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Abstract: Rates of three-body ion-molecule association reactions of the type A+ + B + M -*• AB+ + M have been calculated. 
A critical assumption in the analysis is that the internal energy of the collision complex formed from A+ and B is randomized; 
RRKM theory is used to model the decomposition of the collision complex back to reactants. The formation of the proton-
bound dimers of H2O and H2S is examined, as is the formation of the benzene dimer radical cation, (QH6):"

1"- Agreement with 
experimental kinetic data is good. Applications of this analysis to obtaining thermodynamic data for ion-molecule reactions 
from experimental kinetic data are considered. Finally, the suggestion that nonideal contributions to AS for ion-molecule re­
actions may be significant is discussed critically. 

Introduction 

We have previously reported23 the successful application 
of a statistical model to the analysis of the rates of some 
three-body ion-molecule association reactions of the general 
type illustrated in the equation 

^c *„[M] 
A + + B ^=* (AB+ )* »- AB + 

kb 
(D 

In order to understand this type of process, it is necessary to 
model both the long-range and the short-range interactions 
between the ion and the neutral. The long-range forces de­
termine the rate of collision between ions and molecules and, 
therefore, govern the rate of formation of (AB+)* and its rate 
of collisional stabilization to AB+ . The short-range interactions 
determine the lifetime of the complex, (AB+)*, with respect 
to dissociation. 

The long-range forces governing ion-molecule collisions are 
fairly well understood, and rate constants for such processes 
can be calculated quite accurately using either Langevin 
theory,3 in the case of ion-nonpolar molecule collisions, or 
average dipole orientation (ADO) theory,4 in the case of 
ion-polar molecule collisions. In order to model the short-range 
interactions, which determine the fate of the collision complex 
before stabilization, we assumed that the internal energy was 
randomized and applied Rice-Ramsperger-Kassel-Marcus 
(RRKM) theory5 to model the unimolecular decomposition 
of the complex. This analysis allowed us to reproduce accu­
rately the experimental pressure and temperature dependences 
of the kinetics for the association reactions leading to the for­
mation of proton-bound dimers of ammonia, methylamine, and 
dimethylamine without using any adjustable parameters to 

force agreement.2a'b The benefits from this model are twofold. 
First, it allows us to understand and predict rate constants for 
gas-phase ion-molecule association reactions. Second, it gives 
us a general quantitative model for the unimolecular decom­
position of long-lived ion-molecule collision complexes. Such 
a model may then be incorporated into kinetic schemes for 
more complicated ion-molecule reactions, such as nucleophilic 
displacement20 and carbonyl displacement reactions.2d 

In this paper we elaborate on some of the details of the model 
and extend its application to several other systems. In the 
process of examining these systems, we have tested the sensi­
tivity of the model to changes in geometry and size of the 
complex and to the thermodynamic parameters used in the 
RRKM analyses. We have applied our method to the analysis 
of the rates of formation of the proton-bound dimers of H2O 
and H2S, recently determined by Meot-Ner and Field.6 These 
systems represent the smallest complexes we have yet modeled. 
We find good agreement between our calculations and the 
experimental data in both cases. We have also analyzed the 
kinetics of the formation of a much larger molecular complex, 
the benzene dimer radical cation, (C6H6)2

+. While there is as 
yet very little experimental kinetic data for this system, our 
results are reasonable and agree well with the available ex­
perimental data.7 Inherent in our analysis is the assumption 
that the systems under study behave as ideal gases and that 
their thermodynamics are therefore adequately described by 
normal statistical mechanical considerations. Some recent 
work by Lias and Austoos8 on nonideal contributions to AS 
for ion-molecule reactions has caused us to consider this as­
sumption carefully. We have found that the assumption re­
mains valid and discuss at length our reasons for questioning 
Lias and Ausloos's results. 
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Method and Results 

The reaction illustrated in eq 1, when treated in the 
steady-state approximation, yields 

H. H 

- ^ 1 = M = W ] [ B ] (2) 

where Af, the experimentally observable rate constant, is given 
by 

Af-A0A8[M]AAb+ AJM]) (3) 

The rate constants A0 and A8 are the collision and stabilization 
rate constants, respectively, and Ab is the rate constant for the 
unimolecular decomposition of (AB+)*. 

It is readily shown2*-9 that in terms of RRKM theory 

Jo 

Af — /CcV^uni/Aoj) 

A5[M] 
F(E)dE 

(4) 

h k{E) + A8[M]" v~'~~ ( 5 ) 

where Aunj/A„ is the ratio of the thermal unimolecular rate 
constant to its value in the high-pressure limit, k{E) is the 
microscopic unimolecular rate constant at energy £, and F(E) 
is the energy distribution function for (AB+)* produced by 
collision of A+ and B. The rate constant Ac is simply an ion-
molecule collision rate constant and can be calculated from 
Langevin or ADO theory. The rate constant As can be taken 
as an ion-molecule collision rate constant if we assume strong 
collisions; that is, every collision of (AB+)* deactivates it 
sufficiently so that it no longer has enough energy to decom­
pose. With this assumption, As is also readily calculated from 
Langevin or ADO theory. With this value for A8, we can use 
RRKM theory to obtain an expression for the integrand in eq 
5 and evaluate the integral numerically as previously de­
scribed.23 In order to do this, however, it is necessary to know 
the oscillator frequencies and moments of inertia for the ionic 
complex and for the transition state leading to its decomposi­
tion. We will discuss how these were obtained for HsOi+ in 
some detail and more briefly for H5S2

+ and Ci2Hj2
+In the 

following sections. 
1. (HsC^)+. The proton-bound dimer of water can be ob­

served in a high-pressure mass spectrometer at pressures high 
enough (ca. 1 Torr) that collisional stabilization can occur at 
a reasonable rate. The rate of formation of HsO2

+ has been 
measured as a function of temperature and pressure by 
Meot-Ner and Field.6 In order to obtain the oscillator 
frequencies and rotational constants for H5O2

+, which have 
not been determined spectroscopically in the gas phase, it is 
necessary to establish a geometry for the complex and to know 
its entropy. The entropy is readily available from AS0 for re­
action 6 and the known entropies of H2O and H3O+. Since 
both Field6 and Kebarle10 have measured the thermochemical 
parameters in equilibrium studies, and since the values differ 
considerably, both sets of values were considered.1' 

H2O + H3O+ •* H5O2
+ (6) 

Field:6 A//° = -33.0 kcal/mol 

AS0 = -33.6 eu 

Kebarle:10 A//0 = -31.6 kcal/mol 

AS0 = -24.3 eu 

Several theoretical studies12-14 have suggested that the 
optimal geometry for H5O2

+ is of D2(t symmetry with a sym­
metrical hydrogen bond, la. While a symmetrical hydrogen 
bond in such species is somewhat unusual, it has also been 
suggested by several spectroscopic studies of H5O2

+ in inor­
ganic crystals.15-16 In these crystal studies, the ion has a ge­
ometry with approximately C2/, symmetry, lb, presumably due 

0 - H - O ' 
H ^ ^ H 

la 

JJW-O-H-O'-
H ^ 

lb 

H 
IH 

to hydrogen bonding of the four terminal protons to other 
atoms in the crystal lattice. As discussed below, the choice of 
Dm symmetry instead of C2/, does not have a significant effect 
on our results. We chose to use the geometry optimized by 
Newton and Ehrenson13 with rOH = 0.95 A for the terminal 
protons, roo = 2.36 A, and an angle of 115° between each 
terminal 0-H bond and the 0-H-O axis. Using this geometry, 
all of the contributions to the entropy of H5O2

+ except the 
vibrational entropy, S°vjb, can be calculated from the usual 
statistical thermodynamic formulas.17 The total entropy of 
H5O2

+ is available from the experimentally determined AS0 

for the reaction and the known entropies of H2O and H3O+. 
S0

vjb is then calculated as the difference between the total 
entropy of H5O2

+ and the rotational and vibrational contri­
butions. This analysis leads us to question Meot-Ner and 
Field's thermochemical data,6 since slightly negative values 
of S°Vib were required for Did symmetry and any other rea­
sonable geometry such as C2/, or Cs. Thus, we were only able 
to carry out calculations based on Kebarle's thermochemical 
data.10 

Four 0-H stretching motions and six bending motions were 
estimated from the frequencies of H2O and H3O+. The sym­
metric and antisymmetric 0-H-O stretching frequencies have 
been assigned for H5O2

+ in the perchlorate salt.18 The re­
maining internal degrees of freedom are a free internal rotation 
and two 0-H-O bending motions. The reduced moment of 
inertia for the free rotation was calculated for the chosen ge­
ometry, and the two bending frequencies were adjusted to fit 
the required vibrational entropy. 

There is one more pertinent degree of freedom, the external 
rotation about the 0-H-O axis. As discussed by Forst19 and 
Troe,20 this rotation is not adiabatic and may couple with the 
vibrational degrees of freedom. Although the rotations asso­
ciated with the quantum numbers J and K cannot be separated 
rigorously for a nonlinear symmetric top, Troe has suggested 
that it is useful to treat the external rotation associated with 
K as fully active and has discussed the errors introduced by this 
approximation.20 The effect of making this rotor active is not 
large, but it does improve agreement between the calculated 
and experimental rate constants for all the systems we have 
tested.21 The critical energy (£o) was adjusted so that the 
calculated high-pressure activation energy for decomposition 
of the complex at 300 K was equal to A£ for the reaction (i.e., 
£a = -AH0 - RT). 

The transition state was taken as the point where the sum 
of the potential and centrifugal energies is at a maximum.22 

Such a choice of transition state is reasonable in the absence 
of more detailed information about the reaction coordinate and 
has been discussed and justified previously.2a'2J At this point 
along the reaction coordinate, the interfragment distance (ca. 
6 A) is sufficiently large that we may take the oscillator 
frequencies to be those of isolated H2O and H3O+. The re­
maining degrees of freedom are the one-dimensional internal 
and external rotations also present in the complex and two new 
two-dimensional internal rotations corresponding to the 
tumbling of the fragments about the axes not included in the 
one-dimensional rotor. The parameters used in the calculation 
are summarized in Table I. 

The calculated and experimental values of Ab are plotted vs. 
temperature in Figure 1. The calculations are based on a cal­
culated collision frequency, A8[M], of 3 X 107 s -1 , which 
corresponds to the number density at which the experimental 
data was obtained. We also calculated the pressure dependence 
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Table I. Parameters Used in the Calculation of the H5O24" 
Decomposition" 

Table II. Parameters Used in the Calculation of the H5S2+ 

Decomposition" 

complex 
transition 

state complex A complex B 
transition 

state 
Vi 

Bi (external) 
Bj (internal) 

c 
IV1 
E0 

3100(4) 
1800(1) 
1600(2) 
500 (4) 
410(1) 
142(2) 

5.96(1) 
22.7(1) 

8 
6.12 
30.8 

3870(2) 
3760(1) 
3757(1) 
3756(1) 
1595(1) 
1550(2) 
1050(1) 
5.17(1) 
20.7(1) 
11.1(1) 
7.36(1) 
27.7(1) 
12.1(1) 

1 

Vi 

Bi (external) 
Bj (internal) 

a 
iy i 
E0 

2600 (4) 
1500(1) 
1000(2) 
500 (4) 
208(1) 
131(2) 

3.00(1) 
12.1(1) 

4 
6.23 
14.8 

2600 (4) 
1500(1) 
600 (2) 
400 (4) 
208(1) 

52(2) 

3.00(1) 
12.1(1) 

4 
6.23 
12.7 

2627(1) 
2614(1) 
2333(1) 
2328 (2) 
1183(1) 
1122(1) 
992(1) 

2.50(1) 
9.55(1) 
5.26(1) 
4.69(1) 
11.1(1) 
8.91 (1) 

1 

" Degeneracies are in parentheses. Frequencies (i>j) and rotational 
constants (B1) are in cm-1. The value of a is the product of the sym­
metry numbers for the external and internal rotations. /t// is the ratio 
of the moments of inertia for the transition state and the ionic complex. 
£0 is in kcal/mol. 
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Figure 1. Temperature dependence of the experimental (O) and calculated 
rate constants kb for the reaction (H5O2

+)* -• H2O + H3O
+. 

of &r for the small pressure range (0.5-1.0 Torr) over which 
the experimental data was measured and found agreement to 
be within a factor of 2. The bath gas was methane in all 
cases. 

In order to ensure that our choice of D^d symmetry for the 
complex was not a critical factor, we also carried out the cal­
culations for H5O24" with C-ih symmetry. The temperature and 
pressure dependences were not significantly affected, with the 
calculated curves moving slightly farther away from the ex­
perimental values. The change was well within the estimated 
uncertainty of our calculations. 

2. (HsS2)+. Meot-Ner and Field have also measured the 
kinetics of the formation of HsS2+ as a function of temperature 
and pressure.6 Once again two sets of thermodynamic values 
are available, and once again they are significantly different. 
Since there is no theoretical or experimental data available on 
the geometry of HsS2+, we have taken the terminal S-H bond 
length to be 1.3 A, as in H2S, and the S-S distance to be 3.0 
A, the distance calculated for the S—H-S bond in the dimer 
of dithioformic acid.25 The angles were taken to be the same 
as in HsOi+. There is no evidence for (or against) a symmetric 
hydrogen bond in this case, so we chose Cj0 symmetry, 2, for 
the molecule instead of Djd symmetry. The entropy of H3S+, 

0 See Table I for explanation and units. 
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Figure 2. Temperature dependence of the experimental (O) and calculated 
rate constants kb for the reaction (H5Sj+)* -*• H2S + H3S

+. A and B refer 
to the two models discussed in the text. 

.S H—S 

2 
H' 

which is also unknown, was estimated from the entropy of 
structurally similar PH3. Both sets of experimental thermo-
chemical data can accommodate the entropy analysis. We, 
therefore, carried out calculations using both Kebarle's24 

(complex A) and Field's6 (complex B) thermochemical values. 
The parameters are summarized in Table II. 

H2S + H3S+ ^ H5S2
+ (7) 

Field:6 AH0 =-13.8 kcal/mol 

AS0 = -18.7eu 

Kebarle:24 AH0 = -15.7 kcal/mol 

AS0 = -24.4 eu 

The results are shown in Figure 2. The temperature de­
pendence of kb was calculated with a collision frequency of 5.6 
X 107S-1 in order to duplicate the experimental conditions. 
The pressure dependence of k( was also calculated and was 
found to agree with experiment to within a factor of 3 for both 
complex A and complex B over the pressure range 1.0-2.5 torr. 
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Table III. Parameters Used in Calculation of the (C6H6^+ 

Decomposition" 

complex 
transition 

state 

Bt 

iy i 
E0 

3082(6) 
3080 (2) 
3062(1) 
3060(1) 
3047 (2) 
1597(6) 
1596(2) 
1485(2) 
1326(1) 
1310(1) 
1178(2) 
1146(1) 
1089(10) 
1037(2) 
1010(1) 
992(1) 
985(1) 
970(2) 
847 (3) 
800 (2) 
703(1) 
600 (1) 
400 (7) 
300 (2) 

70(5) 
0.189(1) 

6 
3.88 

14.50 

3082(6) 
3080 (2) 
3062(1) 
3060(1) 
3047 (2) 
1597(6) 
1596(2) 
1485(2) 
1326(1) 
1310(1) 
1178(2) 
1146(1) 
1089(10) 
1037(2) 
1010(1) 
992(1) 
985(1) 
970(2) 
849 (2) 
847(3) 
703(1) 
671(1) 
606 (2) 
508 (5) 
405 (2) 

0.189(1) 
0.189(2) 
0.189(2) 

24 

" See Table I for explanation and units. 

To ensure that the assumption of an asymmetric hydrogen 
bond was not critical to the results, we also carried out the 
calculations for H 5 S 2

+ with Did symmetry. Again, the changes 
in kf and kb were insignificant. 

3. (C6H6)2+. The dimerization reaction 

C6H6 + C 6 H 6
+ ^ (C6H6)2+ 

A/ /° = -15.06 kcal/mol 

AS0 = -23.18 eu 

(8) 

has been observed at both high26 and low7 pressures, and the 
relevant thermodynamic parameters have been determined.26 

There is little experimental data available regarding the ge­
ometry of dimeric complexes such as (C 6 H 6 ) 2

+ . ESR studies 
of polycyclic aromatic species suggest dimers with a "face to 
face" geometry.27 We have, therefore, assumed the geometry 
3 with an inter-ring separation of 3.1 A, comparable to the 

inter-ring distance found in benzene excimers.28 The entropy 
of the benzene radical cation was estimated by assuming the 
same translational and rotational entropy as benzene and using 
the vibrational frequencies assigned by Klots29 to obtain the 
vibrational entropy. The parameters for the dimer and the 
transition state are summarized in Table III. The calculated 
temperature dependence of k\, is shown in Figure 3. Little 
experimental data is available for comparison. We note that 
at a temperature of 300 K and a pressure of ca. 10 - 3 Torr our 

Figure 3. Calculated temperature dependence of the rate constant k\> for 
the reaction (C6Hs)2

+ — C6H6
+ + C6H6 at 1 (---) and lO"4 Torr 

( - ) • 

calculated fcf (1.48 X lO - 1 2 cm3 molecule -1 s - 1 ) is in rea­
sonable agreement with the observed value7 of 4.07 X 1O - ' 2 

cm3 molecule"1 s - 1 . The bath gas is benzene itself. 

Discussion 

Considering the uncertainties inherent in the determination 
of thermochemical data by equilibrium studies in high-pressure 
mass spectrometers and the fact that the estimated collision 
rate constants may be off by as much as 30%,30 the agreement 
between experiment and our calculated rate constants is quite 
good. Based on our entropic considerations, we favor Ke-
barle's10 thermodynamic parameters for reaction 6. Neither 
entropic considerations nor the calculated pressure and tem­
perature dependences of the rate constants allow us to differ­
entiate between the available thermodynamic parameters for 
reaction 7 in the experimental range studied. The results for 
reaction 8 are in good agreement with the one experimental 
point available. It will be interesting to see if the agreement is 
good when more experimental data becomes available. Our 
model works as well for these systems as it does for the amine 
proton-bound dimers. The results further support the as­
sumptions regarding the mechanism of the reaction, the ran­
domization of internal energy in the complex, and the transi­
tion-state model which went into the analysis. We have also 
shown that our results are not very sensitive to the exact ge­
ometry of the ionic complex as long as the entropy is kept 
constant. This result is not surprising given that the results of 
RRKM calculations on neutral species are quite insensitive 
to the choice of transition-state parameters provided that the 
entropy of activation is held constant.3' In the case of neutrals 
the parameters for the molecule are usually well-known, while 
the parameters for the transition state are chosen to satisfy the 
entropy requirement. In our case it is the transition state for 
which the parameters are reasonably well-known and the 
complex for which the parameters are chosen to accommodate 
the entropy. This is important since it is, at present, impossible 
to obtain experimental bond lengths and angles for large gas-
phase ions. We have thus shown that, given equilibrium ther­
mochemical data for a three-body association reaction, it is 
possible to calculate the association rate constant rather ac­
curately. In fact, the association rate constant in the true 
low-pressure regime depends only on the thermodynamic 
values and not directly on k^. Figure 4 shows the calculated 
value of k f as a function of pressure in all regimes. The fall-off 
for the H2O and H2S systems occurs at significantly higher 
pressure than that for the amine proton-bound dimers and 
(C6H(O2

+. This reflects the fact that H 5 O 2
+ and H 5 S 2

+ have 
fewer internal degrees of freedom than the other systems. 
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Figure 4. Calculated pressure dependence of k f in units of cm3 molecule ' 
s- ' : (C6H6)2

+ at 300 K (• • •); H5O2
+ at 359 K (—); H5S2

+ model A at 
329 K (---); H5S2

+ model B at 329 K (-•-). The pressure scale is for 
H5O2

+ . Values of ks for H5O2
+, H5S2

+ , and (C6H6J2
+ are 1. 13 X 10-9, 

1.04 X IO-9, and 1.06 X 1(T9 cm3 molecule-1 s_1, respectively. 

It would be valuable if we were able to use our analysis to 
obtain thermochemical data from kinetic data. In principle, 
this could be done by choosing the value of EQ so that the cal­
culated rate constants agree with the experimental values, and 
from this obtain a value of AH° for the reaction. In order to 
assess this possibility, it is necessary to ascertain the sensitivity 
of the calculated rate constants to E0. We tested this by varying 
E0 for reaction 6 by 1, 5, and 10 kcal/mol from 30.8 kcal/mol, 
the value obtained from the experimental AH° as discussed 
above. Table IV shows the change in k^ at 300 K. These results 
show that, while it is possible to decide whether £n is 30 or 40 
kcal/mol, the sensitivity of kb to EQ is not great enough to 
obtain a more accurate value, since our calculated rate con­
stants are only reliable to within approximately a factor of 2. 
Thus, we really cannot differentiate between EQ = 30.8 
kcal/mol and E0 = 35.8 kcal/mol. 

The above considerations suggest that the most useful ex­
perimental value to have for a three-body ion-molecule asso­
ciation reaction is the equilibrium constant or AG0. Using a 
statistical thermodynamic analysis of the entropy similar to 
that outlined above, it should be possible to estimate AS0 quite 
accurately. It would then be possible to obtain AH° and cal­
culate the association rate constant as a function of tempera­
ture and pressure. 

Intermolecular Entropy Effects 

Some recent work by Lias and Ausloos8-32'33 deserves 
comment in this regard. They have proposed that there can be 
significant contributions (up to 3 eu) to AS for ion-molecule 
reactions arising from nonideality due to the long-range in­
teractions of the ion and the neutral. Such a contribution does 
not appear in a value of AS0 computed solely from ideal gas 
partition functions. Lias and Ausloos propose that this nonideal 
term can be readily estimated from ion-molecule collision 
theory considerations. This result may be important if we wish 
to obtain AH° and the rate constants for an ion-molecule re­
action from a single value of AG0 as outlined above. Such 
nonideality may also be important to the results we have al­
ready obtained, since it was not considered when we calculated 
third-law entropies by difference from experimentally deter­
mined values of AS. If such a nonideal contribution is signif­
icant, it would show up entirely in our calculated S°vjb for the 
ionic complex and could lead to significant errors in our as­
signment of vibrational frequencies. For these reasons and 
because of the fundamental importance of a claim that mea-

Table IV. Dependence of the Calculated Values of kb on the 
Critical Energy for the Decomposition of H S O 2

+ " 

-o K X 10" kb X 10-

30.8 
31.8 
35.8 

0.69 
0.56 
0.25 

40.1 0.10 
0.47* 

" Eo is in kcal/mol. The rate constant k\> is in s 
at 300 K and a collision frequency of 3 X 107 s 
value of k\y from ref 6. 

1 and was calculated 
* Experimental 

surable deviations from ideal behavior occur in a gaseous 
mixture of ions and neutrals in the pressure range where ion-
molecule equilibria are studied (typically 10_6-1 Torr), we 
have given serious consideration to this matter. We believe that 
there are, in fact, no significant nonideal contributions in this 
regime and we show that the expression derived by Lias and 
Ausloos is associated with a violation of microscopic revers­
ibility. 

Their derivation8 is based on the description of the phe-
nomenological rate constants for some charge transfer reac­
tions, k{ and kr, in terms of simple collision theory as the 
product of a collision rate constant Z, a steric factor P, and an 
exponential energy term in the endothermic direction, eq 9-13, 
where AH is the enthalpy change for the exothermic forward 
reaction. 

A+ + B ?=± A + B+ 

k, 

k{ = Z(Pf 

kT = ZTPre^RT 

f - ^ f " f
 e-\H/RT = e±S/Re-lH/RT 

^ ' kr'ZrPr 
therefore 

AS = /?[ln(Z f/Z r) + ln(.Pf//>r)] 

(9) 

(10) 

( H ) 

(12) 

(13) 

Lias and Ausloos provide several examples of reactions for 
which the ideal entropy change should be close to zero and for 
which k{ is found experimentally to be close to Zf and kT to 
ZTe^H/RT, where Zf and Z r are Langevin3 or ADO4 rate 
constants. Thus, for these reactions, if Px-/Px is close to unity, 
this implies that AS is given by 

AS = R In (Zf/Zr) (14) 

The authors claim that eq 14 represents an approximation to 
the configuration integral which would arise from a proper 
statistical mechanical treatment of the ion-neutral interaction 
potential, since Zf and Z1. take into account such interac­
tions. 

This interpretation cannot be correct. Any reasonable ap­
proximation for a nonideal contribution to a thermodynamic 
state function must go to zero in the limit of zero pressure; eq 
14 is completely independent of pressure. Further, it is difficult 
to believe that significant deviations from ideality can be ob­
served in a gaseous ion-molecule mixture at pressures of 
10~6-1 Torr. Any such deviations should be reflected in the 
second virial coefficient of the mixture, B(T), which is given34 

by 

B(T) = E E XaX0B^(T) 
a /3 

(15) 

where x« is the mole fraction of species a, xp ,s t n e m ° l e 

fraction of a species /3, and Bap(T) is the second virial coeffi­
cient for a pair of interacting species a and /?. For neutral gases 
at moderate temperature B is on the order of 10-100 cm3 

mol-1. Typical ion densities in ion-molecule mixtures used in 
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equilibrium studies are on the order of 105 cm-3. At a pressure 
of 1 Torr at 300 K, this corresponds to a mole fraction of 10 - ' ' . 
Therefore, even an ion-neutral interaction for which Ba$(T) 
was as large as 1013 cm3 mol-1 would only contribute terms 
of the order of the neutral-neutral interactions to eq 15. A 
second virial coefficient of 1013 cm3 mol-1 is unreasonable 
under any realistic circumstances. For example, an estimate 
of BaIi(T) for the interaction of Xe atoms with He+ ions at 300 
K gave Bap = 107 cm3 mol-1. In making this estimate, we used 
a Sutherland potential35 with a Langevin attractive interac­
tion,3 and took the turning point to be the sum of the van der 
Waals radii of Xe and He (2.8 A). The correct turning point 
to use is probably somewhat larger, since the Langevin impact 
parameter is close to 8 A in this case. Therefore our estimate 
should be regarded as an upper limit. Even so, Ba/3 is still six 
orders of magnitude too small to make a contribution to eq 15 
which is of the same order of magnitude as the neutral-neutral 
terms. Even at low pressure (~10 - 6 Torr) with ion densities 
at ~105/cm3, the ion-molecule interaction terms are only 
becoming comparable to the neutral-neutral terms which are, 
of course, very small at this pressure. 

Given that eq 14 does not appear reasonable as an approx­
imation to a nonideal entropy term, we must consider what the 
term R In (Zf/Zr) does represent and whether or not it is a real 
contribution to the entropy change. In fact, this term is not a 
real contribution to AS, and arises as an artifact of the kinetic 
mechanism used in the derivation. In order to see this, it is 
useful to recast the derivation of eq 14 in terms of transition-
state theory. For simplicity, we will take A and B in eq 9 to be 
atoms. It is well-known that the bimolecular collision rate 
constant can be written in terms of the translational partition 
functions of the reactants and the translational and rotational 
partition functions of the transition state.36 The transition state 
appropriate to the collision process will then be equivalent to 
a diatomic molecule with some internuclear distance r. The 
collision rate constant for the forward process is given by 

7 ~ k T \ ^ ) n 
Zf - - T - <7r 

" WA+<?B/trans 

(16) 

Upon substitution of the appropriate partition functions, this 
reduces to 

Zf -(D" /2 
(17) 

where \i is the reduced mass. In order for this to reduce to the 
Langevin3 expression for Zf, r must be taken as the separation 
at which the sum of the potential and centrifugal energies is 
at a maximum. This distance is given3,22 by 

A = irote 2\l /2 

IkT) (18) 

where a is the polarizability of the neutral and e is the charge 
on the ion. Thus, r serves to define the transition state for the 
collision process. 

Now, consider the mechanism which led Lias and Ausloos 
to eq 14, that is, k{ = Zf and kr = Zre^HlRT. Unless the po­
larizability of A is exactly equal to that of B, the internuclear 
separation in the transition state for the forward process is 
different from that for the reverse process; i.e., the transition 
states for the forward and reverse reactions are different. 
Equations 11 and 12 assume that the system of reactants and 
products is thermal (Boltzmann). Under these conditions the 
principle of detailed balance requires that the transition states 
for the forward and reverse reactions be identical. Thus mi­
croscopic reversibility has been violated in writing eq 12. This 
does not mean that k{ and kr cannot be given by eq 10 and 11. 
If they are, however, the system cannot be thermal. The ex­
perimentally determined forward and reverse rate constants 
for the reactions reported by Lias and Ausloos8 do appear to 

be given empirically by eq 10 and 11. This suggests that the 
systems studied may involve nonthermal energy distributions 
and may not be at true thermodynamic equilibrium. 

The correct treatment of a reaction whose collision dynamics 
are controlled by Langevin forces must include the effects of 
two centrifugal barriers and model the behavior of the system 
as it passes through the region between these local maxima. 
In the limit of a statistical treatment, this would involve adding 
a reaction channel to the model described previously,2a'c al­
lowing a chemical reaction to compete with dissociation to 
reactants. If there is a single intermediate 

Ai k-i 

A + + B=F=^ X+=F=^ C + + D (19) 

/Cf = k\k-i/{k-\ + k-i) and kr = k2k~\/(k-\ + k-2) 
(20) 

Now, if k i = Zf and k2 = Z r 

k( _Zf k-2 

kT Zrk-\ 
(21) 

In general, k-2 ^ k-\e~AH/RT since the preexponential fac­
tors are different. For the simple case of two atomic reactants, 
only the rotational partition functions need be considered, and 
if the system is Boltzmann we can write 

k-2 __ 8^kT1Xr2
2Jh2

 A H / P T = r£ AH/RT 

Jk_i 8^kTfIr1
2Zh2 r,2 (22) 

where r\ and r2 are the internuclear separations for transition 
states 1 and 2 respectively. Thus 

Ir 7 2 
K = — = £l^2-e-^HJRT — g-AH/RT 

kT Zrr\2 
(23) 

and the collisional terms vanish. For more complex systems, 
one needs to consider the vibrational partition functions as well. 
When done correctly this will give the correct AS0, but the 
same basic considerations regarding collision cross sections will 
still be valid. For some reactions the dynamics may not be 
statistical and/or the Langevin collision description may also 
be incorrect. The analysis given here is not appropriate under 
such circumstances. 

Conclusion 
We have demonstrated that our model gives good agreement 

with the experimental results for two more ion-molecule as­
sociation reactions, and we have predicted values for a third. 
Our results strongly support the idea that these three-body 
ion-molecule association reactions proceed via long-lived in­
termediate complexes in which the internal energy may be 
taken to be randomized. We have also shown that the term R 
In (Zf/Zr), proposed as a nonideal contribution to AS, is in no 
way an approximation to the configuration integral as claimed 
by Lias and Ausloos. At present, there is no reason to believe 
that the thermodynamic functions for ion-molecule equilibria 
cannot be adequately determined by assuming ideal-gas be­
havior. 
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Abstract: Hammett analysis of substituent effects on the kinetics of the hydroxide-promoted conversion of phosphonium salts 
(R4P+X~) into phosphine oxides (R3PO) and hydrocarbons (RH) supports a mechanism with a transition state that varies 
along the path for each class of R groups studied. An intermediate hydroxyphosphorus adduct (R4P-OH) that was originally 
proposed by Ingold is supported by kinetic and pH measurements. A kinetic analysis is offered to clarify previous mechanistic 
proposals. The hydrolytic lability of a new, reactive methyltris(perfluorophenyl)phosphonium salt is described. 

Introduction 

Reported herein are mechanistic interpretations of results 
from analysis of multiple substituent effects on the kinetics of 
hydrolysis of quaternary phosphonium salts in aqueous 
methanolic solutions. Studies concerning the effects of sub-
stituents on phosphorus ylides in Wittig reactions have led us 
to the observation that methyltris(pentafluorophenyl)phos-
phonium fluorosulfonate is hydrolytically extremely labile. 
Cleavage of this quaternary phosphonium salt to methyl-
bis(pentafluorophenyl)phosphine oxide and pentafluoroben-
zene occurs at room temperature with the addition of just 1 
equiv of water. In comparison, alkyltriphenylphosphonium 

O 
+ H5O I 

(C 6 F 5 J 3 PCH 3 O S O 2 F • (C 6 F 5 J 2 PCH 3 + C 6 F 5 H + H O S O 2 F 

salts are stable in aqueous solutions, as exemplified by ben-
zyltriphenylphosphonium bromide, which may in fact be re-
crystallized from water.2 The conditions normally required for 
the hydrolysis of these salts are added base and/or elevated 
temperatures.3 

In 1929, Marvel and Ingold2separately published the first 
mechanistic suggestions for the formation of phosphine oxides 
and hydrocarbons from phosphorus ylides and water, or qua­
ternary phosphonium salts and aqueous base, respectively. 
Ingold's detailed mechanism, in which initial hydroxide attack 
at the phosphorus was originally purported to be rate limiting 
(step 1), is given in Scheme I. Since this original mechanism 
was proposed, several other related mechanisms have been 
suggested and reviewed.3-7 Results largely from the work of 
McEwen and VanderWerf,6 Allen,7 and Hoffmann43 have led 
to the current belief that the mechanism for alkaline hydrolysis 
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