

















































































































































































































































































































Figure 22

Typical vy vs. t plots at 52300.
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Figure 23

Order plot for hydrogen production,

Data obtained from packed vessel (S/V =
9,4) are given by x and those from unpacked
(S/v = 0.60) by o,
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reactions /3 7, /70_7 and /8 7, and the rate of its

formation is not simply related to the rate of initiationm,
In Table 1 it is seen that the rate of hydrogen production
is much greater than the rate of ethane formation so that
the difference will have to be accounted for hy other

reactions which produce hydrogen. Application of the *
steady-étate treatment leads to the following expression

for the rate of hydrogen production:
. 1/2 kny kg

1
v, =k, [CH,CFO| + (+)
" 1 [ 3 ] k )
2 9 | Ky + Koy [ CHCHO)+ Ky [CHB]
T gl 3/2
+ kg [cn3cxo] (9)
k 1/2 y
3,/2
=k [cuBCno] + (E;) (k6' + ks) [CH3CH0]
k.. k
where k6' = Ta 6 (10)

Koy + kop [CHSCHO] + Ky [ CHB]

According to this expression the order of hydrogen production ??
should be between 1 and 3/2, in agreement with the experimental

observation of 1,4, Fig. 24 shous a plot of v / [cn CHO]
o

3
b3
egainst [CHBCHO] 7s a straight line is obtained and from the
intercept on the ordinate it is concluded that k1 at 52300 is

5.9 x 10”7 sec™r, It is interesting to note that the plot is

still showing a linear relationship at a fairly low pressure
and that no deviation from linearity is observed with the

present data, This is attributed to the fact that kl and k9
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compensate each other; the result is no net change in the
ratio of kl/k9 although each rate constant is in its
pressurc-dependent region, In fact,‘the ratio kl/k9

£alls off when the pressure is below 20 mm Hg (see section

on inert gas effects, p.86 ). Since the extrapolation of

k1 at different temperatures cannot be included in the

ahove figure, the various values‘of k1 are tabulated in

Table 6. The étandard deviation of k1 from each extrapolation |
is included, The Arrhenius plot of k, is shown in Fig., 25, %

end its paremeters are as follows:

81,500 + 4,500

log kq (sec'l) = 16,12 -
2,303 RT

¥
The value of A S is 11,3 e.u, at 783°K, The values
of k; obtained from ethane and propionaldehyde measurements

are also included in this figure for comparison, The

"
Arrhenius equation for lc1 is

§
§
1
i
[N
P
i
:
i

79,000 + 2,000

" -
log kg (sec 1) = 15,3 -

2,303 RT

In view of certain difficulties jnvolved in employing

equation (9), the values of k; are slightly lower than those
1 but they are essentially equal within the experimental
errors, The values of k; are considered to be more reliahle

of k

than those obtained from extrapolation. The first and most
important point is that Kk, itself is slightly pressure-
dependent, so that there is some uncertainty in deriving

ky from rig, 24, Secondly, the tern k7b [CHBCHO] is not
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Table 6 - Extrapolation of kl from hydrogen measurements

Pressure
mn g

T = 540°C

79
118
152
198
296
563

T = 523°C
77
117
150
195
292
558

T = 500°C
77

118

150

195

295

559

T = 48000
77
118
150

195
295

k

1

P%mﬂ%xI&

v,
. s -;Ei-—-—~ X 106 sec'1
(mole per cec)® ECII3CHO] :
12,48 5,134
15.25 6,016
17,31 6.600
19,76 7.550
24,16 8.560
33433 11,070
= 1,728 + 0,18 x 1070 sec™!
- 12,38 2,123
15,32 2,598
17,40 2,730
19.80 3,270
24,25 3,740
3353 4,940
Ky = 5.25 % 1,07 x 1077 sec™t
12,61 0,730
15,62 0,895
17,64 0,987
20,10 1,119
o, 74 1.299
34,05 1.792
= 1,227 + 0,22 x 1077 sec™
12,80 0,250
15.80 0,322
17,66 0. 3h4
20,37 0,385
25,06 0.475




Pressure
mn lg

T = 480°C

559
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Table 6 (continued)

i
i
i
|
i
i
:
|
i
H
{
i

i
;
!
i

1 4
.[cn cno] ¥ x 10 v |
3 I, 6 -1
e X 10~ Sec
8 {
(mole per cc) LCHBCI‘O]
34,50 0,640

ky = 0,300 % 0,097 x 1077 sec™




Figure 25

Arrhenius plots of kl and kl.
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unimportant compared with k7a and therefore cannot be
neglected, The value for k7b is not known but the rate
constant for the hydrogen-atom ahstraction by the ethyl

raaical from propionaldehyde

| 62H5 + C2H50H0' S C2H6 + 02H500

has been found (76) to be given by

log k (cc mole'lsec"l) = 11,1 - E%%%%QET
Although the CH2CH0 will be comsiderably stabilized by
resonance, reaction / 7b_/ will still be quite efficient
and the activation energy is not likely to exceed.lol‘
kc§1 per mole, If this reaction is included in equation
(9) the slope of the line will then be a function of
acetaldehyde pressure and hence there will be a higher -
value of kl' The slope of the plot in Fig. 24, together
with the values of Iy and k9, allows k6' * kg to be
obtained: the value is 8,8 x 106 cc mole ™) sec™l, From
the rate of acetone production it was deduced that k8 is

6 cc mole™ sec“l, so that it follows that k'

6 1 sec'l. The controlling factor of

7.0 x 10
is 1,8 x 10~ cc mole”
the slone is thus mainly k8 and the contribution due to

k6‘ is small, It is for this reason that the pressure

term within k6' does not affect the slope to a very great

extent and the dependence on the square-root of the

concentration of acetaldehyde still holds. Since k6'
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involves such a complicated function, it is not possible to
'gain meaningful information., The steady-state equation for

the total radical concentration is
vy = v9 * V10

whence v, = Vg, + v
| 1 (‘2}[6 021{5()1{0

k [011301;0] = ky [0}13] SRS [cn3] [0112cno] ’ ‘

o] ? v, o0t [omgom0)
Kog + Koy '[cnscno] .

At the limit when P is large

K [01{30}10] = [0173] 2 (g + l_‘_}l_{gf_g )
7h . E

Since the slopes of the two Arrhenius plots of k; and ki

in Fig, 25 and 42 are essentially the same, this implies that

Gutd v Fdi L

Bo * Eg = By & 0. If we assune that reaction /10_/ does

not require any activation energy, E6 is approximately equal

to E It is interesting to note that in reaction 1—6;7

70°
both of the reactants involve a stronger set of bonds
than the corresponding bonds of the reactants in the
isomerization reaction ZT?b_7, and it is likely that the

activation energies for both reactions are similar,
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Propionaldehvde Production

The fact that propionaldehyde is formed as an
initial produc£ suggesps the presence éf the radical
CH,CHO, which is presumably formed by reaction [67.

‘The participation of‘this radical was previously suggested
by Wall and Moore (31) to account for the considerable
amount of methane-d2 formed in the pyrolysis of a mixture
of CH3CHO and CDBCDO. Since the ordinary Rice-Herzfeld
mechanism cannot account for the formation of the ahove

product, a modified mechanism that includes the CH20H0

radical is necessary:

CH —> CH, + CHO
CH3 HO 13

CH,, + CH,CHO —d CIII& + CH,CHO

3 3 2

CDSCDO + CH2CH0 —> CH2D CHO + LD2CD0

The CH20H0 rédicals in the acetaldehyde pyrolysis

can undergo the following reactions:

(a) Recombination with methyl radicals to give propion-
aldehyde, as in reaction /10_7.

(b) Intermolecular isomerization to give acetyl radicals,
as in reaction Zf?h;7.

(¢) Unimolecular decomposition to give ketene and hydrogen
atom, as in reaction /[ 7a_7/.

The steady-state concentration of this radical will thus

be:




ke [an] [cn3cno]

[cn20no] = Kog * Koy [cuscno] * k1o [ 0"3]

On the assumptioh that the value of klo ié similar to
that of kg, the term kjo [cn3] will not be significant
and cen he omitted from this expression. Because
propionaldehyde decomposes rapidly at the temperatures

of these experiments (77), and because of the difficulty
{nvolved in determining small amounts of propionaldehyde
in the %resence of large amounts of acetaldehyde, it is
difficult to make a reliable estimate of its initial rate
of formation; the rate is smaller than the rate of ethane

production, At a pressure of 117 mm Ilg at 523°C, the rate
13

of propionaldehyde formation is estimated to be 1.5 x 10~
mole cc"{ sec'l, as compared with a rate of 5.9 x 10713
mole cc"1 sec'1 for the rate of ethane production. The
rate of propionaldehyde production is

Vo 1,070 * Ky [cnj] [cnzcno]

kyq ké [cn3] 2 [cnscno] )
Koy + Koy [CHBCHO] + kg [cn3]

In Table 1 we have made a rough estimate of propionaldehyde

formation at different pressures at 52300, the order of
which is closer to unity than 2, This suggesis that the

) £ th o
term k7b [CHSCHO] is greater than Kmge If the reverse were

true, the order of propionaldehyde formation would have been
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2, The CH2CHO radical, by analogy with the allyl radical,

will be considerably stabilized by resonance, It was
pointed out in an earlier section, however, that the
activation energy for the isomerization reaction is not

likely to exceed 10 keal per mole,

Ketene Production

Ketene decomposes rapidly under the conditions
of the present experiments, so that it was not possible
jo make a direct measurement of its rate of formation,
Beside its high reactivity, ketene also polymerizes with
acetaldehyde at low temperatures (residual polymer is
always ohserved in the -146%¢ trap after each run); as
a result of this, ketene was not detected by gas
chromatography. The rate of its formation can, however,

be estimated on the basis of a material-balance equation,

n.cno * Ve co

v = v + v + Vv
H C1t,,COCH 02H6 C2 5 o

2 373

which is readily derived from the steady-state equations,

At an initial acetaldehyde pressure of 117 mm Hg at 523°C

the rate of ketene formation is fcund to be, from the

rates in Table 1,

) -13 -1
VCHOCO = 26,6 x 10 mole cc ~ sec

The steady-state equation for the radical CH20H0 is

Ve = Vo * Vo + Vg (13)

(12)




- It follows that

AR it h e e M b i g 2

Both Vaa and Vip 0 be estimated. Unfortunately, the

rate of the isomerization reaction / 7b_7/ cannot be

measured because the product of this reaction decoﬁposes

into CH3 and C0, It is therefore not possible to determine ,

\f3 and k6 in this systen, ' ?
The relative concentrations of [CHQCHO] and

[CHB] can be estimated from the following relations: )

V1,010 = kyo [ 0113] [0112cno] (11)

and

o, K [ cy ] 2 (14)

ClH..cHno ko Vv
2 9 "C,l.CHO
[ ) = 25 | (15)

[0"3] Xy Vo, it

0
1t k9 and k,, are equal, at 523°C,

[01120}10] REE: 1071 s
[0}13] Tsox10

3
formed much less rapidly CH2CH0 is present in much higher

1t was noted that {cn co] /[0“3] is 1072 to 107, Although
concentrations than CH3CO, hecause of its lower reactivity.

The Decomposition of the CH20H0 Radical

The decomposition of the CH20H0 radical cannot
be studied directly but its rate can be estimated according

to the relaiionship
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v, V
72 V4 k7a kq

= cngeio] | 16

V10 0 [ 3 16)

v, 1s the rate of formation of methane from the overall %
reaction, Vyp can be estimated hy subtracting Ry from ;
2"'6 ' i

the rate of initiation, and Vg can be ohtained by subtracting

Vacetone M4 Iy [CH3CH0] from the rate of hydrogen production.

With the assumption that Kjo 18 4.2 x 1013 cc mole™! sec"l,

k7a can he calculated from assumed values for the rate of

acetone formation at higher pressures., The values thus

obtained are plotted in Fig, 26. The half darkened circles

represent the values of k?a calculated from assumed values

for the rate of acetone formation at higher pressures., The - Q%

slope of the line is one; the decomposition of the CH20H0

radical is thus completely in its second-order region, The

Arrhenius plot for the low-pressure limiting rate constant

is shown in Fig, 27 and

Goid VGEi

96, 300 | "

= 14,04 - Z—‘%—m

. On the basis of the Fassel-Rice-Ramsperger theories the

0

-1 -1
log k?a (ce mole™™ sec™ )

theoretical activation-energy difference between the high

- and low pressure limits is

| By - E, = (s~ 3/2) R (17)

Here s is the number of effective degrees of freedom, which
is usually equal to ahout half of the total number of

vibrational nodes, If we assume that s = 6 for the CH20H0

decomposition, then E?a is equal toz~ 34 kcal per mole,
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Pigure 26
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Figure 27
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vhich is in good agreement with the value of 35 keal per

mole estimated by Bensoun (78).

The CO, and Cot, Production

The initial rates of formation of both CO2 and
02H4 are non-zero, so that these substances are primary
prodects, The double logarithmic plot for Czlrl,l formation
is given in Fig. 26 and the order is 1.5 at 540°C, which
suggests that the 02H4 production is resulting from the
reaction hetween a methyl radical and a CH30H0 molecule:

n
|
o —> 1, =0~-C=ClI
CH3 + CLSCHO ~— 013 0-C 013

H
| :
CH,,-0-C-CiI -—> Ci,0 + C Hq

3 3 3 2
Other products such as CHSOH or CHBOCH = CHQ, which may he
produced from the ahove reactions, were not detected, The
time-course studies of CO2 in Fig. 2 show a.sharp increase
in its production at high conversion, indicating that both
primary and secondary reactions are occurring. The initial
formation of 002 nay be due to the reaction of the acetyl

radical with acetaldehyde:

R ' 1
CH300 + CH30N0 o 002 + 03L7

and the secondary contribution of 002 can be attributed

to the following reactions:

&t & SALr i

S

e >
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Figure 28
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Firure 28
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- 2(/ “r IIB I3 E : 6
.

I |
(01.3)2 Clio + CO0 —p co,, + 03157

The oxidation of carbon monoxide to carhon dioxide is
quite probable in this system, On pyrolyzing a mixture
of t-butyl peroxide and formaldehyde, Lin (79) has found

a large amount of 002, vhich is probably due to

(0”3)3 €O + CO —» Co, + (014.3)3 c

The reaction of carbon monoxide with itself,

CO + CO —> 002 +C

was also studied but was found not to occur at 52300.

Inert Gas Effect

The effect of inert gas on the rates of methane,
ethane, acetone and hydrogen production was examined with
different initial pressures of acetaldehyde at 540°¢C,

Carbon dioxide was used in these experiments because it

does not interfere with subsequent analysis of the above
products, The main drawback in employing carbon dioxide

in these eyperiments is its low efficiency in energy transfer
processes; as a result, a much higher pressure of CO2 has

to be used in order to bring about the same effect as

acetaldehyde,

>
>
3
i
i
%
Sy
P
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In an earlier section (see Fig, 8) has heen
shown the pressure dependence of the overall rate constant,
Koyerar1? “ich is a measure of the ratio kl/kg. The rate

expression for methane formation is
k 1/2

ok (L : 3/2
o, 14(119) [mﬁcno] (1)

The ratio kl/k9 can he calculated from the rate of formation
of methane; the values at different pressures are tabulated
in Table 7 and represented by circles in Fig. 29, It is
seen that the ratio kl/k9 falls off at low pressures,

The effect of CO, on methane production is

2
examined and shown in Fig, 30. The first set of graphs

corresponds to 42 mm CH30H0 and 42 mm + 210 nm 002, the
second set to 21 mm CH30H0 and 21 mm CH30H0 + 220 mm 002.

The increase in rate of methane formation, i.e.

vﬁnq - vgnq/vguq is only about 8-10% in hoth cases, In order
to confirm our ohservations this work has been extended to 2
lower pressure range in which the rate of methane production
is more sensitive to foreign gases, i.e. the ratio kl/k9 is
well in its pressure-dependent region, The rate of methane
production is increased by as much as 50% on the addition

of CO These results are surmarized in Table 8; Fronm

20
Tables 7 and 8 it is seen that the addition of 002 increases
the ratio lcl/k9 at all pressures with the exception of 79 mm
Cll,CHO. This is understandable as the ratio kl/k9 is not in

its pressure-dependent region, It is also noted that, with

the pressure of CH3CHO kept constant, the ratio kl/k9 is




86°T 392 °0 ¢°3 ,9.L°0
£8°1 9IL°0O 3°S 88°T
96°1 896°0 £°6 73°1
c2°3 G361 €y ¢33y
G0°¢% €e3°3 Sl1 S°11
60°¢ 189°8 087 33
10°¢ £60°¢ o3t 3%
1 88°% 196°% o%9°¢L 6L
@ 0% % g6L % 003 ‘9 8TT
i LG ¢ 896°% 00%£°6 36T
08°¢ GGT* % 00¢ *¥%T 861
9%°% ‘ . 86&°¥% 00053 363
3%°% cI8° % 000459 £9¢
< T %" ceos 00 9 fouw
OHO“1ID b - i-
o0 a1owm or x [&84elL nH t
L 03 10 o, 0t o
2 A 3L + A ot mﬂOH x A Fi1 wm g

TO1701pOId QUuB(joul WOXJ POjeLNOoLeD
“0,0%S 3@ 6y/Ty 30 sentwa ouy - L °TAul




Figure 29

Plot of log,, kl/kg vs. logy, P (mn Hg),
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Figure 30

Typical yield-time plots for methane
formation in the presence of 002.

b 42 mm CILCNO
§ 42 mm CIL,CHO + 210 mm 0O, .
o 22 mm CILCIO

o 22 mm CH,CHO + 220 mm 002

3
3



Figure 30

Typical yield-time plots for methane
formation in the presence of 002.
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o 22 mm CH,CHO + 220 mm 002
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increased towards its high-pressure value by adding different
amounts of 002 each time, This ratio will he brought back to

its pressure-independent region if enough CO, is added. The

2

results indicate that in the intermolecular transfer of |

energy, carhon dioxide is only about half as efficient as

acetaldehyde, according to the relationship |
= plo T

Posrective = P(CN5CHO) + A P002 | (18)

The efficiency of acétaldehyde is assumed to be unity,

The results with added CO2 are indicated by X in Fig. 29,

The effect of carbon dioxide on ethane formation

is shown in Fig. 31 and the rates are given in Table 9.

va 10x

v and v represent the rates of formation of ethane

in the presence of five and ten-fold amounts of 002. The

rates of 5 x 10717 and 2,54 x 103 nole oo™t sec"1 for the

two different pressures of CH30H0 correspond to the rates

of ethane formation in the first-order region, The rate
expression for ethane formation is

ky

~ ¥ (1—55) [01\301.0] (14)

Yo ® kg [0113]
It is to be noted that the percentage increase in the rate
of ethane formation is higher than for methane formation
mainly because there are more pressure~dependent terms
involved in this rate expression,

The effect of €O, on the rate of acetone formation

2
is small and the percentage increase in rate is similar to

that of methane formation, The yield-time plot for acetone
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“Figure 31

Typical yield-time plots for :ethane
formation in the presence of 002.

§ 42 mm CH,CLO

3

A 42 mm CH3CH0 + 210 mn CO2

o 22 ma CII,CI'O

o 22 mm Cl,CHO + 110 mnm CO

3
3 2
0 22 rm CHBCHO + 220 nn 002
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Pable 9 - Effect of 002 on ethane formation
at 5&000. A1l rates are in mole cc"1 sec"1

P L1000 VCOH x 1047 vgxn x 10 véoﬁ x 1017 .
26 26 276 L
mm g
112 lioo 500 ~
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formation is shown in Fig, 32 and the rates of formation of
acetone are given in Table 10, Table 11 shows the ratio g
kl/lc9 calenlated from the rates of acetone formation at
54000. These values can he superimposed with those calculated ;
from methane formation shown in Fig. 29, The rate expression

for acetone formation is 3%
L

1/2

¢ l g

—t

v

Both emations (1) and (6) contain the square root of the

[

ratio kl/k9 and hoth show 3/2-order dependence on acetaldehyde.

If it is assumed that the decomposition of acetaldehyde is

completely in its second-order region, the relevant equations
are ' E

[17  clgeu0 + CiyC0 > G0N0 + Cily + CIO £n

[it 7 Cli5CHO + X —> Cll; + N0 + X
1 v — T he 1
[T  Crg + O + CUg0H0 —> Colig + CH,CTIO0

L1 7 cig o+ Clty + X —> Gyl + X

The steady-state treatment leads to

K. ! 1/2
X X w0l + = [‘]
Von, Vi, COCH [CH3C*‘°] R
S = o (19)
0 0 {
v s N 1 []
an,  eigcoon, [om,er0] + - [X] |

where X represents any third body.

Theoretically, the rates of methane and acetone

production should be influenced to the same extent hy
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Figure 32

Typical yield-time plots for acetone
formation in the presence of 002.

4§ 42 mm Cl,CHO

3

4 42 mm CH30H0 + 210 002

0 22 nmm CH3CH0

o 22 mm CHBCHO + 220 mm CO2
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Pahble 10 - Effect of CO? on rate of formation of

acetone at 5&000. All rates are in nole cc"1 see"1

Cro 0 x 103 % x 1013 10x

Pl vacetone “acetone vacetone

: x 1013

mm g

42 11.5 12.4 -
22 1‘03 - ‘*07
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Table 11 - The values of kl/k9 at 540°C
calculated from values of acetone production

P Cl,CHO P CO

3 2

mm g m lg
198 -
152 -
118 -
79 -
42 -
22 -
42 210
22 220

vacetone

k

B

3

CHO |

3/2

x 10

20

mole cc"1

3.88
3450
340
4,16
3.65

3453
4,2

4,2

:',;;:
4

TUgbtd Vel
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addition of inert-gas, and this is actually observed.

The rate of hydrogen production is influenced
by the addition of inert gas to a greater extent than that
of the other products. This is shown in Fig. 33. The
rates of formation are given in Table 12, The rate
expression for hydrogen production is given by

K 1/2
=y [cn cno] N (--19-) (k' + kg) [01130110] 3/2

5 3
(9)

The rates of hydrogen production are increased to a greater
percentage than those of ethane, This is to be expected
since the rate expression contains at least three terms
which are in their pressure—dependent regions,

On the whole, the results of the inert-gas studies
are consistent with the mechanisn proposed, However, the
main factor behind all these operations is the understanding
of the ratio, The results of Dexter and frenwith (17) can
be explained on the same pasis. When 250 mm of acetaldehyde
was pyrolyzed in the presence of 200 mm 002, they found that
the yields of acetone and methane remainimnchanged and the
rates of formation of hydrogen and of ethane increased.
These ohservations are consistent with our mechanism; the
individual rate constants kl and k9 are pressure—dependent
while the ratio of the rate constants shows very little

dependence,

i
\
|
!
i




- 100 -

Fipure 33

Typical yield-time plots for hydrogen
formation in the presence of (0.

8 42 mm Ci,ClO

3
8 42 mm CH,CII0 + 210 mm CO2
o 22 mm C11,,CI0

o 22 mm CILCHO + 110 mm 002

3
3
3
0 22 mnm C!!:,)CHO + 220 mn 002

‘”"i‘“
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Table 12 - Effect of 002 on rates of hydrogen production

at SMOOC. A1l rates are in nole cc"1 sec"1

o
P G010 v x 1013 vg" x 1047 v;‘[(’xx 1013 |
9 9 2

mm g

42 32 56 -
22 14 23 32,6
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Surface Effects

(a) Packing

In experiments with the packed vessel at 500°C
the S/V ratio has increased 16-fold from 0.6 to 9.38 o™t
A1l the products show a small increase in rate, the results
being shown in Figures 5, 12, 18, and 23, The initial
rates of formation of various products are given in Table
13, 'The incresses in the rates of formétion of Cﬂq, CHBCOCH
h2 and C V6 are about 10, 10-15, 20 and 15-20 percent

respectively, The ratios vq ”6 /VCU at 118 mm pressure of
2 h

01,070 »t 500° ave equel to 8.k X 10" and 8.5 x 1070 for
the packed and unpacked vessels, Although the individual
rates have increased, the ratios of the rates remain
essentially constent, These resulis suggest that the small
increase in rate can he atiributed to a surface initiation
reaction, As soon as the chain is initiated, the rest of

the products will increase proportionally according to the

relationships
1 '1’
5 v - .
k.“ c,.
9 .20 [cn cx'fo] (3)
k Vo 3
Ll cH
4
k8 vacetone
and AU AL L (8)

K o Ve,

The ratio v /VCP can be explained on similar grounds.,
!

acetone

39

" ;m/[u i
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1t hes been shown by Lin and Back (55) that the
process 02H6-# QCHS is not effected by changing the
surface:volume ratio, and from the principle of microscopic
reversibility, Cl’!3 & CH3-—¢ 02H6 should not he influenced
by the nature of the surface. Takihg the rates of formation
of various products at S/V values of 9.38 ent and 0,6 et i
the rate at zero S/V ratio can be obtained by extrapolétion.
This has essentially the same valué as the one obtained for
the unpacked vessel, Therefore, the rates of formation in
the unpacked vessel for various products are homogeneous,
The initistion on the surface may be of the type proposed
by Wojiciechowski and Laidler’(eo), in which initiation wmay
occur as

CH3CH0 + S5 — CH300 + S-H

probably followed by
S}l —> S + 11
or partially by

- CII3 + IS ——> Cﬂq + S

17 the latter reaction dominates, i.e., surface is equally
involved in both initiation and termination, there will he
no net effect of surface on the overall kinetics, There

is no direct evidence as to vhether the termination occurs
on the surface or not, but it is clear that the initiation
is more sensitive to surface than the termination reaction,

In the thermal decomposition of CF3CHO (65), an

‘
|
|
|
I

Citd ity



jincrease in rate was also observed when the reaction vessel
vas packed with silica tubing, The overall activation
energy is similar in both cases, Since the minor products

were not analyzed, the detailed role of surface is unknown,

(v) carbon Coating
In kinetic studies of the gas-phase pyrolysis of

alkyl halides, it has proved necessary to "season" the reaction

vessel in order that reproducible kinetics may be obtained (81).-

"Seasoning" may be achieved by prolonged treatment of the
vessel with the compound under investigation until a |
carbonaceous deposit is observed, It was believed that this
coating covers active sites in the polar glass surface so
that heterogeneous reactions were eliminated, Holbrook (82)
found in 1964, however, that the carbon deposit from the
gas-phase pyrolysis of allyl bromide showed a strong e.s,r.
signal and that it had an odd elcctron content of 1018 per
gn, He proposed that such carbons might therefore be
reactive rather than inactive as previously believed.

llolmes (83) found that allyl-bromide carbon catalyzes the

LI decomposition and olefin isomerizations, The activation
energies for these heterogeneous reactions are lower than
those of the corresponding homogeneous reactions, In the
present work, it was found that the rate of the acetaldehyde
decomposition was almost doubled when the reaction vessel
was coated with allyl bromide carbon. These results are
shown in Tables 14 and 15, The double logarithmic plot

for methane formation is shown in Fig. 34. The order of




Table 14 - Effect of carbon coating on the

overall rate of acetaldehyde pyrolysis‘at

480°cC,

A1l rates are in mole cc’l

see

Uncoated Vessel

p CB30H0 np Hg vC”q x 10
1 3.3
118 6.24
150 9.13
195 13,2
295 25.2
559 65.3

Coated Vessel

OO mn g ey X 1010
86 7.2
93 9.2

120 12,3

157 19.4

204 24,5

241 36,4
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Fipure 34

Order plots for methane production at 580°C
in coated and uncoated vessels,

o uncoated vessel
o vessel coated with allyl bromide carhon

Note: no change in overall rate,
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methane production is 3/2 in both the uncoated and coated
vessels, The processes responsible for the surface-

initiation reactions are suggested to he either

(i) OlL,CIT0. + S —> SH «+ cn}co
orY
(i) G0 + 5 —> 01{30110*
*
CIL,, CF cr 1,,CHOT :
I,CH0° + CHGCH0 — CHCHOT + C11,00

where GH3CH0* represents an excited species, If reaction
(ii) is significant in the initiation process the steady-
state treatment leads to an overall order which is higher
than 3/2; this is not observed., Reaction (i), the

ahstraction of the hydrogen atom of the aldehyde group by
the surface, therefore, seems more probahle, These

observations show that a pyrolytic carbon with a high odd

electron content is capable of initiating free~radical

reactions, as postulated by Wojciechowski and Laidler (80).

Time-Conrse Studies

Attempts have been made to derive some mathematical

functions to fit the experimental time-course data, Since

the rate of dissappearence of acetaldehyde is

- E_Lyl =k [M'l3/2

dt "

it follows that

=]
}
}

e i
LSpLs¥
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el ©

(20)

[M] - |- 2 [M] ¥

<t[hq e

vhere [M] o is the initial concentration of acetaldehyde.
The concentration of methane as a function of [M]o, t and

k can be expressed using

[on] = [, - [v] | (21)

Comparison of calculated yield-time curves with experimental

results for methane production is shown in Fig. 35. The

caleulated curve agrees well with the experimental results
even to very high conversion (70%), indicating that the

bending of the curve is due to the disappearence of >

acetaldehyde only. It is of interest here to nention a few

points regarding the analysis of the kinetic results, In

ENH g Rt

Fig, 36, curve A is caleulated from equation (21) divided

by t and curve B is calculated from the equation

1 3
a [cnq] ( 2 [Mlol (52)

which is obtained by differentiating equation (20), The
circles represent [CRQ] /t ohtained from experiment, It

is noted that both methods give the same initial rate and
that the differential method deviates from linearity at a
much carlier stage., The extrapolafion to obtain the initial
rete by the differential method is therefore less reliable

than the corresponding integration method,



Figure 35

Conparison of calculated yield~time
curves with experinental results for

methane production,

Solid curve caleulated from equation (21).

Experimental pointis indicated by circles,

A = 523°C 117 ma lg
p = 500°C 118 mm lig
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Fipure 36

el Rt

Comparison of integrated and differential
rate, Experimental points indicated by circles,
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of formation of acetone is

1/2
gulhgitone] = K (§§) [M] 3/2

and hence 1

[Acetone]

vhere 2

and

[Acetone] kl 1/2 3/2
lim T = kg (E—) [h]o
t—>0
since v ]
2] = - =T 5| =
‘=50 U I [m]oz + 2) 4

According to the proposed mechanism, the rate

1 1
" (kt [M]OW + 2)2

(23)

(24)

The ealenlated yields of acetone calculated from equation (23),

agree with the experimental yields up to 50% conversion, as

shown in Fig, 37. Again, the curvature in the plot is due

to the disappearence of acetaldehyde alone.

Similarly, the yield of ethene production can be

derived using the equation

SUTL - S

GETEV LEEEL




Figure 37

Comparison of calculated yield-time curves

with experimental results for acetone production,
Solid curve calculated from equation (23).
Experimental points indicated by circles.

= 523°C 117 mm Iig
500°C 118 mm Hg
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k !
[02116] = Xg (]—%) % [M]j‘ —é—-(kt [Mioé' 5 (25)

rig. 38 shows the calculated curves and the experimental

points.
The rate of hydrogen production is given by the
equation
1/2
a[n ] X
_t 2. 1 1 [_] 3/2
2=y [m] s (ig" + Xg) (kg) M (9)
and hence,
[H ] 4 k 1
2= 2 ]t % 1 *
0 (xt [M] S v 2) b
i ]
k, ° [
: 1 M 1
4(1{‘+k)(——-) LN L T
6 8" 'k X gt (kb [M]o2 + 92)%t
(26)
or
[n] |
= - 1(t) = y.g.(t) ' (27)
where

4 X 3
£ (t) "1;"'1" [“]o% '12—’3 " (it [r-iio"‘l" +2) %
]

i
]

PR ¥ LA E
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Figure 38

Comparison of calculated yield-iime curves
with experimental results for ethane

EE production, Solid curve caleulated from

%i equation (25). Experimental points indicated
% hy cireles.

i% A= 52300 117 mm Hg

> = 500°C 118 mm Ig

=
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The plot of [112] /t - ¢(t) vs. g (t) is given in Fig, 39;
a linear relationship is ohtained.

It is concluded that the production of CH&,
CHSCOCH., C2H6 and H2 is consistent with the proposed

mechanism, and that there is mo loss or gain of these

products resulting from other secondary processes,
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|
|

Figure 39 s

SLEREe 2 :

3

Plot of [:»12] /t - 2(t) vs. g(t) at 523°C.
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CHAPTER IV o

GENERAL DISCUSSION ' i

In this chapter, additional discussion is made

on a few special topics which previously have not been

described in detail,

Unimolecular Decomposition of Acetaldehyde

It is seen from Fig. 29 that the ratio kl/k9
at 5&000 hecomes pressure—dependent below 20 mm Hg. On :
the other hand, the rate constant.k9 shows a drastic \
pressure dependence below 80 mm Ilg and a small pressure - \
dependence at higher pressures (see Fig, 13). [From these 5
observations, it is obvious that ky rnust experience a

pressure dependence similar to that of k9 at higher

pressures, lLiowever, at lower pressSuresSy kl must be
‘ falling-off faster than k9 so that an overall decrease
%1 in the ratio kl/k9 is noted, Since the rate of initiation

must be equal to the rate of termination,

v, =V + ¥V N (28)
1 = Yo lig 015010
" ' W 1
ky [cnscrm] = Xy [%01-0] * Vel 010
v -y
C,i.CN0
P L 2 (29)

1 1 T v
1, Ol
[c 1 o]
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The values of kl' at different pressures can be calculated
from the rate of formation of ethane, These results are
1isted in Table 16, Fig, 40 depicts the falling-off of
this rate constant kl‘ as a function of pressure, The
effect is very pronounced at lower pressures and still
noticeable in the high-pressure region. Since kl' is a
function of pressure, an average value of kl' would be
meaningless. It is necessary to ohtain the extrapolated

value of k.' by plotting [CH CHO] /v against the
1 3 Cotly

reciprocal of the squére root of the acetaldehyde pressure.
This is shown in Fig, 41, The Arrhenius plot of kl' is

given in Fig. 42 where darkened circles 1nd1eate the
extrapolated values; Squares represent a pressure of 77

mn, open circles 150 mi, darkened triangles 295 mm and crosses

559 nm., The rate equation, obtained by the method of least

squares, is
82,700 + 1500

-1
lor k.' {sec = 16.25 + 0,45 -
©h ) - 2,303 RT

In order to ohtain k,, the texm VCQHSCHO/ [CHBCHO] must be

added to k,' according to equation (29). Accurate
determination of propionaldehyde is difficult due to the
prescnce of large amount of acetaldehyde and also because
propionaldehyde decomposes rapidly at the temperatures of
these experiments., The results for the rates of
propionaldehyde production quoted in Tablés 1 and 17 are

therefore subject to a large margin of error., The values
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Pahle 16 - The values of kl' obtained

from rates of ethane production

Presiure vcgﬂﬁ , 0 %_ x 10—7 sec extrapolated
ma 1ig TE;~EE§T x 10° sec 1 %*T x 107 sec
: 1

T = 480°C

11 0.13735 -
118 0.1321 7.57

150 0,1%68 7.31 6,10
195 0,1387 7.21

295 0,1416 7,06

559 0.1470 6.80

7 = 500%

20 0.%048 3.28

30 0,49226 2,37

171 0.5948 1,68

118 0,6089 1.64 .

150 0.5786 1.73 1.30
195 0.6477 1,54

295 0.6537 1.53

559 0,6855 1,46
T = 523%

20 1,365 0,7326

30,5 1.546 0.6468

40 2,022 0.4945

55 2,085 0,4796

11 92,4220 0,4029 0,30
117 2,50 0,4000

150 2,42 0,4132

195 2.42 0,413

292 2,66 0.376

558 2.73 0,366
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Table 16 (continued)

e Y ¢ i
Pressure VCQHG ; 4 %T % 10 7 see extrapolatec
11 T oy X 107 see E Lo x 1077 sec
mn 1ig [CH cno] T :
34 1
p = 540°C
29 3,687 0.271
42 4,828 0,207
79 6,418 0,155
118 6.102 0,164
152 6.50% - 0,147 0.10
198 7.324 0,137
206 7.14 0.140
56% 7.20 0.13%9
%
E
%
4
,‘ ‘ 4_!
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; Figure 42
ég Arrhenius plot of k;' and kf'
g o k' at 77 mm
% o k' at 150 m
: ] kl' at 295 mn
g X kl' at 559 mm

0 kl' extrapolated

§1
) kl

TR ) |
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table 17 - Values of v(,2“50m/ [01530110]at 118 mn

and kl' as a function of temperature

Temperature % VCQHSCHO , kl' X 107
et X 10
[oreacng
540 2.15 10,0
523 0,64 3433
500 0.21 0.77
480 0,08 0.16
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[}
of k, obtained fron the rates of cthane and propionaldehyde
production are shown by half-darkened circles in Fig, 42;

the rate equation is

". _1 . 79,000 i 2,000
log X, (sec™) = 15,30 -

9,303 RT

The frequency factor of a unimolecular reaction
in the high-pressure region can be related to the entropy
of activation by the expression

, #
A=Ke(_i_§_£)eﬁs /R

where 8S is the entropy of activation and k the
transmission coefficient, assumed to be unity. The ratio

13 see"1

kT/h is approximately equal to 10 at ordinary
temperatures, A frgquency factor of this order of
magnitude is referred to as a "mormal frequency factor"
and will have a value of 4S close to zero, Most
unimolecular reactions possess A factors in the range
101’2'5 to 1014°5'sec"1. However, there are some reactions

1

whose frequency factors are higher then 1013 sec "~ hy

several powers of ten; for example, the value for the

15 1

decomposition of acetaldehyde is of the order of 1077 sec .,
These high frequency factors are related to positive
entropies of the dissociation reaction; in other words,

the entropies of the activated complexes are abnormally
high, This type of activated complex is generally known

as a "loose complex", because certain vibrations in the

activated state are softened, The theory of high frequency
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factors has been considered in some detail by Steel and
Laidler (84). 1In view of the similarity between the
acetaldehyde and ethane molecules, the entropy changes
and frequency factors for hoth decompositions are very
close to each other, The A factor for the ethane

decomposition (55) is 1,00 x 1010 sec™

+ The entropy
change (85) for reaction /1 / is 36.5 e.u, (standard
state 1 atm.) or 16,4 e.u. (standard state 1 mole per cc),
The frequency factor for the combination of the methyl and
formyl (C}O) radicals is estimated to be 1.4 x 1012 ce
molle'1 sec™ ., The combination of CH3 and CHO radicals has
not been observed; this may be because disproportionation
dominates combination (86,87) but it may also be due to
the fact that most work has been done only at very low
pressures (87).

It is interesting to compére the pyrolySis of
acetaldehyde and ethane at this stage since these two
systems are quite similar in many respects, They hoth

have 2CH,, —> 02"6 as a chain-ending step and they are in

3
the pressure-dependent region in both cases, Both initiation
processes involve a homolytic cleavage of C-C bond and

become pressure dependent at lower pressures, Although it

is not possihle to measure the values of kl in acetaldehyde
as 2 function of pressure, the partial measurement of kl
(i.e. kl') is possible from the ethane measurements, This
behaviour has already been shown in Fig, 40, Setser (88)

calculated the unimolecular reaction rate for the

unimolecular dissociation of the acetaldehyde molecule on
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the basis of different models and found that the initiation
is in its pressure-dependent region at 800°K and 100 mm
pressure. It was pointed out that the results suggest
that kl falls off at somewhat higher pressures than the
kl for the 02n6 dissociation, as revealed by the fall-off
in the overall rate constant, However, the fall-off in k1

in acetaldehyde is compensated by the fall-off in kg’ S0
that the fall-off in the overall rate constant is not noted
until at very low pressures, The overall rate for the

CH30H0 pyrolysis is expressed as
. 1/2

1
Voverall = Xy ('k_)

, [cnscno] 3/2 (1)

In the pyrolysis of ethane, the fall-off in the overall rate
constent is noted at a'mnoh higher pressure than in the
CHSCHO decomposition., The mechanism of ethane pyrolysis‘

used by Lin and Back (55) is

[17 Colly —> 2 Cll
L27
[37 Colly —>  Cyll, + 1

[vT

CH3 + C2H6 —> CHQ + C2H5
Ho# Colle —>  Cglly + T,
[5a7 Colly + Colly —> C,lly,

[n 7 Colly + Cylly —  Cgllg + Gty

The overall rate of the decomposition is the rate of

formation of hydrogen or ethylene; hence,

SRR i po L e R
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. 1/2

Yoverall = k} (Ei) [C2H6] /2 (30)
The value of k5 is not a function of pressure, The rate
constant for reaction 171_7, kl, is pressure-dependent helow
200 mm and the rate comstant for the ethyl radical
decomposition, k3, is pressure-dependent from pressures
of 1 to 600 mm, Since both of the pressure-dependent terms
appear in the numerator of equation (30), it is obvious
that no compensation effect was observed, unlike the
situation in the acetaldehyde pyrolysis.

The relationships between bond dissociation energy
and the experimental activation energy can be established

in the following manner for the reaction

[17  ongeno — Ol + CHO

The enthalpy change for this reaction is related to the

activation energies (E1 and E—l) of the forward and reverse

reactions by

o _ , - =
puy = ME BT = (E) - Ey) + BT

and ﬂlq can also be represented as

T
o _ ] 0
M!l- 011190 +fo ﬁCp aT
I'ere ﬂng o is the standard enthalpy change at 0°k, By
, ¢
definition

by = D (ol - c110)
9




- 130 -~

X 1/2

- s . 11/2
overall ~ k3 (kS) [02H6] / (30)

v

The value of k5 is not a function of pressure, The rate
constant for reaction 171_7, kl’ is pressure-dependent helow
200 mm and the rate constant for the ethyl radical
decomposition, k3, is pressure~dependent from pressures
of 1 to 600 mm, Since both of the pressure-dependent terms
appear in the numerator of equation (30), it is obvious
that no compensation effect was observed, unlike the
situation in the acetaldehyde pyrolysis,

The relationships between bond dissociation enrergy

and the experimental activation energy can be established

in the following manner for the reaction

[17 CHCHO —> Cll; + CHO

The enthalpy change for this reaction is related to the
activation energies (E1 and E-l) of the forward and reverse

reactions by

an‘l’ = 0E+ 0T = (B - E;) +RT
and nni can also be represented as

a1 = 1% 4 Tac° ar
1 150 0 p

Nere ﬂug o 1s the standard enthalpy change at 0%k, By
9

’

definition

61 = p (cu

1,0 - CI0)

3
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where D represents the dissociation energy at OOK; hence

D (cH, - cr0) = (B, - E_;) BT -fof ncg dr
and 8 C;, the differcence in heat capacity of products and
reactant, can be found by integrating from zero to the
temperature under study, Unfortunately, the values of
C; for acetaldehyde as a function of temperature are not
known, Lin and Back (70), however, have shown that in
the case of ethane the value of D(CH3 - CHB) is approximately
equal to E; - 4 nr,

There are two types of unimolecular decompositions:

(a) Decomposition leading.to the formation of two products,

tﬁe recombination of which requires activation energy.
(b) Decompoesition leading to the formation of two radicals

the recombination of which requires no activation energy.
Szwarce (89) has shown that for a reaction of the latter class,
the activation energy may be related to the bond dissociation

energy in the following way:

D + RT >Lexp > D

In the case of the acetaldehyde decomposition,

D (cxz3 - Clo) In

)]
=1
o
t

"
-1
@
-3
el

+ 2 keal per mole
This value leads to

ang (C30) = 7 keal per mole

- ey,



and D (i - Cr0) = 87 keal per mole

in good agreement with the recent determination of Walsh
and Benson (90). ‘The recent value of D (CHBCO-H) in
CMBCHO"is 88 kecal per mole (72) and the present estimates

appear to support the view that D (I - CI0) @ D (CH,CO - 1I)

3
as suggested by several other authors (71,91,92). Using

the above value, we get

D (¥ - CO) = Ang (co) + a1y (m) - a¥ (1co)

~ 19 keal

There has been some controversy regarding the value for

D (M - CO), Klein and Schoen (93,9%) favor the high value

of D (1 - CO) ~ 27 keal as opposed to the low value of

~ 15 kecal chosen by Calvert (92,95)., Klein and Schoen have
argued that D (3 - CHO) & 78 keal perl nole since photo-
decomposition of Cﬂ20 by a free-radical mechanism initiated
by 3650 X radiation would not have occurred, FEarly electron-

impact studies (96) and a recent reinterpretation of the

electronic spectrum of CH,0 (97) nhave suggested that

D (It - CHO) = 75 + 2,3 keal per mole, Further electron-
impact data give the value of 79.5 kecal per mole (98).
Fowever, Walsh and Benson (90) have pointed out that the
wave length of 3650 R which corresponds to 76.3 keal per
mole is not sufficient to break the C-If bond, In order to
explain the experimental facts, they have postulated a
mechanism in which the initiation is via an excited state

of CHQO, possibly a triplet, as follows:

P T, . - A T remy oy A T I ORSOBE
S T T . o R SRR i :
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1 hv 1 * 3 *
¢ R
H20 > CH20 —_— CH20
3 aF :
CHy0 + CR,0 — CH,OI1 + CHO
M + CHO — M+ H o+ CO

In addition, consideration of the role of the formyl
radical in the dimethyl ether pyrolysis (99) supports a
value for D (H - CHO) of 87 keal per mole, Our estimated
value is consistent with the "low" value of D (H - CO),
It is interesting to point out that the information
obtained from radical reactions are quite consistent and
that vaiues from electron-impact studies are always low,

The 7r -bond energy in formaldehyde can be

obtained by the expression

p._ (Rrcuo) =D (1 - cno) - b (K - o)

T
~ 68 keal per mole

Thus, the 7 -bond energy in formaldehyde is about 7 keal
per mole lower than that of acetone obtained in our
estimation (see below)

The Decomposition of the Isopropoxy Radical

The rate constant k8 is not a simple rate

constant but an apparent rate coefficient involving two

elementary steps, as follows:
0

/
[N \
[ 17 CHy + Cl;CHO &= ((,113)2 CIl
0

(i-Pro)

RS L, t"M

!
[127  (cHg)oH — CH,C0CIy + I

g " T PR et R £
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Application of the steady-state treatment to these reactions
leads to

_ k11k12 [CHE] [CH3CHO]

k_11 + k

¥(cn,), co = k10 [1‘Pr°]

12

k{; [0113] [01-130110]

whence

kg = ———— ' (31)

In normal molecules, the carbon-hydrogen bond is
stronger than the carhon-carbon bond, and this relation is
also true for radicals (100)., If on this basis one assumes
that k_y; 5> ;g9 then equation (31) reduces to (32)

11712

or Kll k12 (32)

k, =

k-ll

It is possible to estimate k;, since Ky = kyy/k 43
can be calculated from the enthalpy and entrepy changes,
01, and 0811:
iy,
RT

is
11 (33)

K ) exp (

yp = e (-

In Table 18 (85) are tabulated values of S° and
ﬁn; to be used in estimating ¥;,. The ahove entropy
changes are in pressure units; if one chooses to have unit

concentration (1 mole per cc) as the standard state, the
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Table 18 - Approximate enthalpies of formation
and entropies of gaseous compounds and free
radicals (Ideal gas 298,2°K, 1 atm,)

11 T $ -
0“3 CLBLLO i~Pro

% cal/deg mole 46,0 63.2 753

Ang keal per mole 59,0 =397 -15.0

= -7.3 kecal per mole

[
ot
-t

Yt
fo)
L}

-33.9 eu, (standard state
1 atm.,)

it

- T
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Table 18 - Approximate enthalpies of formation
and entropies of gaseous compounds and free
radicals (Ideal gas 298,2°K, 1 atm,)

CH CH3CK0 i~Pro0
% cal/deg mole 46,0 63.2 75.3
B} keal per mole 32,0 ~39.7 -15,0
anll = ~7,% kecal per mole
85;, = =33.9 eu, (standard state
1 atm.)
|
5
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following equation will apply (101):

8s, = nsp -~ lnRinRT (34)
llence |
85, = -13.8 eu. (1 mole per cc)
whence
Kyy = exp - (=7300/17) exp (-13.8/R)7
13,8 1300
S0 ATy BITOT oo more”!

at 298,2°K

=]
«
=10 =3.02 4, 9.35 ce mole

10 2,33 cc mole‘l

From equation (32)

_Xg
12 Kll

k

1f we extrapolate our value of k8 to 298.2°K

Ky (208.2%) = 6,82 x 1072 sec

Taking E12 = 19,1 keal per mole (see below), the Arrhenius

equation for k12 is

19,100

-

log Ky, (sec™) = 12,83 -
2,303 RT

This compares well with the activation energy obtained for

the decomposition of the ethoxy radical by carbon-hydrogen

o . T -

K




)

bond fission (75):

02H50 — II+lCH3LH0

The ectivation energy for decomposition was estimated to
be 21 keal per mole, Therefore, the value we deiived for
the decomposition of the isopropoxy radical by carbon-
hydrogen bond fission is reasonable, The only value
available in the literature for the decomposition of the
isopropoxy radical by carbon-carbon fission is by Cox,

Livermore and Phillips (102); their result is

1011+8 10-17,300/4.576T sec™

-1l

At 298,2%K

1.3 x 10'1 sec"1

k11

kyo = 0,68 x 1072 sec"1 (present work)

The value of k-ll is slightly greater thon k12 at 298.2°K.
Since both rate constants are of the same order of magnitude,
and both reactions will compete strongly with each other, it
may be necessary to include reaction 1712;7 in their
mechanism. According to their scheme the only process which

gives rise to acetone is hydrogen abstraction by nitric oxide
» 1t " HN
(cn3)2 Clo + N0 —> (cps)gco + YINO

and if the total acetone formation is attributed to this

reaction, k 11 would have been underestimated, It therefore
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seens likely that k—ll has a larger value than given ahove,
end that k-ll may he much greater than k12 over the
tenperature rangé of the present investigation,

Reaction /711_7 is exothermic by 7.3 keal, The
Lheat of activation can he related to the experimental

activation energy hy the relatienship (101)

)

I #
A = Boyp * (4d -1) RT (35)

vhere 0n is the increase in the number of molecules
from reactants Lo activated complex, This gives the value
01-6,7 keal for 0B, at 298.2°K. If E_j; is taken to be
17.% kecal per mole (102) at 208.2°K, Ej; and Ejp will De
10,6 smd 19,1 kcal per mole, The heats of fornmation of
acetone (103) and ¥ (104) are -51.7 and 52.1 keal per moie
respectively, With the use of the Aﬂg values of the
species involved in reaction [—12;7, the heat of reaction
turns out to be 15.4 keal per mole which leads to ] EIQ;
14,8 at 298.2°K, hence E_;, = 4,% keal per mole,

Although the activation energy is low for reaction
/- 127, it is not important in the present system as the
concentration of the hydrogen atom is small, The activation
energy diagram at 298.2°K for these processes is given in
Fig. 43 in vhich the first activated state shows the
simultaneous formation of a C-C hond and the rupture of
the ¢ = 0 7 bond, The second activated state shows the
hydrogen atom elimination and the formation of the C = 0

7f bhond, The difference between these two states is 1.8 kcal
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Figure'QB

Activation energy diagram for addition and
decomposition reactions at 298.2°K.
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per mole and is equal to a fraction of D (C-N) - D (C-C).
It is seen from the diagram that not only is
E12 greater than E—ll’ but also the endothermicity is twice
as great. This would favor an alkyl elimination and seems
to support our earlier assunption that'k_ll > k12.
It is interesting to compare the ahove system
with its homolog in which the methyl radical is added 1o
formaldehyde to give an ethoxy radical which can then

decompose hy either a carbon-carbon bond fission or a

carbon-hydrogen bond fission:

+ CI,0 ~—> CH,CH,O

117 atg v oy 10ty

[18 7 Cl,CH,0 —p CILCHO + 1

The thermochemical data are briefly sunmarized in the
review of Gray and Williams (75).

It is noted that the endothermicities of reactions
/718 7 and /[ -17_7 are both ahout 13 keal per mole. The
activation energy for reaction [—-17_7 is almost as high
as EIS’ which is 21 keal per mole. From the knowledge of
the thermochemistry one would expect to find that in the
02H50 radical decomposition the carbon-hydrogen’bond fission
may be as important as the carbon-carbon bond fission, There
appears to be a parallel between the thermochemistry and
reactivity of the alkoxy radicals, The least thermochemically-

stable radical will decompose at the fastest rate, If we

include a few other radicals in our series, the general
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order of stahility will bhe CH30 > 02U50 > iso—CSH70 >

tert-uqngo.

Multiple Bond Formation

Good discussions of radical decompositions and
the energies of o bonds have been given hy Benson (105) and
Semenoff (106),

If we consider the C-Il bond in ethane, D (CH30H2 -H)=
98 kcal per mole, but if the methyl group contains a free
valence in the & position, then D is lowered by_approximately
60 kcal; thus D (cnécnz-n) = 39 kecal per mole, 'The
explaination for this is that on removing an I atom from

02H5 radical, we also formed a double hond, Therefore, we

can define a 7r-hond energy, Dﬂ, , as the difference in

strengths of the first and second bond-dissociation energies.

D (C-C)

o D (CH30H2 -i) - D (CI,Ch, -H)

(98 - 39) keal = 59 keal

Similarly, D, ino propylene is found to be 58.5 keal (105,
106), Using a similar approach, one is able to ohtain the

qr =hond energy of acetone on the hasis of the relationships
?
/197 (CHB)Q— C =0l — (cn3)2- C-O0+1

§i )
1
/127 (cn3)2- C =0 — (0“3)2 co & I

The tertiary carbon-hydrogen bond strength in

isopropyl alcohol has heen estimated by Barnard {107) and

— S REasot . AR I PSR R
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recently measured by Walsh and Benson (108), The value is
D ((CH3)2C (0y)=k) = 90.3 + 1.1 keal per mole. The enthalpy

change for reaction /12 / is 15.4 keal per mole; hence

W Al 1
D (c;r3boc, r3)

D ((02;3)20 (o1)-H) - D((C}I3)2 co - M)

74,9 kecel per mole

This is in excellent agreement with the 7 -bond energy in
scetone estimated by Walsh and Benson (108) from the

reactions

[207  (on), cnon —> (0113)2 CEO + I

3)2

[ 7 (0113)2 [1]1) 1 Q— (0113)2 Co + ;1

By using Gray and Williams's estimate (109) of 102 keal per
mole for reaction ZTQO_7 and Walsh and Benson's measurenents
of 27.4 keal per mole for reaction / 21 7/, they obtain

l%& (crcocn ) = 74,6 + 1,5 keal per mole.

3
Reaction / -12_/ involves a hydrogen-atom addition
to the carhon end of the carbonyl group and has an
activation energy of 4.3 keal per mole; reaction ZTL21;7 has
the seme reactants but a different intermediate because the
sddition takes place at a different site. The addition of
an 1l atom to the oxygen end of the carbonyl bond would
probahly require more energy than the one reacting on the

carbon end, For this reason, one would expect that E21

mtst be greater thanm 31,5 keal per mole. It is not
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surprising that hydrogen-aton addition to the carhonyl bond
has a higher activation energy than the addition to olefins
(110-112) since the T-bond energy in an olefin is ahout
10 - 15 keal lower than for those compounds containing a

carbonyl group,

Possible Tunnelling in the Reaction CH, + CI

CIo ~—> CH

" + CH50D :

3 3

The abstraction by the methyl radical of a ’

l
J

hydrogen atom from acetaldehyde has been studied by many
workers and by various methods; the results are tahulated
in Table 19, The Arrhenius plet for different values of

k,l/k9

W

“ is shown in Fig, 44, Our resulis agree very well

with Dodd's results and, in fact, a straight line can be
drawvn to link up his and our set of points in the Arrhenius

plot, It is noted that his temperature range is the next |

highest to ours, Taken all together the results seem to
suggest a slight increase in activation energy over the

range of temperatures investigated, One question is whether

our methane production could arise from another source, The
% only other plausible route of methane formation is by

reaction /6 7,

Cl, & C,Cl0 —=—> CH“ 4 CHQCPO

3 3

The rate constant for this process is not known but the
rate constan? for the hydrogen atom abstraction by a methyl

radical from acetone is well established, If we assume the
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surprising that hydrogen-atom addition to the carhonyl bhond
has a higher activation energy than the addition to olefins
(110-112) since the f-bond energy in an olefin is ahout

10 - 15 keal lower than for those compounds containing a

carbonyl group,

Possible Tunnelling in the Reaction CH

3 + CH3CH0 '—bCHq + CHSCDA

The ahstraction by the methyl radical of a 3

1
i
i
i
i
i
i

hydrogen atom from acetaldehyde has been studied by many
workers and by various methods; the results are tahulated
in Table 19, The Arrhenius plot for different values of

1
kq/kgﬁ is shown in Fig, 44, Our results agree very well

with Dodd's results and, in fact, a straight line can be

drevm to link up his and our set of points in the Arrhenius

plot, It is noted that his temperature range is the next %
i highest to ours, Taken all together the results seem to
suggest a slight increase in activetion energy over the
range of temperatures investigated, One question is whether
our methane production could arise from ~nother source., The

only other plausible route of methane formation is by

reaction /76 7,

1 )| Rt ——" T RN
CH3 + LHBbLO > CH, + C.QL.O

4

5§

The rate constant for this process is not known but the

rate constant for the hydrogen atom abstraction by a nethyl

g radical from acetone is well established, If we assume the
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Figure 44

1
Arrhenius plot of kq/kgz.
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rates of ahstraction of & methyl h&drogen atom from
acetaldehyde and acetone to be the sane (except for a
statistical factor of 2 in the pre-exponential factor)
the ratio k()/‘,-:li at 523°C turns out to be 0,045; i.e.,
5% of the totel methane may arise from reaction Zf6;7.
If a correction is made for reaction Z76;7, the ratio
kq/kg% will he lowered by 0,02 of a logarifhmic unit in
Fig, 44, In order that the ratio kh/kg% is in line with
the values at lower temperatures, the value of 1{6/k,1 =
0.5 must be used, This is highly improbable, The
contribution to methane formation by reaction /76_/ is
therefore a minor one.

Come, Dzierzynski, Martin and Niclause (19,20)
have shown graphically the rate of ethane production vs,
fime at 500°C and 200 nm Yg of acetaldehyde pressure.
The rate of ethane formation at 300 sec is about 5 x 10'3

-1
om g, which is 1,037 x 10720 mole per cc or 3.47 x 10 J

mole co™ sec"l. The rate of methane formation is not
riven in their paper, hut they reported that the overall

order is 3/2 at 500°C and 50 to 400 mm l'g of initial

pressure, Teking their rate of ethane formation together '

with our rate of methane production or that of Eusuf and
i

] '?:

Leidler (18) gives rise to 1,39 x 107 cc% mole'% sec
for the value of k,!/kg"‘l’-° This point is indicated by a
darkened triangle in Fig, 44j it supports the present
results and suggests that the curvation is real.

This snomaly has been ascribhed to hot-radical
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reactions, bhut this suggestion can be rejected on the

grounds that some of the work involved photosensitized
production of radicals and still showed similar results

to those obtained from photolysis experiménts. The
occurrence of this curvature at a lower temperature indicates
extensive tumnelling, Johnston (117) has applied a tunnelling

correction for the reaction

CH3 + CHSLOCII3 — CHQ + CH,COCH

2 3?
which has been extensively stndied by several workers (118- !
124), The calculated curve shows a sharp bending of the

Arrhenius plot around 400°K but the experimental data do

not show this bending until the temperature is a hundred

degrees lower, There has been controversy whether this
effect is due to hot-radical reactions; Johnston bhelieved
it to indicate extensive tunnelling, l}eNeshy and Gordon
(125,126) have studied mixtures of cuzcocn3 and €D,COCD

3 3
and ohtained directly the ratio of rates for HBD + H -

CII2000H3 and Hsb + 0 - CD2COLD3. Using theseé data,
2 together with studies of low-temperature photolysis aund
high-temperature pyrolysis, Johnston confirmed that a
small tunnelliﬁg correction is necessary to fit the
calculated curve to the experimental dafa. Excellent
agreement between calculated functions and observed data
for the reaction LD3 + 02”6 — CDBH * 02H5 has heen
shovm by Johnston (127) using a tunnelling correction,

S It is hoped that detailed work will be carried

out using deuterated acetaldehyde so that this effect may

M be better understood,
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The Overall Chain Reaction

Originally there was controversy regarding the
importance of a chain mechanism as compared with a molecular
mechanism for the acetaldehyde decomposition. There is now
much evidence that this reaction is almost entirely a
chain reaction, There is no doubt that reactioms [ 4]
and Zf5_7 sre the propagation steps and that the methyl
radical is the main chain carrier in the system, There
are at least five radicals in this system and three of
these will attack acetaldehyde, Reactions /27 and /737
constitute a secondary chain, If is noted that each ClO
radical will give a molecule of H2 and, in doing so, will

put back a CJI;CO radical into the chain, The activation

(€|

energy for the chain initiation, which is much higher than
that of the chain propagation, suggests a very long chain,
Evanination of Table 1 shows that the ratesof methane

formation are always 102 - 103

greater thau those of
hydrogen and ethane, The fact thet these products are
extremely minor indicates that the rate of chain propagation
is very rapid compared to the rate of terminaﬁion, and that
each radical must perforn many cycles before being destroyed.
the chain length ( § ) is defined as the rate of the overall

reaction divided by the rate of initiation, and in this

system

g 1
g =k, () [czr.30n0] : (36)
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Table 20 - Chain lengths d as functions

of pressure and temnerature
!
°¢/P_(mn 1ix) i 118 55 |

480 9,850 12,160 26,540
500 5,570 6,890 15,030
523 3,110 3,850 8,430
540 1,920 2,340 5,080
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temperature and pressure, It is seen that g increases -
with increase in pressurc and decrease in temperature,
Since the decrense of g with temperature is exponential,
1{\?111 approach unity when ?—00 , under which
conditions the rate of initiation would he equal to

that of propagation, Allen and Sickman (34) have studied
the azomethane-sensitized decomposition of acetaldehyde

and found the chain length to be as high as 500,

it
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CLAIMS TO ORIGINAL RESEARCIH

(1) The pyrolysis of acetaldehyde has been
reinvestigated at temperatures from 480 to 54000 at

pressures between 1 and 560 ma, The rates, as well as

the order of formation of methane, ethane, acetone and
hydrogen have heen studied in detail., A modified Rice-
lerzfeld is proposed to account for all experimental

results,

(2) The pressure dependence of the second-

order rate coefficient for the combination of methyl

radicels has been examined in the light of the inert-

gas effect,
(3) The initial split of acetaldehyde is

concluded to be first-order at the higher pressures,

The hond dissociation energy, D (CH3 - CHO), has heen
determined.

(4) The apparent rate constant for methyl
E% radical addition to acetaldehyde has bheen measured,
| From this, the rate constant for the decomposition of
i-Pr0 —» CIL,COCI; + I has heen estimated, The

r -bond energy in the acetone thus formed has heen

calculated,

(5) The falling-off of the overall rate
constant at low pressures has heen studied, The pressure
dependence of the ratio kl/k9 has been confirmed by the

addition of inert gas.

= PO i




(6) Studies have been made of various types
of surface effects on the decomposition of acetaldehyde,
(7) Different time-course equations have been

derived and demonstrate the consistency of the proposed

mechanisnm,
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