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ABSTRACT

Ethane has been pyrolyzed at temperatures ranging from
530 to 726°C. From the rate of pProduction of methane, the initial split
of ethane into methyl radicals was found to be pPressure-dependent below
200 mm. ‘I‘hevactivation energy of this stcp obtained from high-pressure
first-order rate constants was 86. 0 kcal mole-l. This led to a
dissociation energy of the C-C bond, D(CH3-CH3), of 35, 0 kcal mole-l,
assuming the activation energy for the combination of methyl radicals
was to be zero,

The order of the decomposition determined from hydrogen
production was found to change smoothly from 0. 94 at 500 mm. to
1.2) at 30 mm, approaching 1.5 at lower pressures. The activation
energy obtained irom first-order rate constants based on the hydrogen
production was 77. 6 kcal mole-l.

The kinetics of butane production showed that the main
terminating step was the combination of ethyl radicals. Under the
conditions of the present experiments, the decomposition of the ethyl
radical was found to be pressure ~dependent. Using Powell's method
of extrapolation, the limiting rate constants at high and low pressures
were obtained and the corresponding activation energies were
determined to be 38,0 and 32, 4 kcal mole-l, regpectively. The
pressure sensiti{rity of both initiation and propagation reactions
accounts for the observed order of the decomposition.

A 15-fold increase in surface/volume ratio reduced the
rates of both hydrogen and butane production, whereas that of methane

formation remained essentially the same.



VoW

0 the temperature range d43-223 L, the 2ressure dependence

at pressuresirom ! to 202 mm. The fali-oif of the 7irgt order rate
coastants could be described roughly by S {7 theory with 13 eifective
oscillators. Fowell's extrapolation led to an activation emar vy of

- o=l 5 . ‘o
72. 5 kcal mole  {or the second order cecomnoasition,

Equations were proposed to describe quantitatively the
production of hydrogen, methane and butane to conversion as high
as 507. Small amounts of ethylene inhibited the decomposition, but
increased the rates of methane, butane, butene-l and butadiene
formation. The activation energy of butene-1 formation was 40 & 4
kcal/mole and probably was produced by decomposition of the n-butyl
radical. At the higher temperatures butadiene and acetylene were the
main gecondary products. The most probable precursor for both
products is the C2H3 radical formed by the abstraction of hydrogen
from ethylene.

On the basis oi the mechanism of the ethane decomposition,
a free radical chain mechanism for the reverse reaction,
CZH 4
initiated by the disproportionation of two ethylene molecules to form

+ H2 - C2H6 was proposed, according to which the chain wag

ethyl and vinyl radicals and terminated by the combination of ethyl

radicals. This mechanism led to an activation energy of 44, 5 kcal mol(-z.1

which agrees with the experimental value of 44. 8 keal mole-l.
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PARTI

KINETICS AND MECHANISM CF PRIMARY
AND SECCNDARY REACTIONS




CHAPTER 1

INTRODUCTION

i, Object of the present investigation:

The mechanism of the pyrolysis of ethane has long been a
subject of discussion and controversy. Only in recent years has
there been general agreement that decomposition proceeds essentially
by a free radical chain process. Earlier work, largely done in static
systems by manometric methods, indicated first-order kinetics. A
study of pressure change alone is not sufficient to elucidate the
complete mechanism, however, unless the kinetics of the elementary
reactions are all well-known. Controversies arose partly because of
insufficient experimental data,

The problem of the ethane decomposition hinges on whether
the initial unimolecular decomposition of ethane into methyl radicals is
first-order, second-order or in an intermediate region. To answer
this question the products produced from both initiation and termination
steps were analysed under different conditions of pressure and
temperature,

This theeis is divided into two parts. The first part of the
thesis deals mainly with the mechanisms of primary and secondary
reactions and the second part discusses the unimolecular decompositions
of ethane and the ethyl radical. The theories of unimolecular reactions
are briefly reviewed and the structures of the activated complexes
associated with these two reactions have been considered in terms of

the symmetries of the activated complexes,




1I. Historical review

(1). Evidence for the occurrence of radicals:

There is a great deal of evidence that free radicals are formed
in the thermal decomposition of ethane, Using the Paneth technique (1),
Rice and Dooley (2) found that lead mirrors were removed by the products
of ethane decomposition at 859 to 950°C. Using a mass specirometer
Eltenton (3) detected methyl and ethyl radicals at 900-1070°C and at
Pressuresfrom 10-2 to 120 mm. Similar results were reported by Lossing
and coworkers (4) at llOOOC.

Wall and Moore (5) studied the decomposition of CZH{) and C2D6
mixtures in the presence and absence of nitric oxide at 610°C. They
found HD, CH3D, CD3H, CHZDZ' CZHSD and CZDSH among the products.
The work of Rice and Varneria (6) was more conclusive. They investigated
the normal and inhibited decomposition of CZD 6 in the presence of CH 4
The CH3D/CH " ratio was found to be proportional to the amount of C ZD 6
decomposed. The same relationship held for HD and CZHSD' All these
findings strongly support the presence of radicals in the pPyrolysis of

ethane,

{2). Kinetics of the Reaction:

Early work on the decomposition of ethane by Pease (7) and by
Frey and Smith (8) indicated that the reaction led predominantly to
ethylene and hydrogen, and that it was probably homogeneous and of
the first order,

The first quantitative investigation was done by Marek and
McCluer (9) in 1931 using a flow system, They concluded that the reaction
was of the first order. Recalculation of their results by Paul and Marek (10)




led to the first order rate constants

o+ _ 16 -77, 700/RT -1
over-all = 1.1 x19 e sec

for the over-all reaction,

CZH6 - .CZHé + H?.'

This value disagreed markedly with that of Sachsase {11), who carried
out a more thorough study by a static method. The high-pressure
first-order rate constants obtained by extrapolation were represented

by

(oo

_ 14 e-69, 800/RT -1
over-all sec

1.3x 19

He also found a small amount of condensable products when ethylene

and hydrogen were added to the system. This finding was further confirmed
@

over-all’
were of doubtful meaning, however, as the rate constant of an over-all

by Storch and Kassel (12). The extrapolated rate constants, k

reaction usually involves several rate constants of individual steps
any one of which may be pressure-dependent. If such is the case the
ordinary Lindemann extrapolation is no longer valid.

In 1939, Kuchler and Theile {(13) investigated the reaction
in the presence of inert gases. They found that the addition of inert
gases enbanced the rate of over-all decomposition. From their results
on ethane alone they obtained the following expression for the high-
pressure rate canstants,

© =5.2 x 1013 e-76, 400/RT sec-l
over-all

This disagreed keenly with that of Sachsse in activation energy,

although the absolute values of the rate constants were similar. This
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high value of the activation energy, however, agrees with that of
Marek and McCluer.

The reaction was reinvestigated by Steacie and Shane {14)
using a static method. The rates were obtained either by measuring
initial rates of pressure change or by correcting for the back reaction,
CZH4 + HZ - CZHb' A 15-liter quartz vessel was used in order to
minimize surface effects and to ensure a sufficient Quanatity of products
for measurements at the initial stage of decomposition. Products other
than ethylene and hydrogen accounted for about 5-10% of the total yield.
Methane appeared to be about 2~ 5% of ethylene. Their high-pressure
rate constants were given by

@ =
over-all

in excellent agreement with that of Sach sse.

1.9 x 1014 e‘69' 700/RT sec.l

In view of the uncertainties in the kinetics and mechanism of
the reaction, Laidler and Wojciechowski (15) re-examined the problem
in both theoretical and experimental aspects. Using a spiral gauge
and automatic recording system, they were able to determine initial . ;
rates of decomposition. The reaction was found to be accurately of
the first-order in the high pressure and low temperature regions.

At lower pressures and higher temperatures, the order of the reaction
increased to 3/2, The rate was decreased slightly by an increase in
surface/ volume. ratio , while the order and activation energy were
increased. From the effect of the addition of hydrogen and ethylene,
they proposed a mechanism which was able to Predict the rate of

decomposition at any instant of reaction, The first order rate constants

they obtained were given by

0

15 -73,100/RT -1
= e sec
over-all

1.07x 10



The absolute values of the rate conetants agreed fairly well with those
of Sachsse, of Kiickler and Theile and of Steacie and Shane. The
activation energy, 73.1 kcal mole-l. wtich is about the average of
previous results, agrees quite reasonably with the value 74. 6 kcal
mole-l calculated according to the Klichler-Theile mechanism and the
theoretical tréatment of Gill and Laidler (16).

All the results aforementioned were obtained from the
measurement of pressure changes. None of them dealt with the
formation of minor products quantitatively, The first attempt to do
this was made by Leigh, Szwarc and Bigeleisen (17). They used a
tracer technique in a flow system at 766-83606, using toluene as a
carrier gas with total pressure of about 15 mm Hg, Their preliminary
measurements of methane production led to an activation energy of 85 - 89
kcal mcle-l for the initial split of ethane: The order of this reaction

with respect to ethane was close to one,

Recently, Davis and Williamson (18) studied the reaction
laying special emphasis on the measurement of minor products in
the range of temperature 675-775°C using a flow system, Methane
was formed probably by a first-order reaction with the extrapolated

rate constants given by

kl = 1,95 x lC)16 e-86' 900/RT sec-l

An increase in the total pressure of the reaction mixture
enhanced slightly the rate of methane production and increased
markedly tnat of hydrogen formation. The formation of methane

was not inhibited by propylene and was considered to measure the



4'-&:.'.=-'v-s:ﬂwm‘,\:;;' J'Q

TR

PN SRy

primary rupture of the carbon-carbon bond in ethane to form methyl
radicals. From their butane measurement, they concluded that the

combination of ethyl radicals was a major chain-ending step.

These findings were further confirmed by Quinn (13). He
applied the same technigue as that of Laidler and Wojciechowski to
determine the initial over-~all zate of decomposition and at the same
time measured methane prodiction by gas chromatograpby. The
order of the over-all reaction was found to be 1. 10 and that of
methane production exactly one at 564°C and at pressures varying
from 60 to 200 mmm Hg. The activation energy of the over-all
decomposition was 78.2 ¥ 3 kcal mole ™}, which is slightly higher than
previous values. The first-order rate constants associated with
methane formation were given by

kl = 2.81 x 1017 e-91’700/RT sec-l

This activation energy disagrees sharply with that of Davis and
William son.

Gordon (20), on the other hand, reported a much lower value
for the activation energy of the initiation reaction. Using a mass
spectrometer, he found that both methane and hydrogen production
were first-order reactions. At higher temperatures and lower
pressures, the transition of the order of hydrogen production from
1 to 3/2 was also observed. The first-order rate constants of

hydrogen and methane production were represented, respectively, by

_ 16 -81,000/RT -1
kover-all =3.2x10 " e sec
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and A
k, = 4.0x 1014 ¢~81,008/RT | -1
The activation energy, 81.9J kcal mt:ble”1 is probably too higha for the

over-all decomposition, and perhaps tcc low for the initiaticn reaction.
{3). Mechanism of decomposition:

On the evidence of the occurrence of radicals in the ethane

system observed by Rice and Dooley, Rice and Herzfeld (21) in 1934
postulated a chain mechanism to explain the first-order kinetics
for the over-all reaction, CZH6 - CZH 4 + HZ' The reaction was
considered to be initiated by a first-order unimolecular dissociation of
ethane:

(1) Cc 2H 6 - ZCHS.
This was followed by the abstraction of a hydrogen atom from the parent
molecule, which was present in comparatively large amount.

H_..

(2) CH, + C_H - CH4+CZ 5

3 26

The ethyl radical was assumed to decompose unimolecularly and propagate

the chain:
-~ I ~ C $
(3) -7 VZH‘Q + H
{(4) H + CZH6 - HZ + CZHS.

To explain the first-order over-all kinetics, the termination step was

postulated as:

(6) H+ CH - C.H orCZH4+H

275 26 2’



ERLbIE SEOR S
‘l?* |18

Steady-state treatment of the proposed mechanism leads
to
d[c,H,] [k k. k \ 1/2

-——-————--l—l———3—-‘—§—‘¢

dt \ ko [CZH(,]’ [1]

/

/

This is in agreement with the experimental results in so far as the
order of the reaction is concei'ned. However, with recent values for
the rates of the individual steps in the mechanism, the concentration
of the ethyl radicals is much greater than that of hydrogen atoms (22);
accordingly, the reaction

(5) CZHS + C.I?-H5 - C4H10 or CZH4 + CZH6
should be more important: This, however, leads to 1/2 order kinetics

if reaction (1) is in its first-order region.

In an attempt to overcome this difficulty inherited from the
Rice-Herzfeld mechanism and to explain the acceleration effect of
inert gases on the rate of decomposition, K\ichler and Theile (13)
proposed that the initial split of ethane into methyl radicals was a
second-order reaction. The first-order over-all kinetics could
then be accounted for with the combination of ethyl radicals as
the chain-ending step. The chain-propagating processes were,
considered to be the same, Steady-state treatment of reactions (1)

to (5) leads to

d[CZH6] {, kl \l 1/2 1/2

\

According to their assumption that reaction (1) was a second-order



reaction, then

0
k, = k [C,H,]

[ .
where k. is the low-pressure second-order rate constant of reaction

1
(1). Combining equations [2] and [3],
| o 1/2
a[c,H,] / kg \’
T T Tk R [CH
ey

whichis also consistent with the experimental findings.

This point of view was strongly supported by Laidler and
Wojciechowski (15). Using the results of Dodd and Steacie (23) and
the work by Gill and Laidler (16), they concluded that reaction (1)
would be second-order at 180 or even as high as 1800 mm Hg at
600°C. The transition of the order of over-all decamposition from
1 to 3/2, was explained by assuming the occurrence of reaction (6)
as a main termination step at higher temperatures and lower pressures.
Using the data then available, they showed that such a transition would

occur when

e-32, 700/RT

[CZHG] = 88 mole cc~

At 600°C, this corresponded to a pressure of 30 mnm Hg, which was,

in fact, in good agreement with the experimental value of 60 mm Hg.

This mechanism, however, was first questioned by Davis
and Williamson (18) in 1959, on the grounds that the rate of methane
production is approximately of the first order. They suggested that

the pressure sensitivity of reaction (1) and reaction (3) could

(3]

i4]

{5]
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combine to give first-order kinetics.,

This suggestion was made more specific by Quinn (19).
He proposed that the initiation was exactly first order and that
the unimolecular decomposition of the ethyl radical was in its
fall-off region. This had been suggested by the results from the
butane decompbsition (24). To explain the over-all kinetics, he

0.55

assumed that k3 was proportional to P . This is, nevertheless,

an over-simplified mechanism,

Recent work of Gordon (20) supported qualitatively the
mechanism proposed by Davis and Williamson and Quinn. In addition
to the occurrence of reaction (5), the quenching of hydrogen atoms on

surface was considered as an important chain-terminating step.



CHAPTER 2

EXPERIMENTAL AND RESULTS

1. Amratus:

The experiments were carried out in a conventional static
system, which is drawn schematically in Figure 1. Silicone grease
was used for all stop-cocks. The entire system could be evacuated
to less than 1{)"4 mm Hg by means of 2 mercury diffusion pump Dl’

which was in series with a liquid nitrogen trap T_ and a single

3
stage Welch rotary pump P 1 A single manifold connected all
parts of the apparatus. A 511.5 c.c. spherical quartz reaction
vessel was enclosed in an electrically heated steel cylinder about

2 cm thick and 26 cm high,

Temperatures were measured by means of analumel-chromel
thermocouple connected with a potentiometer, which was accurate to
0.25°C in the range of temperature studied. The thermocouple was
calibrated against the ice point, boiling point of water and melting point
of lead (327.4°C). No deviation was observed. A temperature gradient
along the thermocouple well of the reaction vessel was not detected.
The temperature of the reaction vessel was controlled to within 0. 25°¢c
when it was evacuated, but the recorded temperatures for runs were

precise only within 0.5°C.

Before being used, the vessel was treated with hot

concentrated nitric acid and washed several times with distilled water.

The pressure of the system was measured by Pirani

Gauge G, which had been standardized roughly against the McLeod



Figure 1.

Schematic diagram of the apparatus.
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Gauge., A LeRoy still TZ (25) was used to separate the C 4 fraction
from the large amount of reactant, ethane., A Toepler pump comnected
to a calibrated grease-free gas burette was applied to collect and
measure the non-condensable products, hydrogen and methane. A
mercury diffusion pump DZ was used to assist the collection. A copper

oxide furnace F, in series with a U-trap T,, a mercury cut-off C

4 1

and a gas burette, was operated at 280°¢ to separate hydrogen

from methane,

For the study of surface effects a 500 cc. quartz bulb was
packed with fire-polisked zilica tubing., The surface/volume ratio
increased from 9.6 to 9.4 cm-l. Beifore being used, the vessel was
treated with concentrated nitric acid for more than 24 hours and

finally washed se2verzl times with distilled water,

II, EXxperimential procedure:

(1). Preparation of gases:

Gases used were research grade chemicals obtained from
Phillips Petroleum Company. An appropriate amount of gas was

introduced through joint J, and condensed into trap T 6 at -196°C.

4
The inlet pressure was measured by manometer M & which served

also as a safely escape. After complete condensation, the stop-
cock attached :c J 4 Was cloged, and the liquid nitrogen bath in T g Was
replaced by melting isopentane at -160°C for the degassing of C,H 6
and C_H, or by melting n-propanol at -120°C for cO

24 2’

nitrogen baths were used simultaneously in T; and T 5° The whole

series of traps were subject to evacuation during distillation.

Liquid

When the gas in T g W2s completely distilled, the liquid nitrogen bath in
T, was again replaced by the bath at -160°C or -120°C. The procedure
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might be repeated after all of/gas was transfered into T; by condensing
itbackto T 6° Traps of the style of T5 were found to be more efficient
for degassing than traps suchas T 6° Onily the middle three fourths of
purified gas in T; was finally collected in the storage bulbs Vl. VZ
and V3. The series of traps Tl' T2 (LeRoy still) and T3 could also be
used to purify gases by using the LeRoy still to provide a temperature
of about -160°C, No impurity was detected in V,P.C, tests usingzllhundred

micromoles of purified gases.

{2) Procedure for experiments

Before cach experiment the system was evacuated to a
pressure lower than 1{).4 mm Hg. The initial pressure of reactant was
adjusted by two calibrated bulbs V4 (1105.3 c.c.) and V5 (166, 35 c.c.).
Pressure readings could be taken from both manometers Ml and MZ'
In order to minimize dead space, Mz was made of 3 mm capillary
tubing. Dead space of the reaction vessel was not more than 7 c.c.,
which caused less than 3% error even if maximum diffusion were
assumed. No effect was observed when the dead space was reduced
to less than 3 c.c. by removing manometer MZ'

Mixing of gases was accomplished in the 2164 c.c. volume V6
which possessed a cooling well inside the bulb as deep as the radius.

The mixing time was always longer than one hour,

In high-temperature and low-pressure experiments,

o o
» in the range of 20 > P
CHe C2He

were determined from a calibration curve, which was obtained at each

initial pressures of ethane, P >5 mm Hg

temperature by expanding different amounts of CO2 in V5 into the

manifold and reaction vessel, CO2 was used instead of ethane because

of its stability.
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For Pg H < 5 mm Hg, pressures were calculated from the
276

ideal gas equation by expanding a known amoung of ethane in V7 (12.767 c.c.)

into the reaction vessel and manifold. In this case, PV was greater

° 7

CH

(3). Analyses of Products:

than 5 cm Hg for P as low as 1 mm Hg.

Hydrogen and methane:

The conversion of most experiments was kept lower than 3%
to avold secondary reactions. In some experiments, for which secondary

reactions were considered, conversion was as high as 50%.

Reactions were quenched by expanding the contents of the
reaction vessel into the train of analysis traps. The spiral trap S 1’
cooled in liquid nitrogen, prevented small amounts of butane from being
carried over thiough the LeRoy still, T 2 by large amounts of hot reactant
and non-condensable products. Traps Sl’ Tz, T3 aad S2 were kept at
-196°c. Trap T y Was filled with ascarite and kept at 150°C to remove

COZ when the inert gas effect was studied.

Non-condensable products were collected with the Toepler
pump assisted by the mercury diffusion pump DZ‘ The completion of
collection was indicated by constant pressure in the gas burette. This
gave the total concentration of hydrogen and methane. The stop-cock
of the reaction vessel was then closed and the liquid nitrogen bath

onS 1 removed,

Hydrogen ard methane were separated by combusting
the former in CuO furnace F operated at 280°C. Methane is essentially

stable under this condition. Water formecad from the combustion was
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condensed into the U-trap T 4 at'-l96°C. During combustion, the mercury
in the Toepler pump was raised to d-level, and lowered every now and then
to aid mixing and at the same time to collect more methane from the
LeRoy still, Methane is knovm to be soluble ir solid or liquid ethane,

The extra amount of methane thus collected was too little to affect the

total hydrogen and ﬁnethane reading already taken, since the total

amount of methane from the decomposition is only about 2% that of
hydrogen, Combustion and distillation thus proceeded concurrently,

Owing to incessant toeplering during distillation, small
amounts of ethylene and ethane were collected in trap Sz as well as
T 4 " To remove this error from the methane reading, the following
procedure was applied. Witk the valve at e closed, mercury was
lowered to the reservoir. The purpose was to saturate the whole
Toepler pump with ethylene and ethane from both T and S

4 2
while retaining methane above the valve. After saturation, { ~ 10 min.),

traps

mercury was raised to f and the valve e opened. Methane now expanded
into the whole Toepler pump. Mercury cut-off Cl was closed and

the pressure reading was then taken. Calibration showed that the
amount of methane 80 measured was 56.92% of total con: entration,
i,e., there was always 3,08% of methane left in the furnace. 7he
calibrated volumes: were as follows: Va = 0, 0233, ¥b = 0,286,

Ve = 1,200, Vd = 8,365, Ve = 21.460 c.c. The raiio of the volume of
the side arm attached to C 1 to the volume above the joint of the side
arm was 0.2601: 0.7399, The concentration of ethylene and ethane
which saturated the whole Toepler pump was 0. 3886/R T moles:

The completion of hydrogen combustion was ascertained by successive

constant readings.
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Butane and other condeansable products

Betfore distillation, the suter jacket of the LeRoy still was
evacuated for one minute through rotary pump PZ' Temperatures
inside the still were measured at three different positions with
copper-constantan thermocouples, The temperature difference
between top and bottom thermocouples was about 3°C, Distillation
was carried out at -160°C accorcing to the bottom thermocuouple,
Butane and other residues were condenzed into a sample tube at -196°C
attached to ground joint J 1 Distillation losses were corrected By
blank tests. Fortunately, this correction was necessary oaly for
higher ethane concentrations where the yield of butane was large,
The correction was never higher than 10%.

Butane was analyzed on a Model 154 Perkin Elmer Vapor
Fractometer using » 12-foat column of 30% by weight of 2, 5-hexane-
dione on 60/80 mesh Firebrick operated at 0°C. The detector was
maintained at 30°C . Since peaks were essentially symmetrical and
retention times fairly constant, peak heights were used instead of
areas. The accuracy of the butane calibration was about * 3%.
Concentrations of butadiene and butene-1 were obtained by a retention
time correction, while that of acetylene was obtained by both retention

time and thermal conductivity corrections,

III. Results:
(1). The products of reaction:

The results may be presented with reference to two
temperature regions, More than one hundred runs were made in each
region, In the first region, from 550 to 620°C. initial pressures

varied from 40 to 600 mm Hg. The over-all kinetics of decomposition
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was the main concern, In the second region, 640-72600, a study of

the pressure effect on the initial split of ethane was the principal purpose.
The pressure varied from 1 to 200 mm Hg. Methane was the product of
Primary interest, but in some runs secondary products suck as butene-l,

butadiene and acetylene were also measured.

Comprehensive analytical studies showed that the only
products at the initial stage of decomposition were hydrogen, methane,
ethylene and butane. Methane and bu:zae were only 2% that of hydrogm
or ethylene., As the reaction time increased, propylene, butene-1 and
butadiene were also detected and measured. At very high temperatures,
large amounts of acetylene were found, Traces of cis- and trans-
butene~2 appearad in almost equal amounts, All products were confirmed

by the method of retention time coincidence on one or two columns,

(2). The production of hydrogen:

It is well known that hydrogen and ethylene are the major
products from the ethane pyrolysis, They are produced at the same
rate up to very high conversions (19). Only hydrogen was measured in
the present study and was used as 2 measure of the rate of decomposition,
A typical hydrogen production plot is shown in Figure 2, in which
conversions were less than 3%. The rate of production decreased
from a finite initial value as reaction progressed. A mouxe detailed
discussion on the rate of hydrogen formation as a function of time will

be considered in chapter 4.

The initial rate, 2°  was obtained by extrapolating the

H

integrated rate R = (HZ)It vsz time plot to zero contact time,

H
This procedure wa.g found to be more accurate than taking the slope

at zero time from yield-time plois. Double logarithmi: plot of R;
2
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Figure 2.

Typical hydrogen yield-time plots at 585°C.
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Figure 3.

Order plots for hydrogen production at low temperatures.

Data obtained from the packed vessel (S/V = 9.4) are given by +
and those from the unpacked one (S/V = 2, 60) by 0.
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Table 1

Tirgt-order rate coefficients of hydrogen, methane and butane production as
a function of temperature and pressure in the packed and unpacked vessels. *

t°c PZ y (mmHg Ky x 157k x 107 k] % 107 k, [k
276 2
549.7 592. 3 3.94 1.43 1.06 1.35
431.5 4.17(3.76)  1.44 0.902(6.77)  1.59(i.9)
299.7 4.06{(3.72)  1.41 3.921{0.63)  1.53(2.2)
164.7 4.24(3.52)  1.34 0.854{3.53) 1.57i2.5)
97. 4 3.76{3.16)  1.28 0.743(5.47) 1.72(2.7)
67.3 3.32 1,15 0.755 1.55
570.5 590. 5 13.1 5. 48 3.28 1.67
430,90 13.5 5.19 3.34 1.55
236.0 13.4 5. 12 2.96 1.73
199.7 13.5 5.13 3.19 1.61
153.4 13.4 6.92 3.02 1.62
96.0 12.6 4.63 2.57 1.89
7.3 12.3 4,50 2.68 1.68
59. 4 11.9 3.96 2.43 1.63
43.1 10.6 - - -
584.7 594. 1 25.6 12.7 8. 89 1.44
498. 8 29.2 12,7 8. 81 1.44
341.8 30.1 12.5 S.78 1.46
257.5 30.2 12.3 8. 41 1.46
168.2 36.2 12. 5 8.27 i.51
92.4 26.5 11.4 7.70 1.48
62. 4 24.2 10,4 6. 41 1.63
599.7 500.6 60.3 29.5 20.4 i.40
402. 1 6l.3 29.3 29.2 1.40
298.9 65. 4 29.6 19. 8 1.49
203. 1 67.5 29.1 18.3 1.59
99.9 8.9 26.7 15.7 1.69
68. 4 52.9 24.6 14. 0 1.76
41.9 26. 6 22.4 10.4 2.15
620.3 448.3 170 88. 8 75.3 1.16
335.6 171(171) 89.7 72.7(6C.7) 1.23(1. 5)
236.1 176 39.9 69. 1 1,27
209.8 172 84.3 70.1 1.20
124.5 175 83.9 56. 8 1.47
§7.6 159(135) 78.2 54. 7(39. 8) 1.43(2.9)
57.9 156 73.1 45.1 1.63
40.7 131 66. 5 37.5 1,76

Note:* (1). The results irom packed vessel are given in parentheses.

1 o e - ?.,O - o T
(2). kH = RH / LCZHé] . kl = Ry /2 [CZHéjand k{= R / fczﬂé]
2 Z 4 C4H10

(3). All rate coefficients are in sec -1
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Figure 4.

Order plots for hydrogen production at high temperatures.
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Figure 5.

Arrhenius plot for the first-order rate constant of over-all reaction.
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against initial ethane pressure, Pg g 2t lower temperatures is

shown in Figure 3. The order chanageg continuously from 0. 94 at

500 mm to 1,20 at 50 mm for all temperatures. This continuous

change of order can be seen more clearly from Table 1, in which

the first order rate coefficients of hydrogen formation, kH = R;_I /[C.H,]
are listed as a function of temperature and pressure. The over-az.n 26
order is one at pressures between 150 and 400 mm Hg. Figure 4

shows the order of hydrogen production at higher temperatures.

Clearly the order of the over-all reaction changes smoothly from approxi-
mately one at high pressure to 1.5 below about 50 mm Hg of ethane,

The Arrhenius plot of the average values of the first-
order rate constants given in Table 1 in the range of pressure 150-400
mm Hg is shown in Figure 5. Least-squares treatment of the data

leads to

-1, _ + 17,600 ¥ 600
log kHZ (sec ) =(16.22 < 0.11;- 2303 RT_ ° [6]

(3). The production of methane:

A typical plot of yield against time at 584. 7°C is shown
in Figure 6, At high pressures the rate increases rapidly from the
initial finite value as the reaction proceeds. This indicatze that methane
is generated by both primary and secondary reactions. The iniriai
rate of methane production was obtained from the extrapolation of the
rate vs, tZ plot or other equivalent methods discussed in chapter 4.
The order plot of the initial rate of methane production, RZH in the
first region of temperatures is presented in Figure 7. The order is
exactly ous above 200 mm Hg, and increases slowly as pressure

decreases. The first order rate coefficients, k, = R>__ /2[C_H ]
1 CH4 2767



Figure 6,

Typical methane yield-time plots at 535°C,
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Figure 7.
Order plots for methane production at low temperatures.

Data obtained from the packed vessel (S/V = 9.4) are given by +
and those from the unpacked one (S/V = 9, 60) by 0.
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Figure 8.

Arrhenius plot for the first-order rate constant k?’.
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Figure 9.

Crder plots for methane production at high temperatures.
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are listed in Table 1. The Arrhenius plot of the first order rate

constants, km's in the high-pressure regicn is skown in Figure 8, in

1
which the results of Quinn and Gordon are plottza together for

comparison, Least-squares analysis of the data leads to

86,000 ¥ 370
2.303 BT (7]

log k‘l"(sec'l) = (16.00 t 0, 066) -

In order to examine more closely the effect of pressure

on k., the initial rate of methane production was measured in the

l.
second region of temperature, 640-726°C at pressure from 1 to 200
mm Hg, Initial rates were obtained by extrapolation. A double
logarithmic plot of R® against p° is shown in Figure 9. The

CH C_H 5
dotted lines, which were computed éom the following equation:

(o] a0
Ren . 2k, [C,H ]

2x1.00 x 1016 e-86' 000/RT

[c,H, b [s]

indicate the position of first-order rates of methane production in
infinite pressure region at each temperature studied, The comparison
of the fall-off of k., with various theories of unimolecular reaction

1
will be given in chapter 7.

(4). The production of butane:

Typical yield-time plots of butane production at ‘
584.7°C are shown in Figure 10. Initial rates of butane production,
R

2 g vere obtained by extrapolation of the rate-time plot. The
410

detailed discussion of secondary butane reactions is given in

o

CiHy

chapter 4. The order plot of R is presented in Figure 11.



Figure 10,

Typical butane yield~time plots at 585°C,
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Figaure 11.

Order plots for butane production.

Data obtained from the packed vessel (S/V = 9.4) are given by +
and those from the unpacked one (S/V = 9. 60) by O.
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Figure 12,

Arrhenius plot for the first-order rate constant ki @,
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As with methane, the order of butane production at pressures
above 200 mm is exactly one within experimental error, First-
' -

order rate coefficients, kl = R:: H / [C2H6] at different temperatures

are 4
and pressures/r given in Table 1, %ge average of the values in the
high-pressure region, are plotted in Figure 12, Least- squares
treatment of the data gives

log k'@ (sec™)) = 16.82 - 89, 800/2. 303 RT

1

The activation energy, 89.8 kcal mc:le.1 with a probable error of
about ¥ 1.5 keal mole-l is higher than that of methane production by
3. 8 keal mole L,

(5). Productions of butene-1, butadiene-1, 3 and acetylene:

At lower temperatures, butene-1 and butadiene appeared
only at high conversions. Butene-1 was always formed earlier than
butadiene. At high temperatures, butadiene and acetylene became
important products, while butene-1 disappeared at high conversions.
The results obtained from experiments in the temperature range

640-726°C are given in Table 2. Typical yield-time plots at

four temperatures between 570.5 and 704. 6°C are shown in Figures 13

and 14. The discussion on the mechanism of the formati~: of these

products will be presented in chapter 4,

(6). Inert gas effect:

The effect of inert gas on the rates of hydrogen,

methane and butane formation was examined by mixing various amounts

of COZ with 100 mm of ethane at 585.2°C. The results are shown in
Figures 15 and 16. The rate of hydrogen production increased by 15%

(91
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Table 2

The productions of butene-1, butadiene and acetylene at hich temperatures

- r - 7 15 10 i
T 3 3 ! > oSN '$)
Temperature Pressure Reaction time ‘-Céhs—\ x 10 [C4H6] x 10 LUZHZ] x 10

{ OC) {(mm Hpg) {sec) ({molefcc) {mole/cc) {mole/cc)
640. ¢ 204.6 15.3 1.9 0.65 # 1)
18,1 2.4 .98 *
25.1 4,1 2.4 *
42.¢ 7.2 7.2 =
123.3 18.1 0.63 0.33 *
35.1 2.6 2.5 *
55.2 4.3 6.9 =
91.2 15.1 0.45 -(2) *
25.9 1,9 0.66 %
40.0 1.8 2.2 *
40.1 1.8 2.2 *
99.9 4.5 13.9 *
€60.0 144.5 21.9 3.3 6.5 *
30.2 4.6 12.7 *
46,90 6.8 25,6 *
91.2 21.8 1.6 4,3 *
30.90 2.2 7.6 %
45,0 2.9 15.5 *
58.1 3.7 23.1 %
£1.90 24.3 0,46 1.1 -
35.4 0.63 2.9 0.17
55. ¢ .91 6.3 .53
83.¢9 1.26 13.¢ 1.51
20.5 25.3 - - -
45.3 .20 0.42 -
73.3 .27 1.8 .28
120.0 J.41 11,7 .87
10.7 25.5 - - -
45,2 - U, 34 -
79.6 J.12 1.9 J. 14
125. 0 2. 07 4.8 0. 35



Table 2 (cont'd)

685.5 30.7 22.2
35,1

50.0

15.6 21.9

35.0

56. ¢

7G. 1

9.7 30.2

55.9

704.6 21.5 20.9
34,9

49.9

70.1

5.3 24.7

39.9

51.6

74.9

726.0 16.8 25.90
35.2

590,90

70.92

5.7 3¢.8

45,0
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figure 13,

Typical yield-time plots for butane, butene-1
and butadiene production at 579 and 640°C,
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Figure 14.

Typical yield-time plots for butane, butene-1 o
butadiene and acetylene production at 6690 and 705°C

Butane is given by C, Butene-1by |,
butadiene by + and acetylene by X.
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Figure 15.

Inert gas effect on hydrogen production.
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Figure 16,

Inert gas efiect on methane and butane productions.
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when the total pressure was doubled, whereas the rates of methane

and butane formation were hardly affected,

For the sake of convenience, the results of the effect
of inert gas on k1 in low-pressure region will be presented in

chapter 7.

(7). Surface effect:

The effect of surface/volume ratio on the rates of
hydrogen, methane and butane production was studied by increasing
the S/V ratio by a factor of 15, Experiments were done at 500 and
620°C. The effect was found to be more pronounced at the low
temperature and low pressures. Typical resulte are presented
in Figure 17, and the extrapolated initial rates of hydrogen, methane
and butane production at two temperatures and various pressures are
plotted in Figures 3, 7 and 11, respectively. The rates of both hydrogen
and butane production were markedly reduced, whereas that of methane
formation remained essentially the same. The first order rate coefficients
of hydrogen and butane production in the packed vessel are given in
Table 1,



BB SATA T e T By

P
b
i
hd
7
et
2

Figure 17.

Typical yield-time plots for hydrogen, methane and butane production
at 550°C in the packed aad unpacked vessels.

Results obtained from 491.5 mm ethane at 555°C.
X denotes the resuit obtained from the packed
vessel and O denotes that from the unpacked one.
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CHAPTLER 35

AINETICS AND MECHANISMS OF PRIMARY KEACTICONS

A primary reaction is the reaction which occurs with a non-
vanishing rate at zero reaciion time. If there is no complication
which may affect this particular reaction, it will proceed indefinitely
with the same rate, In a free radical chain system, however,
complications arise from the interactions of radicals with the
pProducts of primary reactions. There are usually two different
ways to avoid this sort of complication. One can either shorten the
reaction time or evaluate a function which describes quantitatively
the formation of a primary product as the reaction progresses.

The former method is limited by the amount of product to be
measured., The latter is, however, more laborious. The detailed

discussion of this matter will be presented in the next chapter,

The object of the present chapter is to consider a mechanism
which can account for the primary reactions in the pyrolysis of
ethane from which hydrogen, methane and butane are produced, For
the sake of convenience, the subsequent discussion will be based on

a complete general scheme shown as follows:

1 C.H - 2CH
(2) CH,+ C,H - CH + C.H

(3) CH -~ CH +H
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(4) H+CH. — CH +H

(5a) CZHS +CZH5 — C4H19

() CCH. +C H. — C_.H, + C_.H

2’5 25 276 2’4
(6) H + CZHS - CZH6 or H2 + CZH4
(7) CH3 + CZHS - C3H8 or CH4 + CZHé

The Arrhenius parameters for these individual reactions are given
in Table 3,

1. The chain-initiating reaction and the initial split of ethane:

The C-H split of ethane has never been considercd as an
important chain-initiating step because the dissociation energy
D(C H - H) is known to be about 12 kcals higher than D(CH3 -CH )
Thus. at 900 K the probability of C-C split is about 10+4 times
larger than that of C-H split, if the frequency factors are assumed

to be the same.

The unimolecular decomposition of ethane by the breaking
of the C-C bond may result either in two methyl radicals or in
a methane molecule and a2 methylene radical. Energetically, one
cannot choose between the two. The latter was proposed by
Danby et al. (33) in order to explain the fact that the rate of methane
production was not completely inhibited by nitric oxide. It was
thought to occur simultaneously with reaction (1). The occurrence
of CHZDZ in the work of Wall and Moore (5) has been quoted as

strong evidence for the presence of CHZ or CD, radicals in the

2
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CZH g + C,D system (34). However, CHZI.‘;2 was not detected in a similar
but more cenclusive work by Rice and Varnrerin (6). There is also no
evidence for the occurrence of CH2 radicals in the work of Eltenton (3)
and of Lossing et al. {(4). As discussed in the next chapter, there are
several reactions which may produce methane, especially in such high-

conversion experiments as those of Wall and Moore.

In the presence of a large amount of ethane CHZ radicals
may form propane by an insertion reaction. The excited propane so
formed would be expected to have a half-life intermediate between the
excited ethane and butane produced by the insertion of CH2 radicals
into methane and propane respectively (35, 36) and would thus not
be completely stabilized even at the highest pressures used in the
present experiments., Decomposition would probably yield methyl and
ethyl radicals. The effect of stabilization of the excited propane would
be to reduce the rate of initiation and hence increase the ratio of methane
to butane beyond that expected from the mechanism proposed. Moreover,
this ratio would increase as the total pressure increased. This effect
was not observed and it may be concluded that the break-down of '
ethane to give methane and a methylene radical is not an important

initiation stcp.

The rate of methane production would be reduced considera-
bly if methyl radicals were quenched by reaction (7). The extent of
reaction (7) can be measured by the ratio:

R, k, [CZHSI

R, ¥, [CH] 1ol
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Combining this equation with the rate equation for butane production:
R = k. [C H_]° [11]
5a " 7275

we have

R

7 4 10
1. [12]
RZ

k. can be obtained by the relation (37):

7
1/2
k7 = Z.O(k_lksa)

=4,2x 1013 cc mole.l sec-l.

sec'1

wherek . =2.2x 107> cc mole Y, Using the values of R_. given
-1 C HID

in Figure 12, for 100 mm Hg of ethane, R7/RZ =5,0x10 " at 550°C
and 2.8 x 10-2 at 620°C. Obviously, reaction (7) is of negligible
importance under present conditions, It may, however, become

important at very high temperature aand low pressures.

Neglecting the termination reaction involving methyl

radicals, the steady-state assumption for methyl radical leads to

2k, [C,H ] [13]

(d [CH4]\i o

PR = R =
dt / t=o CH,

The initial rate of methane production is therefore a measure of the
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initial split of ethane. This reaction is essentially homogeneous,
since an increase in S/V ratio by a factor of 15 did not affect the

rate of methane production as shown in Figures 7 and 17. The order
of methane production was exactly one at pressures greater than about
230 mm of ethane as shown in Figure 7 and Table 1. The pressure

dependence of k, will be discussed in detail in chapter 7.

1

The first-order rate constants given in equation [7] can

be rewritten as

k‘l"’ = 1.00 x 10

which is in excellent agreement with that of Davis and Williamson:
16 -86,000/RT -1
e sec

16 -86,000/RT sec™l [14]

k;” = 1.95x 10

although their data were rather scattered and uncertain, The activation

energy differs from those of Gordon and Quinn by ¥ 5 keal mole_l.
although the absolute values of the rate constants are fairly consistent,
Another estimate of kl by Leigh, Szwarc and Bigeleisen (17) was about
a factor of ten lower than the present results. In view of the pressure
dependence of this reaction, t he difference may be related to the

iow total pressure {~15 mm Hg) employed. Their activation energy

85-89 kcal mole.-'l is, however, consistent with the present value.

According to absolute rate theory (38), the bond dissociation
energy D, of a molecule wh ich dissociates unimolecularly into radicals,

is related to the experimental activation energy, E by the equation

exp
In-7 4 3n-6
A hy i v hvi ‘
E = D+ N L ¥ - g + kT {15]
exp Vim Py RT =1 i/*XT ) J



if the association of radicals is'assumed, as usual, to occur with zZero
activation energy. vf and v, are the frequencies of the ith mode of
vibration for the activated complex and the reactant molecule,
respectively, N is Avogadro’s number, k, the Boltzmann constant, k,

Planck's constant anc @, the number of atoms in the molecule,

If hy/kT >> 1, where v siznds for both vf and Ve

equation [15] reduces to:

E = D + RT, [16]
exp

whercas, when by/®T << i,

Eexp = Do [17]
The experimental activation energy must therefore lie within two

extreme values

D+ RT > E > D [18]
exp

In the case of ethane, the C-H stretch, 2960 cm-l and
C-H deformation, 1436 c:m-1 for the reactant molecule may not
differ significantly from those of the activated complex, and the very
high frequency factor associated with its decomposition is thought to
be due to the softening of the torsional, rocking and bending motions
(39, 40). Thus equation [15] reduces to

2w LA \
E; =D(CH, - CH,) + N ( , 7 - /. L +kT  [19]
i=i _hy, /kT i=zi by /kT .
e i -1 £ 1 -1

Since thé frequencies of C~C stretch and other deformation vibratioas

lie within 1000 - 300 cm-l, in the temperature range 550-620°C hy/kT



is about of the order of 1. Hence, according to equation [18], we

may conclude that

DICH,-CH;) = E, --;- RT 0.5

85.90 t 0.5 kecal mole-l.

This value leads to

AH{CH)) 34. 2 keal mole ]

0%k

and

D(CH, -H) 101. 8 kcal mole },

which is in excellent agreement with the value:

DICH,-H) = 101 ¥ 1 kcal mole ™!

obtained by Kistiakowsky et al. from the photobromination of methane (4})

I, The chain-terminating reaction and tbe formation of butane:

The importance of butane measurement lies in its possibility
to decide the main termination step out of the three most probable

reactions:

(5) C_H +CH5 - C4H orCH +CH

275 2 10 24 2776
{6) : H+ CZHS - CZH6 or C2H4 + I-I2
and
(7 CH3 + CZHS - CSHS or CZH4 + CH4.

Reaction (7) has already beea shown to be of negligible importance.



Similarly, the relative rate of reaction (6) can be estimated as follows:

e Ko lM
- + 3
R, k. [C,A]
orT
R
ﬁ_é- = 1 l—[.[cl j 23 } EzJ}
S5 PPy

sincek, =k andk_ /k._ =0,15 as given in Table 3. The -ate.of
5a 6 5b° Sa
hydroger production can be expressed as:
o

RHz = k, [H]IC,H] = k, [c,H.] [21]

This equation is valid, inasmuch as the chain-length, which is defined

as RIO-I /R?‘H » is always greater than 100 over the range of temperature
2 T4

and pressure studied,

Combining equation {11}, [20]and [21], we get

2

R, k2 g

5 S5a 2
R,  Liskg® 12 [c.H,] 1221

5a .

4 C4HIG 276
Using Berlie and LeRoy's value for k,, and R, and Ri from
4 H C H
2 4 10 3

Figures 3 and 11, respectively, for 100 mm of ethane, R(;/Rs =7.0x 10
at 550°C and 3.0 x 102 at 620°C. This ratio will be lower if the other
value for k4 givea in Table 3 is used. Reaction (6) is thus seen to be

too slow to compete with reaction {(5) under the present conditions.

FPRPRERINOITR Py
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The kinetics of butane production follows a similar pattern
to that of methane. The order of its formation is exactly one above
about 200 mm of ethanc as shown in Figure 11 and Table 1. As the
pressure is lowered the rate of butane production falls slightly faster
than that of methane formation. The Arrhenius equation of the first

order rate constants given in equation {9] can be written as

' & - ) : -
k> =6.6x 1010 e 89, 900/3T sec 1 12

1 : 7
Both activatica energy and frequency factor are higher than those of

o) .
k ] from methare formation.

If reaction (5} is the main termination step, the following

relation should be observed:

2
P‘cx~14 Kk
= — =1.15 124
2rR° k )
CH, . 1

2ssuming ka,kSa = 0.15 and independent of temperature and pressufe.
The resuits given in Table i, however, indicate higher vaiues. In the
high-pressure first-order region, the ratio was higher than 1.15 by

~ 30% at low temperatures and by ~5% at 620°C. This discrepancy

is not due to a'-temperature coefficient of the kalkSa ratio (30)', since
the ratio k1 /k.". decreased as the temperature increased. kl /k1

also varied with pressure as well as the S/V ratio (Table 1).



At constant temperature and S/V ratio, it increased as the ethane
Pressure decreased. A 15-fold increase in S/V ratio increased
kllk'l by a factor of about 1. 5. In the packed vessel kllls:.1
decreased considerably with increasing temperature. All thete
findings indicate that chain-carriers may be quenched on the
surface. A more detailed discussion on the possible mechanism

which might occur on the surface will be presented in section V.

1
The kllkl ratio in the high-pressure first-order region

can be calculated from equations [14] and {23]:

k‘l” 195 x 1016 o-86s 000/RT
e = TR [25]
k] 6.6 x 1016 -89, 800/RT
oY
‘oo -
-3, 300
11:0) = 6.6 3, 300/RT [26]
1

i, The chain-propagating steps and the decomposition of ethyl radicals:

it is generally agreed that the chain-propagating processes

in the decomposition of ethane are
(3) C_H. — CH + H

(%) H + CH — C,H. + H_.



Figure 18.

. ~©
Double-logarithmic plots of R__ /R

Data obtained from the packed vessel are given by +
and thoge from the unpacked one by O.



vere
-
e, .
P
—
~
N - -
ot -
"
-
s
—
N o N
. e~ s
N 0
"o, -\
—_— e

) o
; ol /

B ~~
o

- - ) T N
. .o v N’ —— —— — — — N’

- -

oA - - .
N N .~ st u ’
- -t
Nt - T




T CRR T RRUE IS N A I

FARES 1

Plots of log R:I /R
2

~57-

Figare 19,

o 1
04315 V8. —x at various pressures.



o N

.o N

-

..

:A
_ =
N
. - —
sond vl saeeia
I e
_vv-.-...\
. \/\
.~ -
T ma -
PR AP
- - ~ PR N - .
- P . . o T
N e “as — we T RN o u N o\ .-



- 58 -

In both the Rice-Herzfeld and the Kiichler-Theile mechanisms, reaction (3)

was implicitly assumed to be independent of pressure.

The rates of production of hydrogen and butane provide a

measure of k,. From equations [11]and [21]

[27]

This equation is valid provided
kg [cZHS] -k, [H] [CZH6] = 9

and butane is produced only by reaction (5).

Dout ithmi e R® /R° 1/2
le-logarithmic plot HZI c HIO against initial

cthane pressure are shown in Figure 18, in which the results obtained

from the unpacked and packed vessels are Presented together, The

R; /R;H 1/2
2 “41o

experimental error. This indicates that the processes giving hydrogen

ratios are essentially independent of S/V ratio within

and butane are predominantly homogeneous. The slopes of the
curves for all temperatures vary from ~ J.4 at high pressures to
~ 0. 6 at low pressures, If kSa is assumed to be independent of

pressure, as it might reasonably be, the pressure dependence of
o o 1/2
Ra 'Re u

for the pressure dependence of k3 was indicated by the experiments

must be due to reaction (3). Further evidence

in which various amounts of CO2 were added. As shown in Figures 15 and
16, the rates of both methane and butane production were hardly affected

by the increase in total pressure, whereas the rate of hydrogen production
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was increased by 15% when the total was doubleg,

The activation energy of the ethyl radical decomposition in
the fall-off region can be obtained by plotting the logarithm of R;’{Z/R24H1;/Z
at constant pressure against 1/T. The results given in Figure 19 lead
to an activation energy of 31. 9 kcal mole“1 with an error of about
p4 1. 5 kcal for all pressures épecified. This value corresponds to
31.0 + RT £ 32. 7 keal mole " in the temperature range 550-620°C, if
constant concentration instead of pressure is used. This value is in
excellent agreement with the vaflue 32.6 ¥ 2 keal mole-1 obtained by
Purnell and Quinn in the rangeotemperature 420-539°C if an activation
energy of 10,4 kcal mole-l (42) is taken for the abstraction of a hydrogen
atom from butane by the ethyl radical instead of 15. 2 kcal mole ! as used
by these authors. As expected, this value is significantly lower than
39.5 kcal mole ™" (27) or 38.0 * 2 kcal mole ™! (chapter 6) for the
first order decomposition. A more detailed discussion on this decompo-

sition will be presented in chapter 5,

IV. Over-all kinetics of decomposition:

Applying the steady-state treatment to reaction (1) to (5)

leads to the following radical concentrations:

[cH,] = Zkllkalz [28]
/ kl \ I/Z
[CZHSJ =:‘ k—s—, [C2H6] [29]
and
k k 1/2
I . . [30)
4\ 75/ [cZH6]
where
k. = k + k
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The rate equations for methane,. hydrogen and butane at the initial

stage of decomposition are:

o i/d [CH4] \
Rew =\ & | = &, IC,H] [13]
4 \ ! t=0

B Fd 5,1 i “1’\”2 ]1/2

R = | ! =k, i —! [C,H [31]
H, \ dt ! teo 3| kg ) 276

and
‘da[c H ] Pk

o [ € %4 0d) SR
R = | =k —i[Cc.H,] [32]
CHy & | saik |27

On the basis of these equations and the data given in Table 3
and chapter 2, the steady-state conceatrations of hydrogen atoms, methyl
and ethyl radicals at various pressures were evaluated at 550. 7 and 640. 0°C

and are givea in Table 4.

Table 4

The concentrations of radicals as a function of temperature and pressure,

Radical Conc. 550, 7°C 640.0°C
{(mole/cc) 500 mm 130 mm 205 mm 36 mm
[CH,] 8. 1x10718 73310716 4 207 5.2x10 1%
[c, 5] 2.2x1071 8 6x10714 1. 8x10~ 12 6.5x10” 13
[H] 7.7x10718 5. 9x1071® 5 ay10714 3, 8x10"1*

The order of over-all decomposition was found to vary
from 0, 94 at 500 mm to 1,20 at 50 mm. No sharp transition in order
was observed at 640°C or higher temperatures, as shown in Figure ¢,

although the over-all order approached 1. 5 in the region of a few cm of
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Pressure, According to equation [31], the order of the over-all reaction
can be caiculated from the orders of reaction {1) and reaction (3),
assuming ks is independent of pressure. At very high pressure,

where the decomposition of the ethyl radical is first-order, the

over-all order will be 1/2, while at very low pressures, it may become 2.

The occurrence of reactions (6) and (7) at very high temperatures and

very low pressures might, of course, bring about further complications.

The self-consistency of the over-all order with the orders of
the individual reactions is shown in Table 5. The order of the over-all

Teaction was one in the region of pressure 153-400mm Hg.

Table 5

The order of over-all reaction at different temperatures and pressures.

Order with respect to ethane

[

t C P mm Hg ’ ~
k k OVLl—aid
1 3 Cedice U oe
570.5 500 J 9.44 0.94 9.935
200 2.11 J.47 1.32 1.30
50 J.290 2.56 1. 16 1.17
548.7 409 0 J.45 J. 95 2.966
100 2.18 J.53 1.10 1.12
623.3 530 J 2.38 J. 8% J3.940
230 J.11 0,44 1.20 1.01
50 0.21 J.59 1. 20 1.20

The first-order rate constants given by equation [6] can be rewritten as

k. = 1,65 x 11)16 e-77’ 600/RT sec‘l
2

o

Lo




which is in excelleat agreement with the Tesults cbtained by Marek

and McCluer and other authors as given in Table 6,

Table &

Comparison of the Arrhenius parameters of the first-srder

‘ rate constants for over-all reaction.

Temperature range Frequency factor Activation Energy

o -1 -1 References
<) {gec ) {kcal mole )
633-730 .l x 1016 7.7 Marek and
14 McCluer {:0;
538 - 637 1.3x 10 69,6 Sacksse (11
551 = 665 5.2 x 193° 76.4 Kuchler and Theile(13)
565 - 64) 1.9 x l\)”t 63. 7 Steacie and Shane (14)
554 - 6§39 1.27x 1315 73,1 Laidler and
Waiciechowski (15)
564 - 633 1.6 x l-’)ls 73.2 Sekae. 1192
475 - 69) 3.2 x 2'116 31,9 Cordon (20;
553 - 620 1.63x 1316 77.6 This work

Accordiag to egusiion {31}, the over-ail activation energy

can be evaluated {rom

. - 1 tn
“over-all = t3 * P4 Ll 13¢]

assuming Ls z 3, Using 3;'.3 z 32,7 and LI = 36, J kcal mole'x. we have

£ = 32,7 + 43,0
over-all

= 75,7 kcal mole ",
Lxact agi‘eeznent can be obtained by using ".l = 53, kcal
mole-‘ from the butane productioa:

Lr\'m‘ct all =~ 32.7 + é-x 9.9

= 77.56 kcal mole-l

SR Vi 32 RS

M e L
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This difference in activation energy, 1.9 kcal mole ! may be due to a
surface effect as discussed in secﬁon ii. Since bdoth the ethyl radical
decomposition and the initial split of ethane are independent of S/V
ratio, the calculated activation energy, 75.7 kcal mole-l, may

correspond tc the homogeneous over-all decomposition.

V. Surface effect:

As mentioned before, an increase in S/V ratic from 0. 6
to 9.4 reduced significantly the rates of bydrogen and butane production,
whereas that of methane formation remained the same. At SSOOC, for
100 mm of ethane, R; decreased by 17% and Rg g by 4l%.
Higher ethane presaur%s reduced this effect, The%rhoers of hydrogen
and butane production in the packed vessel were therefore higher than

those in the unpacked one.

Since butane formation was reduced signific~~*lv, tne

Production of butane through a heterogeneous process such as

(15} CZHS + uZHs-o - C4H10 + S
is probably net important. The recombination of hydrogen atoms on the

surface

(2S) H+H+S - HZ+S

has been proposed by lLaidler and VWcjciechowski (15). In view of
' 14

L -
the very short life of the excited HZ( ~19 sec) formed by the homogeneous

combinatica of H atoms, reaction (25] could oaly proceed by the following
successive reactions:

13S) ‘ H + 35 — H -5

(£3) H+H-S — H, + 8.
Termination may also occur by

{53) CZHS + H-8 - C_H, + 8,
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If the rate constants of reactions (4S} and {5S5) do not differ significantly,
reaction (5S) would be more important than (4S), since the concentration
of ethyl radicals is much higher than that of hydrogen atoms, Reaction (5S)
is analogous to the termination reaction:

CZHS + 81\40 — CZHé + NO,

in the nitric oxzide inhibited decomposition of ethane {43).

The following reaction

(6S) CZHS + 5 - H-S + CZH4

might also provide H-S. The relative rates of reaction (35) and (6S)

may be estimai:< as follows:

Ryg  Kyg [HLIS]
Res  Kgg [CoH NS _
-£__/RT
P 4 e 35
- [H] H™H [35]
[C,H,] Peu Zc oy e Fes/RT
25 25
where P is the steric factor and Z the collision number. If it is
assumed that PH = PC‘?'H5 and E,g = 9, equation [35] becomes
K ‘Mo H VR /RT
35 [H] = “2''si “es! Tt
R = [C H ] , v ! e [36]
65 27\ VH
3

At 550°¢, [H]/[CZHs] = 8,0 x 137" for 100 mm of ethane, Ilf we assume

that £, = 10-20 kcal mole.-l, the relative rate becomes

6S

b
w
W

= 15 +v1530.

w
&



. -1 . -
Thus if E 38 >10 kcal mole ', reaction {3S) would be more important

than reaction {65).

At higher temperatures the desorption reaction:

{-35) H-S — H+S

may become important and the concentration of H-S would therefore be
reduced. This may explain the fact that the surface effect is less

significant at high temperatures.

Incorporating reactions (3S), (-3S) and {55) in the reaction

scheme, we have

Hp =k ixwvx, e (37]
\78 /
and
o k}. ~1/2
R = kg | ) [C,H,] [38]
C,Hio 5a | kg +1\/ 276
= k) [CH]
where
X kigKss [s] ky (39]
- 172 1/2 k, [c 6,
1 i
k-3 -;) LC2H6]

is the term ai. wing for a surface combination reaction, and

'. !
1% Ssa kK ex




QT

' kSa
kllk1 = ES—J_-—X- . {40a]

Combination of equations [26] and [40a] ia the high-pressure first-

order region gives

k5&1
X
ks +

= 6.6 e-3, 8J33/RT

. [41]
The activation energy 3. 8 kcal m.ole_1 may be ascribed to the temperature -
dependence of the quantity X, which decreases with increasiag temperature
because both terms in the denominator increase with temperature.,

Equation [39] also predicts the value of X to be augmented by increasing

the S/V ratio or lowering the pressure., The mechanism is thus

consistent with the facts that the surface effert tzads to vaaish at high
temperature, that the methane/butane ratio increases with decreasing
pressure and that the orders of hydrogen and butane production are

higher in the packed vessel,

Vi. The equilibrium C2H6 = C2H4 + HZ and the kinetics and mechanism

of the reverse reaction:

The purpose of this section is to calculate the equilibrium

constants for the over-all reaction,

K
~ "—-L“— ~ -
from the known value of kf obtained from present work,
Kk =k = 1.65x 1016 e—??, 60)/RT sec-l
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and the existing data for kb, the rate coastant of the backward
reaction, and to propose a2 mechanism to account for the kinetics

of the backwzrd reaction.

Very little work has been done on the reverse reaction.
The results of Pease (44) seem by far the most detailed, Using a
static system with a 500 ml. vessel, he followed both the total pressure
change and the rate of production of ethane. The decreases in pressure of
both hydrogen and ethylene were equal to the ethane produced in experiments
with 3:1 hydrogen-ethylene mixtures. Hydrogen was used in large excess in
order to avoid the polymerization of ethylene. Some dependence on S/V
ratio was also observed. In the range of temperatures 475-550°C,
fai=1v good values of kb were obtained by following the time course of

the reaction using the second order rate equation:

. 1 n _iﬂzjo‘[czHQo ~X)
b~ dlH, ] - [CH)Y T IC,H,(HE,] -x)

k

where [C H4]° and [HZ]O are the initial concentrations of ethylene and

2
hydrogen, respectively, and x, the amount of reactant diszpneared at
time t, The rate constants thus obtained were given by

-43, 230/KRT -1 -1
atm

k= 7. 60 x 10° e sec . [43]

The equilibrium constant, £ = kflkb’ calculated from the
experimental values for kf and lﬁ, are given in Table 7 under the
heading “'obs.' The observed values are about a factor of 2 higher

than those calculated from thermodynamic data (45).

et S e

e L 8.



Table 7

The equilibrium constants of the reaction CZH(: = CZH4 + I-I2

-~ "o > -
'K a5 (Gibbs aH%kcal mole ™} £ {atm)
mole )
calc obs.
700 31,92 34,12 L11x107% 3.9x107%
$09 32.15 34. 29 4.33x10"> 8.5x107°
930 32,39 34, 42 5.02 x 10°2 9.4 x 1072
1900 32,37 34. 49 3.39x 1070 6.6x 1071

%x
Standard state: 1 atm of ideal gas.

In order to calculate the heat of reaction directly from the

Tate constants k_and Kb’ the Arrhenius equation:

£
-Ei/RT
K. = Ae
i i
should be transforred into:
# r 2
kT -.351 /R ‘L\Hi /L\T
K. =—7— ¢ e
i B

For the forward reaction, the change in heat capacity accompanying
the formation of the activated complex is negligible. The heat of

activation can be obtained either from the relationship (38)

._\Hié = E -RT + :m?e {RT)
i exp i

where me is the increase in the number of molecules from reactant to
activated complex, or from the slope of the log(kf/ T) va. 1/T plot; the

result is

sH, = QH°= 75.5 keal n’mle.1 .

[44]
[45]



Since two rotational and three translational degrees of
freedom disappear when hydrogen and ethylene are converted into
the activated complex, (acz)b is about -7R/2 if the contribution of
each degree of freedom is taken as equal to the classical value of
1 R and the contribution due to viti-ational degree of freedom is

2
neglected, Then

h (D

P 3
a.H;O + T(acC

{52
o,'n
fl

4
P

[}

7 ,
AH:O -3 RT, [46]

The entropy of activation for the backward reaction, at constant

£-. ~ire, can be expressed as
F o_ . F F T
Asb = (.a..Sb)T + (Acp)b In T
o o
= (as” 7 KL f
= (aab),ro - 3 Rln T 47]

where 'I‘o is the reference temperature. Inserting eguations {46] and

[47] in {44], taking logarithms and differentiating gives

At 5
dlnkb= "H”bo-ZRL

¢T RrRT
or
dln l%TS/Z A;{:O »
—Sm T TR ]

AH]to can be obtained by plotting the experimental values of l.nkaD/Z

against 1/T; in this way Pease's results lead to AE{:o = 48.3 ¥ 2 keal mole-l.

A A e s e e

RN P ERINPI L e PY NPT RNV S SIS
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;Hi at any {emperature can de calculated from equation {46] and the
) o . . .
heat of reaction oH from the following equation,
oF #
AH™ = AH, - AF
£ -

= 27.2 + R2. {49]

B NI EN]

At 700°%, 2H° = 32,1 keal mole ™! and at 1600%K, Ai° = 34. 2 keal
mole-l with an error of about 32 kcal mole-l. This agrees reasonably
well with thermodynamic values and the experimental value of 33. 6 keal
mc»le.1 obtained by Kistiakowsky and Nickle (46) over the range of

temperature 25-41 5°¢.

The occurrence of radicals in the hydrogen-ethylene system
has been reported by several authors. The reaction was found to be
inhibited by NO, aad in the fully inhibited region, the heat of reaction
was found to be 33, 6 kcal mole-1 in the temperature range 610-660°C
(47), which is again in agreement with the values calculated above.
Varnerin and Dooling studied the reaction of DZ with C 2H 4(48). in the
region of temperature 550-66000, they found that a large amount of

CZH31’3 was formed and among various ethane products, C

1 D and
2°5

CZH4DZ were the major ones.

Kice and Herzfeld (21) proposed a mecharism similar to
that of the ethane decomposition to explain the over-all second order

kinetics, viz.,

(-6b) Hy + C,H, — C,H  + H
(-3 H+ GH —~ CH

(-4) C,H, + H, — CH - H
{6a) H + CH, — CH,

(6b) H o+ CH, - CH - H,.
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Steady-state treatment of this scheme leads to

- , 1/2
C 'A ! \
d [, ] N K_gpi_ak_, ) RN (53]
dt ”\ k, +k / toefgi thgh 1>
da 6b .

which is consiste .t with the observed order of the reactio... However, there
are several réasons to doubt this mechaaism,

(1) As show: before, the decompositioa of the ethyi radical uader
similar conditions is pressure-depeadeat with an order of about 1. 5.
This iadicates that the reverse reactio. (-3) must alsc be pressure-
depeadeat. This requires that the over-all order of the reverse reactioa
be about 2. 3, whick is incompatible with the experimental results,

(2) As in the ethane decomposition reactioa (6) is probably too
slow to compete with reaction (5). The relative rate of these two reactions
can be estimated from equation [2)]. if the chain-length of the backward

reaction were long, then

] | k)]

= : ] [51]
[CH] — k_5IC,H,]
Combinaticn of equation [51] and [20] gives
R k  [H.]
Is'é = 1.15 k.4 [CZH ] (52]
‘5 - -3 2 4

k 4 and k 3 can be calculated respectively from the corresponding forward
‘ i} 9

rate constants ané the equilibrium constants, At 90001{, 1{3 =6.2x 10

- - -1
mole ce 1, :.{4 =1.4x 103 (49), k =7.6x 1010 cc mole 1 sec  (23)

and from Figure 19, k3 =1.1x1) sec_l for 500 mm of total pressure;

equation [52] then gives




R tH.1
6 2.6x137° L £33]
-'_ - . k ‘:—.-—- L 23
B, [uzﬂél
For 3:1 hydrogen-ethylene mixture, equation [53] leads to a value
of R6/R5 =7.3x 10-5 which strongly favors reaction (53).
(3) The over-all activation energy predicted by the Rice-
Herzfeld mechanism is
E =—1-(1-: +E _+E ~E)) {54]
b 2 -6b -3 -4 6
Using E_, =2.0(49), E_, = 66,5, and E__ = 12.5 keal mole ™}
{calculated from D(CZHS - H) = 97.5 (50), D(H - H) = 133. 2 kcal
-1 '
mole = and assuming E, =0)
E = 41 kcal n‘mle.l .

b
which is lower than the experimental value 43.2 + RT = 44, 8 kcal mt::le-l
over the range of temperature 475-550°C, when kb is expressed in
concentration units. An even lower value will be obtained if one used the

experimental activation energy for E_ which was found to be egual to

3
32.7 kcal mole“1 in the fall-off region over the range of temperature
420 to 620°C. Combining this value with the heat of reaction (3},

38. 6 kcal mole.l {49), one obtains

E . = 32.7 - 33.6
-3

~5.3 kcal mole-l.

This value would further reduce the over-all activation energy to

36.5 kcal mole-l, which is much lower than the experimental value,



]
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If reaction (5) is introduced as a terrination step instead

of reaction (6), the previous schemre gives:

afc,H,] / k_éb'\“‘ e 302
e = & | o | B .’H1 T8
4at &_4K ks :l {. 2 4] L 2.‘ {.391
whick is iacoasistent with tue experimeatal results. This difficulty,
Lhowever, could be overcome by introducing the n.olecular dispro-~
portionation of ethylene as an initiatiag step, viz,,
5 C,H — C_f C.H..
(8) CZ-I4 + <, 4 21—15 + C,H,
The C 3{3 and CZHS radicals thus forn.ed could react with bydrogen
molecules to initiate the chain,
A schemnc e including reactioas (8), (-3), {-4) and (5) leads
to a rate equation:
. . 1/2
d {C_H | / k,\ /
— 28 kL2 e (58]
at -e\ kg | 27l U .

which is able to account for the order of the reaction and does not involve

the pressure dependence of reaction (-3).

The over-all activation eaergy cannot be evaluated without
kuowing the heat of formmation of the vinyl radical. Lstin:.ates of the
dissociation energy of the C-H bond in ethylene have spread over a
wide range {rom 122 to 92 kzal molesl. i.aidler cecduced a value of
39.9-102. 8 kcal m'.:>le-l from the photoseasiiized decomposition of
ethylene (51), Hecent work of Harrison aad Lossing {52) from electroa
impact studies of the vinyl radical produced by the decomposition of

C 1 an -1 . s
methyl vinyl mercury leads to a value of 133% 3 kcal mole {52), which




is in agreement with Laidler's value. Using D(CZH? - H) = 103 i3
e =

8 is found to be 64.3 - 3 kcal mole 7, if & 3 is

assumed to be zero. The activation energy predicied by eguation [556]

-1
kcal mole , £

is
E = E +—l-('f. - K}
b -4 2 3 5
1
= 12.5+-2—(64.J—3

44,5 kcal mole‘l,

which is in excellent agreement with the experimental value, 44, 5

-1
kcal mole .

The backward reaction was also found to be sensitive to
the S/V ratio, as mentioned before, In view of the related mechanisms
of the forward and backward reactions, the heterogeneous reactions

proposed for the former might be applicable to the latter .

Neglecting the surface effect on both forward and backward
reactions or assuming the eifect on both reactions to be the same,

then at equilibrium, equations {31] and {56] lead to

£

L]

where

The heat of reaction is therefore given by

B . . 1 #F L
._..H - ‘_).'{ - n.al'i + 2 (LLLI - qu) .

-
(¢ )]
G

i




Applying equation {45] to equation {533] produces:

2% = B -F L -5y + 2

SR = By E g v 3(E - B + 3 RT
3 -
=31.2+—2-R1 [59]

At 730 and 1000°K, equation [59] gives, respectively,

SH = 33,3 kcal mole
700°%
and
o) -1
AH o = 34.2 kcal mole °,
10020 KW

which agree closely with previous calculations from equation [49] at
the same temperatures and also with the thermodynamic values
given in Table 7.

The over-all reactions reaches equilibrium when the rates of
the propagation reactions for both the forward and the reverse reactions
are equal, viz, k, [C,H_] =k _,[H][C oH,] andk, LH][C HJ =

[n i[(¢C Hsj. These two equa.tiona lead to ethbrxum constant
K =lH,] [S,H) /[C,H] = k 3Ky /R k. Comgarmg this expreasion
with that given by equation (57). one gets kl [C a0 (-——-—) . It
is, however, difficult to understand why the rate constant for the
initial C-C split of ethane is dependent on the other rate constants when
the over-all reaction is at equilibrium. The correctness of equation {57)
is, therefore, doubtful.



CHAPTER 4

LINETICS AND MECHANISMS OF SECCNIDARY RZACTIONS

The object of the present chapter is to describe the methods
used to distinguish the secondary reactions from the Primary ones
and to evaluate the mechanisms for those secondary reactions which

initially proceed with vanishing rates,

Ethylene is known to be more reactive than ethane, because
it possesses a double bond., The activation energies for the addition of
small species such as hydrogen atoms, methyl radicals and ethyl radicals
to double bonds range from 2-10 kcal mole‘l. Teo study the effact of
ethylene on the rates of formation of those primary products discussed
in the last chapter, various amounts of ethylene were mixed with 147. 7 mm
of ethane at STOOC. The results, shown in Figure 20, were obtained with
constant reaction time (100 sec). The rate of hydrogen production
decreased linearly at first and then proceeded with a2 smaller but
constant rate. The rate of methane production increased more rapidly
than that of butane, which is seen to depend almost linearly on the ‘
amount of ethylene added. Butene-1 and butadiene, which disappeared
at zero ethylene concentration, are obviously produced from the interaction
of radicals in the system with the sthylene introduced. Detailed mechanisms
and the derivation c¢f the rate equation for each product will be discussed

in the subsequent sections.

-

i, Iakibition of the over-all reaction by product:

The decrease in the initial rate of over-all decomposition

caused by the introduction of a small amount of ethylene is probably
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Figure 20.

The effect of ethylene on the rates of production of hydrogen,
methane, butane, butene-1 and butadiene.

Data obtained from 147. 5 mm ethane + C2H4 at 570. 5° C.
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due to the reduction of the steady-state concentrations of hydrogea
atoms and ethyl radicals. Ethylene may react with a hydrogen atom
via reaction {-3):

- ; H - CH

(-3 Aor CpRy 275
or with axn ethyl radical,

C C_H -
{3 oHs t S, —~ =a-CH

5 4 g°

The n-C 4H9 radical thus produced may undergo the reverse reaction
react with ethane to form butane, produce butene-1 by C-H split,

or undergo furiher addition to give secondary methane as discussed

later., Howrever, these secondary products by no means account for

the loss otf aydrogen production, since the decrease in the latter was

about 50 tirmes more than the increase in the formation of methane,

butane and butene-1l in the earlier stages of reaction as shown in

Figure 2.

The abstraction of hydrogen atoms from HZ by ethyl radicals,

(-4) CZHS + hz — “2“6 + H

may also reduce the rate of decomposition., The steady-state assumption

ior hydrogen atoms in a scheme including reactions (1)-(5), {-3) aad (-4}

leads to

“
d ["2]
dt 4

[63]



Equation [62] expiains the fact that addition of small amounts of

ethylene reduced linearly the rate of hydrogen production, Theoretically,
coatinuous addition of ethylene should reduce the rate of over-all
decomposition to zero when reaction {3) reaches equilibrium, i.e. ,

=77 _ f
ky [C H ] = k_, |

Hjlc,H,].

in fact, Frost (54) found that the addition of a certain amount of

ethylene did not inhibit the raic o Scoomz >zition; Dintses (55, 56),

on the other hand, found a slight acceleration when ethylene was added.
Thesge paradoxical results cauld be explained if the effect of ethylene

on initiation is taken into consideration. As shown in F igure 20, ethylene
accelerates sharply the rate of methane production; the inhibition of the
rate of chain propagation reactions by a certain amount of ethylene may
be balanced by the acceleration in initiation. E-rond this point,

further addition of ethylene would accelerate the over-all decomposition,
since the rate of initiation at ordinary pressures, as shown in section 1,
is proportional to [C2H4J2. whereas, according to equation i63], that
of inhibiticn is proportional to [C2H4].

In pure ethane the differential equation [63] can be casily
solved by assuming that [CZH4] = LHéj and that [CZHSI and [H]
are independent of reaction time in the early stage of decomposition.

Thus letting ks_{CZHS] = a, and k 5 {H] = b, equation {6)] becomes

d [HZ]
—— = -b {H.1 1
—dt a b lH J {61]

Integrating from't = oto t = t, we have

(1] = % (1-¢77% |

—
o
N

(]



-t
e > can be expanded into a power series:
2 3
-b
et o . pes B by, ... . (63}

2. Y

When reaction time is short or bt X 1, eguation [62] reduces to

22
L bz‘ . [64]
Substituting equation [64] in [62] and dividing the resulting equation by
t, we find
[H,]
—_— = R ab
t H, = a - > t. {65]

This equation predicts 2 linear relationship in a plot of R g Vs t at early
stages of decomposition, as shown in Figure 21, The sha.p?és of these curves
are the same as those shown in Figure 20. The intercept of this plot at

zero time gives

and the gleope of the linear portion equals ab/2. Combination of intercept

2 x slope/a [66]

o
1t

= k_3 [H] . [66a]

Inserting the values of a and b thus obtained in equation [42], we get

a function which can describe the production of hydrogen at any instant
of reaction so long as a and b or, what is equivalent, [CZH5] and [H}.
are independent of time. The results presented in Figure 22 show

good 2greement of the calculated curves with the experimental pcints
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rigure 21.

Typical rate-time plots for hydrogen production.
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Figure 22,

Comparison of the calculated yield-time curves with the
experimental results for hydrogen production.

Solid curves calculated from equation |62 .
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up to a conversion as high ae 337,
According to the definition of a2 and b, we have

ab

slope = 22 k. [c 7 1IH] . {67]

1
‘zks -3 Y727

Inserting the steady-state concentrations of hydrogen atoms and

ethyl radicals:

k, [k \ /¢
r 3/ 1: 1
Bl =g & vy
4 5/ [c. =2, 1"
276
and
[k 12 1/2
C = | == C
[C 8T = &) [C,H,]
\ 5
in equation [67], we have
k] 2'\
P L
2 T T2k kg
or
8 {53
ab 13
<5 =57 , [68]
2 7K kK,

where 1{3 = k3/k 3 is the equilibrium constant of reaction {3).

Since k3 is pressure-dependent the quantity a%/2 must be
sharply dependent on pressure as indicated in Figure 23, wlhere
log ab/2 is pletted against log P?: p &t various temperatures. Al
values of ab/2 were obtained by lezas% squares method. The order of
ab/2 at 579°C and 400 mm of ethane was found to be 1.32, which is in

agreement with the value 3 x 3.45 = 1, 55 obtained from Figure 15, This

~-re-dependence of ab/2 is further evidencs of the effcct of pressure on k,.
-

-
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Figure 23.

Double-logarithmic plots of

%? vs. P

o
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According to equation {63), the temperature coefficient
of 2b/2 can be calculated by

- - 5 - Ap® L )
r"ab/Z = By + JL3 H3 E4 Es. [69}

=86.0, E_ =327, E_=6.8, £_ =0 and

. _ el 3 4 5
AH_ = 38, 6 kcal mole ~ in equation [65] gives

Substituting the values of E

- - . -1
La.b/Z = 138. 7 kcal mole ,

which is in excellent agreement with the experimental value 137.5 + RT
ab/2 at 400 and 230 mm
of ethane has the same value; this reflects the fact that E

= 139 kcal mole"1 obtained from Figure 24. E
3 is independent
of pressure in this region of pressure as mentioned before,

II. Secondary methane production:

Two different processes were found to be responsible for
the secondary production of methane. In the first process, which
occurs at higher pressures, the rate of methane production can be

described by

[cH,}
4 -
4

whereas, in the second process, which becomes predominant at lower

pressures, the rate of methane production is given b
Yy

N -~ ' P r——
KCHA = c+d [CZH4] , [71]
where ¢ = R(():H , the initial rate of methane production; d and d', the

proportionality constants, are functicns of temperature and pressure,



2
[C,H,]

and

[cH,]

e
i 2
= < CIC,E,]
t | 4
o 24
1 ‘—t
= T ;, [CZH‘{»] dat
-9

at {72]

The first process described by equation [70] was first

observed by Quinrn {(57) who proposed the following mechanism to

explain this relationship:

()

(10)

(11)

9
H4 pumm—
-9
10,
4
9 C2H4 j‘g
11
Pm—

-11

CZHS + CZ2

-C H
mC4

n-C H13

6

The possible reactions of the alkyl radicals in the rystem

can be illustrated by taking the n-C 4H9

radical ag an example:

-9 .
11--C4H9 C2H5 + VZH4
c H fc-n CH +H

n-vé 9 4 8 - &



kaxb
A Ry + Gy T a=C H|, + CH,
CH + C_H k.‘.O_ C,H
n u4 Lg vz 4 - n \.46 13 .

The relative rates of these reactions can be estimated

by assuming:

and

13 e-23' 003/RT

kg = 10 sec'l(ss),
_ .14 -40,000/RT -1 _
kC-H = 10" e sec  (58),
-15 R - -
k = 10’"2 e 15, 000/RT cc mole 1 sec 1 (59),
ab
klO = 5x 1010 e-S,SOO/RT cc moleml se:c.1 (60) .

At SSOOC, with 600 mm of ethane and 130 mm of ethylene, we find

k = 6x 106 ,
3
kC-H = 2x107,
k. [CH]=1x 10°
ab " 276
and
3 -1
x [CH]=5x10 gec .
10 2 4
Therefore, reaction (9) is, in effect, at equilibrium,
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Reactions (12} and {13) were proposed to reconcile the
facts that no CS products were detected and that the amounts of
propylene and secondary methane were almost equal. Because of
the limitation of the present measurements, we were not able to
confirm this point. Propylene and secondary methane might not
result {rom ﬁ-C4H9 radicals at these pressures, since this would
imply that the rate of production of secondary methane should be

proportional to [C2H4] .

Steady-state treatment of the scheme including reactions (1)
to {5) and (9) to (13), leads to
R

Cd4

k, [CH,][C,H,]

i

; P )
2y [CH ) + kyy [a-CoHL - k), [CH,]IC,H, ]

2k, [3,H,] + k), li-c,1,,] . [74]

A simpie expression for the conceatration of i.-CéH1 3 radicals

cannot be obtained without further assumptions; to do this, Quinn
assumed that k-ll>’> klZ' The activation energy for reaction (-11),

a strainless intramolecular H atom abstraction, is probably the same
as ordinary H atom abstraction from hydrocarbons by alkyl radicals
{~15 kcal mole'-l). Thke activation energy of reaction (12) is probably
within the range of 25 t 5 kcal mole-l. Thus, if A!Z/A-ll » 103,

Guinn's assumption would be applicable, so that we have

- . e u
i-CeH 1 = £, [a-C, 13]

~—
~J)
(¢ 1]
St
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Substituting equation {75] in equation [74] produces

d[CH, ] 2
= = e - C H [76
2 G I+ iy Ko yp %)) [GHI IS, 70}

dat

Comparison of equation [76] with equation {70] gives

c = R = Zkl Iczﬂsj

ki.{z{z{

12 105y G851 (77]

and d

At constant temperature and pressure, in the early stage of
the decomposition, equation [76] can be integrated as

rt

|

70

\L-VH&I} = d[Cﬁ4] = ct+d H4]2 at . [78]

f
|
Jo
with the assumption that ethane concentration remains unchanged,
If the conversion is very high, the consumption of ethane should be

taken into account: then

N
e

c = zk, [CZH:’:]o (3 .
rt 2
The integral ) [C2H4] dt can be evaluated either by a

40
graphical method or by the integration of the analytical function. Both
methods were used; the first method was originally used by Quinn, The
graphical integration was done with a planimeter. Typical results
are shown in Figure 25, in whichk the integrated rate, [CH4}/t, is
plotted against [CZH 4 iz. From the intercept we have ¢, the initial

rate of methane production, and from the slope, d.
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Figure 25,

plots.

2
. 1
Typical R 2I-I "
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VS. LC
CH4
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The alternative is to utilize equation {62], i.e.,

a -bt
- b (1 - ).

[c,H,] = [H,]
Substituting this equation in equation [78], we have
rt
| -
{CH4} = ct + 4 i ':— {1 -¢ bt)Z at [32]

L0

After integration, equation [S0] reduces to

2
[, = ct+ 22 pr-(1-e™)- 2(1-ePH) [51]
- b
or
[CH ] 2
4 d 1 ~bt i -bt 2
— = R, =e+3— Thbt-(1-e )-5(l-e 541 [82]
4 b
2
= e+ 22 4o, [62a]
N |
where
£) T S lot-(l-e -3 (1-e™h?) [33]

Applying the value of b obtained from the hydrogen production calculated

from equation [66], f(t) can be evaluated at any time t, Typical plots

of K vs, f(t) are shown in Figure 26,
CH4
When t is small, f{t) reduces to
32
bt r
£t) = =5 - {c4]

Inserting equation [$4] in equation [82a] gives
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Figure 25.

Typical R, vs. {{t) plots.

4
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Figure 27 shows the plots of both i[CH I/t vs. t and ;_CHéj/t vs, t.
" . ) - s
Since most runs in the temperature range 533-0d0 C were limited to

low coaversicas, ke initial rates of methane produciion were extra-

<

olated from the plsts of 2 vs, ¢ . The initial rates cbtained
£

’:KCH&
from the three differeat methods agree excelleatly, whereas the values

of d are snly coansisteat within ~1J3%. The values of d cbtained from
eq.aiion o2a] may be subjec. to larger errors beca:se of the accumulated

. . 2, 2
errors involved in the factor 2 /b7,

Using values of 4 obtained from plois of R vs. [CZHé_lZ,

CH,
at any instant of reaciion can be calc lated trom equation {¢1]; the
calc. lated curves are compared wiil the experimental points in

Figure 2 ..

According to (L .inn's mechanism, dis defined by

d =k, £ Ky £ [GH T

(4]
"

.

VE! 1/2
4 = k _ X . ® =% L — {C II‘.] . {rO]
» L&y A

—
[ 3

p¥e

jo
[
—
(o=
w

A Co.ble logarithmic ploc of ¢ agaiast inilial ethane concemratioa is shown

in Figure 27, in which CQuian's result: ~re also plotied for comparison,

At high press.res, the order is fairly closc to 1/< as predicted by
eq.ation [.6]; at low pressures, however, it decreases from l/Z toa
negative valie wiih decreasiag pressure, Luinn's resclis also show
a similar tendency. This phenomencn probably indicates that the
second process may occur concurrenily at low pressures. Thus

combining equations [7)]and [71], he rate of methaae produciion




Typical R

CH4

-95-

Figure 27.

vs. t2 and R

CH

4

vs. t plots.
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Figure 28.

Comparison of the calculated yield-time curves
with experimental resuits for methane production.

Solid curves calculated from equation {81! .
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Figure 29.

Double-logarithmic plots of d vs. P




in this intermediate region becomes

- ] o
RCH4 = c+d [LZH4]

Hence, in the plot of

RCH vs. [C ]2

c,q4,]
slope = d + 4! z2 4

Equation [38] explains why the apparent value of d increasged with

decreasing pressure,

Using the values of d at high pressures, at 640 and 620" C

the temperature coefficient of the quantity

; 1 \1/2 1/2
k2 %9 X %1y | k. | = d/cH ]
can be calculated from the Arrhenius equation:
logl — . 1og ____d__ - S |
"[C H, ]1/2 ([C H. ] 4,58 T1
Inserting the values:
——-—E—-l-/—z o = 3.9 le:J (cc mole-1
[c2H6] (/) 640 C

"'_d—'i'/f\. , = 2.8x 19° (cc mole !
[c,1,1"% 820%

{87]

{89}

{s0]




in equation [90] gives

4

g = 27keal mole™ L,

if the heats of reaction for reactions {9) and (13) are taken, respectively,.

to be the same as those of the reactions

t 4 I o -
{9%) sz-16+C.:2.t-I‘g = n C4H10
! - C = n-C
and {13") n C4Hm+ ZH4 n béHM
then AHO = &Ho = <22 Xcal mol.e.l .
9 10
: by - A, o = N -
Assuming :{11 =1, ...Hu J and LS 3, we have
E =27 = & +2&H°+-1-E
d 12 9 2 1
= E - 2x22 + L x 86.0
- 12 2 :
. . -1
o L12 = 26 kcal mole ~ .
Substituting the values of EIZ' AH; , AHC;O, ané the values (at 64000)
o o P I . -1 .
AS9 = &Sg, = -10.90, gSm = "\510' = -13.6 gibbs mole ~ {standard state:

! mole cc-l), kl =2,3)x 107° sec-l and ks =2,30 x 1013 cc mcde:“1

sec ', in equation [89], the frequency factor for reaction (12) is found

to be

' 13 -1
A12 = 3,2x10 sec .

At high temperatures and low pressures, the rate of
methane production is linear with {CZH‘i] as shown in Figure 3J.

This implies that




Figure 30.

Typical RCI—14 vs, LCZH " and RCH4 vs. g(t) plots

A. 660°C, 10.7 mm; B. 640°C, 20.7 mm.
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Plots of R... vs. t at low pressures.
4

A, 660°C, 10.7 mm; B, 640°C, 20.7 mm
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d [CH,]
r— = 3 1 Ll -
= d+a [CE ] . {91]

i
]
s
=
el
e
i
e
Py
]

i
B
i
iy
b
oA
o
-t
B
Brie
%
%
e
]
s
p

On integration, equation [9:]becomes:

_ECH‘I}. ) i't
- r = ! ~ 3 i foo1
- c+d | {\,234} dt [92]

= ¢c+d iCZH4] . {52a]
The values of [CZH4] used in Figure 33 were obtained by graphical
integration of the instantaneous [HZ] with a planimeter, Using equation

[62], one obtains the integrated rate:

[CH,] ' -
t4 =c+-a-:§— ti(bti»ebt-l) {93]
b
d’
s ot oo s, [93a]
where glt) = El- (bt + e‘.bt -1). {94]

1 t of
A typical plot of RCH4 vs. g(t) is also shown in Figure 30, Both methods
gave exactly the same value of c. When the reaction time is short,

equation [93] reduces to:

[CH, ]
4 ad' P
. =c+ S5 t. {95]
Plots of R vs. t are shown in Figure 31. Values of d' obtained

CH
from the threc different methods are in good agreement.
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The meaning of d' is worth some speculation, Freviocus results
at high pressures seem consistent with the fact that the isomerization

of n-C 42-19 to sec-C 4H9 might be rather slow compared with the addition

of 1:\-541-3g to ethylene. However, as the pressure is lowered,

isomerization will become faster relative to addition, The isomerization

may proceed as

CH, . CH, .
, -~ ~\‘ .l_4_s b ~

(14) H-C _ _ cH, — < _ cH,.
CH, -14 H CH,

The heat of reaction (14) is probably about -2 kcal mole’l, the

difference between secondary and primary C-H bond energies, Because

of the high activation energy for isomerization (61), sec-C 4H9 may
decompose into CH3 and CBHG .
- — C C .t
(15) sec C4H9 H3 + (“;qé
E. . is about 23 keal mole ! (58).

15
Steady-state treatment of reactions (1)-(5), {9), (14) and
(15), leads to

d [CH_]
at

= 2k, [Czﬂé} Kk, 1{9 [CZHS][CZH4] . [96]
if it is assumed that

» k d k. « k
Kig 7 Ry Wk <k

Comparing equation [91] with [96] gives

= 1
c ?.k1 {CZHE,J

C.H_]. 197]



inserting the steady-state concentration of C ZHS radicals,

1/2 1/z
@ = kg, K9 i\ E;) [CzHéj . {93}

The precent results are not sufficient to verify this relationship., The

temperature coefficient of the quantity

d' 1. H r
NTE 17z - %14 % (991
i 1 —~

kg ) [C,H,]

may, however, be estimated from the two available points. Using

k_=2,3x 1013 cec rxmle-1 sec.1 and the data listed below,

. ¥ ijz
o -1 -1 )
t C P mm Hg dYsec ) k, (sec ") arf—! [C_H,6]
1 K 276
5
-5 -5 3
640 20.7 5,51 x10 1.30x 19 1,21 x 10
660 10. 6 7.20x107° 2.77x1.7° 1.50 x 10°,
"/k'l\ 1/2 1/2
we have for the temperature coefficient of the quantity d'ﬁ\k_-} {c oH 6] ,
5

o -1
EA' = Elé + AH9 = 19 kcal mole .,

If again, the equilibrimm constant for reaction (9) is assumed to be the

same as that of reaction (9'), then

c.H‘; = -22 kcal mole !,

. E14 = 19422 = 41 kcal mole-l.

which is the activation energy for the isomerization of n-C 4H9 to

Inserting the values of = 25 and ¢s‘; at 620°C in

-l
sec v41~1’ 12’ 5

90



gt LoatHiay o i car e

equation [99], we obtain

14 -1
A14 = 5.2 x 1) sec .

The existeace of sec-C4H9 radicals in the system also explains the
appearance of small amounts ¢f cis- and trans-butene-2 at high

conversions; they might be produced from a C-H split;

CH CH

3\,-. c - 3
- =
sec-C4H9 —_ g ~ g
+ H,
> _—

L.-ti3 _ H

o~ =C\
H CH

III. Secondary reactions involving butane:

Typical rate-time plots of butane production are . “~wa in
¥igure 32, Apparently, the modes of butane production are more
complicated than those of hydrogen and methane formation. At low
temperatures, the rates of butane production increased rapidly at high
Pressures, wherezs at temperatures higher than 6DO°C, the rates

decreased as the reactions proceedecd.

Since the introduction of ethylene at 570°C enhanced
linearly the rate of butane production (Figure 20), the increase in

R c H should probably be ascribed to the increase in the concentration
410
of n-C4H9 radicals. A n-C4H9 radical may abstract a hyérogen atom from

ethane to form butane:

{16) n--\,‘}H9 + CZH(; — n-C‘;’H: + C_HE._.
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Typical RC H  VSs. t plots,
4 10
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The decrease in the rate of butane production was likely due to the

attack by ethyl radicals or hydrogen atoms via the reactions;

- + CcH . -C ‘
(-16) CZHS 'C'.I4 19 (n and s) x,4H9 + C2H6

and (17). H + C4Hli) —_ (nands)-v4:{9 + HZ,

or to the unimolecular decomposition of batane,

(-5a) "4H10 - 2 CZHS .
Including all these possible reactions, the rate of butane production
becomes:
d[(:‘&I-Ilf)] 2
at = kgulCoHsl + kygla-C H T IC BT - (k_, [C,H,]
+ k17[H] + k-S) [\,4Hm] .
For simplicity, let
2 o
k. [ H.] = R = g
5a" 2 5 C4H10
1o ~ - 3 L flcxm i
Kpe-Caiyl = k) K [C K] [C,H, ]
= h [CZH4]
a ~bt
= h N (1-¢ 7))
and k—16 [CZH5] + k17 (H]+ kSa = j.

Inserting equations [101], [102] and [103] in the differential equation [100]

Produces

afc H ]
4 1) a -bt e
Ta  CErRy U-eojicH,l.

[100]

[101]

[102]

{103]

[104]
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After integration, we have
< . Ebtka _ =it ha -bt _ -jt
[Céﬂlo} b; (1 -e ™) +-—-—-—b(b 23 (e e ). {1105}

When reaction time is short or bt & 1, jt & I; equation [105] reduces to

, ha - gi 2 .
[Cirgl = g + B5E [106]

or ic " ] X

4710 ha -
-—t—-—=RC‘_I =g+--—2—5-1 t {107]
47710

= g + st, [107a]
where s = h.i‘_Z:_S.l [108]

When 8 >0 or ha > gj, the rate of butane production increases linearly
with time, whereas if 8 <0 or ha<gj, the rat- decreases linearly as
reaction progresses, Tlhus equation {1u7] is able to explain all the

cases presented in Figure 32.

At 640°C, the rates of butane production at all pressures
studied decreased sharply and linearly with time, The results are given
in Figure 33, Interestingly, the slope, s, of the straight line at each
pressure divided by the corresponding intercept, g, obtained from the

least squares method, gives fairly constant values, given in Table 8,




.199-

t (sec.)
Figure 33,
Reyg- Vveet plots at 640°C.

4 10

A, 204.6 mm; B, 123.3 mm; C, 91.2 mm; D. 69.2 mm;
E, 48.6 mm and F, 36.2 mm.
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Table 3

ZSLg at 643° C

52 mmmmmmwumﬁﬁwﬁemmm‘ A

P mm Hg 2s/g x 10° sec ™
204. 6 1.6t £ o.06
123, 8 1.44 £ 9,04

91.2 1.55 £ 9,09
63.2 1.60 0,10
48,6 1.53 £ 9,05
36,2 1.43 % 9,10
average 1.53 : 2.10

According to equation [108] and the definitions of h, a, g and j, we

have
2s _ ba-gj
4 g
k3k16
= K £y [c,H] - (k_;, [C H ]+ ko [H]+k_ ) [109]

In this equation, all terms except k-Sa are functions of pressure., In
order to explain the fact that at 64—0°C, the rate of butane producticn
decreased linearly with time for all pressures, and that 2s5/g was constant
within experimental error over the range of pressure studied, we might

conclude that at this temperature
g » ha

and i = k-Sa'
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According to this conclusion, 2s/g. = j =k 58 " {1.33 t J.10) x l'f)-Z
sec = is the rate constant of the unimolecular decomposition of butane

at 640°C, which agrees reasonably with the values; 0.7 x 1072 and

3.1x 10'2, calculated fromk = 1.0 x 10°7 ¢80, 003/RT (62) and

18 ~86,300/RT
e s

-1
3.77x 190 ec  {24), respectively, Combiniag
2 -1

kK . =(1.53£5,10) x 107° sec™" at 640°C with E _ = 30, 0 keal
-5a -5a

mole -1 » We have

k. o= (2.210.1) x 1017 o780 000/RT | -1 {119}
. 1/2 T
Assuming k3 = k.'3 [CZH()] , where k3 is assumed to be
constant for a first approximation, equation [109] reduces to
Kk £«
2s _ %3%16"% 3/2 i
s " TE [c,H,] () I, H Ik [H]+ %, ) [(111]

This equation predicts a linear relationskip beiween 2s/g and [C2H6]3/Z,

i ¥, o )
itk | (J[C,HJ+k [H] <k . Resulis ais?o f;l are shown in
Figure 34, where the intercept j = 3.8 x 19 ~ gsec , matches closely

the rate constant

k = 3,9x 2!.0.4 sec.l
-52a

calculated from equation [110) at 570°C. Lvidently, this indicates that
. -

k o » k16[CZH5] tko {H] even at temperature as low as 570°C. Thus

we conclude that the decrease in the rate of butane production over the

range of temperature and pressure studied is probably due to the

unimolecular decomposition of butane.

The relation between the rate of butane production at low

temperatures and high pressures, and the average ethylene
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2s/g vs. [csz] /2 plot at 570°C.

AL Aok ALt 0 b ot e men e




i
4

e shan

N

'
Fad
pos
w

)

- e ey 1
comcentration, {CZH‘J, can be deduced directly from equation [105];

at low temperatures, when jt = k sa b 1, equation {135] reduces

to
S LR S G 1)
t. = 8Ty e 3 b t
b £ r
=8ty c,H ] 112}
= g+hiC2H4],ifb}>j. [112a]
Plots of R ve. [C_H, jare shown in Figure 35, on which the
C4HIO 2 ¢

results given in Figure 20 are plotted again for comparison.

The values of h, which is the quantity related to the
abstraction of hydrogen atoms from ethane by n-C 4H9 radicals, can be
evaluated from the slope, s, of the plot of RC g Vs t, or directly from
the slope of the plot of R c g Ve m . %hel %irst method gave slightly
higher values than the la.ttgr,mas one might expect, since equation ;112a]
is derived by assuming that butane deccmposition is negligible. Using

the first method,

v

we have n = (28 + gj)ia. {113]

By definition,

o
1)

kjoSg [CH1IS,H,]

C
RC . 1/2
=k, A 41 [C.H.]
1679 Tk, 172 ~2%%6

>a

172

S B '
klefgip— ) [GHJ]
\ S5a /
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Figure 35,

RC‘}HN' vs. [CZH 4] plots at low temperatures.
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. b 6%y ]
SNV Y 1114]
[C 6] Sa

Combination of equation [113] and [114] produces

kléﬁ‘? _ 28 + gj

T
L 7z T zlz[c - [115]
5a 6
Therefore, from the intercept, g, and the slope, s, of a plot of RC AL t,
and the initial rate of hydrogen production, a, one can estimate the ra%e
constant of reaction (16). Table 9 shows the values °fK9k16/k 1/2
obtained from the available data at three temperatures, The values
of g, s and a were all determined by least squares. The Arrhenius
Plot of the quantity k :( /k /2 leads to an activation energy of
Table 3
1/2
Ik at low temperatures
9 16
/ I/le.’)
o -1 -1 -1 -l 9 16
t C P mm Hg g{mole ¢cc "sec ') s(mole cc “sec (ce moles? 3/2
549.7  401.5 7,02 x 10713 3.49 x 10718 3.7%0.3
- -1
579.5  590.5 3.70 x 10”12 4.98x 10712 3.6 % 0.1
., =12 - -15 +

4090, 0 2.61 x iU 1.50 x 10 3.4 ~0.7

584.7  100.0 1.32 x 10738 -3.34 x 10710 3.1%9,8

about -7 £ 4 kcal mole-l. Assuming ESa. = 0 and AH; = AH; =
-22 kcal mcle‘l, we have
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-

B, = 7 44 22=15% £ keal motet

which agrees with the calculated value, 15.2 kcal mole ! (59). The

frequency factor of reactior (16) can be estimated by

1/2

- . E _/RT

A = o2 215/24-:&;_ e 16 [116]
9 ag [CZH6]

ot
o
G

R L T LT Cr O PR U SN

5 according to equation [115]. At 530°C,

] Kk
ZIBI;E'L = 2 :?2 = 3, 7x 105 (ce mole‘l)yz secol/Z
a8 [CZH(:] kSa

-10.4 22,000/RT
e e

and from Table 9, K9 = cc mole.l (standard state:

1 mole/cc), E 6= 15, 2 kcal mc:;le-1 and kSa =2.0x 1013 cc mole * sec-l;

1
inserting these values in equation [116] gives

A16 = 4 ,6x 1011 cc mc:ﬂ.en1 z?»ec-'l .

which is to be compared with the values of A 16 ° 5.9 x 1011 (24) or

7.7 x 1011 cc r.m:le~1 sec“1 (42).

The production of butane at any instant of reaction can be

17

calculated from the general equation [105]. Using j = k 3= 2.2x 10

e-80, 000/RT sec-l, a and b from hydrogen productioa, and g, tke initial

-5

rate of butane production, and h, calculated from equation {113], the

S e R D LR | LRI At

yield-time curves for various temperatures and pressures were evaluated

i and compared with experimental points as shown in Figure 36,
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Figure 36.

Comparison of the calculated yield-time curves
with experimental results for butane production.

Solid curves calculated from equation (105].
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1V. The production of butene-1, butadiene and acetylene:

The addition of ethylene toc ethane increased markedly the
production of butene~-1 and butadiene as shown in Figure 20, In the
decomposition of ethane alone, these products appeared only at
high conversions, and butene-} always appeared easlier. Athigh
temperatures, the production of acetylene and butadiene became more
important, The results obtained from the experiments of temperatures
higher than 642°C are Presented in Table 2, Buteae-1 disappeared at
high convereicns at those temperatures. Since these unsaturated
products are vex;y reactive at high temperatures, expecially in the
Presence of radicals, their rates of disappearance become appreciable
at an .arly stage of the decomposition. It is therefore difficult to draw
definite, quantitative conclusions about their origins, particularly those
of butadiene and acetylene. The following mechanism is proposed to account

for their formations:

{18) H+C,H —  H_+C_H

24 27 %2
19,
(19) C,H, + C,H, o C,H, + C,H,

(20) C.H +C_H - C H

(21) C,H, + C H — CH

273 728 48
(22) n-C H, ~ — C Hy +H
(23) C, H, — CH +H
) C,H, + C,H, —  C H,
(25) C_H — C_H_ +H
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Steady-state treatment of thic scheme leads to

ey ] * Xy (S50 [,H,]

[C H.] = -~ C = o % ' {117]
273° 7 kg [CHT ¢ kyp [CH L + &y [SH] + kg
kZO
[CHl = = I[CH]ICH], [118]
23
d [C4H8] _
— = Ky, {n-C4H9j + &,y [CZHS] [g,ZHS] , [119]
d[c H,] - r~
df 6 _ ok, [ HICH]+ k,, [<32H3}Z , [120]
and
d [C,H,]
& Kl ] [121]
Substituting the steady-state concentrations of n-C 41-19 and
c 2H3 radicals in equation [119], the rate equation for butene-1
formation becomes
d [C H.] ek CLEILCH] + ku(kw[H]i.-klg[CZHS])[CZH4]
= 4
dt 2279 VT2t k_19{C2H6]+kZ°[CZH4]+k21[CZH5]+k25
{122}
= (n+p) [C,H,], [122a]
where
a = Kk, L{9 {Czﬂs] [123]
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7y
) - kpy U85 (Bl + ko [CoH, D
k-19 [CZH:’:} tk,o {CZH43 +k,, [C2H5] tk,

[124]
5

Equation [122] predicts a linear relationship between R. ; and
4

[C2H4], ifnM»por kZO {czH4} is small comparing with other terms

in the denominator of p. Typical plots of RC H Vs mare shown
in Figure 37. A linear relationship holds onl%v at earlier stages

of the reaction. The decrease in rate at high conversion might be

due eitber to the decomposition of butene-1 or to the effect of the

term kZO {CZH4] in p, if p is comparable with n, Because of the
decrease in R C4Hd at higher conversions, a possible reaction:

{25) C4H7 + CZHb — \..41-1.5 + CZHS

has been omitted from the previous scheme, since this reaction

predicts that Rc g ™Must increase rapidly with increasing ICZH‘Z]'
4

However, the increase in R C H in experiments with added ethylene

as shown in Figure 20 might indicate the occurrence of reaction (26).

The initial slopes of plots of RC g Vs ICZH4} at
550-620°C are given in Table 13, At temp%rgtures higher than 64000.
R C H decreases rapidly as the reaction prcceeds as shown in Figure 14,
4 3

According to equation [122], the initial slope equals:

R /R
Lim CH, o “4_}_!3\}
[CH]~9
24 [CZH4I \ {CzH‘i]”/ o
= a + p
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Table 13

1/2 .
/ as 2 function of temperature and pressure,

4 : \ / ..‘x
[ Tc H. 6 /TCc H 1
t°c P mm Eg | % & } %127 [(sec 1) { 28 /P‘?; HUZ icc mole J'sec: 1)2
b~ emasnanry M ! -
\1CZH4J#/ 5 \[CZH4], 4 10
549, 7 401, 6 3.7 s.450.3
530.7 599. 5 12.9 5.220.5
482, 9 8.3 5.1 5 5.3
199.9 5, 4 4.91:0.5
96.3 3.5 5.210.3
534, 7 341, 3 1.6 6.9 3.3
168. 1 1.1 7.1 %0.2
599, 7 402. 1 3.2 s.2%2.6
298.9 2.7 5.3%0.3
233.1 2.4 9.2 f 9.7
93.9 3. 90 5.321.5
620. 3 335.1 7.2 12.4 4 0.3
239.8 5.5 19.7 0.3
where
k {k [H} + k {c H })
. 2 [125]
Po " k [c 6‘+k—TCH]+kD .
As shown in Table 10, the ratio
‘]/ RC4H8 \
| — /R°C g M2 o= n/r2 g V2 +p 15:54 H1/2 , 126}
\ fr~ . f' \4
\Luzh_i] /o 410 4 13 10




;R

[t m k£ k.. (k. [ fC.H

. 8\" /R°CH Y2 = 22 9 fa1 Mgl ¥ kg [G, 7]
VT T T4 T Tz T T 17z, v b e 1. r
\‘“‘2h4]*o Xsa Rsa R pglCH I+ kIS H T + k) )[C H, ]

- 12z -

at constant temperature, is independent of pressure within the exrror.

Combination of equation [123], [125] ancd [126] gives rise to

f127]
The first term of the right-hand side of equation {127] is probably
pPressure-independent. The second term, however, might be dependent

on pressure as shown in the following calculatioas, assuming

- F [ % - -
kK ,, =k, = Z.Oxld“ e 19, 430/5T cc mole 1 sec ! .
-193 2
. 13 -1 -1
= = 2.2x 1)
kZl k-l x cc mole sec
- 2. ME R -
and K = 1013e4 I/ RT sec 1’
25
where EZS = 42 kecal mole-1 was evaluated from D{CZH3-H} = 103 kecal

- -1
mole 1 and = 25 = 2 kcal mole =~ (59)., At 62.;)°C, for 233 mm Hg of

ethane, we find

r!
k {-czHé] 2x 107,

-13

24

kyy [CoH,]

_ 2 -1
and kZS >x 13 sec H

. . ) 1/2
so that if the above assumptions were corzrect, the ratio p /h(, i /
“47719

Pl

s “+
would, under present conditicns, be pPressure-dependent because

of the predominance of k-l‘? [Czﬂé]. Thus we conclude that

R Ao <~

[P TDIRPIR NUREEPRY PLes S0 PEetL o
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o > ?o
and that
. 1/2
/ R
[ Tc H \
‘, \ /RO _ n
i C . H T _o 1/2
NTERE 410 52
\ 2 47 . 0 \’ZHIO
k.=«
22 9 .
Lz [128]
k_
2a

The Arrhenius plot of the average values of (k__ K_/k 1/Z) given in

22§ Sa
Table 12 is gshown in Figure 38, irom whick an activation energy of
15%4 kcal mole ’ was obtained. Assuming aH‘; = -22 kcal mole ™}

and &_ =9, we have
5a

- + . o
E = - = o
E 18 - 4 By, * H
= 2.22 - 22
. E__ = 40 % 4 keal mole |,

- L] 22

which agrees excellently with the reported value of 49 kcal mole.l (538).
Using ..\.s,‘; = :;s‘;- = 1.4 gibbs at 550°C, the frequency factor of
reaction (22) is estimated to be

A = ple-3 T L0 sec”! .
2z
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Figure 37.

. T o
Typical RC4H8 vs. [CZH 4] plots at 570 C,

A. 59C.5 mm; B. 96.3 mm.( The scales 10 times
expanded).

Figure 39.

: 2
- r
Typical RcaHé ve. [C H | plot.
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Figure 38.

Plot of log k3K /k Z vs. 1/T.
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In view of these reasonable results, we may conclude
that the reaction (22) is probably more important than reaction (21).
The decrease in R,, H at higher conversions is probably due to the
unimolecular decomposition of C 4H8 The CB-C 4 bend in butene-1
is known to be much weaker than an ordinary C-C bond in a saturated
hydrocarbon because of the resonance stabilization of the resulting
allyl radicals. OCther radical interactions such as

i C.H, — Tk
‘-i+k,48 4:.-19

—~
2Hs “4H8 > V6H13, etc,

might also consume butene.

Equation [120] predicts that the rate of butadiene production
should be approximately proportional to [C oH 4]Z . This relationship
was actuaily found at 640°C as shown in Figure 39, The slopes of

these plots for three pressures at 640°C are presented in Table 11,

Table 11
R /[a, J at 640°C
CaHy
: -1 -1
P mm Hg /{C ] x 13 (cc mole ~ sec )
CaeHy
204. 6 2.2 29,3
123.4 3,1 %90,.2
91.2 3.6 0.2

They are roughly proporticnal to [CZH 797
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Since the rate of butadiene production at temperatures

higher than 64006 decreases rapidly, the linear relationship between

1

—
and { C_H,] no longer holds. It is thus not possible to
C4H6 274

draw definite conclusion about the origin of C 4H from the resuits

6
in Table 11,

For similar reasons it is not possible to decide the

mechanism of acetyleae formation.
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PAXT 11

UNIMCLECULAR DECCMPCISITICNS CF ETHYL RADICAL AND ETHANE



THEORIES OF UNIMOLECULAR REACTIONS

The molecularity of an elementary reaction is defined as
the number of molecules involved in the activated complex, A uni-
molecular reaction is a reaction with an activated complex consisting
of only one reactant molecule. Decomposition, isomerization and
inversion may clearly be of this type. The order of a unimolecular
reaction may become greater than one and as high as two in certain
region of pressures, However, a bimolecular reaction is usually
second order and a termolecular reaction third order.

In order for a unimolecular reaction to take place, the
molecule should first of all possess sufficieant energy, i.e., the
activation energy. If the molecules do not obtain this energy by
absorption of radiation the source of activation can only be molec.lar
collisions. This, however, seemed inconsistent with the first-
order kinetics observed over a wide range of pressures, since
the collision f{requency depends on the square of the number of

moilecuies in unit voiume cf a single reactant,

This puzzle was first solved by iindemann (63). It was
suggested that after a reacting molecule acquires its activation energy
as the result of collision, there is a definite time lag before it reacts,
If the average time interval between activation and reaction is large
in comparison with the interval between successive collisions, the
process is kinetically of the first order in spite of the fact that two

molecules are involved in the collision. On the other hand, if the
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time lag is relatively small, one may okbserve second-order Kinetics,

Later modifications of this idea by Hinsheliwwood {64),Rice
and Famsperger {65) and Xassel (66} on the one hand, un€ by Slater (67)
on the other, permitted it to be applied quantitatively ¢to = number of
reactions. Recent work of Marcus (68, 69, 73), by incorporating the
transition-state theory of unimelecular reaction in HXER theory, showed

satisfactory agreement o! the theory with the available data on uni-

molecular reactions (70, 71).

I. Formulations of the theories of unimolecular reactions:’

All modern theories of unimolecular reactions are derived

from the foliowing mechanism based on Lindemann's idea:

k, .
M+ M — M, + M
-k, E
i
kg i
% # :
M . > M 7 products,
P

%
where M is the reacting molecule, Mk;’ the energized molecule wklch
#

possesses energy equal to or greater than the minimum energy, & .

4

and M, the activated complex,

*
A steady-state assumption for ME and M;e leads to

k. k. [1\1}2

I-ULS R

dt x

AR [129]
9

s
-3

i . -
kE [;\1} ’ [1293.]
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where

N {‘
1 Kk M]

€T K] Mtk [13)]
is the first-order rate-coefficient for the reaction of molecules with
energy £. The first-order rate-coefficient of the reactioa for molecules
possessing energy between E and L + dE is therefore given by
- '- P -
dkl ) KE xl\z] Oki
E Tk, [M]Jtk_
-i E
K_Kk_ 4
g E =
or k. = —-T::—- , [131]
R aTvy
clki
where t{E dZ = - is the equilibrium fraction of the molecules which
-i

possess energy between £ and £ + di, and k i ° Z is the collision number.

&x®
Integration of equation [131] =ith respect to energy from £ to m gives:

S _k_ di
. | - .
k' = i = . [132]
* kp;
‘ h 1+
” Z - IM]
Equation [132] is the general expression of the first order rate -
coefficient of 2 unimolecular reaction. When the pressure is sufficiently
high, or k_/Z [M] « 1, equation [132] reduces to
- Q0
ke k® =2 £ _k_dE [133]
E L
{ ¥
JE

and if the pressure is low or kE/Z [d:] > 1, equation [132] becomes



‘rm
1 = : .
kW = | Z[MIL_ aE [134]
b =
JE
= k%M1, {134a]
where
“/"m‘
o . | :
kK =z K dE {135]
Ju®

is the secoand-order rate constant,

The differences between the various theories lie mainly in
the differences in the assumptions about the modes of intramolecular energy

transfer, Lindemann assumed

k = 2 e-h‘/kr [136]
QoY
k, _—
L /KT [127)
-i
hence e-E/kT
Lot e [13¢]

which is actually, as shown later, the special case of the Hinshelwood
theory with s = 1, The second assumption was that all energized

»
molecules with & > E reacted with the same rate regardless of their

energies, i.e., kE = constant,

The first assumption leads the Lindemann theory to predict

higher values of [M]l/Z than are observed, where {M]U2 is the concentration

(oo

of reactant at which k1 =k /2; the second assumption that k£ = constant
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leads to a linear relationship between Ilk1 and 1/[M], which does

not hold for polyatomic molecules,

Hinshelwood's theory may be regarded as the first major
development of Lindemann's idea, stressing the role of the complexity
of the molecule. According to this theory, itis proposed that the energy
that a molecule possesses may be distributed freely among its tozal
aumber of degrees of vibrational freedom, but that the molecule is
capable of reacting only when the requisite energy E*, or greater,
is confined to specified degrees of freedom. The energic 2d molecules,

however, are still assumed to react with equal rates irrespective of

their energies. These two assumptions lead to

;e N B-1 1 e-E/kT
z = [ =}
c KT | (s-) T KT [139]
and
kl-: = corstant = A, {149]
Substituting equations [139] and [140] in j133] and {135],
respectively, gives
s-1
) ﬁ# b o E3
K -a . 4 {5,-:\ -E kT {141]
r. \ kI
I':l
and
:,:} 1 L* -\r "‘*/k'r
L0 R S -E
k- =2 T kT ¢ [142]
r=1 A

%* . .
If £ /kT » 1, both equations {141] aand {142] reduce to
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r ¥* . S"l *
@ fE_NT 1 -E /KT 3
k - A \kT .;yj (S‘l): e [14.;]

and
%N s-1 *
o _ TE ) 1 -5 /KT

k- = 2 KR_T , Gor © [144]

Although Hinshelwood's modifications bring about much
larger values for k" and thus smaller values 2f {Mjllz, there are still
certain difficulties. (1) The objection to the ii-“rmann theory that
k.E = coastant still remains. (2) Tae high-press.re rate-constant
given by equation [142] predicts sirong temperature dependence in the
pre-exponential factor. However, this temperature dependence has
not been observed, {3) There is no a priori kuowledge of the values of

s or its relaiionship with total number of degrees of freedom of vibration.

Rice and Ramsperger, and Kassel, overcame the first two
difficulties inherited from the Hinshelw >4 theory by considering the
molecule as a system of loosely coupled harmonic oscillators of
equal frequency. Energy can freely flow among these oscillators.
Reaction takes place when the minimum amount of energy E*, or greé.ter.
concentrates in one of s oscillators, Statistical treatment of this

assumption gives (66):

k. = k . {1451}

2t
P
1]

Inserting equations [133] and [145] in [132] produces

7 @™

* !
kl i k# e-L /KT g xs-l e-xdx [146]
T (s - 1)} | # ) 8-1
Y 1 k ox N




where

*
E-E
* = Tkt
%
b = E /KT .

At high and low pressure limits, equation [146] reduces, respectively,

o
-3
& - k"' e E kT [147]
e x° =z J'/}i::h\s-l 1 SR i
= \ kT ’s—-ﬁr e . [144]
if L* > kT.

Experimentally, one can obtain both E* and k;é directly from high-
Pressure fii. -order rate constants, Inserting these values in equation
[146] one may obtain a family of curves with different values of s in plots
of log kl vs. log [M]. Comparing these curves with experimental points,
the best-fitted one gives the vaive of s, Experimentally, it was always

found that

Wi

1
n > s)En

for relatively complex molecules (72}, where n is the total number of
vibrational degrees of freedorn. No interpretation of this relation,

however, has ever been offered.

Laidler and Wojciechowski (73) concluded from their detailed
analyses of a number of reactions that s is usually close to the aumber
of totally symmei-i-al modes of vibration of the activated complex,
and accordingly that only the totally symmetrical vibrations are

responsible for intramolecular eaergy transfer,
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The classical formulation of Slaterstheory (67) is based on
a2 model which consists of classical harmoenic oscillators. The
molecule is described in terms of independent internal coordinates
which relate to the displacement of interatomic distances or angles
from their equilibrium values, with reaction taking place when a
specified coordinate attaing a critical distance or angle. In this theory,
energy does not flow from one oscillator to another, and the energies
and phasges of diiferent vibrational modes change only uvpon collision.
The statistical expression of the equilibrium fraction of energized
molecules which possess total energies between E and E + dE is

given by

E n dEldEzo-..-.o-.dEn Ll484i

where n is the number of oscillators and E is the total energy, i.e.,

E= ) E '149)

r=1

Tl specific dissociation probability is given by

s _ Ha-1) . = 2 Ya-)
x (i::l Brv r-,-q,,) = 2r Vg v Er s
= ! “150°
E . : N p
-— %(n-l) ~— b n = !
{277) I (én&» 3) "“z]'_,l ar V'Er ,

where a_ is the amplitude factor, Er, the energy, ;,"r » the frequency
of vibration associated with rth oscillator, |7 (in + 1) is the gamma

function of (in + 4) and q,s the critical value of q, which characterizes



- 137 -

the internal motion of the molecule leading to its unimolecular

reaction and may be expressed as
n

_ 3 hannt ) =
q = — 2, E_ Cosaw(/t+ @), [151]

The reaction occurs -only when kE 2 Oor

a
> a2 E_) a [152]
r=1
or
n . n 1/2
— = ;% — 2
> a, [E_ 2 /\E > a_ ) . [152a]
r=l r=1 ’
&
where E is the minimum energy related to 9, by
n
B 2 2
=1
Substituting equations [149] and [150] in [133] and [135], and integrating
under the condition given by equation [152] produce, respectively,
~ .E /KT
kP = ) e [154]
and
n
& Lin-1) T »
o E L\ ° l s _-E /KT
= — 4 I ~
k ZkkT x| Ir=ll ) (r e , [155]



where
a2
Il
‘,;; _ o r=lbrgp
T m-l §#
u} “r
ana ¢ _ is the normalized amplitude factor deiined by
S D .
B
LL = a_/{ > a_j“.
s T T AR T
r=l

The general equation obtained from equation [132] is given by

b oo 1
- - i - -
g i o e E fxT | (a1 % dx
= ! — -
Ciin+ & i 1+ x 2@l G-l
where - F
_ E-E
x = KT
oy PR ’E(n-—l) n
. Z Ml E ¢ and P TR
8 - ; L kT 4.’1> | (28 * a) U,-i(r'
r=1

This theory has been applied successiully to the isomerization of
cyclopropane to propylene, in which tke decline of the unimolecular
rate is in excellent agreement with experimeatal results (67, 74).
However, Gill and Laidler (17), and Laidler and Wojciechowski (73),
have shown that in some inctznces when the number of the vibrational
modes of the reactant is small, the second-order rate constants
predicted by Slater theory are too Low.

The main weakness of the Slater theory is that it does not allow

for energy flow. The HKRR assumption of flow between all ogcillators

f155]

157

'158;

‘159
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seems to go too far in cne direction, and Slater's assumption too
far in the other; the truth may in general lie between the HKRR
and the Slater theories (75).

Marcus and Rice have recently developed a quantum
mechanical transition-state formulation of the HKRR theory, hat
includes both quantum aad anharmonic effects. They categorized
the activated compiex as "icose™, "semirigid" and “rigid" according
to the magnitude of the entropy of activation. The energy has been
divided as "fixed" and "nonfixed". “Nonfixed" energy refers to that
which is exclusive of the external translational energy, the ground-
state vibrational.energy, and the rotational energy of those rotations
which do nct effectively contribute to the reacticn; such rotations are
called "adiabatic" rotations. In the case of the activated complex, the
potential energy of the newly broken bond is also excluded. All the
vibrational degrees of freedom are considered as active. According

to this theory we have
-E/xT

. _ N(E)e
Kg = P - [160]
2
and
— gt F\F
L 2
£pb ) ,, £ ‘
®) Pr \ KT 41 PE
"‘# < E# 4
kE = A 7 [161]
Pi”(l%—-)hN(E + E)
1 2
where N(E) = the number of energy states per unit

energy of the degrees of freedom which
participate in intramolecular energy

transfer,
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partition functions of adiabatic rotations

of M and M#, respectively,

partition function of active rotations of M#.
the number of active rotation of M#.
partition function of all active degrees
of freedom of M.

gamma function,

vibrational degeneracy at the vibrational
energy Ej

noafixed energy of M*.
number of equivalent optical or geometrical
isomers for which the activated compilex
may exist; ¢ may be replaced by a more
general quantity 1# introduced by

Bishop and Laidler (76).

Substituting equations [160] and [161] in equations [133] and [135],

gives, respectively

#_#
o kr B1F; -E*/k'r [162
k= ey B8 ° ]
172
*er 0% :
-E /kT
« -
and K’ = Zep N{E +E’E)e E/kT dE# [163]
2 0
where
* pe
pf = pf ) p(ef) ¢ F /KT
2 R 7——“ v

E =0
v
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is the partition of all active modes. of M#. k% is equivalent to
the expression of Eyringitheory (35). No simple expression of K°
is obtained. From equation {132}, the general first-order rate

coeificient is given by

5 g¥ . et j% #/kT
& uAm —— 1‘ v # -E ..#
«pf pt B /KT | ef ¢pf \ TR/ PE)e =
kl - 1 R ; v v
- K
P, P_hl(E +1) o > [164]
12 2 - 1+ Z 1]

where k. is given by equation f161).
This revised HXRR theory has been applied successfully

to both equilibrium and nonequilibrium systems (70, 71, 77, 738).

I. The frequency factor of unimolecular reaction in the high-pr=asure

re gion:

According to absolute rate theory (76), the entropy of

activation is related to the high-pressure frequency factor by the

relation,
e K
as*:xtm—"‘—%-1> [165]
\  kkT1 :

where AS‘ is the entropy of activation without including the symmetry
contkributicns for both M and M#, k the transmisaion coefficient,
and 1#, the statistical factor which is equal to the number of

possible ways the activated complex caa be formed, The
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transmission coefficient lies between 1 and 0, and for most reactions

Kk =1(38)., Sinc k’I‘/]:vali)13 sec-l at ordinary temperatures, the

reactions with Aco ~ 1013 se{:“1 therefore have small AS#. An

A-factor of ~ 1013 seo;:-'1 is usually referred to as a "normal frequency

factor", whereas those higher than 1013 sec.l by several powers of

ten such as AT =1.0x 1016 se_c-1 for ethane decomposition or A 52 =
s . -
2,2x 10 7 sec 1 for butane decomposition, ars called "abaormally

higia frequency factors”. The decomposition of N_.C or CH 3CO is known

2
to scgur with 1 very low frequency factor. These low values have been
ascribad to the fact that these reactions have low transmission

caefficients because of the changes in multiplicities (33).

Tne distribution of the magnitudes of A-factors for uni-
molecular reactions is presented in Table 12, which is obtained from
the data given in the recent review of Benson and DeMore (79). These

125 reactions appeared in the interval 1 January 1962 to 15 October

1964 (also including our present results for C H  and C_H_ decompositions).

2 275
The range of each value of log A% covers ¥ 0,25 logarithm units.

Table 12

The distribution of high-pressure frequency factors for unimolecular

decompositions.
e ) ¢ )
log A No,. of occurrence log A No. of occurrence
17.5 2 13.5 20
17.0 4 13.0 14
10.5 1 12.5 )
15,0 £ 12,0 4
I5.5 6 11.5 4
5.0 ' 10 11,0 3
14,5 22 10.5 1

14,0 22
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According to these statistics, about 70% of reactions possess A~

20 - -
12.5_, 145 __ -1

factors in the range of 10 ec .

According to the HKRR theory, A% i5 equal to the rate constant
4

“proportionality constant'* (66). Slater (57) pictures it as playing

the same role in relation to the internal energy exchange as the effective
collision frequency, Z {M], plays in the over-all energy changes.

He defines k# by saying that k# At is the probability that in time At

there is an internal energy change in the critical oscillators, According
to this picture, k’e must be of the order of the vibration fregquency,

13 -1
~ 13 sec .

According to cquation [145], ko = l&’E when E - . This
indicates that when an energized molecule possesses an infinite amount
of energy, it decomposes within one vibration; k# is thus the rate
constant corresponding to the free passage of the system over the
energy barrier. This must be equivalent to the universal frequency-

kT /h according to absolute rate theory (338); k# is therefore equal to
12 -1
~10

sec . This is consistent with Slater's explanation. This,
however, impiies that k# is independent of AS# and, thereiore, the
HKRR theory is not applicable to reactions with high or low frequency

factors.

Rosenstock et al. (80) showed that the application of
HXRR's assum ption that the molecule and the activated complex are

loosely coupled harmonic oscillators, to the equation,

(E-T
. x FHE, E7, E)
A d=
E h £ (E) t

k’. The physical significance of kf is not clear, Kassel refers ittsas a

[16¢]
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leads to
8
T._r L;j J ~ % \8-1
k. = K =1 — .= [167}
E 8'1 . # /) ’
T—]— p." i e
i=1

where £ (E)dE is the number of states of the system having eneryy
between E and £ + d& and f"'(E, E*, Et) Gis <:1Et is the number of
states of the systerr in the activated complex configuration with
potential energy and translation energy between E.‘;t ard T ¢ + ds ¢ in
the reaction coordina‘e, and total energy between £ and = + ¢E,

Comparisor of equation {145) and {167] gives

R . e T_ m . [168]
s=1 .#
’i=1 Y1
A similar expression can 2180 be obtained by comparing k® of HKRR
(equation [147]) with that of Slater (equation [154]) or of Eyring
and Marcus (equation [162)) if one neglects rotational contributions
and employs the classical partition function for vibrational degrees
of freedom. Egquation [163] is able to account for both high and
low frequency factors by virtue of the values of % r's and K.
However, this is in contradiction to the previous conclusion that kié ~ kT/h,
This contradiction is actually the cutcome of the crude assumptions
of the HKRR and Slater theories. By incorporating AS# of the absolute
rate theory in the HXRR theory, Marcus and Rice overcame this
difficulty.

IIl, The activation energy of unimolecular reactions:

According to both HXRR and Slater theories, the experi-

mental activation energy of a unimolecular reaction should be a
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function of pressure. Both theories predict that the activation ensrgy
%
in the high-pressure region is NE = E®. The activation energy in
the secoad-order region can be obtained by HKRR theory from
equation [144] and by Slater's theory from egquation [155]. Taking
logarithms and diiferentiating with respect to T, we have, according
to HKRR theory
3 fyg.

E® = E® . (s -3)RT , £16¢]

and Slater theory;
1

=% = g° . (zm - 1) RT [170]

if Z is expressed in concentration units. E° for both theories will

be reduced by RT if Z is in pressure units.

In the intermediate region, the activation energy has been
evaluated as a function of pressure by Steel (81) according to (he
HKRR theory:

dlnl
dln P

E_ = g® -(s-%) RT

P [171]

where I is the Kassel's integral given in equation [146]. Since I

is independent of pressure iﬁthe first-order region, and is proportional

to pressure in the second-order region, equation [171] therefore leads

to the correct iimiting values. Applications of this equation to the
decomposition of NZOS and CH3NZCI{3 have been fairly successful (s1)., The
Marcus theory has also been used ~v Rabinovitch aand Schneider (22)

to evaluate EP.
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iV, Powell's r.ethod of extrapolation:

Si.ncet}f'mdemann-Hinshelwood extrapolation for x® and
k% from the data in the intermediate region of pressure dependence
ie not valid for complex molecules, Powell in 1955 (83) derived a
function which may be applied to molecules of high complexity, viz.,

if’"a)
1 -x
l»
I B2 [172]
k J o s'./x + 1/m
where
m o= kAP D [173]
_ X
x = E « E
kT
s' = a theoretical parameter,
In the case of 8' = 0, equation [172] gives
— ==+ — (174]
k k k fia] '

which is Hinshelwood's first theory.

In Powell's paper, a table of kllkm and kllko M]as
functions of 5' and 1/ is given for 8' = 1 to 5. To extrapolate
k™ and k° from the data in the fall-off region, a double-logarithmic
plot of kl vs. kll [M] is natched against a family of theoretical
curves with different s' values in the plot of log kl/km vs, loyg iozllkc> M1
From the differences between the values at any chosen point on the
experimental curve and the values of the best matched theoretical curve

for the corresponding coordinates, one obtains k® and ko, i.e.,
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1 L1, o _ .
(log k )exp - {logk ' /k )th' = logk {175}
i
(log kll[M]gxP -{log k /[M]ko)th = log x°. {175]

This method was found to be quite satizfactory, as will be shown in
the next chapter,

According to Powell, the parameter s' is one less than =
in HKRR theory. However, practically, s' is found to be as low as

half the value of s. This is probably due to the following reason.

Substituting equation [173] in ]172] and rearranging,

we have
, ' % s! E
o FEV® 1 E-EN AE-E /KT dE
&l e (TE e KT
k. {177]
Q0 ‘ # L 8'
k 1o Ly K { E-E \
+
T >
7w (T

which is to be compared wii. ...-5el integral obtained from equation

fra:1:
-1
- , * %
: e ')“ ' 1 /z.= ) AE-ET)/kT ¢E
& i \kT )  (s-1). \" = kT (175]
™ ! 4 s-1 :
i '3

The m.ain difference lies in the gecond terrn: of the denominators in

both integrands, viz.,

E
— {179]



and

1
o]
-

B, =} [150]
< \ J

11

BP and B;{ possess different limiting valves at E= o and E = J,

i.e,, when

E = oo: Bp=co, wherea.sBK=1
E =3 B_ = i1

= ¥
, whereas Bi{ = -®.

Therefore, the comparison of 5! and s is pProbably meaningless,
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CHAT i T 6

DECOMPOSITICN OF ETHYL RADICALS

I, Historical review:

The decomposition of the ethyl radical,

(3) CH, — CH +H

was first proposed by Rice and Herzfeld (21) as an essential step
in the pyrolysis of ethane. In order to explain the over-all activation
energy of the ethane decomposition, Rice (84) assiyned a value of 49

kecal mole-l to E3, the activation energy of reaction (3).

Bawn (85) estirz.ated E3 by using potential energy surfaces
and obtained a value of 4+-50 kcal mole-l. The reaction coordinate
was chosen as the exteansion of the C-H bond:

H o4
C.H — cC—¢C -- H — CH + H.
2 5 Y \ 2 4
H B
initial state transition state final st~

All these estimates are only of qualitative significance.

The {first direct measurement of the reaction was that
of Bywater and Steacie (27). They carried out the mercury photo-
sensitized decomposition of ethane at § temperatures ranging from
27 to 500°C using 400 mmm of ethane. At temperatures higher than
400°C, the rate of hydrogen production increased sharply with
increasing tmxpeiature. They ascribed this increase to the occurrence

of reaction (3), which gave rise to reaction chains. The mechanism
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of this sensitized decomposition is:

1
. 1 . *a 3
(27)  Hg('s ) +b 2. Hg P)
(2¢) H(’P.)+C.H ", Hyls )+ C.H +u
BTy TRy HEUS )+ CH,
(4) H+ CZHé —_ HZ + CZH5
{(3) C,H, ~— CH +H
{5a) 2C,H, — CH_

Steady-state assumption for this scheme leads to

k

) 3 1/2 .
RHZ = Qxa Y ‘”Ia’ [181]
S5a
k, = (R, - @ )k /20 )12 [181a]
or 3 ° “YH q)l 2a, 0l ’ a
2 a a

where 01 is the rate of initiation., At high temperatures it can be
a

evaluated by extrapolating from the low temperature expreiments,

from which they obtained Ea = 1.0 kcal mole-l. Assuming
a

ESa. =0, E3 was found to be 39, 5 kcal mole-l. The rate constant

for the reaction was given by:

14 e-39,500/RT -1

k, = 3.0x10 sec . {132]

3
Receantly, Xerr and Trotman-Dickenson (86) studied
the photolysis of propionaldehyde. To avoid any pressure effect in
thig reaction, the pressure of aldehyde was kept constant at ~ 45
mm Hg., Above 350°C. they found 2 sharp increase in the rate of ethylene
formation, At temperatures between 350 and 59 5°C, the following equation,



1/2 “c2H4 Tt RC4H10
k., = k_ - , {183}
3 5a R 172
C‘iHXJ
2 -32,9330/R -
leadsto k, = L5x 1014 ¢ 732 30U/RT _ -1 [184]
ifk, =2.9x 1013 cc mole”1 sec.1 is used instead of 1014 cc mole

S5a

sec  as used by these authozrs. The term, 0.150 R , i8 the rate

of ethylene formation through disproportionation of e(t:lfyf'iligadicals. The
activation energy of 32,9 kcal mc.vle-1 is in excellent agreement with our
value 32, 7 kcal mole-l {chapter 3), for the decomposition in the fall-off
region. They explained this low activation energy as being due to

the over-estimation of R at high temperatures because of

C.H
corrections. In view of the low pressure they employed, this low
activation energy may probably be ascribed to the fact that the first-order

rate constant is in its pressure-depencdent region.

The pressure-depeandence of this reaction was first reported
in the work of Purnell and Quinn (Z4; on the thermal decomposition

of butane, mentioned in chapter 3, k_ was measured by the following

3
eGuation:
1 5
ky = 3k, (r - 1) {C4Hm] [185]
where r = Rczﬁélnczﬁb. and k-lb is the rate constant of reaction (-1€):

(-16) L’ZH5+°4th — L,4H9 -'rCZrié.

Since (r - 1) [C4Hm} decreased with decreasing pressure, they
concluded that k3 must be in its fall-off region. At temperatures

. O z - s
420-5307C anc pressures 25-150 m:n, zn activation energy of
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32.6 £ 2,9 keal mole™! was obtained, i E_j4 = 10. 4 keal mole ™
was used (32). This is consistent with that of Kerr and Trotman-

Dickenson and with the present result,

II. Powell's extrapolation for kgo and kgz

Powell's method described in the last chapter was applied
to exbrapolate kg" and x;’ from the data given in Tabie 1 and in
Figure 18. The parameter s' = 3 gives the best fit. Arrhenius
plots of kgo and kg thus obtained are presented in Figure 40, from

which we obtained:

k;o = 3.8x 1013 e-33' 000/RT sev::-1 [186]
and )
kg = 1.8x 1015 e 32, 400/RT cc mole"1 :sec:.1 [187]

The errors in the activation energies are about ¥ 2 kcal mole_l. A
double -logarithmic plot of k,/k3 vs. k,/k] [M]is shown in Figure 41,
in which the experimental results are compared with the theoretical

curve with sg!' = 3,

The high-pressure rate constant k? given by equation [186]
is in fair agreement with that of Bywater and Steacie given by
equation [162], as well as that of Bengon {49) calculated from

the results of Melville and Robb on the reverse reaction {37):

13 -40,300/RT -1
e sec

k, = 2.4x10 . [158]

3

The high-pressure frequency factor, A;D. can be

estimated by the'absolute rate theory (76), if the entropy of activation

for the reaction, AS?: is assumed to be negligible, viz.,
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Figure 41,

Double-logarithmic plot of k3/k? vs. k3lk§ (Ml
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A 33

§° ekT/k , [189]

where 4« is the transmission coefficient and 1# the statistical

3 3’
factor, which is equal to 3 for this reaction, since there are three

H atoms available in CH3-group. At 600°C, equation [189]

leads to
A? = 1.5x 1014 e;ec-'1 .
if /<'3 is assumed to be unity. This is in agreement with the

experimental values: 2.4 x 1.()13 ~ 3,0 x 1014 aec-l.

Since the range of pressure studied iz not wide enough
to ailow detailed comparison with HKRR or otner theories, the effective
aumber o: thodes of vibration can only be estimated by equation [169],

@ . 39.5 and E° = 32.4 kcal moie-l. we get

Op . ..
At 600 C, using 1-.3 3

s = 5,6,

o
Assuming o= 3.3 A, at 60°C, equation [144] leads to

K2(s=5) = Lox 1017 ¢=33, 900/RT [190]
K2(s=6) = Léx1o'7 721 80U/RT [191]
and
- ») - -
kg(a:?) = l.2x 1017 e 30, Obo‘/Rch mole 1 sec 1. {192]

8=b gives better Arrhenius parameters, although the calculatsd
frequency factor is about a factor of ten lower than the extrapolated
value given in equation [187]. The result is, nevertheless, consistent

with that of Purnell and Quinn, who found that s=7 fitted reasonably
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with their resulte if the limiting~-pressure rate constant for the

reaction was assumed to be

k? - 1013 2-40, 004/RT sec-l

o
and the mean colligion diameter, o>=3,35A,

I, The activated complex:

According to L.vw.r 7' hyperfine iateraction occurs
in the ethyl radical. This interaction can be expressed in terms of

the following resonance structures:

[ ]

A
a

H H H - _H 1 H H H
N - - - -
CC — Heo Jc=€ <« t=c .4 — o=

H H H H H H H - H

H
The mesomeric structure of the GZHS radical may actually be

= H
N -

C—C—H
7 ~

B H

(sp?) (sp?. sp%)

Since the formation of a w-bond releases ~ 60 kcal mole-1 of
energy (89), the decomposition of the CZHR radical with an activation
energy of ~ 33 kcal mole"1 indicates that the reaction takes place after

the formation of the w-bond. .

The sctivated compiex for cthyl radical decomposition

mighki belong to one of the following three possible structures:



HA) [ EV (4)
|
_______?1._-_7 I N R . S
'H ' H H S - S O fo 1
! 4\‘”“."/ Z;/ , 4\’._”&/ 2 /’ q\c/"c/ 2
; (Y R ) /,'\1— / i
r‘/ (B) \H,\ . () \HQ/ 5 (& Vs
=) 2 ! o < 2
J , | j
(n. c_ (. (m. ¢,

In structure (I), four hydrogea atoms H_, H3, H/1 and H_ are assumed

2 5

to be coplanar with the C-C bond in plane B and tuc .eaving Hl atom in
plane A, which passes through thke C-C bond and is perpendicular to B,
The point group of structure (1) is Cs' There are 9 tctally symrmetric

modes of vibration associated with this structure {92).

In structure (1I), HZ and HB are assumed to be coplanar
with the C-C bead, while Hl’ H4 and HS are in plane A; again ALB, This
structurc is also ci the C3 group, which possesses i) totally symnmetrical
modes of vibration {(90). The structure (III) is similar to that of
elhyleue oxide (C2H4O), Possoessing 5 totally symunetrical modes of

vibration {$3J).

According t. Laidler and Wojciechowski (73), the
effective modes of vibration, s, for structures {i), (iI) and (1iI} will
be equal to 9, 1J and 5, respectively, The experimental result, s = &,
favors structure (Iil). The electron distribution for this structure
might be



which is actually analogous to the structure of the w-complex,

c B (on
CoHg (91

H: - :H - N\ H\
- & ¢ C or { C -
H: :H \ H'

+

!

¢
LV OHE

v
Recent work of Abell and Piette (92) provides perhaps the strongest
evidence for the formatica ui i-ci.nplex between olefins, e.g.,
butene-2, and bromine atoms. They succeeded in stabilizing the
intermediate and examining its electron-spin res. ance spectrum.
The identity of 6 hydrogen atom: s indicated the symmetry expected

in a w-complex.



CHAPTER 7

UNIMOLECULAR DECOMPOSITION OF ETHANE

The present chapter includes the calculation of equilibrium
constants for reaction (1), the comparison of the values for kl observed
at higher temperatures and lower pressures with both HXRR and Marcus
theories, and finally, a discussion of the Proposed structures of the
activated complex for ethane decomposition.

I. The equilibrium CZH 6 ZCHB:

The equiiiv=‘um constant of the reacticas

can be calculated directly from standard entropy and enthalpy changes
according to the equation:

k) AS?/R -AH/RT
Kl = E—l- = e e

Recently Purnell and Guinn (93) azve made the detailed calculz*ions
of the standard entropies oi methyl, eihyl and propyl radicals over
the temperature. range 200-1000°%, Using their data for the methyl

radical, and those for CZH6 from elsewhere (45), values of &S': were

evaluated and are given in Table 13, r.-.H: is calculated from the

following equation:

[193]
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AH, = AH) - AH f194]
= E; - E_; +RT [194a]
or AH‘; = 85.0 + = RT, [195]
assuming | E-I = 3
ot = 85.0 + 1 RT
and £, ¢ . > F
Table 13
%x
The equilibrit:m constant KI
o. o o o o .
TK S (Gibbs) S (Gibbs) &S (Gibbs) 4AH (kcal/mole) X (atm)
CZH6 CH3 1 1 1
298,16 54, 85 +6.43 38,01 85,9 i sx107>
500 62.79 51.71 10. 63 36,5 1. 3x10 %9
700 69.93 55,69 41,45 87.1 6. 9x10-19
990 76.39 58. 99 41,59 87,7 6.2x10713
%
note: standard state: 1 atm of ideal gas.
The rate constant of the reverse reaction in the high-
pressure region, kfol, can be estimated from the knowa value of E{T,
and the equil: . ° 1 constant givea in Table 13, by
k2 = kP T1o 100 x 1010 786, 000/RT g 196]
-1 1 71 o 1
16 "S5 /R [126a]

1,00 x 10 e
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At 999°K, equation [135] leads to

k’i =/.63x 1012 ce mole.1 sec.1 ’

which is about 2 factor of/3 lower than the accepted value, 2.2 x 1013

cc mo}.e‘l sec-l (54, 95).

I, Decomposition of ethane in the pressure-dependeat region:

The resw.is obtained at high temperatures and low Pressures
are presented in Figure 9, and the first-order rat: ~oefficients,
k = R°CH /2[C,H /] is given in Table 14. The order of methane
formation was about 1.1 at 200 mm and increased to 1.5 at ! mm,
This increase in the order of methane pProduction is ascribed to the
pressure-dependence of kl. The effect of inert gas on kl shown in
Figure 42 indicates more clearly the pPressure-~depc.:dence of the ethane
decomposition. In this series of experiments, 3.8 mm of ethane was

mixed with various amounts of COZ at 685, 5°C.

If the termination reactions,

-1 H H, — CH
(-1} CH, + CH, 2

(n CH, + C,H — CH_,

were significant at low pressures, the addition of CO2 would not
increase kl to its value at an eguivalent pressure of pure ethane, Ia

other words, g st P(3. 3+ COZ) would be smaller than k1 at PCZH(;, .

when P =P This can be shown as follows:

C,H, ~ (3.5 4 CO,)
R_l _ k_l [CHB] (07)
R, k, [c,H, ]



Table 14

The first-order rate coefficient, }:1 for unimolecular decomposition
of ethane at high temperatures ( 640-726°C).

e P mm -.?_, {mole cc-l sec-l) x 10“ k (sec-l) x 105
CH, 1
649,90 204.6 16.6 2.30
123.3 3.55 2.21
91.2 b. 66 2.06
69.2 £.75 1.95
48.6 2.95 1.73
36.2 2.1¢ 1.65
20.7 G.945 1.30
15,6 9.397 1.07
5,91 3.150 0.853
2.55 G.9558 0.623
660,95 145.2 31.2 6.26
91.1 18.2 5.81
41,1 6. 80 4,21
20.6 2.56 3.62
15.7 1.02 2.77
5,07 C.386 2.22
2,52 G.139 1.54
2,62 0,150 1.66
635.5  291.4" 2.73 21.4
114.6 66.0 17.7
69.8 33.9 16,2
47, 4% 1.93 15.2
30.7 13.9 13.5
15.6 5.96 11,4
12. 4% 1.30 19.3
9. 69 3.29 .87
5.62 i.64 8.73
5,62 1.45 7.72
3.35 0.922 7.15
3.77 2. 870 6.90
2.84 3.571 6. 02
1.32 G, 164 3.71



724, 8 113.3 171
53.7 69.2
21.5 21.5
10.4 8.11
5.29 3.15
3.18 1.44
1.73 J. 637
i.24 v.405
1.03 5.278
726.0 31.8 282
35.0 93.5
20.8 46,9
10.8 14.5
5.70 8.82
4,16 5.03
2.61 2.29
0.97 U. 54

48.

- 0 WD
© W =
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[
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w

127
80.6
68.9
56.3
48.1
37.6
27.8
i7.2

-4
note: Total pressure of 3.77 mm ethane + COZ'
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Figure 42.

The inert gas effect on k

10
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s .IEZ i k, [CZHSI
R, - k, ECZH()} :

The substitution of the steady-state concentrations of CH3 and C 2H5

in equations {197] and {10] leads to

R 2x?
= = ak
R, 2 1
K. k> [C. 5 1
¢ £k, (G5 ]
and
‘k.\ 172
K J'-lﬁ /
f‘_’f ) 7k ] 172
K 1

- 1/z
2 kZLCZHGJ

R 1 and R - would therefore be enhanced at the expense of methane
formation by introducing CO2 if reactions (-1) and (7) were important.

The results given in Figure 42 show that thege two termination reactions

were probably not significant even at pressures as low as 3,8 mm of
ethane,

e o)
1
pPressure-dependent region, Powell's method of extrapolation was

In order to dstermine kc; and k,~ from these data in the
applied. The Ar.. ‘as plots of the extrapolated first-order anc
second-order rate constants are shown in Figure 43, For kc;), the
results obtained ‘rom Lindem ann-Hinshelwood extrapolation are also
Presented on the same graph for comparison, 7111(1:.::demann-Hinshelwood
extrapolation is applicable to this case because the extrapolation is
short; k1 in the'ncighborhood of 150 mm is nearly in the first-order

region. Both extrapolation:lead to satisfactory agreement with the

(19}

[298]

[199]
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Figure 43,

Arrhenius plots of k? and k;’.

Dotted line calculated from k. = 1.00 x 190

G -] 16 -86,000/RT -1
1 e sec
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values calculated from the exprescion,

x® = 1.00 x 1010 786, 030/RT

1 ’

obtained at lower temperatures. The Arrhenius plot of the second-

order rate constants gives rise to

L 21 -72,500 % 2,2 - -
k‘: = 1,82x10 e 390 = 2,200/RT ccmole™ _._7} , {200]
whic: coincides with the value of k? calculated from equaticn [201],
; Em\ s~1 -EmIRT
1- °\®T/ (G-in ® ’ -

The douhle-logarithmic plot of kllk;o V8. kl /k‘; [M] is shown in
Figure 4%, in which the experimental points are compar=s4d with the
theoretical Powell curve with ¢! = 6,

o -
Using 0=3.3 A, AT’ = 1.0 x 20°% sec™!, ana z‘f = 86,0

-1, . -
kcal mole ~, Kaesel curves were evalicted usin. an IBM.-55) competer,

and compared with the experimental data in Table 14. The results -

W

are presented in Figure 45, The ‘heoretical curves with 5 = 13 fit
roughly with the experimental points at high temperatures. On
the same graph, Dexter and Trenwith's (96) results at 567°C are
also presented for comparison. Their k?o is slightly lower than
our value at the same temperature. The Kassel curve with s = 13
is seen to be reasonably parallel with tkszeir Points except those 2t the
lowest pressure, although the values of/which they reported were as
high as 15 or lo.

The difference between s = 11 obtained from equation [201]

and s = 13 from the direct comparisor of £assel curves with k

1 might
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Figure 44.

Double-logarithmic plot of kl/k;n vs. k, /k‘; M.
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Figure 45.

Comparison of the experimental results with
HKRR theory ior ethane decomposition.
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Figure 46.

Comparison of the experimental results with
Marcus theory for ethane decomposition.

Dotted lines are those of Rabinovitch and Setser
evaluated according to Marcus theory.
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be due to the crudeness of HKRR theory, which is known to be
inapplicable to reactions with high-frequency factors, as discussed
in chapter 5.

Recently Rabinovitch and Setser (71) evaluated the theoretical
curves of log k, /Ky vs. log P at 600 and 1000°C according tc the Marcus
theory. They coansidered the activated complex to be completely
loose. The detail of the model of this "loose" complex is discussed

in the next section. Assuming E? = 85.3 kcal mole-l, they obtained,

17 -85,300/RT

k‘;°(600°C) = LLox1o ‘e [202]

i7 e-85. 300/RT

and k‘;’(looc’%) = 1.3x10 [203]

Combining these two equations with [164], they obtained two fall-off
curves for those two temperatures as shown in Figure 46. The present
results at 635, 5°C are also included in the same graph, The calculated
value of kllkcl’D decreases much faster than the observed one. This

may be due to the rather high frequency factors they employed.

The activation energy in the pressure~dependent region
can be obtained by plotting log kl w8, i/T for each concentration
of ethane, The results are given in Table 15, in which the activation
energies evaluated from Kassel curves with s = 13 by the same
method are also given., The observed values may be subject to an

error of ¥ 1 kcal mole-l.
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Table i5

El in the pressure-dependent region

E 1 (kcal/mole)

P mm Hg
obs. calc.(HKRR)
¢ 72.5 -
.0 &2, 4 9.9
6.3 83,5 81,90
20,9 U4, 3 ¢3.2
63.0 54,6 83.9
130,90 34.9 4.4
206,90 35.4 34,4
© 36,0 {86,0)

III, The structure of the activated complex and the theoretical evaluation

of the hizh-~pressure frequency factox:

In order to account for the high frequency factors associated
with both the ethane decomposition and the combination o rethyl
radicals, the "loose" activated complex of Gerip ('7) has be=n 2estidated
by 2 number of authors (70, 71, 77, 98, 99, 10J). According to this
model the separation of the center: of the radicals in the activated
state is 0 large that the vibrational and rotational de grees of freedom
may be assumed to be the same as in the free radicals themselves.
The radicals attract each other at large distances chiefly by means
of polarization forces, and this is opposed by the centrifugal force
of the rotation of the two radicals about the ceater of mass of the
complex. The superposition of these two forces gives rise to a slight
energy barrier, the top of which corresponds to the activated
complex. The detailed treatment of this model has been given by
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Glasstone et al. (38). Using the data then available for the polarizability
and icnization potential of the methyl radicals, at 873°K they obtained

13 - -
kfol = 1,2x10 chcmolelsec 1.

Recalculati: - ~f this quantity of 400°K using recent data, Ree et al,
obtained (190):

1 - -
kiol = 4,8x10 3 Ky cc mole 1sec 1,

which corresponds to ASf = 18, 6 gibbs{standard state: 1 mole cc_l)-,the

f = 12.2 gibbs.

Present results give a value of AS
Recently O.K. Rice (98) suggested a model of three-
center bonds which might be formed on any hydrogen atom, giving

a2 structure such as

H H
:C HC:H
H H

(I

which would have some stability, Such a structure would be expected
to have considerably loosened bending vibrations.

Benson (101) modified this model by proposing partial
ionic bonding

H H H H
1 1
\ itz -7 =+
C: H---C—H or H-C: - H
! I [
H H H H
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1t was sugcested that the high frequency factor of both the forward and
bacikward reactions was due to the rocking rr.otions of these complexes,
Since two methyl radicale have equal electronegzativity, the formation
of the ionic complex might require a hizher energy than the ordinary

homolytic one.

Ia order to explaia the ¢ effective modes of vibration
estirated by Gill and Laidler (17) from Dodd and Steacie's results
for the corabinatioa ™ thyl radicals, Laidler and Wojciechowski (73)

Proposed au activated complex of “Cs" symrn.etry,

" B H
N/ /
C---- C-H
/ \

H H

(Iv)

This cornplex possesses 11 totally syrnmetric modes of vibration,
which agrees with the value of s = 11 or 13 observed experimentally,
The hi:zh frequency factor of the reaction was accounted for Ly the '
soitcned torsional, rocking and bendin r.otions without considering the
iree rotations of the rrethyl radicals {39). The difference between complex
(IV) aad Corin's or Zice's "looge" complex can be seen in a schemxatic
cnerzy diagramw shown in Ficure 47. The activated state of the
con.pletely “loose" coniplex r.ay have the confi.uration correspondin;
to the dotted line A. As mentioned previously, the activated complex
occurs at the n:aximumr: of the potential eneryy curve. ;:.Sf
associated with this complex is 135, ¢ 5ibbs which is approxin:ately

g

- . O . .
the entropy oi reaction, 45 1° Owin; to the disappearance of free
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Figure 47,

Hypothetical energy curves for ethane decomposition.

Line A corresponds to the coniiguration of Gorin's "loose™ complex
and Line B, that of Laidler-Wojciechowski's three-ceatered complex.
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rotations, the complex (IV) may possess sm.aller entropy, aad thus a
lower value of '_‘:Sf; experimentally we found .asf = 12,2 gibbs,

which might be associated with this structure. Complex (IV)

might therefore be the true activated complex in terms of &Ff, the

quaatity that actually determines the rate of the reaction (192).

The pre-exponential factor of the high-pressure high-order
rate constant for the ethane decomposition,
#
11 \

SH, —  cH
"1

o W

E4

can be estixrated from absolute rate theory according to the following

equation,
oF F _#
) . # ekT “zot Fvib Fint -
A = K, 1 - — ' 12‘34]
1 1 1 =& F r
rot wib

where F# and F stand for the partition functions of the activated
complex and the reacting rmolecule, ze spectively. To evaluate A‘;D,
one bas to assign the vibrational frequencies and the C-C distance
for the activated complex. N is usually taken to be unity aad lf
is always unity regardless of the model of the ~ctivated cor.plex,
Although the estimation of these quaatitics is only qualitative, it
provides some ideas about the structure of the complex, Li the following
sections the frequency factor is calculated for three types of

activated complex - rigid. sen.irizid and loose. Rabinovitch and

Setser's data given in Table 16 were used for all calculations (71).



Vibrational frequencies and moments of inertia of ethane and the activated complexes,

Molecule Activated Complex
Rigid Semirizid(a) Semirigid(b) Loose
Frequencylem ™)) 2960(6) 29%0(5)  2960(6) 2959(6) 3023(6)
1435(6) 1438(5) 1435(6) 143.5(6) 14235(4)
1199{2) 1130(2) 595(2) 233(2) 359(2)
933(1)
822(2) 822(2) 413(2) 1642) Free rotors (5)
° 350(1) 350(1) ¥ree rotor(l) Free Totor(l)
Tc-c (a) 1.543 L7 2.7 2. 4.5

. 49 2
moment of Inertia x 10~ (g-cm’)

Iz 19,3 19, ; 10, : 13.5 11,7
Ix’ I*,r' 42,2 50,7 133,3 103.3 25..6
I - - 2.7 2.7 2.92

1. Rigid complex:

The activated complex has the structure of the ethane miolecule
with the C-C bond length increased by ~ 10% and one of the vibrational
degrees of freedom transformed into a fourth translational degree of
freedom which leads to the decomposition. There is no internal

rotation because of its rigidity. According to this model, equation [294]

reduces to
£ # #\
l I I’ ]
A% (rigig) = ei:T | I" Y ]} (1 - e BV//KT, [205]
%y z

where | is the frequency of C-C stretch of the ethane molecule, and 1
represents a rroment of inertia, Substituting the data sriven in Table 1\-,

sives at 9\)0 LG



A‘;" (rigid) = 4.57x 10" sec ",
which is much lower than the experimental value,
2, Semirigid complex:

The deformation vibrations such as beading and rocking
of the activated complex are assumed to be ""soitened” on account of the
elongation of the C-C bond. in the first semirigid complex (a), these
frequeacies are assumed to be reduced by 50%, whereas in tae second
semirigid complex {b), these frequencies are decreased by 30%.
Because of the extension of the C-C bond, the internal rotational
barrier disappears completely; two methyl groups can therefore rotate
freely about the C-C axis. The partition function of the internal rotation

is given by (193):

2
(sn° I_ wr)t/2
Fint = ah {zoo]
3. 1/
(LT 103%1/2
= 2.7935 - [206a]

where n = 3, the number of indistinguishable posgitions, and Ir is the
reduced moment of inertia of methyl croups rotating about the fijure

axis. For this model, we have

1’& I# #* 1/2 -hyf/kl‘)-l

@ .y _ kT x'y =z )
A lsemirigid) = S 711 | Fi T3 ~h. /KT, -1 [207]
\ 2y 2z ﬂ'(l -e i )

1¢
" -T—Ul*(l-e

Applyin; the data givea in Table 15, at 939°% we have

1
A;D (semirigid:a) = o. 4 x 1Y 4 ,

1.3 x lolb z~;ec‘1 .

and A‘f’ (semirigid b)
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3, Loose complex:

This model is slightly different from that of Gorin for the
association of methyl radicals. The over-all rotations are assumed
to be adiabatic, and five rotations {(four methyl tumblings and one
internal rotation) and 12 vibrations of two methyl radicals are active,
According to this model, equation [204] becomes

PR 12 by kT -1
LI 21 - e IEY
A% (loose) = skl xy z F gt ! £208]
1 h 111 ) int rot 18 -hy. /KT,~-1
Xy z/ TT(I - e i )
where >
ga° I .. KT
y [ CH,
& = | | [209]

represents the rotational partition function of two methyl radicals in the

activated complex; ICH is the moment of inertia of the methyl radical

about its own axis, which also bas a value of 2,92 x L’J.4

i

0 g-cmz {(71).
Applying the data given in Table 16 at 900°X, we find

: . |
A% (loose) = 1.11x 19%% gec™?,

which is about a factor of 100 higher than the experimental value.
Using the same data Rabinovitch and Setser obtained a value of

ACID flcose) = 1.0 x 1()17 seo::-1

This deviation is probavly due to the ratio of symmetry numbers

r'el H, “CLH

2 6 6 1
o >

\l\c H

$#  oxb6x2 T 12 °

CH 2Hg

LYURN \¥1 §3V)
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where OvCZH & 0VCI-I:,’ and ‘:’\'CZ-H: are the symmetry numbers of
ethane, methyl, and the activated complex as a whole, respectively,
In the present calculation, the ratio 1/12 has beea replaced by

#

11 = 1.

These calculations show that the high frequency factor of
a unimolecular reactioa can be explained by assuming the softening
of the vibrational frequencies as proposed by Steel and Laicler (39)
without introducing free rotations of the separating groups. However,
the question arises as to whether those vibrational degrees of freedom
can still exist even if the frequencies associated with them are

reduced to only 20% of their original values.
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CLAIMS TO ORIGINAL RESEARCH

The pyrolysis of ethane was reinvestigated at 19 temperatures
ranging from 550 to 726°C and Pressures between 1 and 693
mm, The kinetics of the formation of hydrogen, methane,
butane and butene-1 have been studied in full detail,

The initial split of ethane was found to be first-order above
23) mm, The C-C boud dissociation energy, D(CH3 - CH3)
= 85,0 keal mole-l, was determined directly from the

kinetice of methane production in the high-pressure re gion,

The comparison of the experimental results for the unimolecular
decomposition of ethane in the Pressure-dependent region with
HKRR theory led to a value of s = 11 or 13 for the effective

number of oscillators,

The decomposition of the ethyl radical was measuredfrorﬁxe for mation
of hydrogen and butane; the pressure-dependence of this reaction was
confirmed. A three-centered activated complex was proposed to -
account for the effective number of orcillators, s = §, obtained from

the present study.

The application ¢t Powell's method of extrapolation led to activation
energies of 72.5 and 32, 4 kcal mole"l for the decomposition of
cthane and the ethyl radical, respectively, in the second-order

region,

. (s - . t
The unimolecular decompositions of both ethane and/‘léﬁxyl
radical were found to be independeat of surface/volume ratio.
The suriace effect on the over-all reaction was shown to be

associated with the chain-termination step,



0.

Various methods were used to extrapolate to obtain the initial
rates of primary reactions. >echanisms of secondary
Treactions involving hydrogen, methane, butane and butene-1

were proposed to account for their formation at high coaversions.

The Rice-Herzfeld mechanism of the hydrogen-ethylene reaction
was found to be inapplicable. A new mechanism, which accounted
satisfactorily for both the over-all order and the activation

energy of the reaction, was proposed.
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