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PREFACL

Atom and free-radical conbination reactions play a very important
role in chemical kinetics. They constitute the chain-ending steps in chain
reactions andé influence tne overall kinetic behaviour. During recent years
there has been considerable interest in these cambination reactions from
both the experirmental and theoretical points of view. The wechanlsms of
these reactions comprise two main classes: (i) the energy-transfer
mechanism, in which two atcms or radicals form a complex which is deactivatec
by & collision with a foreign wolecule, (ii) the radical-molecule conplex
mechanisi, in which an atcm or radical forms & complex with a foreign
rmolecule; this complex is deactivated by collisions and finally undergoes
reaction with a2 second atom or free radical. The binding energy between a
free radical or an atom and & foreign molecule is the deciding factor whetner
the latter mechanism plays a role in these reactions. Part I descrives a
theoretical study of the conbination of ilodine atoms. The binding energies
between icdine atows and various cheperon molecules have been calculated.
An attenpt nas been mode to draw a conclusion from a comparison of the
experirental and calculated rate constants as to thé type of mechanisn
applicable in this reaction in the presence of various foreign molecules.

Tne corbination of methyl radicals is the main chain-ending step
in the decomposition of many organic COMCOUNGS €48 CH3OCH3, CH3CHC ete.
Although it is now generally agreed that at 1low pressures this ccnicination
reacticn is a third order process, the order of this reaction under

ordinary pyrolysis conditions is a subject of freat controversy. In rart 2




- 11 -

this reaction is considered on the basls of the experimental results cbtained
in the photolysis and pyrolysis of variocus organic coirpounds.

It was believed by early workers that in organic deconpositions
molecules acquire enersy by collisions and then split up into fregnents of
stable irolecules. In 1934, Rice and ilerzfeld suggested a free-racdical
necnanism for these reactions on the basis of the fact that free radicals
were detected in these systems by Rice and his coworkers. Although this
nechanisn is essentially correct as far as the overall process is concermed,
many of the postulated elerentary processes still lack verification or need
nodification. The thermal ceccnposition of acetaldehyde and propionaldehyde
(Parts 3 and 5) have been studied with a view to establishing the inportant
elenentary processes and tc elucidating the details of the nechanisus,

It has been believed Ly lLilnshelwood and his students that the
deconmposition of' organic corpounds takes place by"the concurrent occur-
rence of both molecular and free radical processes and that the marximally
inthiocited reaction is a non-chain molecular process. There are experimental
facts that the degree of isotopic rixing and the nature of the products are
the sane both in the presence and absence of nitric.oxide, showing that the
molecular decarposition is of minor irpertance. The view of liinshelwood
has been naintained against these strong objections for the last three
decades only because no satisfactory mechanism was avallable to explain the
experimental results. In 1960, Laidler and Vojclechowskl suggested a new
type of mechanism in which nitric oxide initiates chains by abstracting a
hydrogen atom and terninates then by being invelved in chain-endaing processes.
This mechanism could lead to a quantitative interpretation of the results

of the decomposition of hydrocarbons and etrers. In order to establish the
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cencrality of this mechandsu, work has to be done on different types of
compounds. Farts 4 end ¢ of this thesis present the results of the
nyrolysis of acetuldehyde and proploncldehyde respectively in the presence
of nitriec oxide. 'Miese results have been exvlained on tne tasis of the
acove ideas,
Part [ has been published in the Transactions of the Mareday wocicty 59,‘
2750 (1963). Perts 3 and 4 have been accented for publicetion in the Canadiun
Journal of Cremistry and Parts 5 and U have been sudbritted for publication

in the Cenadian Journal of Cheistry.
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ABSTRACT

Theoretical Aspects of Atom and Radical Combination Reaction

Atom and free radical combinations in the gas phase are considered
on the basis of' (i) the energy transfer mechanism, in which the two atoms
or radicals form a2 complex which 1s deactivated by a collision with a
foreign molecule; (ii) the radical molecule complex mechanism, in which the
atom or radical forms a complex with the foreign molecule; this complex is ]
deactivated by collisions and finally undergoes a reaction with a second
atom or free radical. Estimates are made of the binding energies between
iodine atoms and various chaperon molecules, dispersion forces and charge
transfer being taken into account. Calculations are made of the rates of
iodine atom combinations in the preéence of a variety of chaperons. For
certain simple molecules, including the inert gases, there is little binding
due to either charge transfer or to the quantur~-mechanical dispersion forces.
The binding energies for these molecules are less than the average thermal
energy; the corplexes therefore cannot be deactivated, and can play no role
in atom conbinations. For these systems, the ener;g/ transfer mechanism
gives good agreement between theory and experixrenﬁ . With n-butane, benzene
and molecular iodine as chaperons, on the other hand, the rates are higher
than can be explained on the basis of energy transfer; complex formation,
involving dispersion forces and charge transfer, therefore plays a role in

the reactions.
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The Kinetics of the Dissoclation of Ethane and the Combination of Methyl

Radicals

The evidence 1is reviewed with regard to the mechanisms of the ethane
and acetaldehyde pyrolyses, and of related processes. It is shown that the
acetaldehyde results cammot be interpreted except in terms of the hypothesis

that the main chain ending step is

CH3 + CH3 + M > C2H6 + M

in its third order region. An analysis is made of the results on the
photolysis of acetaldehyde and acetone, and these are also shown to lead to
the conclusion that the reaction is third order. This being so, the ini-
tiation reaction in the ethane decomposition must be CZHG + 2 CH3 in its
second order region, and termination must be 2 02H5 > Cquo or

CoHg + CoH, (the Kllchler-Theile mechanism), Quinn's result that the ini-
tial rate of methane production in the ethane decomposition is first-order

is interpreted in terms of the fact that methane is formed largely by the

process CZH6 > CHM + CH2 and only to a minor extent from methyl radicals.

The Uninhibited Deconposition of Acetaldehyde

The kinetics of the uninhibited decomposition of acetaldehyde have
been re-examined. The initial rates of the decomposition of pure acetaldehyde
show strict three~-halves order dependence at temperatures from 480° to 525°C,

and the activation energy is U7.6 kcal. per mole. Foreign gases, which de-




crease the rate of reaction, cause a significant increase in order. The
rate of ethane formation is second order in acetaldehyde, and Trenwlth has
found the hydrogen formation to be second-~order in acetaldehyde. The
results are shown to be cmsistent only with a mechanism involving second-
order initiation, and the third-order reaction 2 CH3 + M - C2H6 + M as
the terminating step. The rate of the initiation process is only slightly
affected by the addition of inert foreign gases; it is suggested that the
initial process may be CH3CHO + CH3CHO +  CH,CHOH + CH3CO, with a sub-

3

sequent breakdown of CH3CHOH into CHBCHO + H. The mechanism is shown to
account for the over-all kinetic behaviour and for the formation of the

minor products.

The Decomposition of Acetaldehyde in the Presence of Nitric Oxide

The decamposition of acetaldehyde has been reinvestigated in the
presence of various amounts of nitric oxide, and over & range tenperatures
(495 to 525°C) and acetaldehyde pressures (36 to 240 rm Hg). At higher
acetaldehyde pressures there is no inhibition, the rate steadlly increasing
with increasing nitric oxide concentration; at low .acetaldehyde concentra-
tions increasing amounts of nitric oxide first give inhibition and then
give catalysis. The degree of inhibition increases with decrease in
temperature. As the nitric oxide concentration is increased the order rises
above 3/2 and then falls to 3/2 again. At higher nitric oxide concentra-
tions the rate varies with [0}13&10]3/ 2 012, A1l of the facts are
explained by a mechanism according to which Initiation occurs by

CH,CHO + NO ~» CH

3 3CO + HNO together with the processes occurring in the
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absence of nitric oxide (ecf. Part 3). Termination is considered to involve
the reaction occurring in the case of no inhibition (C}i3 + CH3 + X

+ C2H6 + X) together with CH, + CH,NO - C2H6 + NO and 2 CH,NO

3 3 3
> C2H6 + 2 NO. Application of the mechanism to the results is discussed

in details.

The Uninhibited Decormosition of Propionaldehyde

The propionaldehyde decomposition was studied in the temperature
range 520 - 560°C and from pressures fraom 21 to 362 mm Hg. The reaction
was followed by pressure change as well as by gas chramatography. The
overall order was found to be between 1.25 and 1.30 over the whole range
of temperatures and pressures studied. Inert gases have no effect on the

rates of formation of the products of reaction. The results are consistent

with a mechanism consisting of first-order initiation, CZHSCHO -+ 02h5 + CHO,

and second-crder termination, 02 5 + C n5 - Cuﬂlo or C2H6 + CgHu' The

overall rate can be expressed as

v =k [CH Ch0]3/2 + k' [C,H 0}10]1/2

The molecular reaction, CszcHO > C2H6 + CO, has been shown to be of
minor importance. The reaction CZHS - CZHM + H, was found to take
place in its first-order high pressure region under the conditions of the

present investigation.
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The Decomposition of Propionaldehyde in the Presence of Nitric Oxide.

The decomposition of propionaldehyde in the presence of various
amounts of nitric oxide has been studied in the temperature range 520 -
560°C and at propionaldehyde pressures from 30 to 292 mm Hg. The reaction
was found to be inhibited by small amounts of nitric oxide. Higher pressures
of :nitric oxide show strong catalysis. The order of the maximally inhibited
reaction is 1.5 and the degree of inhibition decreases with the increase
of propionaldehyde pressure. In the catalytic region the order of the
overall reaction is 1.25 with respect to propionaldehyde and the relative
rate (the ratio of rates in the presence and absence of nitric oxide) 1is
independent of propionaldehyde pressure. The overall rate in the catalytic

region can be expressed as

14 e~ 42300/RT ]3/2

v = 8.38 x 1012 o 36800/KT [CHCHOILNO] + 2.35 x 10 [C,#1,CHO

1/2 1

[wol sec.

the unit of concentration being mole per cc. A mechanism in which nitric
oxide initiates chains by the reaction, CQHSCHO +HO - CzHSCO + HNO,
propagates them by CyHANO + CoHzCHO »  Cyflg + czﬁsco + NO and terminates
them by C, H. + C,H.NO = CHHlO + NO or C2H6 + C2Hu + NO and CzHSNO

25 25

+ C2H5NO + CUHlO

proposed mechanism is found to be entirely consistent with the results.

+ 2 0 or C2H6 + C2HM + 2 NO has been proposed. The




PART I

THEORETICAL ASPECTS OF ATON AND RADICAL COMBINATION

REACTIONS
INTRODUCTION

Recently there has been interest, experimentally (1-11) and
theoretically (7, 12-22) in the gas-phase combinations of atoms and
free radicals in the presence of foreign gases. Third-order rate
constants have been obtained for the combinations of hydrogen (2),
and iodine (3-9) atoms and of methyl (10, 11) and other radicals.

Many of the reactions have small negative activation energies. The
third-order rate constants for atom combination reactions fall into
two classes: with the inert gases and certain sinple molecules (such
as hydrogen) the values at ordinary temperatures are about 3 x 109 l.2

mo:l.e"2 sec"1 , While with more complex molecules mich higher rates are

abserved.

Various theoretical treatments (7, 12-22) have been put forward;

these comprise two main classes.

(i) ENERGY-TRANSFER (ET) mechanisms, which may be formulated

s A T s e o
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where R is the atom or radical and X the foreign molecule.

(1ii) RADICAI~MOLECULE COMPLEX (RMC) mechanisms, formulated

3 &
R+ X% RX
-3

X+RX*?-’RX+X+energy

5
R+BX+R, +X

When R is a free radical, the life-time of R; is usually sufficilently
long for the ET mechanism to be the more important. Also atom
combinations in the presence of polyatomic and particularly 61” chemically
reactive, foreign molecules, occur largely by the RiC mechanism, the
reason being that RX*, because of its complexity, has a long life and
is readily deactivated to give the more stable species RX which brings
about the cambination process. The greater the energy released in the
conversion of RX* into RX the greater the rate constant for the
combination process; support for this has been obtained experimentally.
The situation is not, however, so clear-cut for the combinations
of atoms in the presence of simple foreign molecules, such as inert
gases, hydrogen and oxygen. Neilther mechanism is now particularly

13 sec), as also

® -

favoured; the R, complex is of very short life ( 10
#

will be the complexes RX and RX in view of the very low binding

energies. This question of the binding between R and X and of the

possible energy levels of the complex RX, is important in deciding

RN
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whether the RMC mechanism plays a role in these reactions. This
guestion is examined theoretically in the present paper.

Porter (17) believes that the RMC mechanism is the inmportant
one in all atom combination reactions, but Laidler (18) has guestioned
whether the binding energy can be great enough when the foreign gas is
inert and concluded that the energy-transfer mechanism applies in such
cases. The calculations described below provide further evidence for

this point of view,

FORMULATION OF THE RATE EQUATIONS

To an approximation equivalent to the Lindemann~Hinshelwood
treatment of uninolecular reactions the rate equations for the two
mechanisms for atom and free-radical combinations may be formulated as
follows. Application of the steady-state treatment to the ET
mechanism leads to a rate of disappearance of R,

_ 2k, [RI[X]

v

_— (1)
k)t olX]

At low [X], the region of special experimental interest,

v = 2K I [RI°[X], ‘ (2)
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*
where K. is the equilibrium constant for the formation of R2 from

1
%
2R where

£ # S=1
k1=_f_2_i_ 1 (3)
fg wr] (s - 1)t

The f's are the conventional partition functions, e is the energy of R;

with respect to the ground vibrational state of R2, and s is the number

of effective normal modes between which flow can occur. The statistical
factor (e/kT)s"l/(s -~ 1)! takes account of the fact that the energy e

is distributed between s modes; no exponential term enters into

ean. (3), since no energy is released in the process. The third~order

The question arises as to the precise deflnitlon of the excited
specles R;. When R is a radical, the species has a lifetime that is
mich longer than a vibrational frequency, and R2 is sharply distinguished
fron R + R. Whnen R is an atom, however, the two atoms simply approach
and separate within the period of the first vibration. The conventional
statistical-mechanical treatment that is employed here regards the bound
state of R2 as a specles undergoing a purely harmonic oscillation, and
the excited species R2 as a v1brat10nally-exc1ted state of the
harmonic oscillator. The average intemuclear separation, the one used
in the caleulations of partition functions, is that corresponding to the
minimum in the potential-energy curve. This point of view is roughly
equivalent to defining the species R2 as one having an internuclear
separation equal to or less than that corresponding to the rotational-

energy barrier.

GRS P
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combinatiqn constant can thus be written as

£ ¥ S=1
W11l 2k2_§2_€_ 1 (4)

e.t. ———

I‘i kT (s = 1)!

The rate constant k2 is usually identified with the collision number.
Reaction is favoured by large values of ¢ and s and undoubtedly most
radical combinations occur by this mechanism. For atom cormbinations,

where s is unity, the rate constant reduces to 2k2fR2 /fi, which is

10 l..2 mole'2 sec"l. This mechanism is then not

usually about 10° to 10
particularly favoured, but reactions will occur largely by this
mechanism if the alternative one is difficult.

A similar application of the steady-state method to the RMC

mechanism leads to

2rvnl
2k k, k. [RI°[X]
v = 35 A (5)
k_3k_u[X] + k_3k5[R] + kuk5[‘R][X]
Under most conditions, [R] is sufficiently small so that
v= 2k5K3K4[R]2[x], (6)

where K3 and Kll are the equilibrium constants. According to this
mechanism the reaction does not become second order at high pressures

of X. The equilibrium constant K3 can be written as
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s\ s'~1
K, = Rx_ (€ ! ()

3 ISniuiuty  QEEEA

f‘RL’X kT (st - 1)!

@

where the f's are the ordinary partition functions, e is the energy of
RX* with respect to the zero-point level of RX, and s! is the number of
effective degrees of freedom in the complex RX. The factor
(e*/kT)s'-l/ (st - 1)! takes account of the flow of energy eeE between
the s' modes.

The equilibrium constant Kll is expressed as

exple /KT)(s! - 1)1 (8)

Ku =
=t
(C*/k'I)o -]

The factor exp(e*/k'l’) takes account of the loss of energy e* in the
process, the partition functions otherwise remaining the same., The
factor (s' - 1)/(5*/1&‘1’)5"1 is introduced because, whereas in RX* the
energy e* flows between s' normal modes, i1t does not in RX.

The third-order combination rate constant therefore becomes

(9)

¥

This mechanism is therefore favoured when ¢ 1s large. The nurber s' of
effective degrees of freedom does not enter into the final rate expression;
the mechanism is thus favoured not by the camplexity of the chaperon

molecule but by its ability to form a complex with R.

et st e TR ST (ST




BINDING ENERGIES

The magnitude of the energy e¥ is now considered., Three types
of binding mey be involved, namely: (1) binding due to dispersion
forces, (ii) binding due to charge transfer, (iii) binding due to

covalent forces.

DISPERSION FORCES

These energies have been calculated using the usual combining

rules

e}-'{x = (el'?Rei'O()l/a (10)
6oy = %("ER +0) (11)

where the e's are the appropriate binding energies (with respect to the
minimum energy) and the@*'s are the collision diameters. Values of
eﬁR and E%X for non-polar molecules can be calculated with reasonablé
aceuracy using either the Lennard-Jones 12-6 poteﬁtial

12 6

e(r) = Letjfo”] - _5_' (12)
r r

or the exp~6 potential
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[
6

€ r r
e(r) = Cexplfi - _L-f " (13)
1 =(6/¢) & r. r

where r is the distance between the atoms. The attractive terms have been
calculated using a modification of the Slater-Kirkwood formula (23) which

gives for the value of B in the B/r'6 term the expression
31 1

B = 3¢hadN® /i (24)
Here e 1s the electronic charge,’ﬁ is Planck's constant divided by 2m,
ok is the polarizability of the atom and m the electronic mass. In the
original Slater-Kirkwood formula N is the number of outer-shell electrons,
but Pitzer (24) has shown that the value should be larger than this;
for Xe, using the Lemard-Jones potential, the value is calculated
to be 32 and following Peterson and Pitzer (25) the value for the iodine
atom has been taken as 31.

The polarizability and van der Waals diameter for the lodine
atom have been taken from Ketelaar (26); the I...I binding energy, due
to dispersion forces, was then calculated to be 31.9 x 10-15 ergs,
and the equilibrium separation U4.83 K. The Exx andCT; values were
taken from Hirschfelder, Curtiss and Bird (27); the values used were
those obtained from second virial coefficlents, except for I, and
benzene for which the viscosity data were employed. The second

colum of Table 1 includes E'RX values, for R equal to iodine, for

a nurber of foreign molecules X, using the combining rule. For ArI,
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calculations have also been made using the 12-6 potential directly
and using the exp-6 potential. The agreement is satisfactory. Table
1 also gives the values of T the equilibrium separation, calculated

on the basis of the Lermard-Jones potential using the relationship
%
= o+

The 0';( values were taken from Hirschfelder, Curtiss and Bird (27).

The Lermard-Jones 6-12 potential is equivalent to the

Morse eguation
er) = ' (1 - expl - alr - £)])° (16)

where a = 6/re. The equilibrium frequency Ve is given by

' 1
E —
v =a e (17)
e — ——
Il2u

where u 1s the reduced mass. The heights £q of the zero-point levels

with respect to the minirum in the curve were calgulated using the
expression

= hew (v + 1) = hew _x(v + 1)2
€ 2 € )

€0
with v = 0; h is Planck's constant, c the velocity of light and
X = we/ 4D, where D is the binding energy in wave nurbers. The values

%
obtained, together with e = €' - g9 which is the dissociation
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energy with respect to the zero-point level, are included in Table 1.

CHARGE TRANSFER

The wave function for a charge-transfer complex is (28)
b= By bwl (19)

where wo is a no=bond wave function and wl is a wave function for
the complex in which an electron has been transferred. The

corresponding binding energy is

W= -y, - swo)z/(wi - W) (20)

where

Hyp = waledr, S =ﬁ;0wld7‘,

W, = ﬁlﬁwldr, Wy = ﬂonle‘

To a good approximation S can be neglected and according to Hastings,
Franklin, Schiller and Matsen (27) W can be expressed as

2
8 (21)

2 '
I; - B, -(e“/r) + C

Wz e

where B is the resonance integral HOl (approximately constant), IB

)
1
|
1
]
{
!
3
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is the lonilzation potential of the electron donor, EA is the electron
affinity of the acceptor, e2/r is the coulomb energy corresponding to
a separation r, and C is a small energy term arising from repulsion,
etec. We have estimated 8 by using the experimental binding energies
(26) for a number of molecular iodine complexes; r was taken as

3.4 A and E, as 1.8 eV, following Milliken (28) and a value of zero was

taken for C; W is then given by
W= -g2/(I; - 6.03) (22)

a relationship similar to one employed by Hastings et al. (29).
Values of B are shown in Table 2; as expected, they are approximately
constant, and the average value of 0.U44l eV has been used in
subsequent calculations., The small variations of the transition
energies (30) for benzene complexes with different acceptor molecules
(probably having similar electron affinities) also indicate the
approximate constancy of 8.

The charge-transfer energies for the atomic iodine-chaperon

conplexes have therefore been calculated from

3.15 x 10~33
(23)

IX - El - (ez/r)

with E. taken as 3.24 eV (31) and Ix taken from various sources

I
(29, 31~34). There is no direct information about r; Mulliken's

o
value of 3.4 A, which is slightly less than the collision diameters,

B



S S S

RESONANCE INTEGRAL 8, ESTIMATED FROM EXPERIMENTAL DATA

- 18 -

Iable 2

conplex

. benzene-iodine

toluene~-iodine
Xylene-iodine
naphthalene-iodine

Ib (eV)

9.247 (34)
8.82 (29)
8.53 (29)
8.26 (36)

8 (eV)

0.424
0.465
0.465
0.417

-
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has been used. The observed stabilities of the various orgenic
compounds ‘eontaining T bonds with different bond lengths can be well
correlated by means of a single value of g calculated from the
observed resonance energy of benzene.

The results of the calculations are given in Table 3. The
values, which in view of the approximations are upper limits, are
somewhat larger than those arising from dispersion forces, especially

SIGNIFICANCE OF THE BINDLG ENERGIES

% :
For He, Ar and H2 the ¢ values, arising from both dispersion
forces and charge transfer, are so small that no true binding can be
#
said to occur. This is illustrated in Fig. 1 for ArI, for which e

arising from dispersion forces is considerably less than

KT( = 41.4 x 10':LIS ergs) at 300°K. At this temperature there will
therefore be no binding when an argon atom and an iodine atom come
together; the majority of such systems will at onece dissoclate. with
n"CMHlo R C6H6 and 12, on the other hand, the binding energies are

greater than kT and true binding occurs.

RATE CONSTANT CALCULATIONS

Experimental values of third-order rate constants, taken

from Porter (17) are shown in colum 2 of Table 4, The results of
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Table 3

BINDING ENERGIES DUE TO CHARGE-TRANSFER

Ix(eV)

24,580 (31)
15.755 (31)
15.6 (32)
12.5 (32)
14,4 (32)
10.63 (33)
9.247 (34)
9.7 (32)

binding energy c'

(ergs x 10%%) e* (ergs x 107)
18.4 12.7
38.2 35.4
38.7 27.7
62.7 59.4
4s. 4 42,8
99.8 96.5
177.1 173.2
141.4 138.7
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Figure 1. Plot of binding energy, due to dispersion forces,
against the internuclear separaztion for the system
Ar...I.
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Table U

OBSERVED AHD CALCULATED RATE CONSTANTS FOR IODINE ATOM COMBINATICNS

" chaperon

ile

N

(@)

CO

Cetls

1o

rate constant x lO32 (27°C)(em molc—:-cule—2

6

sec-l)

expt. energy transfer mechanisms

0.1;2':

0.83
1.57
1.87
3.7
9.9

25
440

2.9
1.2
b4
1.3
1.3
1.2
1.2
0.8

RIMC mechanism

dispersion

(23)
(24)
(23)
(26)
(38)

L7

56

48

charge transfer |

(18)
(27)
(25)
(42)
(43)
130
660
260

This value for helium is doubtful experimentally, and difficult to explain
theoretically since He should be much more effective than argon.
and Steiner (2) found that He was four times as effective as Ar in bringing
about the combination of bromine atoms.

Hilferding
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rate calculationé on the basis of the ET mechanism are shown in
colum 3. These calculations, based on ecn. (4) involve some
uncertainty as to the statistical factor. Of the 16 possible states
arising from two 2P3/2 iodine atoms, eight are attractive (35).
Any one of these attractive steps can lead to combination by transfer
of energy on collision with a'foreign molecule, and the statistical
factor is therefore taken as 1. The rate constant k, has been taken
to be the collision number, with a collision diameter equal to the van
der Wazls diameter of an iodine atom plus half the diameter of X;
this may be slightly too large, since the effective radius of the
iodine molecule may be somewhat less than the diameter of the atom.
In making calculations based on the RFMC mechanism (eqn.(9))
the collision diameter was taken to be the van der Waals diameter for
an iodine atom, and the eﬁ values obtained sbove were employed. VWhen
thke e* values are less than kT they are of no significance from the

present point of view; the corresponding rates are given in brackets in

Table 4.

DISCUSSION

In view of the assumptions and approximations made in the
calculations the rate constants in colurm 3 of Table 2, for He, Ar,
H2, 02 and COZ’ agree satisfactorily with the experimental values.
The RVC mechanism is not required to explain the rates.

With n—Cuhlo, C6h6 and 1,, on the other hand, the experimental

rates are much greater than those calculated on the basis of energy
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transfer, and the results must be explained in terms of an atom-
molecule complex. For n—CuH10 and C6H6 the rates calculated for the
RiiC mechaniém, for both types of binding, are appreciably higher
than the experimental rates. If this difference is significant,
reaction may occur by a combination of the two mechanisms, i.e. the
ternary complexX Xeeeoleaool can be formed in two different ways,
either via X + I....I or via X...I + I. The generalized computational
treatment of Keck (12, 16) is, in fact, equivalent to a combination
of the two mechanisms,

with 12 as chaperon the observed rate is much larger than
that calculated on the basis of either mechanism. The corplexing
is evidently much stronger than can be interpreted on the basis of

dispersion forces and charge-transfer, and covalent bonding 1s

involved.
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Part II

The Kinetics of the Dissoclation of Ethane and

the Combination of Methyl Radicals

TWTRODUCT ION

The two chemical mechanisms for the ethane deconposition are as

follows:

Rice - Herzfeld (37)

C2H6 > 2 CH3 (first order)

CH, + C2H6 > CHU + C2H

3 p)

02H5 > CZHM + H (first order)

H+ C2H6 - h2 + C2H5

H+ CZHS + C

2H6 (second order)

Klichler - Theile (38)

C2H6 + 2 CH3 (second -order)

CH3 + C2ﬂ6 > CHu + 02H5

02H5 -+ C2HM + K (first order)
i + 02H6 - H2 + C2H5

or CquO (second order)

In the terminology of Laidler, Sagert and Wojciechowski (39) the Rice-Herzfeld

recnanism is of the 1

Buy type, and the Kilchler-Theile mechanism is of the

2uu1 type. DBoth correspond to first-order over-all kinetics, in agreement

with experiment under the usual conditicns (temperatures from 550 - 650°C,

pressures from 20 mm to atmospheric).
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In a recent experimental and theoretical investigation of the
whole problem Laidler and VWojciechowski (40) have concluded that the Kilchler-
Theile mechaﬁism is the correct one. Their main arguments may be summarized
as follows:

1) From the results of Dodd and Steacie (10), and of other

o investigators to be referred to later, at 200°C the methyl radical

reconbination is third-order at 1 mm pressure and probably at considerably
higher pressures., The theories of unimolecular reactions predict that the
transition bressure varies with the (s-1) th power of the temperature,
where s, the number of effective degreei of freedom, is probably about 9.
It follows that at the temperatures of the pyrolysis experiments the
cambination is third-order over the usual pressure range. By the principle
of microscopic reversibility the dissociation 02 H6 - 2 CH3 rust be second
order.

2) Calculations of the concentrations of H and C2H5 show that
in the higher pressure range the reaction H + CzHS-* 02H6 will be rmuch less
important than 2 C2h'5'+ Cquo or CZH6 + C2H4‘

3) The experimental activation energy for the reaction could
easily be reconciled with the Klichler-Theile mechaniéﬁ, but not with the
Rice-Herzfeld mechanism. |

4) Inert gases increase the rate, a result that 1s attributed
to their effect on the ethane dissociation. This result is, however,
capable of the alternative explanation that the effect of inert gases is
on the reaction CZHS-» Czﬂu + H.

5) It is predicted that at low pressures the Klchler-Theile

2“"1 mechanism will become 26u3/2, so that a transition to three-halves

order is to be expected. Such a transition was actually found, at
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approximatély the predicted pressure. No such transition 1s expected on
the basis of the Rice-Herzfeld mechanism.

More recently Quinn (41, 42) has made a study of the kinetics of
formaticon of the minor product methane in the ethane decomposition, and
finds that the initial rate of formatiocn is proportional to the first power
of the ethane pressure. This he takes to indicate that the ethane
dissociation is first order, since he assumes that the methane is initially
formed largely from the methyl radicals. Guinn accepts the argument that
the higher concentration of ethyl radicals requires the main chain-ending

step to be

275
In order to explain the first-order over-all kinetics he concludes that the
process

02H5 -+ 02hu + h
is in the pressure region in which the rate is rougly proporticnal to the
square root of the ethane pressure (i.e., the 02H5 radical is half way
between a B radical and a u radical). This mechanism also satisfactorily
explains the inert-gas effect (as en effect on 02H5 + CoHy + H). It also
explains the increase in order at lower pressures (since the radicals will
gain more 8 character as the pressure is lowered); however the predicted
change of order, in terms of this mechanism, is nothing like as sharp as

found by Laidler and Wojciechowskl and as predicted by the zuul mechanism.
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Quinn's mechanism also leads to a qguantitative interpretation of the over-
all reaction, in terms of the elementary steps, which is at least as
satisfactory as that of Laidler and Wojciechowski.

At first sight Guinn's results on the rate of methane production
seem to lead unequivocally to the mechanism he proposes, involving first-
order initiation. Certain results on the acetaldehyde decomposition cbtained
by Bril, Goldfinger, Letort, liattys, and Niclause (43), and also more recently
by Trenwith (U44) and in these laboratories (see following part) lead, on
the other hand, to the equally stroﬁg conclusion that the methyl radical
combination rust be in its third-order region, and that the ethane dissociation
is therefore in its second—ordef regioﬁé. These results will now be
outlined and discussed briefly, after which other evidence will be adduced.

In a final section an alternative explanation will be given of Quinn's
results, the conclusion being drawn that the Klchler-Theile mechanism is

after a2ll the correct one.

TiE PYROLYSIS OF ACETALDEHYDE

The important result obtained by Bril, et al. (43), and confirmed
in more detail in these laboratories (see following bart), is that the
rate of the acetaldehyde decomposition is strongly decreased by adding inert
gases. Such a result can only be explained if the inert gases aid the chain-
ending step. The main chain csrriers are CH3 and CH3CO, with the former
in excess, so that the main chain-ending step is the methyl radical re-

carbination. It therefore seems inpossible to escape the conclusion that
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inert gases have a strong effect on the rate of this reaction, which
cannot therefore be in its high-pressure second-order region. The
quantitative analysis of the results obtained in these laboratories,
described in the preceding papers, seem to leave no alternative to the
conclusion that the combination process 1s in the third-order region, and
that the acetaldehyde dissociation is second-order. The temperatures used
in the study of the acetaldehyde decomposition are somewhat lower than

in the etﬁane decomposition, so that the ethane dissociation should be
secand-order a fortiori.

Trenwith (44) has studled the rate of hydrogen production in the
acetaldehyde decamposition, and has found that it is proportional to the
square of the acetaldehyde concentration. The main source oft hydrogen is
almost certainly hydrogen atoms, which produce H2 by

h+ CHBCHO + CH3CO + H2,

so that the hydrogen atoms must be produced by a second-order initiation

process.

The same conclusion is to be drawn from tﬁe result, obtained in
these laboratories (see following part ), that the initial rate of ethane
production is proportional to the square of the acetaldehyde concentration.

In the steady state the rate of production of methyl radicals is equal

to the rate of their disappearance; it follows that the initistion reaction

is second-order in acetaldehyde, and that the methyl radical cambination

is third-order.
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These results on the kinetics of the formation of minor products
in the ethane and acetaldehyde decompositions have thus, led, at first
sight, to conflicting conclusions. In the next section we cite additional
evidence supporting the view that the methyl radical combination is third-

order under the usual conditions of pyrolysis exgeriments.

THE PHOTOLYSIS OF ACETONE

The work of Dodd and Steacie (10) and of Trotman- Dickenson and
Steacie (45) on the photolysis of acetone at fairly low temperatures
(<200°C) has indicated that the methyl radical recombination becomes
third-order at pressures of a few millimeters. DMNore positive evidence is
provided by the work of Brinton (46) who has studied the acetone photolysis
in a higher temperature range (200 - 475°C) and at pressures fram 25 to
100 mm Hg., It will now be shown that Brinton's results leads to the
conclusion that at the highest temperatures the methyl radical combination
is a third-order reaction.

Methane is formed in the acetone photolysis by the reaction

y .
. . T .
(6) Cr:3 + Cﬂ3COCrl3 CH, + CHZCOCH3

Ethane might be formed by the second-order abstraction reacticn

k
7 . )
(7 CIL3 + CH3coc:13 -+ C,tg + a{3co

as well as by the combination of methyl radicals

= bl LS
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(8) CH3 + CH3 -~ C2H6

The rates of methane and ethane formation are

Vcau = kg [ci] [CH3COCH] (24)

" and

v - - v e
CoHg = k7 [Cn3] [CH3COCH3] + kg [Cn3] (25)

The following special cases are of interest:

1) Ethene is mainly formed by reaction (7), in which case

Vogr . -
ChM - kl (26)
Vo - k

02116 7

2) Ethane is formed mainly by the methyl radical combination

in its second-order region:

Vi .~
Chiy = 5 @7)
1/2 o . 172
v02H6[Cn3COCh3] k8

3) Ethane is formed mainly by the methyl radical combination in

its third~-order region (k8 = ké [CHBCOCH3]):

B 1 s e g i
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Vo
Cliy - X (28)
l/2 . 1/2 11/2
C H [CdBCOCH3] k8

Brinton's data are given, and analyzed from this point of view,

in Table 5; they have been collected in such a way that the light

intensity variation, as measured by the rate of carbon monoxide production,

is at a minimum, It is clear that Case 1 can be excluded since
1/2
CHu/ C H6 shows large variations. The ratio Cﬂu/ c ﬂ6 [CH COCH ]l/2
is seen to be approximately constant with respect to acetone pressure

at 400 and 4 %ZF: this suggests that Case 3 is applicable. At 305°C the

ratio vCHM/VC2H6 [CHBCOCH3] shows more constancy than
VCH,/VC?_H6 [CH3COCH3]1/2, indicating that the third-body effect on the
radical recombination is less important at this lower temperature.

At first sight the results therefore suggest that the nethyl
radical combination is largely third order at U400 and 435°C, but it
might be argued that the situation is complicated by the simultaneous
ocecurrence of reaction 7. If the radical combination were second-order

and reactions 6, T, and 8 are all taken into account

V..
Cn4

.Cn (29)

]
3
1/2 o . 2y 1/2
C F [CHBCOCh ] (k7%CH3][Cd3COCH3] + k8[CH3] )

/2
Since E6 = 9,1 keal. (10) and E8 = 0 a plot of log CHM/ 02H6[CH COCH]
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against 1/T at constant acetone pressure and constant light intensity
should bend downwards at higher temperatures (when k7 becomes more
important). in fact, as shown in Figure 2, the curve actually bends upwards
at higher temperatures; the activation energy increases from 10.0 kcal
at lower temperatures (in good agreement with the above value for EG) and
has become 14.6 kcal. at 435°C. This result can only be explaihed if
reaction [7] is uninportant and if there is a negative activation energy
associated with reaction (8). This negative activation energy is
2(9.7 - 14.6) = =9.8 keal., in surprisingly good agreement with the value
of -11.7 kecal estimated by Gill and Laidler (15) on the basis of a
theoretical treatment of the third~order methyl radical combination.

The conclusicn is therefore that Brinton's results show that
the combination is largely third-order at the highest temperatures of
the investigation, and cannot be reconciled with any other Interpretations

of the process.

THE PHOTOLYSIS OF ACETALDEHYDE

Experinments on the photolysis of acetaldehyde have been carried
out in a lower temperature range (<340°C), and clear-cut evidence for

third-order behaviour of the methyl radical recombination is therefore

not expected. The results do, however, indicate distinct pressure dependence
t of the reaction, and are entirely consistent with the conclusions drawn

i above from the results of the acetone photolysis.

=

e
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Danby, Buchanan and Henderson (47) studied the photolysis of
acetaldehyde in the temperature range 212 - 340°C and pressure range
19 - 317 mm Hg. Analysis of their results at 300°C shows (Fig. 3) that
vCHu/V%:gI?% is proportional to [CH,CH0] 0.85 e mechanism of the

photolysis is

CH3CHO +v - CH3 + CHO
kg
(9) CH3 + CH3CHO > Ciy + ca3co
K10
(10) CH3CO + CH3 + CO
kg
(8) Cn3 + CH3 > Gl

The steady-state treatment leads to the result that

Vs .
CHy, _ k9_|:_Ch3CHO] (30)
"v'i7_2 - ""1_'7'1 2
C,He 8

It therefore follows that kg is proportional to [CHéCHO]O"?’ at this
tenperature; the recombination is therefore closer to second- than to
third-order, but is well in the pressure-dependent region. This result
is similar to that obtained in the acetone photolysis in the same

temperature range.
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Filgure 3. Plot of log VCHM/Vé:i6 against log acetaldehyde pressure .

for the photolysis of acetaldehyde at 300°C.
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DIRECT STUDIES OF THE

COMBINATION OF METHYL RADICALS

Ingold and Lossing (48) studied the combination of methyl
i radicals mass spectroretrically in the temperature range 161 ~ 814°C and
at various pressures (4.8 - 18.5 mm) of helium, and found that the
reaction was partly heterogenous and partly homogenous. The rate of
the reaction decreased with the increase of temperature, and an
activation energy of - 2.2 kecal., was obtained. In this investigation
no effect of the carrier gas pressure was detected, but in a later
investigation with an improved technique, Ingold, Henderson and
Lossing (49) found that the rate of combination showed a linear
dependence on the helium pressure at 1000°C in the pressure range 3.2 -
15.0 mm Hg. These facts were attributed to the third-order recombination
of methyl radicals. The negative activation energy of 2.2 Kcal/mole is
too low compared to that calculated following Gill and Laidle%iight this
is understandable in view of the significant surface combination they
observed under their conditions at low total pressures.

Kistiakowsky and Roberts (50), in an invesﬁigation of the photo-
lysis of acetone below 240°C, found that ethane formation 1s significantly
pressure dependent below 10 mm of acetone pressure and that 002 is about

twenty times less effective than acetone in bringing about the combination

of methyl radicails.
Dodd and Steacie (10), studying the photo-decomposition of
acetone below 250°C, concluded that the combinaticn of methyl radicals

was strongly dependent on the pressure of the third body below 20 mm
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acetone pressure and that the following substances may be arranged in
the increasing order of efficiency of energy transfer as shown below

CHO

A < 002 < CL&FlO < CH3C6F11 < CH3COCH 3

3
The above menticned relative efficiencies of different gases
reported by Dodd and Steacie, and by Kistiakowski and Roberts rust be
accepted with reserve in view of the significant surface effect observed
by Dodd and Steacie at low pressure and low temperature.
All of the above results are consistent with the conclusicn
that the methyl radical cambination is not in ifs second-order region

under the conditions of the experiments.

THE PYROLYSIS OF mTHANL

All of the above results point clearly to the conclusion that
at pressures of a few hundred millireters of mercury and at temperatures
of 400°C and zbove the methyl radical recambination is essentially a
third-order reaction. It is therefore necessary tC.). reconsider Quinn's
conclusion that it is a second-order reaction. |

Quinn's conclusion is based on the result that the methane
fornation in this reaction is first-order in ethane, and involves the

assumption that methane is produced solely by the processes

CH6 +~ 2CH
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C'rl3 + 02H6 -+ CH)-I + 02H5

This assumption must be in error. In an earlier investigaticn Danby,
Spall, Stubbs and Hinshelwood (51) also studled the rate of methane
production in the ethane pyrolysis, and also noted that it was first-
order in ethane. They obtained the significant result that the methane
production was not inhibited by nitric oxide. This clearly eliminates
the possibility that the main source of- methane is abstraction by CH3,
since nitric oxide will certainly reduce markedly the concentration of
rethyl radicals.

In view of this it seems necessary to conclude with Danby et al

(51) that methane production occurs by the reaction

2 2

This reaction, involving a ruch less syrmetrical breakdown of the ethane
molecule, may well be first order (52). The occurrence of this reaction
provides an explanation for the hitherto unexplained result of Wall and
Moore (53, 54) that in the pyrolysis of C2H6 - C2D6lmixtures the product
CH2D2 was formed in much larger amounts than could be explained in terms
of the conventional mechanism.

Further evidence against Quinn's mechanism for the ethane
pyrolysis, and in favor of that of wfichler and Theile, is provided by
the result of Kilehler and Theile (38) that inert gases have hardly any

effect on the rate of the decamposition of ethane maximally inhibited by
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Part IIL

THE, UNINHIBITED DECOMPOSITION OF ACETALDEHYDE

INTRODUCTION

Steacie (55) commented that "the acetaldehyde decomposition is

remarkapble for the lack of agreement on both mechanism and experimental

. fact, and for the complications involved". There is, however, general

agreement that the chain propegating steps are

Lo+ 1 i +
CHy + CHjOHO >  CHy + CH;CO

p 7 e g +‘
and CnSCO Ch3 co

The nature of the chain initiating and terminating processes is, however,

still a matter of great controversy.

Review of the Earlier Work

Hinshelwood and his co-workers (56-58), studying the thermal

decamposition of acetaldehyde in the termperature range 490 -~ 570°C, found

no evidence of any appreciable heterogeneous reaction. They suggested that

different modes of activation within the molecule were involved.,
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Letort (59, 60) made an extensive study of this reaction and
i found that the reaction was completely homogeneous and that the over-all
; order was approximately three-halves. The rate constant can be expressed
| as

46000

T cc 1/2 -1

1/2 mole” sec

Ky o = 2.4 x10% e ~
| Inert gases 1like carbon monoxide and methane were found to inhibit the
reaction slightly.

From a study of this reaction, Boyer, Niclause and Letort (61)

concluded that the reaction was of three~halves order and that the rate

constant could be expressed as

12 48000

- - —_— 1/2
k3/2 =2,3x107 e RFT cc¢

mole"'l/2 sec"l

In 1958, Freeman, Danby, and Hinshelwood (62), reinvestigating
this decomposition over the pressure range 21 - 1190 mm and temperature
range 504 - 525°C, concluded that the over-all order was approximately
three-halves. They also detected trace amounts of Céﬁ6, H2 and C2HM oy
mass spectrometry. It was suggested that both molecular and chain reactions
were operative in the system. however, the suggestion that a molecular

reaction was present was not based on firm grounds.

Imai, Yoshida and Toyama (63), studying at somewhat lower
tenperatures (380 - 460°C), found that the order of the reaction was

three-~halves and that the rate constant could be represented as
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1/2 -1

Ll3300
12 e 1/2 nole” sec

k = 1.2 x 10

3/2
The above activation energy is somewhat lower than that obtained by previous
workers.

In all the above cases, attempts have been made to explain the

results by using the following simple Rice~Herzfeld (37) mechanism:

i1.,CHO CH, + CHO
Cn3 CH - 3

Cib » CO+H

CH, + CH,ClHO =~ CHL’ + CH,CO

3 3 3
C’rI3CO > CH3 + CO
H+ CH3CHO + H2 + CH3CO
CH3 + CH3 > C2H 6

As will described later, the above simple mechanism is inconsistent with
the results obtained in the presence of inert gases and with the recent

work of Trenwith (44),

Evidence for Free Radicals

In 1932, Rice, Johnston and Evering (64) detected methyl radicals
in the temperature range 800 - 1000°C by using the Paneth technique. Burton,
Ricei and Davis (65) showed the presence of radicals at 500°C by using
radioactive lead mirrors.

Patat and Sachsse (66-69), using the para-ortho hydrogen method,
demonstrated the presenée of radicals at 550°C. The hydrogen atom

concentration was, however, found to be about 102 times less than that
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predicted by the Rice-Herzfeld mechanism. Since the values of the activation

energies were assumed, this calculation may not be considered to be very
accurate.

Morris (70, 71) studied the pyrolysis of a mixture of CH,CHO and

3

CD,CDO at about 500°C with a view to establishing the nature cof the

3
decamposition., In the case of a free-radical mechanism, mixed methanes
such as CH3D and CD3H are expected to be formed by the following reactions:

CH, + CD,CCO * Ch,D + CD,CO

3 3 3 3

+ i i i+
CD3 CH3 CHO CD3h CH3 co

However, analysing the products by infrared absorption, Morris, could not
find the mixed methanes in appreciable amounts when the ordinary and
deuterated aldehydes were purified by treatment with hydroquinone followed
by distillation., But when the mixture of aldehydes was purified in the
usual way, the amounts of mixed methanes produced were such that about
me-nalf of the reaction could be attributed to a chain reaction. It
was suggested that hydroquinone removed some oxidising impurity which was
responsible for the initiation of chain processes. This conclusion has,
however, been contradicted by later investigations.

Zemany and Burton (72), investigating the photolysis and pyrolysis
of a mixture of CH,CHO and CD

3 3
aldehydes purified in the usual way were identical with those obtained by

CDO, found that the results obtained with

treatment with hydroquinone. Hydroquinone itself was, however, found to
inhibit the reaction. From the observed ratios of CD3H to CDu at different

temperatures they concluded that about 25% of the reaction proceeded by a

7 T m A n et
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molecular reaction. The evidence is not, however, particularly strong.
Wall and Moore (59) made an extensive study of the isotopic
mixing in the pyrolysis of a mixture of ordinary and deuterated aldehydes.
Like Zemany and Burton, they also observed extensive isotoplic mixing.
Treatment of the sample with hydroquinone had no effect on the extent of

mixing. It was shown that the following exchange reaction

CH4 + CDU > CH3D + CD3H

was very slow under their experimental conditicns.

Rice and Vamerin (73), decomposing a 50 - 50 mixture of
CH3CHO - C2D6 or CD3CD0 - C2H6 at 500°C and analysing the products of the
reaction by mass spectrometry, found that the measured CH3D/CHH or
CD3H/CDM ratio was proportional to the percentage of aldehyde decomposed.
From the observed values of the above ratios, it was concluded that the
thermal decomposition of CH3CHO and CD3CDO was similar and that the
contribution of a molecular process was quite insignificant.

The fact that free radicals can induce the decomposition of
acetaldehyde at temperatures where thermal decomposition does not cccur
is strong evidence of the chain character of the reaction. Allen and
Sickman (74, 75) showed that azomethane induces the decomposition of acetal-
dehyde at 300°C and chain lengths up to 500 were obtained. That methyl
radicals from azomethane can sensitize the acetaldehyde decomposition even
at room temperature has been observed by Blacet and Taurog (76).

Calvert and Gruver (77), studying the azomethane sensitized de-
camposition of acetaldehyde found that the rate of acetone formation was

unimportant in comparison with that of ethane formation. This observation

z,
5.
|
|
1
|
!
|
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is worth noting in that according to the suggested mechanism even below

127°C the reaction

CH, + CH, C. i

is 8 - 10 times faster than the reaction

CH, + CH,CO ~ Ch,COCH

3 3 3773

The Tollowing mechanism was found to be consistent with thelr results

. L
CH3N = NCn3 - ZCH3 + N2
CH3 + CH3CHO -+ CHH + CH3CO
CH3CO > CH3 + CO
CH3 + CHSCO - CH3COCH3
CH3 + CH3 - C2H6

From a mercury photosensitized decomposition of a mixture of
CH3CHO and CD3CDO at 55°C, Lossing (78) concluded that the reaction
proceeded mainly by a free radical process and that the contribution of a
molecular process was less than 5%.

The decomposition of acetaldehyde was also found to be sensitized
by ethylene oxide (79, 80) and by biacetyl (81). It was shown by Letort
and Niclause (82, 83) that an amount of oxygen as small as 0,04% could

induce this decomposition to an appreciable degree at temperatures as low
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as 150°C.
Strong evidence in favour of the chain character of this reaction
also came from the study of the effect of inhibitors. This will be

deseribed in detail in Part 4 of this dissertation.

Inhibition by Inert Gases

The Rice-Herzfeld mechanism, involving first—order initiation and

second-order termination (CH3 + CH3), as described before, is a stralght-

forviard example of a mechanism leading to three-halves-order kinetics,

and has commonly been regarded as giving a correct interpretation of the
acetaldehyde decomposition.

On the other hand, Bril, Goldfinger, Letort, Hattys and Niclause
(43, 84) have proposed an altermative explanation, based largely on the
results of experiments in which foreign gases were added to the reaction
system: their conclusion was that the termination step, the combination
of methyl radicals, is in its third-order region and that the initiation
reaction is hardly affected by inert gases. The work .of Laidler and
Wojciechowski (40) on the ethane decomposition also led to the conclusion
that under the usual conditions of pyrolysis experiments:.the methyl radical
combination reaction is third-order. A difficulty still remzins, however,
since a third-order termination reaction requires a second-order initiation
reaction in order for the over-all order to be three-halves; this, however,
appears to be inconsistent with the conclusion that the initiation reaction
is hardly influenced by ﬁhe addition of several foreign geses. The fact

that initiation is second-order has received support from a recent

© investigation by Trenwith (U44), who found that the rate of hydrogen production
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(which should be a good measure of the rate of initiation) is second-order

in acetaldehyde.

Further doubt about the mechanism has arisen as a result of Quinn's

work (41) on the ethane decomposition. This appeared at first sight to
require that the methyl radical recombination is second order, which is
inconsistent with conclusions from the acetaldehyde work. As shouwn in

Part 2., however, Quinn's results are not campelling, and an altemative

explanation is possible,

In view of these various difficulties it was decided to reinvestigate

the reaction, both uninhibited and inhibited by nitric oxide (see Part 4).
Since a very large amount of reliable experimental work has been done on
this problem it was not thought necessary, in the present invés‘cigation
of the uninhibited reaction, to carry out a great deal of additicnal
experimental work. The work has, in fact, been confined to checking the
over-all order, to studying the kinetics of formation of the minor product
ethane, and to obtaining Sone specific quantitative information about the
effect of added foreign gases; in particular, the effect of foreign gases
(co,, )
studied. On the basis of these results a mechanism is proposed for the

CHy, Moy CO and C2H6) on the order of the reaction has been carefully
over-all reactian.

EXPERIMENTAL

Apparatus

Figure 4 is a schematic representation of the all-glass static

system used in the present investigation. A photograph of the arrangement




*snaeaedde ayg Jo wea3delp OTmRULUIS  *h 2andTyg

S3SV9 s
| LY3NI _M_ O
¢ o (P Weryvos ey s eransens)
v | ﬁ
B H
2, 3QIXO
] oL | 5 sl
I
. # 5 |
1 -
N \v
°n
i 9
— ; f




- 51 -

is shown in Plate 1.

Acetaldehyde dried with calcium sulphate was stored in the
cylindrical vessel S. After several back and forth distillations from
0 to 70°C using traps Al and A2 pure acetaldehyde was collected in A3
kept at 0°C. In all distillations, head and tail fractions were rejected
and the middle fraction was collected for futher purification or for storage.
Nitric oxide and the inert gases were stored in the vessels Vl and V2
respectively. The U-tube packed with high activity sillca gel, placed
before the storage vessel Vl’ was used to remove NO2 from nitric oxide.
The storage vessels Vl and V2 were provided with nipples at the bottom to
freeze out the condensable gases. All the storage vessels lead to the
spherical mixing vessel V3 which was partially wrapped with tlfie heating
mantle H in order to provide a slight temperature gradient in the mixing
vessel and to speed up the mixing. Gas pressures inside the vessels were
read on the manometers I\'Il and Ma. Gases from the mixing vessel V3, were
led to the reaction vessel R which was a pyrex cylindrical vessel 21 cm
long and 4 cm in diameter. All the outlets from the reaction vessel were
made from 1 mm diameter capillary tube so that the dead space was about
3 €.Co

Gases from the reaction vessel were led either to the common
manifold for evacuation or to the T8epler pump P3, to be pushed into the
sarpling bulb Vu for analysis. Trep ’I‘3 was meant for condensing out
condensable gases. The Pirani gauge head G was placed between the

reaction vessel and the Bourdon gauze, in order that the pressure inside

the reaction vessel would be read while evacuating.
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View of the apparatus,

?

Plate I

ot 2 seaerae
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The reaction vessel was confined 1n a copper block which had
two concentric windings of nichrome wire around it. The voltage accross
the the inner winding, which had a resistance of 22 orms, was so adjusted
with the help of a Variac that the temperature was slightly below the
desired point. The 31 ochm-outer winding was controlled with a Thermo-
Electric on-off Signalling Controller. The sensing element of the
controller was placed in a hole drilled in the copper black. The voltage
aceross the ocuter winding was adjusted with a Variac in such a way that the
times on both halves of the on-off cycle were equal. In this way the
temperature was controlled to within ¥ 0.2°C,

The temperature of the reaction vessel was nmeasured with the
help of a Thermo Electric "Minimite" potentiometer, using a chromel alumel
thermocouple calibrated at the melting peoint of zine, lead and tin. The
thermocouple was kept in a hole in the reaction vessel, as shown in Figure
b,

The Pressure increase in the reaction vessel R was followed with
the help of the quartz spoon Bourdon gauze B the arm of which was attached,
through the screw arrangement C, to the armature of a Statham pressure
transducer which was under some strain. The transducer consisted of 4
strain-sensitive resistance wires disposed in the form of a Wheatstone
Bridge (Figure SA) in such a wey that any displacement of the armature
from its equilibrium position would cause two of the wires to increase
in length and the other two to decrease in length. The resistance change
of the wires due to the change in their lengths would alter the electrical

balance of the bridge and produce an electric signal in the output circuit.

A (3 Tk a2 e e
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Figure 5A. Schematic circuit of the transducer.

Figure 5B,
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Schematic diagram of the measuring part of the

recorder.
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The wire-wound rheostat R3 controlled the power supply to the transducer.
The wire wound potentiometer Rl, together with the high resistor R2, was
used for zero adjustment. The output from the transducer was fed to a

Philips pen~-and-ink recorder the measuring principle of which is shown

schematically in Figure 5B. The wire-wound measuring potentiometer %n was

supplied with a imown stabilised direct current. The voltage Ed (compensation

voltage) accross A and B was, therefore, known. If the output Ex was not

equal to Ed, the voltage difference was fed to the amplifier V via the

vibrator converter VC. The amplified alternating voltage drove a servomotor

M which, in turn, caused the sliding contact A of the measuring potentio-
meter to move in such a way that |E - Edl = 0. The size and the initial
value of the measuring range could be adjusted with the resisﬁances R
R2, R3 and Ru.

The apparatus was calibrated from time to time and was found to

1’

be very stable; the displacement on the recorder varied exactly linearly
with the pressure difference. The maximum sensitivity of the particular
arrangement used was 0.5 inch,displacement per mm Hg. All of the mns,
were, however, done at 1/10 or 1/20 of the maximum sensitivity, in order
to give higher stability. Higher sensitivities could readily be obtained
by modifications of the Bourdon gauze, and in other ways, but only at the
expense of a decrease in stability.

All the vessels were comnected to a common manifold. The system
could be evacuated to less. than 10"'5 mm with the Edwards type 203 oil

diffusion pump P2 backed by the Welch rotary pump Pl'
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Method

Acetaldehyde used was Eastman product. It was purified by
following the procedure described before and found to be completely free
from oxygen. Inert gases used were lMatheson C.P. grade chemicals and were
further purified by trap to trap distillations.

Before a run was carried out the reaction vessel was evacuated
to about 1 u, Acetaldehyde was then introduced into the reaction vessel.
The pressure outside the reaction vessel, as read on the manometer M3,
was maintained at a value that was slightly less than the initial pressure
of the decamposing gas; as the reaction proceeded the differential pressure
increased and could be followed on the recorder.

Af'ter following the pressure change for the desired amount of
time, the reactants and the products were led either to the manifold for
evacuaticn or to the T8epler pump for analysis, This procedure was repeated
over the whole range of temperature and pressure studied. Initial rates
were obtained from the initial slopes of the records. The rates were
initially not very reproducible, but after several runs had been carried
out in the same vessel a high degree of reproducibility was achieved.
Residual pressures of 1 to 10 p in the reaction vessel had little effect
on the reproducibility.

Acetaldehyde and the inert gas were mixed in the spherical flask
Vé in appropriate proportions, and complete mixing was ensured by producing
a slight temperature gradient and allowing the gases to stand together for
at least 30 mins.

e s i+ 367 s e o e e o b
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Analysis of the minor product ethane was carried out using gas-
phase chromatography. After a certain residence time in the furnace the
reactibn was stopped by allowing the gas to expand. Acetaldehyde was
removed from the expanded gas using a dry ice~acetone mixture, and ethane
was condensed in a small evacuated bulb surrounded by liquid nitrogen.
Using helium as carrier gas, ehtane was passed through the chromatographic
analysis unit containing a two-metre column packed with silica gel and

maintained at 30°C.

Results

Tt has been well established by previous work (56, 58, 85-88)
that the only major products of the acetaldehyde decompésition are CHu and
CO, and that a pressure increase of 1 mm corresponds to the deconposition
of 1 mm of acetaldehyde within the experimental error of 2%. The pressure
technique has therefore been used entirely in the present investigation
for the neasurement of the over-all rates.

The deconposition was studied from 480 to 525°C and over the
pressure range 30 mm to 579 mm Hg. A typical AP-t curve recorded automat-
ically is shown in Figure 6. As mentioned vefore, rates were always obtained
from the slopes at the initial points. Figure 7 shows a double-logarithnmic
plot of rate against pressure, and shows that the reaction is accurately of
three-halves—order over the whole range of temperature and pressure; £this
agrees with the work of Boyer, Niclause and Letort (61),Freeman, Danby
and Hinshelwood (62) and Imai, Yoshida and Toyame (63). Figure 8

shows an Arrhenius plot, from it the following rate
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Typical pressure-time curve for the uninhibited

deccmposition of acetaldehyde.

Initial pressure of acetaldenyde = 311 mm Hg.

Tenperature = 525°C.
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Figure 8. Arrhenius plot for the uninhibited reaction.
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expression is derived:

1/2 -1

13- 47,600/RT ccl/2 mole sec

k = 1.16 x 10

The activation energy agrees satisfactorily with the value of 48.0 keal.
per mole obtained by Boyer, Niclause and Letort (61) and of 47.7 keal
per mole at high pressure by Fletcher and Hinshelwood (56).

Added foreign :ases were found to bring about a decrease in the
rate of the reaction, over the entire pressure range investigated, and to
increase the order significantly. Figure 9 shows the effect of adding
100 mm of various foreign gases at 525°C. The order of the reaction has
been increased from 1.5 to about 1.60. The Figure further shows that
essentially the same eff ect is brought about by adding the same pressure
of carbon dioxide, methane, nitrogen, carbon monoxide and ethane.

Figure 10 shows a plot of the amount of ethane formed as a
function of time. In Figure 11 the logarithms of the initial slopes are
plotted against the logarithms of the initial acetaldehyde pressure;
the slope is close to 2. Figure 10 also shows that the rate of ethane

formation is increased by the addition of nitrogen.

DISUSSION

The Reacticn iMechanism

The pfincipal difficulty that exists with regard to the mechanism

of the acetaldehyde pyrolysis may be formulated as follows. Using the
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Plots of log rate against log pressure showing
the effects of 100 mm of added foreign gases at
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Figure 10, Plots of the amount of ethane formed as a
function of time with different initial

pressures of acetaldehyde at 525°C.
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terminology introduced by Laidler, Sagert and Wojciechowski (39) the
possible mechanism leading to 3/2-order kinetics are 1883/2, 26u3/2

and 2BBM3/2. The first of these, 1883/2, is the original Fice-llerzfeld

scheme; it can be rejected as predicting no inert-gas effect, and because
it seems clear that the B radicals, belng nethyl radicals, nust combine
by third-order processes (40, 89). The second possibility must be rejected
as predicting acceleration by inert gases. The third possibility in its
simplest form leads to little or no inert-gas effect; it wiil now be shown,
however, that a modification of the 268P5/2 nmechanism can be made to explain
the results in a quantitative fashion.

hat is needed is a mechanism that involves third-order termination -
and in this way explains the inhibition by inert-gsses - and an initiation
reaction that, as found in particular by Bril, Goldfinger, Letort, Mattys and
Mielause (43), is only slightly affected by inert gas. The initiation reaction
must, ﬁowever, be in its second-order regicn, and acceleretion by inert
gas is normally to be expected. Since a variety of inert gases (COZ’ CO,
CHy, N, and C2H6) give the same effect it would seem unreascnable to
postulate that the gases involved are abnormally ineffective in transferring
energy on collision to an acetaldehyde molecule; If, however, one postulates
that an acetaldehyde molecule plays a very speéific role in bringing about
the decompositicon of another acetaldehyde molecule, the difficulty disappears.
The suggestion that is here made is that the initial step in the acetal-
dehyde decomposition occurs predominantly by the reverse of the “complex"
mechanism for radical-~combination reactions that has been proposed by

Rabinowiteh (35) and enmphasized by Porter (17) on the basis of experimental
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results; this mechanism has recently been considered theoretically by
Eusuf. and Laidler (90). Specifically, it is suggested that the acetal-

dehyde initiation occurs as the hydrogen-atom transfer reaction

(13") 2 CH3CHO - CH3CO + CH3CHOH

followed by

-> i + 1
(14) CH3CHOH CH3CHO H

The over-zll process is the split of CH,CHO into CH,CO + H; the CH,CHOH

3 3 3
radical may also abstract a hydrogen atom from an acetaldehyde molecule
or combine with the most abundant radical CH3. The consequences of these
reactions will be conéidered in a later section. The initiation reaction
is second-order, but is unaffected by inert gases, since one of the acetal-
dehyde molecules plays a specific role in bringing about dissociation of
the other.

The contribution of the proposed initiation reaction by hydrogen
transfer may be compared with that of the corrésponding splitting reaction

(13) 2 CH3CHO + CH, + CHO + CH3CHO

3

in the following way. According to Benson (91) reaction (13) is nore

endothermic by about 27 kcal. per mole than reaction (13') and the entropy

1 1

changes of reactions (13) and (B") are 28.5 cal. mole ~ deg.”~ and 4.5 cal.

mole-1 deg."l respectively (for the standard state of 1 mole per litre).
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The ratio of equilibrium constants of the two reactions is then calculated

to be, at 800°K,

X!

13 = ¥13 ¥.13 = 1.4 x 10° m1 mole™L

K13 k13 kll3

The value of k113 may be predicted to a reascnable approximation by simple

14 1 1

collision theory and is estimated at 1 x 10~ cc. mole ~ sec. — at 800°%K.

The rate of combination of CH3 and CHO radicals to form CH3CHO is smaller
than that of two CH3 radicals by a factor of at least 10 (91). The third-
order rate constant for the combination of methyl radicals has been estimated

18 2

at 3.5 x 10 cc.2 mole” sec-2 at 800°K (92). The maxinum value of k-l3

17 2 s-l

at 800°K is, therefore, 3.5 x 10%( ml.® mole™ s™'. From this it follows

that

Even if cne allows an uncertainty of 4 kcal. per mole in the value of AH,
and of one power of ten in the value of kll3,'the contribution of reaction
(13') is at least one-third of that of reaction (13) at 800°K and more at
lower temperatures. The fact that foreign gases have cnly & small effect
on the initiation reaction indicates that reaction (13') is prcbably nuch
more important than reaction (13). However, both types of initiation will
be included in the present scheme of reactions for the sake of completeness.

The reaction mechanism to which these considerations lead is
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(13) 2 CH,CHO Cliy + CHO + CH;CHO
(13a) CHBCHO + X CH3 + CHO + X
(13") 2 CH,CHO Chi3CHOH. + CH,CO
(14) CHaCHOH  »  CH,CHO + H

(1ba) CHO + X =~ CO+H+X

(15) H+ GHCHO  +  H, + Cli5C0

(16) CHiCO + X »  CHy + CO+X

(17) CHy + CHgCHO >  Cify + CHyC0

(18) 2 CHy + CiCHO - | C,Hg + CHsCHO
(18a) 2 Cliy + X > Colig + X

Application of the steady-state treatment to this scheme leads to the

following expressions for the radical concentration:

1/2
[C} CﬁO] + k', [CH ChOj + k [CH,cHO] [X]
kg [0n3cn03 + k18a [X]
eeee (32)
k.., [CH,CHO] [Cn CnO] + k Lc CHOJ + k [CP CHOJ [X1
(io0lg T 3 k3 i 5
le [x] k18 [CH3CH0] + k18a [x1]

[ XX (33)

1/2

TS
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[Cii;CHOK] = 1_‘_'1_3_ [czi3c:rzo]2
Ky
(] ={“a3Yergcuo) + k13! [oiyii0] +fK13a\[x]
ky5 K15 K15
K 2k o
[CHO] = 13 [Ch3CnO] + 13a [CH3ChO] ceee
kg B K

The rate of disappearance of acetaldehyde is given by

1/2
k., + ki3) [CH3CnO] + k13a xl7 . [CH3CHO]3/2

= kl 13
k18 [CH3CHO] + k18a [x1

The rate of disappearance of pure acetaldehyde is therefore

\1/2
kig + kig [CH3CHO]3/ 2 e

kg

= kl7

This rate equation is in agreement with the experimental order of three-

halves for the decomposition of pure acetaldehyde.

(34)

(35)

(36)

(37)

(38)
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Influence of Foreign Gases

Foreign gases such as 002, CHM’ Co, N2 and 02H6 inhibit the
decomposition of acetaldehyde and increase the order of reaction. The
general rate equation (37) accounts for the observed increase in order as

the inert gas concentration is increased provided that k is small and

13a
kl8a large.

On the basis of the observed inert-gas effect it is now possible
to arrive at a conclusion as to the importance of reaction (13a) as the
initiation reaction in comparison with reactions (13) and (13'), and that
of reaction (18a) as the termination reaction in comparison with reaction
(18). With the use of equations (37) and (38), the ratio of rates in the
presence (vx) and absence (vo) of inert gas X can be written as
1/2

k

13

a 1/2
([CH3°HO] e LY. [CHyCHO] + 7y [X]

X el S0 ]
Yo : kigy LX T JLoHsCHOT + wp 1K
[CH3CHO] + qé— eeee (39)

An equation similar to (39) has been employed by Bril et al (43). The

values of r; and re thus obtained from Figure 9 are as follows

it

r 0.19

i

r 1.02

t

However, these values are highly sensitive to the slopes of the lines

in Figure 9; the ry value might, for example, be as high as 0.3.
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The above results show that reaction (13a) plays a smaller part than (13)
and (l3f) in the initiation reaction and that the efficiencies of CO,,
CHM’ Nz, CO and C2H6 and CH3CHO in bringing about recorbination of methyl
radicals are approximately the same, The values of ry and r, are slightly
higher than those obtained by bril et al. (43, 84). Traces of oxygen may

have a significant effect on the values of ry and pe

Formation of Ethane

The results given in Figures 10 and 11 show that the rate of
formation of ethane is proportlonal to the square of the acetaldehycde
concentration. Peaction (18) is the only reaction that might be expected
to produce ethane. According to the pmpposed mechanism the rate of

formation of ethane from pure acetaldehyde is

. e 2 e e
Colig = 1l glCii; 17 [CH,CHO] (40)

i . T2
(}‘13 + 1{53) [Cn3ChO] (41)

in agreement with the experimental result. It 1s obviocus that the square

in this rate expression will only arise if the initiation reaction 1s second-

order. The experimental result that the rate of ethane formation is second-

order in acetaldehyde is therefore strong evidence that the initiation

process is second-order, and for the mechanism proposed.
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Formation of Hydrogen

Equally strong evidence is provided by Trenwith's result (u4l4) ;
that the hydrogen production is second-order in acetaldehyde. According §

to the mechanism

. V. _ :
( H, = k15 (H] [CH3CHO] (42)

= (k5 + Kj3) [CH3CHO]2 (43)

Second-order behavior is again only predicted if the initiation reaction
is second-order.

Trenwith (44) has also found that the hydrogen production shows
an induction period of a minute or so, the actual value varying with the

temperature and surface area of the reaction vessel but being independent

of the acetaldehyde pressure. Trenwith explains this in terms of the

initiation reaction

CH3CHO - CH3 + CHO (second-order)

followed by

CHO - H+ CO (on the surface)

and

H+ CH3CHO > H2 + CH3CO.

i To explain an induction period of the order of a minute it 1is necessary to ;

R AL T e G te T
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postulate that the half-life of the intermediate CHO is of the order of a
minute. There is a difficulty, however, about assuming that the dissociation
of CHO occurs primarily on the surface with such a half life, since the
homogeneous decomposition of CHO almost certainly occurs ruch more rapldly;
from the results of studies of the photolysis of aldehydes, an activation
energy of about 14 kcal. per mole has been deduced for the reaction, and this
would correspond to a half life of a very small fraction of a second.

A more plausible interpretation of Trenwith's results on the

induction period would seem to be provided in terms of the initiation reaction

I I + 1. CH! + HOH
CHBCHO Ch3CnO > CH3CO CH3CnOn

followed by

CH,CHOH - Ctl

HO + H
3 3C »

the latter reaction occurring primarily on the surface. The intermediate

CH3CHOH, which probably has the structure

CH3 -C-H
may well have a stability of over 40 kcal., so that its dissociation in the
gas phase may be slow; there is therefore no difficulty in assuming that it
mainly decomposes on the surface. Trenwith's results on the variation of
induction period with temperature indicate a frequency factor of 105'3 sec-l

and an activation energy of 26.3 keal, ; the very low frequency factor is

understandable if it is a surface reaction.
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Formation of Acetone

In a private communication Trenwith (93) has informed us of his
results on the formation of acetone, the rate of which is greater than the

rate of formation of ethane. At first sight it might be thought that

[>4

acetone would/formed by the reaction ,

- 4o A
Ch3 Cd3CO - Ch3COCri3

and that this termination reaction is more important than the methyl radical

recombination. There are, nowever, two serious objections to this :

1) This reaction is e termination reaction of the Bu type, and
to obtain three-halves order kinetics the initiation reaction must be second-
order. Tnis type of mechanism cannot, however, explain the fact that foreign

gases reduce the rate of reaction

2) If CH3 + CH3CO is an important termination reaction in the
thermal decomposition of acetaldehyde, it should be so & fortiori in the
photochemical decomposition where the temperatures are lower and the radical
concentrations, especially of CH3CO, may be higher. Calvert and Gruver(77;
cf. also Steacie, ref. 55), however, find that acetone formaticn is uninportant

in the photochemical decomposition of acetaldehyde. This difference between

the thermal and photochemical results suggests that the acetone formation
is controlled by scme process that is temperature dependent. The most

plausible reaction would seem to be




|
i
|
|
|
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0
J
+ CH.CH HeC - H :
(19) CH3 C 3c o - ca3 g H = CH3COCH3 + H
CH3

Several other reactions of this type, involving initial addition of a radical
to a double bond, have been proposed (94-96). The hydrogen atoms produced
will come to equilibrium with acetaldehyde molecules

(20) H + CH,CHO 2 CHSCHOH s

3

and owing to the slovness of the dissociation of the radical CH3CHOH there
will be an induction period for the production of hydrogen molecules.

Tne point of view that has been arrived at is therefore that
hydrogen production is due to the two reactions (14) aﬁd (19) with the
equilibrium (20) leading to an induction period. The maximum rate of
hydrogen production by reaction (19) will be roughly equal to the rate of
production of acetone. Since hydrogen is also produced as a result of
reaction (14) the meximum rate of its production will be somewhat greater than

that of acetone, which iswhat: Trenwith (93) found.

Formation of Other Minor Products

Other minor products which have been found in the acetaldehyde
pyrolysis are propylene and water (86), and ethylene (62, 93). These
products are readily explained as arising through the intermediate CH3CHOH,

as follows:




o+ O
CHSCHOH Ch3CHO

CH3Cn20H

CH3CH20H

H.CHOH + CH
C 3C 0] C 3

(CH3)ZCHOH

(CH3)2ChOH
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CH,CH,OH +
3C 5 H CH3CO

CZHH + HZO

CH3ChO + H2

(cH CHOI1

32

CH3CH = Ch2 + n20

CH3COCH3 + H2
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Part IV

THE DECOMPOSITION OF ACETALDEHYDE IN THE

PRESENCE OF NITRIC OXIDE

INTRODUCTION

The thermal decomposition of acetaldehyde in the presence of

i

nitric oxide has been the subject of a number of studies for the last thirty :
years, The reaction has usually been discussed on the basis of its
occurring by a combination of molecular and free radical mechanisms, the
sole function of the nitric oxide being to remove radicais. No satisfactory
mechanism has yet been put forward to explain the behaviour of acetaldehyde

at high temperatures in the presence of nitric oxide.

Review of the Earlier Work

The first investigation on the effect of nitric oxide on the
thermal decamposition of acetaldehyde was made by Vernoek (97) who found
that the decomposition was catalysed by large amounts of nitric oxide.

This study was then taken up by Hinshelwood and co-workers. In
1936, Staveley and Hinshelwood (98, 99) made a brief study of the effect
of small amounts of nitric oxide on this decomposition. The reactlon was

followed by measuring the time of half change i.e. the time required for

the 50% of the acetaldehyde to decompose. At 559°C with 150 mm of acetal- |
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dehyde no change in the tirme of half-change was observed up to 0.53 mm

nitric oxide; higher amounts showed positive catalysis. From this

observation they concluded that the reaction was purely a molecular process §
unacconpanied by any chain process. This conclusion is, as shown below, 3

now unacceptable.

In 1942, Smith and Hinshelwood (100), reinvestigating this reaction,
made an important modification of the earlier view of Staveley and
Hinshelwood (98). They found that with 50 mm acetaldehyde the reaction was
{ inhibited to 90% of the uninhibited ome by about 0.8 mm of nitric oxide.
Higher amounts caused positive catalysis. At higher pressures of acetal-
dehyde (above 150 mm) the first one mm or two had little effect on the rate,
but larger amounts showed strong catalysis. It was thoﬁght that the lack
of appreciable inhibition might be due to the rapid removal of nitric oxide
by acetaldehyde. 0,72 mm of nitric oxide was, however, found to reduce the

rate of a mixture of 150 mm ether and 50 mm acetaldehyde by about 55% at

540°C. This is strong evidence that rapid removal of nitric oxide does not
occur in the pyrolysis of acetaldehyde. In the same investigation propylene 2
was found to cause strong inhibition at all acetaldehyde pressures studied
(50 ~ 400 mm), the degree of inhibition being dependent on the initial

pressures of acetaldehyde. The conclusion was drawn that the decomposition

took place by the concurrent occurrence of poth molecular and chain reactions |

and that the lack of inhibition by nitric oxide was due to its strong

catalytic effect masking its inhibitary action. No suggestion was, however,

made as to the nature of the catalytic action of nitric oxide. The conclusion

that some molecular decomposition was occurring was not based on any firm
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grounds.
Isotopic mixing in the pyrolysis of a mixture of acetaldehyde and ;
hexadeutero ethane was studied by Rice and Varnerin (73) at 500°C. If the |
reaction is a molecular one, no CH3D is expected to be formed; but in the
presence of a chain reaction some CH3D must be formed by the following

reaction :

CH3 + C2D6 > CH3D + CZDS

With a 50 - 50 mixture of acetaldehyde and hexadeutero ethane at 500°C, the

ratio Ch D/CHM, obtained by mass spectrometry, was approximately the same

3
in the presence and absence of nitric oxide at low conversions and was
proportional to the percentage of acetaldehyde decomposed. With higher nitric

oxide pressures and a2t higher conversions the mixing was found to be greater

than in the absence of nitric oxide. Nitric oxide was found to show great

accelerating effect under the same conditions of temperature and pressure.

If the acceleration is due to the catalysis of the molecular reaction by
nitric oxide, the ratio CH3D/CHQ, is expected to be lower in the presence %
than in the absence of nitric oxide. The above cbservationslend guite strong
support to the conclusion that nitric oxide catalyses through a chain
reaction only.

In 1958, Freeman, Danby and Hinshelwood (62) reinvestigated this
reaction from the analytical and kinetic points of view. Analyses were made

by mass spectrometry and vapour-phase chromatography. For 50% decomposition

the ratio of aldehyde reacted to nitric oxide consumed was found to be
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greater than 100 if the ratio of the initial pressure of nitric oxide to

that of acetaldehyde was less than 0.13. An increase of the latter ratio
led to a decrease of the former one. These observations are consistent

with the previous conclusion that the nitric oxide consumption is unimportant
; in the pyrolysis of acetaldehyde. The rates of formation of the minor

i products C2H6 R C2Hll and H2 were significantly increased by nitric oxide.

The initial rates of decomposition, obtained from pressure measurements,
were found to be approximately three-halves with respect to acetaldehyde

and one-half with respect to nitric oxide at high nitric oxide pressures.
More propylene was necessary in the presence than in the absence of nitric

oxide for maximum inhibition. The following mechanism was suggested ,

(a) CH,CHO +  CH, + €O

(b) CH3CHO + 2R + product

(¢) R+ CH3CHO + R + products

(d) 2R+ R,

(e) NO + CH,CHO ~ NO + 2R + product
(£) R+ NO -+ RO

() R+ RI0O > R, +NO

(n) NO + R¥0 -+ NO + products

In order for the overall order given by the above mechanism to be consistent
with the experimental one, some very drastic assunptions like ke S kf have

to be made. It was also suggested that about cne quarter of the total rate
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represented the molecular reaction (a). This suggestion was not, however,
based on any {irm experimental grounds.

Wojciecnowski and Laidler (101, 102) have recently proposed that
when organic decompositions are inhibited by nitric oxide an important
role is played by a reaction in which the nitric oxide molecule abstracts
a hydrogen atom from the substrate molecule; in addition, they have proposed
that chain termination may occur by reaction between radicals and species
such as HNO and CH

3
a quantitative interpretation of a number of orgenic decorpositions (103 =

NO. These proposals have been successful in leading to

107). The acetaldehyde tenaviour is a good deal more conplicated than the
cases previously investigated, and its study therefore provides a valuable
test of the validity of the proposed mechanisms. The pfesent work describes
the results of an experimental reinvestigation of the reaction, and presents
a free-radical mechanism, based on the ideas previously put forward in this

laboratory, that appear to be consistent with the results,
EXPERIMENTAL

The apparatus and procedures were the same as described in Part 3.
The nitric oxide used was Ilatheson Research Grade and was purified by the
method of Hughes (109): the distillate collected was completely colourless.
Acetaldehyde and nitric oxide were mixed in a spherical flask in appropriate
proportions, and complete mixing was ensured by producing a temperature

gradient and allowing the gases to stand together for at least 30 nmdnutes.
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Results

Figure 12 shows a typical AP -t record in presence of nitric oxide.
Initial rates were obtained from the initial slopes. Figure 13, 14 and 15
show the effects of nitric oxide on the rate under various conditions.
Figure 13 shows that at a relatively low acetaldehyde pressure (52 mm) there
is inhibition followed by catalysis; the degree of inhibition decreases with
increasing temperature, there being very little inhibition at 525°C. The
degree of inhibition with acetaldehyde is always very nuch less than that
with the hydrocarbons. Figure 14 shows how the inhibition curves vary with
the acetaldehyde concentration, there being no inhibition at the higher
pressures. It will be seen later that at higher acetaldéhyde pressures and

lower nitric oxide pressures the rate is equal to
= - . v e n
v =2 kl3i [CH3CAO] [NO] + k [CH3CHO] (44)

where 3/2 <n < 2 and kl3i_is the rate constant for the reaction

CH3CHO + NO =~ CH3CO + HNO. PFrom the initial slopes of the curves in

Figure 14, values of lei have been calculated and are approximately constant.
Figure 15 shows plots of rate against nitric oxide concentration

at . two acetaldehyde pressures (70 and 152 mm) and at various tenperatures.

From the k i values calculated from the initial slopes the Arrhenius plot

13
shown in Figure 16 has been obtained; the activation energy is 38.9 keal.

per mole, and the rate constant can be represented by
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Figure 12.

| 2 3 4 5 6 7
TIME  (min.)

Typical AP-t curve for the decomposition of

acetaldehyde in the presence of nitric oxide

P cii o0 51 mm Hg

P

NO = 50 mm Hg

]

Temperature = 515°C
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Figure 13. Effect of temperature on the inhibition by nitric
oxide

Pressure of acetaldehyde = 52 mm Hg.
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Figure 14,

]
| 2 3 4 S
PRESSURE (mm. of NITRIC OXIDE ADDED)

-Plots of rates against the pressures of nitric
oxide added at various acetaldehyde pressures.

Temperature = 505°C.
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Figure 15. Plots of rates against the pressures of nitric
' oxide at different temperatures. The circles
denote rates with, 152 mm of acetaldehyde and

the triangles with 70 mm of acetaldehyde.
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3
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Figure 16. Arrhenius plot, the rate constants being

those obtained by dividing the initial

slopes (Figure 15) by twice the acetal-

. dehyde concentrations.,
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-1

14 e~ 38900/RT

kyas = 3.46 x 10 ce mole™T sec

3
The results indicate that the order of the reacticn with respect
f to acetaldehyde is 3/2 when the ratioc [NO]/[CH3CHO] is high, but is greater
than 3/2 when the ratio is low. This effect is shown in Figure 17; when
the pressure of nitric oxide was 50 mm the order was 3/2 over the entire
| range of acetaldehyde pressures, but the order is approximately 1.8 at
higher acetaldehyde pressures when the nitric oxide pressure is 5 mm,
Figure 18 confirms the 3/2 order at the higher nitric oxide pressure and
at four temperatures; the results of Freeman, Danby and Hinshelwood (62)
are added for comparison and are seen to be in excellent agreement.

At higher acetaldehyde pressures the rate varies hot only with
[cE, 501372 vut with [NC1™2; this result, which was reported by Freeman,
Danby and Hinshelwood (62) is illustrated by Figure 19. Figure 20 shows
an Arrhenius plot for this region in which the rate varies with
[CH3CHO]3/2, and leads to the rate constant

1. ..-1

L= 43,500/RT cc mole — sec

k=2.2x10

The main results as far as orders of reaction are concerned are

summarized in Figure 21,

THE REACTION IECHANISHM

In treating the decompositions of hydrocarbens and of ether it has

proved expedient to consider, as a separate problem, the situation at maximal
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Plots of log rate against log pressure of

acetaldehyde, showing the effects of nitric

oxide on the order with respect .to acetal-

dehyde.

Temperature = 505°C.
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Figure 18. Plots of log rate against log pressure

of acetaldehyde at different temperatures
with 50 mm of nitric oxide added. The
results of Freeman, Danby and Hinshel-

wood (62) are also shown for comparison.
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Figure 19. Plot of log rate against log pressure

of nitric oxide added to 52 mm of

acetaldehyde.
Temperature = 525°C,
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Figure 20,

10°/7T

Arrhenius plot in the reglon of three-

halves order with respect to acetal-
dehyde and one-half order with respect
to nitric oxide. The results of
Freeman, Danby and Hinshelwood (62) are

also shown for comparison.
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Filgure 21, Schematic diagram showing the reaction
orders at various concentrations of

nitric oxide,
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inhibition; under these conditions the nitric oxide-induced initiation
reaction ¢an be shown to be much more important than the other initiatlon
processes. In the acetaldehyde decomposition, however, there is no flat
region when velocity is plotted against nitric oxide concentration. The
situation is therefore more complicated, in that one must take into account
the initiation processes that occur in the absence of nitric oxide (cf.

Part 3) together with the reaction

NO + CH3CHO > Ch‘3CO + HNO
In the same way one must include the terminetion process for the unhibited

reaction (cf. Part 3) together with the termination reactions that become

important after nitric oxide 1s added;

CH3 + CH3NO -+ CZH6 + NO

CH3NO + CH3NO > C2H6 + 2NO

The 1ast reaction has been omitted in previous schemes, but yust be included

here cn account of the higher CH3NO concentratioﬂs - resulting from the

somewhat lower temperatures employed.

The complete scheme may be written as:

iy Y 7 + vy
(13) ZCh3CnO -+ Ch3 + CHO CH3CnO

(13") ECHBCHO > CH3CHOH + CH3CO

28
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(131) CH3CHO +NO -~ HNO + cz~13co
(1la) X+ CHO -~ CoO+H+X
(14) CH3CHOH - CHBCHO +H
(141) X+ HO = H+NO+ X
(15) H+ CH3CHO + }12 + CH3CO
(16) CH3CO +X - CH3 +CO+X
+ CH + CH
(17) CH3 C 3CHO -> CH), o 3co
(171) CH3NO + CH3CHO > CH), + CH3CO + NO
(21) (22)
CH.+HO+ X < CHNO+X % CHy=NOH+X
3 (=21) 3 (23) 2
- 37 HON + 1,0
(18a) 2C}I3 +X - CoHg + X
(181) CH3 + CHBNO -> C Hg + NO
' (g T r '\
(18'1) CH3NO + CrI3NO -> CHg + 240

The numbering is consistent with the mechanism of Part 3. X represents a

third body, which may be acetaldehyde itself.

o 3

Application of the steady-state treatment, with the usual
approximations, leads to the following expressions for the concentrations

of CH,CO, CH, and CH3NO and for the rate of decomposition:

3 3
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[CH3CO] =.{(kl3 + 2ki3)[CH3CHO] + 2kl3i[NO] + kl7[CH3] + kl?i[CH3NO¥EH3CHO]

K o[%]
(45)
(k.. + k' )[CH.CHO] + k.,.,[NO] 172 172

[01»1331 13 13 3 131 5 [CH3CHO]
Kkl&a[X] t Kgy K5y [NOT + kigy K54 [NO 6
[CE 0] = Ky, [CH,][NO] (Kyy = kyy/K o) (47)

v =2 (kg + Kig) [CH3CHO]2 + 2k 5y [CH,CHOINO)

= kl7[CH3][CH3CHO] + kl7i[CH3NO][CH3CHO] (48)

=2 kl3i [CH3CHO][NO] +

. % 1/2
g (‘13 * ki) 2(1 L Aan Kzl[NO]>([CH3CHO] L 131 [NO]
K I, + 1
kg 17 373 ron oo/
Koe - K o
([CH3CHO] + 1381 o] + A8 1{31[1\{0]?1/2
18 18
(49)

A number of important special cases of this rate equation are as follows:

(1) If [NO] is zero the equation reduces to
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| This is merely a check that in the absence of nitric oxide the equation

f reduces to equation (38) of Part 3.

5 (2) It can be shown by conventional methods that the second term

. in equation (U49) passes through a mininum only if

Kigg o . M3
1T o TR
(CHigCHO] < 18 13 " f13)
2k .
171
K7

Tnis explains why there is inhibition only at low concentrations of acetal-
dehyde; at higher concentrations the rate increases steadily with increasing
nitric oxide concentration.

(3) If [NO] is sufficiently small that

1
Kigs o [0l << 1, X181 ,@ [T << K181 g [0]
= Ko =15 — a1
17 18 18

and

P

K131 [50] << [CiyCHO] ,

Zk13 + kl‘ 3)

the rate equation reduces to
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(koo + k)2 [CH_CHOJ?
13 3

13

v = 2 k...[CH,CHOJ[NO] + Kk
131 1
313 7 1/2

kg (L0113cno];+ 181 k) [NO])
kg

(50)

of which the first term is usually smaller than the second. Two sub-cases

are of particular interest:

(a) If [CH3CHO] is also sufficiently small there will be inhibiticn

by nitric oxide and the order with respect to acetaldehyde is between 3/2
and 2; this is exactly the behaviour observed. In the 1limit of very low
acetaldehyde concentrations the order will be 2, and the rate will vary with
1/[N01+2,

(b) If [CH3CHO] is not small the term (lei/kl8)K21[NO] in
equation (50) will be negligible and there will be no appreciable inhibition.
Instead there will be acceleration at all concentrations of nitric oxide,
owing to the increase in the tern12kl3i[CH3CHO][NO]. It was on this basis
that the value of lei’ and =~ that of the corresponding activation energy
E, was calculated.

(3) If [CH3CHO] is small but [NO] is not particularly small the

dominant terms in equaticn (49) are

Kems . Kqos kKln, 2 22
—115'“21[AO] s 131 [NOJ] and "18i h2l[N0]

kp Kzt kig
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Under these circumstances the rate equation reduces to

kyg3) /2

= 1372
v =2 kl3i [CH3CHO][NO] + kl?i ( ' ) [CH3ChO] [NoJ
k

1/2
181

(51)

If [NO] is not too high the second term is dominant and the orders with respect

to acetaldehyde and nitric oxide will therefore be 3/2 and 1/2 respectively,

in agreement with experiment.

THE ELEMENTARY REACTIONS

Some of the postulated elementary reaction may now be considered
in more detail; those occurring in the uninhibited reaction were dealt with
in Part 3, and only the reactions involving nitric oxide are discussed here.
The fact that the experimental results show that under certain conditions
the reaction is 1/2 order in nitric oxide is a very strong indication that
nitric oxide is involved in the initiation of a chéin reaction. On this

basis one can exclude, as an important reacticn, the process

CH3CHO + NO + CHM + CO + NO

postulated by Freeman, Danby and minshelwood (62). Freeman et al. also

suggested the reaction

CH3CHO 4+ NO =+ NO + 2R + product
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but this would have a higher activation energy than the experimentzl value

of 36.9 kecal. Reaction (131), on the other hand, is endothermic by 36.4 keal.
(on the bas;s of D (iNO) = U48.6 keal (110) and D (CH3CO-H) = 85 keal. per
mole); the activation energy is entirely consistent with this and provides
£00d support for the proposed reaction. Initiation might alternatively cccur
as

Cii3CIiO + 10 » CH3I~IO + CHO

out there is nothing to support this suggestion.

Reaction (171), the abstraction of a hydrogen atom by CH_IIO, is

3
an important reaction in the present scheme, since it explains why the degree
of inhibition of the acetaldehyde deconposition is much smaller than with
hydrocarbon deconpositions in which the analogous reaction has & higher
activation energy and therefore occurs more slowly., A reaction analogous

to (17i) has been postulated by $zabd and Mdrta (111, 112) as playing a

role in the propionaldenhyde decomposition. FRee, Yang and Lyring (113) have
also considered reactions of the same type, and have described the action

of nitric oxide as a "saloon effect"; the nitric oxide molecule is playing
the role of a '"cheperon" but acts as a negative catalyst by meking the
radical less reactive. Ree et al. have suggested a method for estimating
the activation energies for reactions such as (17i); for this reaction their
method leads to a value of 26 kcal. per irole, to be compared with 39.5 in

the case of abstraction from a hydrocarbon molecule.

The disappearance of CH3NO by reactions [22] and [23] has been
sugzestea by IMitchell and Hinshelwood (114). Reaction [23] has been
demonstrated by Taylor and bender (115), and the occurrence of reaction [22]
is suggested by the worlk of Gowenlock and Trotman (116), and Littke (117).
sone evidence for reaction [-22] is obtained from the work of Taylor and

bender (115), who found that ethane is formed in the decompositicn of
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formaldoxime CM2 = }OH,

Reaction [18i] was suggested by Freeman, Danby and Hinshelwood (62)
in the acetaldehyde deconposition induced by nitric oxide, and lickenney,
wWojclechowskl and Laidler (106) postulate 1t in the dimethyl ether
deconpesition, Hoare (118) has also found evidence for reaction between
nitrosonethane and rethyl radicals in the photolysis of acetone at 200°C;
at this lower temperature he found that an average of between 2 and 3 methyl
radicals were used up per nitric oxide molecule. Reaction [18'i] was first
postulated by Taylor and Vesselowsky (119) in the decomposition of nitro-
nethane, and Szabé’and Marta (111, 112) have postulated the analogous reaction
involving C2 5NO in the propionaldehyde decomposition. An attempt to
detect the chain-ending products in the absence and presence_of nitric
oxide nas been made by Ireeman, Danby and tinshelwood (62), who found that
the ratio Cg“b/c“u is increased by the addition of nitric oxice. That
nitric oxide reduces narkedly the concentration of CH3 radicals is now beyond
guestion. fThe Increase of ethane production in the presence of nitric oxide
nust, therefore, be attributea to the occurrence of reactions [18i] and [18'i];
in other words, nitric oxide acts as & 'cheperon' in the combination of
methyl radiczls. This is an example of the radical-rolecule coniplex
mechanism which has recently been considered theoreﬁically by Busuf and
Laidler (50).

An estimate of the activation energy for reaction [18'i] can be
made on the basis of the experimental activation energy of 43.5 keal. for

the reaction in wnich the rate varies with [Ln CH O]3/2[uO]l/2. This

171 + 1/2 ( - Bigy e

5131 nas been seen to be 38.9 keal., and El?i was estimated above to be

activation energy is seen from eguation (51) to be E

20 kcal. These figures leads to a value of 3.9 kecal. per mole for E18 which

‘seens reasonable.

e v h




Part V

THE UNINHIBITED DECOMPOSITION OF PROPIONALDEHYDE

INTRODUCTION

Since 1926, there have been a number of Investigations on the thermal
decomposition of propionaldehyde. Though there is evidence that free radicals
are present in the system, not too much can be said with certainty about the
details of the mechenisms. Some striking disagreements on important experi-
mental facts are also found in the earlier work, a review of which 1s given

below.

Eeview of the Earlier WWork

In 1926, Hinshelwood and Thompson (120), studying the pyrolysis of
propionaldehyde in the temperature range 450-600°C, found that the contribution
of any heterogeneous reaction was not more than 1% of the total reaction.

From the approximately constant value 2 for the ratio t75/t50 where t75 is the
time for 75% deccmposition end t50 that for 50% decomposition, they suggested
that the reaction was approximately first order with respect to propionaldehyde
over 100 mm Hg. The activation energy corresponding to the first-crder rate
constant was calculated to be 55.0 kcal per mole. The first-order rate
constant was, however, found to fall off monotonously with the decrease of

pressure showing that the order of the reaction was greater than unity.

et 2 x
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Winkler, Fletcher and Hinshelwood (121), reinvestigating the
reaction at 549°C confirmed the previous results that the reaction was
completely hamogeneous and of approximately first order. Above 35 nm
propicnaldehyde pressures 1 nm pressure increase was found to correspond
to the decomposition of approximately 1 mm of propionaldehyde. The
activation energy veried from 63.5 keal at 30 mm to 56.0 keal at 350 mm
propionaldehyde pressure. Analysis of the products was made by using the
conventional chemical methods. The major products were CO, CZHG’ CEHM’ H,

and CHA. C2H4 and H, were produced in equal amcunts and found to increase

2
with decrease of propionaldehyde pressures. From the segmented nature of the
l/t1/2' PO curve where Pc is the initial pressure of propionaldehyde, it was
concluded that several "quasi-unimolecular" reactions contributed to the
over-all rate. A closer scrutiny of their data, however, reveals that above
40 nm propionaldehyde pressure the cver-all order of the reaction is between
1.2 and 1.3.

Patat and Sachsse (66-69) detected free radicals by the para-ortho
hydrogen method., The radical concentration was calculated to be about 101'3
less than that predicted by the Rice-Herzfeld mechanism. In view of the
various assumptions involved, this calculated result may not be considered
very reliable.

Sworski and Burton (122), using the mirror technique, could detect

both CH, and C.H. radicals in the temperature range 850 - 950°C. Detection
3 5

2
of ethyl radicals, in spite of their apparent instability in the above tem-
perature range, leads to the conclusion that the ethyl radical is the prin-

cipal chain carrier iﬁ this decamposition.
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Doyer and Niclause (123) investigated the pyrolysis of propional-

dehyde at .somewhat lower temperatures (427 - 486°C) and found that the over-

. all order of the reaction was three-~halves with respect to propionaldehyde.

The rate was expressed as

50300
v = 1.45 x 1033 [CEHSCHO]3/ 2 e " T min.t

the units being moles per gram molecular volume. The reaction was found to
be sensitized by biacetyl and di-tert-butyl peroxide. In addition to the
major products CO and C2H6 small amounts of CZHH’ H2 and CHu were formed
over the whole range of temperature studled. The following Rice-Herzfeld
mechanism: is consistent with their results

c HSCHO + C2H + CHO

p)
ChHc =~ CO + H

2

C,H. + C,H.CHO - C2H6 + C,H.CO

25 25 25
02H5CO -+ 02H5 + CO
H+ CQHSCHO > H2 + C2H500
02H5 + 0255 -+  products

In a recent investigation by Marta (128) the over all rate was
reported to be three halves in the temperature range 515 - 565°C and
pressure range 100 - 250 mm Hg. Inert gases were found to have no effect

on the rate. An atterpt was made to explain the results by the Rice<Herzfeld
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mechanism described above. This mechanism does not, however, explain the
formation of the significant amount of ethylene observed by Winkler et al
(121).

Recently HO (125) made a brief study of the pyrolysis of propional-
dehyde at 522.5°C. He confirmed the previous result that 1 mm pressure
increase corresponds to the deconposition of 1 rm of propionaldehyde and that
the reaction is essentially homogeneous. Analysis of his graphical data
shows that the over-all order of the reaction is about 1.35, significently
lower than that of acetaldehyde (Part 3).

The presence of apprecieble amounts of C,H, and H, (121) indicates
that the CZHS radical is not as stable as suggested by Marta (124), and if
that be so, the order of the propionaldehyde decomposition'is expected to be
lower than that of acetaldehyde; the reason is that in the latter case the
stable CH3 radical is the principel chain carrier.

Previous work in these laboratories has shown that the thermal
decomposition of a number of organic compounds can be satisfactorily explained
by free radical mechanisms. The present work describes an experimental
study of the pyrolysis of propionaldehyde, the object being to establish the

disputed facts and to elucidate the details of the mechanism.
EXPERIMENTAL
The apparatus used was essentially the same as described in Part 3.

The reaction was carried out in a quartz vessel 20 cms long and 4 cms wide

with a dead space of about 1% of the total volure., It was confined in a metal




- 106 -

block the temperature of which was controlled to within 0.2°C. Analyses were
made by using the technique of gas-phase chronatography. A Perkin-Elmer
Vapor Fractometer containing a U-metre silica gel colum maintained at 30°C
was used. Dry helium was used as a carrier gas.

The propionaldehyde used was an Eastman Kodek product. It was
purified by following the same technique employed in the case of acetaldehyde
(Part 3) and stored in a dark place. Inert gases used were lMatheson Research

Grade Chemicals and were purified by several distillations.
Fesults

The reaction was studied in the tenperature range 520 to 560°C
and pressure range 21 to 362 mm Hg, Figure 22 shows a typical AP~ t record
at 550°C., At lower temperatures and lower pressures a short induction period
was observed. Rates were obtained from the maximum slopes. |

It has been shown by several investigations (120, 121, 123, 125)
that the ratio of pressure increase to the amount of propionaldehyde decom~
posed is approximately unity. Figure 23 confirms the above fact. This
figure shows a plot of the pressure of CO formed against time at 540°C and
100 mm pressure. The rate of formation of CO obtained from Figure 23 agrees
with the rate obtained from pressure increase (Figure 24) within 6Z. All
of the rate measurements were, therefore, made from the pressure increase
recorded automatically.

Figure 24 shows double logarithmic plots of initial rates against

initial pressures of propionaldehyde at different terperatures. The order
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Figure 22, Typlcal pressure-time curve for the uninhibited

decomposition of propionaldehyde

_ PC2H5CHO = 211 mm Hg.

Temperature = 550°C,
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Figure 23. Plot of the pressure of carbon monoxide
formed against time with 100 mm of propional~-
dehyde at 540°C,
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Flgure 24. Double logarithmic plots of initial rate
against initial pressure of propiocnaldehyde

at different temperatures.
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is seen to be between 1.25 and 1.30. This result 1s in apparent disagreement
with the results of Marta (124), but in close agreement with those of
Hinsnerwood and co-workers (120, 121) and of HO (125). The results of the
present investigation are not directly comparable with those of Boyer and
Niclause (123) because of the much lower temperature used by the latter.

Figure 25 shows that excess of added CO2 and C2H6 has no effect
on the reaction at 520°C. This is in agreement with the high pressure
results of Hinshelwood and Thompson (120). The same effect has been
observed by Merta (124) in the presence of a variety of inert gases. Figure
26 shows the effect of 100 mm CO2 added to 100 mm propionaldehyde on the rate
of formation of ethylene and ethane. It is clear that the added inert gas
has little effect on the rates of formation of ethylene and.ethane. In this
connection it may be mentioned that in a study of the pyrolysis of n-butane
by Purmell and»Quinn (126) the ratio VCZHM/VCZH6 has been found to increase
with the addition of an inert gas at n-butane pressures below 24 nm Hg.

Figure 27 shows a plot of PC2H6/PC2Hu against PCQHBCHO at 540°C
at 6% decorposition. The curve shows & slight negatlve curvature. In
Figure 28 is shown a plot of v02H6/VC2H4[C2H5CHO]1/2 against [CZHSCHO]l/Z.
At the initial stage of decomposition P02H6/ P02H4 will be equal to
Ve, Hg " Coty *

As will be shown later, the over-all rate can be divided into two
parts - one part varying as [02}15011’0]1/ 2 and the other as [021{5(;1&0]3/ 2,
Figure 29 shows a plot of vo/P%g%SCHO against PC2H50HO at different tem-
peratures. The one-half order rate constants are given by the intercents

and the three-halves order ones by the slopes. The rate constants thus
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Figure 26.

percentage of propionaldehyde decomposed showing the effect
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Plots of the pressures of C2H6 and C2Hu formed against the

of adding 100 mm of CO, to 100 mm of propicnaldehyde Wwithout

C0,, O; with CO2, X

2!
Terperature = 540°C,
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Figure 27.

Plot of the ratio P P against the initial
Cig/" Cty

préssufe of propicnaldehyde for 6.p'ercent decOlM= -

_ position.

Temperature = 540°C,
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obtained are listed in Table 6.

These rate constants are piotted against the reciprocals of tem-
peratures in Figure 30. The lower curve which shows the plot of one-half
order rate constants gives an activation energy of 70.8 kcal per mole. 'The
activation energy of thelthree—halves order process is given by the upper

curve and calculated to be 57.1 kcal per mole,

DISCUSSION

Overall Reaction Mechanisn

It is now generally agreed (122-125) that in the thermal decom-
position of propicnaldehyde 02H5 is the most abundant radical and that the

coibination of C2H radicals is the predominant chain ending process, The

5
fact that significantly miore ethane than ethylene is produced (Figure 27)
indicates that the concentration of h atoms is nuch lower than that of 02H5
radicals. It will be shown later that the molecular decomposition producing
ethane is of minor lnportance under the conditions of the present investi-
gations. Since the combination of 02H5 radicals is a pressure independent
process under ordinary pyrolytic conditions (40, 127), and inert gases have
no effect on the rate of deconposition (Figures 25 and 26), chain initiation

must be a first order process. In line with other work (123-125), this

process can be suggested as

(24) C2HBCMO > 02H5 + CHO

on the basis of the energetics of the reaction.
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Table 6

ONE-HALF ORDER AND THREE-HALVES ORDER RATE

CONSTANTS FOR THE UNINHIBITED DECOMPOSITION OF

PROPIONALDEHYDE
Termperature k.l /2 X 103
(°c) (/2 sec_l)
520 1.48
530 2.75
540 4,02
550 6.50
560 12.10

5
k3/2 x 10

(/2 sec”

3.75
6.23
10.10
15.63
23.75

o)

e e e
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Arrhenius plots., The lower curve shows the plot of 103k1/2

42 geeml,

2 sec™! and the upper one that of‘.105k3/2
kl/2 and k3/2 being the one-half and the threejhalves'order

rate constants respectively.

1.30 |
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It can easily be shown that,; unlike the situation with acetaldehyde
(Part 3), the above splitting reaction (24) is more favourable thermo-

dynamically than the following abstraction reaction

(24a) 2 CzHSCHO > CZHSChOH + CEHSCO
Aqu and ASZM are calculated to be 81.6 kcal per mole and 34.4 cal. per
mole per deg. respectively. AHZMa and ASZUa are estimated at e~ 54,7 keal
per mole and ~~ 4,7 cal. per mole per deg. respectively. The value for
D(C2H50HOH - H) is estimated at 90.0 kcal per mole by comparison with iso-
C3H7 g = H (55) and that for D(C2HSCO - H) is taken to be
85 kcal per mole by comparison with D(CH3CO - H) (55). Other thermal data

-Hand t - CHH

have been taken from Szware (128) and from Benson (129). Entropies (for
the standard state of 1 mole per litre at 25°C) have been calculated
following Benson (129). Assuming comparable frequency factors for reactions

(=2l) and e24a)

e 29.6/R e 27000

Yoy _ RT = 8.6 at 800°K and 1 atm pressure. At 362 mm
V2)_la [CZHSCHO]

pressure (the highest pressure studied) this ratio is 18.1 at 800°K énd higher at
temperatures. The abstraction reaction (24a) is, therefore, probably un-
important in comparison with the splitting reaction (24) in the pyrolysis

of propiocnaldehyde.

Since the ratio P, . P decreases with decrease of pressure
Czh6/ CEHM
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(Figure 27) but increases with decrease of temperature (Table 7), the two

reactions producing ethane and ethylene must be in competition with each

other. The same conclusion has been drawn by Purnell and Quinn (126) from

their experimental results in the pyrolysis of n-butane.

The nechanisms to which the above considerations lead is

(24) C,Hi5CHO
(1ba) X + CHO
(25) Cofly + CotieCHO
(26) C,oH5CO
2n H + C,H-CHO
(28) C,t
(29) Cotiy + Clig

02H5 + CHO

co+ i+ X

C2H6 + C2H5CO

CQH5 + CO

H2 + CZHSCO
CEHU +H

C“HIO or C2H6 + Cgﬂu

This mechanism without reaction (28) is very similar to that proposed by

Boyer and Hiclause (123) and by Marta (124). Application of the steady-

state treatment tc the above mechanism gives rise to the following ex-

pressions for the radical concentrations:

[C,H] =(;§591/2 [C2HSCHO]1/2 (52)
9

H] = Fou o+ Xog  Kou

oy g Kyg

1/2 -
) [CEHSCHO]I/z (53)
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Table 7

RATIOS OF DECOMPOSITION PRODUCTS

Initial Pressure = 100 mm Hg.

Temperature C2H6
oc EEEZ
560 5.86
560 5.73
540 T.47
540 7.56
540 8.50
520 10.25
520 10.62

1.80
1.80
1.33
1.50
1.50
1.25

1.30
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Assuming large chain lengths, the rate of disappearance of propionaldehyde

can be written as

1/2 | 1/2
X,
(24 )

a9

k) [02}1501{0]1/ e (5h)

=)

K

= : 3/2
v =Kk ( [CZHSCHO] + k28

25

\O

A similar rate equation has been suggested by HO (125) to fit his ex-

perimental results of the pyrolysis of iso-butyraldehyde.

Comparison of the Experimental and Fredicted Values of the Ratio v, ., V. .
0256/ Czﬂu

In equation (54) the first term represents the rate of formation
of ethane and the second term that of ethylene., The ratio of the two terms

at 540°C and 100 rm pressure is

V. -
C.H k

206 . 23 [CH.CHOT = 2.9
Ve H ¢ &5

Sy Kog

the values for the rate constants k25 and k28 being taken from Table 8. The

agreement of this calculated value with the experimental result 8.1 (Figure

- 27) within a factor of less than 3 must be considered satisfactory in view

of the fact that an uncertainty of 1 kcal per mole in the value of E changes
this ratio by a factor of about 2. This agreement lends support to the

suggested mechanism.
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Contribution of the liolecular Process CZHSCHO - CZH6 + CO

The predominance of the chain temuination reaction
Ii tl il
(30) X+ I+ 0215 -+ 02d6 + X

over reaction (29) at low pressures does not affect the order of ethane
formation. Reaction (30) is placed in its pressure dependent region,
pecause the excited srocies 02H6w has at least 12 keal more than required
to split up into twc:CH3 radicals. If the decomposition of 0255 racdicals
is a pressure dependent process, the order of ethylene formation will tend

- are is wered and a v T 3 .. <ains
to 3/2 as the pressure is lowered and a plot of P02h6/P02“4 against
P. .. ... should show & positive curvature. The reverse character of the

021150110

above plot (Figure 27) is attributed to the formation of some ethane by

the molecular process.

L. e - .
(24m) 02115&10 02r16 + CO

and to reaction (28) being in its first-order high-pressure region. This
latter conclusion is also supported by Figure 20.

‘The contribution of reaction (2im) to the.overall rate may be

estimated in the following way.

1/2
_ . k 32
Vi Koy [CotsCLOT + ke [C,1iCiiO] (55)

Kog

:
;
i
i
H
!
!
4
i
]
4
!
H
;
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1/2
_ k 1/2
Vo = Kog (24 [CH cno] (56)
2y K,
9
Vo N, « Foum (X e /2 ks [coh.cHoy (5T
216 oy = }'2111 (k_22) [C CHO] + '}'{"'2—5' L25 J
28 24 28
V... 1/2 o 1/2
Cofig , '1 RS Ky i 1<_22 . 125_ [CZHSCnO] (58)
Ve it LC,ti5CHO ] kg \*o8 kog
From Figure 28
1/2
2un (29 29 ) = 3,4 x lO3 1/2 mole” 172 at 540°C.

Kg Ky

K £
Inserting the values of k5, Kog and L29 from Table 8, the value of k)

calculated to be 0.53 x 10 > sec-l. A comnpariscn of the rate calculated

from the above rate constant with the overall rate (Figures 23 and 24) shows
that the molecular process constitutes less than L% -of the overall process.
In view of uncertainties in the various parameters, it is, however, felt

that this contribution may not be greater than 10% of the total rate.

Activation Energies

The predicted activation energles for the one-half and three-

halves order reactions are given by the expressions
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Table 8

KINETIC PARAMETERS FOR ELEMENTARY REACTIONS

: Reaction Frequency
factor#*
(e 1.7 x 10%
1
; (25) 2.36 x 10
(28) 6.3 x 1083
1
(29) 1.6 x 10 3
* sec."l or cc mole"'1

Activation References
energy _;
(kcal mole™ )
82.8 larta (124)
7.0 Volman and Brinton
(130)
39.5 Bywater and Steacie

(131) and Trotman-
Dickenson (132)

0 Ivin and Steacie
(133) and Shepp
and Kutscklee (134)

sec.'":L

RIS e = £ it — Pahmme
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and

y 3 " -
Eg /o Eps * _21_ (Eyy n29) (60)
respectively. Insertion of the values for Ezll , E28 and E29 from Table 8
- . " 1 ) -

leads to 80.9 kecal per mole for El/2 and 49.0 kcal per mole for x:,3 x
Agreement of these two values with the respective experimental results 70.8
keal and 57.1 keal is not very good. This can probably be attributed to
other chain ending steps such as

X+ H+CiHH =~ CH6+X

)

2 2

X+H+H =~ H2+X

becoming important at low pressures.

The overall rate of decompositicn of propicnaldehyde is significantly
lover than that of acetaldehyde (125, Part 3) probably because of shorter
chain lengths in the former. The activation energy of the over all rate of
the former is about 7 keal higher then that of the latter. The above facts
may be explained as follows:

(1) The chain termination process in acetaldehyde is a third-
order process, whereas that in propionaldehyde is a second-order one.

(2) H atoms and 02115 radicals may abstract H atoms other than

those attached to the carbonyl groups.
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; CZHS + CHSCHZCHO > C2H6 + CH3CHCHO

! H + CH30H2CHO -+ H2 + CH3CHCHO

The CH.CHCHO radical will mainly be involved in a chain-ending step because

3
of its higher stability. Higher temperatures may, however, favour the

E following reactions

CH3CHCHO 2 CH3CH2CO - Cth + CO
CH3CHCHO 2 CH20HZCHO - C2H4 + CHO

giving rise to a larger chain lengths and consequently a higher activation

energy than predicted.
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Part VI

" THE DECOMPOSITION OF PROPIONALDEHYDE IN THE

PRESENCE OF NITRIC OXIDE

INTRODUCTION

The mechanism of the pyrolysis of propiocnaldehyde in the presence
of nitric oxide has been a matter of more uncertainty than that in the
absence of nitric oxide. The nature of the maximally inhibited reaction has
been a matter of great dispute, and not much has been discovered about the
catalytic action of nitric oxide on this reaction. There haye been disagree-

ments on many experimental facts, and further careful study is called for.

Review of the Earlier Work

Tn 1936, Staveley and Hinshelwood (98, 99) studying the pyrolysis
of propionaldehyde in the tenperature range 489°C - 606°C, found that the
reaction was inhibited by small amounts of nitric oxide and that there was
catalysis at high nitric oxide pressures. The values for the activation
energies of the maximally inhibited reaction varied from 58.5 kcal per mole
at 30 mm to 51.0 keal per mole at 350 mm pressure of propiocnaldehyde. It
was suggested that the maximally inhibited reaction was a molecular process,
the chain part being conpletely suppressed by nitric oxide. This suggestion

has no firm experimental basis.
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Smith and Hinshelwood (100), reinvestigating this reaction at 550°C,
found that both nitric oxide and propylene reduced the rate by the same
amount and also concluded that the maximally inhibited reaction was a molecular
process. Previous work in these laboratories, and the extensive isotopic nixing
observed in the pyrolysis of organic conpounds in the presence of inhibltors,
show that the reduction to the same limiting rate by different inhibitors is
no evidence for the conclusion that the maximally inhibited reaction is a
molecular process.,

That nitric oxide is not consumed during the course of the reaction
has recently been demonstrated by Szabd and lidrta (111, 112). The reaction
inhibited by nitric oxide was first allowed to go to corpletion and then a
new dose of about the sane amount of propionaldehyde as used.in the previous
experiment was introduced. The reaction was found to be inhibited to the
same extent. The reaction was studied in the temperature range 515° - 565°C
and the overall order was reported to be three-halves with respect to
propienaldehyde at all pressures of nitric oxide used (0 - 60 mm) and approxi-
mately one-half order with respect to nitric oxide at high nitric oxide

pressures. They attenpted to explain these results by adding the following

reactions
.. 31 T -
Cyft + NO -%1 C,HSHO
(251) C,HgNO + CoHCHO = Coitlg + Cit;CO + NO
(291) CoHNO + Coliy = products
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NO + C,H.NO - products

(29'i)' C2H5 Sl

to the scheme of the uninhibited reactions originally suggested by Eoyer
and Niclause (123). Figure 31 shows the plots of the logarithms of

I . co, e ; . s of
k25i“31/k25’ k291h31/k29 and ké91n31/k29 against the reciprrocals ol
temperatures. From this Figure the following expressions for the activation

energies are obtained:

L25i + E., L - ﬁ25 = «25.1 keal per mole
Ezgi + EK - E29 = «15,1 kecal per mole
31
and
E29'i + 2EK31 - E29 = -37.9 kogl per mole

Insertion of the values of E25 and 229 from Table 10 and rearrangement give

E 2.4 keal per mole

291 =~ To51

Eongs = 28,0

29'1 251 -2,9 keal per niole

Following Ree, Yang and Eyring (113) E25i is calculated to be 26.0 keal per
mele. This leads to the values of 28.4 and 49.1 kéal per mole for E29i anc
Eogrs
ending steps obviously suggest that the above suggested mechanism does not
represent the complete pilcture.

Recently Ho (125) studying the pyrolysis of different aldehydes

in the presence of nitric oxide, propylene and isobutene found that in the

respectively. These irpossibly high activation energies for the chain-
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Figure 31.  Arrhenius plots. (1) Plot of log 10° kég;}xgl against 1/T
' (2) plot of log 10k,q,Ks against 1/T 29(3) plot of

k29

log .101{2?11(31 against 1/T.
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case of propicnaldehyde studied at 522.5°C, nitric oxide was more efficlent

as an inhibitor than propylene and iscbutene in disagreement with the work

of Smith and Hinshelwood (100). The degree of inhibition was found to decrease
with the increase of propionaldehyde pressure in contrast to the conclusion

of Szabd and Mérta (111, 112) that the degree of inhibition was independent

of propicnaldehyde pressure.

Previous work (101 - 107) in these laboratories has shown that in
the pyrolysis of hydrocarbons and ethers nitric oxide starts chains by
abstracting hydrogen atoms and ruptures them by being involved in chain-ending
reactions. Aldehydes present an additional interesting fauture in that they
contain a labile aldehydic hydrogen atom. It has been shovn (Part 4) on the
basis ofiexperimental results and of calculated activation eﬁergies that
the following chain-propageting reaction involving & species containing nitric

oxlde

RIO+M - Fd+R'+NCO

is significantly more important in acetaldehyde than.in hydrocarbons., Though
Szabd and Mdrta (111, 112) have suggested this reaction in the pyrolysis
of propionaldehyde the exclusion of the chein initiation by nitric oxide leacds,
as shown above, to the impossibly high activation energies for the chain-
ending steps in order for their mechanism to be consistent with their
experimental results.

The present work describes an experimental study of the pyrolysis
of propionaldehyde in the presence of nitric oxide. An attempt has been

made to explain the results on the basis of the above ideas.




Pl du fTAL

The apparatus used was the sane as that described in Part 3. 'The
reaction was carried cut in the saue vessel as that was used for the un-
inhibited reaction. The procedure rollowed to ensure complete mixing of
propionaldehyde and nitric oxide was the same as described in Part 4, 'The
analysis of the products was made by a Perldn-Elmer Vapor rFractometer

containing a U-metre silica gzel colunn maintained at 30°C.

Results

The decanposition was studlied in the temperature range 520 - 560°C.
A typical pressure - tilie record of the reaction catalysed by nitric oxide is
shown in Figure 32. Rates were obtained from the initisl slopes. At low
pressures of nitric oxide & short induction veriod was noticed, 1t was,
hovever, too snall to make any significant difference between the neasured
inflection rates anC the extrapolated initial ones.

It has been shown by Staveley and iiinshelwood (99) and Ho (125)
that in the mexinally inhibited region 1 i pressure. increzse corresponds
to the reaction of 1 mm of propionaldenyde. In Figure 33 is shown
a plot of the pressure of carbon monoxide formed against time with 100 mm
propionaldehyde and 14 nin nitric oxide at 540°C. The rate of formation of
carbon monoxide ohtained from Fipure 33 is found to agree within 4 percent

with the overall rete obtalned froin pressure increase. All of the rate

[P P
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Figure 33. Plot of the pressure of carboﬁ monoxide formed against
time with 14 mm nitric oxide added to 100 mm prépional-

dehyde.
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measurements were, therefore, made from the pressure increases which were
recorded autometically.

Figure 34 shows the effect of nitric oxide on the products of
reaction in the catalytic region at 540°C. The overall rate is equal
to that in the absence of nitric oxide. Ethylene formation shows marked
increase and hydrogen production appears to decrease slightly.

In Figure 35 is shown a plot of relative rete VNO/V} o

uninhibited

against pressure of nitric oxide at different propionaldehyde pressures and
at 540°C., It is seen that small amounts of nitric oxide inhibits the reaction

/

o P 5 show r 05 sis. It 1 L.
but that larger amounts shows strong catalysis. The ratio /S

Vininhibited increases with the increase of propionaldehyde pressure; This
result does not agree with the results of Szabd and rérta (111, 112) but is

in agreement with those of Ho (125). At higher nitric oxide pressures, the
relative rate is approxinately independent of the proplonaldenhyde pressure.
This result is in agreement with the results of Szabd and Méfta (111, 112)

but apparently in disagreement with those of Ho (125).

Figure 36 shows a double logarithmic plot of initial rates against
initial pressures of propionaldehyde at 1 mm and 60 nm of nitric oxide at
540°C, Tne lower curve with 1 mm of nitric oxlde represents approximately
the maximally inhibited rate and gives an order of 1.5. From the upper curve,
with 60 um nitric oxide, an order of 1.25 is obtalned.

Figure 37 shows a double logarithmic plot of initial rates against
initial pressures of propilonaldehyde with 50 rm nitric oxide. The order of
the reaction is seen to be 1.25 with respect to propionaldenyde. Since the
orders of the reaction in the zbsence (Part 5) and presence of large amounts

of nitric oxide are the saie, the relative rate must be independent of

B £V e P et
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Propionaldehyde pressure = 100 rm Hg
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Figure 35. Plots of relative rate against nitric

oxide pressure. Relative rates with

50 mm propionaldehyde are shown as@®,
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ase

Tenpératuré = 540°C..
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Figure 37. Plots of log vate against log pressure

. of propionaldehyde with 60 mm of nitric

oxide at different temperatures.
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'propionaldehyde pressure (Figure 35), in contrast to the conclusion of

Ho (125).

In Figure 38 is shown a plot of log relative rate against log
pressure of nitric oxide at 50, 100 and 200 mm pressures df propionaldehyde.
The order of the reaction is seen to be about 0.65 with respect to nitric

oxiae.

It will be shown in the discussion that the overall rate at high nitric

oxide pressures can be devided into two parts and can be represented as
v = 2k.,. [C.LCHOILOT + k [C,H.CHOP/? (w012
Kong LG5 25 :

In Figure 39 is shown a plot of V. against Pl/2 with 60 mm
JO/T

C2HSCH0 C,H5CHO
of nitric oxide at different tenperstures, PCEHSCHO being the initial

pressure of propionaldehyde. The intercepts give 2k2ui[NO] and the slopes
k [NO]1/2. The rate constants thus obtained are listed in Table 9.

Figure 40 shows an Arrhenius plet, the rate constants being
obtained from Figure 39. The lower curve shows the plot kzui and the

upper curve that of k. The rate ccnstants kaui and k can be expressed &s

1 _ 36800 _ 1
k2ui = 4,19 x 107" e RFT cc mole — sec
42300
k = 2.35 x lOlu e~ K cc mole ™+ sect

PR N T e e+ AP 527 S X 0 SRS et mr et WS
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Table 9

RATE CONSTANTS CORRESPONDING TO THIS

[ v = 3/2 1/2
EQUATION v = 2k2 4i [CZHSCHO][NO] + k [02HSCHO] [NOJ

Tnitial Pressure of Nitric Oxide = 60 mm Hg.

Temperature Koy X 1072 k x 107
(°C) (cc mole-:L sec-l) (cc mole ™+ sec-l)

520 3.46 4,59
530 4,34 6.72
540 5.57 10.99
550 7.87 14,30

560 10.73 18.23

ey
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DISCUSSION

Overall Reaction Mechanism

That the maximally unhibited reaction is not a simple non=-chain
unimolecular process is shown by the following facts:

(1) The maximally inhibited reaction has a non-integral order
(1.5).

(2) The degree of inhibition decreases with increase of propional-
dehyde pressure.

(3) In the catalytic region, the order of the reaction is non-
integral with respect to both propicnaldehyde and nitric oxidé, indicating
that the latter is involved in the chain reaction. The maximally inhibited
reaction must, therefore, be the resultant of two opposing reactions -
acceleration as well as inhibition by nitric oxide.

(4) The increase of the ratio C2H4/H2 with nitric oxide pressure
is consistent with a chain mechanism.

(5) In the uninhibited reaction (Part 5) the contribution of a

molecular process has been shown to be winmportant in comparison with that

of a chain reaction.

In line with previous work in these laboratories (101 - 107) it is
suggested that nitric oxide initiates chains by the reaction

CHO + NO -+ C,H.CO + HNO

C2H5 ot
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and that the most abundant radical C2H5 is involved in the following

equilibrium:

Colly + NO 2 CpghO

In order for the overall order of the maximally inhibited reaction to be three

halves, the chain-ending step nust be

C2H5 + C2H5NO + Cquo + NO or C2H6 + CZHu + NO

In the catalytic region, the order of the reaction with respect to propion=-
aldehyde falls below three-halves and a plot of relative rate against nitric
oxide concentration gives a negative curvature. In line with previous

sugzestions (Part 4) and the work of Szabd and Marta (111, 112) it is

proposed that the reactions

CthNO + CZHSCHO > C2H6 + C2h500 + NO

C2H5NO + C2H5NO -+ CquO + 2NO or C2H6 + CZHH + 2NO

become inportant at high nitric oxide pressures.

As in the case of acetaldehyde, in the preseﬁt decomposition there
is no flat region when rate is plotted against nitric oxide concentrations.
One rust, therefore, take into account all the processes in the uninhibited
reaction in addition to those involving nitric oxide.

The complete scheme may be written as

(24) C2HSCHO > 02H5 + ClO




(241)
(14a)
(141)
(25)
(251)
(26)
(27)

(28)

(29)
(291)

(29'1)

The numbering is consistent with the mechanism in Part 5.

third body, which may be propicnaldehyde itself.
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CQHSCHO + NO

X + CHO
X + HNO

02H5 + C2HSCHO

C,H-NO + C

oty 2HSCHO

C

2H5CO

H+ CEHSCHO

C2H5
02H5 + NO

C2H5 + C2H5

C2H5 + C2H5NO

C2H5NO + C2H5NO

31

-31

C2HSCO + HNO

CO+H+ X
H+ NO+ X

02H6 + 02HSCO

.CO + NO

C2H6 + 02Hb

CZHS + CO

H2 + C2HSCO

CoH)y + H
32 33
CZHSNO b CZHu = NOH f products
-32
CquO or CoHg + CoH)
CHHIO + NO or CQH6 + Chy + NO

CuHIO + 2NO or C2H6 + CZHU + 2NO

X represents a

The same type of mechanism

has been used to explain the results of the acetaldehyde pyrolysis (Part 4).

Without reactions (24i), (14i) and (28), the above mechanism is very similar

to that proposed by Szabd and Marta (111, 112) in the thermal decomposition

of propionaldehyde.

leads to the following expressions for the radical concentrations and for the

rate of decomposition @

Application of the steady-state treatment, with the usual approximation,

1
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(] _ (kzu + kgyy NOJ 172 o c012
- 2 2
k29 + k29i 1{31[1\10] + l{égif{ 31 [NoJ
(61)
i ¢ TNOJ + . '
[02H500] - [CZHSCHO] (k2u+ 2} 2{‘1‘1 ] k25[C2H5] + k251 [C2H5NO])
K6
(62)
[CZHsNO] = k31[02H5][NO] K31 - _k_3_l_
z{_31
eees (63)
v = 2k2u[02H50Ho] + 2k, 1[021{501{0][1\10] + k25[C2H5][02H5CHO]
+ k251[021{5NO][02H50'rIO] + k28[02H5]
(64)

1/2

i
g
{
1/2)
|

1
H
M

= P k 13/ Koo k...
v = 2ty [CHCHOT0NO] + ko S8 ™ [oitsCiol ff + (251 x0T (1 + 0]
k29 K25 ol
' 1/2
(1+ K291k, (0] ¥ k2911<§l[1\1012)
K29 kag
. 1/2
Y U (1 + }1:2“1 [NOJ)
k
29 K : 1/2
201 . Koo1.2 . 2
1 +-291 K__[10] + 523K [NO])
( k29 31 k29 31

(65)
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Important special cases are as follows:

(1) If [NO] is zero, equation (65) reduces to

1/2 1/2
v = k25(;§§9 [02H50H033/2 + k28(;§g CRR O
which is the rate expression for the uninhibited reaction.

(2) In the presence of nitric oxide ethylene production increases
but not at the expense of ethane production (Figure 34); in the uninhibited
reaction, on the other hand, the ethane and ethylene productions are in
competition with each other. In the uninhibited reaction, the rates of
formation of ethylene and hydrogen are approximately equal (Figure 34) but
in the presence of nitric oxide the rate of formation of the latter is'much
less than that of the former (Figure 34). These facts suggest that the

reaction

(28) CoHy CH), + H

is unimportant in the presence of nitric oxlde. This is understandable in
view of the fact that using the kinetic parameters of Sagert and Laidler (105)
the equilibrium constant Ko, is caloulated to be 1012+68 4t sugec, and that
the concentration of C2H5NO increases relative to that of C2H5 with the
increase of nitric oxide concentration. It is, therefore, suggested that

most of the ethylene formed in the presence of nitric oxide comes from the
chain-ending steps (29i) and (29'i). Oﬁ the basis of the above considerations,

equation (65) reduces to




3/
v = 2k241[c2'n50fio][1-¢o] * kyg (k 2 [CH sCH0] (1 + == k2 31[1 O)(l + 2“1[140)

1/2

k-
é . L{291 0] + k291 2 HO?
29

29
cess (66)

(3) At sufficiently low nitric oxide concentration

1>> Fost , [0 and (1 + k§91 Ry [l\zo]>>> 291 | 2 , [i07°

Lquation (66) then reduces to

1/2

Ko s

L 172 (1 + 1{2:1 [;qo])

24 a3/ 2

25 (14.29) [C hSCLLO] - 1/2

_ 291
1+ [1‘10:9
( Ty 3

Approximztely 1 mmn pressure of nitric oxide gives maximum inhibition. The

v = 2k, [C,HCHOJMHO] + k

2r15

first term of the above equation can, therefore, be neglected. In the
maximally inhibited region, the rates of the chain initiating steps (24)
and (241), and terminating steps (29) and (29i) may be compared in the

following way:

Vous kgui[C2H5CHO][NO] k

241

o] o~ 130 at 540°C with 1 mm of
24

nitric oxide.

172
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Ko e K K [NOJ
Vo 291 ECEHSJECZHSNOJ ) 91K31

Vag = Koq [02}15][02}15] kg

nitric oxide. The values of the rate constants have been taken from Table

= 4o at 540°C with 1 mm of

10. Application of the above considerations to equation (66) gives the
following expression for the maximally inhibited rate.

1/2

k
) b1 3/2
VEKy b [C4HCHO] (67)

Ko91 K3

which is in complete agreement with experiment (Figure 36).

(4) At high nitric oxide pressures

Kops k! .. 2
241 [NO .1, 291 2 [No { k?91 . .

k29
and  Kygy K [NO])} 1, Equatdion (66) is, therefore, reduced to
kys 21
" 1/2
= ; 3/2 1/2

v = 2k2ui[C2H5CHO][NO] oo & [CZHSCHO] [NOJ (68)
1
01

That at high nitric oxide pressures reaction (25) is unimportant in

comparison with (251) may be shown as follows:

A T L P M e 1



Reaction

(2h)

(241)

(25)

(251)

(31)

(-31)

(29)

(291)

*

5ec
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Table 10

KINETIC PARAMETERS FOR ELEMENTARY REACTIONS

Frequency
factor#

1.7 x 107

4,19 x 107

2.36 x 10%%

1x 10ll

3.0 x 10%%

5.0 x 10°

1.6 x 1073

7.0 x 10°

-1

or cc mole"l

Activation

energy  _y
(kcal., mole )

82.8
36.8
7.6

26.0

59

-1
sec.

Reference

Marta (124)

See Text

Volman and Brinton (130)

E calc. following Ree,

Yang and Eyring (113)

A est. from Volman and
Brinton (130)

Sagert and Laidler (105)

Sagert and Laidler (105)

Ivin and Steacie (133),
and Shepp and Kutschke
(131

Sagert and Laidler (105)

e S T

P ']
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. . k... K. [NOJ
251 _ Kos1 [C,HNOI[C H;0H0] _ “251 731

v .
25 K5 [Ctig] [C,HzOHO] K5

\'

Insertion of the values of the rate constants from Table 10 gives

Voui oo 26 2t 540°C with 60 mm nitric oxide
V.
25

That equation (68) is the correct expression for the overall rate

may be shown in the following way @

oy 1/2
v _ By 0D+l 4l ) [02H5CH011/2 o712
[CyHSCHO] gy
esee (69)

A plot of v/[02HSCHO] against [C2HSCHO]1/2 at constant high nitric oxide
pressure should give a straignt line. Figure 39 shows such a plot with 60 mm
nitric oxide at different temperatures. Good linearity within the
experimental error at all temperatures lends strong support to the validity

of equation (68) and hence to that of the suggested mechanism,

Activation Energies

Further support for equation (68) can be obtained from a
comparison of the observed and predicted activation energies. Activation
energies corresponding to the first and the second terms of equation (68)

are 36.8 keal. and 42.3 kcal per mole respectively (Figure 40). The observed
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activation energy 36.8 kcal. for reaction (24i) compares well with its
endothermicity 36.4 kcal. per mole (calculated on the basis of

D(H - NO) = 48,6 kcal (110) and D(C2HBCO - H) = 85 kecal per mole; the
latter value is assumed by comparison with D(CH3CO - H) = 85 kcal per mole

(55)). The activation energy expression for the second term is

) = 42.3 kecal per mole

- 1
E,., +1 (E E}

251 5 241 9i
sone (70)

Insertion of the values of E25i and Ezui from Table 10 leads to 4.2 kecal.
per mole for reaction (29*i). This value may be compared with 3.9 kecal.

per mole obtained for the similar reaction

CH.3NO + CH3NO > C2H6 + 2NO

in the pyrolysis of acetaldehyde (Part by,

The Production of Methane

In the uninhibited reaction only a trace amoﬁnt of methane was
detected and nitric oxide was found to increase the rate of production of

methane. This fact may be explained through the occurrence of the

following reactions :
NO + CH3CH2CHO - CH3NO + CHchO
, CHZCHO -+ CH3CO

X+ CH3CO + CH3-+ Co+ X

A ATy g e =
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Methane may also arise from the decomposition of Cquo formed in the chain-

ending reactions.

The Termination Steps

An important feature of the proposed mechanism is that chain
termination in the presence of nitric oxide involves interaction between
CZH5 and CgHSNO (reaction 29i) and between two 02H5NO molecules (reaction
29'i). It has been shown by Pratt and Purnell (135) that in the de-
camosition of tetraethyl lead in the presence of nitric oxlde at 252°C
reaction (29i) is unimportant in compariscn with reactions (32) and (33)
and that reaction (33) is entirely heterogeneous. Szabd and Qé}ta
(111, 136) have found that nitric oxide is not consumed in the pyrolysis
of nropionaldehyde at 550°C. This fact suggests that under the conditions
of propionaldehyde pyrolysis reactions (32) and (33) are unirportant, in
contrast to the suggestion of Pratt and Purmell (135), and that nitric
oxide is regenerated in some way. The occurrence of the surface reaction
(33) to any significant extend in the pyrolysis of propicnaldehyde is
also excluded ty the fact that the contribution of any heterogeneous
reaction in this pyrolysis is negligible (125). Figﬁre 34 shows thet
the ratio Czﬁu/02H6 is increased by the addition of nitric oxide. <Since
reaction (28) is, as shown above, unimportant in the presence of nitric
oxide, the increase of CZHH/C2H6 in the presence of nitric oxide and the
regeneration of the latter are attributed to the occurrence of reactions

(291) and 29'i), i.e. the removal of ethyl radicals in the presence of
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nitric oxide takes place by the radical-molecule complex mechanism which

has recently been considered theoretically by Eusuf and Laldler (90).
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CLAIMS TO ORIGINAL RESEARCH

Atom and free-radical combination reactions in the gas phase have been
considered on the basis of the energy-transfer and radical-molecule

complex mechanisms, Statistical-mechanical rate equations for the

two types of mechanism are derived.

The resonance integral of the wave function of a charge-~transfer complex

has been estimated. This suggests numerous calculations of binding

energies arising from charge transfer.

For the first time, the binding energies between iodine atoms and various

chaperon molecules arising from charge transfer have been calculated.

The third-order rate constants for the combination of iodine atoms

have been calculated on a purely theoretical basis. A conclusion has

been dravn from 2 comparison of thc experimental and calculated rate

constants as to the type of mechanism applicable in the presence of

a foreign molecule.

The dissociation of ethane and the combination of methyl radicals have
been critically considered on the basis of the experimental results

obtained in the photolysis and pyrolysis of various organic compounds.

It has been shown that all the known experimental facts can be explained

only by putting the combination of methyl radicals in its third order

region under the ordinary pyrolysls conditions.

P L ST




10.

11.

The pyrolysis of acetaldehyde was studied and it was found that the

overall order is three halves, in agreement with all the previous

work.

The rate of ethane formation in the pyrolysis of acetaldehyde has

been measured for the first time. It has been shovn that the chain

initiation in the pyrolysis of acetaldehyde is a secbnd—order process.

It has been shown by calculation that the chain~initiation in the
pyrolysis of acetaldehyde takes place by the transfer of a hydrogen
atam from cne acetaldehyde molecule to the other. This type of

initiation has been shown to be consistent with all the known facts.

A new type of overall mechanism, which is consistent with 2ll the

available experimental results, has been proposed.

The pyrolysis of acetaldehyce in the presence of nitric oxide was
studied over a wide range of acetaldehyde and nitric oxide pressures
and for the first tine a detziled investigation at low nitric cxide
pressures was made. The overall order with respect to acetaldehyde
first increases from three-halves with incneaseléf nitric oxide
pressures and then falls to three-halves again. The order with

respect to nitric oxide at high nitric oxide pressures is one-half.

The occurrence of a reaction which is first-order in acetaldehyde
and first-order in nitric oxide was shown for the first time. The
activation energy of this reaction was found to agree with that of

the hydrogen abstraction reaction suggested by Wiojeiechowski and

Laidler (101).
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A mechanism which is applicable over the whole range of nitric
oxide.pressures used has been proposed for the first time. This

mechanism can explain satisfactorily all the experimental facts.

The pyrolysis of proplonaldehyde was reinvestigated and it was
found that the overall order is between 1.25 and 1.30. Inert

gases were found to have no effect on the rates of formation of

products.

It has been shown that the decomposition of the ethyl radical into

ethylene and hydrogen is a pressure independent process under: the

ordinary pyrolysis conditions.

An overall mechanism consistent with the kinetic and analytical

data has been proposed.

The unexpected fact that the rate of the uninhibited decomposition
of acetaldehyde is higher than that of nroplonaldehyde has been

explained.

The pyrolysis of propionaldehyde in the presence of nitric oxide was
reinvestigated over a wide range of propionaldehyde and nitric oxide
pressures. The overall order of the reaction first rises from 1l.25
with the increase of nitric oxide pressures and then falls to 1.25

again. The order with respect to nitric oxide at high nitric oxide

pressures is between one-hzlf and one.
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A detailed mechanism, for the propionaldehyde pyrolysls, applicable
over the whole range of nitric oxide pressures used, has been

propoéed. The suggested mechanism is consistent with the kinetic

and analytical results.
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