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The kinetics of the pyrolysis of gaseous dimethylmercury have been studied in the presence and absence 
of cyclopentane inhibitor from 290-375°C for the inhibited and 265-350°C for the uninhibited reactions. 
The decomposition in excess cyclopentane is first order, with methane the major product (accounting for 
>95% of the carbon). Rate constants are dependent upon the ratio of dimethylmercury (DMM) to cyclo­
pentane and upon total pressure. The constant for DMM loss is: kD =1.1X1016 exp(-55 9OO/RT) secl. 
The rate constant (from combined dRta on DMM loss and CH4 formation) extrapolated to the fully in­
hibited, high-pressure limit is: kl =5.0XlO15 exp( -57900/ RT) sec-I. 

The data for the uninhibited decomposition agree with the literature; a partial mechanism is suggested 
which predicts the transition from chain to nonchain behavior with increasing temperature. 

For the inhibited reaction the following mechanism is proposed: (1) Hg(CH3),--.HgCH3+CH3, (2) 
HgCHa->Hg+CH3, (3) CH3+Hg(CH3h->CH4+CH3HgCH" (4) CH3+C5H LO->CH,+C5H., (5) CH3+ 
Hg(CHa),->C,H6+HgCHa, (6) 2 CHa->C,H6, (7) CH3HgCH,->HgCH3+CH,. 

Using the present value of E1=57.9±1.4 kcal/mole in conjunction with known thermochemical data, 
E,=0±3 kcal/mole. From the inhibition data, k3/k4=0.7±0.2 at 300°C, with a very small temperature 
coefficient. The inert gas pressure effect is evidence for the unimolecular nature of step (1). 

INTRODUCTION 

PREVIOUS work on the pyrolysis of dimethyl­
mercury has been reviewed by LongI and Srini­

vasan.2 The present paper (I) reports new experi­
mental data on the kinetics of the decomposition 
carried out in the presence and absence of cyclopentane 
inhibitor and inert gases. The results indicate that 
short methyl radical chains are involved in the (un­
inhibited) decomposition and that the activation energy 
for the initial unimolecular Hg-C bond rupture step 
(in the high-pressure limit) is significantly higher than 
previously supposed, yielding a value close to zero 
for the dissociation energy of the second Hg-C 
bond. The subsequent paper (II) deals with the CIa 
kinetic isotope effect in the decomposition and its 
relation to the over-all kinetics. 

EXPERIMENTAL8 

A conventional high-vacuum apparatus (static 
system) was used. The surface of the Pyrex reaction 

1 L. H. Long, Trans. Faraday Soc. 51, 673 (1955). 
'R. Srinivasan, J. Chern. Phys. 28, 895 (1958). 
3 For further details, see Ph.D. dissertation, M. E. Russell, 

University of Michigan (1958), available from University Micro­
films, Ann Arbor, Michigan. 

vessel (volume 187 m!) was conditioned to a repro­
ducible state2 by performing a large number of pre­
liminary decompositions before making kinetic measure­
ments. 

The dimethylmercury (DMM) was prepared by the 
method of Gilman and Brown,4 fractionated in a distil­
lation column, dried with P20 6, distilled in vacuo, and 
stored in the dark at -78°C. Physical properties were 
as follows: vapor pressure (mm Hg), 17.2 (O°C), 
49.6 (20°C); boiling range 92-93°C (740 mm Hg); 
freezing point, -40.5°C; molecular weight (by vapor 
density), 229 (calc 230.7); %C, 10.5 (calc 10.41); 
%Hg, 86.4 (calc 86.96). The infrared spectrum of the 
vapor agreed with the literature.s The proton magnetic 
resonance spectrum of the liquid consisted of a peak 
with a shift of -3.90 ppm relative to H20 (d. the usual 
value of - 4.0 ppm for the CHa group in aliphatic com­
pounds) and two weak symmetrical satellites. The 
classical collision diameter of the vapor (as measured 
by Dr. G. A. Miller in this laboratory using the radiom­
eter technique) was found to be 7.1±0.1 A at 25°C. 

Cyclopentane (Phillips Company) was purified by 

4 H. Gilman and R. E. Brown, J. Am. Chern. Soc. 52, 3314 
(1930) . 

6 H. S. Gutowsky, J. Chern. Phys. 17, 128 (1949). 
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TABLE I. Analysis of products (mole %). 

Po 
T(°K) (mmHg) CH. C2H4 C2H6 C3H6 C3Hs C4H 8' C4H1O' 

603.7 63.4 79.9 4.9 11.5 0.6 2.7 0.1 0.3 
620.7 59.7 76.7 3.2 15.4 0.5 3.8 0.1 0.3 

a Combined isomers. 

repeated treatments with H2S04, thorough washing 
with water, fractionation in a distillation column, and 
distillation in VaC1lo. The boiling point was 49.5°C 
(760 mm Hg) ; nD25= 1.4040. 

For experiments on the decomposition of DMM 
alone, the procedure was as follows: DMM was 
metered into the thermostated reaction vessel and 
allowed to decompose for times ranging from 10 min 
to 145 hr. The contents of the reactor were passed into 
a trap at -196°C and the product (essentially pure 
methane with <2% hydrogen) volatile at this tem­
perature was transferred with a Toepler pump into a 
measuring volume. The methane was oxidized to CO2 
by cycling through a CuO tube (850°C, then 300°C), 
removing the H20 in a trap at - 78°C. The quantity of 
CO2 was measured (it generally agreed within 1% 
with that of the CH4); the CO2 was then transferred 
to a sample tube for subsequent mass spectrometer 
assay (CI3/CI2 ratio). The products volatile at -127°C 
were removed and analyzed mass spectrometrically, or 
oxidized to CO2 and/or discarded. The residual ma­
terial (whose infrared spectrum was identical to that 
of the DMM) was allowed to warm up, distilled into 
a weighing tube, and weighed as DMM to give the 
percent unreacted. 

For experiments on the decomposition of DMM in 
the presence of cyclopentane, the procedure was as 
follows: DMM and CSHIO were successively metered 
into the thermostated reactor. After times ranging 
from 18 min to 190 hr the fraction volatile at -196°C 
(consisting of CH4 plus 5-10% H2) was oxidized as 
above. The residue6 was distilled into a seal-off bulb 
(ca 250 ml) and pyrolyzed for 24 hr at 450°C (suffi­
cient to decompose > 99.9% of the DMM). The 
mercury was dissolved in hot, concentrated HN03 
and titrated with KNCS to give the percent DMM 
unreacted. For experiments of short duration (10 
min and greater, T> 325°C), DMM was thoroughly 
premixed with CSHIO and stored in a bulb. The mixture 
was transferred into the reactor with a Toepler pump; 
subsequent operations were as before. The ratio of 
DMM to CSHIO in the original mixture was determined 
by following the same mercury assay procedure. 

For certain experiments the total pressure was in­
creased by additions of known amounts of CO2 (purity 

6 The very small fraction of this residue volatile at -127°C 
was analyzed mass spectrometrically and found to contain com­
pounds similar to those in a comparable fraction from a de­
composition in the absence of cyclopentane. 

>99.9%) or SFs (purity >99%) after the DMM 
(and CSHlO) had been introduced into the reactor. 

Carbon in the DMM was quantitatively (±1 %) 
converted to CO2 by oxidation7 of a weighed amount 
in a Vycor break-seal tube containing CuO and Cu 
at 850°C for 30 hr. The H20 was removed at -78°C, 
the CO2 measured and stored in a sample tube. 

Hydrocarbon analyses were carried out with a Con­
solidated Model 21-103 mass spectrometer; for certain 
analyses and separations gas chromatography was 
utilized. 

RESULTS 

A. Decomposition of DMM Alone 

Table I gives the composition of the hydrocarbon 
product gases for two typical experiments carried out 
to about 7% decomposition. The CH4, C2H4, and 
C2H6 yields are similar to those of Laurie and LongS; 
the C3 and C4 components were not reported previously. 
The increase in %C2H6 with temperature is in accord 
with the observations of others. As noted by Srini­
vasan,2 the carbon in the products accounted for ca 
60% of the carbon in the DMM decomposed, with the 
remainder depositing on the reactor walls. 

Laurie and LongS reported first-order kinetics over 
the range 294-333°C; in the present investigation of the 
uninhibited reaction no attempt was made to verify 
the order. Apparent first-order rate constants for 
dimethylmercury loss [kD =(-2.303/t) 10g(1-f) 
secl] were obtained from measurement of the percent 
DMM unreacted for experiments carried out under 
the following conditions: initial pressure of DMM, 
Po, 57.1-76.2 mm Hg; temperature, T,539.1-623.2°K; 
fraction decomposed, f, 0.11-0.25. Apparent first-order 
rate constants for methane formation were calculated, 

1 d(CH4) 

(DMM) dt 

"'(CH4) / [(DMM)o(1-~)tJ secI), 

for experiments made under the following conditions: 
Po, 59.7-71.8 mm Hg; T, 555.3-620.7°K; f, 0.052-
0.095. Least-squares treatment gave the following 
Arrhenius equations for the uninhibited reaction: 

kD= 5.0X 1013 exp( -49900/ RT) secl, 

kM=3.7XlO11 exp( -44 700/RT) secl. 

The values for kD agree well with the data of reference 
8 obtained under similar conditions; the present rate 
constants are 5-20% lower than those of reference 8 
(where decompositions were carried out in freshly 
cleaned Pyrex vessels). Insufficient previous methane 

7 K. E. Wilzbach and W. Y. Sykes, Science 120, 494 (1954). 
8 C. M. Laurie and L. H. Long, Trans. Faraday Soc. 51, 665 

(1955) . 
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TABLE II. Carbon balance for the inhibited reaction. 

%C 
T (OK) Po," (mmHg) Q j recoveryb 

576.4 238 0.19 0.11 95 
578.0 364 0.25 0.19 96 
648.5 323 0.051 1.00 98 

• Total initial pressure (DMMo+C,HIO). 
b Based on CH, plus! of the C2H6 recovered in products (see footnote 91. 

rate data are available for comparison with present 
kMvalues. 

B. Decomposition of DMM with Cyc10pentane 

The decomposition reaction of DMM was consider­
ably less complex when carried out in the presence of 
excess C.HlO inhibitor. Methane accounted for > 95% 
of the carbon in the DMM decomposed when the ratio 
(DMM)o/(C6H IO), given the symbol Q, was less than 1. 
The ratio C2H6/CH4 in the products9 ranged from 
0.02-0.04. Table II lists typical results on the carbon 
balance for the inhibited reaction; included is one 
decomposition carried out to completion. 

The reaction followed first-order kinetics; no trend 
in the first-order rate constant (kD ) with extent of 
reaction was observed. The effect of pressure on kD 
at constant Q (0.21) is shown in Table III. The de­
pendence of kD upon pressure is normal for the uni­
molecular decomposition of a molecule of the com­
plexity of DMM; this will be discussed later. 

First-order rate constants for DMM loss, kD, were 
obtained from experiments carried out under the 
following conditions (POt is the initial total pressure): 

T (OK) 

633.1 
633.0 
633.0 
633.2 

POt, 183-364 mm Hg; 

T,561.7-649.4°K; 

Q, 0.065-0.25; 

j,0.lO-o.41. 

TABLE III. Dependence of kD on pressure. 

Po, (mm Hg) j" jMb 

321 0.41 0.42 
157 0.38 0.39 
94.4 0.36 0.38 
53.0 0.37 0.36 

kD X1()6 
(secl ) 

5.60 
5.05 
4.83 
4.73 

"f=fraction of DMM decomposed in a fixed reaction time (J59.±O.5 min). 
b fM=frachon decomposed based on methane yield (d. f values based on 

DMM loss). 

9 Tracer experiments, described elsewhere,' showed that ap­
proximately one-half of this ethane was derived from the cyclo­
pentane carbon atoms and was therefore spurious, so that the 
proper ratio lies in the range 0.01--0.02. It was also shown by the 
tracer technique that <2% of the carbon in the methane product 
originated from the cyclopentane, with >98% derived from the 
DMM decomposed. 

-4.0 

:-5,0 

'" g 

-60 

o Dimethylmercury 
G Oime1hylmercury with 

Cyclopentane 

FIG. 1. Arrhenius plot of dimethylmercury rate data. 

Similarly, rate constants for methane formation, kM, 
were determined from experiments made under the 
following conditions: 

POt, 232-363 mm Hg; 

T, 563.2-648.8°K; 

Q, 0.088-0.31; 

j,0.042-o.099. 

Least-squares analysis of the results gave the follow­
ing Arrhenius equations for the inhibited decomposi­
tion: 

kD= 1.1 X 1015 exp( - 5S 900/ RT) seer, 

h=3.1X1016 exp( -59 200/RT) sec!. 

These results compared with those for the uninhibited 
decomposition are shown in Figs. 1 and 2. 

At any given temperature the two principal variables 
affecting the rate constants were the ratio Q and the 
total pressure. Figure 3 shows the dependence of kM 
upon Q at S76.6°K in the region of high inhibition 
(excess C6HIO)' Figure 4 presents the dependence of 
kM upon total pressure at 632.0°K. For those experi-

-40 

-5.0 

-6.0 

o Dlmefhylmercury 

r:! Dimethylmercury With 
Cyclopentone 

FIG. 2. Arrhenius plot of methane rate data. 
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14 

o 

FIG. 3. Dependence of kM on Q. (Circles corrected to mean 
temperature, squares corrected to mean temperature and mean 
pressure.) 

ments in which CO2 (or SFs) was added, the pressure 
of DMM plus cyclopentane was ca 85-100 mm Hg. 
From a plot of reciprocal k vs reciprocal pressure only a 
short extrapolation is required to estimate the high­
pressure limit of the (unimolecular) rate constant. 
The values (and pressure dependence) of kD (Table 
III) are consistent with the data of Fig. 4. It may 
readily be shown (see Discussion) that in the limit of 
Q=O, kD =kM /2=k l , where kl is the rate constant for 
the initial Hg-C bond rupture in DMM. From the 
intercept of plots such as Fig. 3, kl may be obtained. 
The high-pressure limit of kl is determined by a similar 
procedure with Fig. 4 by noting the percent change in 
kM with 1/ POt. Similarly, values of the high-pressure 
limit of kl are calculated from kD data. 

Figure 5 shows the temperature dependence of the 
fully corrected kl values so obtained,lO which may be 
represented by the following least-squares Arrhenius 
equation: 

12 

u 
:: 
} .. ' 
b 
-10 

kl=5.0X1015 exp(-57 900/RT) secl. 

• 0'.20, • Q·.I7 } 
Q 0' J7. co" ADDED T. 632.0oK 
• o· 17. SF. ADDED 

D 

FIG. 4. Dependence of kM on total pressure. 

16 

10 Comparing values for kD and kM/2 with kl shows only small 
differences, due to the fact that the corrections for finite Q and 
1/ POI are of opposite sign and similar magnitudes. Using no cor­
rections, one obtains nearly the same equation: k l =4.5XI0 Io 

exp( -57700/ RT). 

The uncertainty (95% confidence interval) in EI (the 
energy of activation) is ±1.4 kcal/mole; in loglo Al it 
is ±0.52. 

DISCUSSION OF RESULTS 

A. Kinetics of the Cyclopentane-Inhihited 
Decomposition 

The following mechanism for the pyrolysis of DMM 
in the presence of excess CoHIO is proposed. A detailed 
discussion as to the evidence (both from the literature 

-4.0 

10'IT 

FIG. 5. Arrhenius plot of high-pressure, completely inhibited 
dimethylmercury rate constants. 

and the present work) for each of the individual steps 
is presented elsewhere.3 

1. Hg (CH3) 2-t HgCH3+ CH3, 

2. HgCH3-tHg+ CH3, 

3. CH3+ Hg (CH3) 2-tCH4+ CH3HgCH2, 

4. CH3+ C5H lO-tCH4+ C5H9, 

5 . CH3+ Hg (CH3) 2-tC2H6+ HgCH3, 

6. 2CH3-tC2Hs, 

7. CHaHgCH2-tHgCH3+ CH2, 

8. CH2+ C5HIO-tCsHI2, 

9. C5H9-tproducts. 

Steady-state solution of the mechanism yields the fol­
lowing equations: 

(CH3)=k4 (C5HIO)[(1+ 16kIksQ )1/2_1]~2klQ (1) 
4ks k4

2(C5HIO) - k4 ' 

-d(DMM) 
kl (DMM) [1 +2Q(k3+k5) /k4], 

dt 

d(CH4 ) 
'-d-t -=2k1 (DMM) (1+Qk3/k4), 

(2) 

(3) 

(4) 
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For the completely inhibited reaction (Q = 0), kl = 
kD=kM/2 and d(C2H 6)/dt=0 as expected. With in­
creasing Q, kD=-[d(DMM)/dt]/(DMM) should in­
crease linearly with Q. Similarly, 

should increase linearlyll with Q. 
Using a cycle involving the data of McNesby and 

Gordon12 and Oswin et al./3 one can estimate a value of 
ka/k4 of 0.2 (range 0.05-0.7) at 300°C, with E3-E4= 
1.2±1.5 kcal/mole. From the initial slope of Fig. 3, 
using Eq. (3), one obtains an experimental value of 
k3/k4=0.7±0.2 at 303°C. An estimate of the value 
of Ea- E4 was made from the present inhibition data; 
it is zero within ±1 kcal/mole. 

The thermochemical value for the sum of the dis­
sociation energies of the two Hg-C bonds in DMM is 
S7.1±2 kcal/mole14 (or 57.3±4 kcal/mole15). The 
present value for the activation energy of Step 1 
is E1=57.9±1.4 kcal/mole; assuming a negligible value 
f.t1r B_1, the value for & becomes zero (with an un­
certainty of about ±3 kcal/mole) compared to the 
previously accepted value2.a of 6 kcal/mole. Pritchard16 

has discussed the interpretation .of mercury dialkyl 
pyrolyses and has suggested that the data for a number 
of these reactions are consistent with a primary fission 
into three fragments rather than two. In the particular 
case of DMM (where previous values of the activation 
energy were ca 51 kcal/mole) he assumed that the 
decomposition occurs by a combination of this process 
("Mode 2") and the more conventional single Hg-C 
rupture ("Mode 1"). Applying Kassel's theory he 
estimated the rate constant for decomposition of DMM 
by Mode 2 to be: k= 1.9XlOl4 exp( -55 700/ RT). 
In view of the present results it is possible that the 
decomposition may proceed predominantly by Mode 2. 
In any case the low value of Ez suggests that the 
HgCHa radical is even less stable than previously 
supposed. 

B. Kinetics of the Uninhibited Decomposition 

No completely satisfactory mechanism for the un­
inhibited pyrolysis of DMM has been developed. The 
one below is similar to that of Gowenlock et alP and 
Srinivasan2 (with minor extensions); it is not fully 
adequate to explain all the observations. 

The first six steps of this mechanism are identical 

11 If one includes the next approximation in the series expan­
sion of the term involving the square root in Eq. (1), one obtains 
the result, kM =2kl (1+Qk,/k,) [1-4klksQ/k,2(C5H IO)], which 
explains the negative curvature of the kM vs Q curve (Fig. 3). 

12 J. R. McNesby and A. S. Gordon, J. Am. Chern. Soc. 79, 
825 (1957). 

I' Oswin, Rebbert, and Steacie, Can. J. Chern. 33, 472 (1955). 
I' Carson, Carson, and Wilmshurst, Nature 170, 320 (1952). 
15 Hartley, Pritchard, and Skinner, Trans. Faraday Soc. 46, 

1019 (1950). 
IS H. O. Pritchard, J. Chern. Phys. 25, 267 (1956). 
17 Gowenlock, Polanyi, and Warhurst, Proc. Roy. Soc. (Lon­

don) AlIS, 269 (1953). 

to Steps 1-3 and 5-7 in the mechanism of the inhibited 
decomposition (Steps 4, 8, and 9 are, of course, not 
relevant here). The following additional steps are 
included: 

10. CHa+ CHaHgCH2----+C2H6HgCHa, 

11. CHz+ Hg (CHa) 2----+C2H6HgCHa, 

12. 2CH2----+C2H4. 

Steps 10-12 were not included in the mechanism for the 
inhibited reaction because of their lesser importance 
in the presence of excess C6H lO• In connection with 
Steps 10 and 11, no direct evidence for the product 
CzH6HgCHa was obtained; the infrared spectrum of 
the "undecomposed residue" from the decomposition 
of DMM (carried out to 24% decomposition) showed 
no bands other than those of DMM. 

As the extent of decomposition is increased, certain 
other reactions apparently occur, producing the 
observed Ca and C4 hydrocarbons; these may include 
the following: CH2+ C2H6----+CaHs, CH2+ C2H4----+CaH 6, 
CH2+CaH6----+C4Hs, CHa+C2H6----+CH4+CzH6, 2CzH6----+ 
C4H lO, 2CzH6----+CzH4+CzH6' 

A steady-state solution of the partial mechanism 
(S teps 1-3, 5-7, inclusive) yields the following equa­
tions: 

(CHa) = [kl(DMM)/k6]1/2; (5) 

-d(DMM) _ ) f [(ka+k6)2(DMM) ]1/Z}. 
dt -kl(DMM \1+ klk6 ' 

(6) 

d(~~4) =ka(~r2 (DMM)a/Z; (7) 

d(C2H 6 ) _ [k6 liZ] 
dt -kl(DMM) 1+ (k

1
k
6
)1I2(DMM) . 

(8) 

From Eq. (6) one may approximate the ratio of kD 
for the uninhibited decomposition to kl (= kD for the 
fully inhibited reaction) using the following estimated 
values of the rate constants (in cc/mole sec) : 

ka= 2.5XlO11 exp( -10 000/ RT) /8 

k6= 1.0X108 exp( - 2000/ RT) /9 

k6= 2.1 XlOlz Tl/Z. 20 

For T=300°C and (DMM) = 1.7XlO-6 mole/cc, one 
calculates kD/kl = 18, which may be compared to the 
observed value of 11, based on the present measure­
ments of kD for the uninhibited decomposition. At 

18 Obtained' by combining data of reference 13 with that of 
R. Gomer and G. B. Kistiakowsky, J. Chern. Phys. 19,85 (1951). 

19 From a two-point fit of the data of Gomer and Kistiakowsky 
(see reference 18), i.e., logk3/k5 vs l/T. 

20 Gomer and Kistiakowsky (reference 18); also G B. Kistia­
kowskyand E. K. Roberts, J. Chern. Phys. 21, 1637 (1953). 
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550°C and (DMM) =3XlO-9 mole/cc (approximately 
the conditions of Gowenlock et al. 17 ) one calculates a 
ratio of 1.01, consistent with the lack of toluene in­
hibition noted by these authors. 

From these equations one also obtains a semiquan­
titative prediction of the increase in the ratio of ethane 
to methane yields as the temperature is raised. The 
calculations are very sensitive to the values of the esti­
mated rate constants; they serve only to show that an 
increase of two orders of magnitude in the ratio would 
be expected between the 300°C conditions and those 
of the high-temperature experiments of reference 17 
(d. observed ratios in the range 0.03-0.2 at 300°C vs 
5 at 620°C). 

The activation energy for methane formation is 
approximated to be Ea+ (E1- Es) /2 '" 39 kcal/mole, 
which is in rather poor agreement with the present 
apparent methane activation energy of 44.7 kcal/mole. 
This is perhaps not unexpected since the mechanism 
predicts 3/2 order formation of CH4• In the present 
study no information on the order with respect to CH4 

was obtained; apparent first-order constants were 
calculated and an average (DMM) used in evalua­
ting EM. 

The present mechanism suggests that in the low­
temperature region one should observe a trend in the 
order of the rate constant for DMM loss from 3/2 to 1 
as the temperature increases. A trend in the opposite 
direction has been noted in the literature. 8

•
21 It is 

apparent that a careful re-investigation of the kinetic 
order (both DMM loss and CH4 formation) for the 
uninhibited decomposition is needed in this connection. 
In addition, the mechanism offers no explanation for the 
lower activation energy (51 kcal/mole) found by 
Gowenlock et alP and Price and Trotman-Dickenson22 

in the high-temperature region -where the reaction is 
essentially nonchain. 

Extrapolation of the present Arrhenius plot for the 
uninhibited decomposition to the higher temperature 
region leads to a line which lies somewhat above the 

21 YeddanapaJli, Srinivasan, and Paul, J. Sci. Ind. Research 
(India) 13B,232 (1954). 

22 S. J. Price and A. F. Trotman-Dickenson, Trans. Faraday 
Soc. 53, 939 (1957). These authors noted the strong pressure 
dependence of the rate constant for the decomposition of DMM 
in the high-temperature region. 

literature data (references 17 and 22). The difference 
is thought to be due to the pressure effect on the uni­
molecular rate constant. The present inhibited experi­
ments were carried out at total pressures of ca 300 
mm Hg, compared to values (for references 17 and 22) 
less than 20 mm Hg; as seen from Fig. 4, only small 
corrections to the present rate constants are needed to 
obtain the limiting high-pressure values. The tempera­
ture dependence of the pressure effect on the uni­
molecular rate constant is expected23 to give rise to a 
low apparent energy of activation for experiments at 
low pressures. It is suggested that this is a factor 
responsible in part for the difference24 between the 
present results and those of references 17 and 22. 
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22, Fig. 1) k",~1.5 sec-I; from this a plot of logk/k", vs logP may 
be constructed and compared with a similar one for the present 
data (632°K). After extrapolation to allow overlap, a shift cor­
responding to n~lO is noted. [A third estimate of n based on the 
magnitude of k/k", = In (IJ) using Slater's23 relation for IJ/ P and 
his Table 3, requires more information than available. The factors 
except in are known; unfortunately the high pre-exponential 
factor gives rise to a very atypical value of IJ / P and the results 
are unsatisfactory.] Choosing n= 10 as a minimum estimate, 
Eo-Ep~8 kcalfmole near 800°K. Since Price and Trotman­
Dickenson22 used as their standard pressure a value (16 mm Hg) 
where the slope of the log-log plot corresponded to an order of ca 
1.5, the difference in activation energy would of course be smaller 
than this value (and probably somewhat smaller than the 7 
kcai/mole discrepancy sought). 


