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The oxidation of ethane like that of other aliphatic hydrocarbons,

apart from methane, can proceed by two distinct mechanisms. One

operates above and the other below ca. hOO°C. Analytical work on ethane

oxidation has shown that in the later stages of the high temperature

oxidation ethylene is the major product whereas in the low temperature

region oxygenated compounds are the major products. Through the

development of gas chromatography it is now possible to analyse the

products in the early stages of reaction. The aim of the present work

was to apply this technique to the analysis of the products in the

initial stages of ethane oxidation and to determine the relative

importance of ethylene and of oxygenated compounds in the early stages.

At the same time analysis of the products formed throughout the course

of the whole reaction would provide valuable analytical data for the

elucidation of the oxidation mechanism.

The oxidations were carried out in a static system between

318-386°C using mixtures of different composition. The relative yields

of the initial products did not change appreciably when the ethanesoxygen

ratio was altered by a factor of six. However the initial yields

changed with temperature, and at the higher temperature ethylene was the

main initial product whereas at the lower temperatures formaldehyde

predominated. A value is given for the difference in activation energy

between the reactions producing ethylene and formaldehyde. The kinetics

of the oxidation at 3&20C were investigated and the variation of the

acceleration constant with oxygen, ethane, "inert" gas, and ethylene

oxide pressure was determined.

Ethylene oxidations were carried out at 318 and 362°C with mixtures
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of different composition and the products from "both the early and

later stages of reaction were examined. The oxidation of acetaldehyde

at 362°C was also investigated and a mechanism for the oxidation has

been put forward.

In the latter part of this thesis the experimental results were

discussed. It appears that the degradation of the ethane molecule

is a stepwise process involving the intermediate formation of ethylene

and formaldehyde. It was concluded that the ethylene was formed by

oxygen abstracting hydrogen directly from ethyl radicals, and that the

formaldehyde was formed by isomerisation and decomposition of ethyl

peroxy radicals. In the later stages of reaction the ethylene and

formaldehyde are themselves oxidised, ethylene mainly to formaldehyde,

and formaldehyde to the final oxidation products carbon monoxide,

carbon dioxide, and water. A mechanism involving the intermediate

formation of a cyclic peroxide has been proposed for the oxidation of

ethylene to formaldehyde. As no experiments were carried out on the

oxidation of formaldehyde the scheme proposed by Lewis and von Elbe

for formaldehyde oxidation has been adopted. A reaction scheme,

which can explain the formation of the products of ethane oxidation

and which embodies the basic schemes of ethylene and formaldehyde

oxidations, has been put forward for the oxidation of ethane.
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INTRODUCTION

1. SLOW OXIDATION Off HYDROCARBONS

1. 1. Early Theories

During the combustion of hydrocarbons the fuel

molecule is degraded stepwise into "end" products, such as

carbon monoxide, carbon dioxide, water etc. This basic idea

of stepwise degradation was originated by Armstrong1 in 1874

with his suggestion that the successive stages in hydrocarbon

oxidation involved the transient formation of hydroxylated

molecules which decomposed into simple intermediates. However

no attempt was made to verify this ld4a experimentally and it
2

was Bone and his co-workers in the years 1900-1912 who provided

an experimental basis for this "hydroxylation" theory, in which

it was thought that each successive C-H bond in the molecule

was replaced by a C-OH bond, accompanied by the gradual degrada-
3

tion of the hydrocarbon molecule. Bone further developed the

theory in the period 1950-1936, and for ethane the final form of

the oxidation was represented as :-

GEyCE^—> CH3CH20H —> [CH3CH (0H)2J—> 0H3CH0 + K20
» CH3C00H > CH20H.C00H » CH20 + H20 + CO
> HCOOH > H20 + CO H2+ CO

The theory was satisfactory in that it provided an

explanation for certain analytical data such as aldehydes being

formed prior to the formation of steam and oxides of carbon, but
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the weakness lay in the fact that the supposed primary inter¬

mediate, the alcohol, could not be detected. This was partially

remedied by Newitt & Haffner^- who showed that methanol was formed
5

in the high pressure oxidation of methane. However Bone

himself provided evidence which invalidated the theory when he

found that methanol oxidised more slowly than formaldehyde, and

so ought to have a higher stationary state concentration in the

oxidation of methane whereas the experimental evidence was to

the contrary.

Prior to this, in 1955, Korrish^ had examined the experimental

results of the period and he had concluded that whereas Bone»s

theory might explain the analytical data it could not explain

the kinetic data. Norrish proposed an atom chain theory to

explain the phenomenon of combustion e.g. for ethane

Propagation - - - - 0 + C2H6 "" C®3 +

CHjCH + 02 CH3CH0 + 0

Branching CII^CHQ + 02 = CH^COOH + 0

Termination - - - 0 + Wall = £ 02

C2Hg + 0 + I s C2H50H + X

Thus ethane oxidation was considered to be an alternative

formation of free ethylidene radicals and oxygen atoms, with

the steady generation of acetaldehyde.

The chief difference between Horrish^s theory and the

"hydroxylation" theory was in the production of the aldehyde.
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The "hydroxylation" theory visualised an alcohol as the corres¬

ponding intermediate whilst Morrises view was that the aldehyde

was formed directly as a result of the chain mechanism.

In the same year, Ubbelohde' raised objections to the

theories of Bone and Horrish, and he put forward an alternative

scheme in which the oxidation of hydrocarbon was initiated by an
8

aldehyde. Previously, in 1934, Baokstrom studying aldehyde
p-o

oxidations had surmised that the radical R-c=o would play a part

in the chain process, and Ubbelohde suggested that it was

possibly this radical which initiated the chain in hydrocarbon

oxidation.

o-o 9-OH
Initiation R-c=o + rch~ * E-c-o + RCHg

rch2 + o2 « rch2oo
Propagation - - - -

rch200 + ech3 « rch2ooh + rchg
Branching rchgooh « rchgo + oh

This scheme was similar to Horrish's in that it involved a

chain reaction in the propagating step but in this case it was

considered that a hydroperoxide rather than an aldehyde was

produced.

These theories of Norrish and Ubbelohde were widely accepted

and although they have since been modified the general concept

that the propagating step involved a chain reaction which

produced either an aldehyde or peroxide and that branching
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occurred through further reaction of this aldehyde or peroxide,

has, until recently, been taken as the basis of all hydrocarbon

oxidation mechanisms.

In view of the important part played by the theory of chain

reactions in the elucidation of hydrocarbon oxidation mechanisms,

it is convenient at this point to give a short account of its

development.

1. 2. She Development of Chain Theories

The idea of a chain reaation was first put forward

by Bodenstein^ in 1913 to account for the high quantum yield in

the photochemical reaction of hydrogen with chlorine. Ee

suggested chains involving electrons but this was later modified

in 1918 by Nernst^, who proposed an atomic chain.

In order to Interpret the speeds of some first order reactions
11 12

Christiansen and Christiansen & Kramers also postulated chain

reactions, but this time energy chains instead of electron or

atomic chains were invoked. They reasoned that molecules of

reaction products just after reaction would contain excess

energy and these "hot" molecules would have sufficient energy to

activate molecules of reactant at their first encounter, and

the subsequent reaction products would also have excess energy,

and so on. The ready application of energy oti thermal chain

theory to the explanation of the phenomenon of negative

catalysis Christiansen 192411 gave greater credence to the
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theory of energy chains. It was thought that the negative

catalyst or inhibitor was able to react with one of the links of

the chain, consequently breaking the chain and thus lowering the

reaction velocity.

In the following five years several workers applied the

concept of energy chains to other reaction schemes. For

instance, Backstrom"^1 explained the observation that the

photochemical oxidation of bensaldehyde had a quantum yield of

about 10»000 and that it exhibited the same characteristics with

regard to negative catalysts as the thermal oxidation, on the

basis of thermal chains. Egerton^ discovered that inhibitors,

such as phenol or aniline, had the same effect on hydrocarbon

oxidation as on the photochemical oxidations of aldehydes

carried out by Backstrom, and he suggested that both reactions

were similar in nature and that hydrocarbon oxidations also

included thermal chains.

15
At the same time as these investigations, Hinshelwood was

investigating the reaction between hydrogen and oxygen in a

static system, and he accounted for the inhibitory effect of

the walls of the reaction vessel at certain temperatures as

being due to the breaking of the thermal chains when a "hot"

molecule collides with the wall and comes into thermal

equilibrium with it.

Whereas Hinshelwood considered the reaction to be a

16
thermal chain process, Bonhoeffer & Saber believed that it
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proceeded by means of a free radical chain. However, this idea of

free radical chains was not widely accepted at the time, and
17

^emenov , who developed the theoretical aspects of chain reactidns
between the years 1928-1929 still thought that the chain was carried

8
by energy rich molecules. However in 1934 Backstrom applied a free

radical chain mechanism to the photo-chemical oxidation of aldehydes,
and in the present day most chain reaction schemes, apart from therma

explosions, involve free radicals.

1. 3. Branching & Degenerate Branching Chains

One important, development of chain theory which

Semenov introduced was that of branching chain reactions. In a

branching chain it is envisaged that one of the active centres is

capable of producing two new active centres which are each capable

of initiating new chains. Consequently the velocity of the reaction

will increase and may run off to explosion. In the hydrogen-oxygen

reaction two of the possible steps are t-

0H + Hg « H20 + H (a)
H + 02 » OH ♦ 0 (b)

In case (a) one free radical is produced from one other free

radical, and we have a normal chain, but in case (b) two free
radicals are produced which can each propagate the chain and there¬

fore we have a branching reaction.
(l?)

For branching reactions Semenov deduced that the velocity of

the reaction was given by

ur * —^ s Jll. - 0 cfl
At $-p

ur . -2^ r ( I - * ^ p-S>o
At £
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S = probability of chain branching at any link.
w » « breaking •» « »

Arsx time required for formation of a link.

» lifetime of branching intermediate

number of active centres initially formed per unit
time and volume.

concentration of active centres at time -t.

coefficient depending on the composition and pressure
of the mixture and on the temperature.

s» coefficient to account for secondary generation of
0 chains due to branching.

In the first case the velocity of the reaction increases with

•t to infinity and at high values of t the expression reduces to

the form

w « where £ « — P , A = A° « rv°
At g-p

Assuming values of & 9 fit andAt which were reasonable for free
radical or energy-rich molecule reactions, Semenov showed that the

velocity of the reaction might be expected to increase by a factor

of a every second. In the case of hydrogen oxidation the

increase in velocity is much smaller than this predicted

value and Semenov concluded that in order to comply with

experimental facts At would have to have a value of the

order of minutes or hours. lo incorporate this in the theory

of branching chain reactions he put forward the idea of

"degenerately" branching chains, where in the normal course of

the chain reaction a stable intermediate is produced which can
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survive long after the Initial chains have terminated and which can

then react to produce active centres capable of propagating new chains.

This proposal was fundamental to the understanding of hydrocarbon

comoustion and it is worthwhile examining the differences which lie

between normal branching reactions and "degenerately" branching

reactions.
, 1 v

The length of a branched chain v * " "773-S
where = chain length of non-branching chains

• I
. . Velocity of branching reaction n_v « Aqv° I-vS

where nQ £ rate of formation of active centres per unit time
an# volume.

Since the quantities and consequently v,% are functions of

temperature and pressure only, there must exist certain conditions at

whlch^-S = 0, corresponding to the chain length becoming infinity.
This condition is realised when there is an average of one branching

along the whole length of an ordinary chain i.e. vS= l.
If>B-$«othen the number of chain branchings exceeds the

number of chain ruptures and the uumoer of chains will steadily

increase. This continuous increase in chains corresponds to a

self acceleration process leading to explosion i.e. a non-

stationary chain reaction. When p -S > 0 we have a stationary

chain reaction.



FIGURE A.

VARIATION OF CHAIN LENGTH WITH PRESSURE.

^SEMENOV-CHEMICAL KINETICS* CHAIN REACTIONS*, 1936 , p. 47-)

FIGURE B-

CSEMENOV-CHEMICAL KINETICS * CHAIN REACTIONS*1935, *73^
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The change over from stationary to non-stationary chains is

extremely rapid for branching reactions (see pig.A) but with

degenerately branching reactions there is a more gradual

increase in velocity. This tendency arises in the case of

degenerately branching chain reactions from their being a

greater amount of original substance reacted before the

velocity reaches a certain value (see Fig. B).

At time t amount of substance reacted is given by the shaded

areas «Jurdt. She greater the amount of original substance
reacted then the more "dilute" the reaction mixture becomes ahd

consequently the rate of chain branching will decrease until a

point is reached where the rate of chain breaking will exceed

that of branching and the reaction velocity will diminish.

As the general tendency for degenerately branching chain
«

reactions is to show a gradual increase in reaction velocity it

is difficult to distinguish whether non-stationary or stationary

chains are operative, but as the rate curve for hydrogen combus¬

tions is concave and corresponds to the law w = Ae^* then it is

most probable that in hydrocarbon combustions we are dealing

with degenerate non-stationary chains. (See Semenov "Chemical

Kinetics and Chain Reactions", Oxford, Clarendon Press, 1935,

PP166-167).

1. 4. The Branching Intermediate and Theories on Hydrocarbon
Oxidation. w

«

The intermediate responsible for degenerate
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branching in hydrocarbon oxidation has been the subject of a great

deal of investigation and although it was generally agreed that

aldehydes acted as the agents of degenerate branching in the high

temperature oxidation (i.e. above 4Q0°C) opinion was divided as to

the nature of the intermediate in the low temperature region (i.e.

below ca.350°C). There were two main schools of thought as to the

identity of this low temperature intermediate viz. (a) those who

thought it was a peroxide, (b) those who thought it tfas an aldehyde.

The relative merits of these two viewpoints are discussed below,

(a) Peroxide Theories qnd Evidence for Peropcldgg 3JB

Ubbelohde^ in 193? was the first to assign peroxides

to the role of degenerate branching agents in the low temperature

oxidation of hydrocarbons. He was of the opinion that hydroper¬

oxides were formed in the propagating steps of the oxidation and

that these peroxides could subsequently decompose into free radicals

with a resultant branching of the chain reaction.

RCH2 + 02 ■ RCH200
Propagation —-

RCHgOO + RCH3 = RCHgOOH + RCHg

Branching ———RCHgOQH = RCH^O + OH
IS

Walsh also considered that the agent of degenerate branching

was a peroxide molecule which was capable of splitting at the 0-0

bond but he laid stress on the fact that subsequent rupture of the
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adjacent G-C bond was likely. Consequently the general scheme for

the low temperature oxidation was considered to bei-

R + Og = RO^

Propagation R0^+ RH « R00H + R

Branching ROOH = RO + OH

Degradation RO » R* + HCHO

The radical R* could then enter into reaction with oxygen and

thus the degradation of the fuel molecule was continued.

The peroxide theory was favoured by several other workers as

it was thought that it provided an explanation as to why many of

the products of hydrocarbon oxidation contained only one oxygen

atom and why the rate of oxidation was dependent upon the

structure of the molecule• This latter feature of the peroxide
19.20

theory was suggested by Hinshelwood ? and Cullis, Iiinshelwood
22

& Mulcahy f but it is to be noted that their conclusions were

based upon a false assumption. They believed that the strength

of the 0-0 bond in the peroxide molecule was dependent upon the

substituent groups in the molecule and from this they considered

that there was a correlation between the effect of the substituent

groups on the strength of the 0-0 bond and the rate of oxidation.

However it is now known that the strength of the 0-0 bond is
22

independent of the structure of the peroxide.

One obvious test of the peroxide theory Is whether or not



1X1.

peroxides ear; be detected ixi oxidation systems. Certainly for

oxidations in solution, where the temperature is low and the

concentration of hydrocarbon or other reactant is extremely

high, there is ample evidence for the existence of peroxides.^
However for gas phase oxidations, where the temperature must of

necessity be much higher, there is less evidence for their

existence.

Gas phase oxidations have however been carried out at

temperatures as low as 125-170°C by employing a catalyst such
OA

as hydrogen bromide. Rust & Vaughan ^ investigated the

hydrogen bromide catalysed oxidation of Iso-butane and they

obtained yields of t-butyl hydroperoxide as high as 75^ (based

on oxygen consumed) with a 10s10:1 mixture of iso-butane t

oxygen : hydrogen bromide. when these investigations were

extended to straight chain paraffins it was found that only

the hydroperoxides of the higher hydrocarbons could be isolated

and when ethane and propane were oxidised no primary or secondary
27 75

hydroperoxides were formed. These results are of

particular interest as it has recently been shown that this is

also the case in the uncatalysed oxidations carried out at
o 31 32

temperatures some 100 C or so higher. Cartlidg© & Tipper^ '

used paper chromotography to isolate and detect the hydro¬

peroxides formed in the oxidation of propane at 327°> the

oxidation of n-heptane between 250-270°» and the oxidation of

n-butane between 315-345°C, and they found that with n-heptane

and n-butane the peroxidic material isolated consisted of a
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mixture of hydroperoxides, hydrogen-peroxide, and hydrogen

peroxide-aldehyde adducta, hut with propane it consisted only of

hydrogen peroxide and its derivatives. From these results they

concluded that peroxides could not he the agents of degenerate

branching in the lower hydrocarbon systems although it was

possible that they were the agents of degenerate branching in

the higher hydrocarbon systems. As this work supports the

evidence of Kirk & Knox^J that at 318°C the lifetimes of ethyl

hydroperoxide and propyl hydroperoxide are too short for them to

be the intermediates responsible for degenerate branching in

ethane and propane oxidations it can be taken that peroxides are

not the agents of degenerate branching in the oxidation of ethane

and propane aoove ca.300°C.
With the higher hydrocarbons the evidence for or against

hydroperoxides as the agents of degenerate branching is not so

conclusive, and although hydroperoxides have been detected in

the oxidation systems of higher hydrocarbons it is not possible

to state definitely whether or not they are the agents of

degenerate branching. A great deal of work has been carried

out on the determination of hydroperoxides in hydrocarbon
28

oxidation systems but owing to the lack of suitable analytical

techniques it wa^ difficult to isolate and identify the hydro¬

peroxides formed in the system. Batten, Sardner & Ridge^ used

polarography to analyse the peroxides formed in the oxidation of

iso-butane between 250-270°C and even although this was one of
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the more refined analytical techniques available at that time

they could not establish definitely that t-butyl hydroperoxide

was formed. However through the development of paper chromo-

tography it is now possible to isolate and establish eonclusi-
30

vely the hydroperoxides formed in oxidation systems, and Taylor*'*'

by applying this technique to the oxidation of iso-butane was

able to show that t-butyl hydroperoxide was in fact formed in
■ . • • ........ • • ... c

the system u# to a temperature of about 35G°C. As has

previously been stated this technique was used by Cartlidge &
31 32

Tipper"^' to examine the peroxides formed in the oxidation of

n-heptane between 250~27Q°C and n-butane between 315-345°C and

in this case also the corresponding hydroperoxides were detected.

Although the presence of hydroperoxides in the oxidation

systems of the higher hydrocarbons might be considered as

providing indirect evidence that they are the agents of degenerate

branching, there is also evidence to the contrary. Batten &,
37

Ridge*" found that destroying the peroxides formed in the

oxidation of iso-butane had no effect on the subsequent reaction.

They withdrew the products of the reaction into a vessel contain¬

ing mercury and no matter how long the product mixture remained

in contact with the mercury the reaction continued at the same

rate on re-entering the reaction vessel.

The destruction of the peroxides formed during the course of

reaction has been used by other workers to demonstrate that they

are not the agents of degenerate branching e.g.Shtern*;">"used
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the above method in the oxidation of propane and propylene

while Pease^4, also for propane, destroyed the peroxides by

coating the reaction vessel with potassium chloride.

One factor which has to be borne in mind with regard to

the experimental results given in the literature is that the

methods used for the determination of the yields of peroxides

e.g. liberation of iodine from potassium iodide, oxidation of

ferrous ions, often make no distinction between hydrogen

peroxide, hydroperoxides and other oxidising agents. when

detailed examination has been made of the peroxidic material

obtained from hydrocarbon oxidations it has been found in

certain cases that hydrogen peroxide and its derivatives were

the only constituents.^
(to) Aldehyde Theory

The importance of aldehydes in hydrocarbon
40

oxidation was realised by Pope, Dykstra and Edgar as early

as 1929. They suggested that hydrocarbons were oxidised via

aldehydes which were degraded step by step to lower aldehydes.

RCH2CH0 + 02 ■ RCHO + CO + HgO HCHO + CO + HgO

This theory was rejected for various reasons e.g. the higher

aldehydes were found in some cases and not in others, the
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suggested degradation does not produce formaldehyde in an excited

state as required for cool flames. It was found in many cases

that formaldehyde was the preponderant aldehyde in the products

and this was explained by postulating a "non stop run" through the

various aldehyde stages. This could not however explain why the

higher aldehydes were formed in certain cases and not in others.
42

Lewis & von Elbe overcame the objections to the "non stop run"

theory by modifying the Pope, Dykstra, and Edgar scheme to one

whereby radicals were degraded instead of molecules.

RCHpCO + 0? = RC^J* + CO + HpO CH^CO + CO + HpO
By postulating a different reaction for CH^CO than fortfce higher
radicals viz. CH CO + 0 = HCHO + CO + OH they could explain the

•J

production of excited formaldehyde as this reaction is exothermic

to the extent of some 110 k cal.
44

Norrish also proposed a reaction scheme which was based on

aldehydes and which included a degradative reaction involving the

successive formation and destruction of RCHpCO radicals, but this
scheme differed from the above in that the RCHpCO radical was
regarded as having only a transitory existence.

RCHpCH^ + OH RCHpCHp + HpO
Propagation

RCHpCIIp + 0 2 RCHpCHO + OH

Branching RCH CHO + 0 9& 2 RCHgCOOH + 0
Degradation RCHpCHO + OH = RCHp + CO + HpO

RCHp + 02
RCHO + OH

RCIIO + OH

R + CO + H2O

CH CO + 0
3 2

ai 0 + co + oh
2
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lorrish suggested that the branching was due to the reaction

of aldehyde with oxygen producing an oxygen atom capable of

initiating fresh chains.

She difference between the peroxide theory of branching and

the aldehyde theory lay in the stability of the peroxy radical

formed from the reaction of an olhyl radical with oxygen.

Horrish considered that this radical had a transient existence

and decomposed rapidly into an aldehyde and a hydroxy radical,

whereas Ubbelohde, Hinshelwood & Walsh etc., considered that the

radical existed long enough to be able to abstract a hydrogen

atom from the parent hydrocarbon.

BCH2 02 = BCEgOO » BCHgOOH Peroxide Theory
= ECHO + OH Aldehyde Theory

A suggestion by Lewis & von Elbe^"2' combined the

aldehyde theory and the peroxide theory. They suggested that the

strength of the 0-0 bond of the peroxide molecule was reduced by

condensation of an aldehyde with a molecule of peroxide, and thus

the branching by means of peroxide would require the presence of

aldehyde. However as the condensation product would be expected

to give the normal tests for peroxide this theory could not

explain the cause of branching in those oxidations where peroxides

were absent.
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As there is no doubt about the presence of aldehydes and of

their ability to act as branching intermediates in the oxidation

of hydrocarbons at temperatures about 300°C ^^ the

aldehyde theory of branching is favoured to that of the peroxide

theory. Nevertheless the amounts of aldehydes detected were

small, generally less than loft of the hydrocarbon consumed, and

in order to explain this it was suggested that the aldehydes

reacted as quickly as they were formed. Although the aldehydes

may oxidise rapidly there is another possible explanation for the

low yields of aldehydes viz. the existence of an alternative path

for the reaction of alkyl radicals with oxygen.

E + 02,—>E'CHO + OE
Other Products

The idea that alkyl radicals can react with oxygen in an

alternative manner to either aldehyde or peroxide formation has

come into prominence in recent years.

(c) HC>2 Radical Theory.
The high yields of olefins obtained from oxidations above

400°C has recently led to the conclusion that oxygen can abstract a

hydrogen atom from an alkyl radical with the resultant formation of
51-56

an olefin. It was suggested that these high temperature

oxidations proceeded by an H02 radical chain mechanissu-

GnH2n-l + °2 " °nH2n-2 + H02

CnK2n + HG2 * GnH2n-l + E2°2
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As yet there is nd direct evidence for the existence of H02
radicals in hydrocarbon oxidation systems, but there is a great

deal of indirect evidence. For example, hydroperoxy radicals

have been detected mass-spectrometrically in the oxidation of
111

methyl radicals , and appreciable amounts of hydrogen peroxide,

formed by H0o radicals abstracting hydrogen, have been found in
the products of methane1^2 and propane^2'""-' oxidations. Although

most of the evidence for the existence of the HOg radicals comes
from analytical work part also comes from kinetic work, aiox,

59
Smith & Trotman-Dickenson" investigated the competitive oxidation

of ethane, propane, and iso-butane, and they concluded that the

H0o radical was probably the Chain carrier from the fact that the
ratios of the rate constants of the chain propagating steps showed

remarkable constancy over a wide range of experimental conditions,

and also from the fact that the H02 radical could explain satis¬
factorily the results of the high temperature oxidation. The

close similarity which exists between the kinetics of the oxidation
57

of these three hydrocarbons and of the three isomeric xylenes

suggests that the chain propagating radical is common to both

systems, and as H02 is one of the radicals likely to be common to
both systems this strengthens the view that the 110^ acts as a chain
carrier in these oxidations.

Postulation of HO as a chain carrier derives indirect support2
60

from the work of Walsh and his collaborators who identified the

active anti-knock agent from tetra-ethyl lead as lead oxide and

who suggested HOg as one of nthe likely chain carriers being destroyed
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Owing to the earlier analytical techniques requiring relatively

large amounts of products analysis could only be carried out for

the later stages of reaction, and since oxygenated compounds and

not olefins were found to be the major products in the later

stages of the low temperature oxidations it was thought that the

H0o radical chain did not operate in this temperature region.
However through the development of gas chromatography the initial

fi\
products of reaction can now be examined, and Knox has shown for

the low temperature oxidation of propane that about 75% of the

propane initially consumed is converted to propylene. This

indicates that the HO,, radical chain also plays a part in low
temperature oxidations.

Although it is now fairly well established that an HO^ radical
chain can operate in hydrogen oxidation systems the lifetime of the

58
chain carrying HO radical is not yet accurately known. Minkoff ,d

who reviewed the earlier evidence for its existence in oxidation

systems, suggested that it was a relatively long lived intermediate
but he did not give a value for its lifetime, ana it was not until

46
Lewis & von Elbe estimated its lifetime to be about one second

in the hydrogen-oxygen reaction under conditions similar to those

used in hydrocarbon oxidation that an idea as to how long it could

exist in oxidation systems was obtained.

It has also been suggested that HO,, radical chains play a part
in alcohol oxidations^0e.g. Cullis & Hewitt0'* found for the

oxidation of ethanol between 250-270°C that, under optimum surface

conditions, acetaldehyde and hydrogen peroxide were produced in
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equivalent yields and they considered that this was in agreement

with the following mechanism.

C2H60 * H02 « CgH^O +H202

CgH^O 02 « CH^CIIO + H02

2. THE SLOW OX IDATIOh OF ETHAHE.

2.1. Review of Previous Work.

When interest was aroused in hydrocarbon oxidation

in the early nineteen hundreds ethane being one of the simplest

hydrocarbons was naturally chosen for investigation, and in this

period a great deal of work, both analytical and kinetic, was

carried out on its oxidation. As the analytical results obtained

were explained on the basis of the "hydroxylation" theory, which

has since been disproved, only the results of these investigations

will be given. After the initial work ethane oxidation was less

extensively investigated and workers in the field of hydrocarbon

combustion tended to concentrate more on the higher hydrocarbons

in order to solve the problem of the negative temperature coefficient

and allied phenomena such as cool flames.

Ethane oxidation has been studied using two types of reaction

system, the static system and the flow system. Both systems have

their attendant advantages and disadvantages. The flow system has

the advantage that it gives relatively large amounts of reaction

products and is thus more amenable for analytical work, but it does

not lend itself to kinetic investigation of the reaction. With
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the static system the reverse is true.

The kinetics of the low temperature oxidation were examined by
66

Bone & Hill over a wide range of experimental conditions and

they drew up pressure-time curves for mixtures of different composi¬

tion at various temperatures. These curves, along with those given
69

by Kowalsky, Sadownikov & Chirkov for the high temperature
17

oxidation, were analysed by Semenov ' and he showed that they could

be made to coincide by suitable adjustment of the horizontal and

vertical scales, and that when not more than 30-40$ of the reactants

had Interacted they coulu be expressed by the mathematical form

Ap = Ne^, where N and <}> are constants, the latter being the

acceleration constant.

From this expression the acceleration constant of the reaction

could be calculated, and Semenov found that the values obtained

using the results of Bone and of the Russian school were in good

agreement even although the experimental conditions used by these

workers were different.

He also demonstrated that the % reaction was given by J-

f ~ ikLil , where s' - <p 01
1 +e-e

<J> = acceleration constant

0 = time reckoned from moment of 50$
reaction.

0 being positive when ^ > 50*
The pressure-time curves of Bone and of the Russian school were

of sigmoid form, with a period of slow acceleration followed by a

faster reaction increasing to a maximum rate and then a falling off
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to aero, and in order to account for the Initial slow acceleration

Semenov postulated that hydrocarbon combustion proceeded by a

"degenerately44 branching chain. This concept is now generally

accepted but prior to this it was considered that the oxidations

proceeded by "normal" chains. Early evidence for the existence

of a chain reaction in ethane oxidation came from toe work of
68

Taylor « Riblett who found that the reaction was preceded by an

induction period, was sensitive to foreign substances, and

exhibited a negative wall effect.

The kinetics of ethane oxidation, like those of other hydro¬

carbons, are markedly affected by the surface of the reaction

vessel and normally it is only after numerous experiments in the

same vessel that reproducible results can be obtained. Taylor &
68

Riblett using a pyrex vessel between 4u0-48Q°C found that if

the reaction vessel was packed with pyrex glass coated with

potassium chloride then the reaction was virtually stopped, and

that if a silica vessel was substituted for the pyrex vessel

then the kinetics were quite different. Kowalsky, Hadownlkov &
67

Ghirkov also noted the effect of surface on the kinetics of the

high temperature oxidation. They used a quartz vessel at about

600°C and they found that the reaction vessel appeared to "age".

However it was discovered that consistent results could be

obtained if the reaction vessel surface was pre-treated with

hydrofluoric acid.

The kinetics of the oxidation are also affected by the

addition of small amounts of intermediates or other compounds.
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Acetaldehydo was the intermediate most commonly added to ethane

oxidation systems and although Its effect in both the low and the

high temperature regions \*as to reduce the induction period Bone
66

& Hill found that the addition of to a 3*1 ethane to oxygen

mixture at 3l6°C and 720 mrns. Hg pressure not only reduced the

induction period but caused the reaction mixture to explode.

This marked effect of aeetaldehyde in the low temperature region
96

was also noted by Townend & Chamberlain' , They studied the

effect of pressure on the ignition temperature of ethane-air

mixtures and they observed that in the low temperature region the

addition of 1$ acetaldehyde greatly reduced the pressures at which

the ignitions occurred whereas in the high temperature region the

addition of acetaldehyde tended to retard the ignitions. The

explanation put forward was that at the higher temperatures the

acetaldehyd© decomposed faster than it could oxidise.

Other additives do not have such a marked effect as acetaldehyde

on the oxidation. For example. Bone & Hill found that the addition

of 2$ formaldehyde, iodine or nitrogen dioxide to ethane oxidation

systems in the low temperature region eliminated the induction

period but did not cause an explosion, whilst additives such as

ethanol and water shortened the induction period. Similar results

were obtained by Szabo & Gal^ for the high temperature region but

they also noted that the kinetics were dependent upon the initial

oxygen concentration.

Szabo & Gal plotted the total pressure Increase in the

reaction and the time required for the reaction to reach maximum
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rate against the $ oxygen in the reaction mixture and they found

that a break always occurred in the plots in the region of 3<$

oxygen. This was taken as indicating that there were two

possible types of oxidation and that whichever one was operative

depended upon the initial oxygen concentration. However it is

doubtful whether this is the ease and confirmation by analytical

experiments is necessary before it can be accepted.

The parameters which have been used in the interpretation of

kinetic measurement are the induction period, maximum rate of
reaction and the acceleration constant. Recently, however,

79
Knox has shown that the most reliable of these parameters is

the acceleration constant, and by making certain simplifying

assumptions with regard to the oxidation of ethane and propane

at 318°C he derived a relationship between the acceleration

constant and initial hydrocarbon concentration which agreed well

with experiment. From this relationship the lifetime of the

branching intermediate in ethane oxidation at 318°C was calculated

and found to be approximately two minutes.

From a survey of the literature it is apparent that there is a

dearth of systematic analytical studies covering the complete

range of products from ethane oxidation. However, of the work

which was carried out that of Bone and his school is outstanding.
2

In one of the earlier papers Bone and Stockings , using a flow

system, showed that the final products of the oxidation were

carbon monoxide, carbon dioxide, and water. Later Bone and
66

( Hill developed a method to determine the intermediate products.
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In this "work reaction was allowed to proceed for a given period,

after which the reaction vessel was plunged into ice water and the

products analysed, A series of such experiments with the reaction

stopped at different time intervals allowed the construction of a

graph showing the decrease in concentration of reactants and the

increase in concentration of products with time. In this way it

was shown for the low temperature oxidation that trie concentration

of aldehydes (consisting mainly of formaldehyde) passed through
a maximum close to the maximum rate of reaction. The main

products were carbon monoxide and water but small amounts of

carbon dioxide, formic acid, and an unidentified peroxide were

also found. Do olefins, methane or alcohols were reported.

Ethylene was however reported in the high temperature oxidation
70

by Steacie and Plewes . They detected ethylene throughout the

course of the whole reaction, and by suggesting that the main

chain process in ethane oxidation was the oxidation of ethylene

they stressed the importance of ethylene in the oxidation of
56

ethane. This work was later confirmed by Gray xtfho, using a

flow system instead of a static system as used by Steseie and
p

Plewes, found that ethylene could be obtained in up to 80$

yield (based on ethane consumed). He explained this high

yield on the basis of an HQ^ radical chain and in doing so
he was the first to postulate that this mechanism could operate

in hydrocarbon oxidation systems.

<¥% + HO2= C2H5

C2H5+ 02 " C2H4 +Ii02
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71 71 64 72
Methanol, ethanol , hydrogen peroxide , ana acetic acid

have also been detected in the products oi' ethane oxidation* She
/

evidence for the formation of acetic acid comes from the hydrogen

bromide eaoaiysed oxidation of ethane at 220°C but as this

temperature is much lov/er than that at which ethane normally

oxidises it is doubtful whether it will be formed in the

uneatalysed oxidation.

The products from the low temperature catalysed oxidation of

ethane have also been examined and it has been shown that the

74
primary product is ethyl hydroperoxide • Although the

evidence for its formation is fairly conclusive the mechanism

whereby it is formed is still in doubt. Two mechanisms have been
74

put forward for its formation. Gray investigated the mercury

photosensitised oxidation at 25°C and he suggested that the ethyl

hydroperoxide was formed by the reactions

G2H5 + °2 s C2H5°°
C2H500 + G2E6ss g2H5OOH -I- C2H5

flUK
Watson and Darwent disagreed with this on the basis that

these reactions could not explain the kinetics of the oxidation and

they proposed an alternative scheme j-

u&.{hx) + o2 - o! + iig.(1s0)
02 + g2e6 * G2H5OOE

Although ethyl hydroperoxide is the primary product of the low
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temperature catalysed oxidations it cannot be a major product in

the uncatalysed oxidations as it has a very short lifetime at

temperatures of 300°C and above.^ Nalbandyaa^ did find however

that a peroxide was the primary product in the mercury photosensi-

tised oxidation at temperatures up to 310°C.

From the foregoing it can be seen that the kinetics of ethane

oxidation have been fairly extensively investigated but that there

is a lack of analytical data covering the range of products formed

throughout the reaction. This is partly due to the fact that the

earlier analytical techniques required relatively large amounts of

product material for analysis and hence only the later stages of

reaction could be investigated, and partly due to the fact that

with the techniques available it was not possible to isolate and

Identify all the compounds present in the complex product mixture.

However with the development of modern analytical techniques this

situation can now be remedied.

2.2. Cool Flames and the Negative Temperature Coefficient in

Ethane Oxidation..

It is well established that hydrocarbons containing

three or more carbon atoms appear to react by two different

degenerate branching mechanisms depending on the temperature.

Above 400°C we have a 'high' temperature mechanism and below about

350°c we have a •low* temperature mechanism. The transition
between the two regions is generally associated with the phenomena
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of cool flames and negative temperature coefficients in the

velocities of the slow reactions.

Until recently it was not known whether or not ethane

exhibited these phenomena. It was found by certain workers that

the oxidation of ethane, like methane, had different characterise
80

tics from the oxidation of higher hydrocarbons e.g. Mulcahy

found that the manner in which the maximum rate of reaction

varied with hydrocarbon and oxygeipressure differed for ethane and
81

butane oxidations, and Prettre found, using a flow system, that
he could observe cool flames for the higher hydrocarbons but never

with methane or ethane. These results led to the belief that

cool flames could not exist in ethane oxidation systems. However
82

Townend disagreed with this viewpoint and although he did not

actually observe cool flames in ethane oxidation he was of the

opinion that they would be obtainable under suitable experimental

conditions. "Induced" cool flames were observed, however, by
77

Gerber and Niemann on addition of diethyl peroxide to ethane

oxidation systems.

The question of whether or not the ethane oxidation system

exhibited a negative temperature coefficient was partially
76

answered by Chirkov and Entelis . They found that the maximum

rate of reaction increased in the regions 270-340°C and 400-480°C
but remained constant between 34Q-400°C. However the existence

of a negative temperature coefficient in the rate of the slow com-
75

bustion of ethane was confirmed by Knox and Norrish whep they

showed that the reaction rate, as measured both by the increase
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In reactant temperature and by increase in rate of pressure rise,
decreased as the temperature increased between 350-400°C. They

also observed that cool flames could be obtained if suitable ex¬

perimental conditions were used viz, with sufficiently large

reaction vessels between 300 and 380°C at pressures of 600 mms.Hg

upwards and with ethane plus oxygen compositions ranging from

32/1 to 3/2.

These results of Knox and Morrish are of importance as they

show that ethane exhibits the properties of the "low" temperature

oxidation which had previously only been recorded for hydrocarbons

containing three or more carbon atoms.
56

Gray^ also observed cool flames in ethane oxidation using a

flow system? but the temperatures at which they were observed

were much higher than those characteristic of cool flames. This

led Knox and Ilorrish to suggest that these cool flames were

peculiar to flow systems and were caused by reaction starting off

at the outlet end of the reaction tube and then sweeping back

through the reaction mixture. This would leave the reaction

tube full of reacted gas and another cool flame could only appear

once the reacted gas had been swept out of the tube. In this

way the periodicity of the cool flames could also be explained.
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3. m, of

In order to account for the existence of a negative

temperature coefficient in the rate of hydrocarbon combustion it

was supposed that hydrocarbons underwent oxidation by two distinct

mechanisms viz. a •high" temperature mechanism active 400°C and a

"low" temperature mechanism below ca.350°C| and it was thought
from analysis of the products in the later stages of reaction that

olefins were the major products in the 'high' temperature region

and that oxygenated compounds were the major products in the 'low'

temperature region. However through the recent development of

gas chromatography it is now possible to analyse the products from

the initial stages of reaction, and it has been shown for propane

oxidation that propylene was the major product in both the "high"

and the "low" temperature oxidations. This was explained on the

basis that the initial stages of propane oxidation involved an HOg
radical chain mechanism which operated throughout the whole

temperature range.

C3IIg + H02 = + H202

C3h7 * °z ssC3h64'H02
The aim of the present work was to investigate the low

temperature oxidation of ethane in order to determine whether or

not the Initial stages of ethane oxidation involved an H02
radical chain mechanism, and hence to confirm whether or not the

initial stage oxidations were the same in the "high" and the "low"

temperature regions. It was hoped to analyse, by means of gas

chromatography, the products formed throughout the course of the
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reaction and to investigate the variation in product yields with

mixture composition and temperature, and in this way to

elucidate the mechanism of the complete reaction.



EXPERIMENTAL TECHNIQUE
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1. APPARATUS

The apparatus was a conventional high vacuum system

constructed, of Pyrex glass (see figs. 1 and 2). Although it
was essentially a unit it is convenient to divide its description

into three sections (1) General Apparatus, (2) Kinetic Apparatus,

(5) Analytical Apparatus.

1. 1» General Apparatus

(a) Pumping and Storage System

The pumping system consisted of a three stage mercury

diffusion pump backed by a Hyvac rotary oil pump. With this

system the pressure, which was measured on a vacuostat, could be

reduced to 10'"-' - 10"^ mms. Hg.

The purified reactants were stored in 5 litre bulbs, which

were fitted with traps for degassing purposes, and any required

mixture was made up by measuring the reactants into a 500 cc.

mixing vessel. The sharing ratio between the mixing vessel and

the reaction vessel plus Bourdon Spoon Gauge was known for

different furnace temperatures, and any desired pressure in the

reaction vessel was obtained by having the corresponding pressure

of reactants in the mixing vessel.

(b) Reaction Vessel

A cylindrical Pyrex reaction vessel, 5*5 cm. in diameter

and volume « 522 ccs., was used. It was housed in a furnace and

surrounded by a copper jacket to promote uniform heating.
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(c) Measurement of Temperature

The temperature of the furnace was measured "by means of a

thermocouple in conjunction with a Doran D.C. potentiometer.

The thermocouple was constructed of T^/Tg "tiiermocouPle wire
(British Driver Harris Ltd.) which was supplied with a

calibration scale.

(d) Furnace

The furnace consisted of a silica tube, 66 cm. long by

9«2 cm. internal diameter, which was heated by means of three

independent windings of nichrome wire, resistances 150, 100, and

150 ohms respectively, the whole being suitably lagged and

insulated. The temperature along the reaction vessel was kept

constant to within ± 1°C by having external variable resistances

in parallel and in series with the windings (fig. 5). The power

was supplied via a Variac transformer and the mean temperature of

the reaction vessel was controlled by a Resistance Thermometer

Controller Type ST2 (Sunvic Controls Ltd.).

1. 2. Kinetic Apparatus

The pressure change during the reaction was followed by

means of a Bourdon Spoon Gauge made of Pyrex glass and fitted

with an optical lever arrangement. The pointer deflection was

thus magnified and could be read on a metre scale, a pressure

change of 1 mm. mercury giving a deflection of 5«50 mm. on the

scale. The deflection was linear with respect to pressure over
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the pressure range used* The gauge was connected to the

reaction vessel "by 2 mm* internal diameter capillary tubing

which was wound with nichrome wire and heated to a constant

temperature. This temperature was such that any product which

might diffuse into the capillary tubing could not condense*

1* 3* Analytical Apparatus

(a) Sampling System

The sampling system is shown in fig. 2* It consisted of

two sampling tubes connected to the reaction vessel system by

4 mm. O.D. tubing, with the whole heated to a constant

temperature using nichroae heating wire. The temperature being

such that no condensation of products occurred. One of the

vessels could be connected to the Toepler pump by means of a two-

way tap, whilst the other was removeable from the apparatus*

The snaring ratio between the reaction vessel and the

sampling vessels was known for the various furnace temperatures.

(b) Toepler Pump

The volumes of the two bulbs were calibrated by weighing

the amount of mercury required to fill them. The volumes were

24.09 mis. arid 73*91 mis. giving total volumes of 24.09 and

98.00 mis. from the respective graduation marks to the tap.

(c) Infection System

The injection system consisted of a U tube trap fitted with
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two two-way taps which allowed the carrier gas to enter the

tf tube and pick up the sample or else by-pass the £J tube

completely. The gas then flowed along narrow capillary tubing

to a specially constructed tap havihg one inlet and three

outlets (fig. 3). The outlets were connected to three chroma¬

tography columns and hence the gas stream could be made to pass

through any one of the columns. There was also a tap of the

same construction at the outlet end of the columns* The

advantage of these taps was that the "dead space" in the system

was kept down to a minimum.

(d) Carrier Gras

Hydrogen was used as carried gas. It was preferred to

nitrogen because it gave greater base line stability and, because

of its high conductivity, it gave greater sensitivity for

detection. Conductivity is ©e 1 and hence with hydrogen
(SLW. )*

we have a greater difference between hydrogen conductivity and

hydrocarbon conductivity than for nitrogen. However its higher

H.S.T.P. value and explosion hazards are disadvantages to its use.

On leaving the cylinder the gas was dried by passing through

successive tubes packed with calcium chloride and activated

Linde Molecular Sieve. The carrier stream was then divided,

part going to the injection system and dummy column, and part

going to a series of water bubblers where a constant head of

water ensured a constant gas pressure. Before going on to the
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injection system and dummy column the gas stream passed through,

a "buffering" vessel consisting of a series of narrow capillary

tubes connected to wide bore tubing. Shis arrangement evened

out minor fluctuations in the gas pressure. After passing

through the "buffering* vessel the gas stream was again divided,

part going to the injection system and part to the dummy column.

After the injection system the carrier gas passed on to the

chroiaatography columns and then on to the detection system.

(e) Columns
four gas-chromatography columns were used to analyse for

the re&etants and most of the products. Details of the columns

are given in table 1:
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olumn Length nal
No- tainer ft' Mam'

TABLE 1

Column Stationary

Dummy Glass
Tubing

Firebrick
(40-60 mesh)

47

Glass
1 Tubing

Linde Mole¬
cular Sieve
Type 5A
(60-80 mesh)

4•
Charcoal
(24-32)

Boom
Tempi

31 o2,ch4,co

Coiled
C opper
Tubing

10 3
20%

Celite Pet. Ether
(60-80 mesh) (140.160oc)

-80 32
CO2

C2H4
C2H6

Glass
Tubing

Celite 20%
(60-80 mesh) Polyethy¬

lene
Glycol 400

47

* ■■ ■ ■-

67 CHjCHO,
<W

CH^OH,
C2H5oh
h2o

Coiled
4 Copper

Tubing

20%
Celite Polyethy-
(60-80 mesh) lene

Glycol 400

0 73 CH^CXiO
C2ii4°

A "split" column technique was used with column 3* The carrier

gas was allowed to flo?/ through the full length of the column until the

acetaldehyde, ethylene oxide, methanol, and ethanol peaks were eluted

and then the column -was "split" so that the carrier gas only went

through the first half of the column. In this way the flow rate was
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approximately doubled and the column length halved and the water

peak was thus eluted in a reasonable time.

Acetaldehyde and ethylene oxide came through as a single

peak on column 3« This peak was trapped out by passing the gas

stream through a cooled glass trap, containing glass beads

(0.02 mm. diameter) co.oled to -133°C, until the acetaldehyde

plus ethylene oxide peak had been completely collected. This

trap was then used as the injection system for column 4- on which

the acetaldehyde and ethylene oxide were separated.

(f) .Detector

The detector used was a thermal conductivity gauge. It

consisted of a brass block (length » 7«5 cm., diameter = 7«5 em.)
with two cylindrical channels along which were stretched two

tungsten filaments of approximately 10 ohm resistance. The

filaments formed part of a vvheatstone bridge circuit (fig. 6).

The carrier gas emerging from the chroaatography columns flowed

over one of the filaments whilst the carrier gas from the dummy

column flowed over the other and a "steady state" existed in the

Wheatstone bridge circuit until a product came through the

chromatography column and passed over the filament. 'This caused

a change in conductivity of the surrounding gas which in turn

altered the temperature of the filament and hence its resistance.

This change in resistance produced an "out of balance" current

in the bridge circuit which was fed into a Honeywell Brown

"Electronic" Scrip Chart Recorder (0-1 mV Range) which both
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amplified and recorded the signal- As the amplified signal at

times exceeded 1 m.V. three resistances of 2,000, 200, and 20

ohms were placed in parallel with the recorder so that the

sensitivity could he altered (see fig. 6). When the recorder
was connected to position A its range was close to 1 m.V. hut

when connected to positions B or C the range was increased to

approximately 10 or 100 m.V. respectively.

The power to the Wheatstone bridge circuit was supplied by

two 2 volt accumulators which, when fully charged, had an output

of approximately 4.2 volts. The bridge voltage was kept

constant at 4 volts by means of a variable resistance in series

with the accumulators.

2. ANALYTICAL MS-MODS

2. 1. Gas Chromatography

Gtas chromatography was used for the analysis of oxygen,

methane, carbon monoxide, carbon dioxide, ethylene, ethane,

acetaldehyde, ethylene oxide, methanol, ethanol, and water.

The columns used are given in table 1.

By attaching a gas burette to the U tube trap of the

chromatography system a known volume of gas at a known temperature

and pressure could be introduced into the analysis system. In

this way, by injecting a known amount of each compound on to the

appropriate chromatography column and measuring the corresponding

peak area calibration graphs of peak area vs. u moles were
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constructed for each compound.

Peak areas rather than peak heights were used for the

calibration as the latter are more dependent on the operating

parameters.^
She peak areas were measured by plauimeter. As in any one

i

run there was liable to be as many as eleven peaks this method

was less time consuming than the method of measuring areas by
" trapeziums'*. the measurement of the areas by the formula

- i peak width x peak height - was not used as this method

tends to be inaccurate for tall narrow peaks.

2. 2. Other Jethods

Formaldehyde was determined by the method of Bricker and
ox

Oohnsoru 1 gm. of chromotropic acid (B.D.H. - sodium salt for

formaldehyde determination) was dissolved in 5 mis. distilled
water, and 1.5 mis. of the solution were then added to 0.8 mis.

of the aqueous formaldehyde solution. Approximately 8.5 mis«

of Analar concentrated sulphuric acid were then added and the

solution was heated for half an hour in boiling water. the

solution was cooled and made up to approximately 50 mis. in a

standard flask with distilled water. On cooling to room

temperature it was then accurately made up to the mark. the

absorption of the coloured solution was compared to that of a

blank determination using 10 mm. silica cells in an S. P. 600

Spectrophotometer at a wavelength of 5700^. the concentration

of the original formaldehyde solution could then be obtained
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from a previously constructed calibration graph,.

As it is known that formaldeayde condenses with hydrogen
ftu OC O*?

peroxide in aqueous solutions ® comparisons were made of

the absorbances of aqueous solutions of formaldehyde and aqueous

solutions of formaldehyde plus hydrogen peroxide# . It was

found, using ratios of formaldehyde to hydrogen peroxide similar

to those observed in the oxidation products, that the solutions

with the same formaldehyde concentration had tne same absorbance

whether or not hydrogen peroxide was present. Hence, under the

conditions used hydrogen peroxide did not interfere with the

formaldehyde determination.

Acetaldehyde. Tests were carried out to confirm whether

or not the condensation of hydrogen peroxide with acetaldehyde

affected the determination of the latter by gas chromatography.

Two solutions were made up, both contained trie same ratio of

methanol to acetaldehyde but in the second solution hydrogen

peroxide (of approx. the same concentration as that found in the

oxidation products ~ 30%) instead of water was added. The
methanol was present as a standard. On analysing these

solutions on column 3 it was found that when hydrogen peroxide

was present rhe area of the acetaldehyde peak was about ijrth of
that when only water was present. This indicated that hydrogen

peroxide interfered with the determination of acetaldehyde and

that an acetaldehyde-hydrogen peroxide adduct was formed.

Various attempts were made to destroy this adduct in order
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"to liberate trie acetaidehyde and this was finally achieved by

coating the surface of the sampling vessel with barium hydroxide.

When the synthetic mixtures were allowed to react on this surface

at the normal temperature of the sampling vessel about 95% of

tae acetaidehyde was recovered from the solution which contained

the hydrogen peroxide. This method thus appeared satisfactory

for the determination of acetaidehyde in the presence of hydrogen

peroxide.

Using this method acetaidehyde determinations were carried

out on a 111 mixture of ethane to oxygen at 362°C (see table 2),
and the results are compared on fig. 10c with those obtained when

the adduct was not previously destroyed. As it was at a rather

late stage in the work when it was discovered that hydrogen

peroxide interfered with the determination of acetaidehyde only

three determinations were made but it can be seen that the values

for when the adduct was destroyed are approximately 50% higher

than those for when the adduct was not destroyed. Thus all the

acetaidehyde values quoted in the tables to follow should be

increased by about 30%.

TABLE 2 (fig. 10c)
Series J. Ratio C2^02 ® 111. JPressure » 442 mms. Hg.
Temp. ■= 362°C.

Sun No* AP CHjCHO
cms. Hg. inms. Jig.

1 4.73 0-37
2 7.70 0.31

3 2.68 0.17
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Hydrosen Peroxide* Hydrogen peroxide was determined by
86

the method of Egerton et al. To a portion of stock solution

of 15% w/v titanous sulphate in sulphuric acid, dilute hydrogen

peroxide was added until the solution was a pale yellow colour®

1 ml. of this reagent was then added to 3 mis. of an aqueous

solution of the reaction products and the ahsorbance of the

resulting yellow solution determined using 10 mm. silica cells
o

in an SP 600 Spectrophotometer at a wavelength of 4100^. The

concentration of hydrogen peroxide in the original solution was

then determined from a previously constructed calibration graph.

Hydroperoxides if present in the reaction products will not

affect the determination of hydrogen peroxide as Egerton et al.

have shown that ethylhydroperoxide and di-ethyl peroxide do not

give a colouration with titanous sulphate.

3® RUN PROCEDURE

3» 1. Pumping Procedure

Since the reaction rate was sensitive to the state of the

walls of the vessel a standard pumping procedure was employed

before each run was carried out. This consisted of pumping for

fifteen minutes with no cold trap on the high vacuum side of the

mercury diffusion pump, followed by fifteen minutes pumping with

the cold trap present. The initial pumping had to be carried

out without a cold trap in front of the mercury diffusion pump

since any ethane present in the system would be retained in this
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trap and as ethane has a vapour pressure of the order 10 nuns.

Hg. at -183°G the apparatus could not then be pumped down below

this value.

3* 2. Kinetic Brocedare

The mixing vessel was evacuated and the reactants introduced

in the order-additive , ethane, oxygen-by means of a "piling up"

procedure. After the reaction vessel and Bourdon Spoon Gauge

had been evacuated they were connected to the mixing vessel

whence the entrance of the reactants into the reaction vessel

registered as a "kick" on the Bourdon Spoon Gauge. The reactants

were given fifteen seconds to equilibrate and then the connecting

tap between the reaction vessel and mixing vessel plus mercury

manometer was closed. The initial pressure of reactants in the

reaction vessel could then be read on the mercury manometer.

Thirty seconds after the entrance of the reactants the "shorting*

tap on the Bourdon Spoon Gauge was closed and the pressure

increase in the system could then be read off the metre scale

at any desired time.

3« 3» Analytical Procedure

'The sample for analysis was obtained by first isolating the

Bourdon Spoon Gauge from the reaction vessel and then immediately

opening the tap to the evacuated sampling system. After allowing

thirty seconds for equilibration this tap was then closed, along

with the taps on the two sampling vessels. The vessels were
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then cooled to ~183°C in liquid oxygen. The products condensed
in the detachable vessel were dissolved in a suitable volume of

distilled water and the aqueous solution analysed for either

formaldehyde or hydrogen peroxide.

The products uncondensable at -183°C viz. oxygen, methane,

and carbon monoxide, which were contained in the other sampling

vessel were then transferred to the gas burette by means of the

Toepler pump, whence the temperature, pressure and volume of the

fraction was measured. An aliquot of this fraction was then

admitted to the gas chromatography injection system and subse¬

quently analysed on column 1.

This procedure was repeated for those products uncondensable

at -80°C viz. carbon dioxide, ethylene, and ethane, with the

analysis being carried out on column 2.

The products condensable at -80°C viz. acetaldehyde, ethylene

oxide, methanol, ethanol, and water were distilled over into the

injection system of the chromatography unit and analysed on

columns 3 and 4. For the first five minutes after the injection

of fraction 3 into the gas stream the carrier gas from the outlet
end of column 3 passed through a coiled glass trap containing

glass beads (0.02 mm. diam.) cooled to -183°C and any acetaldehyde
or ethylene oxide in the fraction was condensed out on the beads.

After the five minutes the"gas stream was by-passed round this

trap and the pressure head in the water bubblers was adjusted so

that the flow rate remained constant. After a further fifteen
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minutes, in which time methanol and ethanol were eluted, the

column was split so that the carrier gas only flowed through

the first half of the column. Finally the water peak was eluted.

Once the water peak had been completely eluted the carrier

gas was diverted so that after leaving the injection system it

passed through the coiled glass trap and then on to column 4.

When this trap was warmed up the acetaldehyde and ethylene oxide

were carried over on to column 4 where they were separated.

Owing to acetaldehyde and ethylene oxide having vapour

pressures of approximately 1 mm. Hg. at -80°C part of these

products were carried over into the gas burette along with

fraction 2. The amount of each carried over was calculated by

injecting an aliquot of fraction 2 on to column 4 and measuring

the corresponding acetaldehyde and ethylene oxide peak areas.

3« 4. Calculation of Results

The results and calculations for a typical analysis are

shown belows

Hip No. 1(c) Ratio «= 3*1 Temp. « 362°C
Initial reading on Bourdon Gauge . • = 5«30

Final reading on Bourdon Gauge • • • « 26.15

Pressure rise in reaction • • « 20.85 Bourdon cms.

« 5»38 cms. Hg.

Initial pressure of reaction mixture . =29*58 cms. Hg.

Final pressure of reaction mixture . . = 34.96 cms. Hg.
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Volume of reaction vessel « 522 ccs. Temp. .

•*. No. of jl moles in reaction vessel on sampling . .

p moles in sampling vessel connected to foepler pump

p moles in detachable sampling vessel ....

362°C
4610

355*8

416.3

Fraction 1

Volume of fraction . . •

xemperature of fraction

Pressure of fraction

.% No. of ju moles in fraction .

» « 24.09 mis.

. « 21»5°C

. = 3*62 cms. Kg.

• «* 4? *5

Product Peak Area
U moles in
aliquot

°2 .019 0.38

CH4 .039 0.90

CO .031 5*67

Fraction 2

Volume of fraction . • » » ® 24.09 mis.

Temperature of fraction ... = 21.0°C
* 4 i

Pressure of fraction .... « 14.20 cms. Hg.

.. No. of jl moles in fraction • « « 186.6

jl moles of Ch^CHO + ^*n :frac^on 88 ^"*6
Corrected ji moles in fraction . . <* 185*0
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Product Peak Area ^?^uotin
C02 .023 0.39

.102 1.69

Cgiig .098 13*91

fraction 3

deduct Peak Area SsT/ain?
CH^CHO (a) .001 .001 ;1 74 0.12

(b) .0004 .0023 ;

C^O (a) .140 .140 j
1 74 6.94

(*) .007 .041 \
CH^OH .149 .149 66 6.09

CgH^OH .040 .040 66 1.44

H20 .852 .852 108 86.5

Peak areas (b) refer to the areas of the acetaldehyde and

ethylene oxide peaks obtained on injection of an aliquot of

fraction 2 on to column 4. They are converted into total peak

areas by multiplying by a factor equal to

Total amount of fraction 2 .

Amount of fraction 2 injected on column 4

Owing to changes in the ambient conditions the flow rates
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through, the columns did not remain constant but varied by 12%

from the calibration flow rate. This could be ignored in the

case of columns 1 and 2 as the flow rate term cancels out in

the subsequent calculations but any variation in the flow rate

through column 3 had to be taken into account:

pt moles of product X in fr. 3 = Pk> Area x Calibration Factor x

Observed Flow Rate
Calculated Flow Rate

The pressure of any product X in the reaction mixture is

given by the formula

P » (px x F x M)/A x T)
where px = number of p moles of product X in aliquot.

A * total number of p moles in aliquot.
F = number of p moles in fraction.
T = number of p moles in sampling vessel.
M = final pressure of reactant mixture in reaction vessel.

In the case of either formaldehyde or hydrogen peroxide the

pressure in the reaction mixture is given by:

P = RxGxVx G/S

where R - absorbance of solution.

C « calibration factor.

V «= volume of water added to sample.

G = factor converting a weight of formaldehyde or

hydrogen peroxide into a pressure in tne reaction

vessel.

S = % of reaction mixture entering sampling vessel.
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Applying the above formulae to Hun 1(c) we obtain the

results given in table 2.

TABLE 2

Product Press, in H.Y.
mas. Hg.

Product Press, in R. V.
mms» Hg.

°2 2-4-8 0^0 6.82

CH4 5.88 CH^OH 5.99

GO 38.3 C^OH 1.41

co2 4.39 h2o 85.0

CA 19.3 HCHO 1-59

°A 158.1 h2°2
CHjCHO 0.12

Hydrogen peroxide yields were only determined for the

1:1 ratios of ethane and ethylene to oxygen at 362°C» and hence

no value is given for hydrogen peroxide in the above table.

However this does not affect the calculation of the element

balances very considerably as the hydrogen peroxide decomposes

into water either on the walls of the reaction vessel, in contact

with the mercury of the foepler pump or else on the chromatography

columns, and the value for the water yield consequently includes

that of hydrogen peroxide.
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4. ELEMENT BALANCES

Element balances were constructed for Series L, M and JS,

see tables 13, 14, 18. The number of mm. atoms of carbon,

hydrogen, and oxygen recovered did not vary in most cases by

more than 5% from the amount initially used and was often much

closer than this. However in the ethane oxidations since

ethane was generally the major component of the reaction mixture

the accuracy of the elements balance depended largely on the

accuracy of the determination of ethane. In fig. 7 the

experimental values for ethane in Series h are plotted alongside

those values calculated from the carbon content of the products

and it can be seen that the two lines, if drawn, would be more

or less coincidental• A similar agreement held for oxygen.

These results indicate that the elements balance for the

products was satisfactory and that no major product was

unaccounted for.
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5- f'&iLrARA'i'IQfi Awl) HJ-KIPlCATIOfi OP tiaAa.TRIALS

5* 1* Column Packings .

(a) Partition Chromatography. Graded commercial celite

(60-80 mesh) was used as the solid support in all the columns.

Column 2 - Petroleum ether (140-160°C), 20% by weight of
the celite to be used, was dissolved in a suitable volume of

ether and then added, with continuous mixing, to the celite.

The ether was drawn off at the water pump and the celite plus

petroleum ether was then packed in a 10 ft. length of copper

tubing which was subsequently coiled so as to fit inside a quart

size thermos flask.

Columns 3 and. 4 - Polyethylene glycol 400, 20% by weight of
the celite to be used, was dissolved in acetone and then added,

with continuous mixing, to the celite. The acetone was then

evaporated off by heating the slurry to 100°C under vacuum.

The dry celite plus polyethylene glycol was then packed in a

5 ft. glass tube for column 3 and in 5 ft. copper tubing for

column 4. This latter column was also coiled so as to fit

inside a quart size thermos flask.

(b) Adsorption Chromatography.
Column 1 - Active carbon (24-32 mesh - Sutcliffe and

Speakman 27/c) was heated at 400°C under a vacuum for one hour
to remove adsorbed gases.

Pellets of Linde Molecular Sieve Type 5A were crushed and
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sieved. A sample of mesh <=>0-80 was then roasted in a crucible

over a meker burner for two hours.

The column was prepared by packing a 5 ft. glass column with

the Linde Molecular Sieve to within 6 ins. of the end# The

remaining 6 ins. ifere then packed with the activated charcoal.

5* 2. Reactants and Other Materials

Ethane. Analysis by gas chromatography showed that the

ethane (B.Q.G. cylinder) contained about 1*5% ethylene. This
was removed by passing the gas slowly upwards through a 2.$ cm.

O.D. column packed with activated charcoal which bad been

saturated with bromine. Any bromine carried over from the

column was removed by passing the gas through a short tube filled

with firebrick (40-60 mesh) plus 20% by weight of dimethyl p _

toluidine. This method of removing bromine had the advantage

that the movement of the bromine front down the tube indicated

when the absorbent had been saturated. The purified ethane

emerging from the column was passed through a trap at -80°G and

then collected at ~18j5°C. It was then further purified in. the

apparatus by repeated distillations from -80°C to -183°C, the
middle fraction being retained in each case.

Oxygen. Oxygen was taken directly from a B.O. G. cylinder

and any condensibles present were removed by slowly passing the

gas through two coiled glass traps maintained at ~183°C. It

was not purified further and generally contained about Q.3%

nitrogen.
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Ethylene. Ethylene was taken from a B.O.G. cylinder.

On analysis by gas chromatography it was found to contain about

1*3% carbon dioxide.

Acetaldehyde. B.D.H. Laboratory Reagent. A few crystals

of hydroquinone were added to each sample to decrease the

polymerisation rate.

ihe gases used for the calibrations, apart from those

mentioned above, were obtained as follows?

Carbon Dioxide - Commercial Cardice - Purified by

distillation under vacuo, the middle

fraction being retained.

Ethylene Oxide - B D.H. Laboratory Reagent.

Methanol - Absolute methanol.

Ethanol - Absolute ethanol.

Methane - B.O.G. cylinder.

Carbon Monoxide - Carbon monoxide was prepared by dropping

formic acid on to concentrated sulphuric

acid heated to a 100°C in a vacuum. The

carbon monoxide evolved was purified by

passage through two traps at -183°C and

then stored in the apparatus.
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Bffglp^KyAL ^sui?s

The experimental results are divided into two sections (1)

Analytical and (2) Kinetic. The main object of this rosea -ch

was to examine the products from ethane oxidation, both gaseous

and liquid, over a wide range of experimental conditions, and

consequently the majority of results listed are of an analytical

nature. They are given in a logical rather than a chronological

order, and their theoretical implications will be considered

mainly in the Discussion,

l. p^yriCAL HEffljiffi

The analysis \*ere carried out on samples withdrawn from

the reaction vessel after a desired pressure increase and the

results were illustrated graphically by plotting the pressure of

product in the reaction vessel against extent of reaction. The

extent of reaction being measured either by the pressure

increase in the system or else by the amount of water formed.

The ethane and oxygen consumptions could not be used as a

measure of the extent of reaction as they were obtained by the

subtraction of two large numbers and were liable to be inaccurate.

The reaction time was also considered too unreliable as the

induction period tended to vary depending on the surface

condition of the reaction vessel.

In the ethylene oxidation, where there was always an initial

pressure decrease, the water formed was used as a measure of the
extent of reaction. However, whether the pressure rise or water

formed was taken, the ratios of the initial yields of products
obtained from the plots remained the same.
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1.1. Effect of Added Aoetaldehvde

When oxidations were initially carried out the induction

period for a III mixture of ethane to oxygen at an initial pressure

of 444 mms.Hg. and at a temperature of 362°C was approximately four

hours. This was inconveniently long and therefore 0.% acetalde-

hyde was added to the reactant mixture. The induction period was

then reduced to about four minutes. (The induction period being

taken as the time required for the pressure in the reaction vessel

to increase by 0.25 Bourdon eras. « 0.05 cms.Hg.)

A series of runs were carried out with the above mixture plus

0.5$ acetaldehyde and the results are given in Table 3 and shown

graphically on fig. 8.

After carrying out these runs it was found that the reaction

vessel had become "aclimatiseu" and that when the same mixture was

oxidised without acetaldehyde the induction period was now only

about twenty-four minutes. The oxidation of ethane, without

acetaldehyde initially present, was then investigated and the

results are given in Table 4 and on fig. 8.

It can be seen from fig. 8 that in the initial stages the

presence of acetaldehyde increased the yields of carbon monoxide,

carbon dioxide, methanol, ethylene, and water. However when an

amount of acetaldehyde equal to that added to the reaetants was

oxidised by itself i.e., by using the same mixture as above but
with the ethane replaced by nitrogen, it was found that the

carbon monoxide, carbon dioxide, and water produced were
carbon

equivalent to the "extra"/monoxide, carbon dioxide, and water
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formed In the acetaldehyde initiated ethane oxidation. This is

illustrated in table 5.

5,

Ratio C H,iO- s 111 Pressure « 444 mms.Hg. Temp. » 362°C
2 6 2

Ap 111 Mixture 111 Mixture Ap due to oxdn. Oxdn.of

0.9 mra.Hg 2 mm.CH^CHO of CH3CHO in
mixt.

2 mm.

CH^CHO

Consumed
7.8 a.o 5.8 5.5

CO 2.8 0.0 2.8 3.7

C02 0.8 0.0 0.8 0.88

C2H4 3.9 2,4 1.5 0.0

CH^OH 0.7 0.0 O.V 0.0

a2-o
* ■ • . , *

5.3 2.2 3.1 3.1

The figures in table show that the oxidation of acetaldehyde

is superimposed on the oxidation of ethane with respect to carbon

monoxidej carbon dioxide, water, and oxygen consumption. This
effect however Is not only confined to ethane oxidation and Cullis

89
and Hinshelwood concluded that the acetaldehyde added to benzene-

oxygen and pentane-oxygen systems also oxidised more or less

Independently of the hydrocarbon.

The yields of etl^ylene and methanol are also increased by the
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addition of acetaldehyde. This suggests that the'acetaldehyde
\

on oxidising introduces radicals into the system -which can then

react with ethane to produce ethylene and methanol. If it is

assumed that the initiation step in acetaldehyde oxidation involves

the production of acetyl and hydroperoxy radicals, as suggested by

McDowell and Thomas^, then the formation of ethylene and methanol

can be readily explained.

Initiation CE^CHO + 02 « (E^CO + H©2
At the temperatures used the acetyl radicals will decompose into

methyl radicals and carbon monoxide, and the methyl radicals will
then most probably be converted to methanol by the following stepss-

CH3+ 02 = CH20 + OH
OH + CH3GH3 « GH^OH + CH3

Although there Is no direct evidence for this scheme the fact

that the presence of ethane greatly increases the initial yield of

methanol holds strongly in its favour,

d'he kydroperoxy radical produced in the initiation step will,
as Is shown later, probably abstract hydrogen from the ethane

present to produce an alkyl radical, which on reaction with oxygen

will give ethylene and another hydroperoxy radical.

C2H6 * HQ2 « C2Hj- + Efe02

C2%+ °2 s C2H4+ H02
Hydrogen peroxide is also a product of this chain reaction,

and although no analysis were carried out for hydrogen peroxide

in this series of runs, evidence that the addition of acetaldehyde
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will increase the initial yield of hydrogen peroxide comes from
131

the work of Kooijman on the oxidation of ethane and propane,

Kooijman found that with propane the yield of peroxide passed

through maxima at 400° and 465°C but with ethane only the higher

maximum could be observed. However the addition of acetaldehyde

to the ethane resulted in the appearance of the lower maximum,

These results can be conveniently explained by supposing that th©

added acetaldehyde initiates the above chain and consequently

increases the yield of hydrogen peroxide. If the acetaldehyde

were to react as it was heating up in the reaction vessel then at

the lower temperatures the HOg radical would probably be produced
by the reactions

C2H^+ °2 s CH2° + CH3°

ch3O ♦ 02 as CH2O «*• HO2
sfnce it has been shown in the present work that the first of these

reactions has a lower activation energy than the reaction

Gg 15 HOg. This latter reaction will however predomin¬
ate as the temperature of the mixture comes up to the temperature

of the surroundings.

It is envisaged that ethylene is formed by a chain reaction

but since the yield of "extra" ethylene is much smaller than that

which would be observed if each acetaldehyde molecule initiated a

new chain there must be some factor which limits the increase

in the ethylene yield. The most likely is that the acetaldehyde

reacts as it is heating up in the reaction vessel and is mostly

consumed by the time the hydrocarbon mixture has reached a
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temperature at which it can take part in reaction. Evidence for

this comes from the fact that acetaldehyde is known to oxidise

rapidly at temperatures below that at which the present oxidations
64

were carried out , and that products were formed before the

"shorting" tap on the Bourdon Spoon Gauge could be closed. This

latter feature was indicated by there being products present at

"zero" pressure rise. (See figs,8a and 8b),

Apart from the fact that most of the acetaldehyde may have

reacted before reaction with the hydrocarbon can take place, the

yield of "extra" ethylene will be small since the reaction

€0H^+ 0o at GH^O + CilpO will predominate over the ethylene
producing reaction 02 » G2H4* H02 the lower "temperatures.

There are two other possibilities for the small increase in the

ethylene yield viz, that the chains consuming ethane are short in

the initial stages, and that most of the acetaldehyde is destroyed

at the walls of the reaction vessel. The first possibility is

unlikely but the second may account for some of the acetaldehyde

which is consumed before reaction with the hydrocarbon occurs.

The effect of adding acetaldehyue to oxidation systems has
96

been studied by several workers, Townend and Chamberlain'

noted that the addition of 2$ acetaldehyde to ethane-air mixtures

markedly decreased the pressure at which ignition occurred and

also reduced the time of ignition lag from minutes or even hours
95 3

to seconds. Pease ' and Bone and Hill also found that the



306*

addition of acetaldehyde to oxidation systems reduced the induction

period and they observed that if too much acetaldehyd© was added

then the reaction mixture exploded,

Although the addition of acetaldehyde has a very pronounced

effect on the induction period it does not greatly alter the

maximum rate of reaction. Pig,18 shows the effect of added

acetaldehyde on the pressure-time curves for ethane oxidation at

362°C, and it is clear that varying amounts of additive have little

effect on the maximum rate of reaction. Similar results were also
80

obtained by muleahy for propane oxidation but in this case it was

also shown that the temperature at which the acetaldehyde was added

did not alter the effect of the acetaldehyde. These observations

are not confined to acetaldehyde and it has been show x that other

additives, such as formaldehyde, do not alter the maximum rate of
106

reaction when added to hydrocarbon oxidation systems.

Experiments were carried out to determine the products of

acetaldehyde oxidation at 3^2°C and to determine how rapidly it

was oxidised at this temperature. The results are listed in

table 6.
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y&Bus 6 (Pig, 9)
R' tio CSUCHOtliglOg «s Ii20,4l20,4 Pressure » 442 mms.Bg.

Temp, » 362°C

Run
Ho.

Time
wins. °2 M2 Cii^CHO CO

2U0ULA

CO CH3OH *2° HCHO

1 3.0 203.7 210,4 nm 11.2 4.80 1.33 13.9 1,20

2 2.0 202.4 211.4 - 9.60 4.10 1.30 12.0 1,50

3 1,0 202,8 210,4 1.32 9.80 4.10 1.00 10.5 2,02

4 3.0 196,5 210.4 1,00 11.3 4,42 1.34 11,7 1.58

5 0.5 202,1 210.0 1.72 8,50 3.97 1,00 11.2 2.40

6 0,25 209.8 206.7 2.22 9.53 3. $4 1.13 u.o 2,49

M.B. H-,} denotes not recorded.

It can be seen from fig, 9 that the aeetaldehyde oxidises

rapidly at 362°G and that after thirty seconds about 8C$ of the

aceteldehy e bad bean converted to cne end products, carbon

monoxide, carbon dioxide, methanol, and water. Formaldehyde is
also formed but its yield passes through a maximum indicating that

It acts as an intermediate. These results aro similar to these
4Q

obtained by Hewitt, Bast and Kolkar for the oxidation ©* acetaldehyde
in a flow system at 360°C, but they found tiiat the reaction was

faster in their case, taking only ten seconds for 80$ reaction,
and that peracetic acid and traces of acetic and formic acids were

also formed, however as there is no marked discrepancy in the

carbon balance for the runs tabulated in table 6, the amounts of

peracotle acid, acetic acid and formic acid, if formed, oust be
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small.

According to McDowell and Thomas^ the initiation step in

acetaldehyde oxidation produces acetyl and hydroperoxy radicals.

CH^CHO + 02 = CH3C0 + H0?
The hydroperoxy radicals formed will either be destroyed at

the walls of the vessel or else abstract hydrogen to give hydrogen

peroxide which on decomposing will give water and oxygen. On the

other hand, the acetyl radicals will almost Gertainly decompose

into methyl and carbon monoxide before further reaction can take

place. The methyl radicals formed will then probably oxidise to

give formaldehyde and hydroxy radicals, and the formaldehyde on

oxidation will give carbon monoxide, carbon dioxide, arid water.

However the fate of the hydroxy radicals is not so certain,
\

It is suggested that these radicals will abstract methyl from

the acetaldehyde to produce methanol and formyl radicals.

C^CHQ + OH = CH30H + CHO
This reaction will probably have a lower activation energy

than the reaction

CH-CHO + OH a CH-CO + Ho03 3 2

since the CH3-CH0 bond is weaker (75+-2 k,cal.) than the CH3C0 -H bone
(about 8? kj2al.)

The view that the first of these reactions will be predominant

receives support from the fact that when acetaldehyd© oxidises in

the preseenc© of ethane the yield of methanol is increased whereas

the yield of water remains the same. This shows that the C-C bond
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in the ethane molecule is broken in preference to the stronger

C-H bond, and that the reaction

CH-CH-+ OH » CH-OH + CH-
3 3 3 3

takes place in preference to

CH3CH3+ OH = CH3CH2+ H2O
There are other possibilities for the formation of methanol

but they are not so plausible as the above hydroxy radical
91

reaction. Hewitt and Baxt suggested that the alcohol was formed

by the breakdown of a peroxide of the following structure

ch2 ch2
= CH-OH + CO-

3 2
0 0— 0

This requires a far reaching rearrangement of the molecule and

is therefore unlikely. A more plausible reaction scheme was put
92

forward by McDowell and Thomas' . They suggested that peracetic

acid radicals were formed which on subsequent decomposition produced

metboxy radicals which in turn formed methanol by hydrogen abstract¬

ion.

CH CO + 0o = CH CO
3 2 3 3

CH CO = CH 0 + C0„ V3 3 3 2

CH-0 4- CH-CEO s CH-OH + CH-CO
3 3 3 3

However as the present work was carried out some 200° or so

higher than that of McDowell and Thomas the acetyl radicals produced

will decompose rather then combine with oxygen.
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It hag been shown that methanol is formed in the oxidation of

methyl radicals at temperatures of about 150°C. The suggested

reactions are*-

ll6
a) CH0 + CE^OO = HCHO + CI^OH (Ekedel, Ogg and Leigh ton )
b) CH-00 + CHLOG a 2GH^0 + 0~ ^ „ .' 3 3 3 2 (Haley.Porter,Rust and

Vriughan^4 )

GH^O + CH^O a CH^OH + CHgO
In their experiments on free methyl Raley, Porter, hust and

Vaughan concluded that methyl radicals were oxidised almost as

quickly as they were formed and were present in much smaller

concentrations than the methyl peroxy radicals. If this is

the case the first of the above schemes will be unimportant as

compared to the second. Although methanol may well be formed

by means of this latter scheme under conditions of low temperature

and high methyl peroxy radical concentration, it is unlikely that

it will bo formed by this mechanism in the present work since at

the temperatures used the methyl peroxy radicals would be expected

to decompose into HCHO + OH. Although it has been demonstrated

that the reaction of methyl radicals with oxygen will produce
n 117

methyl peroxy radicals at temperatures up to 200 C it may be

assumed that at 362°C the reaction will produce formaldehyde and

hydroxyl radicals as this is the most likely manner in which

formaldehyde can be formed in the oxidation of acetaldahyde.

From the above considerations, the following are the likely

reactions whereby 00,00^, CH^OH, HCHO, and HgOare formed in the
oxidation of acetaldehyde at 362°c.
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a) CH^CHQ + °2 a CH^CO + H02

b) Cil^CO as ch3 + co

c) ch- *
3

0
2

Ocm
£do + OH

d) OH + i311 CHO = CH OH + CHO

e) CH2° + 2 GO, C02 H20
f) CH3CHO hog™ GH^CO H2°2
g) ¥>2 + wall ~ HO +

OS
or$i

In order to determine the dependence of the

yields of the various products on the oxygen concentration

experiments were carried out with 3 si and 1»2 mixtures of ethane

to oxygen in addition to the 111 mixture. The results are shown

in tables 7 and 8 and on fig. 10, To give a clearer picture of

the relative yields, the products from the 111 mixture are plotted

together on fig.11,

The Initial yields of products for these mixtures along with

those for other mixtures at different temperatures are summarised

in table 9. The initial rate of formation of any product with

respect to pressure rise or water formed was obtained by drawing

a line tangential to the curve through the early points on the

pressure vs. extent of reaction plot. (For illustration see

fig.15.)

The results given In table 9, although only approximate, show

that about 70-80$ of the ethane consumed in the initial stages is
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converted to ethylene and that there is no marked oxygen

dependence of any of the products, except perhaps formaldehyde, in
the initial stages of reaction. This indicates that the reactions

producing the initial products must all have the same kinetic

dependence on oxygen.

The most striking feature of the later stage results is the

sharp maxima exhibited by methanol, formaldehyde and ethylene with
the 3*1 ethane to oxygen mixture. The maxima all occur after about

70$ reaction and it is interesting to note that the yield of methane
* '

• ' *• ■ i . . .v , . 4

rises sharply at this point, presumably owing to methyl radicals in
- the system abstracting hydrogen when the oxygen concentration falls.

This suggests that the maxima in the yields of methanol, formaldehyde

and ethylene are due to the fall in oxygen concentration. Since

they are produced via reactions involving oxygen their rate of

production will fall as the oxygen is depleted and a point will be

reached where the rate of removal exceeds the rate of production

and a maximum will result. With the 1:2 ethane to oxygen mixture

the methanol yield does not pass through a maximum presumably

because the oxygen concentration is always sufficiently high to

maintain its rate of production.

1* 3. pxid^tjpn op aft Bthanp-Ethylene Hixtur&.

As about 75% of the ethane initially consumed was

converted to ethylene, an ethane-ethylene mixture was oxidised in

order to determine what effect the ethylene formed in the initial

stages had on the subsequent.reaction.

The total hydrocarbon concentration was the same as in the 1:1

mixture used previously but part of the ethane was replaced by
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ethylene In an amount equal to its stationary state concentration

in the Isl ethane to oxygen mixture i.e. the initial ethylene

concentration equalled that at the maximum rate of reaction in

the 111 mixture. The results obtained are given in table 10 and

on figs.12a and 12b.

Even although ethylene was initially present in substantial

amounts its production in the early stages still exceeded its con¬

sumption and the ethylene concentration increased before passing

through a maximum after about 10$ reaction. This indicates that

the radical removing ethane in the initial stages is considerably

less reactive with respect to ethylene than the radical which

removes It in the later stages. At the maximum in the ethylene

yield the ratio ofethylene to ethane was approximately equal to

the equilibrium ratio in the 111 ethane to oxygen mixture.

Table 9 shows that the effect of the added ethylene is to

increase the initial yields of carbon monoxide, formaldehyde, and

water, and since it can be seen from the experiments described in

the next section that these are the major products from the

oxidation of ethylene, it suggests that the ethylene formed in the
course of ethane oxidation will be oxidised independently to these

products.

1.4. Oxidation of Ethylene.

As ethylene is the major initial product from the

oxidation of ethane at 362°C and as its concentration passes

through a maximum close to the maximum rate of reaction, it is

clear that ethylene plays an important role in ethane oxidation.
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Consequently the oxidation of ethylene was investigated and the

results are given in tables 11 and 12 and on figs, 13 (a) and 13 (b).

The results given in table 11 are for the oxidation of a 1*1

mixture of ethylene to oxygen and those given in table 12 are for the

initial stages in the oxidation of a 1»2 mixture.

The most obvious feature of these results is that in the early

stages of reaetion between 90-95/* of the ethylene is converted to

formaldehyde. However after about 3% reaction the yield of

formaldehyde starts to fall showing that the formaldehyde itself is

being oxidised, and since the yield of carbon monoxide rises as the

formaldehyde yield falls it suggests that the degradation of the

ethylene to carbon monoxide proceeds via formaldehyde as an inter¬

mediary.

Another interesting feature of the results is the sudden

increase in the yields of methane, ethane, and ethanol after about

80% reaction. This indicates that methyl and ethyl radicals are

produced in the system and that when the oxygen concentration falls

they are able to abstract a hydrogen atom to give the corresponding

hydrocarbon. The increase in the yield of ethanol could be

attributed to the reaction of ethyl and hydroxyl radicals.

In the oxidation of ethane the most plausible chain

propagating steps arei-

c2H6* ho2 » c2h5 + EjOg (1)

C0d^r Qg <s CgH4 + IiOg - - - (2)
and it is likely that reaction (2) will be the source of the ethyl

radicals formed in the oxidation of ethylene.
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When the oxygen concentration is high the ethyl radicals

produced will be oxidised back to ethylene and hydroperoxy

radicals but as the oxygen is depleted the alkyl radicals will be

able to abstract hydrogen to produce ethane, and at the same time

the rate of production of 110^ radicals by reaction (2) and by
other reactions involving oxygen will fall. Consequently the

rate of production of hydrogen peroxide will fall, and as the

hydrogen peroxide already present in the system will decompose

rapidly there will be a marked decrease in the yield of hydrogen

peroxide at this point. This can be seen on fig.13a. It is

interesting to note that the connection between the fall in

oxygen concentration and the fail in the yield of hydrogen

peroxide is shown up by the fact that the methane, ethane and

ethanol yields increase at the point where the hydrogen peroxide

yield decreases, (figs.13a and 13b).

It can also be seen from figs.13a and 13b that the main

degradation products in the oxidation of ethylene are carbon

monoxide and water, with some carbon dioxide. This, and the

fact that formaldehyde is the major intermediate product, is in
97

agreement with other ethylene oxidation work.

There was always a slight pressure decrease at the

beginning of the reaction (see fig.17). The products whose

formation would cause a pressure decrease are hydrogen-peroxide

and ethylene oxide, but since in the initial stages their yields
are too low to account for the observed decrease some other

explanation has to be sought. Formaldehyde was the major

product at this stage and the pressure decrease may be due to
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either polymerisation of the formaldehyde or else to the formation

of a cyclic peroxy compound prior to the formaldehyde formation e.g.

X a CHgCH + ICCC2K4
CII CH ♦ 0

2 2
CH —CH
. 2

0 — 0

CHg-CII
+ RH a

0—0

CHg-CHg

0—0

a 2 CH 0
2

A similar mechanism to the above -was proposed by McEwan and
99

Tipper' for the slow combustion of cyclopropane, but in this case

it was suggested that the cyclic peroay radical formed split before

hydrogen abstraction could occur.

CH G

CH,

\
C

/
C.H,

CHgCHO + CH20

*2 2

According to these above schemes the formaldehyde is formed by

means of a free radical mechanism but it is also possible that it

is formed via a molecular addition reaction viz.

CH, CHg + 0, CH2- CH, 20xio0

The view that oxygen could add across an ethylenic double bond
98

was favoured by Dobrinskaya and Newmama • They explained their

observations on the oxidation of bute ie-2 in terms of two alterna-



317.

tive nodes of oxygen attack, one leading to hydroperoxide formation

and the other to cyclic peroxide formation by addition across the

double bond. However this was not the first time that this

mechanism had been proposed for the formation of cyclic perOxidex
7

as Ubbelohde , In 1935* had suggested that they could be formed by

the peroxidation of unsaturated oxygen ring coupon us.

Gib, CH CH' GH

+ Or

CH '

\/
G - OIL mu c

< /i
0 0

CiL

(1)
100

Several other workers have observed an initial pressure
been

decrease in olefin oxidation but this has generally/attributed to

either (1) radical polymerisation (2) hydroperoxide formation, or

(3) the endotherciicity of the initial step,

neriaation. The discovery by Burgoyne and

Cox"' ' that hydrocarbons with more than three carbon atoms were

formed in the oxidation of ethylene at 515°C provided evidence

that radical polymerisation could occur in oxidation systems.

This would naturally cause a pressure decrease in the system, and

it was suggested oy bkirrow1-0 and by Blundeil and Skirrow10^ that

this could partially account for the pressure decrease observed in

the oxidation of hexene-1 at 263°C and of butene-2 between 290-395°C
respectively. However as they did not analyse for trie presence of

higher hydrocarbons it is not possible to say definitely whether or

not radical polymer!sation does occur at these lower temperatures.
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It is unlikely that radical induced polymerisation occurred in

the present work on ethylene oxidation since there was no indication

from the ehromatograms that higher hydrocarbons were formed,

(2) Hydroperoxide P&matiom The stoichimetric equation for

the formation of hydroperoxides RH+Q^ « ROOH requires a decrease in
the number of molecules in the system which in turn requires a

decrease of pressure in the system. This, plus the fact that
101

Blundell and. Sklrrow have shown for the oxidation of butene-2

between 290-39^>G that the maximum in -he yield of peroxide

corresponds almost exactly to the minimum in the pressure-time

curves, provides strong evidence that the pressure decrease in

oxidation systems can be caused by the formation of hydroperoxides.

Further evidence for this comes from the work of Lemay and
_ _ _ ,102
Oueiie'c who founa that coating the reaction vessel surface with

potassium chloride (known to decompose peroxides) eliminated the

pressure decrease in the oxidation of ether,

Although the formation of hydroperoxides might be responsible

for the pressure decrease in certain systems it is- unlikely in

ethylene oxidation as it is difficult to conceive of a scheme

involving hydroperoxides which can explain both the pressure

decrease and the foraatio of formaldehyde, A mechanism

involving the formation of a cyclic peroxide does however fulfil

both these requirements,

(3) The Fnuothoraicity of the Initial ..React ion,. The initial

step in hydrocarbon oxidation RH+Og 53 R * HO^ is endothermic and
ICR

Saloo-ja thought that the endotherraieity of this step might be
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such that it could cause a temperature drop in the system and hence

cause a pressure drop in the system. He did in fact show for the

oxidation of n-heptane/air mixtures in a flow system that in the

initial stages the temperature fell by about 4-5°C, but as this

effect could only be observed at the temperature at i^hich the

oxidation just commenced and not at higher temperatures, it is

impropable that a decrease in pressure can be attributed to a

temperature decrease in those systems maintained at temperatures

Well above that at which the oxidations just commence.

1.5. Effect of Temperature on Ethane and Ethylene Oxidations.

In the ethane oxidations carried out at 362°C the

main initial products were ethylene and formaldehyde , and for the

111 ethane to oxygen mixture the ratio of the initial yield of

ethylene to formaldehyde was 7.7. However the results given in

table 13 for the oxidation of ethane at 318°C show that the

initial ethylene to formaldehyde ratio is 0.96 and that formaldehyde

is now the major initial product. This suggests that in the early

stages of ethane oxidation there are two main competing reactions of

different activation energies.

Experiments carried out at 3lS°C with mixtures of differing

oxygen content (tables 13 and 14) show, as in the case of the
✓ o

oxidations at 362 C, that the yields of the initial pro ucts do not

vary appreciably with oxygen content. This Indicates that oxygen

is not kinetically important in their formation and that they are

formed via the ethyl peroxy radical or a transition complex of the

formula CoHt-00. Thus the ratios of the initial products will
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depend upon the subsequent reactions of this radical or complex,

and as ethylene and formaldehyde are the major initial products

the main competing reactions in the early stages are likely to be»-

CoH j % ho*} •»«.«.» (s)
C?H*+ 02 * C2H^00 2 4 2^

CHgO + CH^O (b)
Oxidations were carried out at 340°C and 386°C with 1s1 ethane

to oacyyen mixtures i- order to determine the initial ethylene to

formaldehyde ratios at these temperatures. The yields of the

Initial products in these oxidations are given in tables 15 and 16."

From the variation in the initial ethylene to formaldehyde

ratio with temperature (table 17) on activation energy plot was

drawn up (fig.16) and the difference in activation energies of

reactions (a) and (b) was calculated to be 21 ± 5 k-cal. The A
8

factor ratio being approx. 10 •

The continuous line on fig.l6 represents the value for the

initial ethylene to formaldehyde ratio when no acetaldehyde was

added to the reactant mixture, and the dotted line represents the

value when acetaldehyde was added.

The initial ethylene to formaldehyde ratio at 3l8°C when

acetaldehyde was absent was calculated by adding to the value for

the ratio when acetaldehyde was present the difference between th©

"acetaldehyde" and "non-acetaldehyde" values at 362°C.
The products from the oxidation of ethylene at 3l8°C were

examined and the results are given in table 18 and on figs.13a. and

13b. The fall in pressure at the beginning of the reaction was

about five times that observed at 362°C and th© percentage
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conversion of ethylene to formaldehyde was about 65$ as compared to

about 90$ at 362°C.
Since the formation of ethylene oxide and of the nroposed

intermediate cyclic peroxide both cause a decrease in the number of

molecules in the system and hence a decrease in pressure, the

increase in the pressure fall may be caused by increased yields of

these compounds at the lower temperature. I1able 9 shows that the

ethylene oxide yield is almost doubled at the lower temperature but

as this can only account for part of the decrease in pressure it

suggests that the yield of the intermediate cyclic peroxide may

also be increased at the lower temperature. The Increase in the

amount of-peroxide present is probably due to its increased

stability at the lower temperature.

The general features of ethylene oxidation at 3l8°C are the

same as at 362°C, formaldehyde being the main intermediate product

and carbon monoxide and water the main degradation products*

1.6. Hydrogen Peroxide in Ethane and Ethylene Oxidations.

Separate experiments were carried out to determine

the hydrogen peroxide yields in 111 mixtures of ethane and ethylene

to oxygen at 362°C. (tables 19 and 20 and figs.8b aid 13a). With

ethane the initial yield was about 30$ that of water and with

ethylene about 50$. In view of the rapid heterogeneous decomposition

of hydrogen peroxide the percentage of hydrogen peroxide initially

formed w ill be much higher than that actually detected, and as

relatively large amounts are in fact detected it suggests that

hydrogen peroxide is one of the major initial products in both

ethane and ethylene oxidations. In the case of ethane
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oxidation this is in agreement with the theory that the chain

propagating reactions are «-

C2H6+ ~ CgHj HgO^

C2H^ 02 = CgH4 ♦ H02

W °2 ^ CH2° + CI13° " _> CH2° + H02
With both the ethane and ethylene oxidation systems the yields

of hydrogen peroxide passed through maxima after about 60%

reaction, presumably owing to the depletion of the reactants and to

the decomposition of the hydrogen pe roxide itself.

The mechanism of hydrogen peroxide decomposition has been the
107

subject of extensive study ' and it has been shown that at

temperatures below 420°C the decomposition is almost entirely

heterogeneous whereas above 420°C homogeneous decomposition becomes

significant. Thus at 362°C the hydrogen peroxide will decompose

heterogeneously to give water and oxygen.

+ wall = H20 + £ 02

2, KILETIC RESULTS

Pressure-time curves for various ethane-oxygen and ethylene-

oxygen mixtures at differing temperatures are shown on fig.17. They

< have a typical sigmoid form, with a period of slo*f reaction followed

by a faster reaction Increasing to a maximum rate and then falling

off to zero.

The most notable feature is the small total pressure increase in

the oxidation of ethylene as compared to that in the oxidation of

ethane. The major products at the end of the reaction, both with
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ethane and ethylene, were carbon monoxide and water, and as the

formation of one molecule of carbon monoxide involves the consumption

of half a molecule of ethane and half a molecule of oxygen without

any resultant pressure change, the differences in the final pressures

must be due to the amounts of water formed. With a lsl mixture of

©thane to oxygen at an initial pressure of 444 mms.Hg.at a tempera¬

ture of 362°C the final water pressure was approximately 220 rams.Eg.
whereas in the corresponding mixture for ethylene the pressure was

approximately 150 rams. This difference of approximately 70 rams,

can account for the difference in total pressure increase between

the ethane and ethylene oxidations.

Pig.17 shows that the maximum rate of reaction for ethane

oxidation increases with temperature and that the initial pressure

decrease observed in ethylene oxidation is much larger at 3l8°C
than at 362°C.

As acetaldehyde was used in the early stages of the work to

initiate the reaction between ethane and oxygen it was of interest

to ascertain what effect its addition had on the kinetics of the

reaction. The effect of adding various amounts of acetaldehyde

to a 1«1 mixture of ethane to oxygen at 362°C is shown on fig.18.

It can be seen that increasing the amount of acetaldehyde reduces

the induction period but has little effect on the maximum rate of

reaction. The addition of intermediates to oxidation systems can

cause a "negative induction period", where the reaction starts off

at a rate greater than the normal maximum rate of reaction and then

slows down to give the normal maximum rate of reaction when no
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additive was introduced, but in this case the addition of up to 2%

acetaldehyde to the reactant mixture did not produce this effect.

The three parameters commonly used in the interpretation of the
... . V "T

kinetics of hydrocarbon oxidation are the induction period, the

maximum rate of reaction, and the acceleration constant. The

acceleration constant was taken to be the most reliable of these

parameters since the induction period is affected by factors such

as the reaction vessel surface and reactant concentrations, and

since it is uncertain whether the maximum in the reaction rate is

caused by destruction of the branching intermediate or by

depletion of the reactants.

Semenov showed that the pressure increase in the early stages

of hydrocarbon oxidation was given by the expression

Ap «r Ne where $* the acceleration constant.

Thus the acceleration constant can be obtained by plotting

either i^vAp. vs. t or dAp./dt. vs. Ap. The latter method is

preferable as it eliminates any erro»s inAp, but it also has the

advantage that the acceleration constant can be obtained at any

stage in the reaction from the slope of the line at that point.

A typical plot of rate vs.Ap is shown on fig. 19• It

consists of four sections - an induction period in which the rate

and acceleration of the reaction increases slowly, followed by a

straight portion in which the rate accelerates expo ■ tially, and

then the acceleration falls off until at the maximum rate of

reaction it is zero, and this is finally followed by a period in

which the r action decelerates. The rate of this deceleration
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varies with the oxygen content of the mixture, the less oxygen

initially present the faster the rate of deceleration. The

acceleration constant for the reaction was taken as the slope of

the straight portion of the plot.

With the oxidations initiated by acetaldehyde the rat© of

reaction in the induction period was greater than when no acetalde¬

hyde was added. However this is not the case for the later stages,

and it can be seen from fig. 20 that with the mixture having an

initial ethane pressure of 32.6 cms.Hg the value of the acceleration

constant for when no acetaldehyde was added was, within the

experimental error, the same as the value for when aeetaldehyd© was

added. This shows that the addition of acetaldehyde did not alter

the acceleration constant.

The variation of th« acceleration constant with initial oxygen

concentration is shown on fig. 23 and in table 21. The acceleration

constant is dependent on the oxygen concentration for mixtures weak
cS2 108

in oxygen but as has been observed for other systems "* it is

almost independent of oxygen in oxygen rich mixtures.

The effect of initial hydrocarbon concentration on the

acceleration constant is shown on f.ig.20 and in table 21. In an

investigation of the kinetics of ethane oxidation in a spherical
o 79

reaction vessel at 318 C Knox observed that the acceleration

constant increased linearly with the initial ethane pressure.

However it can be seen from fig. 20 that this relationship does not

hold in a cylindrical reaction vessel at 362°C and that the

dependence of the acceleration constant on initial ethane pressure
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is greater than unity. This suggests that the reaction is

catalysed by some product from the oxidation. This product may be

ethylene and it is perhaps significant that the rate of production

of ethylene is much greater at 362°C than at 3l8°C, and that the sub¬
stitution of ethylene for ethane in a 111 mixture at 362°C markedly

increases the acceleration constant, (Table 24, fig, 23.)
Table 23 and fig. 22 show that the addition of "inert" gas viz.

carbon dioxide, increases the acceleration constant of the reaction

suggesting that the reaction chains are terminated on the walls of

the reaction vessel and that the rate of termination is determined

by the rate of diffusion of active particles to the walls. Thus

the differences observed between this work and that of Knox could be

due to the difference in reaction vessels and the consequent difference

in wall effects.

Other, workers have examined the variation of the acceleration
*>7

constant with initial hydrocarbon pressure. Wright studying the

oxidation of the three isomeric xylenes at about 420°C observed that

the acceleration constant increased linearly with the xylene pressure.
108

This linear relationship was also found by Seakins for the oxidat¬

ion of propane at 290°C, but Bardwell*5"0^ in the oxidation of butanon©
at 250°C showed that the increase in the acceleration constant with
butanone pressure was of a higher order. The results of MdSwan and

Tipper for the oxidation of cyclopropane between 380-430°C show
that the effect of the cyclopropane pressure on the acceleration

constant depends largely on the Initial oxygen concentration.

They found that the acceleration constant was dependent on oxygen
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concentration for oxygen weak mixtures but when the oxygen

concentration was greater than a certain "critical" value it became

independent of oxygen. Furthermore when the oxygen pressure in the

mixture was below this "critical" value the acceleration constant

increased linearly with the cyclopropane pressure, but when the

oxygen pressure was above this "critical" value the acceleration

constant increased with the square of the cyclopropane pressure.

However this does not mean that a linear relationship only exists

between the acceleration constant and the hydrocarbon pressure when

the initial oxygen concentration is below the "critical" value as in

this present investigation the oxygen pressure was well below that

at which the acceleration constant became independent of oxygen.

The variation of the acceleration constant with initial ethane

pressure was determined in order to confirm whether or not the

kinetics of the oxidation \tfere similar to those in a spherical
o

reaction vessel at 318 C and to confirm whether or not the assump¬

tions made for the latter case |jcnox held for the conditions
of this investigation. However the results obtained show that the

, o
kinetics are more complicated in a cylindrical vessel at 362 C, and

there appears to be no simple relationship between the acceleration

constant and hydrocarbon pressure under these conditions.

From an investigation of the high temperature oxidation of

ethylene Harding and Norrish10^ suggested that ethylene oxide may be

an agent for degenerate branching and as ethylene plays an important

pole in the oxidation of ethane the effect of ethylene oxide on

ethane oxidation was examined. The substitution of ethylene oxide
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for ethane (table 25, fig. 24) has no effect on the acceleration

constant indicating that either the ethylene oxide oxidises at

the same rate as ethane or else has an "inert" gas effect which

balances the fall in the acceleration constant as the ethane is

replaced. When ethylene oxide is added rather than substituted

for the ethane in the mixture the acceleration constant increases

linearly with the ethylene oxide pressure, (table 25, fig, 24).

, This suggests that either the oxidation of the ethyl ne oxide is

superimposed oil the oxidation of the ethane or else the ethylene

oxide is acting as an "inert" gas. These results, plus the fact

that the addition of the ethylene oxide did not reduce the Induction

period, show that ethylene oxide is not an agent of degenerate

branching In the oxidation of ethylene at 362°C.

>
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TABLE 5 (fifi. 6)

tatio C^H^: 02 = Pressure = 444 mms. Hg. Temp. = 362°C
tdded CH^CHO = 0.5$

Pressure in Eeaction Vessel, (mms. Hg.)

;un

0.
&P
cms •

Hg.
°2 c2h6 ch4 co co2 °2h4

ch- c2
cho h40 chjoh

c2h5
oh h20 hch0

1 9.81 — — — - - - — — - - - 1.24

2 2.73 - - mm - - mm mm - - - 8.60

3 2.47 - - - - - - - - - mm 8.29

4 5.67 • - - - - - - - - mm 8.06

5 9.09 - - - - mm - mm mm - - - 3.44

6 0.79 - - - - - - - - - - 2.71

7 1.17 - - - - - - - _ - - mm 3.59

8 1.42 170.0 176.0 0.00 14.6 - 12.3 - _ 3.94 - - 4.78

9 8.00 15.0 124.1 7.37 132.8 20.1 11.1 - 26.4 1.20 - 4.62

10 6.73 29.2 130.3 3.20 118.5 16.5 21.1 - 30.1 0.76 - -

11 4.64 97.8 143.0 0.77 70.3 10.7 24.2 - 22.0 0.57 - 8.45

12 4.76 96.2 137.0 0.98 70.0 11.3 25.5 - mm 0.79 - 8.37

13 3.07 165.6 178.0 0.00 36.2 7.40 25.1 - 12.1 - 78.7 -

14 2.72 124.6 148.4 0.00 52.2 9.00 24.6 16.3 0.54 88.3 «•

15 9.62 12.7 126.0 14.7 154.7 24.9 9.6 - 22.8 3.21 196.3 2.58

16 9.07 12.0 129.0 11.6 160.0 26.7 13.2 - - 3.53 193.3 4.02

17 6.36 59.9 144.8 1.7 90.3 11.9 20.6 mam mm 29.1 1.10 141.6 7.59
18 2.51 185.7 194.0 0.00 28.6 5.52 21.9 - - 9.96 0.29 43.1 -

19 7.31 21.0 124.9 6.02 123.6 16.9 19.7 - 29.7 1.04 157.0 6.83

20 0.94 186.8 185.8 0.00 10. 8 3.40 12.1 3.39 0.00 28.9 -

21 0.70 200.7 200.0 0.00 9.19 2.70 10.1 - 2.90 0.00 22.6 -

22 0.41 209.0 204.4 0.00 5.65 1.50 6.19 - 2.08 0.00 11.8 -

23 0.22 212.0 210.9 0.00 5.71 1.85 6.00 - 2.22 0.00 9.9ci -

24 0.11 213.7 211.0 0.00 2.10 1.00 3.79 mm mm 1.11 0.00 6.14 -

25 0.20 212.2 207.3 0.00 4.01 1.23 5.56 - 1.67 0.00 11.3 -

26 0.56 202.9 201.1 0.00 7.03 2.44 8.73 - 2.41 0.00 16.3 -

27 1.05 192.9 196.4 0.00 14.2 3.30 12.4 mm mm 4.99 0.00 32.0 -

28 0.01 215.0 210.0 0.00 2.56 2.23 3.68 mm mm 0.70 0.00 5.56

29 1.87 172.0 174.0 0.00 21.9 4.74 19.5 - 6.90 0.18 45.4 -

"50 8.56 15.9 113.6 12.1 149.6 20.8 13.6 - — 26.2 2.60 149.0 —
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TABLE 4 (£ig» 8)

Ratio C2I%:02 = Isl Pressure = 444 mms. Eg. Temp. = 362°C
Pressure in Reaction Vessel (Mas. Eg.)

un
cms.

hs.
°2 c2h6 ch4 co c°2 c2h4

ch5
cho

c2h4
0

ck5
oh

c2H5
OH h2o hcho

l 1.87 177.5 168.7 0.00 16.5 3.83 28.2 - - 5.34 - 43.2 -

2 5.50 82.0 134.5 1.75 94.0 11.1 24.4 - - 25.8 0.82 134.0 -

5 8.34 16.2 113.2 9.30 125.1 19.4 14.8 - - 26.3 2.30 161.5 5.94

I 0.55 212.0 202.0 0.00 3.06 0.63 12.5 - 1.16 0.40 0.00 14.2 1.89

5 0.46 203.9 197.0 0.00 2.30 0.31 9.44 - 0.30 0.66 0.00 9.40 1.26
5 0.67 207.0 201.0 0.00 3.94 0.25 11.5 - 1.00 1.37 0.00 16.7 1.77

7 0.74 208.0 198.0 0.00 4.63 0.42 13.3 - 1.22 1.36 0.00 18.5 1.87

3 0.36 214.8 208.0 0.00 1.32 0.10 7.64 - 0.35 0.23 0.00 7.00 1.36
3 0.92 199.3 195.5 0.00 7.10 0.67 15.3 - 1.15 2.15 0.00 24.1 3.29

3 0.01 219.8 219.3 0.00 0.00 0.00 2.40 - - 0.00 0.00 2.20 0.35
l 0.28 217.0 208.0 0.00 1.10 0.30 7.20 - 0.28 0.37 0.00 7.001.19
? 1.29 196.0 191.1 0.00 11.2 1.20 18.1 - 1.90 3.65 0.00 33.4 3.87

5 2.14 174.7 178.0 0.00 25.1 3.27 22.5 - - 7.48 0.35 60.3 5.97
I 3.04 145.0 157.0 0.04 39.0 5.60 26.7 - - 12.9 0.50 78.3 7.08

5 4.56 105.5 141.5 0.80 67.0 9.40 26.7 - - 21.2 0.70 126.0 7.33
» 7.22 18.3 109.1 5.76 120.0 16.3 24.0 - - 29.2 1.10 180.0 6.55
J 9.47 10.6 101.0 13.4 136.2 23.3 8.03 - - 22.4 3.60 211.2 4.42

3 9.09 13.5 119.3 10.9 137.8 20.1 12.0 - mm 25.9 3.10 214.0 3.61
3 0.20 218.0 214.6 0.00 1.00 0.25 5.03 - 0.08 0.13 0.00 0.96
) 4.33 - - - - - - 0.26 4.95 - - -

L 7.89 - - - - - 0.25 9.09 - - -

> 0.64 - - - - 0.0 0.50 - - - -

5 6.39 - - - - - 0.23 8.16 - - -

i- 5.47 - - - - - 0.24 7.00 - - - -

> 11.00 • - - _ 0.22 9.90 - - -

j 2.00 - - - - o.io 3.30 - - -

3.45 - - - - - - 0.21 5.94 - - - -

5 11.00 - - - - - 0.24 9.70 — - -
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TABLE 7 (fifts. 10a and lQb)

Eatio = 3*1 Pressure = 296 mms. Hg. Temp. = 362°C
Pressure in Reaction Vessel (mms. Hg.)

Hun
No.

ap
cms.

Hg.
°2 c2h6 ch4 co co2 C2H4

ch5
cho

c2H4
0

ch3
oh

c2h5
oh h2° hcho

1 5.38 2.48 159.4 5.88 38.3 4.52 19.4 0.12 6.80 5.81 1.37 84.9 1.59
2 1.31 55.7 191.2 0.28 5.00 1.30 20.6 0.02 2.58 0.77 0.00 30.4 1.59

3 2.40 24.7 159.9 0.89 16.9 3.62 26.1 0.00 2.80 2.75 0.05 43.0 -

4 2.19 39.4 179.8 0.74 12.4 3.55 24.6 0.08 2.68 4.25 0.09 46.3 3.28

5 0.43 73.3 210.0 0.17 0.49 0.21 5.61 0.00 0.04 0.16 0.00 7.29 0.41
6 2.88 9.72 153.1 2.52 28.8 7.34 29.1 0.20 5.04 8.06 0.52 77.3 4.89

7 1.82 35.5 165.3 0.72 12.1 2.62 23.1 0.07 2.50 3.11 0.00 44.2 4.69
8 3.19 5.79 162.9 3.32 33.9 4.45 24.1 0.12 5.01 7.60 0.83 79.8 3.34

9 3.46 3.24 165.4 5.85 40.2 4.71 17.6 0.05 5.22 6.88 1.08 79.1 1.86

10 2.86 9.71 164.5 1.96 31.2 4.35 29.5 0.13 3-86 9.06 0.31 76.3 4.89
11 2.20 - - - - - - - - - mm - 4.86
12 0.24 80.3 215.5 0.00 0.00 0.17 1.48 0.00 0.00 0.00 0.00 0.98 0.02

13 0.65 68.9 206.7 0.02 1.75 0.54 9.69 0.00 0.44 0.43 0.00 13.0 1.10

14 0.93 65.7 200.0 0.21 2.08 0.38 10.7 - - - - 14.9 0.96
15 2.65 11.1 166.4 2.20 28.3 3.94 26.8 o.ll 3.55 9.47 0.27 74.0 4.94
16 1.55 52.2 190.5 0.34 7.52 2.16 16.7 0.00 0.80 2.61 0.00 37.0 -

17 2.44 - - - - - - - - - - 5.62
18 2.43 - - - - - - - - - - - 5.48

19 2.91 - - - mm - - - - — - - 4.39

20 2.04 - - - - - - - - - - - 3.95
21 1.07 62.0 201.4 0.09 3.16 1.18 13.0 0.00 0.48 - - 19.6 1.94
22 0.87 - - - - - - - 0.64 - - •

23 1.27 - - - - - - - 1.34 - - - -

24 0.71 - - - - - - - 0.71 - - -

25 0.44 - - - - - - 0.27 — - - -

26 1.18 _ - — - - - - 1.20 - - - -

27 2.37 - - - - - - - - 8.82 - 61.4 -

28 2.54 — — - — — — — - 9.34 63.1 —
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TABLE 8 (fij£S, iGa and IQ'b)

Ratio CgH^sOo =1*2 Pressure = 444 nans. Hg. Temp, = 362°C
Pressure in Reaction Vessel (amis. Hg.)

2

i

Ap
ems. 09
Hg. * c2h6 ch4 CO C02 c2H4 «*>

CHO
c2h4

0
ch3
oh

c2h5
oh h20 HCHO

l 10.1 42.7 32.3 2.90 150.4 39.8 7.26 0.18 7.51 15.0 0.0 244.2 . mm

5 1.84 263.8 116.8 0.00 15.6 3.66 18.3 0.08 2.20 2.90 0.08 49.2 3.15

5 3.66 197.7 88.1 0.00 54.9 19.1 19.1 0.14 4.20 9.25 0.32 105.6 5.48

2.74 177.6 93.3 0.00 ; 27.1 7.12 20.5 0.21 3.96 5.24 0.21 77.6 4.85

? 0.90 285.1 134.2 0,00 4.16 1.65 11.8 0.00 0.47 - - 17.3 1.63
1*

5 1.33 268.3 122.6 0.00 8.18 2.66 15.4 0.00 1.52 - - 33.1 3.13

J 5.45 164.7 69.2 0.00 . 77.0. 13.6 19.1 0.16 6.14 9.68 0.18 143*2 4.97

3 6.38 129.9 61.2 0.58 100.7 19.2 16.5 0.17 6.34 14.6 0.31 160.0 4.97

) 7.31 112.8 55.2 1.21
<•

113.3 22.6 14.7 0.19 7.05 14.5 0.26 179.8 5.28

) 8.18 80.1 45.6 1.29 118.0 27.4 11.1 0.18 6.82 14.2 0.20 208.0 4.33

i 9.09 ' 55.2 40.7 1.99 147.1 39.5 9.05 0.12 7.08 15.5 0.21 209.8 4.58

> 0.59 282,3 141.3 0.00 2.82 1.75 9.63 0.00 0.55 0.22 0.00 29.2 1.61

» 4.37 176.0 77.3 0.00 60.9 12.1 19.2 0.25 5.10 11.7 0.29 120.0 5.49

t ,

r 0.27 284.7 138.0 0.00 0.93 1.27 6.75 0.00 0.22 0.00 0.00 - 0.85

) 0.42 286.7 134.5 0.00 1.78 1.32 8.73 0.00 0.32 0.07 0.00 15.5 1.35

> 0.71 275.8 129.2 0.00 5.73 1.05 13.2 0.01 0.94 0.63 0.00 20.9 2.44
f 0.07 295.8 145.5 0.00 0.00 0.00 3.50 0.00 0.00 0.00 0.00 3-40 0 . 24

i 0.18 286.5 141.9 0.00 0.21 0.00 5.83 0.00 0.00 0.17 0.00 5.40 0.72

i 0.14 293.9 145.6 0.00 0.00 0.00 3.91 0.00 0.00 0.00 0.00 - 0.41

0.01 145.1 - - 0.00 4.64 - - - - - -



TABLE 9 (fig. 15 )

Initial Yield of Products from the Oxidation

of Ethane and Ethylene

Mixture Composition - OxygensEthane*Ethylene
7 in mm. Eg.

74*222:0 222*222*0 296*148:0 296*150*19 222*0*222

smperature °C 362 362 362 362 362

cessure Else (cm. Hg.) 1.00 1.00 1.00 1.00 -

cygen Consumed (cm.Hg.) 1.3 2.0 2.0 3.0 1.6

thane Consumed H 2.3 3.2 3.0 2.5 -

thylene Formed n 1.5 f\3 . 00 2.6 - -

ihylene Consumed it | „ - - - -

irmaldehyde it 0.10 0.36 0.28 0.73 1.8

iter II 2.1 2.6 2.4 3.6 0.50

irbon Monoxide II 0.25 0.30 0.15 1.0 0.45

irbon Dioxide ii 0.05 0.05 0.20 0.26 0.01

ihylene Oxide ti 0.06 0.14 0.10 0.11 0.06

thanol ii 0.10 0.12 0.04 0.12 0.00

hanol ti 0.00 0.00 0.00 0.00 0.00

etaldehyde it 0.00 0.00 0.00 0.01 0.00

thane « 0.02 0.00 0.00 0.00 0.00

$>lots have not been drawn up for those products whose initial yields
are low e.g. C02, C2H40, CHjQH, C^OH, CH^CHO, CH4
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TABLE 9 (cont.)

Initial Yield of Products from the Oxidation

of Ethane and Ethylene

Mixture Composition - OxygensEthanesEthylene
in mm. Hg. "

222*0*111 222*222*0 74*222*0 221*0*221 222*222*0 222*222*0

362 318 318 318 340 386

1.00 1.00 - 1.00 1.00

1.6
*

3.0 2.9 1.3 2.9 2.4

1.5 2.1 - 2.5 2.4
,4

1.2 1.1 - 2.0 2.8
.4

0.40 - - 2.0 - —

1.3 1.4 2.5 0.60 0.26

0.50 2.2 1.7 0.60 3.9 2.7

0.55 0.27 0.40 0.60 0.21 0.20

0.00 0.22 0.00 0.02 0.15 0.00

0.06 0.00 0.00 0.28 0.04 0.00

0.01 0.17 0.24 0.02 0.18 0.04

0.00 0.01 0.00 0.00 0.00 0.00

o.oo 0.10 0.06 0.02 0.00 0.00

0.00 0.06 0.00 0.00 0.00 0.00
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jTABLiu 10 (figs. 12a and 12b)

Batio C2H6»02 = ltl3.6*14.6 Pressure = 444 fflas. Hg.
Swap. * 362°C

Pressure in Beaetion Vessel (nans. Hg.)

AP
cms.

Hg.
°2 C2E6 ch4 CO co2 C2H4

CH5
CHO

c2H4
0

CH5
OH

C2%
oh h20 ECHO

1.87 168.1 155.2 0.00 26.0 4.86 35.2 0.13 2.15 4.45 0.00 56.0 7.26

9.42 9.92 106.2 14.9 145.6 24.4 7.11 0.26 4.22 15.3 2.09 206.1 2.66

7.87 13.6 102.6 9.19 137.1 23.8 16.7 0.27 4.80 18.6 2.18 154.5 -

2.77 134.0 141.5 0.61 44.0 7.79 32.6 0.24 2.77 10.3 0.70 83.2 7.51

3.68 117.0 136.9 0.36 63.7 9.72 35.5 0.25 3.48 13.6 0.33 105.8 8.80

4.57 75.9 123.1 0.47 85.9 13.3 31.3 0.33 4.83 - - - 9.18

5.40 52.8 114.4 1.74 97.9 15.3 29.1 0.24 3.47 20.8 0.56 146.1 7.91

1.55 185.6 163.1 0.00 14.7 4.05 35.2 0.00 1.05 2.75 0.06 45.7 5.93

6.6o 19.4 103.7 3.73 127.4 19.9 28.0 0.25 5.33 22.8 0.89 168.6 7.57

0.76 200.0 173.7 0.00 9.24 2.28 31.8 0.00 0.95 1.52 0.00 27.4 3.21

0.55 206.1 178.6 0.00 6.26 1.63 33.4 0.00 0.62 1.39 0.00 22.4 3.92

0.36 211.3 181.6 0.00 4.28 1.87 30.0 0.00 0.96 0.45 0.00 14.2 2.88

0.16 218.6 185.7 0.00 0.91 1.67 30.0 0.00 0.44 0.11 0.00 7.37 1.56

0,06 221.9 190.5 0.00 0.36 1.22 28.8 0.00 0.22 0.00 0.00 4.52 0.82
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TABLE 11 (fl&a. 15a and 13b)

Batio « 111 Pressure = 441 mms* Hg. Temp. « 362°C
Pressure in Eeaction Vessel (mms. Hg.)

Ap
cms.

Hg.
°2 c2h4 CH4 co co2 c2h6

ch3 c2h4
ch0 0

ch*
✓

oh
c2h5
oh h2° echo

1.95 35.0 122.5 0.79 135.4 15.2 0.00 0.66 7.37 0.43 106.6 14.9

2.78 18.9 93.4 2.76 150.0 21.3 4.77 0.42 11.7 8.00 5.40 124.1 7.36

0.94 86.5 141.1 0.36 86.4 10.4 0.00 0.72 8.72 4.63 0.21 80.5 17.8

0.54 126.3 163.0 0.00 58.5 5.8c 0.00 0.51 7.25 3.33 0.10 56.3 17.3

00h•o 155.2 177.6 0.00 32.2 2.62 0.00 0.20 6.70 «■» mm 35.5 17.7

4.24 7.95 42.5 12.3 184.4 33.3 22.9 0.62 10.9 4.76 3.96 147.1 2.35

-0.06 219.7 218.8 0.00 1.73 0.00 0.00 0.00 0.35 0.00 0.00 2.40 8.13

-0.11 212.1 193.6 0.00 3.68 0.00 0 » 00 0.00 0.46 0.00 0.00 3.30 9.23

0h.o1 189. y 197.1 0.00 14 • 0 0.78 0.00 0.07 1.54 0.23 0.00 13.4 15.0

-o.ii 179.5 191.6 0.00 21.6 0.00 0.00 0.00 1.75 0.46 0.00 20.4 15.6

3.33 12.9 72.7 7.12 173.1 24.8 11.6 0.66 11.9 6.64 5.10 132.4 3.79

2.6q - - - • 4M» - 7.42 4.62 120.0 -

0.00 219.2 0.00 0.54 - •M. 0.15 0.16 0.00 0.00 0.74 4.11
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gABLE 12 (tigs, 13a and 13*0

Ratio C2H^:02 = 1*2 Pressure = 335 oms. Eg. 2emp. = 362°C
Pressure in Beaction Vessel (mms. Hg.)

Run ^ CE* C?HA CH^> C2H5Ko? S1113- °2 C2H4 0fi4 00 C02 °2H6 CHO 0 OH OH H2° H0H0
Jtig.

1 0.06 213.3 110.0 0.00 2.85 0.00 0.00 0.00 0.43 0.00 0.00 3.20 6.24

2 0.10 210.7 110.6 0.00 2.79 0.00 0.00 0.00 0.36 0.00 0.00 2.10 6.41

3 0.00 187.8 93.4 0.00 19.0 0.50 0.00 0.00 1.63 0.34 0.00 18.7 7.63

4 0.16 180.6 87.8 0.00 24.9 1.16 0.00 0.07 2.42 0.84 0.00 22.6 7.46

5 0.29 167.4 82.5 0.00 38.4 2.54 0.00 0.21 3.20 1.02 0.00 34.7 9.42

6 0.50 1.76

7 0.75 4.06

8 1.02 8.10
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TABLE 13 (figs. 14a and 14b)

Ratio C2H6:02 = 1:1 Pressure = 444 rams. Hg. Temp. = 318°C
Added acetaidehyde = 0.1$

Pressure in Reaction Vessel (mms. Eg.)

» Ap CH, C2H4 C9H5"
eras. 02 C2H6 CH4 CO C02 C2H4 QE£ Q CH^OH H20 HCEO

0.35 212.0 214.0 0.00 2.25 1.41 2.79 0.20 0.00 0.55 0.00 7.20 5.09
1.24 195.2 204.6 0.00 12.7 2.57 4.91 0.74 0.00 7.24 0.31 29.2 8.73
2.66 154.6 181.0 0.00 37.0 5.91 7.02 0.71 0.00 16.0 1.06 60.5 8.85
6.27 39.6 133.9 1.03 HO.1 18.4 8.630.301.3737.3 1.67168,0 6.51
0.14 220.4 221.6 0.00 0.32 0.76 1.81 0.24 0.00 0.19 0.00 3.10 0.79

0.78 198.8 207.5 0.00 7.07 1.39 4.51 0.63 0.15 2.39 0.18 17.6 7.43
1.84 172.1 199.7 0.00 26.8 4.30 6.88 0.75 0.17 10.0 0.58 44.8 8.51

0.04 217.9 220.8 0.00 0.00 0.00 0.38 0.04 0.00 0.00 0.00 2.03 0.89

4.26 94.7 152.0 0.27 71.8 10.4 8.67 0.63 0.65 29.2 1.53 118.2 9.23

7.70 10.3 114.3 3.03129.4 23.5 5.08 0.29 1.91 38.1 1.96 200.1 3.37

berial Balance

(mm. atoms)
Run
No. C H 0

444 1332 444

1 444 1323 442

2 452 1346 455

3 449 1333 447

4 465 1357 441

5 450 1338 448
6 443 1327 436
7 466 1378 444

8 443 1332 439

9 447 1333 441

10 444 1299 443
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TABLE 14 (figs. 14a and 14b)

Ratio C2Hgj02 33 3*1 Pressure = 292 mms. Hg. Temp. = 318°C
Added acetaldehyde = 0.1$

Pressure in Reaction Vessel (mms. Eg.)

m
ĉms.

U
Hg.

°2 C2H6 ch4 co c02 c2H4
ch3
ch0

C2*4
0 ch^oh

C2H5
OH h2o hch0

. 2.29 7.53 177.5 0.33 32.4 3.00 8.04 0.36 0.42 18.2 0.60 51.8 7.70
! 2.34 4.93 177.8 0.64 36.5 3.12 7.81 0.36 0.50 18.6 0.83 - 5.81
> 0*16 66.5 218.4 0.00 0.89 0.38 1.90 0.10 0.00 0.60 0.00 2.52 2.19
• 0.52 56.6 211.3 0.00 4.75 1.15 3.97 0.21 0.00 2.61 0.03 10.2 6.29

o • CD 49.5 207.4 0.00 8.86 1.44 5.72 0.29 0.00 5.44 0.19 17.2 8.65
> 1.57 29.2 192.6 0.05 19.5 2.10 6.74 0.39 0.02 13.3 0.58 39.7 8.39

o • o -f* 71.9 228.0 0.00 0.05 0.00 0.39 0.02 0.00 0.15 0.00 1.21 0.36
l 0.09 69.5 220.2 0.00 0.33 0.00 0.88 0.05 0.00 - 0.00 1.69 1.83
i 1.57 29.7 192.7 0.00 20.2 1.80 6.77 0.51 0.00 14.0 0.39 38.0 8.22
i 1.87 - - - - - MM. «■» - 17.7 0.63 43.4 -

2.08 - - - - - «*> - - 18.9 0.83 47.5 -

terial Balance

(mm. atoms)

C H 0

438 1314 146
1 435 1294 133
2 439 1299 134
3 445 1331 140
4 446 1368 150
5 446 1360 142
6 444 1335 145
7 447 1342 144
8 444 1332 143
9 447 1362 143
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TABLE 15 (fig. 15)

Katie CgH^jQ^ = 1:1 Pressure » 445 mms.> Hg. Temp, = 340°C
Pressure in Reaction Vessel (ams. Hg.)

in

if
Ap
cms.

St*
°2 c2h6 ch4 co 04Oo C2H4

ch3
ch0

C2E4
0

CK3
oh

c2H5
oh h2o hcho

L 0.22 218.9 216.2 0.00 1.43 0.82 5.65 0.00 0.17 0.34 0.00 8.76 1.41

I 0.06 216.6 213.4 0.00 0.37 0.60 3.00 0.00 0.00 0.00 0.00 3.50 0.57

5 0.44 204.8 200.2 0.00 2.35 0.83 8.78 0.00 0.27 1.40 0.10 12.5 2.21

I 0.56 207.6 203.8 0.00 4*66 0.63 10.7 0.19 0.58 1.36 0.00 17.3 2.73
) 0.10 231.1 220.8 0.00 0.00 0.22 1.69 0.00 0.00 0.00 0.00 1.37 0.45

t 0.08 221.1 217.1 0.00 0.00 0.25 1.77 0.00 0.00 0.00 0.00 4.83 0.82

r 1.15 199.6 197.5 0.00 7.24 2.02 11.4 0.12 0.47 2.03 0.11 23.9 4.41

0.10 221.7 218.1 0.00 0.00 0.21 1.85 0.00 0.00 0.00 0.00 1.95 0.73
) 0.20 222.0 218.3 0.00 0.00 0.25 2.70 0.00 0.00 0.00 0.00 3.30 0.69
) 0.10 222.3 218.0 0.00 0.00 0.34 1.74 0.00 0.00 0.00 0.00 1.30 0.31

i 0.11 224.3 220.1 0.00 0.00 0.25 1.75 0.00 0.00 0.00 0.00 1.40 0.27
> 0.06 224.3 220.1 0.00 0.00 0.36 1.44 0.00 0.00 0.00 0.00 0.80 0.22

TABLE 16 (fig. 15)

Ratio CgHgiC^ - 1:1 Pressure = 450 mas. Hg. Temp. = 3S6°C
Pressure in Reaction Vessel (mis. Hg.)

m Ap CE3 c?H4 ck^ c?H6®
cms. 02 C2H6 OH, CO C02 ^ 2Q4 QH H20 HCHO

. 0.37 217.2 214.3 0.00 1.01 0.00 8.60 0.00 0.02 0.21 0.00 8.60 1.06
! 0.90 202.8 202.6 0.00 4.93 0.00 17.1 0.00 0.05 0.82 0.00 24.5 2.34
! 0.01 226.1 225.0 0.00 0.00 0.00 0.52 0.00 0.00 0.00 0.00 0.75 0.19
0.06 225.2 223.0 0.00 0.00 0.00 2.10 0.00 0.00 0.00 0.00 2.20 0.15
0.15 224.5 221.6 0.00 0.00 0.00 4.48 0.00 0.00 0.00 0.00 3.75 0.32
0.6o 214.5 210.9 0.00 2.57 0.00 13.9 0.04 0.54 0.56 0.00 15.9 1.59
0.22 220.5 216.5 0.00 0.33 0.00 5.79 0.00 0.00 0.11 0.00 6.50 0.68
0.10 222.4 218.9 0.00 0.00 0.00 2.98 0.00 0.00 0.00 0.00 2.60 0.34
0.04 227.3 225.1 0.00 0.00 0.00 0.97 0.00 0.00 0.00 0.00 0.78 0.Q6



Ratio C2H6t02

TABLE 17 (fig.

lsl

16)

—■

Temp.
°C

i X 10'
T A

» < t

C2H4
HCHO

C2H4
l0g HCHO Error

318(a) 1.692 0.96 1.982 0.090

340 1.631 3.4 0.521 ^ 0.095

262(a) li574 3.5 0.544 0.044

362 1.574 7.7 0.886 ' 0.100

286 1.517 / 10.8 1.032 " 0.064

(a) refers to added acetaldehyde
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TABLE 18 (figs. 13a and 13b)

Batio C2H^s02 = Isl Pressure = 442 mms. Hg. Temp. = 318°c

„ A'j CHn OHv CoBlc
. »■ o2 o£h4 oh4 co co2 c2h6 ch£ c2h40 oh3 y h20 echo

0.58 109.1 157.6 0.00 81.0 0.75 0.00 0.67 14.2 5.44 0.49 67.6 21.8

0.08 146.7 175.2 0.00 52.3 4.75 0.00 0.69 11.3 3-24 0.31 45.1 16.8

1.30 15.9 115.3 0.00 163.8 17.2 2.20 0.55 22.9 10.8 2.63 103.5 14.4

-0.14 214.8 216.9 0.00 2.41 0.00 0.00 0.04 0.47 0.00 0.00 2.42 7.46

0.93 74.1 126.7 0.00 124.9 14.4 0.00 0.39 19.7 9.27 0.88 87.9 17.2

-0.20 200.3 198.2 0.00 10.0 0.59 0.00 0.25 3.64 0.87 0.00 9.10 15.6

-0.18 182.0 186.2 0.00 29.8 1.87 0.00 0.52 6.87 1.00 0.05 22.3 20.1

giterlal Balance

Bun Bo. C H 0

442 484 442

1 463 894 427

2 452 887 433

3 493 862 * 484

4 445 889 442

5 461 868 427

6 428 861 441

7 430 863 448
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TABLE 19 (fig* 8b)

.Ratio « 1*1 Pressure « 442 mms. Mg» Temp. « 362°c

Run Ap h2°2 h20
No. cms. Hg. mms. Hg. mms. Hg.

1 2.62 14.3 69.0

2 0.80 6.00 21.0

3 3-86 16.1 102.0

4 0.40 2-54 10.0

5 0.20 2.34 5.0

6 4.78 21.3 125.0

7 0.19 0.98 4.5

8 9.14 10.9 211.0

9 5.84 23.8 149.0

10 6.82 17.2 172.0

11 5.36 23.4 150.0

12 6.45 20.1 164.0

13 6.85 18.1 193.0

N.B. The values quoted for water in the above table were

taken from the plot of v/ater pressure vs. Ap. (fig. 10a).
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'TABLE 20 (fig* 13a)

Ratio 0^^:02 = 1*1 Pressure • 442 mms. Hg» Temp. « 362°C

Run
Ho.

Ap
cms. Hg.

H2°2
mms. Hg.

<

h2q
mms. Hg.

1 i.96 31*1 109*0

2 2.74 21.2 115.0

3 1.15 25.6 85.0

4 0.60 18.8 63-0

5 -0.10 2.00 8.5

6 3-54- 8.14 136.0

7 1.60 29.6 101.0

8 2.07 31 • 2 112.0

9 0.23 12» 4 39« 0

N.B. The values quoted for water in the ahove table were

taken from a plot of water pressure vs. total pressure change

where the total pressure change equalled the actual pressure
*

/

increase plus twice the pressure decrease.
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TABLE 21 (fig. 20)

Bun °2 C2H6 ^
Bo. cms. Hg» cms. Hg. min.~

1 7.66 a.79 0.18

2 10.39 0.05

3 29.71 0.40

4 36*31 0.30

5 25.57 0.25

6 15.35 0.08

7 32.63 0.57

8 32.60 0.62

9 5«86 0.02

1 15.28 28.61 0.52

2 8.50 0.05

3 24.12 0.30

4 16.32 0.14

5 19.34 0.18

6 12.82 0.09

B.B. 0.3% Acetaldehyde was added to all the mixtures except

to that of run 8.
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TABLE 22 (fig.. 21)

Run

9f$ cms. Hg.
°2

cms. Hg.

<P
min.~"*"

1 25-60 16 * 04 0.41

2 n 6.06 0.20

3 19.72 0.41

4 H 11.82 0.34

5 n 3.21 0.11

6 M 7*66 0.25

N.B. 0*3% Acetaldehyde added to all the mixtures.

TABLE 23 (fig* 22)

Run
No.

°2H6
cms. Hg.

°2
cms. Hg.

. co2 .

cms. Hg.
*
-i

min.

1 21.84 7-67 16-22 0.22

2 ft »« 0.00 0.19

3 H tf 5.84 0.21

4 ft It 11.57 0.21

N.B. 0.3% Acetaldehyde added to all the mixtures.
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TABLE 24 (fig. 23)

Run
No-

•A
rams- Hg.

°2
mms- Hg-

•A
rams- Hg-

4>
miri."1

1 190-5 221.8 26-4 0-39

2 219-2 223-8 0.00 0-30

3 156-4 222-7 62-2 0-53

4 127-9 222-2 90-4 0-75

5 173-8 222.8 45-1 0-45

6 202-9 222.4 15.5 0-35

7 138-6 223-0 80-4 0-65

TABLE 25 (fig. 24)

Run G2H6 °2 G2H4° ^ ,

No- anas. Hg- aims- Hg. mms- Eg. min. ~

1 188.1 222.1 30-1 0-31

2 156-4 221-9 61-4 0-29

3 217-8 221.8 24-5 0-43

4 206-0 209-7 45-9 0-47

5 219-2 223-8 0.00 0-30
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Discussion

In the part ol" the thesis which follows the experimental

results recorded in the previous sections are discussed and a

reaction mechanism which can account for them is suggested.

In the first section the thermal data used for evaluating the

heat changes in the various reactions are given along with the

source of the data.

The second section deals with the initial stages of ethane

oxidation. The main products are ethylene and formaldehyde, and

proposals are made for the mechanisms whereby they are formed.

She next section is concerned with the oxidation of ethylene

and formaldehyde. Particular attention is paid to the initial

products of ethylene oxidation and a mechanism is put forward for

the initial stages in the oxidation. A simplified form of the

scheme postulated by Lewis & von Elbe is adopted for formaldehyde

oxidation.

In the fourth section the degenerate branching reaction is

discussed and the conclusion reached that the branching occurs

through formaldehyde. She possible branching reactions are

examined and a decision made as to which one is the most feasible.

In the next section the series of reactions which are

considered to represent the slow combustion of ethane are listed,

and this is then followed by the final section which is concerned

with the relationship between the negative temperature

coefficient in the rate of oxidation and the mechanism of

oxidation.
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1. THERMAL DATA.

The enthalpy changes occurring in the majority of

reactions advanced in the following sections have been calculated

from the values of the heats of formation given in the table below.

Although the free energy change and not the enthalpy change

involved in a reaction is a more accurate criterion of whether or

not a reaction will occur* the enthalpy change is a much more

easily obtainable quantity and is generally taken as a rough

approximation of the free energy change. However which of a

number of possible reactions will take place in a given system

will not depend on either the enthalpy change or the free energy

change but on the activation energy as this determines the rate of
110

reaction. Polanyi has demonstrated for the reaction of sodium

atoms with halides that the activation energy is proportional to

the exothermicity of the reaction and although this does not apply

to other reactions it suggests that the enthalpy change in a

reaction gives some estimate of the possibility of the reaction

occurring. In a system where there is a number of possible

reactions the most exothermic is generally preferred.

The heat data which are given in the table below have been

taken from the following sourcest-

Heats of Formation of Molecules - "Selected Values of Physical and

Thermodynamic Properties of

Hydrocarbons and Related Com¬

pounds" by Rossini et al.

- "Circular 500 Selected Values of

Cbemical TkeTffioflyKai&ic

Proper ties,1952."
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Heats of Formation of Radicals - "Gas Kinetics" by Trotman-Dickenson,

Heats of Formation of H20,, H02 - Foner & Hudson. J.C.P. 195?, £3,
1364.

Heats of Formation in K-cals./mole at 25°C and 1
- atmps. pressure,

Compound Heat of Formation Radical Heat of Formation

•A -20.2 c2h5 25.2

C2K4 +12.5 ch3 32.5

ch4 -17.9 OH 10.1

CHjCHO -44 ho2 5

C2H4° -12.2 CH3° -1

0H30H -48.3 CHO +6

°2H50H -56.7 CH^CO -6

CO -26.4 CgH^OO 11

CM
OO -94 CH^OO 19

—32.6 CH20H —16

V -57.8

HCHO -27.7

°2 0

2. IPB of yffg R^ctioh*.

Early work on the oxidation of hydrocarbons concentrated

mainly on the products, especially the oxygenated products, from

the later stages of reaction. This was partly due to the lack of



403.

suitably sensitive analytical techniques and methods had to be used

which required large quantities of product material, and partly

because it was considered that oxygenated compounds provided the

key to oxidation mechanisms. However, through the recent develop¬

ment of gas chromatography small amounts of products can now be

detected in large amounts of reactants and the early stages of

reaction can be examined. Furthermore it has been shown that

olefins play an important part in this early stage reaction.

Consequently the discussion on ethane oxidation is divided into two

main parts:- (1) the initial stage reaction (2) the iatir stage

reaction, and the role played hy olefins and oxygenated compounds

in these two stages is examined.

Ihe numbers that are given to the reactions which follow are

those from the complete reaction scheme which is given later.

2.1. Initial stages of Reaction.

In the oxidation of ethane between 318-386°C the major

initial products were ethylene and formaldehyde, and as the

relative yields varied with temperature the reactions producing

them must have different activation energies. It was found that

in the initial stages oxygen wa3 removed as fast as ethane and

since at the higher temperatures ethylene was the only major

product its formation must have involved oxygen. Shis, and the

fact that about 80$ of the ethane consumed in the initial stages

was converted to ethylene can be explained by an HO^ radical chain.
(1) C L + H0o - C H ♦ HO AH « + 8 kcals.2 0 2 2 5 2 2

(2)C|[5+ 0 » °2H4+ h02 AH = - 8 fceals.
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Apart from formaldehyde, the yields of the initial products

v;ere found to be independent of the oxygen concentration indicating

that the reactions forming them must all have the same kinetic

dependence on oxygen, Consequently they will be formed, in the

same manner as ethylene, by the reaction of alkyl radicals with

oxygen e.g. ethylene oxide will be produced bya*

(4) + °2 ~ C2H4° * 011 A i ~ ~27 Kcals.
Although the initial yield of formaldehyde was dependent upon

the oxygen concentration formaldehyde, like ethylene, will be

formed by the reaction of alkyl radicals with oxygeni-

(3) C2H^ + 02 * CH3O + CHgO AH 41 Kcals.
The methoxyl radicals formed in this reaction will react

rapidly with oxygen to produce more" formaldehyde and thus as part

of the initial formaldehyde is produced by means of a two stage

reaction, each stage involving oxygen, the initial yield of

formaldehyde would be expected to have a greater dependence on

oxygen than the yields of those products which are formed by

reactions which only Involve oxygen in one step. The fact that

only small amounts of methanol are formed in the initial stages

shows that the reaction of oxygen with methoxyl is fa-ster than

hydrdgen abstraction by methoxyl. Most of these radicals will

therefore be oxidised to formaldehyde, and consequently the de¬

pendence of the initial formaldehyde yield on oxygen will only b©

observed in oxygen weak mixtures where hydrogen abstraction can

become of importance. It can be seen from table 9 that in the

oxidation of ethane at 362° the initial yield of formaldehyde with
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a 3«1 ethane to oxygen mixture is appreciably lower than with a

111 mixture. However with the same mixture at 3l8°C the initial

yields are practically the same. This is presumably due to the

activation energy required for methpxyl radicals to abstract

hydrogen being greater than the activation energy for the reaction

of methoxyl radicals with oxygen with the effect that at the lower

temperature the latter reaction is predominant even in oxygen weak

mixtures.

It is generally agreed that the first step in hydrocarbon

combustion is the abstraction of a hydrogen atom from the fuel

molecule with the production of an alkyl radical. The alkyl

radicals formed will combine with oxygen giving alkyl peroxy
m

radicals. Although the work of Ingold & Bryce on the reaction

of alkyl radicals with oxygen provides the only direct evidence

for this association there is much indirect evidence e.g. the

formation of hydroperoxides in oxidation systems R00 + RH = R00H

+ 5 the decomposition of dl-t-butyl hydroperoxide in tfc» gas

phase proceeds by (CH-) C00C (CH ) = 2 (CH ) GO e2(CH )0 CO +3 j J 3 3 3 32
2 CH^ and in the presence of oxygen no methane or ethane was
detected indicating that all the methyl radicals reacted with

112 117
oxygen $ the results of Hoare & Walsh on methyl radical

oxidation could only be explained by the formation of CB^OO
radicals•

The ethyl peroxy radicals formed by combination of oxygen

with ethyl radicals can either decompose or abstract a hydrogen

atom to produce a hydroperoxide. Recent worlH2 suggests that the
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hydroperoxides of the lower hydrocarbons viz. ethane and propane,

are not formed at the temperatures used in this work (> 315°C) and

that any peroxide material recovered will consist of hydrogen

peroxide or a mixture of hydrogen peroxide and aldehyde -

hydrogen peroxide adducts. Thus we have to consider the

decomposition of the ethyl peroxy radical. There are four

possible ways for the decomposition, each involving isomerisation
in the first instance 8-

(a) CH3CH200 —> CH2CH200H —» C2II4 + H02
<b) CH3CH20G —> CH2CH2O0H —> cpH4° + 0H
(c) CH3CH200 —* CH300CH2 » CH30 + 0Cii2
(d) C^CHgOO —> CH^GHOOH —» CE^CHO + OH

(a) In this case the oxygen free valency attacks a C-K bond in the

methyl group and the resulting radical splits into two halves giving

ethylene and an HG2 radical. The first stage involving the break¬
ing of a C-H bond (98 k.cal.) and the formation of an 00-H bond

(~90 k.cal.) will be endothermic, and like all isomerisations will

involve a substantial activation energy —•20 k.cal. The second

stage involves the split of a C-0 bond (~90 k.cal,) and the

formation of the second link of an olefinic C«C bond. (~70 k.cal.)

Whether the ethylene is produced by rearrangement of the

alkyl peroxy radical in this manner or whether it is formed by

direct abstraction of hydrogen by the oxygen molecule is open to

question. The formation of ethyl radicals in the later stages of

ethylene oxidation presumably takes place by the reaction

C H + HO = Cil 00H o C H + G„24 2 24 2?2
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and tills suggests that the raaical C2H400H can in fact be formed,
nevertheless the simplicity of the reaction In which ethylene is

formed by direct hydfogen abstraction holds strongly in its

favour.

(b) Here the intermediate radical is the same as for (a), but in
tliis case split of the radical at the 0-0 bond with subsequent

formation of a C-0 bond produces ethylene oxide and a hydroxyl

radical. The first stage i.e. formation of the intermediate

radical, is endothermic whereas the second stage is exothermic

(0-0 bond broken and C-0 bond formed.)

Although ethylene oxide is not a major initial product it is

produced in appreciable amounts and thus reaction (b) is of

importance in the early stages.

(c) Here the split of the C-C bond (85 k.cal.) and the formation

of a C-0 bond (-90 k.cal.) produces a radical which on decomposi¬

tion gives formaldehyde and a aethoxy! radical. The first step

is almost thermoneutral but the second step is exothermic since an

0-0 bond t40-50 k.cal,) is broken and a 0=0 bond formed (~75 k.cal.

(d) The shift of a hydrogen atom from the carbon to the oxygen

results in a radical which on decomposing gives a hydroxyl radical

and acetaldehyde. The first step is eniothermic as it involves

the breaking of a C-H bond (98 k.cal.) and the formation of an 0-H

bond (—90 k.cal.) whereas the second step is exothermic, an 0-0

bond (40-50 k.cal.) is broken and a C=0 bond (-75 k.cal.) formed.

Analysis of the reaction products throughout the course of

the reaction shoitf that acetaldehyde is only formed in trace



408.

amounts, suggesting that reaction (d) does not play an important

part in the consumption of ethane. However experiments on the

oxidation of acetaldehyde have shown that under the conditions

used it Is rapidly oxidised to formaldehyde and the low yield

might possibly be explained by the rapid conversion of the

acetaldehyde to formaldehyde. If this reaction were the only

source of formaldehyde the initial yield of carbon monoxide

would greatly exceed that of formaldehyde but as can be seen

from table 9 the yields in the oxidation of ethane at 362°C are
o

approximately the same, and at 318 C the initial yield of
formaldehyde exceeds that of the carbon monoxide. Thus the

contribution of reaction (d) to the production of formaldehyde

must be small.

From the above considerations the main reactions consuming

ethane in the initial stages are probablyt-

(1) |LJL + H02 B |Ufe + II202 AH m + 8 k.cals.
(2) fgig + 02 * C2H4 + HG2 AH - - 8 k.cals.
(1) CjL +0 - C MM ~ CH 0 # CH 0 AH m - 54 k.cals.25 2 25 3 2

Reaction (3) being the most exothermic would be expected to

have the lowest activation energy and to predominate at the lower

temperatures, while reaction (2) will become important at the

higher temperatures. The ratio of the A factors and the

difference in the activation energy for these two reactions,

obtained by plotting the log. ratio of the initial yields of

ethylene to formaldehyde against the reciprocal of temperature
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(fig.16), were Ag ^10 and Eg - E? ■ 21+ 5 k.cal. respectively.
A3

This large difference in the activation energies is rather surpri¬

sing considering that the ethylene and formaldehyde are both pro¬

duced by the reaction of alkyl radicals with oxygen. The rati©

of A factors is also much higher than one might expect but this

could be explained if the steric factor for reaction (3) was

abnormally low.

Xn the isomerisation step of reaction (3) the
" V

intermediate complex will have the form h-c c-h and
i\ i
H O—O

as there is a greater restriction to movement in the complex than

in the original radical, due to the increase in the number of

bonds, the formation of the complex will be accompanied by a

large decrease in entropy. This will result in a low A factor.

If this intermediate complex is considered as analogous to

a four membered ring compound then a rough estimate of the

decrease in entropy on its formation from the ethyl peroxy radical

may be obtained by comparing the standard entropies of cyclobutane

and butene-1. The difference between the entropies of

cyclobutane (62 e.u.) and butene-1 (73«5 e.u.) at 298°K is 11.5 e.u.

and by comparison with the difference between the entropies of

cyclopentane and pentane at 298 and 6Q0°K viz. 13 e.u. and 19 e.u.

respectively, this difference would be expected to be about 18 e.u.

at 600°K. This value is rather less than the calculated value for

the difference in the entropies of activation of reactions (2) and
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(3). with an A factor ratio of approx. 108 for these reactions

the difference in the entropies of activation will be about 37 e.u.

However the change in entropy on formation of the transition complei

is not the only factor which can contribute to a high A factor

ratio. The ethyl peroxy radical will be in an excited state as it

contains the energy released from the association reaction of ethyl

raaieals with oxygen, and the probability of its dissociation back

into ethyl and oxygen before further reaction can take place is

high# This will also cause reaction (3) to have a low A factor and

the combined effect of the dissociation of the peioxy radical and

of the decrease in entropy on formation of the transition complex
ratio

may well lead to an abnormally low A factor/for reaction (3) and
hence to a very high A factor for reactions (2) and (3),

Reactions (2) and (3) are reminiscent of the cis-trans isomer-

isation reactions of ethylene derivatives, where the specific reac¬

tion rates for compounds such as rnaleic acid and butene-2 are given

approximately by the equationj-
l, - xf, ooof&T .1ft Os JO A ***-

and for compounds such as methyl oinnamate, stilbene by the equat¬

ion
ii -i. ,

45 « lo jg.

In other words one group is characterised by a low frequency

factor and a low energy of activation whereas in the other these

quantities are high#

Since the reaction of propyl radicals with oxygen appears to

be similar to that of ethyl radicals with oxygen the above results

may be compared with results on the oxidation ox propane#
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54
Satterfield & Reid calculated that the activation energy

difference between the reaction producing propylene and that

producing oxygenated products was approximately 19 k.cals, with an
6

A factor ratio for the two reactions of approximately 10.

According to Shtern^ the value for the activation energy differ¬

ence is nearer 13 k.cal. It has to be noted, however, that these

results were based on the yields of products in the later stages

of reaction and therefore do not bear direct comparison with those

given above for the initial stages of ethane oxidation. Neverthe¬

less if the equilibrium concentrations of ethylene and formaldehyde

which are attained in the later stages of reaction, were used to

calculate the activation energy difference between reactions (2)

and (3) a value fairly close to that found for the initial stage

reaction is obtained. Thus the values quoted by Shtern and

Satterfield & Wilson may also apply to the initial stages of

propane oxidation.

Ethylene oxide is produced in the early stages of reaction

and, as considered earlier, it will probably be formed by the

reaction!-

(4) CgHj + 02 » CH2CH20GH = C^O + OH AH # -27 k,cal.
It was not possible to obtain the activation energy of this

reaction relative to the activation energy of either reactions

(2) or (3) as the inaccuracy in the determination of the small

amounts of ethylene oxide initially produced rendered any

activation energy plot valueless.
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Reactions (1) and (2) explain the relatively high yield of

hydrogen peroxide observed in the initial stages of the reaction

(fig. 8b). Although the yield does not equal that of the

ethylene as predicted by the reaction scheme it has to be

remembered that the hydrogen peroxide will decompose rapidly on
■34

the surface of the reaction vessel, and it has been shown that
the amount of hydrogen peroxide isolated depends inversely upon

the efficiency of the reaction vessel surface in catalysing its

heterogeneous decomposition.

Evidence that hydrogen peroxide can be produced by the

reaction of hydroperoxy radicals with hydrocarbons in the gas

phase comes from the work of Geib & Harteck1"^* They found that

under conditions where atomic hydrogen alone does not react with

hydrocarbons, atomic hydrogen plus oxygen will give a rapid

reaction* This suggests that the reaction EH + HO = R + H_CL
2 2 2

occurs. Further evidence for the occurrence of this reaction in
114

the gas phase is supplied by Lacomble. He carried out propane

oxidations in a spherical shell by introducing the reactants

tangentially at the outer circumference and then withdrawing the

products from the centre whereupon he found that hydrogen peroxide

was formed in relatively high yield.

It is suggested that methoxyl radicals are formed in the

system by means of reaction (3). As decomposition of the

radicals is unlikely, having an activation energy of at least

25 k.cal., they will either abstract hydrogen or else react with

oxygen.
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(20) CH 0 + C H, » CH OH + C H AH = -2 k.cals.
3 2 6 3 2 5

(10) CII^G + 02 = CII20 + HG2 AH 0 -24 k.cals.

The analytical results have shown that the initial yield

of methanol is low and hence the methoxyl radicals must mostly

be removed by reaction with oxygen. This reaction being the

more exothermic would be expected to predominate at the lower

temperatures. However as the temperature increases the yield

of methanol does not correspondingly increase since the rate of

production of methoxyl radicals falls as the temperature

increases.
115

It has been suggested that that methoxyl radicals can

react with oxygen forming carbon monoxide, tester and a hydroxyl

radical.

CH^O + 02 « CO + h2o + OH AH a -75 kc.
This appears to be too complex a process to occur in a

single stage and a more likely scheme would be «-

CIi^O + 02 ~ CHO + II202 All = -26 kc.
GHO + 02 = CO + H02 AH - -27 kc.

Even although these reactions could explain the initial

formation of carbon monoxide the most plausible mechanism for the

reaction of methoxyl radicals with oxygen is that of reaction (10)

whereby formaldehyde is produced.

The formation of carbon monoxide could be explained by the

oxidation of acetaldehyde and formaldehyde. As seen previously
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the amount of acetaldehyde formed In the system is small and

therefore formaldehyde is the more likely source of the carbon

monoxide. The reaction of oxygen with formaldehyde if it

occurred in the gas phase would be a branching reaction but the

slow development of the reaction rate suggests that the branching

intermediates initially formed are destroyed on the walls of the

reaction vessel. Thus the carbon monoxide will most probably be

formed initially by surface oxidation of the formaldehyde.

The replacement of ethane by ethylene increased the yield

of carbon monoxide indicating that the ethylene was oxidised via

formaldehyde to carbon monoxide. It is thus possible that by

the time the first analysis was made in the ethane oxidations part

of the ethylene Initially formed may have been oxidised to carbon

monoxide. Consequently one cannot conclude whether or not the

value quoted for the Initial carbon monoxide yield represents its

rate of formation by surface oxidation of formaldehyde which Is

formed directly from ethane, or by surface oxidation of

formaldehyde produced from ethylene as well as from ethane.

Small amounts of methanol are formed in the early stages

of the oxidation. The methanol may be formed in two ways, (a)

hydrogen abstraction by methoxyl radicals or (b) oxidation of

methyl radicals.

(a) Methoxy radicals are produced in equivalent yield to

formaldehyde by reaction (3), but as the Initial yield of

methanol Is much lower than the initial yield of formaldehyde

the oxidation of the methoxy radicals must exceed hydrogen

abstraction. Consequently the reaction
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CH 0 + C YL, « CH OH + C II AH « -2 kc.
3 2 6 3 2 5

will not be an Important source of methanol.

(b) The addition of acetaldehydo to the oxidation system

increased the initial yield of methanol, and as the

oxidation of acetaldehyde will introduce methyl radicals

into the system it suggests that the methanol was formed

by the oxidation of these radicals
94,116

It has been shown by several other workers that

methanol can be formed by the oxidation of methyl radicals.

However these experiments were generally carried out under

conditions of low temperature and high radical concentration

whereas in the present work the temperature was relatively high

and the concentration of radicals would be relatively low.

Although various different mechanisms were proposed for the

formation of the methanol they were all similar in that they

postulated the intermediate formation of methyl peroxy radicals
94

and methoxy radicals e.g. Raley, Porter, Rust & Vaughan

investigated the oxidation of methyl radicals between 120-160°
and they concluded that the following scheme could explain the

methanol formation»-

CH3+O2 - CH3O2
2CH302 « 2CH30 + 02
CH 0 + CH 0 « CH OH + CH^O

3 3 3 2

Although this mechanism may well explain the formation of
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methanol under the conditions used by Raley et al., it is unlikely

that methanol will be formed in the same manner under the conditions

used in the present work. Here the concentration of methyl peroxy

radicals will probably be low, and rather than produce methoxy

radicals they would be expected to decompose into formaldehyde and

hydroxyl. Apart from this, the experimental evidence points to

the fact that methoxy radicals, if formed, will be oxidised before

they can abstract hydrogen.

Nevertheless the experiments with added acetaldehyde show that

under the conditions used in the present work methanol can in fact

be formed by the oxidation of methyl radicals. The most likely

mechanism is

(22) CH_ + 0o = CH O + OH AH = -50 ke.5 2 2

(23) OK + * CH^OK + CH^ AH * - 6 KQ.
This scheme envisages that the methyl radicals are oxidised to

formaldehyde and hydroxyl radicals, and that the hydroxyl

radicals then abstract methyl from the ethane to produce

methanol and methyl radicals. The methyl radicals can then

continue the chain.

Evidence for this scheme comes from the following t-

(1) The oxidation of acetaldehyde produces formaldehyde and the

most plausible reaction is CH_ + Or, = CHr,0 + OH
5 2 2

(2) The yield of methanol from the oxidation of acetaldehyde is

increased when ethane is present in the system, presumably due

to the occurrence of the reaction OH + CH^CH = CH OH + CH
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(3) Methanol is formed in the early stages of ethane

oxidation even although none of the products present at this stage

could give rise to methyl radicals. However hydroxyl radicals will

be formed in the early stages by the reaction 0^1^+ 02 = C^I^O + OH
and if they were to initiate the above chain the formation of

methanol could be explained.

It has to be noted that the above scheme for the formation of

methanol implies that hydroxyl radicals abstract methyl from ethane
abstracting

in preference to/hydrogen, and that even although the former reaction
is less exothermic than the latter the activation energy is smaller.

Water, in addition to ethylene and formaldehyde, is a major

product of the initial stage reaction, and for a 1:1 mixture of

ethane to oxygen at 362°C about of the oxygen initially consumed

is converted to water. The water will be produced partly by

decomposition of hydrogen peroxide and partly by hydroxyl radicals

abstracting hydrogen,

(18) H202 + wall » HgO + § 02

(23) OH + C2H6 ±= H20 + C2H5

The possibility of the hydrogen peroxide decomposing to give

hydroxyl radicals is excluded by the high activation energy
107

required for this dissociation (ca.J>4 k.cal.) and by the evidence

that the decomposition of hydrogen peroxide is almost entirely

heterogeneous below 420°C.
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Summarising the foregoing conclusions.Ihe mala reactions in the

initial stages of ethane oxidation between 318 and 386°C are those

producing the intermediates ethylene and formaldehyde. It is

suggested that ethylene is formed by oxygen abstracting hydrogen

directly from the ethyl radical and that formaldehyde is formed by

the decomposition of the radical CH^OOCHg. This radical is pro¬
duced by the isomerisation of the ethyl peroxy radical which is

itself formed by the association of an alkyl radical with oxygen.

Alternative isomerisations of the ethyl peroxy radical accompanied

by the decomposition of the radicals formed can produce ethylene

oxide and aeetaldehyde. Acetaldehyde is only formed in trace

amounts throughout the course of the oxidation and even although

it is oxidised rapidly under the conditions used it is considered

that little or no acetaldehyde is produced in the initial stages.

Hydrogen peroxide is formed by an HO,, radical chain mechanism
whilst the other products viz. carbon monoxide, water and methanol,

are produced by side reactions.

The reactions which are considered to occur in the initial

stages of ethane oxidation are listed overleaf.
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(1) c2b6 + ho2 « c2h5 + H2°2 ah 33 + 8kcal.

(2) C2H5 + 02 - C2H4 + ho2 ah 8 — 8 k. cal

(3) C2H5 + 02 » c2h5oo St ch50 + ch20 ah 38 -54 k.cal

(4) c2h5 + °2 ' c2h500 ss c2e40 + oh ah St -27 k.cal

(20) ch 0 ♦ c h =
2 6

ch oh
5

♦ c h
2 5

ah = - 2 k.cal

(10) ch^o + °2 = ch2° + ho2 ah 8 -24.k.cal

(21)0h + no cch3 = ch5oh 4- oh3 ah SS - 6.k.cal

(22) ch,+ °2 8 uh2° + oh ah 8 -50 k.cal

(23)0h + °2h *
6

h 0
2

+ c H
2 5

ah 8 -73 k.cal

(18)H202+ wall * H20 + i 02
HCHO 02 + wall = CO + H02

2.2. Later Stages of Reaction

In the later stages of ethane oxidation the yields of

ethylene and formaldehyde pass through maxima indicating that they

themselves are oxidised throughout the course of reaction. Ihus

any discussion on ethane oxidation must include the oxidation of

ethylene and formaldehyde.

Analysis of the products from the oxidation of ethylene has

shown that formaldehyde is the major initial product. This, and

the fact that there was always an initial pressure decrease was

v
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explained earlier by postulating that a cyclic peroxy compound

was formed prior to the formation of formaldehyde.

C_H ♦ X - CHo0H + HX2 4 2

CEgCH + 02 = CEgCE

0-0

CH^CH CH2CH2
o-o + C2H4 - CH2CH + 0_Q

CH2CH2

0-0

« 2 CH 0
2

As no acetylene was detected in the reaction products the

vinyl radicals, if formed, must react with oxygen in a different

manner to the ethyl radicals produced in ethane oxidation.

Hence it is feasible that they will react with oxygen to give a

cyclic peroxy radical.
118

The same mechanism was proposed by Henley, Schiffries & Barr

to explain the high yields of aldehydes from the radiation of

ethylene-water solutions at room temperature. However no attempt

was made to identify the intermediate cyclic peroxide and until

the existence of this compound in oxidation systems has been
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proven any mechanisms involving its formation will naturally be

hypothetical.

She above scheme envisages that radicals abstract hydrogen from

ethylene. Shis appears to be contradictory to the work of

Brinton119 and Liandelcorn & Steacie120 which suggested that

radicals would add to olefins rather than abstract hydrogen.

Nevertheless as this scheme can explain both the initial pressure

decrease and the high initial yield of formaldehyde it appears

plausible. However it is not the only scheme whereby formaldehyde

could "be produced from ethylene. An alternative would be

C2H4 + HO^ - CH2CH200H

CH2CH200H « CH20 + CK20H

CHgOH + 02 = H02 + CH20
Shis mechanism is in accord with the viewpoint that radicals will

add to olefins but it cannot explain the initial pressure decrease

observed in the oxidatioh of ethylene.

Hydrogen peroxide is a major initial product in the oxidation of

ethylene indicating that hydroperoxy radicals are present in the

early stage reaction. Oxidation of the formaldehyde already

prbser.it in the system is the most likely source ox these radicals.

HCHO + 02 « OHO + EO. AH = + 39 kc.
mm * CHO + 02 = 00 + li202 * CHOAH m - 31 kc.
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Ethylene oxide is also produced in the early stages of ethylene

oxidation, presumably via the addition of an oxygenated radical to

the ethylene molecule. As the oxidation of formaldehyde produces

hydroperoxy radicals in the initial stages, the ethylene oxide

will prpbably be formed by the reactiom-

C2H4+ H02 * CH2 - CH2 +oh
\ /

0

The initial step in the reaction will be the addition of the

hydroperoxy radical to ethylene producing the radical CH9- CEU.
I

H-0- 0

On splitting at the 0-0 bond the oxygen free valency in the

remaining radical skeleton will combine with the free valency on

the terminal carbon atom forming a C-0 bond.

By analogy with the ethyl peroxy radical in ethane oxidation the

radical CHgCI^OOH will be expected to isomerise in the ethylene
oxidation system. There are three possible ways of isomerisationi*

HOCH CHO « H0CH_ + CH 0
2 2 2 2

CH^CHQOH a CH^CHO + OH

ch3ck2oo a c2h? + o2
(a) Here transfer of the -OH group to the terminal carbon atom

produces a radical which on subsequent decomposition gives formalde¬

hyde and a hydroxy methyl radical. This method of isomerisation

was considered in connection with the high yield of formaldehyde in

a) CIIgCIIgOOH a

b) ch2ch2ooh a

c) ch2ch2ooh «
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the initial stages of ethylene oxidation hut was rejected on

the grounds that it could not explain the pressure decrease which

accompanied the formaldehyde formation. However part of the

formaldehyde may he produced hy this reaction*

w In this case isomerisation and decomposition of the

subsequent radical produces aeetaldehyde and a hydroxyl radical.

As acetaldehyde was only detected in small quantities this reaction
/

will probably only have a minor role in ethylene oxidation,

(c) Shift of the hydrogen atom from oxygen to the terminal

carbon atom produces the ethyl peroxy radical which on decomposing

will give an ethyl radical and oxygen. Evidence for the formation

of ethyl radicals in ethylene oxidation comes from the presence of

ethane in the latter stages of the oxidation. Towards the end of

the reaction the concentration of oxygen is low arid the ethyl

radicals produced instead of reacting with oxygen will abstract

hydrogen to form ethane.

The radical CH^CH^OOH is formed in the oxidation of ethane by
reaction of alkyl radicals with oxygen and as with ethylene oxidat¬

ion it may split at the 0-0 bond producing ethylene oxide and a

hydroxyl radical. If the radical could also split ao tine C-Q bond

a hyaroperoxy radical and ethylene would be formed. Thus in a

system of ethane - ethylene - oxygen the following reversible

reaction scheme would exist s-

c2h4 ♦ ho^ch2oh2ooh^±c2h5 + o2
i

C2H40 +0H
However if it were assumed that ethylene was formed in the
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oxidation of ethane by oxygen abstracting hydrogen directly from

an ethyl radical and not via the formation of the radical

CHgCHgGOH, then the reactions occurring in a system of ethane *
ethylene - oxygen could be represented by »-

It is a matter of opinion as to which of the above schemes is

taken as representing the reactions occurring when a mixture of

ethylene and ethane is undergoing oxidation. In the author's

view the simplicity of the ethylene forming reaction in the

second scheme holds in its favour.

The rapid rise in the production of ethane in the later stages

of ethylene oxidation is accompanied by a rapid rise in the produc¬

tion of ethanol and methane, suggesting that their formation is also
associated with the fall in oxygen concentration. The ethanol

yield rises in a similar manner to that of ethane indicating that

the ethanol may also be produced from ethyl radicals i.e. by the

reaction

However as this is a rauical-radical reaction as opposed to a

radical-molecule reaction for the formation of ethane, the yield

of ethanol will be less than that of ethane.

C H + HO
2 4

°2H5 +02

<25) CgHj + OH , CgHgOH = -92 k.cal.
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Methane and ethane will axmust certainly be forced by

methyl and ethyl radicals abstracting hydrogen, and it is interest¬

ing to note that as the yielas of methane and ethane rise that of

methanol decreases. This, plus the fact that methanol is the

only product present which will donate hydrogen indicates that

the methyl and ethyl radicals aosuract from methanol.

CH^ + CH^OH « CH^ + CH2OH AH » -18 ke.

C2H5 + CH^OH = C2H6+ CHgOH AH » +27 kc.
The fate of the hydroxymethyl radicals which are produced in

the above reactions is uncertain. If they had been formed in

mixtures containing oxygen they would most probably have been

oxidised to formaldehyde. However they are produced in the

latter stages of reaction where the oxygen concentration is low

and thus they must be removed by some other reaction. Ethylene
121

glycol has been detected in the products of ethylene oxidation

and it is possible that the radicals will dimerise. Evidence

that the CHgOH radicals can dimerise comes from the work of
133

Takezaki & Takeuchi • They studied the decomposition of

methanol induced by methoxyl radicals and they found that ethylene

glycol was formed. The suggested reactions were i~

CHjO + CHjOH « CHjOH + CHgOH
2 CH OH - CH OH

2
| 2
CH20H

Methanol is formed throughout the course of the reaction and

as in the oxidation of ethane it is probably formed by hydroxyl
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radicals abstracting methyl, although in the case of ethylene
oxidation the source of methyl radicals is uncertain.

The yield of hydrogen peroxide falls sharply at the point where

the rates of production of methane and ethane increase, (figs.

13a and 13b), Th±3 indicates that owing to the depletion of the

oxygen the rate of formation of the hydrogen peroxide falls below

that of its rate of decomposition. The maximum in the yield of

hydrogen peroxide occurs after the maximum rate of reaction which

shows that the hydrogen peroxide is an end product of the oxidat¬

ion and not an active intermediate.

In the foregoing the formation of the products in ethylene

oxidation has been considered, but before dealing with the next

stage in the oxidation process viz. formaldehyde oxidation, it is

worthwhile considering the various theories on the formation of

ethylene oxide in ethylene oxidation, especially as a new view¬

point is now put forward.

Lenher^ was one of the first workers to study ethylene

oxidation and he found that in the oxidation between 360-4K>°C
ethylene oxide was produced in fairly high yield. He postulated

that oxygen activated the olefinic double bond in such a manner

that the oxygen molecule added across the bond with the formation

of a radical which on subsequent reaction with ethylene formed
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ethylene oxide.

ch,

oh,

ch

+ o2=
ch,

2
\
/

ch„ = ch, ch,

O-O-

ch,

\
{
/

An alternative mechanism was put forward hy Lewis & von E

They considered that ethylene hydroperoxide was formed in the

oxidation of ethylene and that this compound would react in an

analogous manner to peracids which are known to produce olefin

oxides and normal acids on reaction with olefins,

*0
hc — 00h + c h

2 4

ch9
/ 2

hc -00h + °2h4

ch - ch +

\ /

2 ch - ch

\2 / 2

hcooe

However the evidence for the reaction of peracids with olefins

comes from experiments in solution and like other peroxide

reactions is probably not applicable to the gas phase where the

temperatures are of necessity much higher.
97

Harding arid Norrish*s view was that the chain branching

reaction in ethylene oxidation produced oxygen atoms whieh on

addition across the ethylene double bond formed ethylene oxide.

echo

ch2 =ch2 +

hcooh

ch„ -

\n/

+ 0

CH2
However it is now known that hydrogen peroxide is formed in
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the oxidation of ethylene and as the most likely source ©f hydro-

peroxy radicals (precursors of hydrogen peroxide formation) is the

reaction HCHO + 0o = CEO + HQp it suggests that the oxygen atom
theory of Harding & Horrlsh is incorrect.

The thermal oxidation of formaldehyde has been investigated by

several workers viz. Bone & Gardner"*, Spend22 Snowdon & Style12^,
124

and Axford & Norrlsh. Although their findings were contradic¬

tory on certain points the results were correlated by Lewis & von
4.6

Elbe in 1951 and a mechanism put forward to explain the oxidation.

The choice of possible reactions was restricted by the f'ollowingi-

a) The rate of reaction was proportional to the square of the

formaldehyde concentration and independent of the oxygen concentra¬

tion.

b) The reaction was independent of vessel diameter which indicated

that both the chain breaking and chain initiation reactions were

either gas phase or surface processes.

c) The reaction was inhibited by inert gas. This shotted that the

chain breaking reaction occurred in the gas phase and hence the

chain initiation reaction also.

d) Initiation may involve either decomposition of the formaldehyde

or homogeneous reaction between formaldehyde and oxygen. The high

activation energy for the dissociation of formaldehyde rules out

the former possibility and the evidence Is that the initiation step

in aldehyde oxidation is a bimolecular reaction between the aldehyde

and nvTOfin.
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e) The inhibiting effect of inert gases pointed to the chain

breaking reaction being a ternary process involving a chain

carrier, inert gas, and one of the reactants.

A simplified form of the Lewis & von Elbe scheme, which takes

into account the above considerations, is given belowj-

HCHO ♦ 02 « CHO + H02
Initiation ———-

H02 + HCHO * CHO + H202

Chain
CH0 + HCH0+0 HCGOOH + CHO

Propagation !
i

V

ccmi2o2

Termination CHO + 02+ M = CHO^
CHO^ + wall « destruction

HCOOOH + wall = C0o, H20
This scheme envisages that performic acid Is the primary

product of the chain reaction and that carbon monoxide and hydrogen

peroxide are produced by the decomposition of this acid. This was
5

partly suggested by the fact than Bone & Gardner found that per¬

formic acid was formed in high yield in the initial stages of

reaction, and partly by the fact that the kinetics of the reaction

require the onain propagating reaction to be termolecuiar.

Although a detailed analysis of the initial products is

required to determine conclusively the role of performic acid in
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the oxidation of formaldehyde, the fact that the above scheme can

explain both the kinetic and analytical date.holds strongly in its

favour, and in the absence of a more plausible mechanism it will be ;

taken as representing the oxidation of formaldehyde.

The most lively alternative to the above chain propagating

reaction is f-

CHO + 02 K CO + HO2

H02 + HCHO - GHO * ri2°2

This chain can explain the high yields of carbon monoxide and

water but it cannot explain the rate of reaction being proportional

to the square of the formaldehyde concentration and independent of

the oxygen concentration. Apart from this, if this chain were

operative it would have to be postulated that carbon dioxide was

formed by a reaction such as i-

CHO + 02 ® C02 + OH

The occurrence of this reaction would require the yield of

carbon dioxide to increase linearly throughout the course of the

reaction, in a similar manner to the carbon monoxide yield, whereas

in fact ifca rate of production increases markedly towards the end of

the reaction, (see fig.13a.). This was also observed by Bone &
Cj

Gardner"^ in their experiments on formaldehyde oxidation, and since

the increase in the carbon dioxide yield was accompanied by a

decrease in the yield of perforraic acid they suggested that the

carbon dioxide was formed by surface decomposition of the acid.

It is to be noted that the association reaction between formyl
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128

radicals and oxygen must be extremely fast as McKellar & Horrish

detected both OH and CHO radicals in the explosive combustion of

formaldehyde but only OH radicals in the slow combustion.

In conclusion, it appears that the later stages of ethane

oxidation involve primarily the oxidation of the intermediates

ethylene and formaldehyde. Ethylene is oxidised mainly to formal¬

dehyde and the formaldehyde is oxidised to the final degradation

products carbon monoxide and water. The reactions which will be

common to the ethane, ethylene, and formaldehyde oxidation systems

are listed below:-

(6) °2h4+ °2 93 2 ch20
(7) c2h4 + ho2 = c2h4ooh ■ c2h4o + oh

(8) c2h4 + h02 m ch^chooh » ch^cho + oh

(9) °2h4 * h02 83 ch cfi 00 = c h +
3 2 2 3 °2

(10) ch2o ♦ o2 39 cho + h02
(12) chgo + h02 85 cho + h202
(14) cho + 02 + hcho = hcoooh+ cho

- co + h202+ cho
(15) cho + 02 + M * ch03 ♦ m
(16) oho3+ «u « destruction

(17) HCOOOH + wall « C02» H^O
(18) H202 + wall »^0 + i02
(19) H02 + wall * destruction
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2.3. of DQge^rate^ansliing.

The slow oxidation of ethane is characterised by an

induction period in which little or no pressure rise occurs,

followed by an acceleration to the maximum rate of reaction.

According to Semenoff these characteristics are due to the build

up by a primary chain of an intermediate which can survive long

after the primary chains have ended and then react to produce

radicals which are capable of initiating new chains.

Various theories have been put forward as to the nature of the

branching intermediate and there arose two schools of thought (1)

those who thought that it was peroxidicin nature (2) those who

thought it was aldehydic in nature. The difference between the

two theories lay in the fate of the alkyperoxy radical produced

in the oxidation system. Those in favour ox' the peroxide theory

considered that this radical was fairly stable and could exist in

the reaction system long enough to enable it to abstract hydrogen

and form a peroxide, whereas those in favour of the aldehyde

theory considered that it was unstable and would decompose into an

aldehyde and a free radical before it had time to abstract hydrogen.

Branching by peroxides was considered to occur by the split of the

molecule at the 0-0 bond producing two free radicals, whilst alde¬

hyde branching was thought to take place by the reaction of the

aldehyde itfith oxygen producing free radicals.

R00H es ho + OH Peroxide branching.

RGHO + 02 = Free Radicals Aldehyde branching.
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Peroxides have been detected in the products of hydrocarbon

oxidation in solution, and evidence that they can act as agents
pQ

of degenerate branching comes from the work of Medvedev . He

found that the addition of tetralin hydroperoxide to tetralin

caused the reaction to start off at a rate greater than the normal

maximum rate and then slow down to the normal maximum rate.

Hydroperoxides have also been detected in the oxidation of

hydrocarbons in the gas phase but it appears that only the hydro¬

peroxides of higher hydrocarbons are produced and that those of

the lower hydrocarbons viz. ethane and propane, are not readily

formed under the conditions of hydrocarbon oxidation e.g.

Cartlidge & Tipper^2 obtained hydroperoxides from the oxidation

of n-butane, cyclohexane and n«heptane between 310-386°C but with

propane at 327°C only hydrogen peroxide was detected. Even at

temperatures below those at which hydrocarbons normally oxidise

the lower hydroperoxides are not produced Bell, Dickey, Haley,
25

Rust & Vaughan investigating the hydrogen bromide catalysed

oxidation of iso-butane between 100-l60°C found that t-butyl

hydroperoxide was produced but no secondary or primary hydro¬

peroxides.

The expected lifetime of the branching intermediate in

hydrocarbon oxidation is of the order of minutes (Semenoff, 1935?

p.68) but Kirk & Knox^ have shown from a study of the thermal

decomposition of hydroperoxides that the lifetimes of ethyl and

propyl hydroperoxides are approximately 3.7 sees, at 3l8°C. This

provides further evidence that hydroperoxides are not the agents
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of degenerate branching in the oxidation of ethane and propane

above 300°C.
In general the rate of hydrocarbon oxidations indicate that

the pressure of intermediate responsible for degenerate branching

must be of the order of mms. e.g. for an intermediate of lifetime

60 sees, and for a maximum rate of 0.2 mm. hydrocarbon oxidised

per second the maximum pressure of intermediate will be 12 ami.

Pressures of this order have been observed for aldehydes In

several oxidation systems and it can be seen from fig, 8a that in

the oxidation of ethane at 362°C the maximum formaldehyde

pressure is 7 mms. Furthermore the maximum in the formaldehyde

pressure occurs at the maximum rate of reaction as required If

formaldehyde were the branching intermediate in ethane oxidation.

The effect of light on methane and ethylene oxidations In the

high temperature region p ovides interesting evidence for
125

aldehyde branching. Norrlsh & Reagh found that on Illuminating

the oxidation system with U.V.light of wavelength 3800-2400 A0
(known to dissociate formaldehyde into hydrogen atoms and carbon

monoxide) the reaction immediately accelerated, and that when the

light was excluded the reaction decelerated. Examinatio* of the

kinetics both in the light and In the dark showed that the effect

of the light was merely to augment that of the thermal reaction,

and while the rate of the dark reaction was given by»-

Rd a kj (Hy.)(02) + K2(Hy)2 <02) P
the rate in the light was given byi-

RL = kl (Hy )(°2) + kl(Hy) 1 * K2 (Hy)2 (02) P + K2 <Hy)2lP
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where P = total pressure, I = intensity of light.
3. 1

The effect of light was to introduce the term kn (Hy)I + k2
(Hy) IP in the rate expression. Thus the augmented reaction due

to irradiation followed a similar law to the dark reaction, with

the light intensity replacing the oxygen pressure. As the effect

of light was to accelerate the reaction without altering the

kinetics and as the incident light was not absorbed by the hydro¬

carbon or oxygen, the photochemical effect must have been exerted

through the branching intermediate1-

RCH CHO + I a H + CHO
2

These results show that the branching reaction in the thermal

oxidation is one in which oxygen attacks an intermediate compound

which is capable of absorbing light i.e. the brandling reaction is

of the form1-

RCH CHO 4-0 » free radicals
2 2

This is further supported by the fact that aldehydes absorb

light of the wavelength used in the experiments of Morrlsh & Reagh.

Thus the initiation reaction in aldehydd oxidation i.e. the

branching reaction in hydrocarbon oxidation will be bimolecular.
126

This is in agreement with the ideas of Hoare & Walsh and
92, 93

McDowell & Thomas who, from an investigation of methane and

acetaldehyde oxidations respectively, suggested that the initiation
reactions in formaldehyde and acetaldehyde oxidations werei-

HCHO + 02 « CIIO + H0P AH = +39 Kc.
CII-CHO + 02 = CHC0+ H02 AH « +37 Kc.D &

Harding & Norrish^ have demonstrated that formaldehyde is the
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branching intermediate in the high temperature oxidation of

ethylene, ana the evidence presented in this thesis suggests that

it is also the branching intermediate in the low temperature region

318-386°C. As ethylene and formaldehyde are the major initial

products from ethane oxidation formaldehyde will also be the agent

of degenerate branching in ethane oxidation.

The activation energy for the branching reaction i.e. the

activation energy for the initiation reaction in formaldehyde

oxidation, has been determined by several workers. Axford &
124

Horrish estimated the value to be about 21 k.cal./mole in the

temperature range 325-370°C and about 39 k.cal./mole in the

temperature range 450-47u°C. However this apparent rise in

activation energy could be due to a change in chain length rather
•»

than a change in the initiation reaction (Lewis & von Elbe 1951)

and the activation energy for the initiation st;ep may be taken as

21 k.cal./mole. The initiation reaction proposed by Axford &

Horrlsh involved the formation of formic acid and an oxygen atorni-

HCHO + 02 ~ HCOOH + 0

However the high yield of hydrogen peroxide in the initial

products of ethylene oxidation suggests that a more likely reaction

xtfould be i-

HCHO + 02 = CHO + H02
126 „ .

This reaction was favoured by Hoare & Walsh and by
Markevltch & Filippova^*2'7. They gave values of 25 and 26 k.cal./kfe

respectively for the activation energy.
46

Lewis & von Elbe considered that the initiation reaction in
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formaldehyde oxidation could be represented by either

HCHO ♦ 02 = GHO + H02 or
HCHO + 02 - CHOO+ OH

1 pA
These two possibilities were considered by Hoare & Walsh and

they concluded from an investigation of the inhibiting effect of

lead tetra-ethyl on the oxidation of methane that the production

of OH radicals could not explain their experimental findings

whereas they could be explained if HQ radicals were produced in

this step.

Thus the branching reaction in the oxidaiixon of ethane and

ethylene, may be taken as

HCHO +02= CHQ + H02 E ~24 k.cal./aole.
tiiis reaction has a high activation energy the rate of

branching will be markedly affected by temperature, and although

in ethane oxidation relatively more formaldehyde is produced at

the lower temperatures the rate of branching, and hence the

overall rate of reaction, will be lower at these temperatures.

As well as this, the degradation reactions undergone by

formaldehyde being more exothermic than the branching reaction

will presumably liave lower activation energies and hence will

become relatively more important with respect to the branching

reaction as the temperature is decreased.

Branching HGHO + 0? = CHO + HO^ -8+39

Degradation HCHO + H02= CHO + HgOg AH = - 10 kc.
HCHO + OH = CHO + H20 AH « «• 34 kc.
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2.4. of

In the foregoing sections of the Discussion the initial

stages in ethane oxidation and the oxidation of ethylene and formal¬

dehyde have been considered separately. Although these oxidations

will be interlinked throughout the course of ethane oxidation the

basic mechanisms will remain the same and the complete reaction

- scheme for ethane oxidation will embody the basic schemes of

ethylene and formaldehyde oxidation.

It is suggested that the following series of reactions represents

the slow combustion of ethane in the temperature range 318-386°C J-

Propagation

(1) C2n6 + ho2 ss C2H5 + H2°2 ah s + 8 kc.

(2) C2H? °2 a C2H4 + ho2 ah ss - 8 kc.

(3) C2H5 + °2 ss ch^o + ch20 ah a • 54 kc

(4) C2H5 + °2 ss c h 0+
2 4

oh ah ss - 2? kc

(?) C H
2 5

+ °2 a ch cho
3

+ ow ah ss mm 59 kc

(6) C h
2 4

+ °2 = 2 ch 0
2

ah ss mm 63 kc

(7) °2h4 + K0„
tZ c2h40 + oh ah St mm 20 kc

(8) c2h4 + ho2;= ch^cho + oh Ah ss - 51 kc

(9) c2h4 + HO2t C2H5 + °2 ah a 8 kc.

(10) ch 0
3

+ °2 = ch 0 +
2 h0rt2

ah 2 - 22 kc
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Other Reactions

(20)CH30 + a CH^OH + All = -2 kc.

(21) OH + CH-CH- = GH-OH + CH Ah « -6 kc.

(22) C1I3 + 02 a CH20 + OH AH a -50 kc.

(23) OH + CoIIg a CgH^ + H20 AH a -73 kc

(24) CH^ + CgHg gh4 + CgH^ AH a -5 kc.

AH a -92 kc.

Reactions (5) and (8) are considered to be of minor importance

and the possible reactions of acetaldehyde are not included in

the above scheme. However if acetaldehyde were produced in

appreciable amounts and was then rapidly oxidised to end products,

the following additional reactions would have to be introduced

into the above scheme.

(26) CH3CH0 + Op a CH3C0 + H02 AH = +43 kc

(27) CH CHO + HO^ a CH CO + H 0 AH a 0 kc
3 2 3 2 2

(28) CH.CO a CH + GO AH a +12 kc.
3 3
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2 • 5 • Hie.
Combustion,

The existence of a negative temperature coefficient in

tiie rate of hydrocarbon combustion between en. 350-400°C led to the

suggestion that hydroca rbonsoxiclised by two distinct mechanisms viz,

a "high" temperature mechanism above ca. 400°C and a "low" tempera¬

ture mechanism below ca. 350°C, and it was considered that the region

of the negative temperature coefficient represented the temperature

range in which the oxidation changed over from the "low" to the "higifl

temperature mechanism. Owing to the earlier analytical techniques

requiring relatively large amounts of products analysis could only

be carried out for the later stages of reaction, and it was found

that olefins: predominated in the products of the "high" temperature

oxidation whereas oxygenated compounds predominated in the products

of the "low" temperature oxidation. This was explained on the basis-

that the alkyl radicals produced from the fuel molecule reacted with

oxygen, in different ways dependent upon the temperature.

"High" Temp. Alkyl + 0p—> Olefin + HC>2
"Low" Temp, Alkyl + Gp—> Aldehyde or Peroxide —» Oxygenated

Compounds.

Through the recent development of gas chromatography the initial

products of reaction can now be examined and it has been observed in

the present work on ethane oxidation and in previous work on propane

oxidation that olefins are produced in high initial yield in the

"low" temperature oxidation, and in fact with ethane the initial
yield of aldehyde only exceeds that of the olefin at temperature©
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below ca,320°C, Consequently the previous views on the negative

temperature coefficient in the rates of ethane and propane oxida¬

tions have to be modified and the region of the negative tempera¬

ture coefficient regarded as the temperature range in which the

change over occurs from a mechanism in which aldehydes and olefins

are initially produced to one in which only olefins are initially

produced•

To confirm this viewpoint experiments would have to be conducted

over a temperature range extending from the "low" to the "high"

temperature region and analysis of the ini-cial products carried out

in order to determine whether or not there was a correlation between

the reaction rate and the initial yields of aldehyde and olefin.

During the course of this work experiments were carried out with

temperatures up to 386°C and it was found that the initial yield

of formaldehyde decreased with increasing temperature whilst the

initial ethylene yield increased with temperature, but as the

reaction rate increased continuously with temperature up to 386°C
no conclusions can be drawn as regards the connection between the

negative temperature coefficient and the initial yields of formal¬

dehyde and ethylene. It is to be noted, however, that the

kinetics of the reaction rate will vary with the conditions used,
75

sinoo Knox & Norrish observed a negative temperature coefficient

in the rate of ethane oxidation between 350-410°C -whereas in the

present work the rate increased continuously with temperature up

to 386°C.
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SUMMARY

The oxidation of ethane like that of other aliphatic

hydrocarbons, apart from methane, can proceed by two distinct

mechanisms. One operates above and the other below ca. 400°C.

Analytical work on ethane oxidation has shown that in the later

stages of the high temperature oxidation ethylene is the major

product whereas in the low temperature region oxygenated com¬

pounds are the major products. Through the development of gas

chromatography it is now possible to analyse the products in the

early stages of reaction. The aim of the present work was to

apply this technique to the analysis of the products in the

initial stages of ethane oxidation and to determine the relative

importance of ethylene and of oxygenated compounds in the early

stages. At the same time analysis of the products formed

throughout the course of the whole reaction would provide valuable

analytical data for the elucidation of the oxidation mechanism.

The oxidations were carried out in a static system between

318-p86°C using mixtures of different composition. The relative

yields of the initial products did not change appreciably when the

ethane:oxygen ratio was altered by a factor of six. However the

initial yields changed with temperature, and at the higher tempera¬

ture ethylene was the main initial product whereas at the lower

temperatures formaldehyde predominated. A value is given for the

difference in activation energy between the reactions producing

ethylene and formaldehyde. The kinetics of the oxidation at 362°C
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were investigated and the variation of the acceleration

constant with oxygen, ethane, "inert" gas, and ethylene oxide

pressure was determined.

Ethylene oxidations were carried out at 318 and 362°C
with mixtures of different composition and the products from

t

both the early and later stages of reaction were examined,

fhe oxidation of acetaldehyde at 362°C was also investigated

and a mechanism for the oxidation has been put forward#

In the latter part of this thesis the experimental results

were discussed. It appears that the degradation of the ethane

molecule is a stepwise process involving the intermediate forma¬

tion of ethylene and formaldehyde. It was concluded that the

ethylene was formed by oxygen abstracting hydrogen directly from
ethyl radicals, and that the formaldehyde was formed by isomerisa-

tion and decomposition of ethyl peroxy radicals. In the later

stages of reaction the ethylene and formaldehyde are themselves

oxidised, ethylene mainly to formaldehyde, and formaldehyde to

the final oxidation products carbon monoxide, carbon dioxide, and

water. A mechanism involving the intermediate formation of a

cyclic peroxide has been proposed for the oxidation of ethylene

to formaldehyde. As no experiments were carried out on the

oxidation of formaldehyde the scheme proposed by Lewis & von Elbe

for formaldehyde oxidation has been adopted. A reaction scheme,

v^hich can explain the formation of the products of ethane oxidation

and which embodies the basic schemes of ethylene and formaldehyde

oxidations, has been put forward for the oxidation of ethane.
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ETHANE MATERIAL BALANCE
FIGURE 7
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FIGURE 8a.
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CARBON MONOXIDE

PRESSURE

200

100

160

140

120

100

80

60

40

20

^ WATER

J I I _l L
4 5 6 7 8
Ap cmt.Hg

PRESSURE = UUU mms.Hg TEMP. = 362 *C



FIGURE 8b.
ETHANE CONSUMPTION

o 17# acetaldehvde added to
reactaht mixture

cmi Hq
4 5
Ap cm».Hg.

r METHANOL

PRODUCTS FROM 1:1 MIXTURE ETHANE - OXYGEN. PRESSURE = UUU mms Hg TEMP. = 362"C



FIGURE 9 .

OF ACETALDEHVDE

PRESSURE= 10m ms Hg. TEMR = 362#C



FIGURE 10 a.

EFFECT OF MIXTURE COMPOSITION ON THE YIELDS OF PRODUCTS

Ar 31 ; B = 1:1 , C = 1:2 MIXTURE ETHANE - OXYGEN . TEMPERATURE = 362*C



FIGURE 10b. ETHYLENE

FORMALDEHYDE

EFFECT OF MIXTURE COMPOSITION ON THE YIELDS OF PRODUCTS.

A - 3 1 ; B=11 ; C=12 MIXTURE ETHANE - OXYGEN . TEMPERATURE = 362#C



FIGURE 10c .

A = 3:1 : B = 1:1 : C = 1:2 MIXTURE ETHANE-OXYGEN . TEMPERATURE = 362 °C .



FIGURE 11 .

PRODUCTS FROM 1:1 MIXTURE ETHANE-OXGEN. PRESS.- 444 mm.Hg.
TEMP067—



PRODUCTS FROM 1:13-6:14-6 MIXTURE ETHYLENE ETHANE OXYGEN.

PRESSURE = 444 mms. Hg TEMPERATURE = 362 °C



FIGURE 12 b.

PRODUCTS FROM 1:13-6 14 6 MIXTURE ETHYLENE: ETHANE OXYGEN.

PRESSURE = 444 mms. Hg- TEMPERATURE = 362 °C.



FIGURE 13a.

FORMALDEHYDE

PRODUCTS FROM THE OXIDATION OF ETHYLENE-

A =1:1, B = 1:2 MIXTURE ETHYLENE-OXYGEN . PRESSURE =442 ; 335 mms.Hg. TEMP. = 362 °C

C = 1:1 MIXTURE ETHYLENE-OXYGEN . PRESSURE =442 mms.Hg. TEMP. = 318*C .



FIGURE 13b.

PRODUCTS FROM THE OXIDATION OF ETHYLENE •

A =11, B = 1:2 MIXTURE ETHYLENE - OXYGEN . PRESSURE =442 ,335 mms.Hg TEMP. = 362 *C-

C - 1:1 MIXTURE ETHYLENE - OXYGEN . PRESSURE = 442 mms.Hg TEMP. = 318°C .



FIGURE Ha
ETHANEOXYGEN

METHANOL CARBON DIOXIDE

EFFECT OF MIXTURE COMPOSITION

A = 1:1 ; B = 3:1 MIXTURE ETHANE - OXYGEN .

3 4 5
Ap cmi Mfl

ON THE YIELDS OF PRODUCTS .

PRESSURE r 444,292 mms.Hg. TEMP, r 318 *C



FIGURE Ub

ETHANOl ACETALDEHYDE

A P cm« Hf-

G

EFFECT OF MIXTURE COMPOSITION ON THE YIELDS OF PRODUCTS.

A = 1:1 B -3 :1 MIXTURE ETHANE - OXYGEN. PRESSURE = 444 :292 mms.Hg. TEMP. = 318°C.



FIGURE 15.

EFFECT OF TEMPERATURE ON THE INITIAL YIELDS OF PRODUCTS .

1:1 MIXTURE ETHANE-OXYGEN . PRESSURE - UUU mms Hg.

A = 318 °C . B r340'C. C = 386°C.
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FIGURE 17

PRESSURE - TIME CURVES FOR ETHANE AND ETHYLENE OXIDATIONS.

A —1:1 MIXTURE ETHANE-OXYGEN

B 1:1 MIXTURE ETHANE - OXYGEN.

3 1 MIXTURE ETHANE - OXYGEN .

1 1 MIXTURE ETHANE - OXYGEN

1.1 MIXTURE ETHANE - OXYGEN

1 1 MIXTURE ETHYLENE- OXYGEN

1 1 MIXTURE ETHYLENE-OXYGEN.

PRESSURE - 444 mms. Hg TEMPERATURE = 362 *C. no acetaldchydc added

PRESSURE = 444 mms Hg. TEMPERATURE = 318*C o i% acetaldemyde aooed

PRESSURE = 292 mms.Hg. TEMPERATURE = 318 °C or/, acetaloemyde added

PRESSURE = 442 mms.Hg TEMPERATURE - 340"C. no acetaidehyde aooed

PRESSURE = 444 mms.Hg. TEMPERATURE = 386 °C no acetaujemyoe aooed

PRESSURE = 442 mms Hg TEMPERATURE = 362 °C no acetaeoemyde aooed

PRESSURE ; 442 mms Hg TEMPERATURE = 318 °C. no acetaeoehyoe aooed



FIGURE 18-

EFFECT OF ACETALDEHYDE ON PRESSURE-TIME CURVES FOR ETHANE OXIDATION.

1:1 MIXTURE ETHANE - OXYGEN. PRESSURE = 4A4 mms. Hg TEMPERATURE = 362 * C

ADDED ACETALDEHYDE

A - 0 0 mms ; B — 0 4 mms ; C —1-1 mms. ; D-2-1 mms ; E - 4 3 mms , F—8 3 mms



/

FIGURE 19.

TYPICAL PLOT OF RATE AGAINST PRESSURE RISE.

4:1 MIXTURE ETHANE-OXYGEN. PRESSURE = 444 mms.Hg. TEMP. = 362 #C.



FIGURE 20.

PLOT OF ACCELERATION CONSTANT v-. INITIAL ETHANE CONCENTRATION.



FIGURE 21.

FIGURE 22.

PLOT OF ACCELERATION CONSTANT vo. INERT GAS PRESSURE.



FIGURE 23.

PLOT OF ACCELERATION CONSTANT >h».PRESSURE OF SUBSTITUTED ETHYLENE.

FIGURE 24.

PLOT OF ACCELERATION CONSTANT *•. ETHYLENE OXIDE PRESSURE


