52X 107°M~1at24°Cand 2.3 X 10~5M~!at 0 °C. These values
are obviously only approximate.
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Abstract: Displacement reactions of each of a variety of anionic nucleophiles reacting with each of a variety of neutrals have
been studied by pulsed ion cyclotron resonance (1CR) spectroscopy. Rate constants for these reactions are interpreted in terms
of a three-step reaction sequence. RRKM calculations are used to obtain information about the energy of transition states. The

origin of the barrier to reaction in solution is discussed.

Bimolecular nucleophilic substitution (Sn2) reactions
have been one of the most widely studied families of reactions
in chemistry. For many years they were the favorites of phys-
ical organic chemists. The history of their study closely par-
allels and is sometimes responsible for the development of ideas
such as structure-reactivity relationships, linear free energy
relationships, steric inhibition, kinetics as a probe of mecha-
nism, stereochemistry as a probe of mechanism, and solvent
effects. Since the basic properties of the mechanism have been
well-known for a long time; they are discussed in detail in most
physical organic chemistry texts and other books as well,!-5

X"+ RY—=Y" +RX

The reaction was first recognized to be first order in both
nucleophile (X~) and substrate (RY) by Hughes, Ingold, and
co-workers.® It is thus distinct from the first-order Syt process,
which involves dissociation of the substrate into a carbonium
ion (R*) and anion (Y~) in the rate-determining first step. The
Sn2 reaction was envisjoned as proceeding in one step, with
formation of the new bond occurring synchronously with

cleavage of the old bond. The reaction has been shown to give
inversion of configuration at the site of attack, implying
backside attack at carbon. As a result, the rate of the reaction
is very sensitive to steric hindrance to backside attack. Alkyl
groups attached to the carbon under attack greatly inhibit the
reaction.

In addition to the structure of the substrate, the nature of
the nucleophile and leaving group affect the overall reaction
rate. Many attempts have been made to correlate nucleophil-
icity, which is a kinetic property of a nucleophile measured by
its rate constant for an SN2 reaction, with thermodynamic
properties such as basicity, polarizability, and redox potential.
These attempts have generally failed except for nucleophiles
of related structure, such as substituted phenoxide ions. The
overall rates of SN2 reactions have been found to be strongly
solvent dependent. Often the rate of a reaction will increase
by orders of magnitude on switching from a protic solvent such
as methanol to a dipolar aprotic one such as DMSO. Winstein
even found that the nucleophilic order of the halides in protic
solvents (17> Br~> CI~ >F~) was reversed in acetone solvent.”
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Parker has used the dependence of reaction rates on the solvent,
coupled with the relative solvation energies of the reactants in
various solvents, to deduce the relative solvation energies of
the transition states for the reactions.® He has shown much
about transition state structures in this manner.

Although the effects of the solvent can be used in this way
to deduce properties of the reaction, these effects often interfere
with the study of the intrinsic (solvent free) properties. For
instance the greater reactivity of iodide ion relative to the other
halides and of thiophenoxide relative to phenoxide has often
been ascribed to their greater polarizability. In this view the
more polarizable anions can respond to a greater need for
electron density near the substrate and thus react more quickly.
From studies in aprotic solvents and now in the gas phase this
view is known to be wrong. The order is simply a reflection of
the lesser solvation energy of the more polarizable anions,
which enhances their reactivity in protic solvents.

Recently there have been two approaches to deduction of
the inherent gas-phase properties of SN2 reactions. Theoretical
studies of the potential energy surfaces for several reactions
have resulted from improvements in calculational techniques.’
Except possibly for the simplest of these systems (H™ + CHg,
— H~ + CHy,) the calculations are probably quantitatively
inaccurate due to the large number of electrons involved and
the problems associated with calculating energies of negatively
charged species. The other approach, made possible by ad-
vances in experimental techniques, has been to study the ion-
molecule reactions in the gas phase. Results of Bohme and
co-workers'0-13 and from our laboratory!4 have shown that
there is a wide variation of rates for SN2 reactions in the gas
phase. Dougherty and co-workers have observed stable adducts
between anions and alkyl halides in a high-pressure mass
spectrometer.'® These adducts, which can correspond to in-
termediates in the SN2 reactions, vary in stability from 8.6 to
14.4 kcal/mol. In our laboratory the neutral products of several
reactions have been identified.!® The reactions were shown to
proceed with inversion of configuration at the carbon atom in
the gas phase, just as in solution.

In this paper we report the results of a number of new rate
measurements on Sx.2 reactions in the gas phase. Variations
in the nucleophile (X7), leaving group (Y ™), and alky! sub-
strate (R) lead to a wide range of rate constants. We also report
experiments which show that there is a barrier to halide ex-
change in the adduct between chloride ion and methyl bromide.
Variations in this barrier height for different combinations of
reactants are responsible for the variations in rates for the
overall Sy2 reactions. These rates are discussed in terms of
nucleophilicity, leaving group ability, and steric hindrance.
Comparisons are made with rates in solution, which are many
orders of magnitude slower. Finally, we report the results of
RRKM calculations on several reactions, showing the de-
pendence of the overall rate on the height of the intermediate
potential barrier. From these calculations and the experimental
rates, the heights of the intermediate barriers can be estimat-
ed.

Experimental Section

For all of the nonkinetic experiments in this work a Varian V-5900
ion cyclotron resonance spectrometer was used.!” Either pulsed double
rcsonance or ion ejection were used to confirm each reaction.!”
Marginal oscillator frequencies of 112, 153,and 307 kHz were used.
Rate constants were measured on a pulsed ion cyclotron resonance
spectrometer.!® The marginal oscillator frequency was varied between
153 and 612 kHz. Pressure measurements were made with a Varian
Model 971-0014 ionization gauge which was calibrated for each
neutral gas in the pressure range 1073 to 1074 Torr against an MKS
Baratron capacitance manometer. The operating pressures for the
experiments were between | X 1075 and 5 X 1073 Torr. This method
gave a rate constant of 1.12 X 1072 cm? molecule™! s™! for the reac-
tion CH4™ + CH4 — CHs* + CHj;, which has an average literature

rate constant of 1.11 X 1072 ¢cm3 molecule=! s~! from many different
techniques.!?

For slow reactions (k < ~] X 107!% ¢m3 molecule~!s~!), where
nonreactive ion loss was competitive with reactive loss, the rate of
disappearance of the reactant ion was corrected in the following way.
The rate of nonreactive ion loss of the product was measured after the
reaction was over. From that and the empirical expression2®

ki « mi\2H2 M2 (N

where m1 is the mass of the ion, H is the magnetic field strength, and
u is the reduced mass of the ion-neutral molecule collision pair, the
rate constant for nonreactive ion loss of the reactant ion could be
found. Then the rate constant for the reaction was calculated from
this and the observed rate of disappearance of the reactant ion. In-
dependently, eq | was checked and found to be fairly accuraté for a
number of different ions and magnetic field strengths under conditions
where there was only nonreactive ion loss. This method of correcting
for ion loss gave reproducible results. Our previously reported'“ rate
constant for the reaction Ci— + CH;3Br — Br= + CH;Cl is in error
becausc no correction was made for nonreactive ion loss.

A frequent criticism of rate constants measured by ICR is that the
ions may not be thermalized before they react. This possibility was
checked by several methods. First, if nonexponential decays were
observed for the reactant ion concentration, the data were not used.
This would indicate that the rate constant was changing with time due
to relaxation of excited ions by nonreactive collisions. Second, in some
cases a nonreactive neutral gas was entered. If the reactant ions were
excited and were reacting at a different rate than thermal ions, then
collisional deactivation by the added neutral gas would be expected
to change the observed rate constant. If this was found to be the case,
the data were not used. Third, the kinetic energy dependence of Sn2
reactions was independently measured and found to be very weak up
to a few electron volts.”!

The following sources were used for generation of the negative ions
by electron impact. The approximate electron energy (absolute value
of filament voltage minus trapping voltage) is indicated in electron
volts for each compound: F~ from NF3 (0.5-1.5), CI~ from CCls or
CHCl; (0.0-1.0), Br~ from CH,==CHCH;Br (1.0-2.0), CH;0~
from CH3;O0CH; (1.0-2.5), OH~ from H>0 (6.1), CN~ from HCN
(2.0-3.5), CH3S~ from CH;SSCHj (1.5), Cl;~ and COCI~ from
COCl,; (20), CF3C)1~ and COCI~ from CF3COCI (30), and Bry~ from
Bry (1-10). All of these were obtained from commercial sources except
NFj;, which was obtained from Dr. S. K. Brauman at SRI,
CH300CH;, which was synthesized by a literature method,?2 and
HCN, which was generated from KCN and H,SO4 at room temper-
ature on a vacuum line.

Methyl chloride and methyl bromide (Matheson, >99.5%) were
used without further purification. Methyl trifluoroacetate (Pierce),
anisole (Aldrich), and 1-chloro-2,2-dimethylpropane (MCB) were
distilled at atmospheric pressure and checked for purity by gas
chromatography (Hewlett-Packard F and M Model 700 gas chro-
matograph equipped with a dual flame ionization detector; 15%
B,8-oxydipropionitrile on Chromosorb P, 60/80 mesh column).

Results

Several experiments were performed on the adduct of
chloride ion with methyl bromide to determine its chemical
behavior. Although this adduct has been observed by third-
body stabilization in a high-pressure mass spectrometer,! at
the low pressure (<107* Torr) in an 1CR, this is not possible.
Therefore, the adduct was formed by transfer of a chloride ion
from three species to methyl bromide:

CF;Cl~ + CH;Br — CICH;3;Br~ + CF;
Cl>,~ + CH;Br — CICH;Br~ + Cl
COCI~ + CH;3Br — CICH3Br~ + CO

Tons of the correct masses and isotope ratios were observed
(129:131:133 = 3:4:1). The reactions were confirmed by
double resonance irradiation of the reactant ions. The adducts
formed in this manner could transfer a chloride ion, but not a
bromide ion, to acetonitrile and 1,1-difluoroethane:??
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Table I. Rate Constants, Reaction Efficiencies, and Heats of Reaction for SN2 and Related Reactions

Rate constant,

107%cm? Reaction AH®,
Reaction molecule™! s~ efficiency?  kcal mol~!?
(1) OH= + CH;ClI — CI~ + CH,;0H 1.6 0.68 —-47.5
(2) F~ + CH;Cl — Ci~ + CH;F 0.80 0.35 -28.5
(3) CH;0~ + CH;Cl — CI- + CH3;0CH; 0.49 0.25 -39.3
(4) CH;3S~ + CH;Cl — CI~ + CH3SCH; 0.078 0.045 -31.0
(5) 3'CI= + CH335Cl — 33CI~ + CH;3%7Cl ~0.006 ~0.003 0.0
(6) CN~ + CH;3Cl — CI= + CH3CN <0.001 <0.0005 =272
or CH3NC -12.3
(7) OH™ + CH;3Br — Br~ + CH,;0H 1.9 0.84 -55.7
(8) F- + CH;3Br — Br~ + CH3F 0.60 0.28 -36.7
(9) CH3;0~ + CH;3Br — Br~ + CH;0CH; 0.72 0.40 —47.5
(10) CH3S~ + CH3Br — Br~ + CH3SCH;3 0.14 0.091 -39.2
(11) Ci~ + CH;3Br — Br~ + CH;Cl 0.012 0.0070 -8.2
(12) CN~ + CH3Br — Br~ + CHiCN 0.02 0.01 -354
or CH3;NC -20.5
(13) 8'Br= + CH;Br — "®Br~ + CH:®'Br <0.01 <0.008 0.0
(14) OH~ + CF3CO,CH; — CF3;CO;~ + CH30H 1.4 0.47 —68.2
(15) F~ + CF;CO,CH; — CF3CO,;~ + CH;F 1.1 0.39 -49.2
(16) CH;0~ + CF;CO,CH; — CF3CO;~ + CH;0CH; 1.0 0.43 -60.0
(17) CH3sS~ + CFiCO,CH; — CF1CO~ + CH;SCH; 0.50 0.25 -51.7
(18) CI= 4+ CF;CO,CH; — CF;CO;~ + CH;Cl 0.045 0.021 -20.7
(19) CN~ + CF;C0O,CH3 — CF3CO,;~ + CH3CN 0.03 0.01 -47.9
or CH3;NC -33.0
(20) Br= + CF;CO;CH; — CF3CO,~ + CH;Br ~0.005 ~0.003 —-12.35
(21) OH~ + PhOCH; — PhO~ + CH;0H 0.08 0.03 —-38.3
(22) F~ 4+ PhOCH; — PhO~ + CH;F 0.08 0.03 -19.3
(23) CH;0~ + PhOCH; — PhO~ + CH;0CH; 0.024 0.012 -30.1
(24) CH;3S~ + PhOCH; — PhO~ + CH;SCH; <0.005 <0.003 -21.8
(25) CN~ + PhOCH; — PhO~ + CH;3;CN ~0.007 ~0.003 -18.0
or CH3;NC -3
(26) CD;0~ + CH30CH;3; — CH30~ + CH;0CD; <0.001 <0.0005 0.0
(27) F~ + (CH;);CCH,Cl — CI~ + (CH3);CCH,F 0.49 -29.1
(28) CH;3S~ + (CH;)3;CCH,Cl — C1~ + (CH;3)3;CCH,SCH;, <0.0] -31.2
(29) (CH3)3CO~ + (CH;3)3CCH,CI — CI~ + (CH3);CCH,0C(CH3); <0.01 -38.5
(30) CH;0~ + (CH3)3CCO,CH,CH; — (CH3)3;CO,;~ + CH3CH,0OCH;, 0.2
(31) CH30~ + (CH;);CCO,CH,CH; — CH;CH,0~ + (CH;3)3CCO,CH; 0.5
(32) CH3S~ + CHiSH — SH~ + CH,SCH; 0.8 0.5 -123
(33) CN~ + CH3CO;H — CH3CO,~ + HCN 0.37 0.19 =29

2 The reaction efficiency is the fraction of collisions which result in reaction. The collision rate constants were calculated by the average
dipole orientation (ADO) method.?! 4 Enthalpies of reaction were calculated from thermochemical data from the following sources. Heats
of formation of CH3F, CH;Cl, CH;3Br, CH;0H, CH3;0CH;, CH3SCH3, CH3CN, CH3NC, CH;3CO3H, and CH;3SH are from ref 24b, and
PhOCH; from J. D. Cox and G. Pilcher, “Thermochemistry of Organic and Organometallic Compounds”, Academic Press, London, 1970.
Heats of formation of neopentyl fluoride, chloride, and bromide were calculated by group additivity (S. W. Benson, “Thermochemical Kinetics”,
Wiley, New York, N.Y., 1968). Heats of formation of OH~, F~, and CN~ are from JANAF Thermochemical Tables, 1974 Supplement, J.
Phys. Chem. Ref. Data, 3,311 (1974); CI=, Br~, and HS~ from ref 24a; CH10~ from R. T. Mclver, Jr., and J. S. Miller, J. Am. Chem. Soc.,
96, 4323 (1974). AH %205 (CH3S™) = —11.7 kcal mol~! from D°(CH3S-H) = 88 kcal mol~! (J. A. Kerr, Chem. Rev., 66,465 (1966)) and
EA(CH;S) = 42.1 kcal mol~! (K. J. Reed, Ph.D. Thesis, Stanford University, 1975). AH{°(PhO~) = —4] .8 kcal mol~! from DH-EA(PhOH)
= 33,3 keal mol~! (T. B. McMahon and P. Kebarle, J. Am. Chem. Soc., 98, 3399 (1976)) and D°(H,) = 104.2 kcal mol~!. AH;°(CF,CO,H)
— AH°(CF3CO,CH3) = 8.9 keal mol~! (K. Hiraoka, R. Yamdagni, and P. Kebarle, J. Am. Chem. Soc., 95, 6833 (1973)).

CICH,CN™ + CH,Br, AH’ = —2.5 kcal/mol

CICH,Br~ + CH,CN (2)

X

BrCH,CN™ + CH,Cl, AH° = -10.2 kcal/mol
——CICH,CHF,” + CH,Br
CICH,Br~ + CH,CHF _ > 3
3 3 2% BI‘CH3CHF2 + CH3C1 ( )

Careful searches for the bromide-acetonitrile adduct and
bromide-1,1-difluoroethane adduct were made under condi-
tions where the signals for the corresponding chloride adducts
were strong and the double resonance signals for the reactions
leading to the formation of these adducts were also strong.
Several unsuccessful attempts were made to form the bro-

mide-methyl chloride adduct. Br,~ formed from bromine
would not transfer a bromide ion to methyl chloride and no
CF;3;Br~ or COBr~ could be found from electron impact on
trifluoroacetyl bromide.

The results of the kinetic studies of Sx2 reactions are sum-
marized in Table 1. The estimated accuracy of the rate con-
stants is 20% for those reactions faster than 1 X 1079 ¢cm?
molecule™' s~! and +30% for the slower reactions, However,
the relative rates should be more dependable than that. Also
in Table T are the efficiencies and exothermicities for each
reaction.

Discussion

Mechanism. The wide variation in rates for the reactants in
Table I is extremely unusual. Often in the field of ion-molecule
reactions, generalizations can be made about various families
of reactions: proton transfers involving localized charged
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Figure 1. Mechanism and potential energy surface for a representative
nucleophilic displacement reaction.

species are fast,>® proton transfers involving delocalized
charged species are slow,2% hydride transfers are slow,?7 etc.
However, the reactions in Table | span the range from almost
collision controlled to too slow to be observed. This variation
is best explained by a “double-well”” potential with a secondary
barrier, as shown in Figure 1. How this view of the reaction can
explain the smooth variations in rate will be explained later.
First some alternative explanations will be considered.

Many ion-molecule reactions are undoubtedly slow because
they have some dynamic, entropic, or steric constraints which
are difficult to overcome. Not enough is known about many
slow reactions to pinpoint the origin of their problems. The SN2
reactions are all structurally similar, so there is no reason for
some of them to have problems of this nature while others do
not.

It is not possible to explain the observed rates on the basis
of a single-well potential. Because of the symmetric nature of
reaction 4 the complex with equal chlorine bond lengths must

ke
Cl- + CH;Cl==C(l:.-CH;..-CI~-

Ap

k
== CH;Cl + CI-  (4)
k—p
be either an intermediate at the bottom of a potential well or
a transition state at the top of a potential barrier. If it is a stable
intermediate and there are no other intermediates then k, =
ki and the overall rate will be k./2. If there is no barrier to
formation of the complex, then k. is the collision rate constant.
Experimentally, the overall rate is about 0.3% of the collision
rate, so there cannot be a single intermediate without any
barriers to its formation.

Is a single symmetrical intermediate with a barrier to its
formation possible? This would entail a rise in potential energy
as the ion and molecule approach, followed by a drop to the
intermediate. However, the simple electrostatic attractive force
between the two particles becomes substantial at greater dis-
tances than chemical forces which are due to overlapping
molecular orbitals. Therefore there must first be a drop in
potential energy before any chemical barrier. If this were the
case, symmetry requires a similar barrier on the other side of
the intermediate. The overall surface would then have three
wells. All of the experimental data (thus far) can be explained
by a double-well surface, so we will use this simpler model.

Referring to Figure 1, if ky, > kp then the overall rate of the
reaction will be less than half of k., the collision rate. The
relative values of kp and &, will determine the overall rate of
the reaction. Making the assumption that k-, is negligible, the
overall bimolecular rate is given by (5).

kck
= Kefp 5
ko ky + k, )

This assumption is valid for the reactions in this study for the

Figure 2. Pictorial representation of internal energy level spacings for an
Sn2 reaction in the gas phase.

following reasons. For the exothermic reactions ky’ > ky, be-
cause it is energetically favored and the two reactions are
similar entropically. Thus once a complex passes over the
central barrier it will mostly go on to products. For the ther-
moneutral reactions we know from the experimental rate that
ky = ky > kp, so once the central barrier is overcome the
complex will preferentially decompose to the products.

Given that the double-well potential in Figure 1 is qualita-
tively accurate, how can a central barrier lower than the barrier
to give the reactants slow down the overall reaction? As shown
below, the answer is that the back reaction (k) is greatly fa-
vored by entropy. Physically this means that the internal en-
ergy levels for the back reaction are much more closely spaced
than those for the forward reaction at equal internal energies.
This is shown diagrammatically in Figure 2. The partitioning
of the intermediate in the two directions is determined by the
ratio of the number of microscopic pathways in each direction
(within the constraints of conservation of angular momentum).
Therefore even though the forward direction may be ener-
getically favored, it can be substantially slower than the reverse
reaction. Just how much slower depends on the relative energy
level spacing, which depends in turn on the energy difference
between the two barriers as well as the oscillator frequencies
for the two transition states. Assuming that the internal energy
of the intermediate is randomized, nothing need be known
about its structure, stability, or energy levels in order to cal-
culate the partitioning in the two pathways. This principle will
be utilized in the quantitative estimates of the central barrier
heights which will come later.

The variation in rates for the Sn2 reactions is the result of
variations in the size of the secondary barriers. A barrier which
is at the same potential energy as the separated reactants will
slow the reaction considerably. All other factors being equal
(which is certainly not true) every rate can be accommodated
by a single barrier height, or more exactly a difference in
barrier heights for the forward (kp) and back (k) reac-
tions.

A qualitative prediction of this model and the Bell-Evans-
Polanyi principle?® is that the more exothermic reactions
should be faster. Since the transition state involves partial
formation of the new bond and breaking of the old bond, the
overall energy of the reaction should be partially reflected in
the energy of the transition state. As can be seen by examining
Table I there is very rough correlation between rate and exo-
thermicity. However there must be other factors which also
influence the rates, since the correlation is only a rough one.
These will be discussed later.

This double-well potential is supported by other experiments.
The ones described above (reactions 2 and 3) indicate that
there is a barrier to exchange of the two halide ions in the ad-
duct. Formed in the manner described it is most likely a loose
ion-molecule complex held together by ion-dipole and ion-
induced dipole forces. Dougherty et al.!>2 have measured its
stability as 10.9 kcal/mol relative to chloride ion and methyl
bromide. This is in the correct range for complexes bound by
simple electrostatic forces. Riveros et al.2® have reported a
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similar experiment on the adduct between chloride and methyl
chloride:

CO**Cl™ + CH,*’Cl =——=33C] - --CH,*"’CI~

——**CICH,CF,~ + CH,*'Cl
3sC] -~-CH337CI_ + CH3CF3$ 3 3 3
*’CICH,CF,™ + CH,*s(Cl

Here also the adduct is unsymmetrical, with only the chloride
isotope which was added able to transfer to another neutral
molecule. There is no proof from these experiments that these
adducts are “backside” attachments of the halide ions to the
carbon atoms, even though this would be the most stable con-
figuration resulting from the ion-dipole force due to the di-
rection of the dipole moment in methyl halides. Another pos-
sibility would be a structure such as 1.

[CH;-CI-Cl}~
1

That this is not the case is supported by the inability of
Dougherty et al.!* to observe adducts between halide ions and
bridgehead halides.

The double-well potential has also been calculated by a
variety of theoretical methods.® In these calculations the height
of the barrier separating the two wells varies widely from re-
action to reaction using the same computational techniques.
Unfortunately they also vary widely for the same reactions
using different techniques. The calculations are probably
quantitatively inaccurate, but the qualitative picture of a
double-well potential should be correct.

Nucleophilicity and Leaving Group Ability. The reaction
efficiencies in Table | represent intrinsic reactivities in the
absence of the complicating effects of a solvent. Most of the
methyl compound efficiencies are reorganized in Table 11 along
with some of the efficiencies reported by Bohme et al.'? Almost
all of our presently reported values are somewhat smaller than
the previously reported ones,'3 which were measured in a
flowing afterglow apparatus. The origin of these discrepancies
is not known, but the exact absolute values are not important
for the following discussion and conclusions. Comparisons of
these efficiencies provide some useful insights into the intrinsic
nature of nucleophilicity, leaving group ability (LGA), and
steric hindrance. Since the definitions of these three properties
are purely kinetic ones, the model for the reactions described
above is not necessary. However it is reassuring that the basis
of the kinetic differences is indeed energetic, just as in solu-
tion.

The concept of nucleophilicity has been around a long time,
and no discussion of S\2 reactions would be complete without
mention of the factors which influence it. The order of the
anionic nucleophilicity which is found in this study is:

OH™ > F- ~CH;0~ > CH3S™» Cl= > CN~ > Br~

The first three of these are very potent nucleophiles (eff >
0.25). Reversals (not very substantial ones) can be seen as the
leaving group is varied, especially in Bohme’s data (H~ and
NH,~ are also very good nucleophiles). Methylthiolate is
somewhat less nucleophilic, and then there is greater than an
order of magnitude drop in efficiency to the three poor nu-
cleophiles. Although the number of nucleophiles is limited,
some of the factors influencing their reactivity are clear.

(1) Methyl Cation Affinity. In solution, nucleophilicity is
often correlated with basicity. Often these linear free energy
relationships are quite good within one family of nucleophiles
but fail for comparisons of nucleophiles with different charged
atoms. The comparison of thermodynamic basicity with kinetic
nucleophilicity reflects the Bell-Evans-Polanyi principle
mentioned above. Another difference besides the static-dy-
namic one is that the former involves proton affinity while the
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Table II. S« 2 Reaction Efficiencies®

CH;0-

CH;F CH;OPh CH;Cl  CH3Br COCF;
NH,~ (0.0076) (0.63)  (0.48)

OH- (0.011)  0.03 0.68 084 047
(0.62)  (0.43)

F- 0.03 0.35 0.28 0.39
(0.83)  (0.59)
H- (0.002) (0.35)  (0.43)

CH;O-  (0.0074)  0.012 0.25 040 043
(0.68)  (0.61)

CH;S~  (<0.0006) 0.045 0.091 025
(0.065)  (0.35)

cl- b b 0.003 0.0070  0.021
(0.012)

CN- (<0.003 ~0.003  <0.0005 0.0l 0.01
(<0.0002) (0.016)
Br- b b b <0.008

2 Values in parentheses are from ref 13. ¢ Endothermic reac-
tions.

latter involves methyl cation affinity. In the gas phase the
thermodynamic methyl cation affinities (defined as the heat
of reaction of X~ + CH3* — CH;X) are known, so the com-
parison of these with kinetic carbon affinities can be made. The
exothermicities of the reactions of nucleophiles with a single
substrate reflect the thermodynamic affinities. With methyl
chloride these follow the order:

H-> NH,”> OH™ > CH,0” > CH,8" ~ F~~ CN~ > CI~
285 27.2 0

nucleophile:
AH®, kcal/mol: 86.3 69.2 47.5 39.3 31.0

The relative efficiencies, on the other hand, follow the
order:

nucleophile: OH™ ~ NH,” > F~~ H™ ~ CH,0™ > CH,8™ > Cl” » CN~
rel eff: 210 210 120 120 83 13 1 <0.07

This order is followed roughly for the other leaving groups in
Table I1 but some reversals occur. For instance fluoride is a
better nucleophile than methoxide toward methyl chloride but
the order is reversed with methyl bromide. This and the other
reversals are very modest, however, and they are all for the very
good nucleophiles. The thermodynamic order above is different
from the kinetic order. Hydride, methylthiolate, and cyanide
are anomalously slow. This can be accounted for on the basis
of the next factor.

(2) Charge Concentration. The fact that anions with a lo-
calized charge are better gas phase nucleophiles than those
with a delocalized charge was first recognized by Bohme and
Young.'? They found that benzyl anions were very poor nu-
cleophiles despite the fact that they have very large methyl
cation affinities. The delocalization of the charge on the cya-
nide anion could account for its lack of reactivity. Although
hydride and methylthiolate anions have their charge localized
on one atom, both of them are very diffuse. 1t is often pointed
out from solution studies that polarizable nucleophiles are
better than nonpolarizable ones because they can respond
better to demand for charge reorganization (e.g., CH3;S~ >
CH;0~and I=> Br=> Cl~ > F7). From the present results
it can be seen that just the opposite is the case and that the
higher nucleophilicity of polarizable anions in solution is purely
an artifact of solvation effects. The intrinsic nucleophilicities
follow the reverse order of the polarizabilities (e.g., CH;0~
> CH;S~ and F~ > CI= > Br™). This could be due to a
stronger interaction between the more concentrated molecular
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Figure 3, Representative reaction coordinate diagrams for a nucleophilic
displacement reaction in the gas phase (a) and in dipolar aprotic (b) and
protic (c) solvents.

orbitals of the anion with the carbon center. It could also be
simply a reflection of the greater thermodynamic methyl cation
affinities of the smaller anions.

Cyanide ion is a much poorer nucleophile than would be
expected from its thermodynamic carbon affinity. One possible
explanation for this is that the nitrogen end of the nucleophile
has the greater charge concentration and is the end which at-
tacks the carbon. This would lead to the less stable neutral
product, methyl isocyanide. The proton transfer reaction 33
in Table I, on the other hand, is not anomalously slow despite
the fact that formation of HNC would be endothermic. Ap-
parently the low nucleophilicity of cyanide ion is not reflected
in its proton abstraction ability.

Reaction efficiencies for five leaving groups are presented
in Table 11 (six including reaction 26 from Table I). The rel-
ative order of exothermicities for these groups and any nu-
cleophile (numbers are for methoxide) are:

0
I

CH,OCCF, > CH,Br > CH,Cl > CH,0Ph > CH,F > CH,OCH,

47.3 39.3 29.4 10.8 0

substrate:
AH', kcalimol:  60.0

The relative rate order with methoxide as the nucleophile is
exactly the same:

o

i
substrate: CH,OCCF, > CH,Br > CH,Cl > CH,OPh > CH,F > CH,OCH,
rel rate: 58 54 34 12 1 <0.07

The order of the first three leaving groups does not hold for all
of the other nucleophiles, however. For instance, with hy-
droxide it is

CH}B]’ > CH3C1 > CH302CCF3
and with fluoride it is
CH;0,CCF;5; > CH;Cl > CH;Br

The order does stay constant besides the reversals within these
three very fast leaving groups. Apparently the ease of breaking
the CH;3;-LG bond plays a dominant part in the rate of the
reaction until the exothermicity becomes large, and then sec-
ondary factors take over.

The fact that there is not an absolute scale of LGA’s proves
that there is some kind of communication, or coupling, between
the nucleophile and leaving group during the reaction. This is
best accommodated as an effect on the energy of the transition

state. If there is a stabilizing influence on the transition state
because of a favorable interaction between the nucleophile and
leaving group, then the reaction will be faster than in the ab-
sence of the interaction. This phenomenon has also been ob-
served in solution for SN2 reactions and discussed by Bunnett30
and Pearson and Songstad.?! The latter authors have explained
the behavior in terms of the principle of hard and soft acids and
bases (HSAB).32 When the nucleophile and leaving group have
similar properties (hardness or softness) the reaction rates are
relatively fast. Hard bases are defined as having a donor atom
of low polarizability and high electronegativity (F~, OH™,
NH;~, CH;0~, PhO—, CF;CO;7). Soft bases, on the other
hand, have a donor atom of high polarizability and low elec-
tronegativity (CH3S™, CN~, Br™). Chloride ion is a borderline
case in this classification.

The accelerating effect of having a hard nucleophile and
leaving group or a soft nucleophile and leaving group is sec-
ondary to the other factors discussed above, such as exother-
micity. It becomes most evident when the behavior of F~,
CH;3S™, and CN~, which have very similar thermodynamic
methyl cation affinities (and therefore exothermicities) are
compared. The nucleophilic order of these three is F~ >
CH;3S~ > CN~ for the leaving groups in Table 1V, probably
due to the effect of charge concentration. However, when their
efficiencies with CH3Cl and CH;3Br are compared, the sec-
ondary “symbiotic” effect takes over. Thus hard fluoride ion
displaces chloride faster than bromide while soft methylthiolate
and cyanide displace bromide much faster than chloride. Due
to effects like this it is impossible to establish an absolute scale
of either nucleophilicity or leaving group ability.

Solvent Effects. Another factor which greatly affects the
reactivity of SN2 reactions is the medium in which they are
carried out. Parker has extensively studied the solvent effects
on these reactions by comparing rates and reactant solvent
activity coefficients in a variety of polar protic and polar aprotic
solvents.® By doing this he has identified the effects of solvation
of the reactants and transition states and discussed them in
some detail. By comparing the rates in solution with those in
the gas phase we can learn much about the absolute effect of
the solvent rather than the relative effects of different sol-
vents.

A comparison of the rates of some selected reactions in three
solvents and in the gas phase is given in Table 1. The most
striking difference in the rates is their absolute magnitude.
There is a rate acceleration of several orders of magnitude on
switching from the protic solvents water and methanol to the
polar aprotic dimethylformamide. The comparison between
DMF and the gas phase is even more dramatic. The primary
influence on the rate differences in the solvation energy of the
reactant anion relative to the transition state. This is demon-
strated pictorially in Figure 3. It has been discussed for protic
vs. aprotic solvents by Parker® and for solution vs. gas phase
by Dewar and Dougherty.?*

Figure 3 provides a good background for a qualitative dis-
cussion of the solvent effects on these reactions. It is well-
known that charge localized ions are better solvated than
charge delocalized ions.®:3% Since the charge is more localized
on the reactant anion than the transition state for SN2 reac-
tions, the former will be better solvated than the transition
state. This results in a greater drop in potential energy of the
reactants compared to the transition state. For many reactions
the energy barrier in the gas phase is lower than the energy of
the reactants, as shown in Figure 3. The differential solvation
of the reactants and transition state is solely responsible for the
increase in this energy barrier to a value greater than the
reactants. Because of the specific interaction of hydrogen
bonding, protic solvents are more sensitive to charge local-
ization than aprotic solvents. Therefore the differential sol-
vation of reactants and transition state is greater for protic
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Table III, Absolute Rates in Various Media of Sn2 Reactions at
25°C (log k in M~1g™1)

Reactants H,0 CH;OH DMF  Gas phase
OH- + CH;,F -6.2¢ 10.2¢6
OH~ + CH,(ClI -5.2¢9 12.0
OH~ + CH;Br -3/94 12.0
F~ + CH,(ClI -7.8¢4 1.7
F~ + CH;Br —-6.5¢ 11.6
F- + CH,l -7.2¢  ~=73d
CH;0~ + CH;Br 11.6
CH30~ + CH;l -3.6°
Cl= + CH;ClI 9.6
Ci~— + CH;Br —5.3a -5.2¢  =0.4° 9.9
Ci— + CH;l -5.54 —-5.5¢ 0.5¢
CN~ + CH;Br 10.36
CN~ + CHal -3.2¢ -3.2¢ 2.5¢
Br~ + CH;Br <9.8
Br~ + CHsl —4.4¢ —-4.]¢ 0.1¢

@ Reference 33. ¥ Reference 13. ¢ Reference 8. ¢ R. G. Pearson,
H. Sobel, and J. Songstad, J. Am. Chem. Soc., 90,319 (1968).

solvents. This is the origin of the great rate enhancement in
polar aprotic solvents.3®

In addition to the striking difference in absolute rates in
different media, there are differences and reversals in relative
rates. For instance, the halogen nucleophilic order I~ > Br~
> C1~ > F~ had long been ingrained in the hearts of chemists
from the results of innumerable rate studies with a variety of
leaving groups. However these studies were carried out in the
traditional protic solvents such as water, methanol, or mixed
aqueous solvents, Winstein and his co-workers discovered that
in acetone, when care was exercised to avoid ion pairing, this
order was reversed.3” In other polar aprotic solvents and in the
gas phase the order is F~ > CI= > Br= > [,

These reversals can also be understood in terms of differ-
ential solvation of reactants and transition state. Through a
series of gas phase and solution acidity measurements and the
enthalpies of solution of the parent acids, Arnett et al. have
arrived at the enthalpy of solution of three halide ions in
DMSO. They are, in kcal/mol, C1~ (=76.7), Br~ (—66.5), and
I~ (—62.0).%% Even though the smaller halides are solvated
more strongly, the differential solvation of reactants and
transition state does not change enough to reverse the reactivity
of the halide ions. On switching to a protic solvent, however,
the differences in the halide solvation energies become even
greater. The enthalpies of transfer from DMSO to methanol
are: in kcal/mol at 298 K, C1~ (=2.5), Br~ (+0.1), and I~
(+2.7).38 This further increase in relative solvation of the
smaller halides in methanol is enough to reverse their order of
reactivity, since the solvation of the transition states is not as
sensitive to solvent changes as the solvation of the reactant
anions,

The LGA of the halide ions in solution (I~ > Br= > CI~ >
F~) is similar to that in the gas phase (Br~ > Cl~= > F~). This
is not surprising since it is the solvation of the free anion which
seems to be of most importance, and solvation of the product
has no influence on the forward rate of the reaction.

Steric Hindrance. The concept of steric hindrance to reaction
is an old one for SN2 reactions. Indeed, perhaps the first rec-
ognition of this concept was by Hofmann in his study of the
reactions of ortho substituted anilines with methyl iodide.3?
Most studies since then have involved structural changes in the
substrate rather than the nucleophile. They have been de-
scribed and summarized well by Ingold.! The reactions are
impeded both by substitution at the « carbon (e.g., methyl,
ethyl, isopropyl, and rert-butyl) and the 8 carbon (e.g., ethyl,
n-propyl, isobutyl, and neopentyl).
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Table IV. Steric Effects on Sx.2 Reaction Rates in the Gas Phase

Nucleophile kcHyysceHscl/ kcHsa
F- 0.61
CH,S- <0.10
(CH;,),CO~ <0.01¢

2 kcr,er = 0.8 X 1072 cm? molecule™! s~! from ref 10.

In order to study the effect of steric hindrance on gas phase
SN2 reactions, three reaction rates were measured with neo-
pentyl chloride as the substrate. They are listed in Table I and
are reproduced in Table 1V as fractions of the corresponding
rate with methyl chloride. The magnitude of the rate depres-
sion for F~ might at first seem very small. In solution, rate
depressions are normally several orders of magnitude on
switching from a methyl to a neopentyl substrate.! However,
this can be easily explained by the mechanism in Figure 1. For
F~ + CH;Cl the central barrier is rather small, as reflected
in the high efficiency (0.35) of reaction. The steric effect of the
tert-butyl group in neopentyl chloride increases the central
barrier but still does not depress the rate by much since the
barrier is still well below the potential energy of the reactants.
On the other hand, for CH3S~ the central barrier is high
enough with methyl chloride to cause a low efficiency (0.045).
Therefore the raising of the barrier by the steric effect greatly
depresses the rate of the reaction. For (CH3)3CO™ the reaction
with methyl chloride is very efficient (0.5), indicating that
there is a small central barrier. However, when (CH3);CO~
reacts with neopentyl chloride, there is sufficient steric inter-
action to depress the rate substantially. This effect is not seen
with the smaller nucleophile F~.

The trends in steric effects presented here support the pro-
posed mechanism and origin of the rate variations for gas phase
Sn2 reactions. They provide a convenient method of modifying
the height of the central barrier and observing the resulting
effect on the rate of reaction.

Quantitative Model

It is possible to calculate overall rate constants (or relative
efficiencies) from the model presented above (Figure 1 and eq
5). In this section RRKM calculations are presented for several
systems at various values of the unknown parameter £y — E.
The reaction efficiencies are critically dependent on this pa-
rameter, so it can be inferred from the experimental efficien-
cy.
In applying RRKM theory we are making the statistical
assumption that the energy is randomized among all the in-
ternal modes of the intermediate complex and that all the
microscopic pathways to products are equally probable. By
application of suitable counting methods for the number of
internal energy states of the two transition states, the parti-
tioning of the intermediate complex in the two paths (kp and
kp in Figure 1) can be calculated. RRKM theory is one way
of doing this. It is well established in the field of unimolecular
reactions and has been described in detail 404!

In order for the statistical assumption to hold, the reactions
must proceed via a long-lived intermediate complex rather than
by a direct mechanism. Although there is no proof that this is
true, past experiments suggest that reactions of this complexity
at thermal energies should involve the formation of a long-lived
complex.*? There are several other pieces of evidence which
support the applicability of a statistical theory to these reac-
tions:

(1) The adducts have been directly observed in a high-
pressure mass spectrometer for a number of reactant pairs.'*
This proves that at least some of the collisions result in long-
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Table V. Parameters Used in the Calculation of Reaction
Efficiencies for C1~ + CH3Br — Br~ + CH;Cl¢

Transition state A Transition state B

[Cl==CH;Br]t [Cle-CH3Br]~t
y;b 3057 (2) 3057 (2)
2935 (1) 2972 (1)
1443 (2) 1448 (2)
1305 (1) 1284 (1)
954 (2) 1133 (2)
611 (1) 200 (3) or 300 (3)
I, o;b 37.0,3 (2)
%1 3.0

@ Degeneracies are in parentheses. Frequencies (»;) are in cm~1,
moment of inertia (/;) is in amu A2, and o; is the symmetry number
for the internal rotor. » CH3Br frequencies and moments of inertia
were taken from G. Herzberg, “Infrared and Raman Spectra of
Polyatomic Molecules”, Van Nostrand-Reinhold, New York, N.Y.,
1945.

lived complexes that can be stabilized by collision with a third
body.

(2) Trajectory calculations on ion-polar molecule collisions
indicate that multiple collisions (up to 2000) occur during any
one encounter between an ion and molecule.*3 This behavior
greatly enhances the T — V energy transfer and the chances
for randomization of the internal energy.

(3) There have been several successful applications of sta-
tistical theories to other ion-molecule reactions which do not
involve an adjustable parameter (e.g., barrier height).**

There is a good precedent in the literature for finding barrier
heights by the general method presented here. Trotman-
Dickenson and co-workers*> have varied the barrier height for
HF elimination from a number of alkyl fluorides in order to
fit the observed rate constant for this reaction from chemically
activated molecules, e.g.,

CHzF + CH2CH3 - CH}CHzCHzF*
- CH}CH=CH2 + HF

The barrier height for the second reaction derived by this
method (E¢ = 56.9 kcal mol™') is the same as that derived
from thermal decomposition of n-propyl fluoride. Agreement
is very good for the many other systems studied also. In the
present systems,

X"+ RY = XRY™*— Y~ +RX

there is no method for studying the thermal decomposition of
the intermediate ion, so the barrier height must be derived from
the behavior of the chemically activated species.

Method. The basic RRKM equation is

k(E) = G(E = Eo)/hN(E) (6)

where G(E — Ep) is the sum of vibrational and internal rota-
tion quantum states for the transition state up to energy £ —
Eg and N(E) is the density of states for the intermediate
complex. The ratio of the two rate constants for a complex
which can decompose by two pathways is

kK'(E) _ G(E = Eo’ = AEro) 7
k(E) G(E — Eop)

Here k'(E) = ky and k(E) = ky, (see Figure 1) at a specific
energy E. AE . is a correction to the internal energy of the
transition state for k, which accounts for the fact that some
energy must be constrained to be in the external rotations (and
is therefore not available for the vibrational and internal ro-
tational quantum states) in order to conserve angular mo-
mentum.*® It can be calculated by

AE o = (1 = I'/DKT (8)

where I’ and I are the moments of inertia for the two transition
states. In order to get the overall ratio of rate constants (7)
must be integrated over the energy distribution function. When
kp(E) > ko(E), this ratio is approximately:
ky_ (=GE = Eq ~ AE;y)
ky Eq G(E — Ey)
For this type of chemical activation the distribution function
is given by:4’

F(E)dE (9)

P = E)en T

(10)
J; G(E — Eg)e~E/XT dE

Combining (9) and (10) gives

L*m G(E—~Ey— AErot)e_E/deE
o

(1)

bl Koy

fm G(E — Eg)e~E/*T dE
Eo

This ratio can be manipulated to give the overall reaction ef-
ficiency (kp/(ks + kp)) and therefore the overall bimolecular
rate constant by eq S.

The sums of states in eq 11 were evaluated by a direct
counting of vibrational states using seven frequency groups and
a classical counting of internal rotational states.*® The integrals
were evaluated numerically.

(1) CI- + CH;3Br. In order to calculate the sums of states in
(11) it is necessary to know or estimate the vibrational
frequencies and the moments of inertia for the internal rotors.
The transition state for ky, is easily chosen. Because of the
long-range attraction between the ion and molecule, the
transition state, which is taken to be where the sum of the in-
herent potential energy and the centrifugal energy reach a
maximum,#0 is at a large separation of the two species (> ca.
7 &, and it depends on the impact parameter). At this distance
the oscillator frequencies are those of free CH3Br, and the
remaining internal degrees of freedom are the reaction coor-
dinate and a two-dimensional free rotor corresponding to a
tumbling of the CH3Br (the third dimension of this tumbling
is one of the external rotations). The parameters for the cal-
culation are reproduced in Table V,

The frequencies for the second transition state are not so
easily chosen. In a recent study on isotope effects on SN2 re-
actions, the frequencies of the transition state for the reac-
tion

PhS— + #-BuCl — CI~ + n-BuSPh

were determined based on a number of assumptions.*® Most
of the frequencies for the transition state in the present study
were changed proportionately from CH3Br in the same way
as those in the isotope effect study were changed from n-BuCl.
The remaining oscillators are the symmetric C1-C-Br stretch
and two degenerate Cl-C-Br bends. In the very crudely
analogous compound PCls these oscillator frequencies are 394
and 335 cm~!. They should be lower in CICH;3Br~ because of
the reduced bound orders and heavier Br. Calculations were
performed with both 200- and 300-cm™! frequencies for these
three oscillators. The frequencies are summarized in Table
V.

(2) CH30~ + CH3Br. The parameters for the two transition
states in this system were chosen in the same way as those for
the previous one. The frequencies and moments of inertia for
CH;0~ were taken to be the same as those of CH;F except for
the C-0O stretch, which was taken from CH3;OH. The pa-
rameters are reproduced in Table VI. The frequencies have
been grouped for the direct counting procedure by taking the
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Table VI. Parameters Used in the Calculation of Reaction
Efficiencies for CI~ + n-BuBr — Br~ + n-BuCl«

Transition state B
[Clen-Bu-Br]~t

Transition state A
[Cl7wn-BuBr]t

v 2924 (9) 2924 (9)
1429 (7) 1434 (8)
1193 (8) 1182 (7)
709 (7) 753 (6)
280 (2) 280 (2)
197 (2) 199 (5)
100 (1) 100 (1)

I, o 220.0, 1 (2)

1*/1 3.0

2 See Table V for explanation and units.

Table VII. Parameters Used in the Calculation of Reaction
Efficiencies for CH;0~ + CH3Br — Br~ + CH3;0CH;¢

Transition state B
[CH;0-+CH3Br]—t

Transition state A
[CH;0~--CH;Br]t

v 3004 (6) 3004 (6)
1466 (3) 1548 (2)
1445 (2) 1466 (3)
1222 (3) 1284 (1)
1033 (1) 1182 (2)
952 (2) 1099 (3)
611 (1) 200 (5)
I, o 8.4,1(1) 1.65,3 (1)
37.0,3(2)
10.9, 3 (2)
1*/1 3.0

2 See Table V for explanation and units.

geometric mean of the individual frequencies for each
group.*8

(3) CI~ + n-BuBr. The two transition state models are chosen
as before. The frequencies for n-BuBr were estimated from
those of n-BuH and EtBr.3% The frequencies have been grouped
as above. The parameters are reproduced in Table VII.

Results and Discussion

The results of the RRKM calculations for the four systems
are shown in Figure 4. There are several observations which
can be made about these results:

(1) Even though the barriers may be substantially below the
potential energy of the reactants, they can lead to significantly
reduced reaction efficiencies.

(2) The relative barrier heights (AEt = Ey’ — Eg) required
to reproduce the experimental efficiency for the CI~ + CH;3Br
reaction are —0.3 and —0.7 kcal mol~! for the two transition
state models. Considering the uncertainty in transition state
frequencies this should only be taken as an approximate range
of barrier heights. Nevertheless, it is reassuring that the two
values are close despite the very different frequencies. The
exact values of these frequencies are not nearly as critical as
the difference in barrier heights.

(3) The relative barrier height which corresponds to the
experimental efficiency for the CH3;0~ + CH3Br reaction is
8.8 kcal mol .

(4) The reason for the large discrepancy in the curves for C1~
and CH3O7 is the fact that the latter is polyatomic. As a result
of the three extra degrees of freedom due to its rotations, the
channel to reactants (where these degrees of freedom are in-
ternal rotations in the transition state) is favored over the
channel to products (where they are vibrations).

(5) For CI= + n-BuBr, the effect of the extra vibrational
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Flgure 4. Calculated reaction efficiencies for nucleophilic displacement
reactions as a function of the difference in barrier heights (£y" = £¢ in
Figure 1). The arrows indicate the experimental efficiencies for two of the
reactions. The RRKM calculations were done using the input parameters
in Tables V, VI, and VII.

degrees of freedom is to slow down the reaction at large barrier
heights and speed it up at low barrier heights. The reason for
this is that the sum of states for the purely vibrational transition
state (the one leading to products) grows much faster relative
to the vibrational-rotational transition state due to the extra
degrees of freedom.

(6) Minor changes in structure (e.g., substituting F~ for C1~
or CH;Cl for CH3Br or CH3S— for CH307) give curves very
close to those for the analogous reactions in Figure 4.

From the above treatment and various literature values, the
enthalpies of solution of the transition state (AH °®(X-R-
Y~1) in Figure 3) can be found for X = Cland RY = CH;Br
from the approximate3Zeq 12.

AH®o(X-R-Y~1) = AH o (X7) + AH®(RY)
+ E, (in H,O) — AEyT (gas phase) — 2RT  (12)

AH®(CI7) = ~76.3 kcal/mol  (ref 35 and 38)
AH°,(CH;3Br) = —6.8 kcal/mol  (ref 52)
E,(in H,O) = 24.7 kcal/mol  (ref 33)

AE,f(gas phase) = —0.3 kcal/mol
(this work; 200 ecm~! oscillators)

AH®(Cl-CH3-Br=*) = —38.7 kcal/mol in H,O AT 25°C

Thus the solvation enthalpy of the transition state is about 24.4
kcal/mol less than the solvation enthalpy of the reactants. This
is the primary origin of the 15 orders of magnitude rate ac-
celeration in the gas phase over aqueous solution.

The barrier heights of the models presented here are not
meant to be absolute quantitative predictions. The model is one
which has been proposed to explain the experimental results
but it has not been proven to be correct. Qualitatively, the
trends should be correct, but it is only an approximation
quantitatively.

Conclusion

The mechanism in Figure 1 can account for all of the
available experimental and theoretical evidence on Sx2 gas
phase reactions. The ion and molecule collide at a rate deter-
mined by the long-range attractive force between them. The
competition between decomposition of the resulting collision
complex to reactants and passage over the central barrier to
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the second ion-molecule complex determines the overall effi-
ciency of the reaction. The most important factor which affects
this efficiency is the height of the central barrier. Variation in
this height leads to a wide range of reaction rates. These rates,
which are intrinsic rates in the absence of the complicating
effects of solvent, are dependent on the nature of the nucleo-
phile, substrate, and leaving group. The intrinsic nucleophili-
cities and leaving group abilities have been determined. In
addition, there is a secondary effect on the rates due to a cou-
pling between the nucleophile and leaving group. Steric inhi-
bition due to alkyl groups on the substrate can be substan-
tial,

S«~2 reactions are the first ionic reactions to be extensively
studied both in solution and in the gas phase. They are orders
of magnitude slower in solution due to a preferential solvation
of the reactants (principally the ion) over the transition state.
The relative order of nucleophilicity is similar in the gas phase
and dipolar aprotic solvents and is very different from the one
found in protic solvents. Leaving group abilities are very similar
for all three.

There have been many comparisons between solution and
gas phase thermodynamic quantities, but there have not been
many comparisons of kinetic processes in the two phases. One
reason for this is that the details of the gas phase mechanisms
are often difficult to determine. Hopefully the approach in this
paper can be applied to other ion-molecule reactions not only
in order to understand the gas phase reactions but also so that
comparison with reactions in solution can be made.
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