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Abstract

SCF-CNDO/2 calculations, including solvent effects via an extended version of the Generalized Born
Formula (GBF), have been performed for LiX(H,0) species (n = 1,2; X = F, Cl). Several minima in the
free energy surface, representing intimate and solvent-separated ion pair structures, have been analyzed.
Qualitative results show a preferential stabilization of the intimate forms with respect to the solvent-sepa-
rated ones. The results are discussed on the basis of a convenient partition of the total solute-solvent free
energy. The interaction of the ionic species with the bulk solvent neglected in previous studies appears to
be responsible for the preferential stability of the intimate forms.

Introduction

The importance of ion pairs in solvolysis and exchange reactions has long been
stressed [1-3]. Two kinds of ion pairs have been recognized in Winstein’s work: an
intimate ion pair, which consists of two ions in contact in the same solvent cage, and
a solvent-separated ion pair, consisting of a pair of ions in separate, but adjacent, sol-
vent cages.

From a theoretical point of view, the structure of these species and the strength of
their interaction have been studied by analyzing the energy surface using both,
semiempirical and ab initio techniques [4-6]. The main concern in these works has
been the description of the solvent role in the formation and stability of ion pairs by
explicitly considering a number of solvent molecules. However, the well known prac-
tical limitations of this “supermolecule” approach suggest the necessity of performing
semiempirical SCF calculation including continuum (or continvum + discrete) sol-
vent effects. It is worth emphasizing here that, in the present case, the fact of explic-
itly considering water molecules allows for inclusion of the active participation of the
solvent as a proton relay agent in a proton transfer process.

Previous work in this field has shown the necessity of theoretically characterizing
the “desolvation” process, which is the previous (and perhaps the key) step in the dy-
namics of ion pair formation [7-10]. In the present approach, this desolvation poten-
tial has been incorporated by considering the steric hindrance effect to solvation on
each atomic center, created by the vicinal atoms in the molecule [11, 12]. As a result,
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a desolvation barrier is expected to appear in the reaction path, when the free ions
come within an overlapping distance. For instance, we have recently studied the pro-
ton transfer equilibria in a chain of water molecules in the presence of a strongly po-
larizable medium in order to determine the influence of both local and dielectric
solvent effects on the relative stability of several types of ion pair structures. The
continuum solvent effects have been introduced by using a modified version of the
generalized Born formula [11]. In the model used, the electrostatic free energy con-
tains the solute-solvent potential interaction energy, which is consistent with a contri-
bution of the solvation enthalpy, plus the solvent self-energy which represents an
entropic contribution —7T AS?, formed by the opposite effects of the orientating elec-
tric field and the coupling with the thermostat [11, 12]. The temperature dependence
is then introduced through the parameter &(T'), accounting for the orientation polari-
zation of the bulk solvent.

In this work, we present an analysis of the free energy surface for the interaction
of lithium fluoride and lithium chloride ion pairs with one and two water molecules,
under the effect of a strongly polarizable medium. Further, we have examined the
relative stability between the distinct types of (intimate and solvent-separated) ion
pairs present in an aqueous solution of LiF and LiCl.

METHOD OF CALCULATION

Within the continuum approach of solvent effects representation, the total free
energy of the solute-solvent system is expressed as

Ale) = E(1) + AAs(e) (1

where ¢ is the bulk dielectric constant of the solvent, E(1) is the total energy of the
isolated solute, and AAs(e) represents the free energy variations of the solute-solvent
system when the solute, in a frozen nuclear and electronic configuration, is iso-
thermically inserted into the solvent. One of the most simple formulations to compute
the quantity AAs(e) in molecular systems is the well known GBF [9-12]. In this
approach, the solvation energy of any molecular system (ionic or neutral) is built up
as a sum of Born-like contributions of each partially charged atomic center. For
instance, within a CNDO/2-like approach, it is expressed as a function of the one
particle density matrix P, as follows:

AAs(e, P) = % > Qu(P)[Vk(e, Pl 2

where Q,(P) = Z, — Z,P,, is the net atomic charge on atom A and [Vz (e, P)], is the
reaction field (RF) potential acting on the atomic center A of the solute. The basic
quantity in this formalism is the RF potential which is obtained from a set of polar-
ization charges induced in the dielectric medium [12]. These polarization charges are
related to the net atomic charges by the expression

re) = -[1-1 o ®
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The RF potential is then derived from Q%(¢, P) according to

[Ve(e,P)k = 2 08 (e, P)yas ' @)

where 7,5 is the Coulomb integral between the atomic centers A and B, representing
the solute-solvent interaction [12].

An extension of the GBF has been recently presented [11-13]. The modifications
introduced allow the steric hindrance effect upon solvation on each atomic center to
be taken into account. The procedure consists of defining an effective polarization
charge distribution in the following way:

Qpale, P) = —<1 - %)[1 = f21Qs(P) &)

and
0iute,P) = =(1 - 1)s0s(P ©®

where f; is a parameter characterizing the neighborhood of the center B. The defini-
tions (5) and (6) entail

Lim[Qp(e, P) + Qfale,P) + QP = 0 )

so that the electroneutrality of the whole solute is guaranteed.
The RF potential at the center A is now a sum of two terms:

[VR(esP)]A = [V}?(svp)]A + [V;((BsP)]A = Z[QEOI(S’P)]B‘Y:IB + Z[Q;ol(sap)]ﬂ’yful

®
where we have introduced the interaction integrals defined by
yas = [1 = falvas C)
and
Yis = faYas (10
The electrostatic solute-solvent interaction energy may be written as
E;-s(e,P) = §QA(P) [Vi(e, P) + Vi(e, P)L (11

and consequently, the free energy of solvation AAs(e, P), is given by

AAs(e,P) = _%[1 - %]2 EQA(P)QB(P)[I -t fo— zﬁafs)]‘)’u;

(12)
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A convenient (empirical) choice for f; is the following [11]

1
fo=5 2 Su (13)
A#B
where S4p is the overlap integral between the 2§ atomic orbitals of the centers A and
B (1S orbital in the case of hydrogen). As a result, Eq. (12) may be rewritten as

MieP) = -3 (1-1) 2 S0PGEN - a0

with F,3(S), a function depending only on the overlap S,z matrix. It immediately fol-
lows that Eq. (14) contains a first term which is the GBF and a corrective term
depending on the neighborhood factors. If we assume that f = 1, Vp, we obtain
Fy3(S) = 0 and as a result, the corrective term displays an opposite sign to that of the
standard GBF: it may be interpretated as a desolvation contribution:

1 1
AAgesa(e, P) = _‘2‘ (1 - ;) 2 2 Oa(P)Os(P)Fu5(S)Yas (15)
A B
As eXpected, this desolvation term disappears when the distance between the atomic
centers involved becomes larger than the overlapping ones (i.e., when f; = 0, V). It
is interesting to note that from Eqgs. (9), (10), and (13) we obtain:

Yas = Yis ' (16)
which implies that [Q ;ol(P)]B is closer to the B center than [Q,(P)]s. In other words,
[Q{,o,(P)]B may be considered as an “internal” charge polarization where [Q;o(P)]; is
an “external” one. We then may conclude that the desolvation process appears to be
the consequence of a polarization charge transfer from the integral region of the sol-
vent towards the bulk region [12].

Finally, the effective Fock operator compatible with the solvation free energy
given by Eq. (14) is obtained from [12]

A A 1 aE - A A
For = Fap + 3|22 <bap - ter) @
where I’:*(I,P) is the Frock operator of the isolated solute and
A Vi Vi
P) = — —| - TrP|—
Vi(s, P) [;a( aP)A Tr ( aP)J (18)

with Vi (¢, P) given by Eq. (8).

Results and Discussion

We have studied the energetics of several types of Li-F and Li-Cl ion pairs in
water, in order to investigate both the specific interaction with one and two water
molecules and the effect of the bulk solvent regarded as a continuum. Following the
nomenclature used by Gupta and Rao [14], three types of ion pairs structures have
been considered: (a) the hydrated cage pairs (or intimate ion pair) H,O...Li*-F~
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and H,O...Li"-Cl™ ; (b) the extended-cage pair (or one-solvent separated ion pair)
F ...H,0...Li" and CI"...H,0...Li"; and (c) the two-solvent-separated ion
pair F7...H,0...H,0...Li" and CI"...H,0...H,0...Li". In the first case,
based on a previous study [14], and considering the well known preferential ability
of cations (compared to anions) to bind water molecules [15, 16], the structures
dentated to anion (i.e., H,O...F ~-Li" and H,0...CI -Li"), have been neglected.
The preferential hydration in solution of cations compared to anions has also been
confirmed, for both LiF and LiCl, by the RF calculations: for LiF, the hydration
energy difference is about 35 Kcal/mol in favor of the structure associated to the
cation whereas for LiCl, a hydration energy difference of about 40 Kcal/mol is
obtained. The one and two-solvent-separated ion pair structures were generated
by transferring all the intervening protons in a planar molecular arrangement, accord-
ing to Figure 1. The geometries with their corresponding geometrical parameters
are also displayed in Figure 1. The choice of these geometries is based on previous
studies concerning hydrogen bond on closely related molecular systems. For in-
stance, ab initio calculations on (FHOH)™ ion reported by Diercksen and Kraemer
[17] suggested that a linear hydrogen bonded structure was the most stable one.
CNDO/2 calculations performed on several hydrogen bonded systems by Schuster
[18] also showed that the shape of the potential curves is not appreciably affected
by a mode-rate change of the fixed geometrical quantities. These previous results
suggest that calculations on different hydrogen bonded systems, using standard
geometries, may be successfully compared without approaching the absolute mini-
mum of the energy surface. In order to represent in the simplest way the proton
potential curves (PPC), we have defined the reduced coordinate Z = ro.y-(1/2)Rys,
where oy is the distance between the donor and the atom and the proton, and R,z is
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Figure 1. Structure and geometrical parameters for the proton transfer in the processes
under study
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the distance between the donor and acceptor atoms. Once the PPCs were constructed,
the reaction path was defined as the trajectory passing through the minima of the PPC
at different intermolecular distances. '

In the case of the intimate ion pair structures, an equilibrium distance Ro.; =
2.39 A was found for both Li-F and LiCl complexes. The equilibrium 7y, r and ry;q
distances were 2.50 and 2.60 A, respectively.

The reaction path for the proton transfer process involving one water molecule is
shown in Figure 2. In the case of LiCl, an “extended-cage” pair structure
Cl™...H,0-Li* , characterized by the distances Ro.c; = 3.6 Aand ro = 24 A,
appears greatly stabilized with respect to the solvated species LiCl and H,0. This
may probably be due to the poor ability of Cl” to bind a proton in aqueous solution
(i.e., probably due to the strong acid character of HCI in water).

In the case of LiF, a very different picture is obtained. An intimate ion pair struc-
ture Li*-OH™ . . . HF, corresponding to a H-bonded complex appears to be in equi-
librium with the corresponding solvated species HF, Li*, and OH ™. This complex has
not been considered in the previous studies by Gupta and Rao [14] and Bertrdn and
Revetllat [19]. If we consider the fact that these authors have neglected dielectric af-
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Figure 2. Reaction path profile for the proton transfer in the system H,O...LiX
X =FCl. e =1785.
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fects, it could be probable that the stabilization of such a complex mainly arises from
its interaction with the bulk solvent. It is also interesting to notice, from Figure 2,
that when the solvated species Li*-OH™ and HF become within an overlapping dis-
tance, a desolvation barrier of about 10.6 Kcal/mo! appears in the reaction path at a
distance Ror = 3.0 A. Further, in connection with this problem, we may speculate
that a probable mechanism for the dissociation of LiF in water could be written as:

LiIF + HO < Li"...OH .. .HF & Li* + OH™ + HF (19
instead of
LiF + H,0 & H,0...Li* — F e Li* + F~ + H,0 20)

as recently proposed [19]. Also, mechanism (19) is more consistent with the well-
known weak acid behavior of HF in water. On the contrary, the formation of such a
complex in the case of LiCl, appears to be highly improbable due to the strong acid-
ity displayed by HCl in water.

The reaction path for the proton transfer process involving two water molecules is
shown in Figure 3. Again, in the case of Li-Cl, a solvent separated ion pair structure:
Cl™...(H,0),...Li", characterized by the distances Rp.or = 2.40 Aand Roq =
4.90 A appears greatly stabilized with respect to the solvated species Cl~, Li* and
2(H,0). However, when this structure is compared with the intimate ion pair struc-
ture (H,0),...Li"...Cl", a significant stabilization energy is observed in favor of
the latter. It is important to stress here that the relative stabilization energies appear
systematically overestimated. This is a well known shortcoming of the CNDO/2 pro-
cedure [14]. However, for the purpose of qualitatively comparing the chemical be-
havior of LiF and LiCl in water in the H-bond region, the results obtained allow us to
describe the gross features that discriminate between the stabilization of the different
chemical species in solution. It should be stressed that the dissociation step itself and
the proton potential curves, especially in the region of free ions, cannot be fully de-
scribed in quantitative terms by these kind of SCF calculations.

In the case of LiF, the effect of a second water molecule entails the stabilization of
a solvent-separated FH . . . (H,0))...OH -Li" ion pair. By comparing Figures 2 and
3, it may be seen that the second water molecule also confers a more ionic character
to the H-bonded complex.

Finally, in order to discuss the relative stability of the different ion pair structures
found, we propose to analyze the different contributions to the total solute-solvent
free energy by using the partition of the total energy proposed by Constanciel [20]
and applied in a previous study by us [11]):

A@m=mﬁ®+%22&®&®m

1
+ 5 2 2272 = yas) @1

A B

In this expression, the first term represents an effective electronic energy in the
strongly polarizable medium approximation {11, 19]; the second term is a net charge



588 GOMEZ-JERIA AND CONTRERAS

4 TOTAL
ENERGY(AU)
-5610 LiCI’ZHZO
[Li(H,0L) CI ]
-67.75 f
LiF + 2H20
-67801
FiH-(OH.)-~(OH"Li*)
HF-H.O+Li*s OH” s i
-67.90'L

-0 -08 -06 -04 -02 0 02 04 06 08 10 Z(A;)

Figure 3. Reaction path profile for the proton transfer in the system (H,0),...LiX
X =FCD. & =785

interaction term (which vanishes for & — ); and the third one represents a steric
hindrance destabilizing contribution. The results are displayed in Table I.

It may be observed (in the case of LiF) that the preferential stability of the intimate
ion pair structures arises mainly from the electronic contribution to the total solute-
solvent free energy. The contribution coming from the steric hindrance effect displays
the opposite trend, but it is not strong enough to produce the inversion of the ob-
served order. '

From these considerations, we may conclude that the stabilization of the intimate
forms is related to the polarization charge distribution created in both cases: for the
solvent-separated ion pair structure, the internal water molecules induce a weak po-
larization of the medium while for the intimate structure, a stronger reaction field po-
tential is generated on each atomic center.
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TaBLE I. Relevant contributions to the total solute-solvent free energy (a.u.).

Electronic Steric
Total effective hindrance
Complex energy energy term

H,0...Li*...F —47.9938 —48.2805 0.2867
FH...OH ...Li" —47.9377 —48.1017 0.1640
H,0...Li*...CI” —36.4788 —36.5597 0.0809
Cl™...(H,0)...L" -36.4172 —36.6475 0.2303
(H,0),...Li*.. F” —67.9387 ~68.3470 0.4083
FH...H,0..0H ..Li" —67.8988 —68.2021 0.3033
H,0),...Li"...CI” —56.4086 —56.5273 0.1187
Cl™...(H,0),...Li" —56.0775 —56.2109 0.1334

As a result, the solvation energy of the intimate structures becomes greater than the
corresponding solvent-separated one. These conclusions are consistent with the previ-
ous ones obtained in the study of water polymers [11].

For LiCl, when one water molecule is considered, it may be observed that the pref-
erential stabilization of the intimate structure is governed by the steric hindrance con-
tribution, since the electronic energy displays an opposite trend (see Table I). The
inversion of the steric hindrance effect, in passing from LiF to LiCl, could be related
to the differences in the ionic radii of F~ and CI™.

Concluding Remarks

We have analyzed the relative stability of a series of ion pair structures present
in aqueous solutions of LiF and LiCl. The partition of the total solute-solvent free
energy allowed us to recognize relevant contributions governing the equilibria
between the different species in solution. In all of the cases examined, the inti-
mate ion pair structures were found to be more stable than the corresponding solvent-
separated ones.

These results are in opposition with those recently reported for LiF in water [19].
As a general conclusion, we suggest that the interaction of the ionic species with the
bulk solvent may be responsible for the preferential stability of the intimate forms.
Finally, it has been shown that in the present case, the solvent participates not only as
a stabilizer agent, but mainly as an active reagent where the principal role is the pro-
ton transfer relay in a proton transfer reaction: the differences between the chemical
behavior of LiF and LiCl in water appears to be governed by their different acid-base
equilibria in aqueous solution.
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