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ABSTRACT .

The kinefics of the reaction of hydrogen with thin
films of carbon has been-studied over the temperature
range 870-1150 Kand at pressures of hydrogen from 50-300
Torr. Thin films of carbon of average thickness about
20 nm were deposited on the surface of a quartz reactor
by the pyrolysis of methane -at 1100 K and the kinetiéé of
the reaéiion with hydrogen were studied in a static systém.
The products of the reaction were methane, ethane anq
ethylene, formed in successive hydrogenation steps, which
in the low temperature. region occurred largely on the
surface of the carbon. 1In this region the activation
energy of the rate of‘formation of methane was about 6 kcal)
mol., At temperatures above about 1050 X the thermél dis-
sociation of hydrogen provided a source of radicals which
caused a rapid increase in the rate of hydrogenation,
both hetefogeneous and homogeneous, giving an activation ~
energy for the rate of formatidh/Zf methane of 51 kcal/
mol. A self-inhibition was observed, probably caused by
a heteiogeneous polymerization reactioA leading to the
formation of higher molecular weight products which remained
adsorbed on the surface. |
’ The effect of the presence of chemi-sorbed o#ygen on

the reactivity of the carbon films has been studied. A

small amount of oxygen,'100—1300 Ppm, in the reactant

=
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-

hydrogen increased significantly the rate of formation of

CH, and C,H, at 1111 Kand at a total pressure of 177 Torr.

.

From the results ap‘activat%on ene;éf of 80 k?aI4mol for
desorption of\the surface oxide was estimated] 'fﬁe results
are intgrp;eted to show that the rate of the reaélion is
significanﬁ&y enhanced by the presence of the surface oxidé.

A system for the measurement of the rate constant for

the elementary reaction

.
Ay

>

in the temperature range 1111-1200 K is described and is
based on the tﬁérm?l productién Q( an equilibrium concen-
tration of hydrogen atoms. In a mixture of hydrogen with
about 10 ppm ethylene this reaction is the rate-controlling
step in the hydrogenatioq‘of ethylene. The rate constant
obtained fbr'thié reaction is represented by the following
expression |

log ky(L mol™ts™!) = 10.6 - 23000/2.3Rr

The kinetics of the rate of conversion of ethane to

ethvlene in the presence of a large éxcess of H., has been studied

2
over the temperature range 876-~1016 X, The results show

that the rate-controlling step is

<
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H + C2H6 -+ H2‘+ CZHS

and the value obtained for the rate constant is
' \

SRS ] _ . 12800 + 200
log k_,5 (L mo.l s ) = 11.72 + 0.05 ~ T IRT

»

" This value is compared with valtes obtained from other
v

methods over the temperature range 300-1400 k. By‘compa—
rison 6f k3 aﬁd k_é, two sets of‘@ndependent méasurements,
a value of 28 kcal/mol.for the heat formation of C2H5
suggested. ) _ ) /

is

The rate constantjfor dissociation of ethane

. . .
J - - \

C,H

26+2CH '

3

Has been measured over the teﬁbéréture‘range 940-1040 K at
pressures where k/kcn ranged frgm 0.8 - 0.2, under condifioﬁs~
of néarlx infinite dilution with hyarogen and with mixtures
of hyd;égen aﬁd Xenon. Both gases were weak colliders and
the efficiencies relative to ethane showed a decline‘with
increasing tempefature. The average energy transfe%red

per déactivating collision, <AE>, also declined from 1.7

to 1.3 kcal/mol and was the most important féctor'in the
change in collisional efficiency over the_temperatu;é range

of the measurements.



PART ONE

KINETICS OF THE REACTION OF HYDROGEN

WITH THIN FILMS, OF CARBON



CHAPTER 1

INTRODUCTION

-

The gasification_of-carbon by hydrogen has been of
interest to chemists for many years. Because of the
simplicity of the reacting species this reaction should

present an ideal system in which heterogeneous reaction
° n
kinetics could be examined. The first'definitive kinetic

work on the carbon-hydrogen system was performed by Barrer

in 1935 on both. amorphous carbon[l][zl and graphite.[B]

The early literature on the carbon-hydrogen reaction has, -

[4]

been reviewed by Burns

(5]

and by Walker, Rusinko and
Austin, The carbon-hydrogen reaction has received

more at;ention in recent years bﬁfause it has assumed an
important role in severa¥¥;hergy—productign téchnologies,

in particular, production of gubstitute naturai gas by

coal gasification and graphite corrosion in the high-temperature
gas-cooled reactor. Mbre recent work has been reviewed by
(6] [71

Lewis and by Krakowski and Qlander.

Many studies have been made with coal and coal

char[9][8]

and many have focused on the reaction catalyzed
by metal.[lol[ll] Even studies involving pure graphite
have used a diversity of réactor systems, analytical tech-

niques, and environmental conditions. The different forms

of carbon and the history of their formation have a great



M v
Soq .
o
TR
=
ot
E
“& .0 .
¢ 10 -
~
— -1 4
)
g 10 5
= 2
" 10 L
=
3 3
{ el B
w 107°¢ s
£
O
8 1074}
o (12}
4 5 -
Elo - o I
v (2171]— (161
o . -5
ﬁ lQ -
¢ (41
- -7 i .
M 10 ——(28]
: i)
3 g
2107t .
o -
& A t 1 1 1 Y 1
2 4 6 8 10 12
10% /m :

Figure 1. Kinetic Data on the Carbon-
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Reference

Blackwood
(14]

Hédder
[27]

Gulbransen;
et al. [22]

Rogers and
Sesonske
[30]

Breisacher
and Marx
[29]

Cormey and
Thomas
(28]

imai, et al.
[15)

A. de Koranyi

(16]

Table 1

System
Flow System

High Pressure

923~1143 K

Flow System

High Pressure

1273-1473 ¥
Flow System
Iow Pressure
1473-1873 K

Flow System

High Pressure

1472 K

Flow System

High Pressure

853-1073 K

Flow System
Low Pressure
(800 Torr)
723-1073 K

Flow System
Atmospheric
Pressure
1298 K

Flow System
Low Pressure
1010-1473 K

!
>

Order with
respect to
H2

0.6

1.5

1.2

r

Activation
Energy
kcal/mol
30.0

42,9

85.4

71.9

37.7 to 77.9

according to
sample

69.9

ak high temp.
"12.0
at low temp.

65.1 above

873 K

22,0

35.4

Carbon
used

Coconut Char
Graphite

Graphite
Graphite

Various
purities
Graphie

Graphite

Graphite

Graphite
of various
purities

Graphite



influence on the reactivity. There "appears to be no general
aéreement concerning the order of the rate with respect to
hydrogen, and probab;y as a conseguence, no agreement on
the activation energy. This is partly due to the variation
in reactivit; of the carbon used as reactant and partly due
to the wide range of conditions, sucﬁ as temperature and
pressure, used in:studies of the reaction; The purity of
hydrogen is also an important factor as will be shown in
the present work. This wide variation ;n kinetic parameters
of the reaction has been the main difficulty in formulating
a mechan%sm and it is not surprising that attemptsnto'derive
a rate equation for the reaction have had limited success.
Previous measurements of the rate of the reaction are sum-
marized as an Arrhenius plot in Figure 1 and other details
of the measurements are summarized in Table 1,

In most studies, methane is fhe main, and usually the

only, product reported. )

2H, + C >~ CH

2 4

In spite of this simple stoichiometry. the details of
the mechanism by which the hydrogenation occurs are not

well understood. .

Among the first suggestions concerning the mechanism

[12]

was that of Zielke and Gorin. They passed hydrogen

through a packed bed of €65-100 mesh Disco char that was



charred at low temperature and carried out their investi-

gation over a pressure range of 10 to 20 atm and over a
. ) [

temperature range of 1088 to 1200 K. The measured rate was
based on carbon disappearance and a gasified carbon was
assumed to be converted to methane. The mechanisp proposed

by Zielke apnd Gorin involved successive hydrogenation of
. H HH H

neighbouring edge carbon atoms. to give =C-, -C-, -C-H and

finally methane. This basic mechanism has been modified

but not effectively changed by most of the subsequent
k. [811I5]1116]
41171

wor

[18]

Blackwoo ahd Blackwood and McTaggart

studied
the reaction at temperatures near to 1000 X and found methane
_ was the only product. They suggested that the function of
the activated si;es was to dissociate the hydrogen molecule.
Following dissociative adsorption, Blackwood supposed that
one atom was chemisorbed while the other atom was free to
migrate to other adsorption positions or to be adsorbed

at the original active sité. The mechanism for the adsorp-
tion process was proposedﬂgs follows:

-k k
C o+ H, = (C-H) (H) = (CH,)
k-1 ' -2

o
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The subsequent steps whereby ﬁgthaﬁe is formed were somewhat
uncertain. The hydrogenation of ucﬁ;‘\CHz- and subsequent
bond rupture was con;idered by Zielke and Gorin as the

rate determining step in the methane'fofmation. Blackwood
and co-workers, however, considered it unlikely that the

CH3 group is formed in significant amounts. Instead, the
final methane formation step was takén to be:

’ ) k

) 4
{CHZ) + H2 E—_4

/

CH4

r

Recentiy an extensive analysis of data by Shawf{ij‘has shown 'w

that the kinetics of the formation and decomposition of
methane in the presence of char and hydrogen may be des-
cribed by a twofstep hydrogenation process on the carbon
surface in which CH2 leads directly to methane.

At high temperatures (2000-3500 X), some investigators
believe that the hydrogen—cafbon reaction mechanism involves
atomic hydroéen. Clark and FoxI23] have investigated the
kinetigs of the.gééification of carben by hydrogen using
a graphjlte filament (0.2 and 0.5 mm dia.) heated to tem-
peratures in Fhe range 2000 K to 3500 K with pressures of H,
from 0.01 to 1 atm. Below 3000 K only methane and ethane
were formec whereas acetylene, and propane in some cases,
were found' above 3000 K. Clark and Fox assumeJ the rate. of

hydrocarbon formation to be givén by

-



k.. Kk 1/2p

R SR D H

where kSR is the rate constant for the surface reaction

leading to gaseous'hydro?arbon product anq KE rebresents

the equilibrium dissociation constant for h drogen gas

HZ;: 2H.,fThe\constant k was calculated /to be 80 * 20

3/2

SR,

L mole sec™t torr~ fo® the pressure r

ge 0,01 to 1,0

atm and was independent of temperature over the raﬁge

2000 K to 2800 K. Hence, the conclusién was made tﬁat most
of the activation energy associéted with carboﬁ gasification
is associated with' hydrogen dissociation. This hypothesis
was fu?ther subgﬁ;ntiated by the value of 51 kcal mol_l

1

(E AHD) obtained from the Arrhenius plot of the rate for

hydrogen pressures of,0.01, 0.50 and 0.92 atm. Accord%qg
to the mecﬁanism“proposed by Clark and Fox, the CH3 raéical
may be formed by aptabk of H atom on CH2, the carbon-
hydrogen complex foLlowed by escape from the’%urfaée.

Reaction in the gas phaée gives CH4 by combination with a

hydrogen atom/or ethane by combination with another methyl

radical. -

Lowrie[zsl attempted to elucidate the mechanism for

acetylene ffxmation in the temperature.range of 2073 to
2773 X by utiNizing mixtures of deuterium and hydrogen.

If acetylene s formed through a process thab/involves a

single molecfile of hydrogen, only C Hz'and C,D, would bg

2 2



formed. Equal amouhfsof hydrogen and deuterium were used
and the analysis of the produéts'showed the ratio C2H2/

. C2HD to be 1/2, indicating the reaction mechanism involves

atomic hydrogen. g
Some results rom studies of the reaction of carbon
with H atoms- generated independently have been helpful

in understanding the carbon hydrogenation process. King

1361

and Wise réported an activation energy for the H atom-

carbon reaction of 9.2 to 7.1 kecal rrlol“l in the range 365~

500 K and 5.15 kcal mol™1 in the range 450-715 K. Snelsont37]

Z:_Epund an. activation energy in the range 0.9-4.5 kcal rno].-l

depending. on the temperatﬁre region. Recently, Balooch

[38]

and Olander , investigated the reaction of an atomic

hydrogen beam with pyr?lytic graphite at temperatures from
500 to 2000 K. The h?drogen atom gticking probability on
éraphite was measured as 0.02 and_0.00G for the prison

and basal plane orientation respecﬁively. The activation

energy for the H atom-carbon reaction was estimated in

the ‘range 0.9 to 3.3 kcal mol-l;

. : temperatures above 2000 K the previols work sug-
gested that the gasifiéation of carbon b¥ hydrogen most

probably involves atomic hydrogen and CH c.,H,, C2H

4+ —272 4’
C,H, may be formed as primary products due to the appre-

’

ciable mobility of the intermediate species CH, CH., and

2
CH; on the surface. Below 1500K, where most studies on

A



the hydrogen—carﬁon reaction were perfofmed, the mechanism
has not been established., Some important quesﬁione which
have not been answered are: What is the relative importance
of gas-phase to surface reactions in the hydrogeﬁation pro-
cess? How important is atomic hydrogen in\the neighbourhood
of 1000 K? Whet intermediate radicals are formed on‘the
carben surface and how does their mobility affect the rate
of the reaction? Actually none of the mechanisms proposed
for the reaction below 1200 ¥ considers the possibility of
the formation of products intermediate to the formation of
methane, for example, C2 hy@rocarbons, and the consequence
of their desorption from the surface. Although some studies,
particularly at high temperature, have reported the for-
mation .of higher hydrocarbon products, it ;as shown that
these were due to the secondary pyrolysis of CH4. Thermo-

dynamically, at temperatures above lOOOI(CzH and C_H

6 27g 2T
less stable than methane and would rapidly disappear in
secondary reactions. Observation of them would require
measurements at very low conversion.

The primary aim of ehe present study was to find .ans-
weés to these questions. Our approach was first a carefuil
search for the formation of products intermediate to
methene, so that a clear distinction could be made between

primary and secondary products and. secondly, a thorough

study of the rates of formation of the products over a
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rangé of temperature and pressure so that a kinetic analysis
of the processeé occurring on the surface '‘and in the gas
lphase could be achieved.

A further aim of the present studies was an investi-
gatioﬁ of the effect of 02 on the rate. Oxygen forms a
strongly—bound'complex on the surface of carbon. It was *

[461-154] {hat the rate of the reaction of carbon

reported
with O2 was a function of the fraction éf the carbon sites
éov?red by strongly-bound complex, and it was suggested
thaf the okxygen-carbon surface cpmplgx haé an activating

: effeqt on the surrounding carbon atoﬁs. The ‘influence of
this surface oxide on the hydrogenation of carbon is not
known. In'the ﬁrésent spudies we have compa;ed the rate

of the reaction using pure hydrogen with the rate using,
hydrogen contifﬂing 100-1300 ppm O,. The results showed
that the rate is greatly increased by the presence of small.
amounts of Oé. 'The results are interpreteq;as indicating
the importancé of the surface oxide in the mechanism of

the hydrogenation process.

The present studies have been made using a new tech-
nique for the study, of reaction of gases with. carbon which \;u}
offers some advantages for kinetic analysis.[BS] A tﬁin
film of carbon is deposited on the surface of the reaction
vessel by pyrolysis of methane. The concentration of

5 -6 -2

carbon on the surface, in the range 10 ~-10 gcm ~, may

be determined from the optical density of the film using *

«—&v/

el
‘
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a He~Ne laser as the analyzing beam. With the tﬁin film
pore-diffusion effects are eliminated and a static reaction
system provides cérefully coqtrolled conditions of reaction
‘time, temperature and pressure. In addition, the carbon
formed from methane is virtually free of heavy metal impu- h
rities. The system should therefore be suitable for kinetic
studies involving an analysis of the time course of the

reaction and a measurement of the order of the rate cof for-

mation of products.
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CHAPTER 2

EXPERIMENTAL

The reaction was studied in a conventioqal vacuum
apparatus shown in Figure 2, The pumping system included’
a mechanical pump and two mercury diffusion pumps. Pro-
vision was made for storége of reagtants and for preparing
mixtures of reactants. \

The reaction vessel was a quartz cylinder, 4.4 cm i.d.
and 11.0 cm long with plane fused windows. The volume of

-
the vessel ,182 ém3,was calibrated before assembling. The
geometric surface area was 256 cm2. The vessel was placed
in the center of a Lindberg three-zone tubular furnace,
in which the temperature was controlled within * 1 K. The
vessel was used as a static reactor.

The prbducts were analyzed Ey e¥pansion into a Topler
pump from which aliquot samples were taken for analysis by
gés chromatograph . At least 2 analyses were made for each
experiment. A Hewlett-Packard Model 5790 with FID detector
was used for the analysis. The:cblumn was Durapak (Pheny-
lisocyanate on Porasil) 6 x 1200 mm maintained at 30°%.
Calibration curves were made from mixtures COntainihg about
100" ppm CH4, C2H6’ C2H4 in pure hydrogen. For all pfbducts
a good‘linear relation between sample pressure and peak

area was obtained., An example is given in Figure 4. A
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Figure 2, Experimental Apparatus

2 mw He-Ne laser beam and power supply
Evacuated cyliﬂdef
Quartz reaction vessel
Photodiode (ORIEL 7054)
Electrometer

Recorder

- Three~zone controlled furnace

G.C. with FID -
Topler pump
Storage bulb

Metal valve

T
Manometer

Molecular sieve column at 77 K

-

Sampling tube

Column for purification of H2

G.C. Column for TCD

&
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Table 2

% RELATION BETWEEN THE ABSORBANCE OF CARBON FILM
AND THE CARBON CONCENTRATION mol cm—2

logI_/I. - M_/1077 mol cm
0.743 N . 4.20
0.379 | 2.03
0.280 1.34
0.515 2.71
0.788 3.78
;
0.450 2,32

R
e
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Table 3
INFLUENCE OF PUMPING TIME ON THE' REACTIVITY
0? CARBON FILM %T 1110K. PH2 = 109.5 Torr
Pumping time/Min. Ro/,lo-llMOl L_ls—l
5 4,28
15- ) 5.44
50 8.50
50 8,19

97 8.69
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Gow-Mac thermal conductivity detector was used for.analysis
of CO,with a 4 x 1000 mm molecular sieve column at 0°C and
for analysis of co, with a 4 x 800 mm silica gel column

at 25°C. For measurement of Hzo, as the product of the
-reactién in the presence of small amounts of 02, a pbrapak
P column at 120°C was used.

For a seriés of experiments a carbon film was fifst
produced by the pyrolysis of methane at 1100 XK. The thick~-
ness of the carbon film produced depends on the initial
préssure of CH4 and the total time of pyrolysis. Most of
the carbon films used in the present experiments were made
by pvrolysis of 200 Torr of CH, for 30 minutes. This proce-
dure produced a carbon film of average concentratio7'

5 x 10_6 g cm_2 (4 k 10_7 mol cm_z). Several rate mea-
surements were made with one carbon film since the con-
sumption of carbon in each experiment was very smalIl. When
about 5-10% of the carbon had Seen consumed, the film was
removed and a new one prepared. A reproducible carbon
surface was obtained by allowing sufficient time for eva-
cuation after each experiment., This time was determined
experimentally, as illustrated in Figure 5. Reasons for
this behaviour will be discussed later.

The detection and analysis of the carbon deposited on
the surface was made by measurement of the attenuation of

the intensity of a beam of light. The analyzing beam,

!



ir

21

from a\gfzw He-Ne laser (Coherent 80-4 HP) was paésed
axially through the vessel. The signal was meas&réd with
photodiode (ORIEL 7054) ahdglictrometer (Keithley'Lns;
trumentSQGOOA) and recorded by HP7133A 1 mV récorder:'

At either end of the furnace the beam passed-througﬁ‘eva-
cuated cylinders which minimized convectién'currgnts and
effectively reduced the light from the furnace. The absor-
bance of the film was calibrated by complete combustion of

carbon to 002 at 1110 K using 350 Torr of pure O The

2.
ca}ibraq;on curve is shown in Figure 3 and Table 2. The
characteristics of the carbon film prepared in this way

[34] Measurements

have been described in previous studies,
of.the~tq;al surface area by low—temperatﬁre adsorption

of giﬁrdég; have shown that the surface area of the film
for concentrations up to 6 x 10—? g crn-'2 is not signifi-
cantly differernt from the surface area of the clean guartz

1

vessel. A mean value of ~30 ng- may be estimated from

the géomet;ic area and the total weight ©of carbon. The
films have been examined with an electron microscope[34]
and no details or structure gere obse;ved at these low con-
centrations. Assuming uniform deposit and a density of
carbon of 1.9 g cm” 2, tji average thickness of the film
used in the present experimenté was about 20 nm.

Methane was Research'Graqe {99.99%) obtained from

Matheson of Canada, Whitby, Ontarioc and used without further

I
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—

purification. ‘Hydrogen was purified by passage fhrough a
column of Molecular Sieve 5A at liquid nitrogen femperature

with a residence time of-1-2 sec. Such treatment is usually

 sufficient to reduce the oxygen impurity- to. less than 1 ppm{35]

although the present analysis using the TC detector could not

detect less than 6 ppm. S

(
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CHAPTEFE 3

RESULTS AND DISCUSSION

3.1 Products of the Reaction

Three products, methane, ethane and ethylene were

detected and measured. Yields of the products as a func-

.F

tion of time were measured over the temperature range
. . ! '

870-1150K and at pressures of hydrogen froﬁ 50-300 Torr.

Yield-time curves for methane, ethane and ethylene are
shown in Figures 6-8, corresponding to the data in Tables

2 hydrocarbons

were always minor. Tracés of acetylene and propane were

4-6, Methane was the main product and the C

observed under some conditions, but no higher hydrocarbons
were detected. The yield of ethylene attained a maximum
value, which approcached ld% of the yield of ﬁethane, at

an early stage of the reaction and féli rapidly thereafter.
At high temperatures the yield df ethane féll rapidly with
time and was less than the yield of ethylene, but at low
temperatures the yield increased with time in a manner
analcgous toc that of methane and became greater'than that
of ethylene. The rate of formation of methane decreased

- slowly with increasing time of.reéction and appeared to
approach a limiting wvalue. This.Qalue was much lower than
the equilibrium concentration of methane at these conditions

5 1

(2 x 107 °ml L™~ at 177 Torr and 1111 K), The decrease in
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Table 4
%mm OF CH, AS A FUNCTION OF TIME
PRESSURE OF HYDROGEN 177 Tarr
- -1
/K Reaction Time/min. Yield of CH,/10 B ol L
1111 2 1.70
3 1.81
~ 5 3.18
10 4.61
~ 15 5.70
24 6.84
1061 2- 0.68
3 0.82 °
6 1.07
11 1.67
18 ~2.15
25 2.54
1010 2 0.63
4 0.66
8 0.73
12 1.24
16 1.20
20 1.37
908 2 0.058
-5 0.126
10 0.249
25 0.484
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1 Table 5
YIEID CF ETI"I\-IANE AS A FUNCTION OF TIME
P, = 177 Torr ~
{ H2

T /K Reaction Time/min.  Yield of C2H6/10_lomo1_ 1
1111 -3 3,98
: 2 2.81
5 3.79
10 2.34
15 1.53
24 0.76
908 5 0.35
10 ! 3.00
25 5.61
40 6.51

,J
*
) " -
™~
—/-\,/‘\ i

1
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Table 6

. YIELD OF C,H, AS A FUNCTION OF TIME

PRESSUKE OF HYDROGEN 177 Torr

/% Reaction Time/min.  Yield Jf C,H 4/:Lo"gmol I
1111 2 1.10
3 1.24
5 1.15
10 0.962
15 0.796
24 0.604
1061 2 0.619
3 0.586
6 0.479
11 0.456
% 0.411
908 - 5 0.112
: 10 0.390
25 0.312
40 0.229
“ Q

1
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rate therefore does not siénify an approach to egquilibrium
and in the .present experimenfs the reverse formation of
carbon from methane is probably not important. The reason
for the observation of a limiting rate will be discussed
later,

Thq ratios CH4/C2H4 and.CH4/C2H6 as a function of time
are}ﬁmmn in Figure 9 and Figure 10 for three temperatures.
The fact that these ratids increase with time of reaction
at high temperatures suggests that methane is formed by
secondary reaction of C2 ﬁydrdcarbons. Although there is
some uncertainty in thé measurement of these rates, it
appears thét the values extrapolate to a finite value at
zero time. This suggests that a certain fraction of the
methane is a primary product and may be formed directly on
.the surface. 1In the low temperature region these ratios
changed very little with time of reaction. The sedondary
reactions of 02 yydrocarbons leading to methane are there;
fore relatively unimportant in this region.

Becausg of the rapid disappearance of ethane and
ethylene it was not possible to measure an initiél rate
of formation for these products. The initial rate of
férmation of methane was estimated by extrapolation of the
rate as a function of time. A summary of the initial rates
is given in Table 9. A log-log plot of these rates as a
function of the initial pressure of hydrogen is shown in

Figure 1L, The order of the rate is about 0.5 ~ 0.6 over
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Figure 9. The ratio CHgKbH4 as a function
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Table 7
THE RATIO CH4/C2H4 AS A FUNCTION OF TIME

PRESSURE CF HYDROGEN 177 Torr

Time/min.
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Figure 10. Ratio of CH,/C.H ‘as a function of
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Table 8 N
THE RATIO OF CH4/C2H6 AS A FUNCTION OF TIME

PRESSURE CF HYDROGEN 177 Torr

T/K

1111

908

1061

Time/min,
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Table 9

INITTAL RATE OF FORMATION OF CH

AGATNST HYDROGEN PRESSURE 4

T/K

1111

1061

961

910

Pressure of HZ/Torr

309.5
177.0
104.,0

54.0

177.0
307.0
234.0
109.0
109.0

75.0

177.0
177.0
306.0
224.0
120,5

90.0
109.0

177.0
213.0
105.0
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the range of temperature 910-1111 K. The temperatufe depen-~
dence of the initial rate at a pressure of hy&rogen of 177
Torr is shown in Figure 12. Tﬁe dependence of Fhe rate on
temperature shows two distinct regions with different
activation .energies. 1In the.ﬁigh temperature region,
1O59—115019 the aétivation energy is 51 kcal/mol while

in the low temperature region, 1010-819 K, the activation

energy is only 6 kcal/mol.

3.2 Mechanism of the Reaction

g? The observed change in activation energy indicates a
fundamental change in the mechanism of the reaction over
the range of temperature studied. Such changes are often

observed in heterogeneous reactions. 1In some cases, a

. . \
gradually increasing activaté;n energy with increasing

temperature has been observed and this behaviour has been

{401}

called the compensation effect, Several interpretations

of this have been offered, but in general terms, processes .

. with _higher activation energy become increasingly important

/
as the temperature is.increased, The effect is common with
surface'reéctions because these reactions usually'involve
a complex series of concurrent and consecutive elementary
-
processes whose relative rates continuously change as the
)

temperature is increased. In the present reaction there

appear to be two regions, each with a fairly well-defined
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Table 10

TEMPERATURE DEPENDENCE OF INITTAL RATE CF
HYDROGEN PRESSURE 177 Torr

FORMATIION OF CH,

T/K R,/10 10001 1717t
1111 1.42
1061 - 0.560
1010 ~ 0.357
1138 ©3.89
1121 _ 2,845,
1072 1,08

961 0.347

961 0,328

911 0.284

862 0.199

1163 ' 3.95



¢

activation energy. In.the low-temperature region, from

w

900-1010 K, the activation energy. is 6.5 kcgl/mdl while

in the high temperature région, from 1050-1150, the
activation energy is 51 kcal/mol. A similar change in
activation energy in this temperature regicon was reportéd

by Corney and Thomas,[28] [1]

[29]

Barrer and Breisacher and

Marx. The large increase in activation energy suggests
that the change infﬁgghpnism may involve a transition from
mainly heterogeneohs to mainly homcgeneous processes. The

reactions occurring in each of these regions will be con-

sidered separately.

A, Heterogeneous Reaction

In the low temperature region, the ratios CH4/C2H and

4
CH4/C2H6 (Figure 9 and 10) were essentially constant with

time of reacticn. It may be concluded that/ both products

are formed directly through reactions occcdrring on the

- surface and subsequent reactions in the gas phase are

negligible. The mechanism for hydrogenation proposed by

Zielke and Gorin[lz]

may be reasonably modiflied to allow
for the formation of C2 hydrocarbons as well fas methane,

In this sequence of reactions, neighbouring carbon atoms

in the graphite structure are'hydrogenatgd until CH3 groups

d
are attained. Further reaction of the CH3 group with hydro-

gen gives methane. If the intermediate structures resembling
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ethylene and ethane are allowed a certain probability for
desorption as molecules, the present results are quali-
tatively explained. The mechanism of Zielke and Gorin,

with these modifications, may be written as follows:

' : H H
c=cC ~ -
; ~ + =
(1) ¢’ ctHy ¥ C_,C C~\C
H H
CH _H H_ | i H
(2) C=cC +H2 - c ~-c-
. c/ cC . C/ \C
H H
H_ | | _H
(3) - or + { c=c¢c” ) ~+cC.H
y _ C',’ “Ca 24
H H HHHH
H | | ' H H A7 \/ EH
~ -
(4) Sc-cl +H, > ( c-cl ), » CH
N C C c” C
H H
H_ | H H | H
c” ~c
H H
H | _H H_| H .
(5) C C + H, =~ - 2CH
c” \C 2 4

v

Here the hydrogehation is picﬁured as a simple addition of
a molecule of hydrgg@n to the carbon surface with the pos-
sibility of desorption at any stage.

‘Since this mechanism was proposed, further knowledge has
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4

accumulated on the nature of the adsorbed speciés on the carbon surface. 41}
For example, it has been suggested that atoms and radicals

may have a degree of mobility on the surface:[qzl ?o allow

for this the siﬁplified scheme written above should be
modified so that at each gtage of hydrogenation the radical
may migrate over the lattice. Combination of radicals during

this process may form a molecule which may desorb with a

probability which will depend on the temperafure. For

example,
(CH) , + H, > (CH))_ +H | (6)
(CHy) , + Hy > (CHy), +H . | (7)
(CHy) , + (CHy) > (C,H,),  + C,H, (8)
(éHB)a+H2+CH4+H - (9)
(CHg)  + (CHq) | ~ (CHE) C, Hg (10)

Thus.the C2 hydrocarbons need not be formed by hydrogenation
of neighbouring carbon atoms, but a similar distribution of
products could be obtained by either scheme. According to
this mechanigm, ethylene, ethane and methane are all pri-
mary product; whose distribution depends on the competition
between ébstraction from hydrogen or dimerization of the
interﬁediate radicals., The relative amount of the products
also depends on the raté ofideséfption of the proéuét mole-

cule. In this regard, it is significant that acetylene was

not detected at these temperatures, but has been reported
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at higher temperatures, This may mean that the CH radicals
have less mobility than the more hydrogenated radicals and
the dimerization*of CH does not compete with reactioh with
hydrogen. Alternativeﬁy, acetylene may be strongly adsorbed
and further hydrogenétion competes with desofption. With

[17] (18]

the mechanism proposed by Blackwood, in which CH

4

is formed directly from the hydrogenation of the CH2 radical,
it is difficult to explain £he7fact that ethane is a primary ;

product.

The overall activation energy for this series of hyaro—
genation steps‘will be a complex function involving the
difference between the heat gained .following the adsorption
processéb and the energy required for rearrangement and
desorption. _These values are not known for the reactions
cutlined above, but the adsorption processes could be suf-

ficiently exothermic to allow a low overall activation

energy, as observed.

B. Homogeneous Reactions

(a) Secondary Reaction of Ethane

\

The most noticeable diséinguishing feature be£ween the
low~temperature and high-temperature regions is the relative
importance‘of the products methane and ethane. 1In fhe low
teﬁperature region, ethane is an important product, but it

gradually decreases in importance as the temperature is
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increased and becomes negligible at the highest temperature,
The decrease in ethane is balanced by an increase in methane.
This change may be accounted for by the secondary thermal
dissociation of ethane.

C,Hg ~ 2CH, ‘- (11)
fhe rate oflréaction (11) is slow in the low temperature
region but in the highiteﬁperature region is sufficiently
rapia to prevent accumuiation of ethane in the gas phase.
The rate constant for this homogeneous disscciation kll is
well established.[43] At 1111 K and a pressure of 177 Torr
of ethane, the measured ratio kll/klf was about 0.58.[83]
This ratio fepresents the fall-off in kll in the presence
of a strong collider, the parent molecule ethane. In the
present experiments, H2 is the bath gas and the ratio kll/
kli- would therefore be lower for a comparable pressufe.
From the results cn the col;isional efficiericy of H2, pre-
sented in Part 2,'£hé ratio kll/klz should be lower by a
factor of about 0.1l. Thus at 1111 ¥ and 177 Torr of Hz, kll
may be estimated as 1.1 x 10—2551. The rate of dissociation
of ethane may be expressed as
d[C,H,]
- — = k11 [CHg]
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At the maximum yield of ethane under these conditions,

4 x 10_10 mol L_l,the rate of dissociation is therefore
dlCc K, ] _ o ok
- ———%EE—E = 4.3 x 10 12mol Lls 1

N

This rate should be equal to the initial rate of formation

of ethane. ‘ihe measured rate ¢of formatiocn of C at two

2Heg
minutes reaction time (the shortest reaction time) <is 2.3

10712 mo1 175l The initial rate would be slightly

X
higher. If methane is formed solely by hydrogen abstraction
from hydrogen by methyl radicals following dissociatioﬁ of
ethane, the rate of formation of methane at the maximum
concentration 6f ethane would be 8.6 x 10-12 mol L—ls—l

' The observed rate a? this time (three minutes) is 9.2 x
107 o1 11l 1n other words, at 1111:K the yield of
‘methane, formed through the homogeneous thermal dissocia-
tioq_9£‘the product ethane in the gas phase, is about

8-10% of the total methane formed in the reaction, and is
in agreement with, the ratio CH4/C2H6 at the initial time.

In the low temperature region the rate of dissociation

of ethane is negligible compared to the observed rate of
formation of methane. At 998 K, kll in the presence of;jb
177 Torr of H, was estimated as 1.0 x 10 ° €Y. The vield

10

of ethane at 10 minutes is 3.9 x 10 *° mol L ~% (Figu}e 7)

and the rate of dissociation of ethane is therefore
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da[C,H,]

""—d-t—=3.9}{10

15 1_-1

mol L s

The rate of formation of methane at this time is 3.0 x
10_12 mol ﬁqt_l. In this region, therefore, secondary
dissociation of ethane is not sufficiently rapid to

account for the rate of formation of methane.

-(b) Secondary Reactions of Methane and Ethylene

The effect of additions of small amounts of methane
ana ethylené to the reactant hydrogen was fnvesfigated to
teét for the importance of these products in secondary
reactions. ‘

A series of experiments was made at 111l Kwith a

total pressure of 177 torr of hydrogen containing 41 ppm

7 1

CH4, corfesponding to a concentration of 1.1 x 10 molIf .
The fate of formation of methane is not altered by the
presence of methane in an amount comparable to that formed
during a reaction. The rates of formation of the other’
products are also unchanged. Homogeneous secondary dis-
sociation of methane is therefore not important under these
conditions, as éxpected from the measured rate of the

(44] Experiments were

thermal dissociation of methane.
made at 1111 and 9091<using hydrogen containing two dif-
ferent concentrations of ethylene: 9 ppm and 43 ppm. At

each temperature the ethylene was rapidly consumed. At
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Figure 13.-

|
, 20 30 40 50
Time/ min

Yield of Methane as a Function of
Time. Pressure of Hydrogen 177 Torr

O - Pure hydrogen

A - Hydrogen + 41 ppm CH4_
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Table 11
YIELD QF CH4 AS FUNCTION CF TIME AT 1111 K

PRESSURE OF HYDROGEN 177 Torr
INITIAL CONCENTRATION OF CH, IN H, 41 ppm

Time in. cH,/10” 'moL L7
0 1.09
2 1.40
5 1.76
10 1.79
20 s 2.59

40 2.84
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14

T

Figure 14. Yield of Products as a Function of Time.

Pressure of Hydrogen 177 Torr with 43 ppm
C,H 1111 K ' -

274"
O - CH,
0 - CyH,
. h - C,Hg |
B - ZCZ'(Equation (12))

L]
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Table 12 - .

YIELDOFPHDDUCI‘SOF'IHEREACI’IONCFCARBONWI’IH
HYDH)GENCONTAINING43pme2H4ATllllK
PRESSURE OF HYDROGEN 177 Torr

A1

Time/min. CH4/10’7mol LTl'c2H4/1o"7mol.LTl c236/10'7n01 1 zc2/10f7moi £
0 0 | 1.09 0 1.09
N .o .
< 2. 1.12 . 0.666 0.056 1.15
5° 1.94- - “0.481 - 0.048 1.21
N\ ‘ .
11 - 2.90 0.184 0.027 -1.28
20 3.43 0.085 0.012 1.35
40 3.88 . 0.015 0.015 1.29
/'/_ ¢
Y
A
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Figure 15, Yield of Products as a Function of Time.
Pressure of Hydrogen 177 Torr with 43 ppm
C,H,. 908 K -
274
o - CH4
a - CoH,
o - C2H6
B - ZIC

5 (Equatipn (12))
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Table 13

YIEID QF PRODUCTS OF THE REACTION OF CARBON WITH

HYDROGEN CONTAINING 44 pem C,H, AT 908 K

PRESSURE CF HYDROGEN 177 Torr

b

Time/tin. CH,/10 'mol Lt ¢ /10" mol LT C,Hg/10 'm0l L+ 1C, /107 Tmol 17
0 0 1.35 0o 1.35
2 1.40 1.32 0.070 1.38
5 2.44 1.24 0.221 1.43
10 477 0.698 0.613 1.35
20 7.46  0.548 0.781 1.33
40  9.29 - 0.311 0.912 1.31

1, 0 0 0
IC, = 3{a, — Gy} + (CHe - CHE) + (CH, - CHy)
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1111 K (Figure 14) ethylene was converted almost entirely

to methane with very little ethane. On the other hand,

-

at 908K (Figure 15) ethylene was converted mainly to

ethane with very little methane. A carbon balance for

dl'__‘—'"—
the reaction is given by the following exgressi;;%

* * : *\ - 2
(@, = Q1) + (CHg = Cltg) + (G, = Cly) vy (12)
Vs

B b

ZCz =

/ L]

~ -

where the starred quantity refers to the yield ngELpure
hydrogen. This sum is shown in both figures. It is ciear
that ethylene is rapidly hydrogenated under these conditions.
f\ To test the relative importance of homogeneous and
heterogeneous reactions in the ﬂydrogeﬁhtion process, a
further series of experiments was made with hydrogen con-
taining 43 ppm ethylene in the absence of the carbon film.
At 1111 Kthe rate'éf.conversién of ethyleﬁe to methane was
::,almost identical to that found in the presence of carbon
(Figure 16). At 908 K the disappearance of ethylene(&as
mubh qutér in the absence of carbon. These results pro-
vide couvinciné evidence of the importance of the homo-
geneous hydrogenétion reaction in the’ﬁ?gh temperature
reg;??.
Further experiments on hydrogenation of C2H4 in the
presence of a large excess H2 in the gas phase at 1100-

1200 K have been performed and the results.will be pfesented
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N

H
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Figure 16.

NCGHE ¥
CQH?;%\
| . A |

20 30 40 50
Time/min

Yield of Products.as a Fun;tion-of Time.
1111 K. Pressure of Hydrogen 177 Torr
with 43 ppm,C2H4. Filled Symbols Refer

to Experiments with the Carbon Film.

Open Symbols Refer to Experiments Without
the Carbon Film

e
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20 20 40 50
Time/ min

Yield of Products as a Function of Time,
308 K. Pressure of Hydrogen 177 Torr
with 43 ppm, ,C2H4. Filled Symbols Refer

to Experiments with the Carbon Film.

Open Symbols Refer to Experiments Without
the Carbon Film
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Table 14

YIELD OF PRODUCTS AS A FUNCTICN CF
TIME WITHQUT THE CARBON FIIM

1

=7 -
C2H6/10 mol L

1

/K Reaction Time/min. CH,/107 mol L™F CH /107 ‘mol L

1111 0 0
- 1 T - 0.755
2 110
5 1.56
. 1o 2.33
40 2.40
%08 0 0
| 2 0.0073
5 0.0073
FM/’/I:::::Zgggé:) .10 0.0145
20 0.0173
40 ‘0.0347

0

0,0897
0.0835
0.0546
0.0211

0.0050

0.568
0.799
0.945
1.01

1.16

-

1.09
0:714
0.574

0.293

0.0436

0.0075

1.34

0.781
0.514
0.325
0.292

0.257

o
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in Part Two of this thesis. It will be shown that the
thermal dissociation of hydroéen provides a sufficient
radical concentration fér the homogeneous hydrogenation
.of ethylehe under these cenditions.

-

(c) The Mechanism of Carbon Hydrogenation Involving
Atomic Hydrogen

As discussed earlier, the majér portion‘of the methane
formed is not the result of homogeﬁeous reactions but rather
arises through processes occurring on the carbon surface.
Neither ratio CH4/C2H4 nor CH4/C2H6, extrapolates to zero
at zero time. ’The value of (CH4/CZH4)0 Qas';bout 10 at
all temperatures and values of (CH4/C2H6)0 weré'about 10,
20-and 30 at 508 X, 1060 K and 111l Krespectively. From
Figure 10, it was observed that the rate of formation of
methane increased very rapidly at temperatures above
about 1010 K. This rapid increase in rate of the surface
feaction must ihdicate the cccurrence of a new initiation
process. The cbserved activation energy of 51 kcal mol_l
in the high temperature region suggésts that the thefmal.
dissbciétion of hydrogen provides this‘initiation since

the temperature coefficient for production of H atoms

would be one-half the dissociation energy for the H., mole-

2
cule. Hydrogen atoms may react directly with the carbon

surface or with radicals adsorbed on the surface leading
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to an increased rate of formation of products. The fol-

lowing represents such.a series of reactions:

(CH )a + H + (CH2)a - {21)
(CHz)a + H -+ (CH3)a (22)
(CHB)a + H + (CH4)a -+ CH4 (23)

'

The reactions with hydrogen atoms would involve little

[36][37][38]

activation energy and the overall activation

energy therefore should be close to one-half the heat of

[45] 1

dissociation of hydrogen or 52 kcal mol ~. The rate

of formation of CH4 would depend on the concentration of

hydrogen atoms. If H atoms are in equilibrium with Hy,

the concentration of H atoms may be expressed as [H] =

1/2 1/2

K [Hzl . The order of the rate of formation of CH

4 r
therefore, would be 0.5 with respect to H,. The observed

order with respect to H, was 0.5 ~ 0.6 (Figure 11). The

2
final’%tep in the formation of CH,, reaction (23) may

occur through reaction with an adsorbed H2 molecule:

(CH,)_ + H, - (CHY)_ + H ’ ‘ '
3'a 2 g a _ (24)
t;+ CH4 _
/
A molecular beam study on the reaction between a carbon
surface and molecular‘hydfogen showed that the sticking

probability of molecular hydrogen on the carbon surface
P .



61

was very low, less than 10“12.[38] Cn the other hand, the
sticking éfobability of a hydrogen atom on the carbon sur-

jé?ce is between 10-2 ~ 10_4,[38] depending on the conditions.
t 1100K and a pressure of 177 Torr, the egquilibrium ratio .

-8. The rates of reaction (24) and (23) may,

H/H2 =~ 10
therefore, be comparable. Assuming the methyl radical
attains a steady state concentration, the order with respect
to H,, based either on (23) or (24), would be 0.5.

The ethane and ethylene may be formed by the reactions

_ ¢
(CHZ)a + (CHZ)a -+ (C2H4)a -+ C2H4
(CH3Ja + (CHB)a -+ (CZHG)a_+ CZHG
v
) |
The ratios d§%4/C2H6 at zero time were about 1, 2 and 3—at

908 X, 1060 K and 1111 Krespectively. Thé& fact that the
ratio C2H4/C2H6 increases with temperature suggests, the
mobility of CH, radicals.on the'éuffacé increases with
temperature reiative to that of CH3 radicals. The mobility

of the radicals on the carbon surface increases in the

following order - _— l

CH < CH, < CH, < H

H atoms on the surface are generally aséumed to be mobile

at all temperatures.
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At high temperature the surface CH radicals may become
sufficiently mobile to perﬁit the formation of acetylene.
C,H, was reported[38][22-24] in appreciable yield only at‘
temperatures above_2000K.

It may therefbre be con;luded that at temperatures
above 1100K thermal dissociation of hydrogen provides an
important source of radicals which increase the rate of
surface hydrogenation and the rate of secondary hydro-
genation in the gas phase. Initiation by dissociation of
hydrogen may be augmented by dissociatioﬁibf ethane, The
concentration of methyl radicals may be calculated from'

the following exﬁressioﬂ

e

. k.. [C.H.] f@-‘/
{R]=[11k2611/2 |

t 3

where ki is a radical termination rate constant. At 1111K

10 1_-1

and 177 Torr of hydrogen, assuming a value of 10 "L mol ~s

J

for k., [R] will equal thekequilibrium concentration of

hydrogen atoms when [C2H6] = 10_8 molLrl. From Figure

it may be seen that this concentration of ethane is not
achieved at this téﬁperature and initiation is therefore

@

largely due to dissociation of hydrogen. . A
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(d) Inhibitibn by Products

This mechanism provides a general pictu}e'of a product
distribution involving methane, éthane and ethylene formed
in surface reéctions followed By further hydrogenation in
the gas phase at sufficiently high temperatures. The
. mechanism however does not account for thé deérease in
. the yield of ethylene'and etlane with timé beyénd the
maximum value of the decrease in the rate of forﬁation of
methane at longer times. In these experiments, neither of
the reactants, carbon‘or HZ' was appreciably:consumed;

Furthermore, the series of experiments with addition
of methane and ethylene to the reactant hydrogen showed
that neither of these products had an inhibiting effect

on the hydrogehation reaction. This was clear in the

case of\ethylene 5} thre sum ECZ, given by Egquation (12},
which in icates that the products from pure hydrogen are

nét;feduq when* small amounts of ethylene were added to .

" the reactané.

A poésible explanation of this effect may be an
inhibition bf the reaction on the surface‘before the pro-
ducts a;e deéorbed. In the series of reactions represented
by (6) to.(lO) further addition of iadicals or mﬁns at any
of the intermediate stages may occur to givg higher mole-
cular;wéight pro¢?§té.a%§ﬁggjmay be regarded as a surgspe

. . = o :

polymerization brocess.and'could‘lead to the formation of

4
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ring compounds, partially hydrogenated, which might remain
strongly adsorbed on the surface. Such compounds could )
remove active carbon atoms and inhibit the reactions leading

to formation of ethylene. In this connection, it may be

-significant that dufing the course of the experiments it

was observed that a reproducible surface was obtained only
afte: sufficient evacuation time after each reactiocn,  as
shown in Figu;g 5. In fact, the rate measured immedihtely
after an experiment was lower than the original raté, but
returned to the original valﬁé as- the evacuation time was
increased. Attempts ﬁere made to trap with liquid nitrogen
the material re&oved by pumping. Anglysis showed the pre-
sence of small amounts of C2 and C3 hydrocafbons but né
higher molecular weight compounds. These observations
suggest thaé during the course of the reaction,'higher
mclecula® weight compounds may be fo?med on the surface
which desorb slowly at the redction temperature and after

desorption decompose in the furnace to give lower molecular

~weight compounds. Such products may be unsaturated ring

compounds which might be strongly adsorbed on the carbon

surface. . . \

~
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3.3 The Effect of the surface Oxide on the -Reactivity
of the Carbon Film . ™~

: | | J

The ihportqnce of a strongly-bound surface oxide com-

pPlex in the carbon-oxygen reaction has been discuséed many

(47]-[54]

times. The role of the complex in ke kinetics

of the carbon-oxygen reaction is not well upderszood but

results 011 [551156]

have been reported whgfh show that éhe
rate of reaction depends on the fraction o¥/carbon éovered
by the complex. it was suggested that the complgx hés an
activating effect on the surrounding carbon atoms: kY ,

In the present experiments it was found ﬁhat a carbon . \,)
film kept at 1111 K under vacuum for'severa; days appeared

to show higher reactivity than usual, but returned to its

‘normal reactivity after treatment with hydrogen at this

temperature. The reason for this increased reactivity

of the carbon film may be related to the adsorption of a
small amount of oxygen accumdlated in the system;bwith the
congequent formation of the strongly-bound co;plex on the
tarbon surface. The present experiments were designed to
investigate the effect of Fhe surface oxide complex on thg
reaction between carbon and hydrogen.

The reaction of the éarbon film with hydrogen, which

contains a small amount of oxygen in the range from 30 to

1300 ppm, was studied at temperatures from 832 to 1114 K

¢

i

. and at a toE@; pressure of 177 Torr. Figure 18 shows the

7 «
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Figure 18. The Rate of Formation of Methane
‘ as a Fune¢tion of. Concentration of
‘ Oxygen in Hydrogen at 1111 ¥ and
Total Pressure of 177 Torr
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"Table 15 (Figure 18)
INFLUENCE OF OXYGEN ON THE REACTIVITY

(1111 X 177 Torr)

Conce&tration of O

2 Initial Rate of Formation of CH4
in Hz(ppm) : Ro/lo_lomol ﬁ_ls-l |
30 1.54
246 - | 1.85
553 | ) 3.47
| 816 — . 4.i2
1130 6.81

Y

e
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Figure 19,

12 - 18 20 24
. Time /Min

- - ? ':.'..'
Methane VYield-Time Curves at &112 X anc . LR

. - e
Total Pressure of 177 Torx. OQOpen. Swm- SR P
béls Refer to the Reaction with Pure , Lo
Hydrogen., Filled Symbols Refer td the : '

Reaction with Hydrogen Containing 1390 ] !
ppm 0, ' :
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Table 16 (Figure 19)

YIELD OF CHy AS A FUNCTION OF TIME

Time/min,

11
le

21

Temp. = 1112 K
Total Pressure = 177 Torr _
Concentration of 0, in H,

s 1390 ppm

vield cn4/1o'7mol 7t

S 1.31

o ' 1.34
1.54

1.64.

1.83

1.99

R
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Figure 20,

|
8 12 6 - 20 24
Time , Min.
Yield of CQHA a8 a Function of Time at
1112 X, © 177 Torr

A - Represents the Reaction with Hydrogen
Containing 1320 ppm 02

0 - Represents the Reaction with Pure
Hydrogen
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Table 17 (Figure 20)
& : 2
YIELD OF C2H4 AS A FUNCTION OF TIME
Temp. = 1112 K
Total Pressure = 177 Torr
Concentration of O2 in H2
: 1390 ppm

Time/Min. 8 ‘ Yield of C,H,/10 “mol L’}
2 2.08
3 2.27
lgif' | | 2,03
11 | 1.13
16 ) ' 0.63
21 0.68
‘Purg H2
Time/Min. '\ Yield of C,H,/10 “molL ™
2 1.10
3 1.24
5 1.15
10 o | 0.96
© 15 ~0.80
24 ./ 0.60
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dependeﬁce of the initial rate of methane formation on the
oxygen concentration in hydrogen at 1111 K aﬂa at a total
pressure of 177 Torr. Figures 19 and 20 show the yield-time

curves of the products CH4 and C2H4 with pure hydrogen and

L

with hydrogen éontaining 139b'ppm 02. These resulis clearly
show that these small amounts of oxygen have a positive

effect on the rate of the reaction of carbon with hydrogen.
) T
In additicn to the hydrocarbon products ,(CH,, CyHyo C2H6)'

water and CO were also observed from the reacticn with
mixtures of hydrogen containing 1390 ppm 02- The product

CO2 was not detected. The yield4timé curves for H,O0 and

2
CO at 1115 K ahd 934/K are shown in Figure 21. The yield 6
of R,0 about 2200 ppm from the mixture of 1320 ppm O,
formed rapidly at the beginning of the reaction,is unchanged

within experimental error over the course of the reaction.

This fact points out that the reaction between H2 and 02 is
very fast at these temperatures and that most of the O2
converts immediate into H,0. The CO yield-time curve at

2
1115K shows a fast inItial rate Bf formation which rapié&y
falds with time, causing the yield to pass througﬁ a maxi-
mum, at which the concentration of CO in_the gas phase is
about 110 PPM. After the maximim, the yield of CO falls
until i limiting cpncentration of about 15 ppm CO is |
éﬁtained;

The CO yield-time curve at 1115 X can be considgred in

four stages: 'a) the initial rate:; b) at the maximum
N TA
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Figure 21B. Yield of CO as a Functioch of Time.
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able 18.1Figure 21)
YIELD OF H2 AND CO AS A FUNCTION OF TIME

, Temp. 1115 K

. TotaX-Pressure 484 ~ 520 Torr
Concentration of O2 in H2
1390 ppm

Timi/Min. CO/ppm H20/ppm

. -~

1 48.5 -

. 3 73.3 2200
",

3 58.3 2300
10 87.9 t -
10 81.1 2000
10 - 79.1 ) 2370
20 ~23.3 -
20 o - " 2200
20 - R 2000-
20 - 2500
30 12.6 ' 1500
30 18.0 . 1740
61} Y o12.1 2100

61 13.5 ' ' 2300
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Table 19 (Figure 21)

YIELD OF H20 AND CO AS A FUNCTION OF TIME

E . Temp. 934 K
R . . . Total Pressgure 468 - 405 Torr
- . Concentration of O, in H,
- T 1400 ppm
&
Time/Min. CO/ppm Hzo/ppm ~
- 3 5.3 2000
- hl
5 4.4 1850
10 Te. 4.4 1960
20 _b _ 5.3 ' 1690 .
. * e
>‘ .30 (5.3 1900
57 6.8 . 1900
-
~
’ -~
2 J
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concentration of CO in the gas phase; c¢) the fall in-yield

with time; d) the equilibrium concentration of CO. The
interpretation of the reaction ocisgging in each of these
\ . by /_\_.-
stages will be considered in the following parqgizphs.
In the initial stage it appears from Figure 21 that most

of the oxygen reacts rapidly with hydrogen to form H,0

2
and only a small pagt of the O2 undergoes adsorption on

the carbon surface with pogsible formation of the surface
complex, [C~0]. Because the yield of,HZO does not change

during the reaction this initial partition of the O, in

2
the gas phase between formation of HZO and adsorption on

e surface must occur i% a time short compared to the
easured time., The partial pressure of 02 in the gaé phase
should therefore instantly drop to é very low value., The
adsorbed O, does not reaét further wi#ﬁ H, to give wgte;,
but rather undergoes a slow desorption to release CO.
Thié behaviour is characteristic of the strdngly—boun@
surface complex. in these experiments the‘ini;ial';on—
centration of 0, is about lBéQ;ppm 0,- Formation of
e
Therefore about 290 ppm Oz‘may be adsorbed on the cgfbon

2200 ppm H,0 corresponds to consumption’ of ilﬂo‘ppm o]

surface. -The concentration of complex on the surface may

be exprefsed as mol cm_2 taking the surface area of the

qarbon‘film as equal to the area of the'vessel£34] (as

discussed in Chapter 2), and assﬁming one molecule of 0,

gives two molecules of complex. In these experiments
. ' o L e s

A
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the concentration of conplex is 1.02 x 10-'9 mol cm_z. The

initial rate of desorption of CO can be estimated from

the yield-time curve to be 2.4 x 10_9 mol L-}s_l. 1f

this rate is expressed in terms of the concentration of

complex

o _. ‘ ' -
RCO = kd [? ‘e O]O o (3-1)

co

conétant of desorption, and [C ... 0]o is the surface

. where R, is the initial rate -of CO desorption,kd is the rate

concentration of complex at initial time. kd is therefore

2.31 x 10 3571 at 1115 K. Using the frequency factor

3 x 1012571 [37]

suggested by Olander, the activation

energy of desorption can be estimated to be about 80 kcal

mol'l.' The total concentration of carbon on the surface

7

. . ! - - .
in these experiments was 4 x 10 mol cm 2. The ratio of

the number of carbon atoms covered by the complex to the”

total number of atoms of carbon is therefore 1.02 x 10-9/

4 x 10_7 = 2.6 x 10”3. This ratio is in agreement with
similar estimates based on measurements of the surface
d.[48]

area of the carbon use Because the CO disappears:-

during the course of the reaction, it must be concluded
that reaction with H, occurs in the gas phase. The con-
centration of CO in the gas phase is too low to allow a

significaht rate of adsorption onto the carbon surface.



78

. . . .
R . : .’ . {.5 v "

AN

At the maximum concentration of CO in the gas phase,
the rate of desorption of CO will equal the rate of dis-
appearance of CO& The reaction between H, and CO may be

.expressed as s

. n
= k;[CO][Hz]
. and therefore
oo n
kg [C...0l = k [CO] [H,] (3-2)

where the rate of disappearance of CO is assﬁmed to be
first order with respect to CO but of unknown order with
respect to H2. In Equation (3-25,\T5f>.. O]m'represents
the surface concentration of complex ét the time of maximum
concentration of CO in the gas phase.

We define 6 as the ratio of the concentration of com-

plex [C ... O] on the surface at any time to the concen-

tration at the initial time [C ... O]o'
6 = [C ... 0]/IC ... o]o‘

At the maximum gas-phase concentration of CO, accdyding to

Equation (3-2), 6 may be expressed as follows:
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n= o, - (o] =3

&

]

1)
= g =

It will be shown in the next paragraph that the term kr[Hz]n,
which is independent of reaction time, can be evaluated from
the éhird region of the yield-time curve for CO. From this
value, the maximum concentration of [CO]m in the gés phase
and—ﬁhe initial rate of desorption of CO, Bm can be cal-
culaéed to be 0.13.

After the maximum concentration of CO in the gas phase,
.the rate of desorption of CO decreases-rapidly since the
‘surface concentrétion of complex is greatly depleted

{6 < 0.1). The observed rate of disappearance of CO may,

to a good approximétion, bé due sclely to the reaction

between H, and CO. ) -
_ dlcol _ (col [H.1® .
‘ dt - b 2
- ) ey
or e

_ d loglco]l _ Kk, [1,1"

at e

At constant temperature and pressure of H2,
x

be a constant. The smoothed curve obtained in this region
B

n
kr[HZ] should

was plotted as log(CO] as a function of time. From the

linear portion a rough estimate for kr[Hzln'WAS obtained
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0£'1.1 x 107357} at "1115 k. This value was used for the
cal&ulatibn—of'em in'ihelﬁreceeding paragraph.

The final region of the fvs) yield-time ourve'shows
that the céncentration of CO approgched'a limiting value
(15.ppm).. This may indicate the establishment of various
eqﬁiliﬁria involving gas phase reactions and hetg;ogeneous
reactions of CO. 'If, in this_regioﬁ where the céverage
is 1$w,'i£ is assumed that the c;verage of the-suffaCe by
the complex does not change with time and is proportional

to the CO concentration in the gas phase, then the relative

surface concentration of complex & may be estimated as

- follows
_ [co] _ 15 ppm _ A

Now the variatioﬁ of 6 over the course of the reaction
is illﬁstrated in Figure 22. This variation can be com-
pared with the variation in the rate of fgrmation of-CH4
in the presence of 1390 ppm O,. Both functions‘deérease
rapidly in fpe early stage of the reaction while 0 approa-
dhes.the final limiting value, The rate of Cﬁ4 formation
also tends to a limiting value, which is comparable with
the rate of the.reaction'with_pure hydrogen. Thus the

rate of formation of CH4 appears to be related to 6, the

relative surface concentration of complex.
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Figure 22. Relative Concentration of Surface Complex
as a Function of Reaction Time
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The prégent results, Figures 23 and 24, show that the relation between
the rate and the concentration of complex may not be a |
gimple linear function of 0,, in o&mﬁ'words, a first-order
Gdependenée on the concentration of complex. In Figure 18,
the rate of formation 'of CH, inereased sharply witﬁ ;he

initial concentration of 0, in the gas phase. If the ,

concentration of complex-on the surface is proportional

-

to the initial concentratdon of 0, in the reacting mixture
then the rate of formation gf CH4 is strongly dependent

on the surface concentration of the complex. This‘strong
depeﬁdence is compatible with the suggestion that the com-

plex has -an activating effect on the surroﬁnding carbon

(333

atoms. One complex could activate several surrounding

carbon atoms. Although the dependence of the rate on the

concentration of complex on the surface cannot be quanti-

v

tatively determined from the present experiments, the
results are in agreement with this previous interpretation

from the studies of the reaction between C and 02.
The initial rate of formation of Cﬁ4 in mixtures q}th
1390 ppm.o2 was measured over the temperature rahge B32

to 1114,K. Figure 25 shows, as an Arrhenius plogt, the

v L . :

" temperature dependence of the initial rate of CH, forma-
Y ~ £

tion. The apparent activation energy decreases with
increasing temperattre; The temperature dependence of

the ratio of the initial rate of formation of CH4 in the
. t .
presence and absence of 02, RO /R;'at a éotal pressure of
2 . :



Table 20 (Figures 23 & 24)

THE ORDER OF THE RATE OF CH4 FORMATION

WITH RESPECT TO PARTIAL PRESSURE OF O2
&

Temp. 1111 K
Total Pressure 177 Torr “

[02]/10—6 4 + 109[02] - RO/lOTlOmOlIfls—L
246 0.390 . 1.85
553 0.743 - 3.17
816 0.912 . 4.21
1130 1.052 ' 6.81
.
Temp. 934 K
) . Total Pressure 177 Torr
. _ ' - -1 -1
- 10,1/107° 4 + 1og(o,) Ry/10" mo1 L7
232 0.365 ‘ 2.37
. 456 : 0.659 i - 6.61
722 0.859 11.7
1090 1.037 - 33.5

14600 1,146 42.4

1t



10 + log(RO/mol L-ls-lf

3 . 84 {

1 1 L [ 2 | -
"’ 0.2 0.4 0.6 0.8 1.0 1.2
3 4 + log(0,]
Figure 23. The Order of Rate of Formation of Methane

with Respect to Partial Pressure of O, in H
at 1111 K with Total Pressure 177 Torg

S
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Table 21 (Figure 25} - -~ ~°
TEMPERATURE DEPENDENCE OF RATE OF CH, FORMATION -/
| 0,/0,+K, = 1390 ppm | |
PH2 = 177 Torr
/K 3 Roz/lo—llmol rlsh
832 - 2.20
872 _ 8.24
893 ) . 16,7
911 19.4
932 29.8
952 . 38.5
972 , 58,2
993 ' o 62.2
1012 o 70.4
1033 , _ 87.0
1054 . 88.0
?55@ - 98.3
1074 ; - 36.8

1094 106

1114 = 116.5
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177 Torr, is shown in Figure 26. Thé maximum galhe of the
ratio Roé/R occﬂrs at a temperature of about 1060 K. Th&§ ]
var%étion in the effect of 0, on the rate of the reaction
may be exam;ned in terms of the properties of the (C ... 0}
complex.' Studies of the temperaturejprogfémmea desorpticn
of the complex have shown that by 1000 K desorption is rapid
a;d the equiii%rium éoncentration of complex on the sur-
face would rapidly decrease at higher temperatures. Any-
effect on the rate by the complex would then decrease as
its concentration on the surface decreésed.' The decrease
in therfatio,at low temperatures is not-easily explained.
In the present experiments the conceﬂtration of complex on.
-the surface is'qualitativeiy.indicéted by the difference
between the amounf of-Oz.initially added and the yield of
HZO recovered, This amount appeérs not to change signi-
ficéntly from the low temperafure limitlto the temperature
of the maximum in the ratio Roé/R. The decrease in the',
ratio withﬁtemperature may then reflect competition between
various surface processes, guch as migration and desorption,
which contribute to the final formation of methane. The
suggestion concerning the mechanism of the oxidation pro-

(571

cess itself proposed by Qlander 'may be relevant to

- these observations. They proposed two kinds of active sites

A and B on the carbon surface. The Oi is chemisorbed only

on the A*type sites, forming the bound CO complex and at

the same time, releasing the partner oxygen atom as a
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900

Figure 26.

"T000 " 1100

The Tempesxature Dependence of the Ratio of
the Initial Rate of Formation of CH, in the
Presence and Absence of 1390 ppm Oxﬁgen,

RO /R, at a Total Pressure 177 Torr
2

>
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mobile adsorbed species. This .species migrates over the

surface until it reaches a B-type site where it reacts
to form a bound CO complex. In this interpretation the
reaction which occﬁrs on the B-type sites will depend on
the mobility of the adsorbed oxygen atoms. qu mobility
will increase with increasing temperature and hence the

concentration¢ of complex will increase with temperature.
The present rzgﬁiﬁg are consistent with such a general
picture of the formation of the comélex, But‘cannot be
assumed to provi@e conéirmation. In summary, the results
of thesé experiments show clearly the signif&cant effect
of fhe presence of the éurface_complex of oxygen on the
;ate of the reaction between H2 and carbon. The details
he mechanism of this effect are still speculative.

Further experiments with other systems will be n¢cessary

before a clear picture emerges.
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PART TWO
KINETICS OF THE THERMAL REACTIONS

. CoHg

C.H

+ H, - C,H. + H

2 276

+ H -+ C2H5 + H2

~ 2CH

2
o CoHg

6

3
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LIST OF REACTIONS IN PART TWO

. )
‘{'[ 1] H2=é;§g
[2].H+C' 4+M=C2H5+M

[ 3] C2H5 + H,z'_—' _C2H6 + H

[ 4] C,H = 2cﬁ3

[ 5] CH; + H,= CH, + H

[ 6] CZHS + H -+ C2H6

[ 7] H+ c,u, » 2cH,

[ 8] C2H4 + H2 - C2H5 + H

[ 9] C2H4 - C2H3 + H .

[10] CZHS + C2H5CHO.——* C2H6 + C2H5CO
[11] H + O2 + OH + O

[l2f C,H. + C,H, - C,H. + C,H

275 274 276 273 . ¢
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CHAPTER 4

INTRODUCTION

bDuring the study of the reaction of carbon with

hydrogen reported in Part I, the importance of concurrent,

~

gas-phase hydrogenation reactions was noted., Part II will

present the results of kinetic studies on the hfdroge-

_nation of ethylene and the decomposition of ethane in the

gas phase at temperatures in the neighbourhood of 1000 K.
These studies involve the kinetics of the elementary

reactions

C2H5 + H, =+ C2H6 + H { 3)
H + C2H6 + ¢2H5 + H, ‘ (-3)
C2H6 + M -+ 2CH3 + M - ( 4)

In addition, the wéak collisional effects o; hydregen ih
the thermal unimolecular diésociation of‘CzH6 have bgen
measured.

Most of the measurements of rate constants for
reactions of small hydrocarbon radicals have been obtained
at temperatures below about 850 K where the radicals have
a reasonable lifetime for kinetic studies. Rate cons-

ants for reactions of hydrogen and other atoms héve been

obtained at highef %emperaghres above 1500 K from shock
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tube studies. There is a scarcity of datalin the tem-
perature region around.lOOO K and yet many thefmal reaction
systems involving these radicals have been studied af these
‘temperatures and higher. It is important to have reliable
measurements of rate constants for elementary reactions,
not only for qualitative understanding of mechanisms, but
for quantitative modelling studies. Many rate constants
are obtained by extrapolation of meaéurements‘made at

lower temperatures. Serious errors may be .introduced in
this proceaure if. the reaction shows ﬁon-Arrhenius> beha-

(58] The evidence for such behaviour in the reactions

viour.
of small hydrocarbon radicals has been discussed. There
has been a suggestion that the Arrhenius plot for thé
reactioh analogous to (-3} for methane is 'strongly curved
and further, there is good evidence that the reaction of
methyl radicals with ethane provides a curved Arrhenius

[59] suggested that reaction (=3) 4dlso

plot. Clark and Dove
has a curved Arrhenius plot, although thévjﬁrvature_is
thought to be gquite small. Such behaviour is of great
fundamental importance in the kinetics of gas phése reac-
tions. The question has not been satisfactorily resolﬁéd
vand improved determination of such rate constants is therefore
an importan§ goal qf kinetic studies.

Only four measurements of the rate constant -of reac-

d.[60_63]

tion (3) have been reporte These measurements
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. .
were conducted over a narrow temperature range or at a
single temperature and were all made relative to the
rate constant for combination of ethyl radicals.

[62]

Halstead and Quinn studied the kinetics of the

thermal hydrogenation of ethylene at 823 K by a g%tailed
. ) ]

product analysis. BAnalysis of the kinetics gave a value

for the rate constant for reaction (3).

63]

Baldwin, et al.[ obtained the rate constant for

reaction (3) at 673 K through kinetic studies on the
oxidation of C2H5CHO. In their experiment the ratio of

rate constants for reactions

CoHy + C,H.CHO ~ C,H, + C,HLCO _ (10)

C,H + H, =+ C2H6 + H ( 3)

was measured. : A

[61] mede a quantitative study of, the

Reid and LeRoy
reaction of ethyl radicals with molecular hydrogen in the
gas phase over the temperature range 513-593 K. The
mercury (63Pl) Photosensitized decomposition of hydrogen
in the presence of ethylene was used to generate ethyl
radieals.

Boady and Steacietso] studied the reaction of deu-
terated ethyl radicals with hydfogen in the temperatdre

range 375-515 K.



constant in a higher temperature region.
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A summary of these data is given later in Table 25
and Figure 33. All these measurements were made below
823 K. New measurements at temperatures about 1000 K

should therefore be valuable in establishing this rate
Measurements cof the rate constant for reaction (-3)
have beeﬁ reported bf.a variety of techniq;es for manj
9ears,zand sevefai summaries have recently appeared.[64]
Most of the measurements héﬁé been conducted over a narrow
temperature range ané ocEasionaliy at a single temperature,
The main problem encountered in these measurements is the
determination of the concentration of hydrogen atoms.
During thé past few years the technique‘of atomic resongnce

\ ’ ! .
absorption has been successfully applied to measurements

of the concentration of hydrogen atoms in several systems.[GS]

This provides a direct measurement of the instantaneous
concentration of H atoms but has been applied only at
temperatures above 1000 K. Rate constants for reactions

both producing[ssl

and consuming[67] hyd:ogep atoms have
been obtained. Ap'lower tempe:atﬁrés, however, the mea-
surements of raté‘constants for reaction of hydrogen atoms
with ethane have, except for studies. using ESR detectic;n-,[681
relied on a relative measure of the hydrogen-atom concen-

tration.
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In systems involving-atoms and radicals the concen-
tration of hydrogen atoms is seldom controlled by their
rate of mutual combination, either homogeneocusly or
heterogeneously and other reactions consuming ﬂydrogén
atoms must be used ds a reference. For example, the rate
constant for fEEQFion (-3)‘at-990—l430 K was determined

[

by Fenimore 69] from flame studies relative to the rate

constant of the reference reaction

H + O2 - OH + O (1)

This reaction has also been used as reference in studies

of the inhibition of ethane in the Hz/o
Ay

2
[70]

reaction at
813 K. v

At slightly lower temperatures, 500-750 K, Marshall,
Purnell and co-workers have shown that in a flow system

[71]

at low pressure with reactant ethane the combination

reaction o *

H + C,H, - 2CH, | (7)

is the main competing process for removal of hydrogen atoms
and provides a reference reaction with known rate constant.
(721 _ '

At lower temperatures, Yang measured rate cons-—

tants for several abstraction reactions of H atoms rela-

tive to the addition reaction with prdpylene. .



Y
0
(]

[741168) nich are based on

Sevefgl measﬁrements,
the direct reéction between H atoms and ethane, require
a knowledge of the stoichiometxry of the reaction, that
is, the number of hydrogen atoms, n, reacting per ethane -
molecule consumed, This has usually been assumed to be
4.0, the value corresponding to the situation where
methane is the sole_product. If, however, ethane may
be reformed subseguent to the ini£ial reaction, n could

-

be less than 4 and the assumed stoichiometric ratio should
be corrected.

-There is fairly good agreement among these various
methods but there is no doubt that better accuracy ;s
néeded to.give confidence to modelling studies and to
assess the extent of curvature in the Arrhenius ékpression
over the temperature range covered by the measurements.

A new system for the measurement of rate constants
for radical reactions at temperatures in the neighboﬁrhood
of 1000 K has been explored in this work. The method is
based on the premise that at these temperatures, with
moderate pressures of hydrogen, an equiliﬁfium concentra-
tion of hydrogen atoms can be maiﬁtained in the system.

A small quantity of reactant in concentration of a few
Ppm, iS'adaed to the hydrogen and the rate of consumption
of reactant and appearance of the products is measuréd.

It is assumed that the equilibrium between hydrogen mole-

cules and atoms is not significantly perturbed by the



addition of the reagen%t In the ﬁresent study, this
assumption is teéted through a measu;ement of the order
of the rate of thre reaction. The present studies des-
cribe the kinetics of the reaction with reactants ethy-
lene and ethane, In the former case an equilibrium
concentration of ethyl radicals is attained by addition
of hydrogen atoms to ethyleﬁe‘and the rate-controlling
step is the abstraction reaction of ethyl radicals with

. \ A 4
hydrogen, reaction (3).

L C H + Hy > CoH + H - (3)
With the reactant ethane there are two possible
pathways for the initial disappearance of CZHG in the
presence of excess of H,: first, the reaction between
hydrogen atoms and ethane, reactipn (=3), leading to for-
mation of C2H4,.§econd, the dissociation of ethane to
methyl radicals, reaction (4), which convert into CH4
through further hydrogenation. Measurement offk4 in the

present system provides data on the relative collisiocnal

~efficiency of hydrogen in a unimolecular dissociation.
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CHAPTER 5

EXPERIMENTAL

The reactions were studied in the same system, with
minor hodifications, as described in Chapter 2. A second A
vessel, similar to the one described earlier, was packed
with quartz tubes to give a S/V = 7.5 cm_l and was used
to test for the importance of surface reactions. Mixtures
of H2 - C2H4 and H2 - C2H6 were prepared by a two-step
dilution with pure H2 to obtain the desired concentration
of C,H, or C,H. in H, of between 10-100 ppm. During the
dilutions the reading of pressure was made with at least
3 significant figures. After a mixing period of 12 hours
the composition of the mixtﬁre-was‘homogeneous and inva-
riant. Ethylene (99.98%), ethane (99.99%) and xenon
were Research Grade obtained from Matheson of Canada,
Whitby, Ontario. Hydrogen was purified by passage through
a Molecular Sieve 5A Column at ligquid nitrogen temperature
with a residence time of 1l~2 sec. as described earlier.

The products were analyzed as described’ in Chapter
2. The reactants énd products, ethane, ethylene and
methane, weré measuredy for reaction times from 1-40 min.
Experiments covered the temperature range 850-1200 K. The

total pressure ranged from 30 Torr to 300 Torr.
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CHAPTER 6

KINETICS QF THE REACTION

C2H5 + H2 +,.C2H6 + H FROM 1111-1200 K

(a) Products

The primary product of hydrogenation was ethane, but

at the temperature of the reaction, secondary decomposition

"was rapid and ethane was gquantitatively converted to me- -

thane. Yields of CH4, C2H6'as a function of tiﬁe at 1111 K
together with the corresponding concentration of C2H4
remaining are shown in Figures 27-29, Particularly from
Figure 28 it is clear that ethane is an intermediate pro-
duct and even at the lowest Eemberature its yield is small.
It gecame undetectable above about 1200 K, It should be
noted that equilibrium in this system correéponds to
almost complete conversion of ethylene to methane. The

reaction was therefore followed by the disappearance of

ethylehe and the appearance of methane.

{b) Measurement of Rates

The rate of the reaction in the unpacked vessel was

measured at 1111 K for five concentrations of ethylene in

hydrogen ranging from 9-36 ppm. At each concentration

the rate was measured at three to five total pressures



Figure 27.
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Variation in Mole Fracfion of Reactant
and Products at 1111 K and Total Pressure
of 182 Torr

- C,H,
0o - CH4
i} -‘C2H6

Opeﬁ’Symbols Refer to Unpacked Vessel
(S/V ~ 1 em~l) and Filled Symbols Refer
to Packed Vessel (S/V ~ 7 cm~1l)
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400 ‘ 600 T

Figure 28, Mole Fractipn of Ethane ag a Function of }
\ Time at Varjous Temperatures, Initial -
J Concentration of Ethylene: 9.33 ppm; Total
Pressure®182 Torr : .
0O - 1111
0 - 1171 K\,
A - 1151 K

o - 1131 K
® - 1192 K
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®

Figure 29. Mole-Fraction of Ethylene as a Function
of Time at 1111 XK.with Initial Concen-

{i;_h tration of Ethylene of 19.2 ppm. Total .\
Pressure: ‘ e

A - 85.5 Torr

. O - 117 Torr

0 - 149°Torr

A O0-- 182 Torr
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ianging from 100~-300 Torr. At a total‘pressure of 182

Torr the rate was measured at_ several temperatures oveF

the range 1111-1192 K. 1In addition, the total order of

the rate with respect to both réactants was measufed at

1192 K. It is evident from Figures 27-29 that the mea-
surement of initial rates from the data required an extra-
polation to zero time. The prﬁéedure adopted for this was
the following. The data were fitted to integrated equations
for orders of 0.5, 1.0, 1.5 and 2.0. The best linear extra-
polation was obtained with the function 1/X against time.
This function was therefore used for all the data. A
summary of the measurements of initial rateg is given in

Table 22, For comparisén, initial rates were estimated

'directly from the yield-time plots or from the function

log X against time. .These estimates were within 25% of
the values given in Table 22. It should be emphasized
that the function used to estimate the initial rates is

not particularly significant in terms of the mechanism

of the reaction during the initial stages.

() Determination of the Order of the Rate with
Respect to Both Reactants

The dependence of the rate on the initial concentra-

tion of the reactant is the characteristic of most impor-

‘tance to thé mechanism. The rate of disappearance of

-

ethylene may be written
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~

C_ m n _
- RC2H4 = k[gz] _[C2H4] | (6-1)

where k represents an overall rate constant and m and n

represent the order of the rate with respect to hydrogen

and ethylene, respectively. Designating the mole fraction

of each reactant by X and makiﬁg the approximation that
- [ .

+n'.n
R = k[p]™ " x :
C H4 CzH4

(6~2)

where P is the total pressuré.
A log-log plot of the initial rate as a function of
Xo g is shown in Figure'30 for four total pressures. The

274
cencentration of hydrogen is essentially constant for each

total pressure and the slope of these plots theféfore gives
directly a value for n. From these data the average value
of nis 1.0 £ 0.1, A similar plot was then made for:con—
ditions where the conéentratioqﬂof ethylene was constant
and the total pressure was varied, These results are shown
in Figure 31. The slope of these plots, all equai to 2.4

+ 0.1, gives the total order m+n. A similar plot using

the data obtainedtat 1192 K (Table 22) gives a vaiue for
m+n = 2,5, The value of m is thérefore 1.5 £ 0.1. An

Arrhenius plot of the initial rate, which is shown in

Figure 32A, gives an activation energy of 33 Kcal/mole.
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Figure 30. Logarithm of the Initial Rate of Reaction
of Ethylene as a Function of the Lodarithm
of the Initial Mole Fraction of Ethyleﬁe
for Various Total Pressures at 1111 K

<> - 307 Torr; slope = 0.95
A - 274 Torr; slope = (.97
O - 183 Torr; slope = (.98
0 - 117 Torr; slope = 1.03

Open Symbols Refer to Unpacked Vessel (S/V
~ 1 cem~l) and Filled Symbols Refer to Packed
Vessel (S/V ~ 7 em~1),
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Figure 32A.{9Arrhenius Plot for Initial Rate of C.H

103 x/T
2By

-at Total Pressure 182 Torr

0O - 9,33 ppm C2H4
0 - 10.84 ppm C2H4
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{d) Measurements in the Packed Vessel

4 o
o

In the packed vessel, rates were measured .at tétal
pressures of 116,.0, 182.0, 274.0 and 325.0 Ti:r for each
of three mixtures 12.6, 18.5, 28.0 ppm ethylene at 1111 K.
The results are included in Table 22 and are shown as the
filled symbols in Figure 27 and 30. It is evident, par-
ticularly from Figure 30, that the rates were not signi-
ficantly altered in the packed vessel, It may be con-
cluded that heterogeneous processes are not important in

the rate-determining steps of the reaction except to a

slight extent at the highest pressures.

(e) Mechanism ¢f the Reaction

These results may be interpreted through a simple
set of reactions where the H-atom concentration in the

system is determined by the equilibrium between molecules

and atoms

H, — 2H , (1)

y=
H o+ C,H, + M= C)H, + M | (2)
C,Hg + H, =+ CZHg + H v (3)
C,He =+ 2CH, . | (4)
CH3 + H2 -+ CH4 + H (5

C2H5 + H » C2H6 (6)
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The stabilizing third body M is included in reaction
(2) since these processes are known to be éressure-dependent
at the temperatures and pressures of this study. Considering
only the reactions occurring in the initial stages.

1/2... .3/2
k3k2[NﬂxKl 5,17 “[CH,]

- = = - (6-3)
g, T e k_, M0 + K, [H,]

where x, having values between 1 and 0, represents the depen-

dence of the rates R. and R_2 on the concentration cof the

2
third body M.

The characteristics of the rate depend critically on
. x w
the ratio of rates k—2[C2H5][M] and k3[C2H51[H2].
Case 1: If k_z[M]x >> k3[H2], an equilibrium concen-

tration of ethyl radicals will rapidly be attained through

reaction (2). The rate may then be expressed as
~ _ 1/2 3/2 ‘ _
RC2H4 = k3K2Kl [H2] [C2H4] (6-4)
Case 2: If kﬁz[M]x << k3[H2], the rate expression

simplifies as follows

. - Xgl/2 4y 1172 —
RC H kz[M] Kl [H2] [C2H4] {6-5)
274
SinCe M} = [H2] the total order in each case will be 2.5
if x is ciose to 1, as is expected under the present con-

ditions. From the.dependence of the rate on the concentration
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of each. reactant therefore it is not possible to determine

whether reaction (2) or reaction (3) is the rate-controlling
step.

On the other hand, the activation energy of the rate
is quite differént for each case. The measured activation

energy is 33 kcal/mol. Taking AH, = - 41 Kcal/mol (see

2

Table 24) and'AHl = 104.2 kcal/mol, Equation (6-4) gives

Ey = 22 kcal/mol.  Although this value appears high, it
will be shown later that the measured activation energy

for reaction. (3) is close to this. From Equation (6-5),

using a value of E2 of about 6 kcal/mol [64], the activa-

tion energy of the rate will be about 58 kcal/mol, which
is far greater than the measured value.

A calculation of the relative magnitude of k_Z[M]x
and k3[H2] shows that k_z[M]x is about 25 times greater

than k3[H2] at 1111 K and total pressure of 182 Torr. The

]X

value of k_ may be estimated from the data of Lin and

2 (M

B3 ..
Back,[ ] whose measurements were made under similar con-

ditions of pressure and temperature, although the bath gas

was ethane rather than Hz. Their data indicate that at

913 K and 120 Torr, the ratio k_z[M]x/k_z is about 0.3.

5, (log k_& (5-1) = 13,6 - 38000/
2 -2

) = 6.12 at 1111 K and at 182 Torr

s_l. In the presence of hydrogen as

Using their value for k_

2.3 RT), log k_; (s™1

k_,M1* = 4.0 x 10°

third body instead of ethane this value may be further

reduced by about a factor of four to ~ 1055_1. This factor
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may be slightly smaller as indicated by the present results,
which are discussed in Chapter 9. Taking the value of |
log k3 = 6.16 at 1111 K from this work, k3[H2] is ‘about

3

3.8 x 10 s-l at a.vhydrogen pressure of 1é2 Torr and thé.

"~ ratio k_z[M]x/kB[Hzl is about 25. This estimatg is not
conclusive because rather long extrapolations are réquired
for the rate constant k_2 and its pressure—dependénce must
be obtained. Taken together, the order andlphe activation
'energy of the rate suggest that the mechanism is best des-
cribed by the conditions imposeﬁ by Case 1 and that Equa~-
tion (6-4) aaequatély expresses the rate of disappearance
of ethylene in the system. |

Both the order with respect to hydrogen éhd the -
activatioﬁ eﬁérgy_i;'thé rate strongly suggest that hydro-
den atoms are m;intained at an equilibrium concentration.,
It may be questioﬁed, however, that the h&hoéeneous rate
of dissociation of hydrogen is Sufficientlyﬂf;st to allow
the equilibrium concentration to be gbtained during the

time of these reactions. Taking the value of 3.4 x‘lO9

(L mol “1)%s™! for the third order rate constant for cdm-
A

)

bination of hydrogen atoms

H+ H + H2 -+ H2 + H2

-

measudred at room temperature[75] and the equilib;ium cons-

17 1

tant for dissociation, K, = 1.23 x 10 -’ mol L™~ at

1
S

Ir
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1211 ‘K, the rate of the homogeneous dissociation of H, at.

182 Torr can be estimated as

A

] )
20 _ -13 -1 -1
IE - 1.45 x 10 mel L s

- d[B

4

¥

In genéral éhe third order rate constant decreases with
increasing temperature because at higher temperature, tﬁe
iifetime of the bimolecular complex.will be shorter. There-
fore, the rate of dissociation of Qé calculate%Jabove will
be an upper limit for the homégéneous rate of production

of H atoms. ) .

(761

Sepehrad, Marshall and Purnell measured the rate

. . . L4
0of combination of hydrogen atoms on a clean quartz surface.
- ‘

In their system, hydrogen atoms disappeared at the wall in

a first-order process
1
H-)--E-H ) (W)

and a value of kW of 20 = 15 s_:1 was estimgted in;the range
of 600-800 K, 1In this temperature reg%on, no chahge in kW
was observed within the error of measufements Fufthermore,
the value was similar to that reported at room tempera-

[71]

ture. It is reasonable, therefore, . to assume this

value in bur region of temperature.

3]
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The rate of dissociation of hydrogen on the surface -
may be obtained from the rate constant kw for combination

on the surface and ‘the equilibrium constant K1 as follows:

k
W -1 1/2
. - Ky (Kl) v
W
At 1111 K, e .o
5. .17 2 1.1/2 -1 ‘
1/2 - B ‘)l/ (mol L /2

kg = Jog(K)) ™ =720 x (1.27 x 10

At 182 Torr, the rate of heterogeneous dissociation of H2

will be

d[H
dt

2] 9 1-1

—'% mol L s

- 1/2 _ -
=k (8,177 = 3.6 x 10

Comparison of these two rates shows that homogeneous disgo—
ciation is indéed too slow by at least a factor‘104.‘ It
ﬁust be concluded that dissociation and recombination are -
catalyzed by the quargz surface in the present vessel.
The fact that the rate was not affected by an increése in
S/V ratio of the reaction vessel is in agreement with the
attainment of an eéuilibrium concentration of hydroéen atoms
in both unpacked and packed vessels,

"Other reactioné may affect the concentration of radi-
cals in the system. Theloccurrence of reaction (6) could

reduce the concentration of hydrogen atoms below equilibrium.
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At 1111 ¥ and a pressure of hydrogen of 182 Torr, the
equilibrium concentration of hydrogen atems is 1.79 x

10_10 moljfl

. Under the same conditions, with 10 ppm
C,H,, the equilibrium ratio of C,H/H equalls 1073, - 1f
ccmbination at tﬁe wall occurs by réaction (W), the ratio

of the rate of reaction (W) and (6) may be expressed as

follows:

_R_w' kg [H] h Ky
R

= = - (6—6)
6 KglCHglIHI — kR [HT[C H,]

and with the condition described above (K2 = 1.7 x 10

Lmol} at 1111 K)

= 2.6 x 108 (6-7)

<

‘Therefore, termination by reaction (6) is probably not
sufficiently important to reduce the concentration of
hydrogen atoms significantly below equilibriﬁm. Further-
more, this reaction probably requires collisional stabili-
zatipq, making the rate of reaction (6) slower than esti-
mated. Without stabilization, thé ethane molecule will
dissociate into two methyl radicals which will rapi@iy.ponv'

vert to methane, returning hydrogen atoms tobthe system.
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Reactions other than (2) which lead tc loss of
ethylene may be consi&;:ed. Ethylene 'may react directly
with hydfogen to give an ethyl radiééi and a hydroéen

atom

N

+ C.H. + H ’ (8)

C,H 2 285 .

24+H

The rate consPant for reaction (8) may be estimated
from values of AH and AS (Table 24) and the rate constant
k—B' The rate constant k_8 represents the dispropor-

tionation reaction of the overall combination process of

»

a hydrogen atom and an ethyl radical. Taking the overall

combination rate constant as log kc =.10.81 - 200/2.3RT[125]

[71]

and kd/kC = 0,05, therefore k_8 can be expressed as

log k_g ='9.51 - 200/2.3RT

=-

The value of kg can be deduced as

1-1

log kg (Lmol-"s™") = 10.07 - 67300/2.3RT

At 1111 K, kg = 6.53 x 1077 ©mol tst

‘The rate of disappearance of ethylene by reaction (8)

may be written as
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Taking the conditions of 182 Torr of hydrogen and 10 ppm

C2H4 as an example, the rate of disappearanci of ethylene

may be éstimated as 6 x 10-14 mol ﬁqu}, while the

observed rate is 3 x 10 % mol 1 lst (Table 22). Reaction

(8) therefore does not appear to be important under these
conditions. A further possibility for consumption of

ethylene is the unimolecular dissociation -’

7

N~

CoHy » CoHy + H ' . (9)

a¢

This reaction has been observed and measured in-the shock-

[77] (78]

tube pyrolysis.of ethylene as a second-order pro-

cess. A reasonable value for the unimolecular disso-
clation constant is

-1
s

log k )

! 9 (

16 - 10400/2,3RT ' (6-9)

5 -1

and at 1111 X, k 3.5 x 1077 ", Taking the same con-

9

ditions as above,

N
_ _ 13 -1 -1 _
- RC _ kg[C2H4] = 8,8 x 10 ml L ~s (6-10)

274
This must be an upper limit since the dissociation will
undoubtedly be partly pressure-dependent at the temperature

of' these experiments, . Therefore reaction (9) is also not



124

sufficiently fasf to accbunt for the rate of disappearance
of ethylene.

The rates of reactions (8) and (9) may also be compared
to the rate of - production of'hydrogen aioms in the system.
The rate constant k_i for the dissociation of H, on the

surface has been estimated as
,
kg = 7.1 % 107° (mo1 £31/2 51 4¢ 1111 k.

The ratio of rates may be expressed as follows:

Ry Kk, ln,1172 .
= = 5.8 x 10 (6-12)
Rg kg [CoH, JTH,]
' 1/2
R_ k_. [H,]
w_ w2 = 4.2 x 10° - (6-13)

R9 kg[C2H4]

Even though this represents an’ upper limit to the
rate of formation Qf hydrogen atoms from hydrogen, it is
unlikely that reactions (8) or (9) are important in the

present system.

(£) Rate of Formation of Methane

Methane is a secondary product, formed by décomposition

~

of ethane by reaction (4). If all methyl radicals react with -
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S

hydrogen to give methane (react®on (5)), the rate of for-

mation of methane is given as follows:

RCH4 =" 2k, [C,H] | (6-14)
The maximum rate of formation of methane will be observed
at the maximum concentration of ethane. Since the product
ethane achieves its maximuﬁ concentration at a very short
time of reaction, the maximum rate of formation of methane
maf be obtained by an extrapolation procedure similar to
that used to obtain the initial rate of disappearance of
ethylene. In other words, a maximum rate will be indis-
tinguishable from an initial rate on the~ti$e scale of the
present expériments. These rates of forﬁation of methane
arershown in Table 23. The maximum concentration of
ethane is obtained when the raté‘of.formation equals the

rate of disappearance, o

ky[CoHg] [Hy] = k_5[C,H 1 [H] + k,[C,H]

and therefore

H,.] = (6-~15)
6 'max k_3[H] + k4

[c2

The maximum rate of formation of CH4 is then
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‘ i k,[(C H.][H,]
_ 32751 ) _
RCH4 - 2k4 [k_3[H] +‘lk4 ] . (6-15)

If the concentration of the ethyl radical is deter-
mined through the equilibrium of reaction (2) and the
concentration of hydrogen atoms is controlled through

. reaction (1), the maximum rate of formation of methane is

2k k.K.K /2 [q 13/21c.n ] ' '
R A S 2 27  (6-18)
CH, ~ L 172 77, K, _ .

3K 4m,)

L.

Since k_3 = k3/K3 the .rate constant k3'may be expressed as

ch4k4
k =
3 1/2 .. .1/2 -
K14 1iy1 2 2k K, (1) [0, ] Reg /<]

(6-17)

The rélative.importance of the terms in the denominator
of Equation (6-16) may be deduced from the measured activa- .
" tion energy of the rate of formation of methane, If k4 >>
k_BKi/‘?[HZ]]‘/2 and ethane is removed primarily by dissocia-
tion, the rate of formation of methane becomes

_ 1/2 3/2 : e

RCH4 = 2k3K2Kl [H2] [C2H4] (6-18)
which is exactly twice thé rate of disappearance of ethylene.
In this case the activation energies for thé rate of dis-
appearance of ethylene and the rate of formation of methane

should be the same. The value observed for the latter rate

was 38 kcal/mol while for the former was 33 kcal/mol. It
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~may be concluded that the simplified expression Equation
(6-18) closely describes the mechanism for the formation )
of methane.

For the case in which k4 may be ‘neglected in the -
denominator qf Equation (6-16) the rate of formation of
CH4 is given as follows:
Rem, = 2K KR3R,y [Hy) [CoH, ]

4

1

The activation energy predicted from this equation is about
63 Kcal/mole. This case, therefore, does not describe the
Mechanism of the reaction. Nevértheless, the initial rate
of.formation of methane was not exactly twice the initial
rate of disappearance of ethylene, indicating that some
ethane may be lost by the reverse of the reaction (3). The

complete -Equation (6-17) was therefore used to calculate k3.

(g) Calculation of the Rate Constant k3

Using équations (6-4) and (6-17) values of k3 were'.
calculated from the rate of disappearance of ethylene and -
from the rate of formation of methane. The results of
the former calculation are included in Table 22 and the

latter are given in Tablé.23. Values of K K, and k

10 Kar Ky 4
are included where applicable. The eguilibrium constant
K3 was calculated using a value of 28 kcal/mol for the heat

of formation of ethyl radical, as recently reported.[94]
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" Table 23

INITIAL RATE OF FORMATION OF METHANE AND VALUES FOR k3

Total Pressure: 182 Torr, X : 9.33 ppm
, CoHy
%E[CH45/ : - -
S1-1..-10 K./107° k.75l kx./L mo1 "*six10f
T/K mol L “s "x10 3 4 3 . .
- 1111 2,50 - 3.87 0.0676 1.10
1131 3.96 B 4.06 - 0.151 1.46
. /
1151 4.92 4.21 0.282 1.76
1171 6.42 4.37 0.525  2.27

1192 - 8.62 - 4.54 1.00  2.29
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! !

Justification for the use of this wvalue rather than the
;alue of 26 kcal/mole.given in most references[79][80]
will be given later. The value of k4 in the pressﬁre-
dependen£ region was estimated by extrapolation of the.
results of Lin and Back.[83]‘ Other data used in the
calculation are given in Table 24. A statistical analysis
for the value of k3 measured at 1111 K for the unpacked

= (1.63 * 0.24) x 10% o1t 571

vessel gives k , corres-

3

ponding to a standard deviation of 15% which comes mainly
from the uncertainty 6Eﬂthe estimate qf the initial rate.
An Arrhenius plot of k3 gives an activation eéergy of 23+2 keal mol_l.
The activation energy for k3 measured in the present
experiment, 23 kcal/molef.is considerably.higher than the
average value obtained by including the results below 820.K.
It might be argued that the high value obtained in the
region of temperature of 1000 K indicates éﬁat the acti-
vation energy for this abstraction reaction increases
substantially from about 800 K to 1000 K. Such non-

s

Arrhenius behaviour has been observed and commented upon

(59  rpis

for other reagtions involving small radiéaisu
effect probably dogs not explain the high activation energy
from the present results because the value of the rate
constant is not substantially above the value expected on the
basis of an Arrhenius behaviour. On the contrary, the rate

constant lies close to an extrapolation of an Arrhenius

expression of the low-temperature data.
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Table 24‘

THERMODYNAMIC DATA*

th (298 X) s° (298 W Gl ol laeg ™t

keal mol > - cal mol ldeg 300 900 1000 1100  1200K
H 52.1 27.4 - 4.968 4.968 4.368 4.968  4.968
H, o 31.2 6.895 7.139 7.217 7.308 7.404
CH.  28.0 59.0 11.1  24.3 25.7  26.8  27.9
CH,  -20.2 54.9 12.648 27.69 29.33 30,77  32.02
cH, 12,5 52.4 . 110.45 21.46 22.57 23.54 24.39

BQUILIBRITUM CONSTANTS

H+ CHy = Colg
keal mol + 8S, /cal mol “deq * 1, -1 4
L S | o ‘ K/[mol & 571 x a0t
1000 ~38.7 -24.5 ' 10.7
1100 ~39.,0 ' -24.7 2.03
1200 ~39,2 -24.9 0.50
K,
C2H5 + Hz;:._—" C2H6 + H o
kcal mol™t 8S. /@l mol “tdegt -3
o A/ 7/ K/10
298 3.90 -7.90 . - 0.0270
900 4,16 - 7.42 2.33
1000 4.28 ' - 7.24 : 3.03
1100 4,39 ' - 7.10 3.80
1200 4,45 - 6.98 4,61

* Standard State 1 atm, 298K,
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Arrhenius Plot for k., Measured in the
Present Experiments

g -

o -
A—
I

2Hy

10.8 ppm C2H4

calculated from the yield of CH

9.3 pmm C

4
range of wvalues at 1111 K for five

concentrations of C2H4

Filled symbols: packed vessel
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In measurements of rate consfénts for radical reac~-
tions the activation energy obtéined is not itself as
significant as the value of the raté constant. More relia-
ble activatipn energies are obtained by combining a séries
of perhaps less accurate results, which are obtained over
a wide ﬁemperature range, than by'relying.oh results from
a narrow range of ;emperature. Only four direct measure-
ments of the rate constant k3 were reported in the litera-
ture, summarized in Table 25. These measurements were
all made relative to the rate constaﬁt for the combination
of ethyl radicals k ' whlch in each ¢ se was taken as 2.2

X 1010 Lnol]E l. More recent 01:}{[8 [82]

10

kc ~ 10 Iamofds_l, and these values should thetrefore,

lndicates that

be corrected by a factor v2.2.

The corrected values of these measurements of k4
togefher with the‘present meésurements are shown in Figure'
33.@ The'resulés are reasorfably fitted by an Arrhenius
eqﬁation, as follows:

log k, (L mwl™s™) = 9.0 - 12600/2.3RT (6-19)

It appears therefore that, although the present measurement
of E3 suggests the activation energy may increase at high

' ' \
temperature, the values of the rate constant k3 correlate

] L . .
with an Arrhenius expression covering the whole range of

{
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Figure 33, Arrhenius Plot for k3 open symbols
Represent Direct measurements
of k3 Reported in Literature

- this work

- reference 60
reference 61
- reference 62
- reference 63

ox=oe
1
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temperature illustrated in Figure 33. The question of
curvature in the Arrhenius plot' of ky is therefore not
answered by the present results. This qustion will—ﬁe
discussed in the next chapter with respect to k_3 and

in the comparison of the -independent measurements of k3

and k_3.' | ' o

(h) Evaluation of the Method -

A possible sburce of error in the present measure-
ments which would lea? to .an underestimate of k3 is an
overestimate of either the hydrogen atom concentration or
the ethyl radical concentration. It seems unlikely that
the hydrogen atom concentration is much gelow equilibrium
since the large increase in surface area had no effect on
the rate. It is known that hydrogen atoms are strongly
adsorbed on guartz surfaces, leading to he£erogeneous
reactioqs, but the absence of a perturbing effect of the

surface is . easily explained if atoms and molecules are in

equilibrium, The concentration of ethyl radicals, on the

other hand, may be reduced below the equilibfium value

The overall activation energy of the rate indicated that

o+

an equilibrium concentration of ethyl radicals was achieved.

Estimates of the relative magnitude of these two rates
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suggests that neglect of reaction (-2) could cause an

underestimate of k3 at most by perhaps a factor 2.

-
> i

T4

o
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CHAPTER 7
KIFETICS OF THE REACTION H + C2H6 -+ H2 + C2H5

IN THE TEMPERATURE REGION OF 1000K
This chapter describes the results obtained from a
.study of the kinetics of the reaction of mixtures of H,
with the reactant ethane and the values measured for the
rate constant for the abstraction of hydrogen atoms from

ethane

{a) Products and Measurement of Initial Rate ™

At temperatures below about 975 Kethylene was the
principal product. Figure 34A shows a set of yield-time
curves. for the’ formation of ethylene at varioué_concen-
trations of ethane with a fixed total pressure. Methane
was a minor product, which became;undetectable below about
900 K. Yield-time curves showing methane formation at 996 X
are given in Figure 3;%, Higher molecular weight products
were not observed even at long reaction ti&e. Since the
yield~time cﬁfves were linear initial rates could be
determined‘directly from plots such as illustrated in .

Figure 34A. Rates were measured at 922 K at five pressures

ranging from 365 to 175 Torr. At each pressure four

\
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Figure 34A., Yidld of Ethylene, Expressed as
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.Figure 34B. Yield-Time Curves, Expressed as Mole
Fraction at 996 K and Total Pressure
of 37.5 Torr :
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compositions of the reacting mixture were studied ranging
from 16.4 to 56 ppm ethane. Rates were also measured at
12 temperatures from 876 to 1016 K at various pressures. ' : &

The data are summarizeé in Tables 26 and 29.

(b) Determination of the Order with Respect to Each
Reactant ’ "
fecctant -

The rate of formation of ethylene may be expressed

as follows:

Ry 4 = k(H,1™1C,H1" - . (7-1)
274 ,
where k'is an overall rate constant and m and n represent
the order of the rate with respect to hydrogen and ethane
resééctively. The measurements of the rate for a constant
composition of ethane and hydrogen at various total pres-— .
sures allow the determination of the total order m + n.
The results are plotted in Figure 35A, as log of the
initial rate of formation of ethylene as a function of
log o; the total pressure. From the slope of these plots,
m+n=1.70 £ 0,05, To determine n the rate was measured
at constant total pressure fgr various mixtures of ethane
in‘hydrogen (as illustrated in Figure 34A). A log-log
plot of the initial rate of formation as a function of the -
- - .

concentration of ethane is shown in figure 35B, From the

slopes of these lines a value of n of 1.25 * 0.05 is obtained.
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Table 26

TNITIAL RATE OF FORMATION OF C.H

922 K, S/V=1.0 cm

274
l .

‘ o 11 -1 -
X /pPpm -7 - /10 "ol 1. s
Total Pressure/Torr  “2°% CHg/10 mol L = - RC2H4 y
175.0 56 1.71 15.4
37.8 1.15 10.2
24.8 0.755 -4.87
16.4 0.500 3.05
113.0 56 1.0 9.21
37.8 0.744 4.15
24.8 - 0.488 2.28
16.4 0.328 1.08
82.5 56 0.804 4.48
37.8 0.543 2.40
24.9 0.356 1.38
16.4 0.236 0.775
52.0 56 0.507 1.84
37.8 0.342 0.869
24.8 0.224 0.543
16.4 0.148 0.296
36.5 56 0.356 0.830
37.8 0.240 0.508
24.8 0.158 0.270
16.4 0.104 0.171 - =
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| I ] ] ! !

1.4 16 1.8 20 22 24
log (P/Torr)

. . 7 .
Figure 35A. Log-Log Plot of the Initial Rate of
Formation of Ethylene as a Function
of the Total Pressure at 922 .K
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R ERE

/mol i

o
C2H4

log (R

] | - 1 : ] | !

0.2 0.4 0.6 0.8 1.0 1.2
8+1log ([C,H 1 /mol 1)

Figure 35B. Log-Log Plot of the Initial Rate of Formation of
- Ethylene as a Function of the Concentration
of Ethane at 922 K

Total Pressure, Torr
O - 36.5

A - 82.5
& - 175



146

N

The value of m is therefore 0.45 t 0.1, The order of the
rate with respect to hydrogen may therefore be considered
to be 0.5 while the order with respect ethane is somewhat

greater than l.

{c) Measurements in the Packed Vessel

The rate of the reaction was measured in the packed
. "
vessel at four temperatures and for a range of pressures

and concentrations of ethane. The results are given in

Table 27. At temperatures wﬁere the rate of formation

-0of methane was measurable no change in its rate was

observed in the packed vessel. The rate of formation of
ethylene, however, was %ncreased by a factor between twp

and three; Furthermore, the order of £he fate of formation
of ethylene with respect to ﬁhé ébncentration of ethane was
found to be 1,95 * 0.15, a stronger depéndence than observed
in the unpacked vessél. Inlboth vessels the order was
essentially constant over the temperature range Pf the
éxperiments. It seems reasqnable to conclude that'a con-

-

tribution fror a.heterogeneous reaction inlthé unpacked
vessél could féad to an errdneously high order for the e
rate of formation of ethylene. 1In order to asgesslthé mag-
nitude of this”;heterogeneous reaction-and to ﬁake a cor-

rection for it,_thé foliowing procedure was adopted. The

observed order was plotted as a function' of sS/Vv ratio and
I\ = .
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Table 27
INITIAL RATE OF FORMATION OF C,H,
S/V=17.0 cm_l
. |
. ‘ o) 11
- : * X /Ppm -7 -1 R /10 -1 -1
/K P /Torr CZHG C2H6/10 mol L C2H4 mol L ~s
89 185 7.96 0.264 0.896
17.5 0.581 6.64
35.7 1.190 16.§
956 120 9.70 0.195 5.23 \
20.7 0.416 ™ 24.1 f.&
39.8 ~ 0.800 64,3 ' :
K
&
\‘_—'-__- -
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an extrapolation was made to S/V = 0. The order obtaiped

at §/V = 0 was 1.1. It may be concluded, therefore, that

the homogeneous reaction producing ethylene is first order

with respect to the concent;ation of ethane and 0:5-order

with respect to the concentration of hydrogen. The rate

measured in the unpacked.vessel has neVeftheless a signi-

ficant contribution frbﬁ'the heterogeneous reaétibn. In *
- . s

order to obtain a rate constant relating to the homogeneous

reaction (-3), it would be desira o apply a correction

to the measured rates. The met{liod of making the correction

as well as possible reasons for the strong dependence of
(

the rate on the concentration ethane in the packed

\\\\\N‘X?ssel will be discussed later.

(d}  Mechanism of the Reaction . _
—-'\.. / L R ’ =

These results suggest that the following‘simple me-

’

' : . . ) %
ghanism may describe the formation of ethylene in the .

present system:

RN ‘ % .
Hz;: 2H _ , {-lL
H + Czﬁs + 02H5 + H, . (-3) -
C2H5 -+ C2H4 + H . - (-2)

-
T A

The hydrogen atom concentration is controlled by‘the'equi—
librium with hydrogen molecules and every ethyl radical

o
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1

produced in redction (-3) vields ethylene by reaction (-2).
The reverse of reaction (-2) should not be important in
the initial stage. Other reactions?of the ethyl radicals

which may be important are

H + CHg » C H. - B (§)

C2H5 + H2+ C2H6 + H (3)

Taking.inuaacmmnm reactions (1), (13)%:;;37, (3) and (6),

the steady-state concentration of ethyl radicals may be

eXpressed.as follows:

Lo

' 1/2
k_5 Ky [Hy1) ™2 [0, ]

[C,H.] = : (7-2}
275 1/2
. k_2 + 53[H2] + kG(Kl[HZ])
and the rate of formation of.ethylene is thereforé
( -
- k_o (K B,V %10 m)
_ 3L 2s 276
274~ ko, *+ ky[H,T + kg (K [Hy1)
— T r .

The order of the.rate with re;pect to hydrogen was 0.5.
This result is a strong indication that neither reaction
(3) nor (6) is important in the mechanism. The rate
dgfinitely increased as the pressure of hydrogen ased

whereas if reaction (3) were important the rate sh d

decrease as the pressure of hydrogen increased, ot if

L)
&
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s
reaction (6) were important, should remain independent of

the pressure of hydrogen. That this conclusion . is reason-
able may be seen ffom an estimation of the relative magni-

tudes of the terms in the denominator. The estimation of

the ratio k_2/k3[H2] has been discussed in Chapter 6. At .

956 K and 120 Torr, this ratio is estimated to be about

3 ~ 5. This estimation is only approximate, but shows

that the conclusion concerning the ratio based on the order
of the rate with respect to hydrogen is acceptable. Using
| ¢ of 5 x 101% m17%s™h the

product ks(Kl[Hz‘])l/2 is about 104 time less than k_

a collision rate constant for k
. 9 It
may be concluded therefore that the last two terms in the

denominator of Equation (7-3) do not make an appregliable

R

contribution and the rate of formation of ethylené be
expressed by the ;imple equation: "‘T
. | g
fen, T k«3(K1£H2])1/2[C2H6] ' S (7-4)

The activation energy of the rate of formation of ethylene
was found to be 70 kcal/mol (Figure 37A). The activation
energy may be estimated from Equation (7-5) as follows:

E =E_, + 3 AH (7-5)

Using the value of 12.8 kcal/mol for.E_.3 (see later) | //f
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E, = 12.8 + 51 = 64 kcal/mol _ ‘

[

which is in reasonable agreement with the measured value.
If reaction (3) is important in controlling the cohcentra-

‘tion of ethyl radicals then E =E . + AH _+ = AH anag
: Csz -2 -3 2 l.
C g, Would haye a value of about 92 kcal/mol. If reaction
274 )

(6) is important, the value of E would be higher still.

CoHy

It appears, therefore, that the simple sequence of reaction
(1), ( 3) to (-2) can account for the formation of ethylene

in the initial stages of the reaction.

{e) Calculation of k_3

Values for k_3 were calculated using Equation (7-4)
and the rates measured at low concentration of ethane,

in the’ neighbourhood of 20 ppm, where the contribution

e o

" from heterogeneous pfoeesseS'was a minimum: The rate cons-
tant k_, was calculated in the same way for the measure-
ments made in beth the unpacked and the packed vessel.
These values for k_, were plotted as a’ function of S/V and
an extrapolatibnrwas made to S/V = 0. The values obtained
were abopf 15% lower than the values obtained in the un-

< .
packed vessel. Examples of these plots a.'@ shown in Figure 36
: ' \
and the results are given in Table 28. The results obtained
from measurements at various temperatures are given in

Table 29, which includes both uncorrected and- corrected

™~



T/K

956.0
915.5

894.0
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Table 28

1 -1

- log k_é(L mol s )

Packed Vessel

S/V = 7.0 em™ 1

9.194
9.094

19,005

Unvacked Vessel
s/V = 1.0 —

8.822
8.696

8.625

SV=01
AT
8.75 | (
8.65 \vﬁ
/
e
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Figure 36, °

4.0 6.0 8.0
s, -1 :
v/cm
Apparent Rate Constant k_
of 5/V
O - 956 K
0 - 915.5 K

A - goyg K

3

as Function
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S

b

-
11 + log(R® . /mol L s 1)
C,H
274
o
0
|

A" Y 2

1.0

/\/\_/‘“ 103 K/T

Figure 37A. Arrhenius Plot of Rate of Formation of C2H4

0 - 23.7 ppm CZHG - 113 Torr of Total Pressure
O - 23.7 ppm C,H, - 52.5 Torr of Total Pressure
A - 23,7 ppm C,H, — 37.5 Torr of Total Pressure

N
-
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log (k/x mol™'s™")

80

9.0
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Sy ! 1 | !

1.0 1.05 1.10 >1.15

10° /T

Figure 37B, Arrhenius Plot of the Corrected. Values
M of k
-3
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values for k_3- The Arrhenius plot 'is shown in Figure 37B.

The value of k_3 may be'expressed'as follows:

1e ts Ly - _ 12800 % 200 .
lcg k_3(L mole “s ) = 11.72 = 0,05 5303 &Y (7-6)
_ -1 -1
(R = 1.987.cal mel “deg ™)
(£) Comparison with Literature Values of k_4

The values of the rate constant k_3 obtained in the
preeent.study_and their relatiqn\to other wvalues measured
with other techniques covering the range 306—1400'K are
shown in Figure 38 and Table 30. ©Not included in the sum-
mary are values of k_3 which, although guoted in'the recent
(64]

compilation, were not directly measured in the work

described. These are values reported 5y Skinner and
184] [85]

T

_ Ringrose, Bradley and Clark, Ized and Kistiakowsky.[gsl

Also omitted are the early measureﬁents by Darwent and
Roberts[73].becausevit bas been shown that the photolysis efA
st, which wae used as é'eouree of hydrogen atoms, produced
'hot' hydrogen atoms with consequent possibility fer over-

" estimation of the rate of reaction.[sel

Rate eonstants measured by addition of hydrgcarbon
to reacting mixtures of hydrogen and oxygen are determined
relative to the branching reaction of hydrogen atoms with
oxygen: |

’.i i

~
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Reference

_ Fenimore &
Jones [69]

,Parsamvan
et al. [90]

Voevodsky &
Kondratiev [87]

Baldwin {93]

Camilleri
et al. [71]

Gorban & .
Nalbandyan {92]

Xang [72]

Azatyan &
Fillippov [68]

Berlie &
LeRoy [74]

This work
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Table™30
RATE CONSTANTS: FOR REACTION

"H + C.H, + C.H. + H

276 275 2

E/kcal mc>1"'l log(k/L mol—ls-l)

9.7 . 8.696 - 9,621

9.7 8.50% — 8,85%
14.0 . 8.05* - 8,62*

* 8.30

9.4.« 7.036 - 8.392
12.2 %f 7.57% — 7.99%

9.0 ' 4.41 - 6.74
9.1 4.03 - 6.98
6.8 5.32 - 6.12
12.8 8.53 - 8.97

* After normalization.

853

773

793

503

673

323

290

353

876

1433

953 .

898

753

"~ 753

523

509 -

436

1016
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Figure 38,

comedor<edme

Arrhenius Plot of Measurements of k
Covering the Temperature Range

159

300~1400 K

reference
reference
reference
reference
reference
reference
reference
reference
reference

69

90
87
93
92
71
68
74
72

present work

reference

59

=3
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H+ O, > OH+O - . (11)

Although -there is essential agreement on the rate parameters

{ 64]

for this reaction the actual values used by different

»

_laboratories may lead to a difference in the rate constant

by as much as a factor of three. The results of Tikhomirova

[89]

and Voevodsky . Parsamyan, et al.fgo] and Gorban and

[92]

Nalbandyan have therefore been normalized to the value

of kll used by Baldwin ‘and Melvin.[gl]

log k(L mol ts™l) = 11.33 - 16500/2.3 RT (7-7)
9

This procedure gives better consistency among the values

reported by this method. .

The agreement between the results obtained in the .
present study and those obtained from the H2/02 hydrocarbon
system ie very geZd. It sﬁould be noted that all measure-
ments reported above 750 Kwere obtained by the latter tech~
nique. The one exception was the unpublished eata of Dove |
and Wagner, quoted in Reference [59], which were not i;cluded

in Figure 38. Agreement with resulfs obtained by a comple-

tely different approach is useful confirmation. Below 770 K

co@%ections based on a stoichiometric ratio have been made

by Camilleri, et al.,'!’Y]

which bring the data of Berlie
[74]

and LeRoy and Azatyan, et al.[.'] close to an average

value. It also appears that the ue reported by Yang[72]
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v 1

measured relative to the addition of hydrogen atoms to

propylene will be increased by using a more recent value
for the reference reaction.[64]~

~

The data shown in Figure 38 may be examined in order
to address the question of whether the Arrhenius relation

for reaction (-3) shows curvature over the temperature

-
range 300-1400 K. This question of non- llneafity in the

Arrhenlus relatlon has been much discussed for abstraction

[59][58]

reactims of small radlcals and has undoubtedly

been observed in some cases. The problem was discussed

(59]

by Clark and Dove who calculated values of k.5 by

considering such non-Arrhenius effects as temperature

variation of quantﬁm effects on vibrations and quantum
mechanical tunnelling. Their values for k_3 are included
agla dotted line in Figure 38. This curve is a reasonable
fit to most of the measurements and shows the apparent

activation energy varies from 8 kcal mc>l"1

14 kcal mol_l\at 1200 K. At about 1000 K, the appérent

at 400 K to

L

activation energy is about 12 kcal mél_l, in good agree-

ment with the result of the present study of 12.8 kcal mol-l

This agreement’, however, is p%ﬁbably not a stfong -

argument in favour of curvature for k_, as calculated by

[59]

Clark and Dove. An activation énergy measured over a

. ‘ ! " )
relatively narrow temperature range is not as significant
as the values .obtained for the rate constant and their
relation to other value® measured in_diffegent temperature
, -

[

-
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. than suggested by Clark and Dove.
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N

regions with different techniéues. From an examination of

A

the data, Camilleri, et al.[7l] suggested that the varia-
tion OF k_5 with temperature can be described by an
Arrhenius expression over the temperature range covered

* ) S .
by the measurements. " On this basis the following Arrhenius

' expression was derived from all measurements of k_5 after

. normalization and.correction, as shown in Figure 38:

/

- -1 -1, _ £ 5600 + 200
log k_;(Lmol 7s 7) = 11.0 % 0,1 - 2.3 R’T (7-8)

This is essentially the same as suggested by Camilleri,

[71]

et al. Again it must be concluded that the question

of non-Arrhenius behaviour of k_; over the range of tem-
perature 300-1200 K is not solved bf the present ﬁeasurer
ments. It appears £hat such curvature is probabily less“
T

Lt

T
wat

(g) Comparison of k_3, k3 and the Heat of Formation
of the Ethyl Radical

.

It is of interest to compare the direct measuréments

of k, and k_3 with a value of ‘the equilibrium constant Ky

obtained from thermodynamic data. The comparison is made
: - 2

+

of the direct measurements of_lc3 and values of k3 calculated

4

from the measurem??ts'o% k_3 fogether-with the equilibrium

cCons tant’!(3 .

na
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As mentioned earlier, some question exists concerning
the value for the heat of formation of the ethyl radical.
For the present comparison, two values were used, as
indicated in Table 31. In Pigure 39A, the equilibrium
constant K, was calculated using AHf(CzHS) = 28 kecal/mol,

3

while in Figure\ 39B the value AH L (C H,)

used. Figure 39A shows godd agreement between the direcdt

= 26 k:al/mbl was

measnrements of k4 and those calculated from k_,, but in

Figure 39B the direct measurements of k., appear higher than

3
those calculated from k_3, particularly in the low tempe~-

5

rature region. The value of the~heat of formatidapf'ﬂmaethyl

(79] (80] 1

radical is given in most references as 26 kcal mol ~.

A recent measurement of the heat of formation of the ethyl
radical relative to that of the methyl radical using a
radical buffer system in anuisooctane solution[94] have
given a yalue bﬁ 28 kcalAmgl, using AHf(CH3) = 34,4 kcal/

mol, The fact that the independent measurements of k3 and

k_3 are in better agreement using the value of AHf(CzHS)

28 kcal mol_1 rather than 26 kcal mt:>1_'l suggests that the

o

=]

higher value may be pfeferablg’ A similar comparisonﬂb t-
ween forward and reverse rate constants for the reactloi\ﬁf

mbthyl radlcals with hydrogen led to the acceptance of ‘a

—

higher value for the heat of® formation of the methyl radi-

cal.[76][126][127]

Figure 39A shows'good agreement between almost all

the data for k3 and k~3' except the direct measuréments

of k3 from the present work. This value is lower by a
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4

Arrhenius Plot for k,. Filled Symbols
Represent Direct Measurements of
k,. Other Symbols Represent Measurements
of k_, Converted to k., Using the Calcu-
lated™value of K3'Basgd on AHf(CzHS) = 28
kcal mol-1l .

- referencge 60 -
- reference 61
-~ this wo: '
- reference 62
- reference 63
- reference 69
- referenge 90 - .
refererce 87 -
- reference 93
—- reference 71
- reference 92 ‘ *
- reference 72
- reference 68
- reference 74
- this work . )
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Figure

39B.

. Arrhenius Plot for k

168

3 Filled Symbols
Represent Direct Measurements of kye
qphér Symbols Represent Measurements
of k_3‘Converte§ to k, Using the Cal-
qulated Values of K3 Based on AHf(Csz)
= 26 kcal/mol

I
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Table 32A

THERMODYNAMIC DATA*

. 0 .

Mig(298 %) 5" (298 K ¢ /eal mo1 Maeg™]
keal mol™  cal mo) ldeq™t 300 960 1000 1100 T30 K
~20.2 54.9 12.648 27.69 29.33 30.77 32.02

N
28.0 59.0 11.1 24.3 25.7 26.8  27.9

0 31,2 6.895 7.139 7.217 7.308 7.404

Q .

52.1 27.4 4.968 4.968 4.968 4.968  4.968

* Standard State 1 atm, 298 K.

V
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Table 32B

CALCULATED AH,, ANINAS,, FOR REACTION

CyHig + Hy > CyHg +
\ ‘ £
A
. AHX/kcal mol 1 AS**/cal mol” tdeg™t
T/K. T T
[
298 3.90 | | ~7.90
900 ~ 4.16 \ - =T.42
- | ' —‘h
1000 4.28 -7.24
1100 4.39 . * -7.10 !
1200 4.45 g —6.98\\
*» Am. = au0 + AT, (T-298)
 8H,, R .
% AS,, = as® + 2.303 AT,.log T/298
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A
(EB-E;3)/kcal mol

172

Table 32C

"t aE#/kcal mol”

1

*- Using AHf(Czﬂs)
** Using AHf(CZHS)

>

= 28 kecal mol~

= 26 kcii mol

1

1

-~ {

AH§*/kcal mol_l
5.9
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.

factor of 2 than the average value and.it seems likely

that k3 has been underestimated,.as discussed in Chapter- 6,
A more exacting test of these measurements of,k’"“nd

k_3 may\be made by a comparison of the Arrhenius parameégéf

of the rate constants with the corresponding thermodynamic

quantities of the equilibrium constant ' C°
‘
0o _ _ L ' .
AG" = - RT 1n K;= - RT 1n ky/k’,
Since 1ln k3 = 1n Ay - E3/RT and 1ln k_3 = 1ln A_4 - E_B/Ri
0 _
AG™ = (E5 - E_;) - RT 1n (AE/A;3)

= a0 0 _ o :
and E3 - E_3 = AH3 and AS‘.— RL1A3/Ai3.

v

This treatment is also valid if k takes the more complex

-E/RT

form k = ATe » pProvided that n is the same for‘both _

forward and backward reactions. Thermodynamic values are
given in Table 32A and B. Standard entropies at 298 K

(80] but the value’

- for H, CZHG and Hz'are accurately known,
of § for C2H5 is less certain and probably accurate to

+ 1.0 e.u. At 300 K, Asg =-7.9 e.u, decrea51ng to - 6.9
epu. at 1200 K. From the Arrhenlus expressions (7- 8) and
(6-19) for<the ky and k_j, As® is estimatea as

3s® = 2.3 R log (Ag/B_3) == 9.1 e.u. D

LY
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This'is in rJ;:;nable agreement with the calculated entropy
considering the errors invplved in measurements of fre-
quency factors, ‘ . - %T\\_;

Table 32C compares the values of AH® obtained from
the Arrheniué expressions (6-19) and (7-8) with those
calculatéd by using AHf(CzHS) = 28 and 26 kcal mol_l res-
pectively. It should be noted thét AH increases by only
0.7 kcal mol™! from 300 Kto 1400 K. The variation of both
AS énd AH with temperature indicates the possibility of
a small curvature in the Arrhenius relation for the rate
constants k3 and k_,;. Nevertheless, the value of 28 kcal
mol™! for AH (C,H:) is preferable even with a small increase
in‘activation énergy with increasing temperature.

In summary, the results presented here and in Chapter 6
demonstrate the validity of the‘technique for the Qtilization
of the equilibrium concentration of hydrogen atoms obtained
through the thermal dissociation of hydrogen molécules for
the measurement of rate éonstants for reactions of hydrogen
atoms and other'small radicals, It should be emphasized
“that the Rprincipal assumption in the measurements is -
Aaintenance of an eguilibrium concentration of hydrecgen

atoms and that under these circumstances absolute rathef
.than relative values of the rate constants are obtainea.

A critical review of all measu}epents of k3 and k_4

shows that these rate constants may be represented by the-
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following Arrhenius éxpréssions
log ky(L mol” 1571y = "9.0 - 12600/2.3 mr
log k_5(L mol™ts™l) = 11.0 - 9600/2.3 RT
. : /
The comparlson between the two sets of independent
measurements of k and k -3 and the comparison of the
',measured values of AS, AH with those calculated from Eper—
modynamlc data suggest that the vaLES)gf’ZS keal mol -l
for the heat of formation of the ethyl radical is preferable

to that of 26 keal mol %

R



. . - CHAPTER 8
‘ 1 I

BASfC THEORY OF COLLISIONAL ENERGY TRANSFEﬁ
IN UNIMOLECULAR REACTION SYSTEMS

o
The basic unimolecular reaEE&én theory,‘including
the earlier HRRK and Slater theories and the more recent RRKM
theory, treats the collisional energization and de~ener-
gization as essentially single-step processes. This is
called the strong—collision assumption.. In thermal sys-
tems the average energy of the reacting molecules is
usually not mcfe than 10 kcal mol_l above the'critical
energy. In most cases this is easily reﬁoved in a sinéle
collision and the strong-collision assumption is justified..
In chemicéllx activated systems, energized molecules may’ be
formed with much higher excess energies, in the range of
40-50 kcal/mol, and one collision may not be sufficient
to reduce the energy below the crltlcal energy. This
51tuat10n, where severa& ;elli51on§_are needed to energize
or de-energlze a molecule’, is called the weak collision
caseé. Treatment of this case is complex and %nvolvee a
detailed consideration ef the unimolecular nﬁéb?ion from
each energy level, together with all the collisional pro-
cessee'which transfer molecules from one energy level to
another.. Present theories will not be discuséed.in detail
in this introduction but rather a qualitative consideration
of the measurements of week collisicnal efficiencies and

-

their interpretation will be briefly discussed.
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Theoretical treatments of energy transfer in thermal
unimolecular systems have been develoéed and recently
reviewed by Tardy and Raﬁinovitch.[gpl Other discussions
have been-given by Troe, et al.{loal '

-

8.1 The Strong Collision ,Assumption

(.

The simplest formulation of unimolecular reactions,
called the Lindemann-Hinshelwood mechanism, is the fol-

lowing set of equations:

w1 .
A+M>" A +M (8-1)
* Ky ] o

u A +M+"A+M ' (8-2)
* k3
A -+~ Product ) (8-3)

Step (B~1) is an activating collision which raises the
energy of A ﬁvae a critical value. The cocllision part-
ner M, is called the bkath molecule, which may be A itself.
Step (8-2) is the collisional deactivation of A* after ‘
collision with a bath molecule. Stép (8B-3) represents

the dissociation of the energized molecule.

A more precise description of reaction (8-1), con-

*
sidering the eigenstates of A, M and A is
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2m. \
kl Jk *

Aj +_M'k_—.> A,Q, +Mm

where j, k etc. are quantum numbers that @escffbe the,
internal étates of;A—and M és-well as tbeir relative mo-
“tion. §imilarly, the deactivation step (8-2} may be
represented py.kzgi. These general ;eactiéns may be
simplified by egpsidéring only the formatiog and loss of

. * :
the various energy levels of A . The Lindemann scheme

becomes -

k b

1.2 * '
A+M-——= A +M {B-1")
* \kzgl .
A2 + M =5 A+ M (8=2"')
* K ‘ ‘ . '. _
By _éLg Product : , - (B=3'")"
where the states of M are omitted and k3 0 is averaged

over the allowed states of the products that arise from
* ‘ . -
AQ. The general expression for the specific reaction

rate constant can then be written as follows:

»

kuni = T kg gK3 4C /Ry oCn + kg ) (8-4)

t .

where Cm is the concentration of bath gas. ~ For Cm -+ 0,

the limiting expression is

o
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%1.2%n : _ (8=3)

.o
s

-

!

while for sufficiently high pressures of bath gas,

4

P F1aR3, 0 , (8-6)
In the application of unimolecular theo;y to experimental
studies, it was'soon recognized that the Lindemann mecha-
nism fails at low values of the threshold EO, where El'
approadhes the leve;.of the average energy of the relevant
degrees of freedom. This failure lieg in the gssumption
of strong collision, or the simple sequence of reactions

(1) and (2). The conditions,under which strong collisions
.give way to weak collisions are determined by the whole s
nature of the systeﬁ and expefimental measurements are an
important part of defining these conditions. ’

-~

: . + IR
8.2 The Definiticons of Collisional Efficiency
.

-~

In thermal-systems, it is‘convenient'to define rela-
tive collision efficiencies, which of necessity aré average
' qu§n£ities. Collisional’efficiencies.define the transition
probabilities per collision forga particﬁlar set of col-
lision partners. In any system,.the collision frequency

(w) is cdlculated from the pressure using the appropriate

collision cross—ééction (52) and the reduced mass p of the
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colliding pair. ,

oL . . . . .
Collisional efficiencies are obtained by comparison

of fall-off curves for varicus bath molecules. The com-

parison may be made from the change in col;}sion frequency
for a particular-value of k or from the change in k for a
value of the collision frequency. In addition, both a
differential and an integral quantity may be obtained.

- ¢

~

(a) : Differential Quantity

This is useful in the secoed—order region or with-

small additions of M.
. - ~~

-
.

Bm(D) = Aw(SC) /Aw(WC), for Ak(SC) = Ak(WC)' (8-7)
and

'B& (D) = Ak(wc)/Ak(SC)' for Aw(WC) = Aw(SC) (8-8)
{b) integral Quantity

This is appropriate at higher dilutions, especially
in the fall-off region,
.
N

Em.(o) = for k =

¥(se) /¥ (we) ! (sc) = X (8-9) "

Eﬂ(p) z.k(WC)/k(SC)' for w(WC) w (SC) , (8-10)
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where WC represents weak collision
SC represents strong collision

D represents dilution with bath molecules (weak
collider)

In the second-order region g, becomes B, and sipce
in this region_the rate constant is a linear function of

pressure, B,(D) = B, (D). 5

8.3 Calculaficon of Collisional Efficieémcies

The proqess.of collisional energy £ransfer can be
completely understood only‘by considering the general
equation referred to earlier which describes the changes
from each energy state of the reactants to each energy
state of the eﬁergized.molecules. From this, a master
equation is developed which describes the time evolution
of each microscopic intermal energy state. Selution
iequires a knowledge of transition probabilities, which
are not usually aﬁailable in such detail, Various approa-
ches have been used to obtain solutions, and the relevant
fqpe constants, for a variety of systems. Two parameters
‘ aré used to define the»tfansition probabilities, namely,
average energy removed on collision, <AE>, and the form

of the-distribution of energy in the system. The models '

for energy transfer were chosen tc represent limiting cases.

1N
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o .
~

The stepladder (SL) model involves the transfer of a single

“unigue amount of energy from the energized substrate to the
bath molecule. In the exponential model (EXP}, the pro-
bability for transfer décreases exponentially as the energy

removed increases (i.e., a high probability for zero energy

AV . . . . N
transfer). Other models using Gaussian and Poisson. statis# "

tical d%stfibution_functions have been suggested.

Tardy and Rabinovitch have calculated weak collision

effects for a number of systems.[1031[104]

As expected,
the results showed that for a §iven collision frequency,
m,'the steady-state populations of 'substrate activated by
weak{collisions were always.l ss thah those for strong
collisions, The calculations re made for both the step-
ladder and the exponentials models. Differences. between the
models although not large were greatest at enefgies near
to the cfitical value and at low collisional frequencies.

The calculated rate constants, which are determlned

"by the steady state populatlons, are also affected by the'
proRortlon of bath molecules, the reaction order, ¢, and
the temperature. At low dilution, wE;re most collisions
occur between reactant molecules, the populations below the
critical level are determined by a Boltzmann distributicn.
At high dilution, these pcpulatiohs‘are depieted from

Boltzmann distribution, since most collisions are with

weak collider bath molecules. As dilution increases, the

AR



average energy tra%sfered per collision dec¢reases with
dilution in a lineér fashion.

At high dilution, E&(w) increases with pressure
while E@(w) decreases. The two quantities describe dif-

ferent aspects of the ene{gy transfer procég;. Bé.relates
" to the efficiency of the reaction process and shewsnthat

collisions are less important towards the first-order

regioﬁ. The gquantity Ew stresses the collision process

and shows that the high-energy levels are depleted at high

dilution with a weak collider.

The behaviour of EO(NY for the two models, step-
ladder and exponential, in the second-order region, was
calculated for various reactants by T.R. They defined‘a
dimensionless parameter E' = <AE>/<E+>, where <E+>\is the
Boltzmann average energy of the reacting molecules. Their
results showed that for a particular model distribution

[95]

function a universal curve was obtained for all reac-

tants. A similar uhiversal Q;iation between Ew(m) or B! (=)

and E' was also found for all regions of the fali—off.[gsl
The importance of these universal curves is the direct

connection between.the observed collisicnal efficiencies Bc.

and the value of E', which lead to the average energy trans-

ferred per cof&ision by the weak collider. A

| The dependence of both Bw and <AE> on temperature is

important for applications of the theory to a wide range of

+* temperature. In general, the collisional efficiency decreases



" 184

.
E

. . . ' . ot ' .
with increasing temperature. Since <E > increases with

temperature, it was suggested that this could account for

[1053

the decrease in,Bm with increase in temperafure. The

-

step size of the energy transfered <AE> may also change
with temperature and the contribution of <AE> to the tem~
perature dependence of Bw is not clear. It is therefore

important to learn how <AE> varies with temperature.

. 5\
Experiments at temperatures below 1200 K have not yet

[1086]

suggest that as the temperature increases, E& drops but the

provided clear evidence. Chemical activation studies

change in <AE> was not well defined. Thermal isomerization

[99]

of methyl isocyanide in the presence of He over a'tem-

pefature range of 115 K showed a small decrease of both Bw

(by 25%) and <AE> (by 3%). . In the photoisomerization of

(108}

cycloheptatriene, however, an increase in temperature

. gave a decrease of B, while the average <AE> increased in

the case of mono; and ‘diatomic-bath gases and decreased for =
folyatomics. Thus, even the direction of the variation of
<AE> was uncertain. Undoubtedly, the experimental difficul-
ties in obtaining this data make the‘conclusions uncertain.
' Recently, Klein and Rabinovitch[102] haﬁe approacheé
the problem. with a techniquelcalled coilisional competitive
reaction spectroscepy. Their results showed that the varia-

tion of <AE> with temperature was the leading contribution

to the temperature dependence of Bw.
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The bresenf studies describé a system in which the
effect of the weak collider, H 2, in the thermal unimolecular
dissociation of ethane has been measured at temperatures in
the neighbourhood of I0Q0 K. The results_?how that both E@

and E& declined significantly over the rélatiéely small range

P of temperaﬁure (94q-10M)K) and that the decrease in <AE> was

the ‘most important factor.in the decrease in collisional

efficiency.
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) CHAPTER 9

- WEAK COLLISIONAL EFFICIENCIES IN THE THERMAL
UNIMOLECULAR DISSOCIATIDN OF ETHANE

I d

sMechanism of the Reaction. = . ' o

The unimglecular’dissociation of ethane has been
studied many times over a wide range of pressures. The
rate constant for the dissociation under conditions of “
-high pressure, km, is well established and the f;}}—off
curve has been measuredegat several emperatures with
ethane itsigf as the bath gas. This reaction therefore
is a Pseful one to study the effects on the pressure-
dependenge of a weak collider.

In the present experiments, the disscciation of

-
-

ethane has been measured under conditions of infinite
“dilution with hydrogen and with mixtures of hydrogen and

xenon. In this system the chain reaction which occurs

.,

in the decomposition of ethane itself is suppressed by
reaction of thk radicals with hydroéen. The fdllowing

mechanism describes the reaction

C,He + 2CH ® (4)

3
CH3 + H2 - CH, + H (5)

4
H, == 2H M . (1)
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H+ CHo » Hy) + CH, - | =3
CH3 + CZHG -+ C2H5§ +.CH4 Lo (13)
C,Hg * C,H, + H (-2)
2CH3 + C,H, E (=4)
7] The products of the decomposition of ethane in the

“
presence of hydrogen were methane and ethylene. It can

' Q\\\\ be .shown that these two products are formed by independent
D

{reactions. In Chapter 7, it was shown that C.H, was formed

274
only through reactions tl),”(-3) and (-2) and that reaction

(13) was net impoxtant. It may be assumed that this con-
clusion b£ valid in the slightly higher temperature range
of the present experiments ‘with similar concentrations

of ethane. It is necessary in this system however to show
that reaction (-4) does not reﬁéﬁe'methyl radicals. The
relative raﬁeé of reaction (5} and {-4}) depend on the con-

centration of methyl radicals in the system. When the

rates of these reactions are equal, then

-

o

At 1000 K with 126 Torr of H2 and 100 ppm CoHe s the rates of
reactions (5) andv(-44Ywill be egqual when
|

S

[CHy] = 2.6 x 107% por 7t

)
o
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The steady-state concentration of methyl radicals in the
system may be calculated for the two cases where dis-
appeareiée of the radicals is (a) by feaction (5) and (b}
by reaction (-4). For the conditions mentioned above
case (a) gives.[CH3] =3 x 107 Py 11 and case (b) give

lomollfl. Reaction (-4) therefore is not

[CH31 = 1 x 107
an important loss process for methyl radicals in the present
experiments. This conclusion is further substantiated by
the results of experiments with varying‘initial‘conéentra—
tions of ethane and_pressures of hydrogen presented later.
The rate of formation of methane, therefore, provides a

direct measurement of the rate of reaction (4).

Meaéurement_of k4

!

The yield of.methane was measured as a function of
time for concentrations of ethane ranging from 25-210 ppm
at total pressures' from 25-400 Torr. Examples'are shown
in Figure 40. Initial rates were obtained with an esti-
mated accuracy of 10%. The first-order rate constant for
reaction (4) was calculated from the following equation:

d[CH,
At T 2 kg [CH]
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Figure 40.

PO

"~ 200 400
t /sec

Yield of Methane as a F
102 ppm

0 - 998 K, 303 Torr
0 - 998 K, 177 Torr
A - 978 X, 83.5Torr

600

unction ¢f Time. [C2H6']O =
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Table 33
X / ppm -5
T/K C2H6 P/Torr k4/10 S
.938 210 . 52.0 3.40
210 113.5 4,17
210 175.0 4,55
210 205.0 4,69
210 329.0 5.21
e  B.77
958" 210 52.0 ‘ 7.38
210 113.5 9.05
52.9 ~113.5 9.45
52.9 176.0 11.0
210 207.0 10.5
" 52,9 238.0 11.0
52.9 299.0 12.3
52.9 .363.0 13,2
210 424.0 12,9
) o 24 .4
978 102 52.0 12.6
102 83.5 13.6
102 ) 114.0 . 16.2
,102 207.0 19.1
102 332.0 25.3
- oo 62.5
997.5 102 / 53.0 25,6
102 o 83.5 30.7
102 ™ 115.0 33.1
102 177.0 37.3
© 102 208.0 42,2
102 303.0 54.9
49,8 115.0 37.0
49.8 209.0 47.5
49,8 335.0 55.5
: : e 167
1018 . 209 37.0 45.9
‘ 208 53.5 . 52,6
209 B4.0 60.3
209 115.5 . 67.4
R 209 147.0 73.7
209 178.0 90.9
209 209.0 103.4
209 335.0 ‘ 153

49 .8 335.0 117
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-

X /ppm =5 -
T/K CaFg .+ P/Torr ky/10 7s
1018 © 49,8 . 209.0 81.7
< 49.8 + 178.0 71.6
49.8 115.5 71.6
49.8 83.5 62.5
49.8 52.0 53.9
© 298
1038, 209 : - 305.0 . 239
209 209.0 197
209 116.0 105
209 116.0 . 112
209 53,5 80.1
209 179.0 172
200 - 84.0 89.7
209 37.5 69.4
209 . 147.5 128
24.9 336.0 160
24.9 | 210.0 126
24.9 . 115.0 ‘ 105
24.9 84,0 91.7
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[ 8

Figure 41, k4 as a Function of Pressure at Six
Temperatures: 938, 958, 972, 998, 1018
d and 1038 K. Bqth gas hydrogen
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Figure 42.
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kzl as a Function of P_l/2
Temperatures

for Three

0 --xo = 210 ppm

1l

‘102 ppm
2H6

o - X

Qo NonN
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. 6‘_ | -/
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Values ©of k4 were independent of the relati?e concentration
of ethane and hydrogen, since all concentrations were
infinitely dilute. The, results are summerized in Table

~ 33, The pressure-dependence of k4 is shown in Figure 41.

o

' values of k4 were obtained by extrapolation of plots of

-1 -1/2[123]

k against p as shown in Figure 42, The values

of kz are included in Table 33 and were fitted by the fol-

t ~n/
lowing Arrhenius expression: R
o -1, _ _ 87600
log k4 (sec ™) = 16.42 T.3RT
R = 1,987 cal deg_l mcwlml —

These results are in good agreement with a recent evalua-

tionI124] of this rate constant which gave

1

oo

) = 16.38 = 0.5 - 87400 * 700
. . .

(sec 7 3RT

log k

The assumptions involved in the mechanism therefore appear

reasonable under the conditions of the experiment.

Collisjonal Efficiency of Ethane and Hydrogen

.~

The present measurements of k4 in the pressure-dependent

region allow an estimate of the relative collisional effi-

) cienc? of ethane and hydrogen and of ethane and xenon in a
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region of temperature not previously covered. The integral
collisional efficiency, Ew, is the quantit§ most appropriate
for the present results. Both methods of measurement as
defiﬁed.in Chapter 8 have been used for the present results:
(a) Em .the ratio of the collision rates in hydrogen and

-in ethane, wcsz/mHZ to produce the sgme rate constant for
dissociation k,(H,) = k,(C,H,) and (b) Ew' the ratio of thg

rate,constants for dissociation'k4(Hz)/k4(C2H4) for the same

collision rate, w = w . Both ratios are related to the
: H, CH. .
dimensionless paramétér E' = <AE>/E+ and hence to the average

energy transfered in a deactivation collision, <AE>. In the
range k/km ~ 6.4 ~ 0.8, where ;he present measurements were
made, the ratio E@'changes morg rapidly with extent of fiall-
off and provides a more sensitive estimate of E'. From the
present results both ratios have been calculated as a func-

tien of k4/k: and of temperature,

(a) Estimation of Ew(m)

At 958 and 998 K the rate const;nts measured in the
present experiments may be compared direétly with those
measured in pure ethane by Lin and Back[szi over a range of
pressures. The measurements are shown in Figure 43a and

and Figure 43b. The extrapolatfon, shown as a solid line,

was obtained from the plots of k * against p_l/z.

collision frequency was calculated by the following relations:

The
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52 52
w, =P AA and W, = P ___éﬂ___
A A-(u )172 M M (u )1/2
AA! . 4 AM

where A refers to ethane and M to hydrogen. p is the

reduced mass and o is an effective coliision_diameter,

2 (2.2)*

calculated from the methods used by Tardy and Rabinovitch,

using the integrals tabulated in Reference [116]. The values

used in the calculations are sumﬁarized in Table 34.
Mixtures of Xe and hydrogen with mole fraction of

hydrogen, X = 0.55, gave values of k4 identical toc those

H
2 e
with hydrogen alone. The relative collisional efficiency

for Xe, Eb, was calculated assuming additivity as follows:
B, (Hy + Xe) = Bp(H,__,)xH2 + By(Xe) Xy,

E@ for Xe was then obtained as described in the preceeding

paragraph .
= _ = Mam 1/2 Saa 2
. Bm = Bp(a——d (§——) .

- i AD : AM

Values of Ewgm) as a function of k4/k4m are summarized
in Table 35 and are shown as smoothed curves in PFigure 44,
In the present system it appears that Ew(w) declines as

k4/k4m approaches one and decreases as the temperature
f
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Table 34
T = 1000 K
t
‘ o : o}
Pair o/A 9(2'2) 52/A2
C2H6 - C2H6 8.84 0.95 74,24
C2H6 - H2 7.34 0.82 44,18

C2H6 - Xe 8.48 . 0.96 71.91

u/amu

15.00
1.875

24.4
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|
Figure443. k4 as a Function of w.

* (.';1) 958 K
(b) 998 K

0 - pure ethane
B - C2H6 + H2 (infinite dilution)

—-—- - extrapolation from plots as in
Figure 3
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Tablg 35

_T_(_I_S v 1 4+ lOg~k/km Bm(Xe) . B (HZ)
. 998 0.2 - 10211
' 0.3 - .0193
0.4 0.0337 ' /0.0174

0.5 0.0309 0.0155

0.6 0.0269 0.0135

0.7 0.0245 0.0116

0.8 0.0162 . 0.0099

958 0.4 0.123 0.0589
i 0.5 0.110 0.0525
0.6 0.098 0.0468

0.7 0.089, 0.0398

0.8 0.07T 0.0324

0.9 0.055 0.0257
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Figure 44, Log ﬁg(w) as a Function of log kq/kqjQ

solid lines =~ B (Hz)
broken lines - Ew(Xe)

-
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increases. Extrapolation of the curves for hydrogen and
xenon to k,/k,® = 0 gives values for Ew in “the second-
order region, Bo. At 9981(80(32T = 0.025 and BO(Xe) =
0.046. The values may ¥e compared with collisional effi-
ciencies for Hgy and Xe obtained from other systems. Values
have been obtained for unimolecular dissociations, usually
below about 600 K, and relative collisional efficiencies

for H, of about 0.2 have been reported. A decline in BO
with temperature is expected but the magnitude is uncer-

h[102]

tain. Xline and Rabinovitc measured a decline in 80

for helium in the unimolecular isomerization of 1,1-cyclo-
propane—d2 from 0.078 at 773 Kto 0.010 at g73 x, The present

results suggest a similar decline for H2.

Values of E@ have also been estimated frommeasurements

»

of combination reactions in the third-order region combined
with studies of the corresponding dissociation reaction in
: .

(1011

a shock tube. For example, a value for BO for Ar at

1000 K was estimated as 0.12. I%;Fhe collision efficiencies
of Xe and Ar are similar the prefent results suggest a -
value for BO for 'Ar of about 0.05. In the methyl isocya-

nide isomerizationlgg]

Xe was found to have about the same
‘efficiency as hydrogen. This value placed Xe with the other
rare gases, which showed no essential change in E@ with

increasing 'boiling point. In the present system, Bw for

Xe was about twice the value of H2. The larger relative

(c
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efficiency found here would place Xe closer to the values

‘ 4
found for diatomic and small lingar molecules, where a

small increase in E@ occurred with increase in boiling

point.[gs]

" (a) Comparison of Values for P1/2

Values of the pressuré at which k4/k4oo = 0.5 have
been reported infseveral studies of the dissociation of
ethane. A great deal of variation in these values is
observed, partly because Pl/2 {s sensitive to the value
of k4m obtained in the\parp%cular study.‘ Figﬁre 45 shows
values of ?1/2 as an Arrhénius plot for.dissociation in
pure ethane and at infinite dilution in hydrogen Lnd in
mixtures of hydrogen and xenon. Sincé log §§ equals
log Pl/Z(CZHG) - log Pl/Z(Hz)’ it is evident that, qua-
litatively, E; for k4/k4m = 0.5 decreases as the temperature
increases. Estimates of <AE> were not,‘however, made from
this comparison but from the quantity Em' which piovides
a more sensitive test of E' and hence of <AE> and is des-
cribed in the next section.

(b) Estimation of,Bé(w)

A direct measurement of E&(m) was obtained by compa-

rison of the rate constants at the two temperatures where
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Table 36
5+1log k"¢ 5+log x°¢
0.800 1.20
0.875 1,25
0,970 1.30
1.077 1.35
1.495 2.060

0.272
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' ~ )
‘measurements of k4 in both pure ethane  and mixtures of
ethane and’hydrogeg were made (Figure 43a and Figure 43b).
At 950 K measurements at four values of w were made, while
at 998 K, because of smaller overlap of the curves, only
one value of w coula be u;éd; The results are summarized
in Table 36. B!(=) was estimated over a range of tem-
perature by interpolation of the present and previous

data.[87]

An Arrhenius plot of k4 was made for the measu-
rements in pure ethane and at infinite dilution of ethane

in hydrogen for three values.of w, as well as the value of
k4m. These data are plétted in Figure 46 showing the region
of temperature where the:two éets‘of measurements overlap.

From the smoothed curves, E;(w) was obtained from the fol-

lowing equation
log Sé(w) = log k4(H2) - 1og-k4(C2H6)

for seven temperatures, at each of the values of w. The
results are given in Table 37# wﬁidh also include the order,
¢, of the rate in pure ethane for each. value of w. A slight
increase in,E& is observed as the order decreases,

These measurements of E; may be related to the dimen-
sionless quantity E' from the "universal" curves calculated
by Tardy and Rabinovitch. The set of values of E& at the

maximum value of ¢(1.25), log w.= 3.08, were chosen for
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952

962

971

980

990

1000
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3.383
3.683

3.083
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3.683

3.083
3.383
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3.083
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Table 37
S+log k'C  5+log k°C
0.570 0.905
0.655 0.972
0.740 1.040
0.705 1.085
0.795 1.155
0.885 1.225
0.840 1.264
0.940 1.340
1.030 T 1.410
0.970 1.440
. 1.080 1.525
1.170 1.600
1.100 1.620
1.220 1.710
1.315 1.790
1.235 .1.800
1.360 1.890
 1.460 1.970
1.365 1.980
1.505 2.070
1.610

= 2.155

0.417
0.437
0.457

0.377
0.398
0.417

0.339
0.359
0.372

0.302
0.324
0.335

.0.272

0.295
0.309

0.243
0.272
0.285
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~

/ each‘temperature to provide the most sensitive test of E'.
The values obtained are given'in Table 38. From these
values of E‘ the energy tranéfered per collision, <AE>,
is obtained from the relation E!' = AE/E+.‘ Values of E+
were calculated from the approximate relation:

B* k(1.1 4+ SET (28T 2

gl E : ’

- e .
taking E0 =°§8 kcal mole 1 and s = 12.[83] The results are

included in Table 38. The wvariation of both functions,
1n E& and ln <AE>, with temperature is shown in Figure 47.

Over the temperature range of the present experiments these

-

functions are linear, but because the range of temperature
available for the present experiments was narrow, this
functional dependence is not considered significant. It

should be noted that 1n E; is also a linear function of
T_l, as is 1n E@ (Figure 45).
The quantity <AE> is the energy transfered in a

deactivating collision, as formulated by Tardy and Rabino-

vitch.[lq4] The guantity <AET> is defined by Troe as the

energy transfered per collision, both activating and

deactivating. These quantities are related in the fol-

lowing way:[95]

(<AE>)2

< PR ——
AE, <AE> + RT
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These eﬂergy increments will be similar -for strong colli-
sions, but not for weak collisions when, <AE> <RT.
. The quantity.<AET>_may be’ obtained froﬁ'the values
, of Bw in the second—orﬁé} region from the relation given

by Troe[ll7y

With the value of 80 of 0.025 for H2 from the present re-
sults, <AET> ~ 60 Gﬂ.mofdx From thé results shown in Table
38, at 1000 K<AE> = 1,25 kcal mol  * giving <bEg> = 50 cal
molul. This is in reasonable agreement with the value‘of
60 cal mc:ale-'l obtained from BO.

* ”ﬂ-;.i;' The‘variation of E& with temperature was examinéd
with respect to the three principal factors, ¢, E+, and

<AE>, as discussed by Tardy and Rabinovitch. 25! The fanec-

tion may be expressed as follows:

R o : 71
dln Bm _ dln Bw ag . 3ln Bw dln<E+>
daT BF dT 31n<AE+> dT
."_' [
+ 1ln Bw . dln<AE>
31n<AE> ar J

-

or, briefly, ﬁéiné the formulation of Tardy and Rabinovitch [35]

- v

I
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dln Eﬁ

W _ ce
——ET_—.- d*+ EA. + E[i)

Values for these three terms have been estimated in the

following way. From the present measurements, d¢ and

3 daT
glg%égi may be obtainqd directly using the results in
T + .
Tables 37 and 38. ng%@_i is obtaine@ from the calculated

values of E+ (Table 38). The values of

3ln B! 31n B! 31n B!
— and gro—me= - —2 = 1,08
cr qui\\ 5In<iE> Sineats | |

i

were estimated from the "universal"/gurves of Tardy and
Rabinovitch %3] £or ¢ = 1.25 and £ = 0.5 using the data
given in Reference [95]. fThe.results are suﬁmarized.in

Table 39. In the present system it appears* that the -
vériation‘in the collisional :;ficiency with temperatu;e

is due largely to changes in <AE>, Over the temperatp;e

range 940—1009IL <AE> has decreased by ébdﬁt 50%. The

change in the order with tempergture, for constant w, is

also significant while the change in et with temperature

is the least importéQt term.

k]
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Table 38
log w =.3.08
L 4
T/K E+,’ keal Im:)le_:L E'
943 2.66 0.647
952 2,70 - 10,613
962 2.73 0.576
971 2.76 0.542
380 2.80 0.508
990 2.83 0.470
1000 2.87 0.434
Table 39
’ o
(%ﬁﬁ) /Kl oL
~1.13x1072 ~2.47x1073

-1.39x107>

1.57

ED/K’l

=7.35x%10

AF/kcal mole T

(b

*1.72 (480)
1.65 (460)
(440)
1,50 (420)
1.42 (400)
1.33 (370)

1.25 (350)

(D+EA+ED) /K +

? -1.22x1072
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CLAIMS TO ORIGINAL RESEARCH

The hydrogenation of carbon by hydrogen over the
temperaﬁure range BTb—llﬂ)K has been shown to be
a process involving both heterogeneous and homo—___
gepeoué reactions whose relative importance depends

on the temperature. A mechanism for each of these

reactions has been proposed.

The consecutive steps in the hydrogenation from
ethylene to ethane to methane have been clearly
demonstrated, It has also been concluded that a
proceSS'cauéing inhibition occurs on the carbon
surface, probably involving the forﬁation of higher
molecular weight products which remain strongiy
adsorbed, .

The observed activation energy of 51 kcal mol_l

and the order of 0.5'~ 0.6 with respect to H, fgr
the rate of formation of CH4 at temperatures above
about 1000 K were interpreted to show that thermal
dissociation of hydrogen provides an important
source of radicais. This source of.hydrogen atoms

had not previdusly been recégnized.
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4, The effect of the surface oxide complex on the rate of
vj!bkhydrogeﬁation of carbon was observed. It was shown
" that the presence of the surface complex had a

positive effect on the reactivity of the carbon.

5. A new system for the measurement of rate c&hftants
for radical reactions at temperatures above 1006 K
has been explored. The method is based on the
méintenance of an equilibrium concentration of
hydrogen atoms from the thermal dissociation of H,.

6. Application of this technique has been made in
studies of two systems: the homogeneous hydroge-

3

. . -
nation of C2H4 and the conversion of C2H6 to C2H4
in the presence of a large excess of Hz. From
these studies measurements of absolute rate consg-

tants have been made for the elementary reactions:

7. From a critical review of the literature data,

including a comparison of two sets of independent
. .
measurements of k3-and k_3 it was suggested that a
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value of 28 kecal molﬂi-for the heat of formation
of the ethyl radical is more consistent with the

1

data than the value of 26 kcal mol =~ which has

been accepted for many vears.

The collisional efficiencies of hy%;ogen and xenon
- e T

in the unimolecular dissociation of etgénéf)and

the corresponding value of <AE>, were measured at

. temperatures-in the neighbourhood of 1000 K and

showed that both gases are weak colliders. Both
E@ and Ei'declined significantly over the rela-
tivély small range of femperature of the present
experiments. The debrease in average increment
of energy transfered pef de-activéting collision,

<AE>, was the most important factor in the decrease

in collisional efficiency,
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