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The intensity of the charge-transfer band of 1-alkyl-4-cyanopyridinium iodides was used to estimate the contact
ion pair (CIP) concentration in a number of solvents. In several nonhydroxylic solvents with dielectric constant
between 4 and 6 the transition dipole moment is very similar, and these values have been averaged. This
average value was then used to estimate the intrinsic molar intensity of the CIP in other solvents. The
concentration dependence of the intensity of the charge-transfer band was used in a conventional equilibrium
formulation to estimate the total ion pair concentration. The solvent-separated ion pair (SSIP) concentration
was determined by difference. The results were tested by comparison with conductance measurements. In
2-propanol and in acetonitrile the agreement of ion pair formation constants is within experimental uncertainty.
However the agreement is poorer in triethyl phosphate and 2-butanol, with a discrepancy of a factor of 3 in
the last solvent. CIP:SSIP concentration ratios of 2:3 in trimethyl phosphate, 1:1 in acetonitrile, 3:2 in
1-propanol, 7:3 in 2-propanol, 2-butanol, and triethyl phosphate, 4:1 in tributyl phosphate, and still higher in
the other solvents were estimated. The CIP:SSIP ratio is in general agreement with that determined by Arnold
et al. (Arnold, B. R.; et al.J. Am. Chem. Soc.1996, 118, 5482) for radical ion pairs. However, the CIP:SSIP
ratio is an order of magnitude higher than that estimated by Peters and Li (Peters, K. S.; Li, B.J. Phys.
Chem.1994, 98, 401) for diphenylcarbonium chloride in acetonitrile. The difference is attributed to a difference
in operational definitions of “CIP”.

Speciation of 1-Alkyl-4-cyanopyridinium Iodides

Bjerrum1 first introduced the concept of ion pairs to account
for the behavior of ions in solvents with low dielectric constants.
The idea that contact ion pairs (CIP) and solvent-separated ion
pairs (SSIP) might coexist was introduced by Winstein and co-
workers2 and, independently, at about the same time, by Sadek
and Fuoss.3 It is extremely useful in explaining solvolytic and
other sorts of reactivity.4-7 However, despite the many papers
on the speciation of ion pairs and ion aggregates,8-13 it is still
hard to distinguish among CIP, SSIP, free ions, and higher
aggregates, when all may coexist in equilibrium.
Spectral changes resulting from the interconversion of ion

pairs have been well studied.14,15 The choice of solvent strongly
influences the equilibrium distribution of ion pairs. Relative
amounts of ion pairs are also somewhat sensitive to temperature
and the structure of the ions. Grunwald16 suggested that one
or both ions carry a solvation shell even in the ion pairs. At
large interionic separation the potential energy of the system
goes down continuously as the separation is reduced. However
the ions must shed some solvent in order to come into direct
contact. This increases the energy of the system and facilitates
the formation of two distinguishable species, the CIP and the
SSIP.8,17-20 Recent theoretical calculations on ion-paired
systems support the CIP/SSIP concept.21-24 For model systems
designed to mimic intermediate polarity aprotic solvents,
calculations suggest that the CIP is more abundant than the SSIP.
However, a local minimum in the radial dependence of the
potential of mean force, due to the SSIP, is clearly observed,
in addition to the CIP minimum. Molecular dynamics simula-
tions on the sodium chloride ion pair in water and in dimethyl
sulfoxide (DMSO) indicate that in DMSO, the CIP is much
stabler than the SSIP. However, such calculations indicate that

the SSIP is as stable as the CIP in water.25 Much additional
evidence is consistent with an equilibrium distribution between
CIP and SSIP.
Following Bagchi8 and Jordan and co-workers,17 we have

used the lowest frequency charge-transfer band of 1-alkyl-4-
cyanopyridinium iodides,1, to characterize the various ionic

species. In all the solvents of interest the lowest frequency
charge-transfer maximum of1 is well separated from theπ to
π* spectrum. In each solution we have fitted this band to a
lognormal equation and used this equation to obtain the
integrated area of the band. We have assumed that this band
is entirely due to the CIP and its aggregates. We have examined
the assumption that the integrated intrinsic area of this band is
medium-insensitive, and that variations in transition dipole,µe,
from one solvent to another, primarily reflect variations in the
abundance of the CIP. This assumption is clearly not exact,
but it seems intuitively reasonable, as does the resulting partition
of ion pairs into CIP and SSIP.
Our assumption is most likely to be valid if the CIP can be

regarded as dipoles, interacting with a dielectric continuum. To
test this model, the spectrum of Reichardt’s betaine dye,2, was
determined in a number of solvents, spanning the full range of
permittivities used in this study. The geometry of2 is fixed,
removing one possible cause of variability inµe. The solvent
sensitivity ofν0 for 2 is greater than for1.26 In nonhydroxylic

† Present address: Lever Brothers Co., 45 River Road, Edgewater, NJ
07020.

* To whom correspondence should be addressed.
X Abstract published inAdVance ACS Abstracts,February 1, 1997.

1774 J. Phys. Chem. A1997,101,1774-1781

S1089-5639(96)03886-8 CCC: $14.00 © 1997 American Chemical Society



solvents there is a reasonably good linear relation betweenν0
for 2 and a dielectric measure of solvent polarity.27 For1 such
a relation is also observed. These observations tend to support
our assumption aboutµe, at least as it applies to nonhydroxylic
solvents.
Kochi and co-workers have shown that the charge-transfer

spectra of 4-(carboxymethyl)-1-methylpyridinium iodide and
two related compounds are similar in dichloromethane solution
and in the crystalline state.28,29 They draw the important
conclusion that the interionic distance is very similar in the two
states. It seems likely that the interionic distance in substituted
pyridinium iodide CIPs will be similar in any solvent. Higher
permittivity solvents will tend to separate the charges, but
the CIP will be converted to a SSIP if very much separation
occurs.
Recently, Arnold and co-workers30 reported the relative and

absolute free energies of interconversion of contact and solvent-
separated radical-ion pairs derived fromp-xylene and 1,2,4,5-
tetracyanobenzene in solvents with dielectric constants ranging
from 7 to 25. In solvents of dielectric constant less than 7,
they reportKeq for the conversion of CRIP to SSRIP to be less
than 0.1, that is, more than 90% of the ion pairs are CRIP. At
a dielectric constant of ca. 13, the free energies of the two
radical-ion pairs become approximately equal (Keq= 1,∼50%
of the ion pairs are CRIP). These results are in general
agreement with the work described in this paper.
Peters and Li31 studied the picosecond dynamics of CIP and

SSIP interconversion in the photosolvolysis of diphenylmethyl
chloride in acetonitrile. They report rate constants for CIP sepa-
ration to the SSIP (2.87× 109 s-1) and SSIP return to the CIP
(1.31× 108 s-1). From this information, an equilibrium constant
of 20 was determined for the conversion of CIP to SSIP. About
4% of ion pairs exist as CIP. This is an order of magnitude
less than the fraction of CIP which we estimate here and in a
recent, related publication.32 The discrepancy is now attributed
to an important difference in the operational definitions.

Experimental Section

Electronic spectra were obtained with a Milton Roy Spec-
tronic 3000 diode array spectrophotometer with a diode spacing
of 0.38 nm per diode. Cylindrical cells of 0.20, 2.00, 5.00,
and 10.00 cm path length were used.
The iodide ion of1 is sensitive to air oxidation, giving I3-

and, presumably, oxygen-derived anions. To avoid oxidation,
the solvents were degassed with N2 before use and up to 3×
10-2 M thiol (usually dodecanethiol) was incorporated as an
O2 scavenger.32,33 The concentration of thiol had no affect on
the frequency of maximum absorbance up to about 5× 10-2

M. Triiodide has an intense absorption at 365 nm. Any samples
that showed evidence of I3

-, based on visual inspection of the
spectra, were discarded.

In each spectrum the long-wavelength charge-transfer band
of 1was fitted to an analytical lognormal expression to facilitate
calculation and comparison. This was done by proceedures that
minimize the variance between the experimental and analytical
absorbances over the whole charge-transfer band, while con-
strainingν0, the frequency of maximum absorbance, to optimize
the fit in the near neighborhood of the maximum. These
proceedures have been described previously.32,34-36 The average
difference between experimental and calculated absorbances was
about 0.4%.
Conductance measurements were made with conventional

apparatus and techniques which have been previously de-
scribed.32

Ion Pair Equilibria. Instead of determiningKA usingε0,37-39

we have used the molar integrated intensity of the long-
wavelength charge-transfer transition. For the equilibria

The overall association constant,KA, is given by

For the solution in which the pyridinium iodide is the only
solute, [Py+] ) [I-], and the mass balance equation gives

Rearranging eqs 3 and 4 gives

The apparent molar intensity,I, of the long-wavelength charge-
transfer band was assumed to be given by

whereIM is the intrinsic molar intensity of the contact ion pair.
Substituting eq 5 into eq 2 and rewriting with the substitutions

given in eq 6 give eq 7, which relates measured quantities to
two independent parameters,KA and the product,IMfCIP:

It is not possible to separateIM and fCIP without further
approximation or assumptions.
Equation 7 was used to determine best values ofIMfCIP and

KA. All suitable spectra in a given solvent were used.
Parameters were selected by iteration so as to minimize the sum
of the squares of the discrepancies between all observed and
calculatedI values. The activity coefficients of ions by the
Debye-Hückel theory,40-42 with the radius,R, given by
Bjerrum’s characteristic distance,35,43,44 were used. Ion pair
activity coefficients were taken as 1.0. These assignments are
suspect, and some of their possible consequences in comparing
association constants based on conductance with association
constants based on spectroscopic measurements are discussed
in our recent paper35 and below. The resulting values ofKA

Py+,I-

CIP
y\z
Ki
Py+//I-

SSIP
y\z
Ks
PY+ + I-

free ions
(1)

KA )
[CIP] + [SSIP]

γPy+[Py
+]γI-[I

-]
(2)

C0 ) [Py+] + [CIP] + [SSIP] (3)

fCIP )
[CIP]

[CIP] + [SSIP]
(4)

C0 ) [P+] + [CIP]/fCIP (5)

I )
IM[CIP]

C0
(6)

IC0 )
IMfCIP

γ(
2 [(γ(

2C0 + 1
2KA) - (γ(

2C0

KA
+ 1

4KA
2)0.5] (7)

Speciation of 1-Alkyl-4-cyanopyridinium Iodide J. Phys. Chem. A, Vol. 101, No. 9, 19971775



and IMfCIP are given in Table 3. They do not depend on the
assumption thatµe is solvent-independent. They only require
that IM be concentration-independent.
Evaluation of fCIP. An independent method was needed to

determineIM andfCIP in each solvent of interest. To solve this
problem, fCIP was assumed to be unity in a number of low-
permittivity solvents and the transition dipole of the charge-
transfer band,µe, was assumed to be independent of solvent.
IM is related toµe according to eq 8.45,46 Theoretical work by

Mulliken47 and by Demtro¨der48 suggests thatµe should be
constant if the structure of the chromophore is constant. For
charge-transfer transitions in 1-alkyl-4-cyanopyridinium iodides,
we also expect thatµe is approximately independent of the alkyl
group, as long as the alkyl group does not block access of the
iodide to the ring. The acceptor orbital is an unoccupiedπ
orbital. The effect of alkyl groups on neighboring functional

groups is small and roughly independent of the nature of the
alkyl group.49 The best value ofµe was obtained by averaging
the values for a group of low-permittivity solvents, in which it
was approximately constant.
For each higher permittivity solvent the values ofIM was

obtained from eq 8 usingµje from the low permittivity solvents.
(The difference betweenνj andν0 is discussed below). Using
eq 6,C0, and the experimentally measured intensity,I, then gave
[CIP] at each concentration. FromC0 andKA the total ion pair
concentration, [CIP] plus [SSIP], was obtained, andfCIP was
obtained from its definition, eq 4.

Results and Discussion

In solvents of low permittivity (dielectric constant less than
7) it is very unlikely that there is any significant fraction of
SSIP or dissociated ions.50 This assumption is supported by
the recent study of radical ion pairs by Arnold and co-workers,30

who reported that in solvents of dielectric constant less than 7,
more than 90% of the ion pairs exist as CIP. At concentrations
above∼3 × 10-5 M there is a gradual increase inI′M, the
experimentally measured intensity, and a tendency forI′M to
level off at concentration well above 10-3 M. The increase in
I′M is accompanied by an increase inν0. Two examples of the
increase in intensity are shown in Figure 1. The gradual increase
and ultimate leveling can be regarded as the consequences of
aggregation, with the monomer and the dimer as the only
significant species at concentrations below∼3× 10-4 M.34 At
concentrations below∼2× 10-5 M, we were unable to obtain
reproducible data. To obtainIM, the molar intensity of the
unaggregated ion pair, from the data we have used a formalism
based on an ion pair monomer-dimer equilibrium. (The dimer
is a quadrupole.) The molar intensities of the ion pairs in
isolation, IM, and in the dimer were treated as parameters.

TABLE 1: Transition Dipole Moment, µe, Determined from Eq 8, for the 1-Alkyl-4-cyanopyridinium Iodide Long-Wavelength
Charge-Transfer Transition

solventa D ν0/104 (cm-1) νj0/104 (cm-1) IM/106 (M-1cm-2) µe
f µe

g

anisoleb 4.33h 1.839 1.910 6.79 1.84 1.81
anisolec 4.33 1.839 1.900 6.89 1.85 1.82
anisolec,d 4.33 1.830 1.878 6.91 1.86 1.84
butyl acetatec 4.94h 1.868 1.939 7.94 1.97 1.94
butyl acetatec,d 4.94 1.869 1.947 7.69 1.94 1.90
chlorobenzeneb 5.62h 1.780 1.859 8.84 2.14 2.09
chlorobenzenec,e 5.62 1.764 1.807 9.30 2.20 2.17
ethyl benzoateb 5.91h 1.921 1.972 6.11 1.71 1.69
ethyl benzoateb,d 5.91 1.922 1.976 6.25 1.73 1.70
trioctyl phosphatec 4.5j 1.839 1.900 6.95 1.86 1.83
p-chlorotoluenec 6.08h 1.770 1.824 6.72 1.87 1.84

a In these solvents, we believe that all ion pairs are CIP and thatI ) IM. b 4-Cyano-1-(3,7-dimethyloctyl)pyridinium iodide.c 4-Cyano-1-(2-
ethylhexyl)pyridinium iodide.dAdded salt: tetra-n-heptylammonium iodide.eAdded salt: 4-cyano-1-(2-ethylhexyl)pyridinium perchlorate.f Calculated
from eq 8, subsitutingν0 for νj. gCalculated from eq 8, usingνj. hReference 72.j Reference 73.

TABLE 2: Transition Dipole Moment, µe, Determined from
Eq 8, for the Long-Wavelength Charge-Transfer Transition
of Reichardt’s Betaine Dye (2)

solvent
C0× 105

(M)
ν0/104
(cm-1)

I/107

(M-1 cm-2)
µe

a

(from ν0)

chlorobenzene 15.95 1.310 1.507 3.25
ethyl benzoate 105.1 1.334 2.936 4.49
triethyl phosphate 118.9 1.440 2.382 3.90
acetone 124.7 1.482 2.608 4.02
2-butanol 113.8 1.640 2.408 3.67
acetonitrile 115.3 1.652 2.111 3.42
2-propanol 126.9 1.681 1.695 3.04
methanol 113.8 1.926 1.851 2.97

aCalculated from eq 8, substitutingν0 for νj.

TABLE 3: Best-Fit Values of KA and fCIP Using Eqs 7 and 8

solvent D KA (M-1) IMf (M-1 cm-2) ν0 (cm-1) fCIPa νj (cm-1) fCIPb

tributyl phosphated 8.10e 1.28× 106 ( 4.1× 105 6.18 1.971 0.79 2.057 0.78
triethyl phosphatec 13.05f 2.51× 103 ( 360 8.62 2.088 1.04 2.148 1.05
triethyl phosphated 13.05 6.93× 103 ( 114 5.56 2.088 0.67 2.148 0.68
2-butanolc 15.8e 2.09× 104 ( 700 5.29 2.455 0.54 2.489 0.55
2-butanold 15.8 6.74× 103 ( 120 6.79 2.455 0.70 2.489 0.71
2-propanolc 19.41g 4.45× 103 ( 48 6.98 2.507 0.70 2.581 0.71
2-propanold 19.41 4.94× 103 ( 590 6.75 2.507 0.68 2.581 0.68
1-propanold 20.33h 1.19× 103 (10.6 5.86 2.560 0.58 2.623 0.58
trimethyl phosphated 21.26i 271( 6.4 3.60 2.239 0.44 2.344 0.44
acetonitrilec 36.7e 88.3( 4.7 3.22 2.313 0.35 2.366 0.36
acetonitriled 36.7 57.2( 1.4 4.40 2.313 0.48 2.366 0.48

aObtained usingν0 in eq 8, in place ofνj. bObtained from eq 8, as written.c KA is fixed at the conductance value andIMfCIP is the only adjustable
parameter in eq 7.d BothKA andIMfCIP are adjustable parameters in eq 7.eReference 72.f Reference 74.gReference 44.hReference 75.i Reference
76.

IM ) νj(µe/0.0958)
2 (8)
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Modeling the results with a monomer-dimer formalism is the
equivalent of fittingI′M to the first two terms of an even-power
series inC0. This would be likely to approximate the results
even if the model was not correct, and it is used, here, only to
extract the value ofIM. A more detailed description of this
model and its fit to the experimental data is discussed
elsewhere.34 Figure 1 shows typical fits of the formalism to
the data. Equation 8 was used to calculateµe from IM.The
resultant values ofIM andµe for low-permittivity solvents are
shown in Table 1.
It can be seen that the derived values ofµe are fairly constant,

despite a substantial variation of solvent types and alkyl groups.
However, the scatter is larger than the expected experimental
error, which is around 5%, and it was concluded thatµe is only
approximately constant. The average value ofµe, µje, determined
from eq 8, is 1.87 M-1/2 cm-1/2, with a standard deviation from
the mean of 0.14. Ifν0 is used instead ofνj, µe, is essentially
the same, 1.91 M-1/2 cm-1/2, again with a standard deviation
of 0.14. The results in Table 1 suggest thatµe may show a
small, systematic decrease with increasingν0. It is not possible
to determine if this trend is real, because the choice of solvents
is very limited. Solvents used to determineµe were required
to have a dielectric constant less than 7. In many such solvents
the probes were not adequately soluble. If real, the trend is
slight andIM can probably be estimated in other solvents using
µje, with an uncertainty of∼10%. However great significance
should not be ascribed to small differences between calculated
and observed values.
To test our assumption thatµe is constant in the absence of

solvent separation and ion dissociation, Reichardt’s betaine dye,
2, was studied in a variety of solvents. Like1, 2 has a strongly
solvatochromic charge-transfer transition, but the donor and
acceptor are connected by a rigid, covalent framework, so that
the structure of the chromophore cannot vary from one solvent
to another, and neither dissociation nor solvent separation can
occur. Despite this constraint, some scatter and possibly a
systematic trend to lower values ofµe with increasingν0 were
observed, as shown in Table 2. Analysis of the results of Kjaer

and Ulstrup reveals a similar trend.51 The apparent intensity is
very sensitive to certain oxidizing impurities in the solvents,
and there is some loss of intensity with time.35 These problems
may account for some or all of the scatter, although we have
tried to minimize them in the usual ways. The apparent decrease
in µewith increasingν0 may be due to intensity transfer between
the charge-transfer band andπ f π* transitions. It may also
be an indication thatµe has some solvent dependence. Despite
these problems, it is clear that the large falloff in intensity that
occurs for1 in ion-separating solvents is absent in2. The
smallest observed values ofµe, 3.0, for methanol and 2-propanol,
are∼0.8 of the average of the chlorobenzene and ethyl benzoate
values. And no anomalously high values ofIM and µe were
observed in highν0 solvents. We conclude that estimates of
the intrinsicµe of 1 in ion-separating solvents based on the
average of values in less polar solvents are uncertain by∼20%,
and such estimates are more likely to be high than low. This
will still permit us to make useful estimates of the relative
abundance of contact ion pairs and solvent-separated ion pairs
of 1 in ion-separating solvents.
A dielectric measure of solvent polarity is given by

whereD is the static dielectric constant andn is the optical
refractive index of the solvent. This reaction field factor comes
from dielectric continuum theories of solvatochromic shifts52-57

and has been discussed in detail in a recent article by Horng et
al.58 A linear relationship betweenν0 andF indicates that the
solute dipole moment between the ground and excited states
remains unchanged as a function of solvent. Figures 8 and 9
show the data for1 and2, respectively. These plots show that
in nonhydroxylic solvents there is a reasonable linear relation-
ship betweenν0 andF for both the betaine and the pyridinium
iodide. This indicates that the structure of the two chromophores
do not change in these solvents. These observations support
our assumption thatµe, for the alkylpyridinium iodide, is
independent of solvent, at least as it applies to nonhydroxylic
solvents.
The values ofKA andfCIP in dissociating solvent were derived

from the decrease inI on dilution, using eq 7. In the most
dilute 2-propanol solutions, for example,I reaches a value only
∼30% of IM and dissociation is clearly significant. The two
parameters of eq 7,KA and the product,IMfCIP, were adjusted
so as to minimize the squares of the discrepancies between

Figure 1. log C0 vs I for 4-cyano-1-(2-ethylhexyl)pyridinium iodide
charge-transfer spectra in anisole and for 4-cyano-1-(3,7-dimethyloctyl)-
pyridinium iodide in chlorobenzene. For anisole× are from the
lognormal best fit of the experimental spectra at each concentration.O
are from the lognormal best fit of the calculated spectra determined
from an ion-pair monomer-dimer equilibrium formalism with the
equilibrium constant equal to 1.19× 103 M-1. For chlorobenzene0
and2 are the experimental and calculated values, respectively, with
the equilibrium constant equal to 1.25× 103 M. In both cases, the
calculated spectra were obtained by adding the contributions of the
monomer and the dimer to the charge-transfer band. The lognormal
parameters of the monomer and of the dimer were treated as
concentration-independent parameters and adjusted to optimize the fit,
as described in the text.

Figure 2. I vs log C0 for 4-cyano-1-(3,7-dimethyloctyl)pyridinium
iodide in triethyl phosphate.× are experimental data.0 best fit of eq
7 with KA and IMfCIP as adjustable parameters.O best fit of eq 7 with
KA determined by conductance.

F(D,n) ) D - 1
D + 2

- ν2 - 1

ν2 + 2
(9)
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calculated and observed values ofI. The quality of the fits
obtained are shown in Figure 2-5. The parameters are given
in Table 3.
The presentKA value in 2-propanol, 4.9× 103 M-1 can be

compared with the value, 3.2× 103 M-1, which can be
calculated for 1-ethyl-4-cyanopyridinium iodide from the results
of Mackay and Poziomek.59 Mackay and Poziomek ignored
activity coefficients. Ignoring activity coefficients in eq 7 leads
to a value of 3.9× 103 M-1, which is even closer to the Mackay

and Poziomek result. Mackay and Poziomek59 obtained 96 M-1

for KA in acetonitrile. This can be compared to the present
value of 58 M-1 (88 M-1 if activity coefficients are ignored).
These appear to be the only available comparisons with previous

Figure 3. I vs log C0 for 4-cyano-1-(3,7-dimethyloctyl)pyridinium
iodide in 2-propanol.× are experimental data.0 best fit of eq 7 with
KA and IMfCIP as adjustable parameters.O best fit of eq 7 withKA

determined by conductance.

Figure 4. I vs log C0 for 4-cyano-1-(3,7-dimethyloctyl)pyridinium
iodide in acetonitrile.× are experimental data.0 best fit of eq 7 with
KA and IMfCIP as adjustable parameters.O best fit of eq 7 withKA

determined by conductance.

Figure 5. I vs log C0 for 4-cyano-1-(3,7-dimethyloctyl)pyridinium
iodide in 2-butanol.× are experimental data.0 best fit of eq 7 with
KA and IMfCIP as adjustable parameters.O best fit of eq 7 withKA

determined by conductance.

Figure 6. O I vs logS0 for 4-cyano-1-(3,7-dimethyloctyl)pyridinium
iodide in chlorobenzene, with tetra-n-butylammonium iodide as the
added salt. The pyridinium iodide concentration is 2.407× 10-5 M
for all solutions.0 I vs log S0 for 4-cyano-1-(3,7-dimethyloctyl)-
pyridinium iodide in tributyl phosphate, with tetra-n-butylammonium
iodide as the added salt. The pyridinium iodide concentration is 3.159
× 10-5 M for all solutions.

Figure 7. O are the free energy of formation of SSIP from CIP vs the
recipricol of solvent dielectric constant (in debyes). The best linear fit
to the data is∆G ) -0.026+ 0.65 (1/D). ∆ are the equilibrium
constantsKSSIP/CIP(Ki in eq 1) vs 1/D. The ordinate scale is the same
for both sets of data.

Figure 8. ν0 vs the reaction field factorF(D,n) for 1-alkyl-4-
cyanopyridinium iodide.b are the values in nonhydroxylic solvents.
O are in hydroxylic solvents. The line drawn through the filled circles
is ν0 ) 15 310 cm-1 + 1.034F(D,n) with R ) 0.89.
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results for 1-alkyl-4-cyanopyridinium iodides. The agreement
appears to be quite satisfactory.
Among the solvents listed in Table 3, the one supporting the

least dissociation is tributyl phosphate, which gives only about
15% dissociation at a concentration around 3× 10-5 M. These
are the most dilute in which we regard the results as reliable.
Nevertheless, because of the large number of self-consistent data
(85 points) and because addition of tetrabutylammonium iodide
to dilute solutions of1 in tributyl phosphate causes an increase
in I (discussed below) we believe that the apparent dissociation
is real.
To further test ourKA values, comparison values have been

obtained from conductance for four of our solvents using the
Lee and Wheaton equations.40-42 The comparison is shown in
Table 3. In addition, the experimental intensities were fitted
to eq 7 using the conductance basedKA and adjusting only
IMfCIP. The quality of the fits is shown in Figures 2-5 and
compared with the fits obtained when both parameters were
adjusted. For 2-propanol and acetonitrile the fits are almost
equally good. The twoKA values are somewhat discrepant in
acetonitrile, but the fit of the intensity values to eq 7 is
insensitive to the difference because little association occurs.
In triethyl phosphate and, particularly, 2-butanol the calculated
plots show significant deviations from the experimental results
when the conductanceKA values were used. In these solvents
the probe is significantly associated at all concentrations and
the best spectrophotometric value ofKA differs substantially
from the conductance value.
While the disagreement between the spectrophotometric and

conductance results is probably too large to be explained only
in terms of activity coefficients, errors in activity coefficients
could be quite significant since the ionic concentrations were
not the same in the two types of experiments.43,60-63 There
are comparisons in the literature betweenKA values determined
from spectrophotometric and conductance data. In some cases,
the agreement is good. Gilkerson43,44,64determinedKA values
for group I picrates and tetraphenylborates in 2-butanone and
group I picrates in 2-propanol using both spectrophotometric
and conductance data and found the disagreement to be less
than 20% in most cases. In other cases, where the spectroscopic
KA has been determined by NMR, there is disagreement by at
least a factor of 2 between the spectroscopic and conductance
values.43,65-67 The significance of such differences has been
discussed by Gilkerson and Kendrick.43

In the present case there are additional possible sources of
error. In deriving eq 7, it was assumed that the ratio of CIP:

SSIP remains constant over the entire concentration range
studied. Interaction of the ion pairs with neighboring ions or
dipoles may promote the conversion of CIP to SSIP. The
Debye-Hückel equation ignores ion-dipole interactions and
leads to the assumption that activity coefficients for ion pairs
are unity in dilute solutions. This assumption is highly suspect.
Ion pair activity coefficients can be substantially less than unity
at low concentrations in weakly polar solvents.34 Ion-dipole
and dipole-dipole interactions also increase the intrinsic
intensity of the charge-transfer absorption band, which has the
effect of increasing the spectroscopicKA. For triethyl phosphate
the spectrophotometric value ofKA is clearly preferable to the
conductometric value, since the latter leads to unacceptable
values offCIP. For 2-butanol, we have less basis for preference.
The fCIP would be expected to be larger for 2-butanol than for
2-propanol because the functional group is the same and
2-butanol has a lower dielectric constant. Therefore, for
2-butanol, the spectrophotometric value ofKA is probably also
preferable to the conductometric value. In any event, the
conductance-based values ofKA tend to confirm the conclusion
thatfCIP is generally between 0.3 and 1.0 and does not decrease
rapidly with increasing permittivity of the solvent.
To furthur test the foregoing ideas, spectra were also made

from solutions containing low, fixed concentrations of1, and
varying concentrations of tetrabutylammonium iodide (TBAI)
in chlorobenzene and tributyl phosphate. The results are shown
in Figure 6. They show changes with total salt concentration
very similar to those seen when the concentration of1 is raised.
With the larger concentration range made possible by the greater
solubility of TBAI it becomes clear that spectra made from
solutions in tributyl phosphate show trends in the same directions
as those from chlorobenzene solution. The increases inI at
higher salt concentrations are attributed to interactions between
ion pairs,32,35 which are most simply regarded as higher
aggregation. However, addition of TBAI to very dilute solutions
of 1 in tributyl phosphate also increasesI. There is roughly a
20% increase inI when the total salt concentration increases
from 3 × 10-5 to 3 × 10-4 M. Higher agregation seems
intuitively unlikely in such dilute solutions in a solvent with a
polar functional group. We believe this increase at low
concentrations is primarily due to the suppression of dissocia-
tion, as indicated above. In solvents such as chlorobenzene,
with very low dielectric constants, theory anticipates very large
values ofKA and very small fractions of free ions.10,68 The
increase inIM with salt concentration makes it impossible to
reliably interpret small changes inI. Together, these factors
make it impossible to determineKA spectrophotometrically in
such solvents.
Theory suggests that SSIP are more prevalent in hydroxylic

solvents than in nonhydroxylic solvents of comparable permit-
tivity.25 However,fCIP which were determined from eqs 7 and
8 and are shown in Table 3, show no such trend. Earlier work
provides convincing evidence for the existence of SSIP.3-7

Theory25 and intuition suggest thatfCIP should decrease, and
the relative abundance of SSIP should increase, as the permit-
tivity of the solvent increases. Figure 7 provides support for
this idea. There is probably some functional group specificity
as well.69

Both the integrated intensity and the frequency of the low-
energy charge-transfer transition increase with increasing elec-
trolyte concentration, particularly in solvents of low permittivity.
These effects have been attributed to electrostatic interaction
between ion pair dipoles.32 These interactions are dominated
by the interactions of very near neighbors,32 and they can be
regarded as due to aggregation, which we have done, above, in

Figure 9. ν0 vs the reaction field factorF(D,n) for Reichardt’s betaine
dye.b are the values in nonhydroxylic solvents.O are in hydroxylic
solvents. The line drawn through the filled circles isν0 ) 12 860 cm-1

+ 0.3560F(D,n) with R ) 0.82. The data are taken from Kjaer and
Ulstrup.51
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calculatingµe. Table 4 shows the slope of plots ofIM vsν0 for
1-alkyl-4-cyanopyridinium iodides for several low permittivity
solvents. The upper limit of the slope appears to be∼5000
M-1 cm-1. Equation 8 predicts thatIM increases asνj (or,
presumably,ν0) increases, but (µe/0.1)2, the slope predicted by
eq 8, is∼400 M-1 cm-1, so the increase inνj is not the major
cause of the increase inIM. A detailed model of these
interactions will be discussed in a future paper. To evaluate
the possible effect of an increasingIM on the calculated values
of fCIP we have replacedIM with IM + 5000∆ν0 in eq 7. This
allows for an upper-limit estimate of the changes inKA and
fCIP due to electric field effects. These results are presented in
Table 5. Generally there is only a slight increase inKA and a
decrease infCIP of only a few percent.
Another possible source of systematic error in the calculated

values offCIP andKA is the assumption thatfCIP is unchanged
by increasing the electrolyte concentration. This assumption
is highly suspect because the average probe dipole is expected
to become larger as the interaction between the probe and the
near-neighbor electrolytes increases. The SSIP has a larger
dipole than the CIP, and therefore increasing the electrolyte
concentration should favor the SSIP. In terms of eq 7,fCIP is
expected to decrease with increasing electrolyte concentration.
To put this effect in perspective, it was assumed that thefCIP
decreases by 10% over the concentration range studied. That
is, in eq 7,fCIP has been replaced withfCIP(1 - 0.10C0/C0,max),
whereC0,max is highest concentration of the probe studied in a
given solvent. We then recalculatedKA andfCIP. These results
are also presented in Table 5. The calculation with the new
formulation offCIP appears to reproduce the experimental data
equally well and gave somewhat higher values offCIP. However,
our qualitative conclusions would be unchanged.
Figure 7 shows a plot of∆G (from Ki in eq 1) vs 1/D for the

formation of SSIP from CIP. The SSIP/CIP ratio is sensitive
to the solvent dielectric constant, in accord with the predictions
of Weller.70 The slope of the plot is 0.65. This result can be
compared to a value of 0.96 that can be calculated from the
data of Arnold et al.30 These results indicate that the slope is
sensitive to either the structure of the probe or the nature of the
solvents, or both. Since the size and molecular weight of the
probes are similar, it would suggest that the continuum dielectric
theory is oversimplified. Also, the uncertainties in the equi-
librium constants are large enough to account for some of the

difference in the slope. Considering the different systems and
methodologies used, we consider the agreement to be very
satisfactory.
The present results disagree, by an order of magnitude, with

the conclusions of Peters and Li,31 who studied the picosecond
dynamics of the photosolvolysis of diphenylmethyl chloride in
acetonitrile. Their reported rate constants givefCIP∼ 0.04. The
ions involved are different, but the ion pair molecular weights
are similar, and electrostatic interaction should not be very
structure-specific. We believe that the major source of the
disagreement between our results and those of Peters and Li is
the use of different working definitions of a CIP. Peters and
Li count as CIP only those species that can collapse directly to
the neutral molecule without a diffusion step. This is similar
to Winstein’s definition of a CIP.2 This requires that the ions
not only be in contact but be correctly positioned to form a
covalent bond. Our definition of a CIP counts those species
that contribute to the intensity of the charge-transfer band. It is
calibrated by comparison with the intensity observed in low
dielectric constant solvents, where we have assumed that all
species present are CIP. This is probably more similar to the
conductance definition of a CIP.40-42,71 It counts as CIP all
ion pairs that do not have any solvent between the cation and
the anion. As the positive charge on the diphenylmethyl cation
is delocalized over the aromatic groups, it is reasonable to
believe that chloride ion in contact with the cation is also
delocalized over these groups. Such chloride ion is not in a
position to collapse to the neutral molecule without a prior
diffusion step. Thus, Peters and Li count as SSIP species that
we would identify as CIP.

Conclusions

We have evaluated the ion association constant,KA, for
1-alkyl-4-cyanopyridinium iodides from the variation in the
molar intensity of the charge-transfer transition with concentra-
tion in a number of solvents. However, in solvents of low
dielectric constant the effect of dissociation cannot be distin-
guished from other effects and/or experimental artifacts. A
nonlinear concentration dependence of this intensity shows the
presence of a substantial concentration of free ions in solvents
of higher permittivity. Tributyl phosphate gives similar evidence
of dissociation, but only at lower concentrations. Solvents of
higher permittivities also give apparent molar intensities below

TABLE 4: Slopes of Plots of I vs ν0 for 1-Alkyl-4-cyanopyridinium Iodides in the Indicated Solvent

solvent ∆I/∆ν0 (M-1 cm-1) ∆C× 104 (M) solvent ∆I/∆ν0 (M-1 cm-1) ∆C× 104 (M)

anisolea 4330 1.5 chlorobenzenea 4810 2.6
anisoleb 3490 13 chlorobenzeneb,d 4730 5.2
anisoleb,c 2230 13 ethyl benzoatea 2340 5.7
butyl acetateb 2920 5.4 ethyl benzoatea,c 2900 9.1
butyl acetateb,c 2850 8.7 trioctyl phosphateb 4370 2.4

a 4-Cyano-1-(3,7-dimethyloctyl)pyridinium iodide.b 4-Cyano-1-(2-ethylhexyl)pyridinium iodide.c Added salt: tetra-n-heptylammonium iodide.
d Added salt: 4-cyano-1-(2-ethylhexyl)pyridinium perchlorate.

TABLE 5: Best-Fit Values of KA and fCIP Using Modifications to Eq 7

solvent KA
a (M-1) fCIP KA (M-1) fCIP KA (M-1) fCIP

method Aa Aa Bb Bb Cc Cc

tributyl phosphate 1.28× 106 0.78 5.34× 106 0.68 6.23× 105 0.84
triethyl phosphate 6.93× 103 0.68 1.03× 104 0.53 596 0.73
2-butanol 6.74× 103 0.55 7.41× 103 0.68 5.49× 103 0.78
2-propanol 4.94× 103 0.68 5.22× 103 0.67 4.10× 103 0.75
1-propanol 1.19× 103 0.58 1.23× 103 0.56 1.02× 103 0.64
trimethyl phosphate 271 0.44 284 0.39 235 0.50
acetonitrile 57.2 0.48 64.1 0.43 40.0 0.67

a BothKA and IMf are adjustable parameters in eq 7. These values are the same as those given in Table 3.b Equation 7 withIM replaced byIM
+ 5000∆ν0. c Equation 7 withfCIP replaced byfCIP(1 - 0.10C0/C0,max).
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the average of less polar solvents at high ion pair concentration.
This is regarded as evidence for the presence of solvent-
separated ion pairs (SSIP). Ion pair association constants,KA,
and fractions of contact ion pairs (CIP) were determined in a
number of solvents. The CIP:SSIP concentration ratio is about
2:3 in trimethyl phosphate, 1:1 in acetonitrile, 3:2 in 1-propanol,
7:3 in 2-propanol, 2-butanol, and triethyl phosphate, and 4:1 in
tributyl phosphate and is still higher in other solvents. The effect
of electrolyte concentration on the ratio of CIP:SSIP, ignored
in the determination of the above results, can lead to significant
errors in this ratio and will most likely result in ratios that are
larger than those given above. We would like to emphasize
the qualitative nature of the results.
These results are in agreement with the experimental work

of Arnold and co-workers.30 They are also in general agreement
with the theoretical work of Hynes and co-workers23 and that
of Madusoodanan and Tembe.25 Their calculations indicate that
in these solvents the CIP will be significantly more abundant
than SSIP.
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(46) Jaffé, H. H.; Orchin, M.Theory and Applications of UltraViolet

Spectroscopy; John Wiley and Sons: New York, 1962.
(47) Mulliken, R. S.J. Chem. Phys.1939, 7, 14.
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