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.002 

.909 

.937 

.960 

.987 

.008 

.033 

.074 

2.012 
1.909 
1.937 
1.960 
1.990 
2.021 
2.050 
2.097 

0.010 
0 
0 
0 
0.007 

.013 

.017 

.023 

TABLE II 

DENSITY, SQUARE OP REFRACTIVE INDEX, DIELECTRIC 

CONSTANT OF GASOLINE AT 35° 

Temp., 0C. d ithi E E - n«D 

Original sample of gaso­
line 0.7349 2 

Boiling fraction: 60-90 .6782 1 
90-100 .6933 1 

100-120 .7164 1 
120-140 .7257 1 
140-160 .7449 2 
160-180 .7619 2 

Above 180 .7910 2 

that the highest boiling fraction has relatively the 
highest dipole moment of all fractions, namely, 
0.31 X 1O-18. Benzene and carbon tetrachloride 
have frequently been used as non-polar solvents in 
dipole moment determinations. The difference in 
n2D and E for benzene and carbon tetrachloride 
at 25° are, however, 0.037 and 0.114, respectively. 
According to this criterion, gasoline should be 
more non-polar than benzene or carbon tetrachlo­
ride. 

Table III lists the dipole moment values which 
have been obtained using gasoline and similar 
solvents of indefinite molecular weights and the 
values obtained for the same compounds using 
solvents of known molecular weights. ST. LOUIS, MO. 

Castor oil 
Tung oil 
Di-n-butyl 

ether 
Ethyl-»-butyl 

ether 
Acetone 
Chloroform 
Acetonitrile 

TABLE III 

DIPOLE MOMENT AT 

in gasoline 3.62 X 1O -" 
kerosene 2.92 
kerosene 1.17 

kerosene 1.19 

gasoline 2.8 
gasoline 1.16 
gasoline 3.33 
kerosene 3.35 

25°* 
in benzene 3.7 X 10"" 

benzene 2.9 
benzene 1.22 
toluene 1.13 
benzene 1.24 

benzene 2.72 
benzene 1.15 
benzene 3.37 
toluene 3.38 

petroleum ether 3.35 

* The values for castor oil and tung oil are taken from Li, 
/ . Chinese Chem. Soc, 13, 8 (1946); the values for the 
ethers from Li and Hsu, ibid., 13, 11 (1946); the other 
values are from Ref. 1 of this paper. 

Summary 
Dipole moment can be measured using gasoline 

as solvent, a substance which has no definite molec­
ular weight and whose physical properties may 
vary greatly with different samples. Experimen­
tal results indicate that gasoline and its fractions 
are essentially non-polar. A summary of the di­
pole moment values obtained using gasoline and 
similar solvents of indefinite molecular weights is 
given and shown to be in close agreement with 
values obtained using non-polar solvents of known 
molecular weights. 
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(CONTRIBUTION FROM THE FRICK CHEMICAL LABORATORY, PRINCETON UNIVERSITY] 

The Catalytic Decomposition of Ethane and Ethane-Hydrogen Mixtures 

BY CHARLES KEMBALL1 AND HUGH STOTT TAYLOR 

The work of Morikawa, Benedict and Taylor2-' 
and of Morikawa, Trenner and Taylor4 showed 
that the exchange reactions between the lower 
hydrocarbons and deuterium on supported nickel 
catalysts could be brought about at lower tem­
peratures than the decomposition reactions. 
The energy of activation for the breaking of the 
carbon-hydrogen bond was some 15 kcal./mole 
less in the case of propane, than that for the break­
ing of the carbon-carbon bond. There is little 
doubt that the exchange reaction involves disso­
ciative adsorption of the hydrocarbon, e. g., as 
ethyl radical and hydrogen atom, and re-evapora­
tion of the ethyl with a deuterium atom. Much 
less can be conjectured about the decomposition 
reaction and it was considered worthy of further 
study. Morikawa and his co-workers showed 
that, over a certain range of composition, the 
rate of production of methane from ethane and 
hydrogen depended inversely on the 2.5 power of 

(1) Commonwealth Fund Fellow, Princeton University, 1946-
1947. 

(2) Morikawa. Benedict and Taylor, THIS JOURNAL, 88, 1445 
(1936). 

(3) Morikawa, Benedict and Taylor, ibid., 68, 1795 (1936). 
(4) Morikawa, Trenner and Taylor, ibid., 89, 1103 (1937). 

the hydrogen pressure. This point required fur­
ther investigation because it is difficult to see the 
kinetic interpretation of such a dependence. Ac­
cordingly it was decided to extend their investiga­
tion to a wider range of composition for the react­
ing mixture and further to study the decomposi­
tion of ethane in the absence of hydrogen. 

Experimental 
Analysis.—The reaction was followed by the with­

drawal of a sample of gas and analysis by means of a mass 
spectrometer. The height of the mass 30 peak was de­
termined solely by the ethane concentration and the 
masS 16 peak was almost entirely due to the methane. 
A small correction was made for the mass 16 in the ethane 
pattern; this amounted to 0.004 of the height of the "30 
peak." In order to allow for fluctuations in the behavior 
of the instrurrlent and to avoid the difficulty of using a 
constant pressure behind the leak of the spectrometer, 
the ratio of the "16 peak" to the "30 peak" was always 
measured. A series of known mixtures of ethane, methane 
and hydrogen were used to obtain calibration curves giving 
the ratio methane/ethane in terms of the ratio "16 peak"/ 
"30 peak." The curve was linear up to 0.7 for methane/ 
ethane, and was not greatly affected by the presence of 
hydrogen in the mixture. It was possible to estimate the 
amount of methane in a mixture to closer than 2% in this 
manner. A static system was used to follow the reaction 
and checks were made that the samples withdrawn were 
representative of the whole reacting gas. 
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to pumps, etc. 

to pumps 

manometers 
Fig. 1.—The apparatus. 

Apparatus.—The essential part of the apparatus is 
shown in Fig. 1. The gases were allowed to mix in the 
bulb A. B could be cooled in liquid air to condense ethane 
during the admission of hydrogen. The trap C, main­
tained at —80°, prevented mercury out of the manometer 
from poisoning the catalyst, which was placed in the 
vessel D. The tube E was large enough to hold a ther­
mometer. Sample bulbs could be fitted on to the ground 
joint F. The total volume of the reaction vessel was 
some 100 cc.; it was thermostated by means of the vapor 
jacket shown. Aniline, and, in the later experiments, 
naphthalene boiling under reduced pressure, were used 
for this purpose. The outside of the vapor jacket was 
wound with resistance wire and well lagged. The resist­
ance unit served as an auxiliary heater and could also be 
used to bring the catalyst up to a high temperature for 
reduction or cleaning. 

Preparation of Gases.—Cylinder hydrogen was purified 
by passing over heated copper at 400° and then dried over 
calcium chloride, Ascarite and finally phosphorus pent-
oxide. Cylinder ethane was passed over phosphorus 
pentoxide, condensed in liquid air and after two distilla­
tions the middle fraction was stored. Ethylene, which 
was required in some of the later experiments, was treated 
like ethane. 

Catalyst.—The catalyst contained 15% Ni supported 
on kieselguhr. It was a specimen no. 330 prepared by 
the E. I. du Pont de Nemours Co., many years ago and 
was from the same batch of catalyst that was used by 
Morikawa2'3'*; 2.4 g. was used, being reduced in a stream 
of hydrogen at 430° and then evacuated. Between each 
experiment the catalyst was merely evacuated at the 
reaction temperature. 

Experimental Results 
Decomposition of Ethane-Hydrogen Mixtures. 

A. Normal Kinetics.—The kinetic expression 
for the rate of production of methane from ethane 
and hydrogen depended on the composition of 
the reacting gases. At 182°, provided there was 
an excess of hydrogen (ratio > 1:1), the rate of 
reaction depended on £C.HI0-7 X PK,'1-2 and the 
behavior of the catalyst was reproducible. The 
results of experiments of this type are given in 
Table I. Whenever the reacting gases were intro­
duced into the reaction vessel there was a decrease 
in pressure of some 2 mm., taking place mainly in 
the first fifteen minutes. This was assumed to be 
due to adsorption of hydrogen but the correction 
it involved in the calculation of the mean pressures 
was small. In the last column of Table I the cal­
culated rates of reaction for a given mixture (10 

cm. ethane, 15 cm. hydrogen) based on the 
kinetic expression mentioned above, are listed. 
The constancy of these figures was the evidence 
for the expression pcim0-7 X ^Hi-1 '2. The reac­
tions at 214° followed similar kinetics provided 
the hydrogen/ethane ratio was maintained at 2 
or greater, see Table II. Neglecting the change 
in density of the gas between the two temperatures 
the mean rates gave an energy of activation of 52 
kcal./mole. 

B. Abnormal Kinetics.—With lower ratios 
of hydrogen to ethane (<1.0 at 182°, <2.0 at 
214°) there was an increase in the rate of reaction 
above that expected from the kinetic expression. 
The results are tabulated in Table III which can 
be compared with Tables I and II. The behavior 
of the catalyst was not as reproducible for mixtures 
with low hydrogen content. Experiments 41, 42 
and 43 showed unusually rapid reaction—this 
was attributed to the fact that the catalyst had 
been evacuated at a few degrees above the reac­
tion temperature. Again while experiments 52 
and 53 (ratio H2/C2H6 « 1) showed normal kinet­
ics, experiments 20, 21 and 22 were rapid. The 
deviation from normal behavior was greater the 
smaller the ratio of hydrogen to ethane and the 
smaller the total pressure. A kinetic, expression 
for these reactions would have to contain a factor 
of the order PH,~2 and it is interesting to note 
that it was in this region of composition that 
Morikawa, Benedict and Taylor found the factor 
^Hi-2'5- They worked with hydrogen/ethane ra­
tios varying between 0.5 and 2.0 at 184°. 

The Decomposition of Ethane Alone.—In 
experiments 22 and 24 a slight increase of pres­
sure had been observed. This indicated that 
some of the ethane was decomposing to give 
carbon and methane. The rate of reaction of 
ethane in the absence of hydrogen was then ex­
amined. It was clear from the earlier work of 
Morikawa that the carbon so deposited might 
poison the surface; however, it was found that 
the carbon could be removed with hydrogen. The 
decomposition of ethane was followed by the in­
crease of pressure, and the reaction was found to 
proceed to completion according to the equation 
2C2H6 - • 3CH1 + C . 

The data for three decompositions at 182° are 
shown in Fig. 2. Before each reaction the surface 
had been freed from carbon by hydrogenation as 
will be described in the next section. The small 
dip, experimentally observed, at the beginning of 
each curve was due to the adsorption of ethane. 
The experiments 27 and 29 were left overnight 
with little further change in pressure. The ratios 
of the final to initial pressure were, respectively, 
1.49 and 1.51, indicating that the reaction 2C8H8 
—» 3CH4 + C was complete. A sample of the gas 
at the end of experiment 27 was analyzed on the 
mass spectrometer and the ratio of ethane to meth­
ane shown to be approximately 1/3,000. In ex­
periment 31 there was a noticeable decrease in the 
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rate of reaction after the pressure had increased 
by 2 cm. This was assumed to be due to the cov­
ering of surface with carbon and consequent lack 
of activity. I t was found that the shape of the 
curves corresponded to an expression 

dp/it = k(p<, - £)0-' 

TABLE I 

REACTIONS OF HYDROGEN AND 

Expt 

6 
7 
8 
9 

10 
18 
19 
50 
51 
52 
53 

11' 
12 
13 
16 
17 

Time 
hr. 
4 
4 
4 
4 
4 
4 
4 
4 
4 
2 
2 

, Temp., 
0 C 

181.3 
182.1 
182.6 
182.0 
181.8 
181.7 
181.8 
181.8 
181.1 
181.6 
181.5 

214.3 
214.3 
214.3 
214.0 
214.0 

KINETICS AT 

ETHANE WITH 

182° 

Mean pressures, cm. 
Meth­

ane Ethane 

0.30 1.88 
.06 2.09 
.21 9.25 
.45 1.95 
.24 4.79 
.16 3.7.5 
.22 1.51 
.23 5.42 
.35 1.75 
.14 9.96 
.28 2.87 

Hydro­
gen 

4.57 
15.27 
14.13 
2.94 
7.20 

10.92 
4 .51 

10.57 
3.55 
9.75 
2 .91 

T A B L E II 

At 214 0C 

3.05 3.70 
0.56 4 .83 
0.92 0.92 
1.60 3.27 
1.65 3.40 

6.48 
30.29 

7.81 
11.04 
11.51 

TABLE II I 

REACTIONS OF HYDROGEN AND ETHANE 

Time, 
Expt. 

14 
15 
20 
21 
22 
23 
24 
41 
42 
43 
44 
45 
46 
47 
48 
49 
54 

hr. 
1 
1 
2 
2 
2 
1 
1 
1 
1 
1 
1 
1 
1 
1 
1 
1 
1 

Temp., 
"C. 

215.0 
215.0 
182.0 
182.0 
181.9 
182.1 
182.1 
182.0 
182.0 
182.5 
182.0 
182.2 
181.9 
181.9 
182.4 
182.9 
181.8 

K I N E T I C S 

Mean pressures, cm. 
Meth- • 

ane Ethane 
3.60 18.10 
5.03 2 .74 
0.18 12.25 

.67 4.09 

.74 1.70 

.65 7 .91 
1.29 1.53 
0.87 24.30 
1.13 18.31 
1.95 11.21 
0.50 9.61 

.64 6.58 

.26 25.98 

.26 19.96 

.31 14.93 

.33 10.72 

.29 10.44 

Hydro­
gen 

25.76 
5.22 

12.23 
4.12 
1.86 
3.99 
1.26 

11.75 
8.73 
5.11 
4 .61 
3.11 

12.78 
9.80 
7 .28 
5.26 
4.97 

Meth­
ane 

cm./hr. 

0.147 
.032 
.104 
.224 
.122 
.082 
.109 
.114 
.176 
.135 
.279 

Mean, 

6.10 
1.11 
1.84 
3.21 
3.29 

Mean, 

NORMAL 

Calcd. 
CHi 

cm./hr. 
for 

10 cm. 
CiH. 

IS cm. 
Hi 

0.114 
.098 
.102 
.099 
.085 
.111 
.097 
.115 
.096 
.081 
.094 

0.099 

4.47 
4.27 
4 .45 
4.84 
5.10 

4 .63 

WITH ABNORMAL 

Calcd. 
CHi 

cm./hr. 
for 

10 cm. 
CiH1 

Methane IS cm. 
cm./hr. 

7.14 
10.06 
0.181 
0.333 
0.743 
1.30 
2.58 
1.74 
2 .25 
3.90 
1.00 
1.28 
0.51 

.51 

.62 

.66 

.57 

H, 

9.38 
7.03 
0.123 

.132 

.264 

.313 

.491 

.697 

.769 

.714 

.250 

.260 

.216 
.189 
.196 
.179 
.148 

40 80 120 
Time, minutes. 

Fig. 2.—Ethane decompositions at 182°: A, Expt. 31, 
182.8°; B, Expt. 29, 182.1°; C, Expt. 27, 182.0°. 

where pm is the final pressure, i. e., the rate of re­
action depended on a fractional power of the un­
changed ethane. The plots of (pa - p)0-* versus 
t, the integrated form of the equation, are shown 
in Fig. 3 and the values of k are listed in Table IV. 
The poisoning in experiment 31 is easily seen in 
Fig. 3. 

40 80 120 
Time, minutes. 

Fig. 3.—Ethane decompositions at 182°: A, Expt. 31, 
182.8°; B, Expt. 27, 182.0°; C, Expt. 29, 182.1°. 

Three experiments at 192° are recorded in Figs. 
4 and 5 and the values of k are given in Table IV. 
The higher rate of reaction levelled out the dips 
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TABLB IV 

DECOMPOSITION OF ETHANE 

40 80 120 
Time, minutes. 

Fig. 4.—Ethane decompositions at 192°: A, Expt. 33, 
194.2°; B, Expt. 35, 192.2°; C, Expt. 39, 192.0°. 

0 20 40 60 80 100 
Time, minutes. 

Fig. 5.—Ethane decompsitions at 192°: A, Expt. 
194.2°; B, Expt. 35, 192.2°; C, Expt. 39, 192.0°. 

33, 

due to adsorption which were now only visible as 
smaller initial gradients. The energy of activa­
tion from the mean values of k was 40 kcal./mole. 

The Removal of Deposited Carbon by Hydro-
genation.—The ethane decompositions were 
alternated with carbon removal reactions ac­
cording to the equation C + 2H2 —» CH4. The 
decrease in pressure observed on allowing hydro­
gen access to the catalyst (subject to a correction 
for adsorption) was therefore equivalent to the 
carbon removed and was found to correspond in 

Expt. 

27 
29 
31 
33 
35 
39 

Temp., 

°c: 
182.0 
182.1 
182.8 
194.2 
192.2 
192.0 

Initial 
pressure, 

cm. 

3.56 
3.90 
6.22 
4.89 
4.01 
3.32 

0.0160 
.0200 } 0.0173 
.0159 
.043 
.044 f0.047 
.054 

each case to the rise in pressure in the previous 
ethane decomposition within the experimental 
error. This indicated that the carbon deposition 
was reversible, which was confirmed by the ab­
sence of any progressive poisoning. Two reac­
tions are shown in Fig. 6. The decrease in rate of 

9.0 

8.0 

7.0 

6.0 

1 

I 
^ -

. ^ — _ 
— 1 1 1 1 1 1 

A 

^ S -
, 1 1 

— 0 

— O 

1 

0 20 80 120 40 60 
Time, minutes. 

Fig. 6.—The reaction of hydrogen with adsorbed car­
bon to form methane: A, Expt. 32, 192.0°; B, Expt. 38, 
182.1°. 

reaction with time was marked and it was not pos­
sible to fit a kinetic expression to the curves. The 
initial part could be fitted to a rate given by — dp/ 
At = k(p — pa,)*, where (p — pa) represents the 
carbon still to be removed. However, a depend­
ence of rate on the third power of the carbon to be 
removed is meaningless as regards a physical pic­
ture of the mechanism. The plot of (p — pm)~2 

versus t enabled the initial-rates of reaction to be 
estimated. Attempts were made to use rate ex­
pressions of the type 

-dp/dt = k(p - p~)(2p - p,)* 
and 

-dp/dt = k(p - p»){2p - /*)» 
but without success; the term (2p — po) is a meas­
ure of the hydrogen available. The rapid decrease 
in rate was more likely to be connected with the 
ease of removal of carbon from a heterogeneous 
surface. 

Three experiments were carried out at 182° and 
four at 192.°. There was always some difficulty 
in obtaining the value for the initial pressure es­
pecially at the higher temperature. The estimated 
initial rates of reaction are shown in Table V. 
They yielded an activation energy of 18 kcal./ 
mole. However, a graphical comparison of the 
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rates after five minutes indicated zero energy of 
activation which was further evidence for varia­
tion in the ease of carbon removal, *. e., hetero­
geneity of the surface. These reactions with hy­
drogen were always left overnight and check ex­
periments over a second night showed no further 
change in pressure. 

Bzpt. 

26 
28 
30 
32 
34 
36 
38 

TABLE V 

REMOVAL OP CARBON BY 

Temp., 

•c. 
181.8 
182.1 
182.2 
192.5 
192.0 
192.0 
191.7 

Initial 
pressure, 

cm. 

10.4 
7.7 
4.4 
8.7 

10.2 
11.5 
10.5 

HYDROGEN 
Initi 
of re. 
cm. 

0.50 
.67 
.32 
.87 
.59 
.93 
.67 

0.50 

0.76 

Decomposition of Ethylene.—For reasons 
which will emerge from 'the subsequent discus­
sion it was decided to study the formation of 
methane from pure ethylene. Preliminary ex­
periments indicated that some methane was 
formed from ethylene, but that a similar amount 
of ethane would give more methane; the time of 
these experiments was either thirty or sixty min­
utes. Analysis with the mass spectrometer 
showed that the ethylene was converted to satu­
rated hydrocarbons, probably quantitatively. I t 
was difficult to detect traces of ethylene because 
the "28 peak" cf ethane was large. However, by 
examination of the ratio "28 peak"/"30 peak" it 
was possible to show that there was little ethylene 
remaining. The carbon deposited in the early 
stages of the reaction of ethylene 

3C2H1 —>• 2C2H, + 2C 
CH4 —>• CH4 + C 

had a considerable poisoning action. Thus, the 
ethane formed would not decompose to methane 
nearly as rapidly as in the reactions described in a 
previous section. Once again the carbon was read­
ily removable by hydrogenation to form methane. 
I t became clear that if there was to be a fair com­
parison between the reactions with the two gases, 
the reaction time would have to be short. With 
longer times, the less poisoned surface under the 
ethane would lead to a greater yield of methane. 
The rapid formation of ethane from ethylene 
might have been accelerated by the hydrogen pres­
ent on the surface (the surface was not normally 
pumped out above the reaction temperature and 
therefore was partially covered with hydrogen). 
An attempt was made to run some reactions on the 
catalyst relatively free from hydrogen. Before 
each of the six reactions in Table VI and Fig. 7 the 
catalyst was decarbonized overnight with hydro­
gen and then evacuated for two hours at 425° to 
remove the majority of the adsorbed hydrogen. 
The ratio "28 peak" /"30 peak" appeared to vary 
from day to day for ethane; part of this variation 

U 

1 
J= 
V 

SR 

100 

80 

60 

40 

20 

0 

^ ^ Q 

^ r ^ ^ ^ 

/^s^ 
• / / 

J ' I I I . . I 

0 180 60 120 
Time, sec. 

Fig. 7.—The formation of methane from ethane or ethyl­
ene: O, ethane; • , ethylene. 

may have been due to the presence of differing 
amounts of methane. However, it will be ob­
served that, in all three cases, the ratio, "28 
peak"/"30 peak," is less for the mixture from 
ethylene than for the corresponding mixture from 
ethane. I t was therefore most unlikely that 
there was any unchanged ethylene in the final 
product. Figure 7 shows clearly how the initial 
production of methane is faster from ethylene 
than from ethane. The slight induction period 
was presumably due to the time taken for the gas 
to come to reaction temperature and to perme­
ate the catalyst. The greater poisoning of the sur­
face with ethylene is also clear. 

Interpretation of the Experimental Results 
I t is assumed that the breaking of the carbon-

carbon bond is the slow reaction. In support of 
this there is the evidence of Morikawa, Benedict 
and ,Taylor that the ethane and deuterium ex­
change reaction proceeds at a temperature of 120°. 
They also reported 28 and 19 kcal./mole as the 
energies of activation for the methane exchange 
and the propane exchange. Thus, the carbon-
hydrogen bond is easily broken and reformed and 
the large energy of activation in the decomposition 
reaction must be related to the breaking of the 
carbon-carbon bond. The experiments described 
in the preceding sections indicate that the equilib­
rium between methane, adsorbed methyl and 
methylene groups, etc., on the surface is quickly 
established. I t is unlikely that a van der Waals 
adsorbed ethane will be sufficiently perturbed by 
the surface to lead to splitting of the Q.-Q bond. 
It is possible that an adsorbed ethyl radical might 
dissociate into a methyl and a methylene group. 
However, it is more probable that the molecule 
has to be attacked at both ends, *'. e., as an ad­
sorbed ethylene before dissociation can occur. 
If it is assumed that there will be an equilibrium 
established between the various species—van der 
Waals adsorbed ethane, chemically adsorbed 
ethyls, ethylenes and hydrogen—it is possible to 
use the device introduced by Temkin and Pyzhev6 

in the ammonia decomposition, namely, the use of 
a virtual equilibrium pressure. 

(5) Temkin and Pyzhev, Ada Pkysicoekimica URSS, U , 327 
(1940). 
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Virtual 
C2H, 

Established J1I 
C2H5Mj, 4 . H,d, 

C2H4 + 
Virtual j f 

H, 
I !Established 

C2H4,d» + 2H.a, 
Established 

PCiH1 = K ' 

If -P&a is the pressure of ethylene that would 
fulfil the gas phase equilibrium, then it would also 
be in equilibrium with the adsorbed ethylene. 
Let CC«H» be the fraction of the surface covered by 
ethylene and let A be the fraction of the surface 
bare. Then 

Making an assumption similar to that of Temkin 
and Pyzhev, we write 

Pn, 
It is not possible to express A accurately in terms 
of the pressures of the gases. However, ignoring 
the dissociation of the ethane and the hydrogen 
and using Langmuirian equations of the type 

Pa>A = kiva, 

then 

A i 
1 + apcint + bpBi 

Hence the rate of reaction, which is assumed pro­
portional to crcdi, but not fast enough to interfere 
with the equilibrium discussed above, is given by 

R a te = foo-H' 
PB, (1 + apCiBt + bpB,) 

This means that the rate will depend on some 
power slightly less than unity, of the ethane, and 
on some negative power of the hydrogen, slightly 
greater than unity. This is in good agreement 
with the observed £CSH.°-7/>H>-1-2-

In the decomposition of ethane alone the fol­
lowing equations will hold 

P C J H 1 ( I — (TOiHi — O1OiH1 — OB ) = AlOOjH1OH 
OCjH1O

1H = ^2O
1C1Hj 

Now there is evidence which will be discussed be­
low to indicate that the surface is well covered 
with hydrogen and if it is assumed that <?•& is a con­
stant it is possible to show that 

0-0.S1 — £'Pc.H./(l + fe'PdH.) 

which again would account for the rate of the de­
composition being dependent on a fractional 
power of the ethane. I t was in order to confirm 
the mechanism proposed, namely, the formation 
of methane through the breaking of the C-C bond 
in adsorbed ethylene that the reactions with 
ethylene were carried out. 

The experiments with ethylene supported the 
possibility that the mechanism of the ethane-
hydrogen and ethane decompositions involved 
adsorbed ethylene. I t will be seen that the rates 
of reaction with a carefully cleaned surface, ex­
periments 70, 78 and 80 were much faster than the 
decomposition rates on the "usual" surface, i. e., 

experiments 27, 29 and 31. This was 
evidence that the "usual" surface, which 
was prepared by evacuation of the hydro­
gen and other gases at 182°, was greatly 
covered with hydrogen. This had two 
important results. First, it proved that 

the surface was definitely heterogeneous with re­
spect to hydrogen adsorption, because the hydro­
gen could not all be removed by the standard evac­
uation at 182°. Consequently it is reasonable to 
suggest that the increase in the rate of reaction 
with ethane-hydrogen mixtures of low hydrogen 
content, described as "abnormal kinetics," was 
due to the uncovering of fresh areas of the surface 
as the hydrogen pressure was decreased. Second, 
the fact that the rate was so much faster on a 
clean surface provided justification for considering 
(TH as a fixed quantity when examining the kinet­
ics of the ethane decomposition by itself. 

T A B L E VI 

T H E PRODUCTION OF M E T H A N E FROM ETHYLENE AND 

ETHANE 

Sxpt 

68 
70 
76 
78 
80 
82 

Sub-
, stance 

C2H1 

C2Hj 
C2H1 

C2H, 
C2H8 

C2H1 

Pres­
sure* 
cm. 

0.87 
1.06 
1.05 
1.12 
1.10 
1.14 

Temp., 

181.9 
182.0 
181.0 
182.0 
181.0 
182.1 

Time, 
sec. 

90 
90 
30 
30 

180 
180 

"16 peak" 
"30 peak" 

3.09 
2.26 
0.663 
0.333 

17.3 
7.82 

"28 peak" 
"30 peak" 

3.78 
3.85 
4.04 
4.15 
3.98 
3.85 

Meth-
' ane, 
' % 

67.0 
59.7 
30.3 
17.9 
91.9 
83.7 

It would be interesting to extend the work of 
Morikawa in following the decomposition of pro­
pane with greater pressures of hydrogen to see if 
normal kinetics were obtained in that case. Mo­
rikawa, Trenner and Taylor reported a rate de­
pendent on ^CIHJ0,92 pHi~z'* but this might turn 
over to a more normal expression with higher per­
centages of hydrogen present. If the mechanism 
was comparable to the present reaction, experi­
ments with propylene would prove interesting. 

The energy of activation found in the present 
work was 52 kcal./mole for the ethane-hydrogen 
reaction, which is slightly larger than the 43 kcal./ 
mole given by Morikawa. The difference may be 
due to the region of composition in which the 
earlier work was done. As expected, the value for 
ethane decomposition in the absence of hydrogen 
was lower, being 40 kcal./mole. The decrease of 
12 kcal./mole is reasonable when associated with 
a factor of £H« - 1-2 . 

I t must be emphasized that little was known 
about the state of the catalyst except that its be­
havior was reproducible. It was certainly not 
yielding its maximum activity as shown by the 
later experiments with ethane and ethylene. The 
same sample of catalyst was used throughout and 
the reproducibility of the results is well illustrated 
in Table I where the experiments fall into three 
groups. The last group was carried out after the 
end of the ethane decomposition reactions and 
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showed no loss in activity. A large fraction of the 
surface must have been permanently covered with 
hydrogen except in the last few experiments in 
which a carefully cleaned surface was used. 

I t would be interesting to try experiments with 
acetylene, to see whether it decomposed more 
readily than ethylene. I t may well be that the 
breaking of the C-C bond would proceed through 
adsorbed ethylene rather than adsorbed acetylene. 
For, unless the latter was attached to four nickel 
atoms simultaneously there would be some double 
bond character in the C-C bond which should 
make it more difficult to break. 

Acknowledgment.—One of us (C. K.) wishes 
to express his thanks to the Commonwealth 
Fund for the generous Fellowship which made 
this work possible. 

Summary 
1. The mass spectrometer can be used to fol­

low the reaction of ethane and hydrogen producing 
methane using the ratio of the "16 peak" to the 
"30 peak." 

2. The ethane-hydrogen decomposition on a 
supported nickel catalyst obeys the expression 

This paper has as its primary objective the 
presentation of an improved method for kinetic 
measurement^ of liquid-phase reactions involving 
isobutene. Such an investigation was relevant to 
our present effort to expand a previous preliminary 
study of acid-catalyzed dissociations of tertiary 
esters.1 In order to expedite this general project 
we tested a different analytical procedure, which, 
with equal accuracy, was to afford identical re­
sults with greater facility. 

Vapor pressure measurements by a static 
method served as a basis for this alternate analy­
sis. Two separate problems were involved to 
adapt this generally useful method to our particu­
lar needs: (a) A calibration to establish the vapor 
pressure of dioxane solutions as a function of their 
isobutene content. A constant and small amount 
of sulfuric acid (0.835 mole/liter), necessary to 
catalyze the subsequent kinetic runs, was included 
with these standardizations, (b) Application of 
these data to the reversible dissociation of £-butyl 
benzoate into benzoic acid and isobutene.1 These 
manometric rate constants were then matched 
against parallel experiments resorting to acidimet-
ric analysis by the orthodox procedure. 

Since strong mechanical agitation was a prereq­
uisite, a thermostated Van Slyke instrument ap­
peared most opportune for this study. 

(1) Altschul, T H I S JOURNAL, 68, 2005 (1946). 

Rate = kpcinf^pKi'1-2 over a wide range of com­
position with an energy of activation of 52 kcal./ 
mole. 

3. At low ratios of hydrogen/ethane, abnor­
mal- kinetics, depending on a high inverse power 
of the hydrogen pressure, set in. This is ascribed 
to heterogeneity of the surface. 

4. Ethane will decompose quantitatively over 
this catalyst to methane and carbon with a rate 
dependent on pCtKt"-7 and an energy of activation 
of 40 kcal./mole. 

5. The carbon is reversibly deposited and can 
be converted to methane by hydrogen. 

6. The rate-determining step of methane 
formation must be the breaking of the carbon-
carbon bond. Both the ethane-hydrogen and the 
ethane decompositions can be interpreted by a 
mechanism involving the presence on the surface 
of adsorbed ethylene, in equilibrium with ad­
sorbed ethyl radicals and hydrogen. This mech­
anism was supported directly by showing that the 
initial rate of production of methane is greater 
from ethylene than from ethane. 
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Experimental 
Materials.—Benzoic acid, J-butyl benzoate, isobutene, 

dioxane,8 and 100% sulfuric acid were prepared, purified, 
and stored as before.1 All gave the previous physical 
constants. 

Manometric Determinations.—A Van Slyke instrument 
was equipped with a thermostated chamber which was 
maintained at 25 =*= 0.05° by means of rapid circulation 
of water from a constant temperature bath. The detailed 
directions for this instrument were adapted from mano­
metric analysis of insoluble gases3 to our problem of 
measuring saturation pressures of soluble vapor. The 
optimum procedure described below was checked against 
pure dioxane, for which the vapor pressure at 25° has 
been accurately determined.* For our description we 
have adopted the terminology used by Peters and Van 
Slyke in their detailed outline.6 

(a) Calibration.—Five cc. of 1.670 molar anhydrous 
sulfuric acid in dioxane is placed in the cup above the 
chamber, and, with the 3-way cock open and the mercury 
in the leveling bulb at slight negative pressure, the solu­
tion is drawn slowly into the chamber by careful opening 
and closing of the 4-mm. connecting stopcock. This is 
followed by the introduction of 5 cc. of an isobutene solu-

(2) The solvent was purified by Mr. Jon J. Sugrue. 
(3) Peters and Van Slyke, "Quantitative Clinical Chemistry," 

Volume II , The Williams and Wilkins Company, Baltimore, Md., 
1932, Chapters 1, 3, 7. 

(4) Pi " 3.55 cm.: Teague and Felsing, T H I S JOURNAL, 68, 485 
(1943). 

(5) See ref. 3, pp. 267-280. Figure 37 on p. 272 will be especially 
relevant to the following discussion. Descriptions of the manometric 
Van Slyke instrument have also been published in the literature: 
Van Slyke and co-workers, J. Biol. Chem., Sl, 523 (1924); 73. 121 
(1927). 
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