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Abstract: When the quantum character of proton transfer is taken into account, the intrinsic slowness of
self-exchange proton transfer at carbon appears as a result of its nonadiabatic character as opposed to
the adiabatic character of proton transfer at oxygen and nitrogen. This difference is caused by the lesser
polarity of C-H bonds as compared to that of O-H and N-H bonds. Besides solvent and heavy-atom
intramolecular reorganizations, the kinetics of the reaction are consequently governed at the level of a
pre-exponential term by proton tunneling through the barrier. These contrasting behaviors are illustrated
by an analysis of the CH3H + -CH3, H2O + OH-, and +NH4 + NH3 self-exchange reactions. The effect of
electron-withdrawing substituents and the case of cation radicals are discussed within the same framework
taking the O2NCH2H + CH2dNO2

- and +•H2NCH2H + •CH2NH2 as examples. Illustrated by the CH2dCH-
CH2H + -CH2-CHdCH2 couple, it is shown that the “imbalanced character of the transition state” is related
to heavy-atom intramolecular reorganization. Combination of these various effects is finally analyzed, taking
the O2N-CH2dCH-CH2H + CH2dCH-CHdNO2

- and +•H2N-CH2dCH-CH2H + •CH2-CHdCH2-NH2

couples as examples.

Introduction

Proton transfer at carbon atoms has attracted and continues
to attract considerable attention, mostly motivated by attempts
to explain the reasons why it appears intrinsically slow, slower
than with “normal” (Eigen) acid-base couples, typically involv-
ing atoms such as oxygen and nitrogen.1,2

A first, difficulty encountered in the deciphering of the
reasons that underlie this intrinsic slowness is the fact that, until
recently, the experimental data on which the discussions were
based concerned two families of rather peculiar acid-base
couples. One of these is constituted by carbon acids that bear
an electron-withdrawing group directly attached to the carbon
atom or is located in a conjugated position to it on unsaturated
substituents, such as ketones or nitroalkanes.1,3-6

The presence of these substituents makes these acids strong
enough to render the experimental determination of the depro-

tonation rates by usual bases. The logarithm of the rate constant
at zero driving force for these acids ranges from-2 to 5, making
their investigation by use of standard methods, such as stopped-
flow techniques, achievable.

Another way of making a carbon acid strong enough to be
amenable to measuring the deprotonation rate constant is to
remove one electron from the molecule. The cation radicals thus
generated are indeed much stronger acids than their closed-
shell counterparts. Deprotonation of several cation radicals has
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accordingly been investigated by methods ranging from con-
ventional monitoring of concentrations7 to direct and indirect
electrochemistry,8 pulse radiolysis,9 and flash photolysis.8i-k,10

Recently, the laser-flash electron photoinjection method has been
applied to the determination of the protonation rate constants
of a carbanion bearing no withdrawing substituents, namely,
the diphenylmethyl anion, by a series of normal acids.11

One consequence of the presence of an electron-withdrawing
group directly attached to the functional carbon, or located in a
conjugated position to it on an unsaturated substituent, in most
of the investigated systems has been the focus of attention to
one cause of slowness, which was thought of as a lack of
synchronization between the breaking of the carbon-hydrogen
bond and delocalization of the charge, at the expense of other
possible factors. The result of charge delocalization lagging
behind bond breaking would then be an imbalanced transition
state, as sketched in Scheme 1.1a-d

The imbalanced character of the transition state is defined
according to the distribution of charge over the functional carbon
and the adjacent group, Y, as shown in the Scheme, with the
imbalance expressed as

for example, the negative charge over the Y group in the
transition state is less resonance delocalized than it is in the
product state.

Many quantum chemical calculations neglecting the quantum
character of proton transfer have been carried out to characterize
the transition state of such reactions in the gas phase.12-16 Most
of them have confirmed the intuitive notion that the distribution
of charge is not the same in the transition state and in the
products.12,13

According to these analyses, imbalance of bond breaking and
charge delocalization results in an increase of the proton-transfer
barrier. With such acids, it is thus difficult to separate the role
of nonperfect synchronization from what could be an intrinsic

slowness of carbon acids as opposed to normal acids. The same
is true for unsaturated cation radicals. Although less likely, a
similar phenomenon is also possible in the case of diphenyl-
methane insofar as the charge may be delocalized over the
phenyl rings in the carbanion.11

There is, however, an even more fundamental problem in
analyzing these various factors based on the sole consideration
of transition states and activation barriers, such as those derived
from the above-mentioned qualitative analyses, models, and
quantum chemical calculations. With a proton being a light
particle, its transfer cannot be gauged simply in terms of ther-
mal excitation semiclassically overcoming an activation bar-
rier. In other words, quantum effects, notably, the degree of
adiabaticity and tunneling from discrete vibrational states,
should imperatively be taken into account.17-19 With a self-
exchange reaction, the transition state is only governed by the
movement of the heavy particles. Depiction of the reaction
coordinate requires considering the effect of the distance,Q,
between the two-proton-exchanging centers as well as the
intramolecular and solvent reorganizations that occur upon
proton transfer, but not the distance,q, defining the location of
the proton:

Similar notions have been developed in the analysis of proton
transfer taking place along pre-existing H bonds where the role
of the Q distance is emphasized, although not fully analyzed
in kinetic terms,20 while Hynes’ approach17 is directly applicable
to our purpose of describing the dynamics of proton transfer at
carbon. The case where the zero-point energy of the AH, A-

system stands above the proton barrier is called adiabatic. The
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dynamics of the reaction is then entirely governed by heavy-
atom reorganization. When the zero-point energy lies below the
proton barrier, one or a limited number of vibrational states is
then involved in proton tunneling through the barrier. This case
is called nonadiabatic. The characteristics of the proton barrier
will then govern a pre-exponential protonic factor in front of
the exponential term, reflecting heavy-atom reorganization. It
follows that previous quantum chemical investigations based
on the implicit assumption that the rate constant is related to
the calculated barrier according to the conventional transition-
state theory should be re-examined within this framework.
Figure 1 depicts schematically an adiabatic and a nonadiabatic
situation in whichQ ) Qq shows that the transition state is
only governed by the movement of the heavy particles.

Within this context, our strategy was to successively address
the main questions raised by the slowness of proton transfer at
carbon with the help, in each case, of an illustrating example
of the self-exchange reaction. We limit ourselves, here, to the
self-exchange reaction because it goes to the nitty-gritty of the
problem. Mixed reactions involving a carbon acid and a normal
base or vice versa are obviously interesting; particularly
interesting is the question of what is the result of combining
the nonadiabaticity of the carbon species with the adiabaticity
of the normal partner, but they are not relevant to the question
of intrinsic slowness. In this connection, the case of proton
transfer from HCN is striking; it appears slow when opposed
to a cyanide ion and fast when opposed to an oxygen base.6a

Thus, the first problem we will discuss is that of the intrinsic
slowness of proton transfer at carbon. What is the cause of this
intrinsic slowness compared to normal acids? Despite the lack
of experimental data, the CH3H + -CH3 couple and its
comparison with the+NH3H + NH3 and HOH+ -OH couples
will serve to analyze these questions.

The CH2dCH-CH2H + -CH2-CHdCH2 couple will be
used to observe and analyze the effect of charge localiza-
tion-delocalization in a conjugated carbon acid, thus, putting
the “principle of nonperfect synchronization” in a perspective
that takes full account of the quantum character of proton
transfer. It will also show how this effect originates in heavy-
atom intramolecular reorganization that accompanies proton
transfer.

Comparison of the O2NCH2H + CH2dNO2
- and CH3H +

-CH3 couples will allow the examination of the changes elicited
by the presence of a strong electron-withdrawing group and thus
serve as the model example of a large series of experimental
systems.

The next step is to combine all three preceding effects, taking
the O2N-CH2dCH-CH2H + CH2dCH-CHdNO2

- system
as an example.

The +•H2NCH2H + •CH2NH2 couple will provide a simple
example of a radical cation, while the+•H2N-CH2dCH-CH2H
+ •CH2-CHdCH2-NH2 couple allows the examination of the
role of the charge localization-delocalization energy in cation
radical deprotonation.

In all of the cases, the analysis will produce a value of the
protonation-deprotonation rate constant of the self-exchange
reaction. In view of the approximate character of the estimate
of several ingredients of the model used, of the approximations
embodied in the model, and of the inaccuracy of quantum
chemical calculations, the values thus found are expected to
provide semiquantitative trends rather than accurate predictions.
However, to check the validity of the trends observed with a
density functional theory method used for all calculations (see
the quantum chemical methodology section), QCISD calcula-
tions have been performed on three couples of the list, namely,
CH3H + -CH3, HOH + -OH, and CH2dCH-CH2H + -CH2-
CHdCH2, showing the same trends as those in the DFT
calculations (see Supporting Information).

Modeling the Dynamics of Adiabatic and Nonadiabatic
Proton Transfers.21 Considering reaction Scheme 2, heavy-atom
and proton coordinates are treated separately in the framework
of the Born-Oppenheimer approximation, assuming that the
proton adjusts itself instantaneously to heavy-atom reorganiza-
tion. The reaction coordinate thus involves the latter factor rather
than the coordinate defining the location of the proton,q
(Scheme 2). More precisely, the reaction coordinate is subdi-
vided into a coordinate,Q, that defines the relative position of
the acid and the base (Scheme 2), a coordinate,Y, that indexes
the intramolecular reorganization (changes in bond lengths and
angles)22a of the A and B moieties, and a coordinate,X, a
fictitious charge that indexes solvent reorganization in the
Marcus way.22bThe transition state is thus obtained as the energy
minimum in the intersection of the reactant and product-free
energy surfaces,GR(Q,X,Y) andGP(Q,X,Y):

∆G0 is the standard free energy of the reaction,fQ the force
constant relative to theQ coordinate, andQR andQP the values
of Q in the reactant and product systems, respectively.λi is the
intramolecular reorganization energy.λi is practically indepen-
dent of Q, whereas the solvent reorganization energy is a
function of Q, given by22b,c

wheree0 is the electron charge,ε0 the vacuum permittivity,εop

and εS the solvent optical and static dielectric constants,
respectively, andaA andaB are radii of the sphere equivalent
to A and B.

The two 4D surfaces intersect along the 3D surface defined
by

Figure 1. AH, A- self-exchange reaction. Proton potential energy as a
function of the A-H distance for an A-A distance corresponding to the
transition state in the adiabatic and nonadiabatic case.
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At the transition state

Thus from eqs 4 and 5

The value ofQ at the transition state,Qq, is finally obtained
from

i.e.

the activation free energy,∆Gq, being given by

For self-exchange reactions,QR ) QP ) Q0, and ∆G0 ) 0.
Thus,Xq ) Yq ) 1/2, and

The value of the force constant,fQ, required to deriveQq from
the preceding equation may be obtained from a quantum
chemical calculation using a quadratic fitting of the variation
of the energy withQ around the minimum, with all other
variables being optimized. The minimum, characterized byQ
) Q0 and X ) Y ) 0, is a precursor complex. With
self-exchange reactions, the successor complex also corresponds
to Q0 but with X ) Y ) 1. The next step is the computation of
the proton-transfer profile in the geometrical configuration of
the system at the transition state. For self-exchange reactions,
this corresponds toYq ) 0.5 and, therefore, to a symmetrical
configuration midway between the precursor and successor
complexes. The fact that the proton is transferred when the
energy levels of the reactant and product match implies, in the
case of a self-exchange reaction, that they have the same
geometrical configuration. This configuration is thus obtained
from the half-sum of the intramolecular coordinates of each of
the two complexes after their optimization forQ ) Qq. The
variation of the potential energy with the proton coordinate,q,
for Q ) Qq and for this particular geometrical configuration is
finally computed, giving rise to a proton-transfer double-well
profile of the type shown in Figure 1. In principle, the other
hydrogen atoms present in the system (on the A and B moieties)
should be allowed to move when the reacting proton is

transferred, and therefore their positions should be optimized
together with the exchanging proton. However, as will be
exemplified with the CH3H + -CH3 system, the profiles
obtained with all atoms fixed, including all hydrogens, except
the transferring hydrogen, are practically the same. This simpler
approach will therefore be followed throughout the following
analysis.

When the proton barrier,∆V, is small, as in the left-hand
diagram of Figure 1, the zero-point energy stands above the
barrier, thus giving rise to an adiabatic situation. In the
nonadiabatic case, shown in the right-hand diagram of Figure
1, proton transfer involves tunneling through the barrier from
the zero-point level and possibly a few higher vibrational levels.

In the adiabatic case, the rate constant is given by

where∆ZPE is the zero-point energy variation;C is the coupling
constant between the two levels (the reactant and product-free
energy surfaces at their intersection), andν is a characteristic
frequency appropriate for solvent fluctuations and intramolecular
movements.C may be neglected in practice, leading to an
expression of the rate constant that mostly depends on solvent
reorganization and intramolecular reorganizations.

In the nonadiabatic case, the rate constant is the weighted
sum of rate constants corresponding to the tunneling between
pairs of vibrational levels of same height (Figure 2):21e

with each probability,Pn, being expressed as

with mdefined ashν0(m + 1/2) e ∆V (ν0 is the proton vibration
frequency) and

with

fQ
2
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Figure 2. Tunneling in the nonadiabatic case.
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νQ corresponds to the force constant,fQ, defined earlier. The
various constants thus introduced are defined as follows.

where the distance attenuation constant,â, is defined as

νb is the frequency corresponding to a parabolic approximation
of the barrier top (Figure 2).

In the case of a self-exchange reaction,∆G0 ) 0 andλQ ) 0,
the expressions ofA1 andA2 reduce to

since at room temperature,hνQ , kBT. It follows that

This procedure leads to a monomolecular rate constant,kNA,
that can be converted into the corresponding bimolecular rate
constant in which the experimental data are cast, according to
the following relation: kNA

b ) (Z/ν)kNA. (Z is the bimolecular
collision frequency, andν is the characteristic frequency
appropriate for solvent fluctuations and intramolecular move-
ments.)

Applications to Typical Self-Exchange Reactions.We now
apply the preceding equation to the eight self-exchange reactions
listed in the Introduction. We start with the determination of
Q0 andfQ by deriving these values from the quantum chemical
calculation of the potential energy versusQ diagrams (see
Supporting Information) that leads to the values listed in Table
1. The value ofQ for the transition state from eq 6 andλ0(Qq)
is then obtained from eq 3. Geometrical optimizations of the
system forQ ) Qq, with the proton located on one base and
then on the other base, lead to two complexes of identical
energy. An average of their geometrical intramolecular coor-
dinates gives the geometrical configuration at the transition state.
The potential energy versusq profile (Figure 2) is then computed
with this fixed configuration. The results are displayed in Figures
3, 5, and 7-10. Assuming a quadratic variation for the internal
reorganization (eqs 1 and 2), we may deduce the internal
reorganization energy,λi, from the difference between the
energies of the system atQ ) Qq whenY ) 0 (Epc) and when
Y ) 0.5 (Eq)

The remaining ingredients required to obtain the rate constants
are listed in Table 1.

The rate constant is finally computed according to the case,
adiabatic for the H2O/OH- and+NH4/NH3 couples and nona-
diabatic for all carbon acids; the intermediate constants intro-
duced in the series of equations given above for this case are
derived from the parameters listed in Table 1. As can be shown
in Figure 3 for the CH3H + -CH3 system, computation of the

Table 1. Parameters for the Calculation of the Rate Constants and Values of the Rate Constantsa

acid CH4 H2O NH4
+ CH2dCH−CH3 O2NCH3

+•H2NCH3 O2N−CH2dCH−CH3 N+•H2−CH2dCH−CH3

fQb,c 0.546 5.925 5.000 0.625 1.026 1.200 0.740 0.558
f0b,d 13.7 5.33 15.0 10.47 6.62 21.50 12.42
f0b,d 13.7 5.33 15.0 10.47 6.62 21.50 12.42
fbb,d 6.3 6.0 6.12 4.10 10.32 7.44
hνQ

c 0.0195 0.0556 0.054 0.021 0.027 0.030 0.023 0.020
hν0

d 0.239 0.149 0.250 0.210 0.166 0.300 0.228
hνb

d 0.162 0.158 0.160 0.131 0.207 0.176
Q0

c 3.413 2.47 2.677 3.420 3.149 3.117 3.535 3.418
Qqe 3.239 2.442 2.648 3.270 3.044 3.027 3.420 3.246
∆Vf 0.406 0.0 0.0125 0.406 0.189 0.112 0.760 0.40
λ0 (Qq)g 0.765 0.362 0.489 0.777 0.686 0.678 0.830 0.768
λi 0.140 0.0 0.0 0.688 0.360 0.152 1.440 0.870
Eâ

h 0.314 0.235 0.269 0.314 0.314 0.314 0.314 0.314
log ki 3.3 9.95 9.4 0.9 5.6 7.1 -5.9 0.3

a Force constants are in eV Å-2, energies in eV, and distances in Å.b With f ) (2πµν)2. c With νQ from the potential energy vsQ diagrams in the
Supporting Information;µ ) 6 amu, except for NH4+, whereµ ) 7 amu, and for H2O, whereµ ) 8 amu.d With ν0 andνb from the potential energy vsq
diagrams in Figures 3, 5, and 7-10 (as depicted in Figure 2);µ ) 1 amu.e From eq 4, taking (e0

2/4πε0)(1/εop - 1/εS) ) 4, as derived from experimental
values found in the application of Hush-Marcus theory to homogeneous self-exchange reaction in DMF,23a rather than direct application of the Born-like
Marcus formula expected to overestimate solvation energies, as discussed in ref 20b.f From the potential energy vsq diagrams in Figures 3, 5, and 7-10
(as depicted in Figure 2).g From eq 3, takingaR ) aP ) 2 Å. h From eq 8, takingâ ) 30 Å-1, as indicated in ref 16 or 18d, and checked here at the occasion
of several calculations involving potential energy vsQ profiles. i Bimolecular rate constant in M-1 s-1 derived according to the procedure described in the
text with Z/ν ) 0.05 M-1.
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energy profile as a function ofq, with or without fixed hydrogen
atoms, has no significant effect on the proton barrier and
therefore on the intramolecular reorganization energy.

Note also that for the purpose of simplicity, we have taken a
common value for the solvation radius in eq 3, an approximation
that matches the semiquantitative approach that we follow.

Discussion

The difference in behavior between CH4 on one hand and
NH3 and H2O on the other (Figure 3) is striking; the proton
barrier with the first acid is so much higher than that with the
two others that proton transfer between CH4 and CH3

- belongs
to the nonadiabatic category, while the+NH4/NH3 and H2O/
OH- couples fall in the adiabatic case, as already pointed out
by several studies.1e,15 With NH3 and H2O, the dynamics of
proton transfer therefore does not depend on the proton barrier
but rather on heavy-atom reorganization, essentially solvent
reorganization. The situation is similar to what happens with
outersphere electron transfer. In the case of CH4, too, heavy-
atom reorganization interferes under the form of an exponential
term, but the proton barrier interferes jointly, albeit, in the pre-
exponential term, as a result of tunneling through the barrier
between two pairs of vibrational states. The way in which the
proton barrier governs the dynamics of the reaction is thus quite
different from the classical transition-state theory relationship:

In addition, the gas-phase barriers, quantum chemically
calculated in the usual way, do not correspond to the same value

of the coordinateQq that is used in the present analysis. It
remains nevertheless that, qualitatively speaking, the higher the
proton barrier, the slower the reactions, even if eqs 7 and 9
have to be used instead of eq 10.

The main factor that makes the proton barrier so small with
NH3 and H2O is the fact that the value ofQ at the transition
state (ninth row in Table 1) is much smaller than that with CH4

(Figure 4), which is in agreement with previous work.15,19,20a

The reason for this difference is that the dipolar character of
the N-H and O-H bonds is much larger than that of the C-H
bond, thus decreasingQ0 because of a stronger interaction with
the negative charge on the other member of the self-exchange
couple. In other words, this difference in behavior is related to
more ionic character of the bond in the first two cases than
with CH4 (A- H+ -A vs A‚‚‚H -A and A- H‚‚‚A), which is in
line with the stronger electron affinity of NH3+• and OH• as
compared to that of CH3•. At this stage, we may thus answer
the title question by stating that the reason that proton transfer
at carbon is slow is that carbon stands in the middle of the
periodic table.

We now address the question of imbalanced transition states
with the example of propene (Figure 5). The values ofQ at
the transition state (Table 1) are practically the same for pro-
pene and methane, and the proton activation barrier is also
practically the same. The smaller value of the rate constant
corresponds, in fact, to a substantially larger value of the
intramolecular reorganization energy,λi (0.688 eV instead of
0.140 for methane). For the reasons detailed below, this large
value of λi reflects the energy of the charge localization-

Figure 3. Potential energy versusq profiles at Q ) Qq. Comparison
between a carbon acid, CH4, and two Eigen acids, NH3 and H2O. For CH4,
two profiles are represented: with fixed hydrogen atoms (other than the
transferring proton) (blue dots) and with optimized hydrogen atoms (other
than the transferring proton) (green dots).

k ) Z exp(-∆Gq

kBT) (10)

Figure 4. Gas-phase potential energy versusQ profiles. Comparison
between a carbon acid, CH4 (green dots), and two Eigen acids, NH3 (red
dots) and H2O (blue dots).

Figure 5. Potential energy versusq profiles at Q ) Qq. Nonperfect
synchronization effect: the propene/allyl carbanion couple compared to the
methane/methyl carbanion couple.
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delocalization process required for proton transfer to occur.
Within the framework of the Born-Oppenheimer treatment of
proton transfer, it corresponds to the notion of imbalanced
transition states and nonperfect synchronization in previous
treatments.

Considering only theY coordinate atQ ) Qq andX ) Xq,
the heavy-atom system is described by two diabatic states
intersecting atY ) Yq, as shown in Figure 6. Thus, as far
intramolecular reorganization is concerned, the Franck-Condon
term of proton transfer is governed by the intramolecular
reorganization energy,λi, and by the degree of coupling between
both states (fluctuation splitting). Since we are dealing with
carbon acids, the coupling is weak owing to the large separation
between the two proton-transferring carbons. In the framework
of the quadratic model delineated by eqs 1 and 2, the
intramolecular activation barrier is one-fourth ofλi. For the
following reasons, substantial intramolecular reorganization
energy is expected with systems involving a delocalized base
as the propene/alkyl anion couple. As shown in Figure 6, the
internal reorganization energy corresponds to the energy dif-
ference of the reactant and product states atY ) 0. There, using
the notations in Figure 6, in the reactant state, the B moiety is
a delocalized allyl anion that can be described by two resonant
forms, CH2dCH-CH2

- T -CH2-CHdCH2, while the A
moiety corresponds to a localized double bond in propene,
CH2dCH-CH3. In the product state, still forY ) 0, the
geometrical structures are unchanged, except that the proton
has been transferred leading to a localized base, A-, described
by a single form, CH2dCH-CH2

-, while the propene HB has
now to be described by two limiting forms, CH2dCH-CH2H
T -CH2-CHdCH2H+. It thus appears that the more delocalized
the base, the larger the intramolecular reorganization, thus
explaining the difference in rate constant observed between
propene and methane. Through this analysis, theY coordinate
can be viewed as an index of charge localization (or delocal-
ization). The notion of an imbalanced transition state, as defined

in Scheme 1, should thus be placed within the context of charge
localization-delocalization heavy-atom intramolecular reorga-
nization rather than of synchronization (or lack of) between
charge delocalization and proton transfer.

With nitromethane (Figure 7), we observe the combination
of two effects. One reflects the fact that the value ofQq is
smaller than with methane (Table 1), resulting in a smaller
proton-transfer barrier, in line with an increased contribution
of the ionic state due to higher electron affinity of the radical.
This decrease of the barrier is however not as important as that
with NH3 and H2O. It is not sufficient to achieve adiabatic
conditions just to make tunneling easier.

A second effect, going in the opposite direction, results from
the charge localization-delocalization reorganization. This
effect manifests itself at the level of the internal reorganiza-
tion energy,λi, which is higher with nitromethane than with
methane. This second effect is however small, smaller than with
propene.

A further example of the importance of charge localization-
delocalization reorganization upon proton transfer is found when
a double bond is inserted between the carbon and nitrogen atom
of nitromethane (Table 1), as revealed by a large increase of
the intramolecular reorganization energy as compared to ni-
tromethane. The reaction is additionally slowed by a significant
augmentation of the proton-transfer barrier due to a higher value
of Qq (Figure 8), leading to a substantial increase of the proton-
transfer barrier. This difference with the nitromethane case may
be explained as follows. The electron affinity of the nitroallyl
radical is not expected to be drastically different from that of

Figure 6. Effect of intramolecular reorganization. Potential energy versus
Y profiles forQ ) Qq andX ) Xq. Red letters: ground-state configuration
in the acid. Blue letters: ground-state configuration in the base. Insets:
potential energy versusq profiles for Y ) 0, Y ) Yq, andY ) 1.

Figure 7. Potential energy versusq profiles atQ ) Qq. Nitromethane
compared to methane.

Figure 8. Potential energy versusq profiles atQ ) Qq. Nitromethane
compared to nitropropene.
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the nitromethyl radical, leading to similar relative contributions
of the ionic state. The negative charge in the carbanion, mostly
located on the terminal NO2 group in both cases, is however
more distant from the acid molecule, leading to a weaker
interaction in the first case than in the second.

Addition of the two effects leads to a considerable decrease
of the self-exchange rate constant (Table 1). The rate constant
thus found for nitropropene may seem unrealistically low as
compared to the value found for the standard rate constant for
a similar carbon acid, namely,p-nitrotoluene.1b It should
however be taken into account that the standard rate constant
pertains to the reaction of the carbon acid with the base of a
“normal” acid-base couple that has the same pKa value as the
carbon acid (zero driving force). The self-exchange reactions
we are dealing with are also endowed with a zero driving force,
but involve, in contrast, a carbon acid and its conjugate base.
Since Eigen couples are fast, we expect the self-exchange
reaction to be much slower than a zero driving force reaction
involving a normal acid-base couple. This remark also applies
to the other carbon acids under examination even if their self-
exchange rate constant is not as small.

The simplest cation radical that we have considered, the cation
radical of methylamine, shows a quite significant increase of
the rate constant (Table 1) as compared to that of methane. This
results again from a decrease of the proton-transfer barrier
concomitant with a substantial decrease ofQq (Figure 9). In
this case, there is a strong contribution of the ionic state,
•H2NCH2 H+, relative to the homolytic state owing to the high
electronic affinity of+H2NCH2‚‚‚H and+H2NdCH2H, leading
to a strong interaction with the zwitterionic neutral radical that
serves as the base.

The presence of a cation radical substituent thus has an effect
similar to that of an electron-withdrawing substituent, such as
NO2.

The comparison of internal reorganization energies between
the cation radicals of dimethylamine and aminopropene (Table
1) provides a further example of the importance of charge
localization-delocalization reorganization upon proton transfer
in conjugated acids, as well as effect ofQq (Figure 10).

Concluding Remarks

The self-exchange deprotonation of all carbon acids inves-
tigated fall into the nonadiabatic category, as opposed to the
two typical Eigen acids, water and ammonia. In the former case,

in addition to solvent and intramolecular reorganization, the
reaction dynamics is thus governed at the level of the pre-
exponential factor by the characteristics of the barrier through
which the proton tunnels.

The resulting intrinsic slowness of a nonactivated acid, like
methane, is related to the fact that the distance between the car-
bon centers in the transition state is larger than between the
nitrogen or oxygen atoms in ammonia and water, respectively.
This difference is itself a consequence of the less-polar character
of the C-H bond as compared to that of the N-H and O-H
bonds in ammonia and water. A rational basis is thus given to
the intuitive notion that intrinsic slowness of carbon acids is
related to the fact that carbon stands in the middle of the periodic
table.

The increase of polarity of the carbon-hydrogen bond caused
by the presence of an electron-withdrawing substituent, such
as a nitro group, is likewise the reason that the proton barrier
decreases. An increase of the pre-exponential factor ensues,
while the reaction remains nonadiabatic.

The presence of a cation radical substituent has a similar
effect, for similar reasons, as an electron-withdrawing sub-
stituent.

Intramolecular reorganization appears as an important factor
in conjugated acids that are presumed to give rise to imbalanced
transition states with nonactivated acids, such as propene, as
well as with electron-withdrawal-activated acids, such as
nitropropene or the cation radical of aminopropene. It corre-
sponds to the charge localization-delocalization energy required
for proton transfer to occur. The notion of an imbalanced
transition state should thus be placed within the context of
charge localization-delocalization heavy-atom intramolecular
reorganization rather than of synchronization (or lack of)
between charge delocalization and proton transfer.

Quantum Chemical Calculation Methodology.All of the
calculations were performed with the Gaussian 98 series of
programs.24 The DFT method (B3LYP) was used. An unre-

(21) (a) We used, as the general framework, the Lee-Borgis-Hynes theory of
proton transfer,21b-e with a slight change concerning the way in which
solvent reorganization is taken into account and with the inclusion of
intramolecular reorganization through theY variable. (b) Borgis, D.;
Lee, S.; Hynes, J. T.Chem. Phys. Lett.1989, 162, 19. (c) Borgis, D.; Hynes,
J. T. J. Chem. Phys.1991, 94, 3619. (d) Borgis, D.; Hynes, J. T.Chem.
Phys.1993, 170, 315. (e) Lee, S.; Hynes, J. T. J. Chim. Phys. 1996, 93,
1783.

Figure 9. Potential energy versusq profiles atQ ) Qq. Cation radical of
methylamine compared to methane.

Figure 10. Potential energy versusq profiles at Q ) Qq. Comparison
between the cation radicals of aminopropene and methylamine.
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14794 J. AM. CHEM. SOC. 9 VOL. 126, NO. 45, 2004



stricted version of the theory (UB3LYP) was used for systems
involving open-shell structures. The 6-31G* basis set was used.
Minimum energy structures were fully optimized with a
geometrical constraint forcing the hydrogen atom transferred
and both atoms bonded to it to be collinear. QCISD calculations
have been performed on three systems, namely, CH3H + -CH3,
HOH + -OH, and CH2dCH-CH2H + -CH2-CHdCH2.

Supporting Information Available: Potential energy versus
Q profiles and all QCISD results. This material is available free
of charge via the Internet at http://pubs.acs.org.

JA046467H
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