 kcal
mole~! due to steric barriers [8]. On this basis the
measured FE;=85.8 kcal/mole is not inconsistent
with the estimated endothermicity of the process
[1], which is certainly not better than =£3.0
keal/mole.

Tsang [27] has himself questioned his own shock
tube results. He believes that he might have studied
the reaction (1) in the slightly pressure dependent
region, and there may well be a molecular process
such as

0.13, 0.36, 0.058 0.163 0.70

(CH;;) 4C—>iSO-C4H3+ CH4

under his experimental conditions [2]. In that case,
the measurement of total isobutene would not give
k1.

Taylor et al. [11] studied neopentane pyrolysis in
a flow reactor, and from the product analysis esti-
mated the overall rate of neopentane disappearance.
They found experimentally that at or above 1
percent conversion,

"d(C{,Hu) /dt= k (C5H12)

where k=109 exp(—80500/RT) s*. They then
assumed that k must be k;, since the overall order is
unity, and the overall activation energy is very close
to the estimated endothermicity of the process (1)
at 298 K.

From the analytical data of Taylor et al, it is clear
that they have studied the isobutene inhibited
decomposition of neopentane, and not neopentane




itself. The overall order (unity) and overall low
activation energy (80.5 kcal/mole) may well be the
consequence of self-inhibition (see ref. 1).

Taylor et al. did not produce any data below
1 percent conversion and the extrapolation of
—log (percent conversion) versus time to zero time
would not give the correct rate constant, and hence
the initial rate, in the inhibited decompositions if the
conversion is high (1 percent or above). The presence
of olefins masks the normal reactions [1, 14]. It has
been found experimentally that when neopentane is
pyrolysed at 500 °C with 1 percent isobutene, CH,
is formed at a constant rate initially and the pressure-
time curve when extrapolated goes through the
origin; but it does not give the kinetics of neopentane
pyrolysis. In the absence of olefins (added), CH, rate
decreases with time [1]. This is also the case in the
flow reactor of Taylor et al. (fig. 4, ref. 11). They
have claimed that they have studied the homoge-
neous reaction, but did not measure H,, a major
product, nor did show its distribution inside the
reactor. [t appears H atoms will reach the reactor
wall under their experimental conditions. It was
found that neopentane diffused to the wall in about
0.3 secs. and the time of residence was up to 0.4 secs.
Thus there is considerable doubt about the validity
of the measurement of k; by the method of Taylor
et al., and so their results have to be accepted with
considerable reservation.
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M. H. Back:

Dr. Konar has provided arguments in support of
the rate constant reported by Quinn for the elemen-
tary dissociation of ethane. The frequency factor
measured by Quinn was in good agreement with the
rate constant for the reverse combination of methyl
radicals but the activation energy for the dissociation
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which he measured gave a heat of formation of the
methyl radical of 35.6 kcal/mole at 298 K, which in
turn leads to a dissociation energy of methane of
105.6 keal/mole. This value is probably too high and
it appears not possible to find agreement among the
four quantities ki, k_i, AS and AH for the system

1
C,H¢ =2 2CH;
-1

Regarding the measurements of the rate constant
for the dissociation of neopentane, Dr. Konar’s
caution in accepting measurements at conversions
greater than 1 percent may be well-founded. Indeed
very low conversions were needed in the work done in
the static system. The data reported by Taylor
et al. from the experiments in the flow reactor shows,
however, that they were measuring initial rates of
formation of methane, although the accuracy did not
appear very good. Perhaps it is simply a combination
of errors which leads to the low value of 80.5
kcal/mole for the dissociation of neopentane. Their
work was discussed in relation to the previous
measurements on neopentane by Baronnet and
Niclause (ref. 4 of the discussion).

A. S. Gordon (Naval Weapons Center):

Referring to the mechanism of ethene pyrolysis, I
would be interested in any experimental evidence
that a vinyl radical (or a homologue) will dis-
proportionate with about zero energy of activation.
My interest is aroused because an internal hydrogen
transfer reaction,

D N,
CD, “CH,
| | —CD—CHCH=CHCH,D
CH\ CH
NS
CH

has AH=0, but an E,..~ 35 kcal/mole. This reaction
bears some formal relation to the hydrogen transfer
reaction between two ethylenes. In addition,
endothermic abstraction reactions, e.g. allyl radical
abstracting from a saturated hydrocarbon, have a
barrier in addition to the endothermicity of the
reaction. The two types of reactions suggest that the
H transfer reaction between two ethylenes might
have a larger barrier than the endothermicity.

M. H. Back:

There is to my knowledge no direct evidence that
disproportionation between a vinyl and an ethyl
radical occurs without activation energy. This
assumption was made on the basis of what is known
about the rates of radical-radical combination and
disproportionation reactions involving small hydro-
carbon radicals. Almost all the evidence leads to the
conclusion that disproportionation reactions between
such radicals require no activation energy. In view
of the considerable exothermicity of these reactions



this result is not surprising. The reactions discussed
by Dr. Gordon, on the other hand, are hydrogen
transfer reactions which often, as he points out,
have heats of reaction close to zero and which may
involve a considerable activation energy. Now two
important differences between these types of
reactions could lead to considerable differences in
the activation energies involved. (1) Dispropor-
tionation reactions are highly exothermic while
abstraction reactions may be close to thermal
neutral. For example,

2C,H;—CoH,4 - CoH
AH =59 kcal/mole
C.H;+ Csz“)2C2H4
AH =65 kcal/mole
CH;+C,Hy—CH,+CH,
AH=5.3 kcal/mole
CD;CH=CHCH=CHy;—CD;=CHCH=CHCH,D
AH=0

(2) The dissociation energy of the C-H bond
broken is very different in the two cases. In the
disproportionation reaction the C-H bond dis-
sociation energy is probably reduced to about 40
kcal/mole, while the C-H bond broken in the
abstraction process very likely has close to its
normal strength of about 100 kcal/mole.

Dr. Gordon’s second point is that an endothermic
reaction involving radicals may require an activation
energy considerably greater than the endothermicity.
This of course depends entirely on the nature of the
reverse reaction and in the case of our proposed
initiation reaction in the ethylene system

2C2H4_)C2H5+ C2H3

we equate the activation energy for this reaction to
the endothermicity by assuming that the dis-
proportionation between a vinyl and an ethyl radical
has the same energy requirements as the dispro-
portionation between two ethyl radicals.

W. Tsang (National Bureau of Standards):

The mechanism, rate constants, and parameters of
the initial step in the gas phase pyrolysis of most
organic molecules can be conveniently and accurately
determined using the comparative rate single pulse
shock tube technique!. This is because the shock
tube has all the characteristics of an ideal pyrolytic
reactor. Wall reactions are eliminated and the short
reaction time (1 us) excludes the possibility of chain
decomposition. Using this technique rate parameters
for the initial step in the decomposition of over 50
hydrocarbons (up to Cp) have been determined.
With respect to the alkanes they show striking
regularities. There are no molecular modes of

1 W. Teang, J. Chem. Phys. 43, 352 (1965); 44, 4283 (1966); 46, 2187
(1967). Int. J. Chem. Kinetics 1, 245 (1969).
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reaction. All variations in rates are due to activation
energy changes. They are generally in good agree-
ment with presently accepted? values of bond
energies. The preexponential factor per C-C bond
being ruptured appears to be a constant with the
appropriate number being 210 sl Calculated
preexponential factors from measured radical recom-
bination rates in the literature are however a factor
of 10 to 30 higher. This is the same phenomena as
observed by Professor Back.

The shock tube technique is applicable to the
study of the pyrolysis of any compound with a vapor
pressure of about 10 um or above. For really large
hydrocarbons a heated shock tube is necessary. This
is not a problem. On the other hand from the general
trends already observed, startlingly new behavior
should not be expected.

From the data on ethane as summarized by
Professor Back it appears that for such simple
systems the classical static technique may give
acceptable rate constants, they do not yield de-
pendable rate parameters. Thus any set of rate
parameters derived from a given static experiment
must be regarded with extreme caution.

M. H. Back:

Any one set of rate parameters from a given
experiment, whether by static, flow or shock tube
technique, must always be regarded with caution.
The rate parameters for the dissociation of ethane
which I have discussed were obtained from several
sets of experiments and indeed the parameters
obtained from the static technique were in good
agreement with those obtained by Dr. Tsang from
his experiments in shock tubes. The data from both
techniques show a discrepancy with the radical
recombination rates and it 1s this discrepancy which
I wished to call attention to in my discussion. The
reasons for it are not yet fully understood.

A. S. Gordon and R. H. Knipe:

We believe that the saturated hydrocarbons
(alkanes) have been shown to decompose exclusively
via a chain mechanism even previous to the work of
Tsang. However, there are other classes of hydro-
carbons which do decompose exclusively via a
molecular process (or biradical which reacts so fast
that it is indistinguishable) as discussed in our paper.

As for Dr. Tsang’s technique: while it is mostly
free of wall, Kistiakowsky and his students have
shown that small quantities of gases are desorbed
from the walls of shock tubes and influence the
reaction. Also, the shaping of the pulse to give a step
rise to a given temperature and a similar decrease at
the end of pulse leaves some error in the results.
The most important criticism of his technique is that
he must rely on toluene (or some similar agent) to
completely quench the free radicals. When acting in
this manner the benzyl radical is assumed not to

2J. A. Kerr, Chem. Rev. 66, 465 (1966).




abstract hydrogen from the parent compound. The
assumption is not correct; it will abstract with an
activation energy greater than the alkyl radical
because of its resonance energy. The higher the
temperature of the reaction the less effective the
technique. Actually, the technique is not restricted
to the shock tube but has been applied in static and
flow systems, where it was pioneered by M. Szwarec.

The single pulse shock tube has the advantage
that it can reach higher temperatures than the
classical techniques. In using the technique at higher
temperatures it must be carefully established
whether the hydrocarbon is in its “fall-off” region.
For the lower temperature region, the classical
techniques of a static system where it can be experi-
mentally established that the reaction is homoge-
neous, allow the various parameters such as pressure,
inert gases, and temperature to be more conveniently
explored than in a shock tube. As is so often the
case, no one experimental or analytical technique can
be used to solve the research problem area.

W. Tsang:

Drs. Gordon and Knipe have made the common
assumption that the only special attributes of shock
tube studies are high temperature and relative
homogeneity of reactions. They have failed to draw
the proper consequences that arise from the short
reaction time (~1 ms) and low reactant concen-
trations (~.01 percent in argon or 3 X 10~ moles/liter
under experimental conditions). More than anything
else these isolate the initial processes for study.
Consider, for example, a methyl radical in this
environment; the rate expression for its abstraction
reaction with a typical hydrocarbon (say n-butane)
as recommended by A. ¥. Trotman-Dickenson and
G. S. Milne [Table of Biomolecular Gas Reactions,
NSRDS-NBS 9, U.S. Government Printing Office ] is

k(CH3+nC4H10""‘>CH4+ C4H9)
=1089 exp(—7,600) /RTI/mole s.

At 1100 K (the usual shock tube temperature)
this is 1085 1/mole s. With a hydrocarbon concen-
tration of 3 X107° moles/liter this is equivalent to a
methyl radical lifetime (with respect to abstraction)
of 0.1 s. Remembering that the total reaction time is
only 0.001 s, this means that methyl radicals are
stable under shock tube conditions. Since there is no
question that the comparable benzyl radical reaction
must be even slower, it is clear that the suggestion
by Drs. Gordon and Knipe is not applicable to
these shock tube studies.

Note that it may be (and has been) used in
explaining the serious errors in the original toluene
carrier work of Szwarc. These are carried out with
much higher concentrations and longer residence
times. More complete discussions of this and the
other minor points may be found in our publications
[W. Tsang, Internat. J. of Chemical Kinetics 2,
311 (1970) and references therein ].

It should be noted that the basic correctness of the
rate constants determined by the single pulse shock
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tube studies have now been verified by flow [J. E.
Taylor, D. A. Hutchings, and K. J. French, J.
Amer. Chem. Soc. 91, 2215 (1969) J; static [M. P.
Halstead, R. Martin, D. A. Leathard, R. M. Marshall,
and J. H. Purnell, Proc. Roy. Soc. Ser. A, 310, 525
(1969) ]; and very low pressure pyrolysis studies
[N. Spokes, personal communicationﬁ.

Leo A. Wall (National Bureau of Standards):

Drs. Gordon and Back have given very excellent
discussions of thermal decomposition reactions;
however, they confined their remarks to very small
molecules. T would like to turn their attention to
large molecules, for example alkanes with ten or
more carbon atoms, and ask them to comment on
the following:

F. O. Rice discussed the thermal decomposition of
large alkane molecules many years ago (The Aliphatic
Free Radicals, Rice and Rice, The Johns Hopkins
Press, 1935) and later the isomerization of large free
radicals (A. Kossiakoff and F. O. Rice, J. Am. Chem.
Soc. 65: 590 (1943)) was invoked to improve the
fit of the original free radical theory with experiment.
A premise of the free radical theory was that large
radicals were unstable and decomposed to small
ones. It has occurred to me that actually large
radicals are quite stable and in a sense inert. In the
polymer field the conformation of molecules is very
important. In molecules containing ten to forty or
more carbon atoms, one would suspect that con-
formation would play an important role in gas
pyrolysis. In a twenty or so carbon atom molecule an
active radical end could be shielded or in effect
buried and not easily reacted with other molecules,
hence, except for isomerization, decomposition to
smlaller species would be the only course they could
follow.

M. H. Back:

The reactivity of radicals in an energetic sense
does not appear to change very much after about Cs
or Cs, at least for straight chain radicals. Long chains
are remote from the reactive part of the radical and
will have very little effect on the energetics of the
radical reaction. Dr. Wall has suggested that there
may be other important influences besides energy
requirements on the rates of reactions of long chamn
polymer radicals, for example, conformational effects.
The reactive end of a radical may become shielded
or buried and bimolecular reactions might be
hindered relative to unimolecular reactions. The
effect would be manifested in the entropy of activa-
tion of the transfer process, while the energy of
activation would show little change. The entropy
term in the thermodynamics of the polymerization
process is responsible for the observation of a ceiling
temperature for the reaction. A large entropy term
arising from conformational effects on the reactions
of the polymer radical would thus have an effect on
the ceiling temperature. A comparison of ceiling
temperatures for various types of polymerizations




might give some indication of the importance of
conformational effects.

A. S. Gordon and R. H. Knipe:

We agree with Dr. Wall that a large hydrocarbon
radical would be less likely to stabilize itself by H
abstraction from another molecule or radical than a
small radical. Since the unimolecular isomerization
reactions are probably the fastest reaction paths in
the gas phase, it is likely that the various isomers of a
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large radical would tend to be present in their
equilibrium proportions. In the case of the large
radical many of the isomers would have the free
radical end buried inside the coils of the structure,
so that these would not be able to abstract H from
other molecules. In a practical situation large
radicals could exist in the gas phase only in very low
concentrations except at high temperatures because
of vapor pressure limitations. At high temperatures
the unimolecular cracking reactions would be very
fast.
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Factors Involved in the Degradation of Polymers in Melts

C. R. Patrick

The full interpretation of degradation of molten polymer would be facilitated by a better
understanding of the elementary chemical processes involved. Suitable analogues of these reactions
may often be studied in detail only in the gas phase. Relationships between the kinetics of ele-
mentary reactions in gas and liquid phases are desirable. On the basis of thermodynamic argu-
ments it is concluded that Arrhenius parameters for bimolecular reactions in the two phases
should differ, to a small but significant extent, greater than usually accepted, whilst those for
unimolecular processes, commonly should not. Diffusion may determine the rates of some re-
actions in liquids particularly of reactions between radicals. Evidence on the mobilities of large
and small molecules, models for radicals, in molten polymers, is summarized. Expressions for
diffusion controlled reactions are compared, and applied to reactions in molten polymers. Compli-
cating effects in the size dependence of the rates of diffusion controlled reactions between macro-
radicals are surveyed. Other complicating effects, notably of geminate reactions between radicals,
are discussed. A case is made out for comparing more extensively the kinetics of thermal degra-
dation of gaseous paraffins, and of molten paraffins and polyethylenes.

Key words: Degradation of polymers in melts; diffusion-controlled reactions between macro-
radicals; diffusivities of molecules and radicals in molten polymers; geminate recombination of
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radicals; pyrolysis of hydrocarbons; rates of reaction in liquids and gases; reaction equilibria in
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liquids and gases.

1. Introduction

This paper examines the bases upon which
kinetic parameters, which for simple substances
may be characterized in the gas phase, may be
related to kinetic parameters for the same, or similar,
processes in the liquid phase. The comparison is
made on a thermodynamic basis. It is also necessary
to acknowledge that the rates of some reactions in
liquids, such as those involving free radicals that are
of importance in the chain degradation of addition
polymers, are regulated by diffusion, rather than by
chemical factors. Such diffusion-controlled reactions
will be discussed, and outstanding problems will be
indicated.

2. Thermodynamic Considerations of
Reactions in the Gas and Liquid
Phases

We will consider the thermodynamics for the
equilibrium between a set of reactants and products,
and their relation to the thermodynamics for the
same equilibrium in the liquid phase. We assume
that the components form thermodynamically ideal
mixtures in both phases. Equilibrium constants for
reactions in the gas phase are generally formulated in
terms of the partial pressures of the reactants and
products, using reference states of one atmosphere
pressure for the respective substances. Equilibrium
constants in the liquid phase are most appropriately
formulated in terms of the mole fractions of the

components, that is, with reference to the (real or
hypothetical) pure liquids (strictly at a defined
pressure, which, for the present purposes, will be
assumed to be a low pressure—say one atmosphere).
The heats of reaction in the gas and liquid phases
(AHg,; and AHp.), respectively) are related by the
heats of vaporisation (AH,) of the component
liquids in their reference states to the reference
states of the gases (P=1 atm). Thus:

AHg —AHg = % AH,— Y

products reactants

AH,

Similarly the standard entropies of reaction are
related by

ASg—ASr1= > AS.— X AS,

products reactants

where the entropies of vaporisation, AS,, relate to
changes of state specified for the heats of vaporisation.
The first of these relationships has often been
presented [1, 2, 3, 4]* but the second has not been
exploited fully. The detailed development of these
equations cannot be pursued in this paper. At
temperatures below, and remote from, the critical
temperatures of the liquids, the appropriate heats
and entropies of vaporisation are, in principle, easily
determined. In the neighbourhood of the critical
temperature the quantities required are not easily
obtained, and the major contributions to them are
due to the non-ideality of the vapors, rather than to

1 Figures in brackets indicate the literature references at the end of this
paper.




the vaporisation of the liquids. Above the critical
temperatures of the liquids formally identical
relationships still obtain, but the terms for the
vaporisation of the substances need strictly to be
redefined. The solution of a gas in a solvent with
which it has no strong interaction is not accompanied
by a change in heat that is comparable in magnitude
with the heat of vaporisation of the same substance
as a liquid [5]. There is, however, a significant
change in entropy when a gas is dissolved (at con-
stant pressure) in a liquid, and this, when extra-
polated to the limit at which the liquid is composed
of the hypothetic liquified gas, is very similar in
magnitude to that for the vaporisation of a normal
liquid to the vapour at the same pressure and tem-
perature (that is about 22 cal-deg™ mole~! for
vaporisation to P=1 atm_at 25°). This result was
embodied in earlier work [5] but was only recently
made explicit [6]. It is easily understood. In the gas
the motions of the molecules are limited only by the
total volume of the system. In the liquid, motions
are confined to a very small volume, commonly
referred to as the free volume. The change in entropy
on this account is similar for all molecules, because,
in simple terms it is only the change in volume
available for the molecular motion that matters.

Some generalisations follow from these relation-
ships. In equilibria that involve mno change in
molecularity, it is likely that the summed heats of
vaporisation will equal very nearly those of the
products, so that AHpg ,— AHg,1 will be small. In
associative equilibria, of the type 4+B—AB, (7]
the disparity between the sums of heats of vaporisa-
tion of reactants and products is likely to be greater,
so that, unless some of the species are, at the tem-
perature of interest, real gases, AHy ,— AHg,1 will
commonly be significant and negative.

Troutons rule [7, 8] teaches that the entropies of
vaporisation of many substances are approximately
equal at all temperatures, and are about 21 cal deg™
mole—1, Thus for equilibria involving no change in
molecularity, ASg ,—ASg,1 should be small, and in
- associative equilibria, as defined above, ASg «— ASE .1
1

should generally be about —21 cal deg™ mole™,

The predictions relating to equilibria involving no
change in molecularity are demonstrated by measure-
ments on equilibria between halogens and diatomic
interhalogen compounds [2, 9. Predictions for
associative equilibria are less well illustrated. The
entropies of dimerisation of carboxylic acids in the
gas phase (— (34 to 36) cal deg™' mole™) are greater
than those in solution (— (10 to 14) cal deg~' mole™’)
[10], and the differences are about — (20-23)
cal deg~! mole!) as expected. The he