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Introduction 

This article has two purposes, (a) to report values of rate 
constants for reactions of solvated electrons with dissolved 
gases, including common impurities and popular additives, and 
(b) to describe a solvent effect on electron reaction rates. 
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in water4 and hydrocarbons,5 but its rate constant has not been 
measured in alcohols. Oxygen is a common impurity whose 
rate constant for reaction with solvated electrons has been 
measured in water4 and alcohols;6 the rate constants have been 
remeasured for comparison. Acetylenes and conjugated olefins 
react with sodium-potassium alloy; electrons from the alloy 
react with acidic protons on acetylenes7 to form hydrogen and 
a salt, while electrons simply add to conjugated olefins (hy­
drogen is not evolved). It was therefore interesting to measure 
and compare the rate constants of solvated electron reactions 
with these two types of compound. 
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Abstract: In alcohols electron capture by sulfur hexafluoride is less efficient than that by oxygen. This is the reverse of the rela­
tive efficiencies in the gas phase. Solvation affects the electron attachment efficiency by altering the energetics of the reaction. 
The ratio of electron capture rate constants for a given solute in methanol and ethanol, &4,M/&4,E, decreases with decreasing 
reactivity of the solute. The ratio varies from a maximum >2.0 for diffusion controlled reactions, with /C4,M > 6 X 1010 M - 1 

s_ l , to a minimum of 0.18 for fe4,M ̂  107 M - 1 s_1. The upper limit of the ratio is due to the higher diffusion coefficients in 
methanol. The decrease is due to the greater solvation energy of electrons in methanol, which makes electron transfer from the 
solvent trap to the less efficient solutes more endoergic in methanol than in ethanol. At 296 K the ratio of rate constants for 
neutral scavengers in the two alcohols is given by (&4,M/&4,E) = exp([1.6 - 0.38AG*4,M]/0.59) when AG*4,M < 6.8 kcal 
mol-1, and by (A:4,M/^4,E) =0.18 when AG*4,M > 6.8 kcal mol-1, where AG*4,M is the free energy of activation of reaction 
of a given solute with solvated electrons in methanol. The free energies of activation in methanol and ethanol are related by the 
equations: AG*4,E = (0.62AG*4,M + 1 -6) when AG*4,M < 6.8 kcal/mol- ', and AG*4 E = (AG*4 M - 1.0) when AG*4 M > 
6.8 kcal/mol-1. 
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Figure 1. Apparatus for preparation of stock solution of gaseous solute. 
Trie total volume between trie Ri)U)Ho valves was about 100 cinJ. The 
bellows was of stainless steel. 

A solvent effect on the reaction rate of electrons in alcohols 
has been noted. It appears to reflect the relative magnitudes 
of the solvation energies in the alcohols. 

Experimental Section 

Materials. The method of purification of methanol was the same 
as that reported earlier,8 but the .source material was different. Cer­
tified ACS Spectroanalyzed methanol from Fisher Scientific Co. and 
Commercial Grade methanol (5 ppm carbonyl, 20 ppm acid, and 70 
ppm water) from Monsanto Co. ultimately gave longer half-lives for 
e~soiv than did the Reagent Spectrophotometric Grade methanol from 
Baker Chemical Co. used previously. The first two sources were 
therefore used. Purification8 was done in a grease free Pyrex apparatus 
maintained at a slight positive pressure of flowing ultra high purity 
(UHP) argon which escaped through U-tubes containing mercury. 

Absolute Reagent Grade ethanol from U.S. Industrial Chemical 
Co. was used as received.9 Contact with oxygen and moisture was 
avoided by fitting the ethanol bottle with a Pyrex syphon that was 
controlled by a Teflon stopcock. The bottle was maintained under 
about 100 Torr excess pressure of UHP argon. 

Water was triply distilled.10 

The UHP argon (Matheson Co.) was passed through a 1-m column 
ofOxisorbG (Messer Griesheim GMBH lndustriegase). 

Carbon dioxide (99.5%), acetylene (99.8%), and sulfur hexafluoride 
(99.8%) were obtained from Matheson Co. Oxygen (99.95%) was 
obtained from Alberta Oxygen Co. These gases were bubbled through 
two scrubbing columns containing triply distilled water then dried. 
Acetylene was passed through a trap held at 210 K by a chloroform 
slush bath, prior to the scrubbing columns. 

Phillips Research Grade ethylene was used as received. 

Silicone 
Rubber 
Seal 

Rotoflo TF2/13 
Valve 

Suprasil 

•Teflon coated 
stirring bar 

Figure 2. Suprasil optical cell fitted with a device for injection of aliquots 
of stock solution and subsequent mixing. Volume = 8 cm3. Optical path 
length = 1.00 cm. 

The liquid and solid reagents were spectroquality or reagent grade. 
The organic compounds were distilled or sublimed before use. 

Sample Preparation. The apparatus used for preparation of stock 
solutions saturated with a gaseous solute is shown in Figure 1. Gas 
entered the bubbler through a fine glass frit which produced small 
bubbles. The gas flow rate was 60 cm3/min. The solution was con­
stantly stirred with a Teflon coated magnetic stirring bar. A ther­
mometer fitted into the bulb through a grease free 10/30 ground glass 
joint. 

To obtain an aliquot of the stock solution the needle of a microliter 
syringe (Hamilton Co.) was injected through the silicone rubber seal. 
The lower Rotoflo valve was closed and all gas bubbles were allowed 
to escape through the upper valve, which was then closed. Manual 
squeezing of the bellows (Metal Bellows Corp ) forced solution into 
the syringe, which was withdrawn before pressure on the bellows was 
released. The valves were then reopened and bubbling continued. This 
technique prevented solution degassing in the syringe. The solution 
concentration was checked regularly by gas chromatography (Hew­
lett-Packard 5750 Research Chromatograph, helium carrier gas, 3/i6 
in. X 6 ft column of 30/40 mesh silica gel, temperature programmed). 
The gas chromatograph was calibrated using 10 and 25 ul gas tight 
syringes. 

The irradiation cell (Figure 2) was filled to above the valve with 
pure solvent. It was deoxygenated by bubbling with argon at a flow 
rate of 40 cm3/min for at least 30 min through a stainless steel needle 
inserted through the top to the bottom of the cell. The needle was then 
withdrawn to just above the valve scat and the valve was closed. This 
left no gas volume in the sample. Only when injections of stock solution 
of >50 ul were necessary was a small gas volume left in the cell to 
prevent breakage upon injection. The solvated electron lifetime was 
measured in the solvent before syringe addition of the solute solu­
tion. 

Solute and solvent were thoroughly mixed with the Teflon coated 
bar (Figure 2) by repeatedly inverting the cell. 

Several injections of an argon saturated solution into pure solvent 
in the cell did not decrease the half-life of solvated electrons. This 
demonstrated that the technique did not inadvertently introduce im­
purities into the system. 

Ostwald Absorption Coefficients. Ostwald absorption coefficients 
L of the gases in water, methanol, and ethanol were calculated from 
the gas chromatographic results. 

L= VJ Vx X) 

where V% and V\ are respectively the volumes of gaseous solute and 
liquid solvent at the same temperature and pressure. Values of L arc 
listed in Table I. The average disagreement with literature values is 
~ I 5 % . 

Journal of the American Chemical Society J 98:22 / October 27, 1976 



6827 

Table I. Ostwald Absorption Coefficients 

Solvent 

H2O 

CH 3 OH 

C 2 H 5 OH 

Solute 

C 2H 2 

C2H4 
1,3-C4H6 

CO2 

N 2 O 
O2 

SF6 

C 2H 2 

C2H4 
CO2 

N 2 O 
O2 

SF6 

C2H2 

C2H4 

CO2 

N2O 
O2 

SF6 

7 , 0 K 

295 
296 
293 
295 
295 
296 
296 
295 
296 
295 
296 
296 
294 
295 
296 
295 
296 
298 
294 

Present 

0.97 
0.1 
0.47 
1.03 
0.63 

13.1 
2.4 
4.9 
3.8 
0.22 
0.54 
7.6 
2.6 

3.3 

0.70 

Lit. 

0,87" 
0.63" 
0.032" 
0.0058* 

3.5," 4.2" 
3.23" 
0.25c 

2.8" 
2.9" 
0.24" 

" W. F. Linke, "Solubilities. Inorganic and Metal-Organic Com­
pounds", Vol. 1, 4th ed, American Chemical Society, Washington, 
D.C., 1958; Vol. 2, 1965. * H. L. Friedman, J. Am. Chem. Soc, 76, 
3294 (1954). c C. B. Kretschmer, J. Nowakoska, and R. Wieve, Ind. 
Eng.Chem., 38,506(1946). 

The concentration of solute S in a solution saturated at atmospheric 
pressure is 

[S] = (LP X 273)/(22.4 X 760T) (2) 

where P is the atmospheric pressure in Torr and T is the absolute 
temperature of the solution. In all instances except SF6 in water, the 
presently measured values of L were used to calculate the solute 
concentrations. The solubility of SF6 in water is too small to measure 
by our technique, so the literature value was used (Table I). 

The value of L was not measured for CO2 or O2 in ethanol. Only 
small amounts, <0.1 vol %, of stock solution were required to be added 
to the pure solvents. The same value of ki was obtained for SF6 in 
ethanol whether the methanolic or ethanolic stock solution of SF6 was 
injected. For convenience, the methanolic stock solutions of CO2 and 
O2 were used in both alcohols. 

Irradiation and Measurement. The irradiation, dosimetry, and 
spectrophotometry were done essentially as described earlier.10 In 
brief, a 100 ns pulse of 1.7 MeV electrons delivered 3 X 1016 eV/g to 
the sample. The dosimeter was oxygen saturated 2 mM potassium 
thiocyanate, using G((SCN)2~) = 2.8 and e478 = 7500 M - 1 cm -1. 

A Pyrex filter was put into the Xe arc lamp housing to remove light 
with X <320 nm. This prevented ozone formation in the room. 

Results and Discussion 

Solvated electrons in alcohols and water react by (3) and 
(4) 

e soiv + ROHs0Iv ~* H80Iv + RO soiv (3) 

e~soiv + S "soiv -•• product (4) 

where n indicates the charge on the scavenger S". Both reac­
tions are pseudo first order because the concentrations of sol­
vent ROH and solute S" are much greater than that of e -

s0 |v . 
The first-order decay rate k = (^3[ROH] + Zc4[S"]) in a given 
solvent was measured as a function of solute concentration 
[S"]. The value of k4 was obtained from the slope of a plot of 
k against [S"] . 1 ' Three to nine different concentrations were 
used in each case. The nature and quality of the results are 
shown in Figure 3. 

Values of ka, obtained for a number of gaseous solutes in 
water, methanol and ethanol are listed in Table II. Of the seven 
cases where comparison is possible with earlier work,4 6 '1 2 1 3 

10 15 20 
- 5 , 

5 10 IS 

[N 2O], IO" 5M [C4H6], IO"5M 

Figure 3. Plots of first order decay rates (0.69/; i /2) of solvated electrons 
against solute concentration in water, methanol, and ethanol at 296 ± 2 
K. 

Table II. ^4 for Gaseous Solutes in Different Solvents at 296 ± 2 
K 

fc4, 108 M- ' s-

InH2O In CH3OH In C2H5OH 

SF 6 

O2 

N 2 O 

CO2 

1,3-
C4H 

C2H2 

C2H4 

110± 10 
(165 ± 10") 

(190 ±20*) 

79 ± 4 (71 ± 15*) 

73 ± 4 
(77 ± 1 1 * ) 

32 ± 8 
6 (80*) 

<0.07 
<0.06 

125 ± 10 

200 ± 10 
( 1 9 0 ± 3 0 c ) 

63 ± 4 
(130*0 

72 ± 6 

1 5 ± 1 

<0.02 
<0.01 

100 ± 10 

150 ± 10 
(190 ± 4 C ) 

65 ± 7 

59 ± 7 

28 ± 3 

<0.03 
<0.02 

" Reference 12. * Reference 4. c Reference 6. d Reference 13. 

agreement exists in four of them within the experimental un­
certainty (Table II). The other three earlier values were ~ 2 
times larger than the present ones. Not enough detail was 
published in the earlier work to permit an evaluation of the 
differences. However, it has been pointed out3 that the earlier 
value for Ar(e_

so]v + N2O) in methanol13 is probably too high 
by a factor of 2, in agreement with the present work. 

The relative efficiencies of oxygen and sulfur hexafluoride 
for reaction with electrons in the liquid alcohols and water 
(Table II) are the reverse of those in the gas phase.1 4 1 6 In low 
density gases oxygen14'16 is a much less efficient scavenger of 
thermal electrons than is sulfur hexafluoride.'5 The attachment 
of electrons to molecules may be represented by the mecha­

nism 17 

e~ + S ^ S - * 

S-* + B — S - + B 

S-* — P r + P 2 

( 5 , - 5 ) 

(6) 

(7) 

where B is any third body that removes energy from the excited 
ion S - * , and P 1

- and P2 are dissociation products of S - * . The 
net rate constant for electron attachment is 

* a t = k5(k6[B] + kn)l(k-% + Ic6[B] + k7) (8) 

In oxygen at atmospheric and lower pressures k-s » ^ 6 [B] , 
and for thermal electrons ke[B] » kj, so (8) reduces to (9). 

Bolton, Freeman / Solvated Electron Reaction Rates in Alcohols and Water 
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kat = k5k6[B]/k-5 (9) Table III. Solvent Effect on kA at 296 ± 2K 

< - < * 5 *4 ,M. &4.E, 

S M - 1 S - ' " M - ' s"1 a / L I M M . 
When B is water 1 4 or methanol 1 6 vapor the value of Zcat for 
oxygen is 4 X 1012 M - 2 s - 1 at room temperature . In sulfur 
hexafluoride at all pressures measured, down to « 1 Torr, k-$ 
« (Zc6[B] + Ac7) and (8) reduces to 

*at = kS (10) 

The va lue 1 5 1 7 at room temperature is/c a t = 2 X 1 0 1 4 M - 1 s~' , 
which is at least four orders of magnitude greater than that for 
oxygen in alcohol or water vapor at at tainable densities. 

For the liquid phase one can write 

Ac31 = Ac4 ( H ) 

The values in the liquid alcohols and water are 101 ° M - ' s _ ' , 
four orders of magnitude lower than those one would obtain 
by extrapolation from the gas phase to a liquidlike density ([B] 
» 25 M in methanol, whence the extrapolated rate constant 
for oxygen would be 1 X 1014 M - 1 s~'). The reason for the 
difference is that the solvated electron mobilities in these liq­
uids, ~ 1 0 - 3 cm2 /V s,18 are four orders of magnitude lower 
than one would expect for a gaslike electron mobility in a fluid 
of that density, ~10 cm2 /V s.19 However, it is interesting that 
the rate constant for sulfur hexafluoride becomes smaller than 
that for oxygen in the liquid phase. Furthermore, in methanol 
the values of k* for oxygen and sulfur hexafluoride are smaller 
than that for the more slowly diffusing20 nitrobenzene (Table 
III). This indicates that the oxygen and sulfur hexafluoride 
reactions are not diffusion controlled. The reaction between 
solvated electrons and sulfur hexafluoride has commonly been 
considered to be diffusion controlled, by extrapolation from 
the large attachment coefficient for thermal electrons in the 
gas phase. Solvation affects the attachment efficiency by al­
tering the energetics of the reactions; (e _ + S) and S - do not 
have the same solvation energies. 

Solvent Effect on Electron Attachment Efficiency. Values 
of A:4 were measured for a number of solutes in methanol and 
ethanol to look for variation in /C4,M/^4,E, the ratio of the rate 
constants for a given solute in methanol and ethanol, respec­
tively. Solutes were chosen to display a wide range of values 
of kn. The separate values are listed in Table III and AC4,M/A;4,E 
is plotted against log AC4IM in Figure 4. The ratio A;4IM/ZC4,E * 
0.18 for &4,M S 107 M - ' s - ' ; it increases for larger rate con­
stants, reaching AC4,M/A;4,E = 1.7 ± 0.1 at the highest /c4,M 

measured (Figure 4). The highest ratio obtained with a neutral 
solute was 1.5. 

The ratios of the diffusion coefficients of simple molecules21 

and salts22 in methanol and ethanol at 298 K are ~2.3 (Table 
IV). The ratios lie midway between that of r j - 1 , the reciprocal 
shear viscosities,23 and that of r _ 1 , the reciprocal rotational 
relaxation times24 (Table IV). The mobility ratios for anions, 
and probably that for solvated electrons in alcohols,25'26 are 
close to that of TJ_1, in approximate agreement with Walden's 
rule. The mobility ratios for cations are larger and are closer 
to that of T - 1 (Table IV), which indicates a major contribution 
of rotational polarization to the limiting of cation migration 
rates. It appears that for a diffusion controlled reaction be­
tween solvated electrons and a neutral scavenger one should 
find AC4,M/ZC4,E ^ 2.O.27 The fact that the highest ratio found 
for this type of reaction was 1.5 implies that all the present 
reactions are slower than diffusion controlled. Extrapolation 
of the curve in Figure 4 to ZC4IM/AC4,E — 2.0 gives /C4IM ^ 6 X 
1010 M - 1 s_ 1 for reaction with a neutral solute.28 

In summary, /C4,M/^4,E varies from an apparent upper limit 
>2.0 to a lower limit of 0.18. The upper limit is due to the 
higher diffusion coefficients in methanol. The lower limit is 
attributed to the greater electron solvation energy in methanol, 

Acid, perchloric 

Neutral, diffusion 
controllede 

Nitrobenzene 
Oxygen 
Sulfur hexafluoride 
Carbon dioxide 
Nitrous oxide 
Acetone 
Naphthalene 
1,3-Butadiene 
Acetonitrile 
Ethyl acetate 
Phenol 
Toluene 
Benzene 
o-Xylene 

f w k c a l m o l - 1 / 

5.4 X 1010 

6.5 X 1010 

6.8 X 1010 

6 X 1010 

2.3 X 1010 

2.0X 1010 

1.3 X 1010 

7.2 X 109 

6.3 X 109 

4.3 X 109 

3.0X 109 

1.5 X 109 

8.6 X 107 

2.2 X 107 

7 X 106 

1.3 X 106 

1.2 X 106 

4 X 105 

45 

3.2 X 1010 

C 3.6X 1010 c 

<M.5X 1 0 1 0 d 

2.6 X 1010 

1.5 X 1010 

1.5 X 1010 

1.0 X 1010 

5.9 X 109 

6.5 X 109 

4.7 X 109 

4.3 X 109 

2.8 X 109 

3.2 X 108 

5.3 X 107 

5 X 107 

6.4 X 106 

6.4 X 106 

2.5 X 106 

41 

1.7(2.2*) 
1.8 
1.5 
2.3 

1.5 
1.3 
1.3 
1.2 
0.97 
0.91 
0.70 
0.54 
0.27 
0.42 
0.14 
0.20 
0.19 
0.17 

AGs,M ~~ AGs,i 
4 

" /f4,M and &4,E represent £4 in methanol and ethanol solvents, re­
spectively. The experimental scatter for each rate constant was 5-10%. 
* Corrected for the effect of dielectric constant on the reactant in­
teraction radii, to allow comparison with the ratio for neutral solutes: 
1.7 X 33/25 = 2.2. c Reference 11. d Reference 25. e Estimate. 

/Energy of the optical absorption maximum of e~SOiv; refs 2 and 3. 
The difference reflects the difference in solvation free energies; ref 
29. 

which makes electron transfer to inefficient solutes more en-
doergic in methanol than in ethanol. 

The free energy of electron solvation is reflected by the en­
ergy of the optical absorption maximum of e-

SO]v,29 which is 
4 kcal/mol greater in methanol than in ethanol (Table III). 

Electron capture in the liquid phase occurs by a mechanism 
similar to (5)-(7), but the solvent is intimately involved: 

e-Soiv + S - S - * (12 , -12 ) 

S - * + solvent —•• S~soiv or product (13) 

Solvent rearrangement can make important contributions to 
the free energy changes of both (12) and (13).30 The products 
of (13) can include those of dissociation of S - * , so it represents 
the liquid phase equivalent of both (6) and (7). Reaction 13 
is first order. 

For simplicity we will consider neutral scavengers S, al­
though charged scavengers could be treated with little diffi­
culty (for example, see ref 27). The overall capture rate con­
stant k4 is: 

*4 = *12*13/(*-12 + *13) (14) 

A diffusion controlled reaction has k-\2« Acj3, so (14) re­
duces to (15). 

k^ = Zc 12 = &dc 

= AAc exp(-Edc/RT) (15) 

where A^0 = 4irrDo, r is the reaction radius, DQ is the preex-
ponential factor for the mutual diffusion coefficient of the 
reactants, and E^0 is the Arrhenius temperature coefficient of 
mutual diffusion. 

Slower reactions can be limited by either or both of (12, 
- 1 2 ) and (13). The present work points to a correlation be­
tween the solvation energy of the electron and the value of Zc4 

for a given solute in the solvent, when Zc4 < Zcac- In solvents 
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Figure 4. Variation of the ratio of Zc4 in methanol and ethanol solvents, 
&4,M/k4,E> w'ith the reactivity of the solute (represented by ̂ 4,yi). The full 
curve was calculated from eq 20 for neutral scavengers. The point for 
H+J0Iv lies below the curve for neutral solutes because the different solvent 
dielectric constants inversely alter the ion-electron interaction distance. 
Temperature = 296 K. 

where the electron solvation energy is greater, k4 tends to be 
smaller. 

Solvation processes (including desolvation) can contribute 
to the attainment of the activated state in (12) and to the sta­
bilization through (13) of electron capture. Solvation changes 
involve rotational relaxation of the solvent about the reactant 
pair and concomitant translational relaxation due to changes 
in local electrostriction. The rate of these changes is related 
to that of dielectric relaxation modified by electrostatic torques 
exerted by the charged solute on the solvating dipoles.31 33 The 
local torques change when the charge center shifts in (12). The 
time required for the solvent rearrangement is expected to be 
an order of magnitude smaller than that for the largest and 
slowest component of relaxation, T\, measured by microwave 
spectroscopy.31,34 The excess electron would also weaken hy­
drogen bonds in its vicinity. The minimum time required for 
the solvent rearrangement processes would be similar to the 
second component T2 measured by microwave spectrosco-

py-34 

When the rate is limited by (12) one has35 

k4~(kT/h)exp(-AG*4/RT) (16) 

with the free energy of activation AG*4 equal to that of (12). 
At 296 K the magnitude of k T/h is 6 X 10'2, which is conve­
nient for the preexponential factor of k4 in units of M - 1 s~'. 
For example, it gives the estimated diffusion controlled limit 
for neutral S in methanol, 6 X 10 1 0 M- ' s~', with AG*4 = 2.8 
kcal/mol, which is equal to the activation energy of self dif­
fusion in methanol.36 Values of AG*4 were calculated for the 
neutral solutes in Table III and are denoted by AG*4,M for 
methanol and AG*A,E for ethanol solutions. A plot of (AG*4,ivi 
— AG*4,E) against AG*4.M is shown in Figure 5. For discussion 
purposes k4 and AG*4 may be divided into two portions, one 
representing the diffusion together of the reactants, kd and 
AG+^, and another representing reaction after the reactants 
have formed an encounter pair, kr and AG*r, respectively. 

Ic4-* =kd~
] +kT- (17a) 

exp (AG*4/RT) = exp(AG*d/RT) + exp(AG*r/RT) 

(17b) 

The minimum value of AG*4 is equal to AG*d, with AG*r = 
0. When AG*r < AG*d one has AG*4 ~ AG*d + AG*r, with 
the contribution of AG*d decreasing as AG*r increases. When 
AG*r » AG*d one has AG*4 ~ AG*r. 
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Figure 5. The difference between the free energies of activation of electron 
scavenging in methanol (AG*4IM) and ethanol (AG*4,E) plotted against 
AG*4,M for neutral scavengers. The free energies were calculated from 
(16). (O) Scavengers from Table III; (*) estimated diffusion controlled 
limit at 296 K. The full curve is equivalent to eq 18. 

Table IV. Diffusion Coefficients and Ion Conductances in 
Alcohols at 298 K 

D, (10-5cm2 s- ' )0 

A 1 0 1 C m 2 Q - ' m o l - ' * 
H+ + RO" 
H + + Cl-
N a + + Cl" 

A=O1Cm2P.-1 m o l - 1 * 
H+ 

Na+ 

RO-
Ci-

IJ- ' , c P - 1 r 

T - ' , n s - ' d 

Methanol 

2.3 

195 
193 
97 

142 
46 
53 
51 

1.79 
21.3 

Ethanol 

1.0 

83 
82 
43 

57 
18 
25 
24 

0.90 
7.8 

Methanol/ 
ethanol 

2.3 

2.4 
2.4 
2.3 

2.5 
2.5 
2.1 
2.1 

2.0 
2.7 

a Self diffusion coefficient; ref 21. h Equivalent conductance at 
infinite dilution; ref 22. Other uni-univalent salts have conductances 
similar to that of sodium chloride. The mobility M(Cm2V-' s_1) = 1.04 
X 10-5X„. c Reciprocal shear viscosity; ref 23. d Reciprocal dielectric 
(rotational) relaxation time; ref 24. 

At the diffusion controlled limit (AG^4,M — A G * 4 , E ) is 
negative because diffusion coefficients in methanol are greater 
than those in ethanol; AG*d,M ~ 2.8 kcal mol - 1 and AG*d.E 
~ 3.3 kcal mol - 1 (Figure 5). As one proceeds to less reactive 
solutes the free energy of activation increases more rapidly in 
methanol than in ethanol because the electron has to escape 
from a 4 kcal mol - 1 deeper solvation trap in the former (Table 
III). This energy is partially compensated by interactions be­
tween the solvent and S - * , so the maximum difference between 
AG*4,M and A G * 4 , E is less than 4 kcal mol - 1 . The curve in 
Figure 5 is equivalent to (18). 

AG*4,E = 0 . 6 2 A G * 4 , M + 1.6, AG*4,M < 6.8 kcal mol" 
(18a) 

AG*4,E = AG*4,M - 1.0, A G * 4 , M > 6.8 kcal mol- ' 
(18b) 

The product of (12) is stabilized by (13). If (12) were ex-
oergic AG*r should be approximately zero and the reaction 
should be diffusion controlled. Collisional stabilization of S - * 
could occur within the duration of an encounter, which is £ 1 
ps. None of the present reactions is diffusion controlled. 
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When (12) is only slightly endoergic, (13) may be simply 
the relaxation of the polar solvent about the new charge center 
S - , thereby deepening the potential well and stabilizing the 
anion. This appears to be the case for solutes such as biphenyl 
and terphenyl, whose anions have been observed optically in 
alcohols.37 Naphthalene probably behaves similarly, because 
its electron capture rate constant lies between those for bi­
phenyl and terphenyl.37 This category of reactions may be 
described as simple electron capture and pertains to solutes 
down to and including, 1,3-butadiene in Table III. 

For reactions with larger values of AG*4 the electron cap­
ture may be stabilized by protonation of the anion by the sol­
vent. In these cases the anion is so unstable that its steady state 
concentration remains below the detection limit in methanol 
and ethanol. However, there is a correlation between the value 
of k4 and the volume of activation A K* 4 for acetonitrile, ethyl 
acetate, toluene, and benzene; AV* 4 increases with A4.38 The 
correlation does not extend to the more efficient scavengers. 
The mechanism used to interpret the correlation was (12')-
(13').38 

e""soiv + S ^ S-SoIv (12',—12') 

S-solv + ROH - SH + RO-soiv (13') 

It would not be possible to completely resolve (13) and (13') 
for the less efficient scavengers, so (14) adequately describes 
the net electron capture rate constant. 

When k-u » Ai3, (14) reduces to (19). 

k4 « knku/k-n = A13 exp(-AG° X7JRT) 
= (kT/h) exp(-[AG*I3 + AG°n]/RT) (19) 

The free energy changes described by (17) and (18) apply 
to the entire range of A4, from (16) to (19). Equation 18b 
implies that at the larger values of AG*4 the difference between 
the solvent energies in the configurations associated with (e_

soiv 
+ S) and S -*, and the ratio of the protonation rates of the 
anions by the solvents, are dependent upon the solvents but are 
relatively independent of S in the present series. 

Equations 16-18 may be combined to give (20) 

A W k E = exp([1.6 - 0 .38AG* 4 ,M]/0 .59) (2Oa) 
AC*4,M < 6.8 kcal mol"1 

A4,M/A4,E = 0.18, AG*4,M > 6.8 kcal mol-1 (2Ob) 

where 0.59 kcal mol-1 = RT at 296 K. The solid curve in 
Figure 4 represents this equation. The energy distribution 
function used for each system in these calculations was the 
delta function. Use of a more realistic (Gaussian) distribution 
function would soften the shoulder of the curve in Figure 5 and 
slightly raise the curve in Figure 4 in the region of log k4 M = 
7-8. 

A preliminary survey shows that the same type of behavior 
occurs in aqueous solution. The methanol water ratio k4,u/ 
k4yj for neutral solutes has an upper limit near unity. This will 
be the subject of a future investigation. 

Reaction of e~so|v with Unsaturated Hydrocarbons. Acety­
lene and 1,3-butadiene both react with sodium-potassium 
alloy, while ethylene does not. By contrast, 1,3-butadiene has 
a large rate constant for reaction with solvated electrons in 
alcohols and water, while acetylene and ethylene do not (Table 
II). This supports the conclusion that acetylene and butadiene 

react with electrons by different mechanisms (see Introduc­
tion). 
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