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PREFERENTIAL SOLVATION IN KINETICS
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Metal Ions Group, Chemistry Department, Carleton University,
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Abstract - An approach to solvent effects in kinetics of reactions slower than dif-
fusion control is considered based on the partition of the reaction into an en-
counter equilibrium and a first order rate process for rearrangement of the en-
counter complex. Solvent effects are partitioned into those relating to encounter
equilibria and those relating to the rate process. The distribution of solvent
molecules at equilibrium is discussed in terms of NMR derived preferential solva-
tion data and complex formation reactions of various Cr(III) and Ni(II) species

are used as specific illustrations.

INTRODUCTION

The purpose of this paper is to attempt a generalized account of solvent effects in kinetics
developed from our experience with complex formation reactions in non-aqueous and mixed sol-
vents and strongly influenced by our NMR measurements of "preferential solvation". The first
observation about complex formation is the remarkable scope of equation (1).
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where MS6 represents a solvo complex, L a ligand, KE an equilibrium constant for formation

of an outer sphere complex (or encounter species) and k is a first order rate constant.

It has been observed by several authors (see citations in Ref. 1) that it is no
surprise to find equation (1) general. Not complex formation but only bimolecularity is re-
guired. Any reaction in solution which occurs at overall rates significantly less than dif-

usion limits allows for the diffusjonal encounter of the reactants to be treated as a
pseudo-equilibrium foTTowed by a slow step which is characterizable by a first order rate
constant and amounts to a "unimolecular'rearrangement of the encounter complex. This
point has been recognized explicitly in the theory of complex formation, and implicitly in
the theory of electron transfer in solution (2).

Solvent effects in kinetics are of two sorts, therefore there are effects on K
and there are effects on k. Now, since KE is an encounter equilibrium constant, the
theory of effects thereupon is a theory “~of equilibrium effects.

E

SOLVENT EFFECTS ON K¢ »

This is a well studied problem when reactants are ions. It is equivalent in that case to
solvent effects on ion pairing. Most theories have been of the "brass ball in a bathtub"
sort where the ions are treated as conducting spheres and the solvent is a continuum charac-
terized by one parameter - bulk dielectric constant. This approach has had many successes
and some failures. A good example of failure is the rate of change of the rate of formation
of the complex of murexide with Ni(II) in dimethylsulfoxide (DMSO? as unreactive CH3N02 is

added (Fig. 1). The acceleration caused by CH3N02 cannot be due to change of dielectric

constant. Neither can it be explained by competition+between DMSO and murexide for an in-
termediate of reduced coordination number [Ni(DMSO)52 ] since that requires a plot linear

in the reciprocal of DMSO concentration (3). Instead, this is an example of equation (1)
where KE is sensitively dependent upon solvent, probably because the highly polarizable

murexide anion is more strongly solvated in bulk by DMSO than CH3N02.

When a reactant is a solvent molecule, ion péiring is no longer the relevant
theory. In this case, knowledge of KE is equivalent to knowledge of the extent of preferen-

tial solvation. The probability that a solvent molecule occupies a reaction site in en-
counter with a reactive solute will be proportional to the probability that it reacts (hence
rate). We use that parameter n/no where n is the number of a particular type of solvent
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molecules in encounter with a solute in a mixed solvent and nqg is the corresponding number
in the neat solvent. Reactions for which no solvent effects other than the participation

of a solvent molecule as one partner of a bimolecular reaction {e.g. as the nucleophile in a
nucleophilic subst1tut1on7—-311 show rates proportional to n/n An example is found in the

reaction of Cr(NCS)6 with water in water- CH3CN mixtures (4). CH.CN is solvolytically un-
" reactive and Fig. 23 shows solvolysis rate as”a function of the NMﬁ determined n/ng for
water. Fig. 2b shows that the complex is preferentially solvated by CH3CN. Comparison of
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Fig. 2a. The rate of hydrolysis of Cr(NCS)63' Fig. 2b. The preferential solvation curve
thermally (open circles) and photochemical for Cr(NCS)¢3~ in CH3CN-H,0 mixtures as de-
quantum yields (c]qsgd circles) as a func- rived from nmr. n/no represents the frac-
tion of the composition of the solvation tion of solvation shell (or outer sphere)
shell, sites occupied by CH3CN.

Fig. 2a and 2b shows the value of a preferential solvation study in this case.
There is also an important point to be made about the origin of preferential sol-
vation in this case. Figure 3 shows a relative activity curve for CH3CN N and HZO in binary
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mixtures. Comparing Fig. 3 and Fig. 2b, it is clear that there is a very close relation be-
tween three guantities: (1.) the activity of H,0 in bulk binary mixtures, (2.) the proba-
bility that water occupies solvation sites, ana (3.) reaction rate. The transfer of water
from bulk solvent to the solvation sphere of the complex depends primarily on the bulk sol-
vent behaviour. Here, Covington et al.'s (5) coordination model of preferential solvation
(which is basically quite sound) has erred seriously. To assume that activity coefficients
for a component in the solvation shell and in bulk are approximately the same is the least
likely of several alternate approximations. This is because the behaviour of a solvent mole-
cule in bulk is determined by interaction with other solvent molecules (solvent structure),
whereas in the solvation shell of an ionic solute, the orientation forced by extremely high
field gradients overrides solvent-solvent interactions.

In the case shown in Fig. 2a, it is clear that all sites in the solvation shell
around the complex are equivalent. Preferential solvation in this case can be treated by an
adsorption model (6), assuming solvent molecules in the solvation shell interact strongly
with the solute and negligibly with each other (i.e. activity coefficients of unity for both
solvation shell components and a standard state corresponding to the solvation ¢ell in the
pure solvent when the solvation number is n_). Then the coordination model is sgperior if
sites are inequivalent as did arise in the gtudy of DMSO exchange with Cr‘(DMSO)6 * in DMSO-

CH3N02 mixtures by Langford, Scharfe, and Jackson (7).

SOLVENT EFFECTS ON k

We must now consider solvent effects on the aspect of reaction that is not subject to equi-
Tibrium modeling - the genuine solvent kinetic effects which operate on the rate of rear-
rangement of an encounter complex to give products. This question can be divided into
three parts.

First, a solvent may be simply a reactant (nucleophile in nucleophilic substitu-
tion, electron donor or acceptor in a redox process). We will then be interested in com-
parison of rates for one reactive solvent to another at low and constant n/n_ for the re-

active solvent (so that the energetic role of solvents may be compared) where bulk mediu@
and non-reacting solvation shell molecules are held constant. The reactions of Cr(HCS)6 -
represent a simple case. Reference 4 pointed out that H,0, alcohols, and pyridine all
reacted at similar rates at constant n/n_, suggesting a “dissociative interchange pathway
for these nucleophilic substitutions. (H8wever, we do see a sharp contrast between the above
3 solvents and CH3CN and CH3N02 which are extremely unreactive in interchange. This indi-

cates that a dissociative transition state involving Cr, SCN™, and CHBCN has a "transmission

coefficient of nearly unity in the direction of binding SCN™.)

Second, a solvent molecule in the solvation shell may stabilize or destabilize a
transition state by interaction with the solute (e.g. the first sphere 1igands of the solute
complex) without itself being a species involved in what Ingold once characterized as "co-
valence change". This secondary sort of solvent effect is commonly smaller than the first.
Thus, if a lTigand substitution reaction uses, for example, one water molecule as a reactant
and another (or others) for hydrogen bonding to Tigands not directly involved in_ the sub-
stitution, the rate of the reaction will depend upon n/nO for water. But, in this case,

the effect of removal of the reactant water molecule is much more profouqd than depriving
the transition state of the subsidiary waters. The dependence on n/n0 will be non-integral

as shown in Fig. 4 for the reaction of transCr(NH3)2(NCS)4' with H20 in HZO-CH3CN mixtures

(8). Here the more rapid decline of solvolysis rate than n/nO as CH3CN replaces water shows

that in addition to the role of water as a reactant, it is also needed to stabilize the
transition state in another, quantitatively less significant, way. This is associated with
a significant isotope effect when NH3 is replaced by ND3 in the complex but not when DZO re-

places H20 in the solvent. In a dissociative substitution, loss of a ligand sigma bond to
SCN™ in the transition state is associated with stronger sigma bonds to —NH3 ligands. Thus,

the ammine protons become more acidic and act as stronger hydrogen bond donors than in the
ground state. (An even more striking example of more than one solvent molecule being impor-
tant to a transition state is shown in Fig. 5.) This is again a phenomenon dependent mainly
on hydrogen bonding (9).

Third, (finally), changes in the bulk properties of the solvent beyond the contact
solvation shell (solvent molecules not in encounter with solute) may influence reaction
rates. These long range effects will be primarily associated with changes (fluctuations) in
solvent polarization. Non-electrostatic effects may be expected to be small. The trick is
to isolate these effects from the two classes of solvent effects discussed above. (Discus-
sions in the Titerature have not usually related to clear experimental separations (10).)

We have collected Titerature for solvent exchange reactions of metal complexes and
extended the Timited class of studies for the situation that the exchange involves at least
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constant leaving ligand, entering ligand, and non-substituted ligands (11). That is, we
have considere var?at’ion of solvent properties holding the reaction itself constant (a

minimum requirement - we are not confident that encounter complexes were constgnt). An ex-
ample is shown in Table 1 where dimethylformamide (DMF) exchange with N'I(DMF)6 * is reported

as a function of added electrolyte. The electrolyte effect on activation enthalpy is (as in
other examples (11)) unmeasureable up to > 1 m LiC104. This is a salt concentration where

there are no more than enough bulk DMF molecules to fill primary solvation shells gigﬁgrﬂ_
C'IO(!Trguments {(10) based on DMF structure are clearly 1imited. We do see small changes

"in rate constants (not activation enthalpies) in the concentrated electrolytes. The effect
is exactly the one expected if anions occupy encounter sites, blocking some of those sites
to access by solvent.  Clearly, the observed rate constant for solvent exchange must be pro-
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TasLe 1. DMF exchange at Ni(II) ion (n.m.r. line-broadening studies)

Nuclear
magnetic
resonance [Ni2+] Added AH* kex (25°C)
probe (m) Anion electrolyte (kcal mol=1) ()
70 0.01-0.1 Clo,- ) Nil 9.4 7.7 x 103
'H 0.01-0.04 ClO,- Nil 15.0 3.8 x 10°
) 0.01-0.04 ClO,~ Nil 10 3.7 x 10
0.0334 Clo,~ Nil 12.7 £ 0.5 5.1 x 10®
0.0259 ClO,- 0.528m 13.6 £ 0.5 3.2 x 10°
n-Bu,NClO,
0.0232 ClO,~ 1.077m 13.0 £ 0.5 2.7 x 10°
LiClO.

portional to the number of encounter sites occupied by solvent molecules.

As to electrostatic effects from the bulk, the effects are also probably smaller
than would be derived from consideration of bulk dielectric constant. The fluctuation of
solvent polarization related to passage through the transition state may commonly be asso-
ciated with a time scale too short for orientational polarization and depend only on optical
polarization. An elegant and practical theory of such effects has now been developed for a
wide range of reactions by Levich, Dogonadze, and their collaborators (2,12).

REFERENCES

1. C.H. Langford, J. Chem. Educ. 46, 557-560 (1969) and I. Amdur and G.G. Hammes, Chemical
Kinetics, chap. 2, McGraw-HiT1, New York (1966).

2. R.A. Marcus, Ann. Revs. Phys. Chem. 15, 155 (1964) and R.K. Sen, E. Yeager, and .E.
0'Grady, Ann. Revs. Phys. Chem. 26, 287 (1975).

3. J.P.K. Tong and C.H. Langford, Can. J. Chem. 54, 706-710 (1976).

4. S. Behrendt, C.H. Langford and L.S5. Frankel, J. Amer. Chem. Soc. 91, 2236-2239 (1969).

5. A.K. Covington, K.E. Newman, and T.H. Lilley, JCS Faraday Trans. I 69, 973 (1973).

6. L.S. Frankel, T.R. Stengle, and C.H. Langford, J. Phys. Chem. 74, 1376 (1970).

7.. C.H. Langford, R. Scharfe, and R. Jackson, Inorg. Nucl. Chem. Letters 9, 1033-1036 (1973).

8. ¥.2.(§g;§;i, R.W. Henwood, S. Behrendt, and C.H. Langford, J. Amer. Chem. Soc. 94, 753-
5 .

9. V.S. Sastri and C.H. Langford, J. Phys. Chem. 74, 3945-3949 (1970).

10. E.F. Caldin and H.P. Bennetto, J. So%. Chem. 2, 217 (1973), and H.P. Bennetto and E.F.

Caldin, J. Chem. Soc. A, 2198 (19717).
. C.H. Langford, J.P.K. Tong, and A. Merbach, Can. J. Chem. 53, 702-709 (1975).
. V.G. Levich, Advances in Electrochemistry and Electrochemical Engineering 4, 249 (1966).

—
[y

Acknowledgement - This work was supported by grants from the National Research
CounciT og Canada.





