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Photochemical Studies. XLI. The Photochemistry of Dimethyl Mercury1 

By ROBERT GOMER2 AND W. ALBERT NOYES, JR. 

It was found during an investigation to be re­
ported later that methyl radicals are almost cer­
tainly intermediates in the direct photochemical 
decomposition of ethylene oxide. The study of the 
reactions of CH3 radicals with that molecule was, 
therefore, advisable and for this purpose the pho­
tochemical decomposition of Hg(CH3)2 was found 
to be convenient. Certain aspects of the decom­
position of the latter molecule need further clari­
fication.3 

Experimental 
Dimethyl mercury was prepared by the method of Gil-

man and Brown.4 I t was purified by fractional distilla­
tion in a column and then by bulb to bulb distillation at 
low temperatures. Vapor pressures agreed with the values 
of Linnett and Thompson.5 The compound was degassed 
repeatedly after condensation by dry ice. 

Two quartz reaction vessels were used: (a) 20 cm. 
length, 2.4 cm. inside diameter; (b) 3.5 cm. length, 2.0 
cm. inside diameter. They were attached by quartz to 
Pyrex graded seals through mercury cut-offs to a line with­
out stopcocks. The dead space during illumination was 
about 3 cc. In the case of the short cell it was necessary 
to replenish the Hg (CH3) 2 periodically to prevent more 
than 10% decomposition. 

The cells were placed in a brass cylinder about 10 cm. in 
diameter which could be heated electrically. Tempera­
tures were read on thermometers placed in holes in the 
brass cylinder and by a thermocouple placed in a well in the 
vessel near the rear window. Extreme variations did not 
exceed three degrees. 

Two different light sources were used: (a) a Hanovia 
medium pressure arc, S353; (b) a General Electric Com­
pany AH-6 high pressure arc. Filters were not used and 
radiation passing through a hole in a diaphragm next to 
the arc was made approximately parallel by a quartz lens, 
so that the cells were filled as completely and as uniformly 
as possible with radiation. 

The absorption spectum of Hg(CH3)2 has been investi­
gated by several authors, particularly Thompson and Lin­
nett6 and Terenin and Prileshayewa.7 These authors 
agree that the spectrum is continuous in the neighborhood 
of 2500 A., but long wave limits are placed at 2550 and 
2800 A., respectively. 

The products uncondensed by liquid nitrogen (CH4 with 
some C2H6) were separated from the Hg(CH3)2 by Toepler 
pumps. The remaining C2H6 and C2H4 (if any) were 
separated from Hg(CHa)2 by use of a modified Ward ap­
paratus.8 Combustions with oxygen over a heated plati-

(1) T h i s work was s u p p o r t e d in p a r t by C o n t r a c t N 6 o n r - 2 4 1 , 
T a s k I , wi th t h e Office of N a v a l Research , U n i t e d S t a t e s N a v y . 

(2) E . I. du P o n t de N e m o u r s and C o m p a n y Fel low dur ing 1 9 4 8 -
1949. 

(3) See W. A. Noyes , J r . , and P . A, Le igh ton , " T h e P h o t o c h e m i s ­
t ry of G as e s , " T h e Re inho ld Publ i sh ing Corpora t ion , N e w Y o r k , 
N . Y. , 1941, for a review of work t h r o u g h 1939. L a t e r references 
will be given in t h e p resen t ar t ic le . 

(4) H . Gi lman a n d R . E . Brown , T H I S J O U R N A L , «2, 3314 (1930). 
(5) J. W. L i n n e t t a n d H . W. T h o m p s o n , Trans. Faraday Soc, 32, 

681 (1936). 
(6) H . W. T h o m p s o n and J. W. L inne t t , Proc. Roy. Soc. {London), 

A156, 108 (1936). 
(7) A. Teren in and N . Pr i l e shayewa , Ada Physicochimica, U. S. 

S. R., 1, 759 (1935). 
(8) E . C. W a r d , ImL ling. Chem., Anal. lid., 10, 169 (1938); see 

W. Dav i s , Jr . , and W. A. Noyes , J r . , T H I S J O U R N A L , 69, 2155 (1947). 

num wire were usually used, but unsaturates were deter­
mined by fuming sulfuric acid, using a Blacet-Leighton 
apparatus.8 

Light intensities with a given arc were varied by neutral 
density filters. These consisted of quartz plates, 1 mm. 

TABLE I 

RATES OF FORMATION OF METHANE AND OF ETHANE DUR­

ING PHOTOCHEMICAL DECOMPOSITION OF Hg(HCa)2 

V = 590 cc. (for measurement of gas pressures of prod­
ucts) ; cell, 20 cm. long, 2.4 cm. diameter ( V = 90.4 cc.) ; 
pressure of Hg(CHs)2 = 5 mm. (at 300°K.) ; rates in 

microns/hr. (at 300 0 K.) . 
T e m p . , -Rc2H1/ 

R u n ° C . RCH4 RCaHt RcBt 

DM-8 175 20.1 1298 64.6 
E-5 13.8 631 45.7 
DM-9 11.0 422 38.4 
E-I 3.22 55.7 17.3 

2 1.77 22.5 12.7 
3 0.742 4.84 6.52 
8 .794 5.50 6.93 
4 .544 2.16 3.97 
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TABLE II 

RATES OF FORMATION OF M E T H A N E AND OF ETHANE 

DURING PHOTOCHEMICAL DECOMPOSITION OF Hg(CH3)2 

V = 590 cc. (for measurement of gas pressures of prod­
ucts); cell, 3.5 cm. long, 2.0 cm. diameter (V = 11.0 

cc.) ; rates in microns/hr. (at 300 0 K.) ; T = 1750C. 
H g ( C H j ) 2 Rc2Me/ 

R u n ^ C H 4 Rc';H6 Pressure , mm. ^ C H 4 

F-I l 12.4 508.5 20 (at 175°) 41.0 
9 10.2 395.0 38.8 
1 10.0 355.9 35.0 
6 7.21 233.8 32.4 
2 5.84 130.1 22.3 
5 5.13 118.9 23.1 

14 3.42 50.6 14.8 
3 2.55 29.1 11.4 
4 1.98 20.3 10.3 

12 20.1 700.5 30 (at 175°) 34.9 
16 11.7 287.8 24.6 
7 10.5 223.6 21.3 

10 9.78 224.3 22.9 
8 6.03 107.4 17.8 

13 4.98 55.2 11.1 
15 3.21 24.3 7.58 

41.0 
29.1 

9.46 
9.04 
5.49 
2.37 
0.658 

836 
450 
67.2 
60.3 
23.7 
3.78 
2.84 

20.4 
15.5 
7.10 
6.67 
4.32 
1.59 

(9) F . E . Blacet and P . A. Le igh ton , Ind. ling. Chem., Anal. Ed., 
3, 266 (1931); for list of references see R. N . Smi th and P . A. Leigh­
ton , ibid., 14, 758 (1942). 
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in thickness, coated with a Cr-Al alloy by evaporation.10 

These filters were placed in such a way as to minimize local 
variations in density, although their uniformity was such 
as to render this precaution probably unnecessary. 

Resul ts 

Table I shows data on rates of formation of CH4 

and of C2H6 in the large cell a t 175° and a t 220°. 
Table I I shows similar da ta a t 175° obtained in 
the small cell. Since the rate of C2H6 production 
is roughly proportional to the intensity, i t can be 
seen t h a t the intensity has been varied about 600-
fold. 

Table I I I shows da ta obtained in the large cell 
and over a range of temperature from 25 to 250° 
a t approximately constant intensity. 

TABLE III 

RATES OF FORMATION OF METHANE AND OF ETHANE DUR­

ING PHOTOCHEMICAL DECOMPOSITION OF Hg(CH3)2 

V = 590 cc. (for measurement of gas pressures of prod­
ucts); cell, 20 cm. long, 2.4 cm. diameter (V = 90.4 
cc.); intensity constant; pressure of Hg(CH3)2 = 
20.0 mm. (at 3000K.); a r c - S 353; rates in microns/hr. 

Temp., 
Run 0 C. 

DM-O 25 
1 100 

2 125 

3 150 
4 175 

B-I 175 

5 175 

DM-5 200 
B-4 200 

3 220 
7 220 

8 218 

DM-6 225 
7 250 

B-2 248 
6 250 

(at 300 0K.) . 

RCRi 

0 

1.28 
2.62 

5.15 
9.81 

9.95 
10.4 

19.4 

19.5 

33.9 
35.4 

30.3 
47.5 
75.2 

72.0 
71.0 

0 Total C2 hydrocarbons, C2H4 

^C2He 

56.1 
81.7 
83.2 

88.6 

89.9 
97.4 

95.4 

97.9 

100.8 
102.4 

104.0 
94.1 

113.4 

116.5" 
129.3° 

121.6b 

RCzBs/RCHt 

63.8 

31.8 
17.2 

9.2 

9 .8 
9.2 
5.04 

5.17 
3.02 
2.94 

3.10 

2.39 
(1.55) 

(1.79) 
1.71 

not determined. h 1.8 
X 10 -2 mm. C2H4 formed in addition. 

Discussion 
The data in Table I I I show tha t a t constant 

intensity the rate of C2H6 formation increases 
markedly between 25 and 100° b u t t ha t the change 
is very gradual as the temperature is increased 
further. This is in general agreement with the 
quantum yields determined by Linnet t and 
Thompson" and the results of Cunningham and 
Taylor.12 These facts may be connected with a 
decrease in stability of the HgCH 3 radical with 
increasing temperature, Thus if the primary proc­
ess were Hg(CH3)2 + hv = CH 3 + HgCH 3 fol­
lowed by a thermal decomposition of HgCH3 , 

(10) The authors wish to express their appreciation to Dr. Harry 
Polster, Department of Optics, University of Rochester, for preparing 
these filters. 

(11) J. W. Linnett and H. W. Thompson, Trans. Faraday Soc, 33, 
501, 874 (1937). 

(12) J. P. Cunningham and H. S. Taylor, J. Chtm. Phys., 6, 359 
(1938). 

HgCH 3 = Hg + CH3 , a recombination reaction 
could acccount for a low quantum yield of Hg-
(CH3)2 disappearance a t low temperatures. The 
solid compound mercury methyl is, however, 
known not to be very stable even a t room tem­
perature.1 3 The situation may resemble in im­
portant respects t ha t found in acetone.14 There 
is, however, evidence pointing to a reaction be­
tween CH 3 radicals and Hg(CH3)2 to give C2H6

15'19 

and this may account for the gradual increase in 
J^c2H6 a t higher temperatures. 

The chief conclusions to be drawn in this paper 
are independent of the nature of the primary proc­
ess provided, of course, CH3 radicals are pro­
duced.6 '12 

For the sake of clarity of presentation it may be 
best to list at once the various steps in the mech­
anism and to follow them with evidence in their 
favor. I t will be assumed in agreement with all 
other authors who have studied this molecule t ha t 
CH3 radicals are formed.12 

CH3 + CH3 = C2H6; .Rc5H6 (1) = A1(CH3)
2 (1) 

CH3 + Hg(CHs)2 = A; RA = A2(CH3)(D) (2) 
A = CH3 + Hg(CH3)2; - Rx = A3 (A) (3) 

CH3 + A = C2H6 + Hg + 2CH3 (or CH3 + HgCH3 or 
Hg(CH3)2); - f l A = A4(CH3)(A) (4) 

CH3 + Hg(CH3)2 = CH4 + H2CHgCH3; Ren, = 
A6(CH3) (D) (5) 

CH3 + H2CHgCH3 = C2H6HgCH3; J? (6) = 
A6(CH3)(H2CHgCH3) (6) 

(D) = concentration of Hg(CH3)2. 
The rate of CH4 formation will be the rate of 

(5) and the ra te of C2H6 formation will be the 
rate of (1) plus the rate of (4). If J ? C ! H , ( T ) is the 
tota l ra te of C2H6 formation, the following equa­
tion can be derived by assumption of the steady 
state for the intermediate A 

•Rc2His(T) _ kjRcBt kjRcH.t 1 /-.s 
# C H . ' ~ Af(D)* + A6 '" (A3A6(DVA4 + Rem { ' 

Equation (7) should be valid regardless of the 
units chosen for the various rates, bu t if compari­
son between constants for Hg(CH3)2 and for other 
molecules is desired, the rates should be expressed 
in s tandard units. For this purpose the rates have 
been converted to molecules c c . - 3 s e c . - 1 with the 
assumption t ha t CH4 and C2H6 are produced uni­
formly throughout the reaction vessel. The valid­
ity of this assumption will be examined in a later 
paragraph. 

I t can be seen from the data in Tables I and I I 
(Figs. 1 and 2) tha t a plot of i?c2H6(T)/i?CH, vs. 
RcK1 gives a straight line except for low values of 
^CH1 and that this straight line does not pass 
through the origin. The data for the short cell 
(Fig. 2) show more scatter than those for the long 
cell. This is due, undoubtedly, to the necessity 
for replenishing Hg(CH3)2 to prevent excessive 
decomposition during a run. 

(13) F. O. Rice and B. L. Evering, THIS JOURNAL, 56, 2405 (1934) 
(14) See W. A. Noyes, Jr., and L. M. Dorfman, / . Chem. Phys., H 

788 (1948). 
(15) See K. W. Saunders and H. A. Taylor, ibid., 9, 616 (1941). 
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Fig. 1.—Rc2m/RcHi vs. RCB* in quartz cell 20.0 cm. long 
and 2.4 cm. internal diameter at 175° and at 22O0C. The 
pressure of Hg(CH3)2 is 5.0 mm. (measured at 3000K.). 
Rates are in microns/hr. measured in a volume of 590 cc. 
at 300°K. Rates should be multiplied by 5.83 X 1010 

to convert them to molecules/cc./sec. in the reaction ves­
sel. 
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Fig. 2.—R&m/Rcm vs. Rem in quartz cell 3.5 cm. long 
and 2.0 cm. internal diameter. Pressures of Hg(CH3)^ 
are 13.4 mm. (empty circles) and 20.1 mm. (solid circles) 
both measured at 3000K., T = 175°. The points are 
experimental and the lines are calculated from rate con­
stants determined in the long cell at 175°C. (Fig. L). 
Rates are in micron/hr. and should be multiplied by 4.79 X 
1011 to convert them to molecules/cc./sec. 

A linear plot with positive intercept is obtained 
from equation (7) when i?cH, » &3&5(D)/&4. 

This situation would be obtained when the CH 3 

concentration is sufficiently high to make (4) rapid 
compared to (3). The rate of formation of C2H6 

by action of CH3 on Hg (CH3) 2 would be controlled 
by the rate of (2). The intercept would be k2/ks 
and should be independent of (D) a t constant tem­
perature. This is seen to be true within experi­
mental error (Fig. 2). 

The slope of the linear plot would be ki/kl(D)2 

and hence should vary with 1/(D).2 This is also 
found to be t rue within experimental error for the 
data in Tables I and I I a t 175°. 

For this linear portion of the plot equations (2), 
(3) and (4) could be replaced simply by CH 3 + 
Hg(CHs)2 = C2H6 + Hg + CH3 , bu t the data 
necessitate a variable slope for low values of .RcH4 

and the curve apparently tends toward the origin. 
This is satisfactorily accounted for by the com­
plete mechanism embodied in equations (1) to (6) 
inclusive. While the authors have been unable to 
suggest any other mechanism which accounts for 
all of the facts, it should be emphasized tha t this 
does not constitute a proof t h a t the proposed 
mechanism is a unique solution of the problem. 

Equation (7) is, therefore, of the right form to 
fit the data in Tables I and I I (Figs. 1 and 2). 
The smooth curves in Fig. 2 are calculated with the 
aid of rate constants obtained from the data in 
Table I and the fit to the experimental points adds 
strong support to the belief t ha t the data are self-
consistent. 

I t is not desired a t the present time to enter into 
any detailed discussion of the theory of reaction 
rates, bu t a s tandard form of equation must be 
used for intercomparisons of various types of data. 
Hence the various rate constants are expressed in 
the form aT/H~E^T where a = 2a2(Trk/m)1/' 
when the two colliding particles are identical 
(equation (I)) and a = 2a2(2ir^(wi + W2)/ 
WiOT2))'

/! when the two colliding particles are dif­
ferent (equations (2), (4), (5), and (6)). k is the 
Boltzmann constant and a2 may be referred to as 
the "effective cross section" for the reaction. 

If ki and k6 are written in the above form it is 
seen t ha t 

In (hi/kl) = In (oi/ol) - 1A In T -
(Ei 2E11)ZRT (8) 

and E 1 — 2E6 can be obtained from the slopes in 
Fig. 1 a t two different temperatures. In this way 
it is found t ha t E 5 = 9000 + 1A E1. This may be 
contrasted with approximately 5700 + 1A Ei for 
the corresponding reaction of CH4 formation in 
acetone.16 The value of £1 is not known precisely 
bu t is undoubtedly low.17 

I t is next possible to calculate ax/a\ and hence a 
relationship between the cross sections for C2H6 

formation from radicals and for methane forma-
(16) L. M. Dorfman and W. A. Noyes, Jr., / . Chem. Phys., 16, 

557 (1948). 
(17) See ref. 12 and also S. Glasstone, K. J. Laidler and H. Eyring, 

"The Theory of Rate Processes," McGraw-Hill Book Company, Inc., 
New York, N. Y., 1941, p. 260. . 
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tion. The results are: a6 = oi,/2 X 4.6 X lO"9 

(molecules-1 sec.-1 cc.)1/'; af = 3.5 X IO"11 en. 
In other words if CH3 + CH3 is a very fast reac­
tion with a "normal" collision diameter of about 5 
X 10"-8 cm., the "effective cross section" for CH4 
formation is very low, roughly 1O-3 times that 
which would be expected on a simple collision 
picture with 100% efficiency for each collision pro­
viding enough energy. It is interesting to note 
that the cross section obtained in this way is almost 
exactly the same as for the similar reaction in ace­
tone14'16 after suitable correction for the volume of 
the vessel. 

The intercept of the straight line portion of the 
curves in Figs. 1 and 2 gives directly the ratio of 
-Rc2H8 (4)/2?CH<I i- e-, the ratio of the rate of C2H6 
formation to that of CH4 formation when CH3 
radicals react with Hg(CH3)2. By use of the in­
tercepts at two different temperatures one finds 
£5 — £2 to be approximately 9000 calories, i. e,, 
the energies of activation for C2H6 formation by 
the two different processes are about the same. 

This result is somewhat surprising because re­
actions (2), (3) and (4) together could give rise to a 
chain reaction. Reaction (4) could be sufficiently 
exothermic to produce two CH3 radicals.18 The 
answer must be found in the very low a term for 
reaction (2), i. e., it is found that a2 = 3.5 X 10~4 

a6. Since the same particles are involved the 
"cross section" for ethane formation from CH3 + 
Hg(CHs)2 is also 3.5 X 10"4 times that for CH4 
formation. Thus in spite of a low activation en­
ergy the chain propagating step would be so slow 
as to be unimportant under most conditions. 

Reference may now be made to the data in 
Table III to obtain a rough check on the energy 
of activation of the step leading to CH4 formation. 
The CH3 steady state concentration as obtained 
from the complete mechanism is 
(CH3)= -(V2*i) (D)(I - (1 + 4/0 kJ(k\{-Dyy/*) (9) 

where / a = number of quanta absorbed per cm.3 

per second and two CH3 radicals are assumed to 
be formed per quantum absorbed. From the 
rate of C2H6 formation a rough estimate can be 
made of Ia and this combined with the value de­
termined above for ki/k\ indicates that 4Iaki/ 
&f(D) » 1. Even the square root of this quan­
tity is probably 10 to 100. Since RCHt = ^6(CH3) 
(D), one may write to a first approximation 

Rem - W^(D)A/ ' (10) 

At constant intensity and constant (D) a plot of 
In i?CH4 vs. 1/T should give a straight line with 
slope -[Ei — l/iE\)/R. The assumptions made 
are probably least valid at high temperatures, but 
Et, — V2 -Ei is found from the data in Table III to 
be approximately 10,000 cal., about as good a 
check as could be expected with the 9000 calories 
previously calculated from the data in Table I. 

The mechanism postulated fits all of the data 
(18) See N. V. Sidgwick and H. D. Springall, Nature, 156, 599 

(1945), and H. S. Gutowsky, J. Chem. Phys., 17, 128 (1949). 

described in this article and as far as can be ascer­
tained agrees well with data in the literature. A 
reaction between CH3 radicals and Hg (CH3) 2 to 
give C2H6 has been postulated frequently but the 
work of Harris and Steacie19 affords the best proof 
for its occurrence. These authors studied the re­
action of H atoms with Hg (CH3) 2 and found that 
the ratio CH4/C2H6 in the products was even less 
than unity under some conditions. If C2He were 
produced solely by combination of CH3 radicals 
this ratio would have a minimum value of 2. I t 
is necessary, therefore, to postulate a second 
method of formation of C2H6. Since the work just 
described seems to necessitate reactions (2), (3) 
and (4) for this method, it may or may not corre­
spond to a simple inversion. Little more can be 
said about this matter at the present time. 

The calculations which have been made are 
based on a uniform distribution of CH3 radicals 
throughout the vessel, although they would be 
approximately valid (with minor changes in 
numerical values) if the distributions were similar 
from one run to another. Dr. T. L. Hill20 has 
made approximate calculations of CH3 distribu­
tion in a cell in the case of acetone where a situa­
tion similar to that in Hg(CH3)2 is encountered. 
The character of the distribution is very markedly 
dependent on the fate of radicals when they reach 
the walls, i. e., under the conditions used in most 
of these experiments gas phase reactions will not 
be fast enough to prevent diffusion of many radi­
cals to the walls. If the radicals are totally re­
flected a reasonably uniform distribution in a 
given cross section of the vessel is to be expected, 
although there will be a progressive decrease in 
concentration as the distance from the window 
through which the radiation is incident on the 
vessel increases. 

Very little quantitative information is available 
on the fate of CH3 radicals when they encounter 
walls under conditions obtaining in experiments 
of the type herein described. I t appears probable, 
although the data are not exact enough to warrant 
a definite conclusion, that a very large fraction of 
encounters between CH3 radicals and walls must 
lead to reflection. Otherwise the data would not 
be as consistent as they seem to be. More positive 
information on this point would certainly be of 
great value. The self-consistency of data in two 
different cells and the further fact that the addi­
tion of several hundred millimeters of carbon diox­
ide in one experiment did not affect the results, 
offer evidence that the methods of calculation 
used are justified. 

In conclusion it should be reemphasized that 
the pre-exponential factors in the rate constants 
for reactions (5) and (2) are very low. For many 
bimolecular reactions aT*/' is of the order of mag­
nitude of 1013 to 1014 if concentrations are ex­
pressed in moles/cc. For reaction (5) (CH4forma-

(19) G. M. Harris and E. W. R. Steacie, / . Chem. Phys., 13, 559 
(1945). 

(20) Private communication. 
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tion) aT1/' is about 2 X 10u in these units and 
low values of this magnitude are found for other 
similar reactions if the assumption is made that 
the association reaction for CH3 radicals is "nor­
mal." If the latter is low the constant for CH4 
formation will be reduced even further. For re­
action (2) (the rate determining step for C2H6 
formation from CH3 and Hg(CH3J2), aTl/> is about 
7 X 106, a very low value compared to most other 
bimolecular reactions. 

Summary 
1. The rates of formation of C2H6 and of CH4 

during irradiation of Hg(CH3)2 have been studied 
as functions of intensity, pressure, and tempera­
ture. 

2. At temperatures below 250° CH4 seems to 
be formed solely by the reaction CH3 + Hg(CH3)2 
= CH4 + CH2HgCH3. 

The thermochemistry of oxidation-reduction 
reactions involving the alkali metals in liquid am­
monia is of twofold interest. From a long range 
view the heats of reaction of the metals with am­
monium ion in liquid ammonia, for example 

M + N H 4
+ = M + + NH3 +

 1AH2 (1) 

may provide basic thermal values which when 
combined with corresponding free energy changes 
permit evaluation of relative partial molal ionic 
entropies in this solvent. In addition to the use 
of ionic entropies in the calculation of oxidation-
reduction potentials not measurable directly, 
these ionic properties also permit evaluation of 
relative entropies of solvation of ions in liquid am­
monia in a manner developed by Latimer1 for wa­
ter solutions. The existing scarcity of accurate 
free energy data for reactions occurring in liquid 
ammonia imposes temporary restrictions on the 
development of a set of reliable ionic entropies for 
this medium. However, the presumably simpler 
nature of liquid ammonia as compared with water 
arising from weaker hydrogen bonding would ap­
pear to simplify somewhat the theoretical treat­
ment of the solvation process in this medium and 
therefore justify the exploration of this solvent. 

Of immediate interest is the utilization of ther­
mal data for the above reaction for the comparison 
of the nature of liquid ammonia solutions of the 
ammonia soluble metals. Prevailing concepts of 
these systems, while differing with regard to the 
equilibria involved in the more concentrated solu­
tions and though incomplete as to the exact na-

3. Ethane must be formed by at least two proc­
esses, one of which is the combination of CH3 radi­
cals and the other of which is a reaction of CH3 
radicals with Hg(CH3)2 which apparently pro­
ceeds through an unstable intermediate addition 
complex. 

4. The pre-exponential factor in the rate con­
stant for CH4 formation is very much smaller than 
for ethane formation by radical combination. 

5. The activation energy for reaction of CH3 
radicals with Hg(CH3)2 to form C2H6 is very low, 
about the same as for C2H6 formation by radical 
combination, but the pre-exponential factor is so 
low that the rate is small and a chain reaction is 
of relatively minor importance. 

6. A mechanism consistent with the facts has 
been proposed. 
ROCHESTER, N E W YORK RECEIVED M A Y 6, 1949 

ture of the ammoniated electron, agree that the 
dilute solutions consist of solvated metal ions and 
single electrons resulting from essentially complete 
ionization in the dilute range of concentration. An 
exact similarity for these solutions has been ob­
served by Gibson and Argo,2 who have reported 
identical absorption spectra for dilute solutions of 
lithium, sodium, potassium and cesium. It is to be 
expected that these systems would likewise possess 
identical thermochemical properties for reactions 
involving the solvated electron of these solutions 
with a common oxidizing agent, as for example 

e~(am) + NH4
+(Sm) = 1AH2Cg) + NH3(I) 

Direct measurement of the thermal effect asso­
ciated with this reaction has not seemed experi­
mentally feasible. It may be obtained indirectly, 
however, as the difference between the heat of 
solution of the metal in pure liquid ammonia and 
the heat of reaction of the metal with ammonium 
ion in liquid ammonia. The latter heat of reac­
tion for solid lithium, sodium, potassium and ce­
sium determined in this research combined with 
the literature values for the heats of solution of 
the metals has made possible the evaluation of the 
heat of this reaction. For dilute solutions of each 
of these metals we have obtained heats of reaction 
ranging from 39.7 kcal. for potassium to 41.6 kcal. 
for cesium with a mean of 40.4 kcal. This we re­
gard as indicative of a common reaction for these 
solutions involving the solvated electron which 
energetically appears identical within experimen­
tal error in all cases. 
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