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Mechanisms of the Electrohydrodimerization of Activated Olefins.
VIL.* The Validity of Rate-Activation Energy Relationships for
Dimerization Reactions of Ion Radicals
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Diethyl fumarate (DEF) anion radical undergoes
dimerization in wet dimethylformamide (DMF)
by a two-step mechanism involving pre-equilib-
rium (i) and coupling reaction (ii)

K
DEF~+Z < DEF/Z (i)

ki
DEF~/Z+DEF~ —% dimer (ii)

in which Z has been identified as either water or
alkali metal cations. The association reaction (i)
can have negative AH°. Since the rate law for
these processes is (iii), the apparent rate constant
is equal to ;K.

Rate = k;K,[DEFJ{Z] (ii)

Thus, the apparent activation energies (E,)
reflect the contributions of both k;; and K; and
can be very small and even negative. When Z is
H,0, E, was observed to be 1.9 kcal/mol AH;
was found to be —5.9 kcal/mol which results in E,
for reaction (ii) equal to 7.8 kcal/mol. When Z is
Na*, E, was observed to be 4.1 kcal/mol and Kj;
at 298 K was estimated to be of the order of 0.2
M or less giving a minimum estimate of k;; to be
10’ M~'s™!, A maximum value of 10 M~'s™! (at 298
K) was estimated for the rate constant for the
dimerization of uncomplexed DEF~ under the
reaction conditions. Assuming that the entropy
factors for the latter reaction are similar to
reaction (ii) leads to estimations of E, for the
dimerization in the range, 11—12 kcal/mol. It was
concluded that anion radical dimerization reac-

* See Refs. 1—6 for other parts in this series.
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tions do not show unusual rate constant-activa-
tion energy relationships.

In a preliminary communication of this work,’
the kinetics of the dimerization of diethyl fuma-
rate (DEF) anion radical in wet dimethylforma-
mide (DMF) were investigated. The reaction was
observed to be first order in H,O and a very small
kinetic isotope effect ky/kp was observed.

A previous investigation 7 had resulted in a
second order rate constants of 44 M's™! attrib-
uted to reaction (1) :

k
2 DEF~ — dimer 1)

with an Arrhenius activation energy (E,) of
about 4 kcal/mol. On the basis of the new kinetic
data along with the apparent incompatibility of
the rate constant-activation energy data, a two-
step mechanism was proposed involving pre-
equlibrium (1) followed by coupling reaction (2).

K
DEF-+H,0 = DEF/H,0 @)
ks
DEF~/H,0+DEF- —> dimer 3)

Amatore, Pinson and Savéant ® have commented
on this work and imply that this adds little new
information to the mechanisms of anion radical
dimerization since DEF/H,0 is still an anion
radical. Therefore, they recommend viewing the
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water effect as one of specific solvation as had
previously been advocated.” The latter view
would seem to be totally inconsistent with the
reasons for studying the mechanism of a reaction.
We find it much more important to identify the
various steps in a reaction rather than be satisfied
with an overall rate constant for the process.
Thus, we consider mechanism (2)+(3) to differ
significantly from mechanism (1) with specific
solvation of the anion radicals by water.

One of the primary consequences of a pre-
equilibrium such as (1) is that the observed
activation parameters do not reflect the contribu-
tions from a single step and are thus of limited
value in discussions of the energetics of the
reactions. On the other hand, the observation of
unusual effects of the temperature upon observed
rate constants can be of importance in assigning
mechanisms to reactions. Such studies are com-
mon in physical organic chemistry '° but have
been used to a very limited extent in the study of
electrode processes. This was recently pointed
out and examples were discussed where inverse
temperature effects were observed.!? Savéant
and coworkers '3 have attacked our use of low
activation energies as an indication of complex
reaction mechanisms and have implied that we
have overlooked classical results of chemical rate
theory. We have invoked arguments relating to

temperature effects a number of times and thus
this issue is of considerable importance to our
work. The evidence and conclusions arrived at
for a number of processes with unusual tempera-
ture behaviour are summarized in Table 1.

In order to gain a better understanding of rate
constant-activation energy relationships for ion
radical dimerization reactions, two known cases
involving pre-equilibria were reinvestigated. The
reactions studied were the anion radical water
complex reaction (2)+(3) and the ion association
reaction (4) and (5)

K
F~+M 7
DE + 22 DEF/M* 4)

k
DEF~/M*+DEF~ — dimer (5)

previously studied in DMF by Hazelrigg and
Bard '° and in DMSO by Ryan and Evans.?

RESULTS

The effect of water on the rate of dimerization of
diethyl fumarate anion radical. In the preliminary
report of this work the water concentration was
varied up to 0.55 M in DMF and an approximate
first order relationship was observed.! Rate

Table 1. Unusual temperature effects reported for electrode processes.

Process Evidence Conclusions Ref.
Dehalodimerization of 4-halo- E,~0 Reversible dimerization 13
N, N-dimethyl aniline cation

radicals

Deprotonation of hexamethyl- Inverse temperature effect Complex kinetic scheme 11
benzene cation radicals E,~—4kcal/mol

Dimerization of dimethoxystil- E,~0 Complex mechanism 14
bene cation radicals

Coupling of 4-methoxy- E,~0 at low concentration Complex mechanism 15
biphenyl cation radicals

Dimerization of 9-substituted  E,<1 kcal/mol for the 9-nitro Pre-equilibrium followed by  16-17

anthracene anion radicals derivative

Dimerization of 9-diazo-

fluorene anion radicals E,~2 kcal/mol

Dimerization of p-methylben-
zylidene malononitrile anion
radicals

Non-linear Arrhenius plot,

Concentration dependent E,
as low as 1 kcal/mol

dimer formation

Pre-equilibriym followed by 18
dimer formation

Pre-equilibrium followed by 6
dimer formation
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Table 2. Effect of water on the dimerization of diethyl fumarate anion radical in DMF.*

[H,0)/mM Lit. This work kM%s1
kobs/hd_ls_1 kobs/NI_ls_1

139 121 -

278 242 235 845

417 349 —

550 458 412 749

820 618 754
1090 817 750 743+13
1355 980 723
1618 1193 737
Intercept/M 15! 11 30
Corr. coef.? 0.9997 0.9995

@ Measurements by derivative cyclic voltammetry at a gold electrode at 20.6 °C. ® The rate constants reported in
Ref. 1 are too large by a factor of 1.42. The correct relationship between vy, and k at 295 °C is k=4.64 v;,,/C.
° Third order rate constants obtained by dividing k., by the water concentration. ¢ From correlation of ks vs.

Chyo-

constants as a function of Cy,o are gathered in
Table 2. The data are from this work as well as
from Ref. 1 and include Cy,o up to 1.6 M. The
observed rate constants (ko) correlate linearly
with Cy,o and give intercepts which should be
related to the second order rate constant in the
absence of added water. At Cy,o greater than 0.5
M the third order rate constants obtained by
dividing kops by Cu,0 were observed to be
constant to +2 % with a value of 743 M~%s7!. The
extrapolated rate constants Cy,o (added
water)=0 correspond to those expected if the
residual water introduced in the solvent-electro-
lyte was 15 (11 M%) and 40 (30 M%) mM
assuming all the reaction goes according to
mechanism (2)+(3).

The effect of water on the reversible potential
for the reduction of diethyl fumarate in DMF. The
phase selective second harmonic a.c. zero cros-
sing potentials (E,;) gathered in Table 3 were
obtained on a solution of DEF (0.1 mM) in
DMF. The reason for the low concentration of
DEF was to diminish the effect of the second
order reaction of the anion radical on the
electrode potential measurements. Measure-
ments were made at frequencies of 100 and 300
Hz. Any kinetic complications would cause E, at
the two frequencies to differ by a degree depend-
ing upon the rate of the reaction. At all Cy,o the
two E,. are within 0.5 mV of each other. This
suffices to show that the potentials listed are for
the reversible charge transfer (6).
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E eV
DEF+e- == DEF- (6)

At Cy,o of 0.14 M or greater, correlation of
AE, vs. Cy,o resulted in a correlation coeffi-
cient of 0.9998 and an intercept of —34 mM.
After adding 34 mM to all Cy,0, linear regression
over all of the data (including the “dry” entry)
resulted in a correlation coefficient of 0.9999 with
an intercept of 3.7 mM. Finally, a correlation
assuming the “dry” solution to be 30 mM in water
and adding 30 mM to all Cy,o gave a correlation
coefficient of 0.9999 and an intercept of only
—0.3 mM. From this it can be concluded that the
residual water introduced in the solvent-electro-
lyte was present at a concentration of about 30
mM for the experiments described in Table 3. If
the association of DEF~ with H,O can be
described by equilibrium (7), the shift in E,
with increasing Cy, o is related to K; by eqn. (8).

K
DEF-+m H,0 =* DEF~/(H,0)m ™
AE,., = (RT/F) In (1+K7Cy1,0™) ®)

The last column in Table 3 shows that the data fit
eqn. (8) for m=1 reasonably well and omitting
the values for the two highest water concentra-
tions results in a value for K, of 0.57+0.07 M.,
The increasing trend at the higher water concen-
tration may be due to contributions where m=2.
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Table 3. The effect of water concentration in DMF on the reversible potential for the reduction of

diethyl fumarate.”

[H,0)/mM -E,(100 Hz) ® -E,(300 Hz) ® AE,.,/mV KM
Over ALO; 342.98(0.08) 342.72(0.00) 0 —
“Dry” 342.57(0.08) 342.15(0.00) 0.49 0.66
28 342.12(0.08) 341.97(0.00) 0.74 0.52
70 341.66(0.10) 341.66(0.10) 1.20 0.49
139 340.76(0.10) 340.46(0.00) 2.24 0.55
278 338.84(0.10) 338.96(0.18) 3.95 0.55
550 335.01(0.00) 334.63(0.13) 8.03 0.65
1090 327.56(0.10) 327.82(0.25) 15.2 0.74
2020 315.26(0.00) 315.78(0.08) 27.3 0.96

% Measurements by phase selective second harmonic a.c. voltammetry at a mercury electrode in solvent
containing DEF (0.1 mM) and Bu,NBF, (0.1 M) at 18.9 °C. ® The quadrature zero current crossing potentials
referred to a bias potential of —-1.46 V vs. Ag/Ag” in acetonitrile. The numbers in parentheses refer to the standard
deviation in 5 measurements. © No added water. ¢ The equilibrium constant for the association of DEF - with water
assuming that [H,O] in the “dry” solution was 30 mM, which was added to all other water concentrations.

The effect of sodium ion on the reversible
potential for the reduction of diethyl fumarate in
DMF. The data in Table 4 were obtained by
phase selective second harmonic a.c. voltammet-
ry measurements on a solution containing DEF
(0.1 mM) and H,O (27 mM added) at 18.3 °C. It
was only possible to make reliable measurements
of Cnar up to 6.6 mM. At Cy,p of 13.2 mM the
a.c. current was greatly diminished and the E,;
were not reproducible. At higher Cy,; the signal
for the quadrature component completely dis-
appeared. This behaviour is most likely due to a
phase shift caused by adsorption on the electrode
and was not further investigated.

In the Cy, range where E., measurements
were possible, E,. was constant to 0.2 mV
which is about the experimental error in the
measurements. The numbers in parentheses in
Table 4 refer to the standard deviation in 5
replicate measurements without disturbing the
cell. The error becomes larger when the cell is
disturbed by the addition of a reagent. The
relationship between AE,., and K, is defined in

eqn. (9).
AE., = (RT/F) In (14+K,Cna,+) 9)

Since we conclude that AE,,, is no greater than
0.2 mV when Cy,; is 6.6 mM and assuming that
Na* is not associated with supporting electrolyte
anions as is indicated from other work,” we
obtain a maximum value of K, (where M* is
Na*) of about 0.5 M.

The reaction order in sodium ion during the
dimerization of diethyl fumarate anion radical in
DMF. Kinetic measurements were carried out
using either derivative cyclic voltammetry (DCV)
or double potential step chronoamperometry
(DPSC). Second order rate constants obtained at
Cnar ranging from 4.2 to 110 mM are summarized
in Table 5. Dividing ks by Cnar gives a third
order rate constant which should be independent
of Cya if the reaction is first order in sodium ion.
The DCV measurements gave a value of
1.04+£0.07x10° M while a value of
1.53+0.11x10%° M~%~! was obtained from the

Table 4. The effect of sodium ion concentration
on the reversible potential for the reduction of
diethyl fumarate in DMF.*

[NaI}mM -E,(300 Hz) ®

0 328.1(0.1)

33 327.8(0.1)

6.6 328.2(0.1)

13.2 diminished signal ¢

% Measurements by phase selective second harmonic
a.c. voltammetry at a mercury electrode in solvent
containing Bu,NBF, (0.1 M), DEF (0.1 mM) and water
(27 mM added) at 18.3 °C. ® Zero current crossing
potential of the quadrature component referred to a
bias potential of —1.47 V vs. Ag/Ag* in acetonitrile.
The numbers in parentheses refer to the standard
deviation in 5 measurements. ¢ At this concentration
the a.c. signal became very small and completely
disappeared at higher concentrations.
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Table 5. The reaction order in sodium ion in the dimerization of diethyl fumarate anion radical in

DMF.*
[NaI)/mM Method ® kops/M 157 107k py/[Na*M-2s71
4.18 DCV 4.18x10° 1.00
8.35 DCV 8.07x10? 0.967
16.7 DCV 1.66x10* 0.994
55.0 DCV 6.19x10* 1.12
110 DCV 1.21x10° 1.10
1.04+0.07
16.7 DPSC 2.33x10* 1.40
55.0 DPSC 8.68x10* 1.58
110 DPSC 1.61x10* 1.61
1.53+0.11

“ In solvent containing Bu,NBF, (0.1 M), water (70 mM) and DEF (2.0 mM) at 16.3 °C. ® Measurements by
either derivative cyclic voltammetry or double potential step chronoamperometry at an Hg electrode.

DPSC data. The deviations observed are about
those expected from experimental error. We can
conclude that under the conditions of our
measurements, the reaction is first order in
sodium ion.

The rate constants obtained by DCV are about
0.67 those from DPSC. We have no explanation
for this discrepancy but note that it is not
uncommon that absolute values of rate constants
obtained by various electrochemical techniques
differ somewhat.

Apparent activation energies for the dimeriza-
tion of diethyl fumarate in DMF. Apparent
second order rate constants for the dimerization
of DEF ™ under various conditions were obtained
over temperatures ranging from —6 to 40 °C.
Arrhenius activation energies along with kyog,

apparent second order rate constants at 298 K,
obtained from the correlations are summarized in
Table 6. The correlation coefficients are for
correlation of the rate constants measured at five
different temperatures. The point of most in-
terest is that E, is about 1.9 kcal/mol when H,O
but no metal ions are present, about 4.4 kcal/mol
in the presence of Li* and 4.1 kcal/mol in the
presence of Na™* ions.

In order to determine the degree of precision
in the E, values, three determinations were
carried out by DPSC on the same solution
containing DEF (2.0 mM), Nal (16.7 mM) and
water (70 mM added). The data are shown in
Table 7. The correlations resulted in E, equal to
4.1+0.1 kcal/mol and kzg equal to
2.95+0.08x10* M's™!.

Table 6. Apparent activation energies and rate constants for the dimerization of diethyl fumarate

anion radical in DMF.?

[DEF)mM [H,O)mM [M*}mM Method ®  kygM's! E,/kcal mol* r°¢

2.0 1090 0 DCV 1.14x10° 1.9 0.994
9.6 1090 0 DCV ¢ 0.86x10° 1.8 0.989
2.0 dry ¢ 47(Li*)  DPSC 1.88x10* 4.4 0.997
2.0 dry ¢ 11.8(Li+2 DPSC 4.10x10* 4.3 0.999
1.9 dry ¢ 8.0(Na™) DPSC 1.10x10* 4.0 0.985
1.9 dry ¢ 8.0(Na*)  DCV 7.59%10° 42 1.000
1.9 dry ¢ 3.3(Na*)  DCV 3.12x10° 3.9 1.000

4 Measurements at 5 different temperatures ranging from —6 to 40 °C. ® Derivative cyclic voltammetry (DVC)
and double potential step chronoamperometry (DPSC). ¢ Correlation coefficient of the Arrhenius plot. ¢ At a gold
electrode, all other measurements were at mercury electrodes. © No added water.

Acta Chem. Scand. B 37 (1983) No. §



398 Vernon D. Parker

Table 7. Precision of activation energy measure-
ments for the dimerization of diethyl fumarate
anion radical in DMF.?

Table 9. The effect of temperature on the
equilibrium constant for the association of diethyl
fumarate anion radical with water in DMF.*

Determina-  E,/kcal mol™! 10 *k,0s/M's7! €
tion
1 4.2 2.86
2 4.0 3.00
3 4.1 2.98
4.1+0.1 2.9510.08

“ In solvent containing Bu,NBF, (0.1 M), water (70
mM added), DEF (2.0 mM) and sodium iodide (16.7
mM). ® Replicate measurements on the same solution
at five temperatures ranging from —6 to 40 °C by DPSC
at a mercury electrode. ¢ Apparent second order rate
constant at 298 K.

The effect of water on the rate and activation
energy of the anion radical-sodium ion pair
reaction. The data in Table 8 were obtained by
DCYV on solutions containing DEF (2.0 mM) and
Nal (8.7 mM). The value of E, was found to be
nearly independent of Cy,o and equal to 3.6+0.2
kcal/mol while a slight trend was found in kg
with increasing water concentration. The column
labeled ko, is kops cOrrected for the contribution
of the water reaction with a second order rate
constant of 743 M~!s™! (Table 2). The decreasing
trend is quite apparent in k.. What can be
concluded from this data is that the product k5K,
decreases slightly with increasing water concen-
tration. It seems likely that K, is decreased and ks
is either unaffected or increased.

A further point concerning the data in Table 8
is that E, measured by DCV are about 0.5
kcal/mol less than those obtained by DPSC. A
possible reason for this is that the DCV data are
somewhat more sensitive to uncompensated solu-

TK KM —AS° “/cal K'mol™!
302.4 0.44 21.1
292.1  0.56(0.01)¢ 21.4
2729 1.24(0.42) ¢ 21.2

¢ Measurements by phase selective second harmonic
a.c. voltammetry at 300 Hz and d.c. sweep rate of 40.0
mV/s. b Calculated from AE,., at water concentrations
ranging rom 0.1 to 0.6 M. € Calculated using the
observed value of AH® egual to —5.9 kcal/mol (correla-
tion coefficient=0.994). ¢ Two independent determina-
tions. ¢ Four independent determinations.

tion resistance than are the DPSC data. We have
observed that some adsorption takes place in the
presence of sodium ion (Table 4). This could
bring about uncompensated resistance problems
and contribute to some error in DCV activation
energies. For this reason we regard the DPSC
values in Table 7 to be more reliable than those in
Table 8.

The thermodynamic parameters for the associa-
tion of diethyl fumarate anion radical with water.
Equilibium constants for reaction (7) where m=1
were determined at three temperatures with
Cy,0 ranging from 0.1 to 0.6 M. The data are
summarized in Table 9. Significant variations in
the K; values were observed at the lowest
temperature and 4 independent determinations
were made. Correlation of In K5 vs. T! resulted
in an estimate of —5.9 kcal/mol for AH% and a
correlation coefficient of 0.994. The last column
gives the values of AS% and the small degree of
variation shows that the data are linearly related.

Table 8. The effect of water concentration on the kinetics of the dimerization of diethyl fumarate
anion radical in DMF in the presence of sodium iodide.”

[H,0)/mM E,/kcal mol™ 104k p/M 151 104K gore /M- 1s71
0 3.5 111 1.11
69.5 3.8 1.02 1.02
139 3.2 0.994 0.984
278 3.4 1.020 1.000
550 3.7 0.973 0.932
1090 3.7 0.955 0.874

2 Measurements by DCV in solvent containing Buy,NBF, (0.1 M), sodium iodide (8.7 mM) and DEF (2.0 mM) at
a mercury electrode. Data at five temperatures ranging from —6 to 40 °C. ® k., (at 298 K) corrected by subtracting

743Cyy,0.
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DISCUSSION

For the general case of an anion radical
dimerization consisting of pre-equilibrium (10)
followed by coupling reaction (11),

— KIO .
A~+Z'= A7/Z (10)

- _ku
A7/Z+A~ — dimer (11)
the apparent rate constants and activation ener-
gies are expected to depend strongly on K;,. If
Ko is much greater than 1 and Z is in excess,
essentially all of A~ will exist as A™/Z in solution
and both the rate of the reaction and the
apparent E, will be independent of K,y and C.
Under these circumstances reaction (11) would
probably be insignificant compared to the dimer-
ization of A~/Z. (12).

ey K2

2 A7/Z — dimer 12)
On the other hand, if K3 and C; are sufficiently
small that A~ is the predominant species in
solution the rate law will be (13)
Ratejg 1 = k11K1oCa->Cz (13)
and the observed kinetic parameters will depend
upon both k;; and K. The apparent activation
energy will depend not only on E, for (11) but
also on AH® for (10). Association reactons such
as (10) are usually exothermic as has been well
established for ion pair formation between alkali
metal cations and anion radicals in ethereal
solvents.?! The exothermicity of such interactions
is expected to increase with increasing solvent
polarity.?! Thus, it is reasonable to expect AH®,
(complexing with water) and AH® (ion pairing
with Na* and Li*) to be negative for the
reactions of DEF~ in DMF.

Before discussing the kinetic parameters for
the two reactions it is necessary to establish that
the observed rate laws conform to the pre-
equilibrium mechanisms. That the dimerizations
are clearly second order in DEF~ has been firmly
established in the presence of water 17 and in the
presence of alkali metal ions.'® It is evident from
the data in Table 2 that the reaction is first order
in water in the absence of alkali metal ions. Thus,
the rate law in the presence of water is (14).
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Rate, 3 = k3K3Cper-*Cr,0 (14)
Since our reaction order data for Li* is limited to
evaluation from only two rate constants we will
limit our discussion of reactions (4)+(5) to the
case where M™ is sodium ion. The data in Table 5
show that the reaction order is 1.04+0.07 up to
Cna+ as great as 0.11 M. The rate law in the
presence of Na™ is (15).

Rate4,5 = k5K4CDEF*2CNa+ (15 )

Hazelrigg and Bard ' found a small increasing
trend in the observed rate constants with increas-
ing Cn,p and attributed this to the contribution of
reaction (16).

T

2 DEF"/Na™ — dimer (16)
However, electrode filming limited their studies
to Cnar up to 8 mM. The reason that we were able
to use much higher Cy, is apparently that our
solutions contained more water (Cy,0,added=70
mM). In any event, it is clear from the data in
Table 5 that there is either no or negligible
contribution from reacton (16) under our condi-
tions. It could be that K, is sufficiently reduced
by the inclusion of water to preclude the occurr-
ence of reaction (16).

The most important consequence of the
observation that the reactions follow rate laws
(14) and (15) is that the observed E, will be
minimum values since both AH% and AH%, are
expected to be negative. Indeed, AH% was
observed to be equal to —5.9 kcal/mol (Table 9).
In the case of reaction (4) no shift in E,, could be
found at sodium ion concentrations where
meaningful measurements could be carried out
(Table 4) and K, at 292 K was estimated to be
less than 0.5 M.

The values of E, observed were 1.9 and 4.1
kcal/mol for reactions (2)+(3) and (4)+(5),
respectively. At 298 K, K, is of the order of 0.5.
The apparent value of k3K, was estimated to be
equal to 743 M~%s7! (Table 2) which then results
in a value of 1500 M~'s? for k;. The activation
energy for reaction (3) can be estimated by
substracting the contribution of AH%, i.e. —5.9
kcal/mol, from the apparent E, which results in a
value of 7.8 kcal/mol. The value of k5K, at 298 K
can be derived from the data in Table 5 and is
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equal to 1.8x10° M at Cyo of 70 mM
(added). Since K, was estimated to be <0.5 M!
at Cy,0 of 27 mM (added) and it is expected to be
even lower at higher Cy,0, an estimate of 0.2 M
would not be unreasonable. Thus, ks is most
likely of the order of 10’ M's™! or greater and it
is surely greater than 5x10° M-!s™! under the
conditions of the measurements.

The residual water in the DMF-Bu,NBF,
solvent-electrolyte system was estimated to be
equal to 30 mM (Results section) and the
apparent rate constant in the absence of added
water (and alkali metal ions) was estimated by
extrapolation to be 30 M~'s™! in this work (Table
2) while k3K, was equal to 743 M. This
implies that if reaction (1) takes place at all under
the conditions of this study, k; is equal to or less
than about 10 M~'s”!. Why are reactions (3) and
(5) so much more favorable than reaction (1)?
The obvious explanation is that the complexing
of DEF~ with water (2), most likely by hydrogen
bonding, or pairing with alkali metal ions (4)
reduces the charge repulsion in the dimer form-
ing transition states and results in decreases in the
activation energies of reactions (3) and (5)
relative to reaction (1). The degree of the
reduction of charge repulsion must depend upon
how effectively the charge in DEF~ is neutralized
by the complex formation. Clearly, ion pairing
must be more effective in charge neutralization
than is hydrogen bonding. Therefore, it appears
safe to conclude that (E,),>(E,);>(E,)s where
the subscripts refer to the eqn. numbers for the
reactions.

The value of (E,); was determined to be 7.8
kcal/mol. From this value and the estimated
value of k; at 298 K, i.e. 1500 MIs™!, the
Arrhenius log A [eqn. (17)]

log k = log A—E,/(In 10RT) 17)

can be estimated to be 9. Assuming the same log
A and that k, is equal to 10 M's™! at 298 K, we
arrive at a value of 10.9 kcal/mol for reaction (1).
A conservative estimate of (E,)s can be taken to
be 4.1 kcal/mol. This is surely a minimum value
since AH% is most likely negative and a greater
apparent E, (4.4 kcal/mol) was obtained when
M was Li*. This conservative value of (E,)s can
be used to get another estimate of (E,);. Assum-
ing a value of 10’ M-'s™! for k and 4.1 kcal/mol
for E, results in log A equal to 10. This value of

log A then results in an estimate of 12.3 kcal/mol
for (E,);. Accordingly, it is reasonable to con-
clude that (E,), probably falls somewhere in the
range between 11 and 12 kcal/mol.

From the data discussed in the previous para-
graphs it is obvious that the dimerization reac-
tions of DEF~ in DMF have activation para-
meters in the range expected for normal second
order reactions. There does not appear to be
anything unusual about the rate
constant—activation energy relationship for these
reactions. Furthermore, there does not appear to
be any reason to believe that the situation should
differ for other related dimerizations of anion
radicals having similar structural features. The
use of the apparent activation energy as a guide
in proposing complex reaction mechanisms
(Table 1) 5111318 appears to be a safe procedure
in ion radical reactions as well in other second
order reactions.'® The comments of Savéant '2 as
well as those by Amatore, Pinson and Savéant
regarding our use of low activation energies as
well as the implication 8 that we have overlooked
classical results of chemical rate theory appear to
be without justification.

EXPERIMENTAL

The instrumentation, electrodes, cells and data
handling procedures were those described
earlier.22 Reagent grade DMF containing the
supporting electrolyte (Bu,NBF,) was passed
through a column containing neutral alumina
before use. Reagent grade DEF was used without
further purification. Double potential step chro-
noamperometry was carried out by potential
steps from about 300 mV less negative than E,,
to about 300 mV more negative at about 50 s
intervals between measurements. Derivative cyc-
lic voltammetry experiments were carried out as
previously described.?
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