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The distribution of charge within polyatomic ions determined in ab initio
guantum chemical calculations is used to describe the solution chemistry
of these species in more detail. Two examples are considered in this paper.
The solvation of small polyatomic ions such as nitrate and perchlorate is
considered with respect to the MSA model for ion solvation. The second
example involves a consideration of double layer effects for transition metal
complexes undergoing electron transfer in the double layer.
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1. Introduction

It is common in the development of statistical thermodynamic models of elec-
trolyte solutions to represent the ions of the electrolyte as point charges embedded
in hard spheres of a given radius. Such a representation is probably reasonable in
the case of monoatomic ions. Thus, NaCl can be represented as two hard spheres,
one for the Na™ cation with its corresponding radius, and another for the Cl~ an-
ion with its radius. In a non-primitive description of an aqueous solution of NaCl,
the solvent can be modeled as a third sphere with an embedded dipole. In simpler,
primitive models the solvent is represented as a dielectric continuum. Examination
of the literature [1] involved with the statistical thermodynamic description of wa-
ter shows that the point-dipole-hard sphere model for water is inadequate. In fact,
Guillot has listed 46 more detailed models for water beginning with the seminal
work of Bernal and Fowler [2]. One successful way of improving the description of
water is to determine the charge distribution in an individual water molecule using
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ab initio quantum mechanics, and then use this information in a site-site solution
of the Ornstein-Zernike equation [3].

It is also not surprising that the point charge- hard sphere model is inadequate
in the description of the solution properties of polyatomic ions. In order to under-
stand the properties of these systems one must have a detailed knowledge of the
charge distribution within the ion so that one can explain how it interacts with the
surrounding medium. In this paper two aspects of this problem are considered. The
first is the solvation of polyatomic ions in polar solvents. The second aspect is the
double layer effect observed for redox couples undergoing electron transfer in the
double layer near a polarizable electrode.

Table 1. Parameters for ion solvation.

Monoatomic Tons
Ion |7, pm | AyG, kJ mol™!
Lit 88 -529
Na* 116 424
K+ 152 -352
Rb* 163 -329
Cs™ 184 -306
Mgt | 86 -1931
Ca?t | 114 -1608
Srt 130 -1479
Ba?t | 150 1352
F~ 119 429
Cl- 167 -304
Br~ 182 278
I~ 206 243
S* 170 -1238
Polyatomic ions
NH; | 153* -340
NO; | 198" 258
ClO, | 309 165

* Estimated from the linear plots in figure 1 (see text).

2. The solvation of polyatomic ions

In the case of monoatomic ions, the thermodynamic property which has attract-
ed the most attention is the Gibbs energy of solvation A;G [4]. This quantity is
obtained from thermodynamic data estimated for electrolyte solutions in the limit
of infinite dilution, and requires an extra-thermodynamic assumption so that the
contributions of the cation and anion can be separated. A very effective way of
obtaining the single ion quantities is measuring the Gibbs energy of formation of
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ion-water clusters in the gas phase using mass spectrometry [5]. Values of AG for
common monatomic cations and anions are summarized in table 1. These data were
obtained from the thermodynamic results for electrolytes assuming that the value of
A,G for the proton, H" is —1104 kJ mol~! [5]. Also recorded are the Shannon and
Prewitt radii for these ions [6]. These radii may be regarded as improved Pauling
radii which were extracted from X-ray crystallographic data for a large collection of
ionic crystals [6].

The simplest description of ionic solvation is that based on the Born model [4].
The ion is assumed to be a charged hard sphere in a dielectric continuum corre-
sponding to the solvent. The Gibbs energy of salvation is estimated on the basis of
the work done to discharge the ion in vacuo, and then recharge within the dielectric
medium. The model leads to the following expression for A G; for ion i with radius

T
— Ny z2e? 1
AG, = i (1 _ _) | (1)
87T60TZ‘ Eg

Here, N is the Avogadro constant, z;, the charge number of the ion, ey, the fun-
damental electronic charge, €, the permittivity of free space, and &g, the relative
permittivity of the solvent. This equation suggests that A;G; should be proportion-
al to 22 /r;. However, this is clearly not the case as can be seen from the data for
monatomic ions in table 1. The Born model fails because it does not recognize the
disruption of solvent structure which occurs in the immediate vicinity of the ion. In
addition, it does not deal with the fact that the molecular mechanism involved in
cation solvation is different from that for anions. In water cations are solvated by
the electron density on the oxygen atom, whereas anions are solvated by hydrogen
bonding with the water molecules.

4t Cations

zizAsG{1/moI My

Anions

0 5‘0 1[‘)0 1 ;0 2(‘)0 2“50 3(‘)0
r./ pm

Figure 1. Plot of 22AG; ! against the ionic radius r; for the alkali metal () and

alkaline earth metal cations (¢), and for the halide (A) and sulfide (¥) anions. The

cationic data have been shifted vertically by 1 mol MJ~! for the sake of clarity.

The data for NHJ (o), NO; and ClO; (A) are placed on the lines according to
their values of zl-zAsGl-_l.
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A better description of ion solvation is provided by the mean spherical approx-
imation (MSA) used to obtain a solution of the Ornstein-Zernike integral equation
describing ion-solvent interactions in the electrolyte solution [4]. The approach in-
volved is non-primitive, the ions being represented as charged hard spheres, and the
solvent molecules as hard spheres with embedded point dipoles. The MSA model
gives the following expression for the Gibbs energy of solvation:

—Npz2ed 1 1
AG; = i 1-—). 2
8meo ri + O Es (2)

Equation (2) differs from the Born expression by the term in d5 which corrects the
ion radius by an amount which depends on the nature of the solvent. In fact, ds
is equal to the solvent radius divided by the Wertheim polarization parameter .
In the case of water, Js is equal to 54 pm. The MSA equation suggests that one
should plot 2? /A G; against r; to test the model. Separate plots for the monoatomic
cations and anions listed in table 1 are shown in figure 1. Linear plots are obtained
for the two sets of data but they have different slopes and intercepts. This analysis
points out the differences in the way cations and anions interact with the solvent
molecules.
The best straight line through the cationic data is

22 JAG; = 0.71 + 0.01467; . (3)

The value of Npe3/8me is 69.45 MJ pm~'. When the factor (1—1/&) is included the
proportionality constant in equation (2) becomes 68.57 MJ pm~!. Thus, the slope
of equation (3) is very close to that predicted by equation (2). From the intercept,
the estimate of & is 49 pm. This is smaller than the value predicted theoretically

(54 pm).

Cation Anion
H H H
T
o M 90 H

H . H o7

(@) (b)
Figure 2. Structure of water molecules in the primary solvation layer around a

cation (a) and an anion (b).

Analysis of the data for anions leads to quite a different result:

27/ AG; = 0.0196r7; . (4)
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Not only is the parameter §, equal to zero but the slope of the plot is considerably
higher than predicted by equation (2). On the basis of the MSA model [4], this
can be attributed to the failure of the model to account for repulsive dipole-dipole
interactions between the dipoles immediately surrounding the ion. An approximate
way of including this effect in the MSA result is to write equation (2) as

Npz2ed faa 1 1
AG, = L 1——), 5
8meg r; + O Es (5)

where the fraction fgq is less than unity when repulsive dipole-dipole interactions
are important. For the monovalent anions f4q is equal to 0.76.

The proposed structure of water around cations and anions is illustrated in fi-
gure 2. In the case of cations which are solvated by the electron density on the
oxygen atom of the water molecule, water structure around the cation is significant-
ly disrupted so that d, is large. However, the orientation of the solvating dipoles
with respect to one another is such that repulsive dipole-diploe interactions are not
important. In the case of anions which are solvated by hydrogen bonding (see fig-
ure 2), the local water structure is much less disrupted, one hydrogen bond on each
solvating water molecule being free to interact with water molecules further from the
anion. The mutual orientation of the solvating water dipoles is such that repulsive
dipole-dipole interactions are important.

Table 2. Geometry and charge distribution in two polyatomic anions.

Anion Nitrate Perchlorate
Geometry Trigonal (planar) | Tetrahedral
Charge on central atom | 0.86 ¢, (on N) 1.88 ¢, (on Cl)
Charge on outer oxygens | —0.62 e, —0.72 e,

Bond length 127 pm (N-O) 150 pm (Cl-O)
Bond angle 120 (O-N-0O) 109 (O-Cl-0O)

The linear plots shown in figure 1 may be used to define effective radii for the
polyatomic ions which are also listed in table 1. In order to understand these results
and the solvation of polyatomic ions one needs to know the charge distribution
within the ion. Krienke and Schmeer recently carried out ab initio calculations for
the nitrate and perchlorate ions [3]. The nitrate ion is planar with angles of 120°
between the three N-O bonds. In this system the charge on each oxygen atom is
—0.62 e, whereas the charge on the central nitrogen atom is 0.86 e, (see table 2).
Since all four atoms can be reached by the surrounding water molecules, the nitrate
ion is strongly solvated. As a result, the solubility of nitrate salts in water is very
high. On the other hand, nitrate salts do not dissolve significantly in polar aprotic
solvents. These solvents are typically strong Lewis bases and weak Lewis acids.
Thus, solvation of the positive nitrogen atom would dominate in the non-aqueous
medium. Due to the larger size of the organic solvent molecule, solvation of the
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negative oxygen atoms is probably prevented by steric effects. Finally, it is noted
that the effective radius of nitrate (198 pm) is larger than the length of the N-O
bond (122 pm). Thus, the effective radius estimated on the basis of the MSA model
is reasonable within the context of the structural information for this anion [3].

Perchlorate anion has a tetrahedral structure with a large positive charge on the
central chlorine atom (1.88 ¢,) and a small negative charge on each of the oxygen
atoms (—0.72 e,). Since the chlorine atom is isolated from the surrounding solvent, it
is not involved in the solvation process. Due to its tetrahedral structure, perchlorate
fits easily into the water structure in a non-disruptive manner. Each of the oxygen
atoms are hydrogen bonded to adjacent water molecules. This accounts for the high
solubility of LiClO, and NaClO, in water. These electrolytes have strongly solvated
cations. However, KClOy4 is only sparingly soluble in water, presumeably because
the K* cation can interact directly with one of the oxygen atoms of the perchlorate
anion. Perchlorate electrolytes are also known to be easily dissolved in polar aprotic
solvents [7]. In these systems the negative charge on each oxygen atom is solvated
by the positive end of the molecular dipole in the solvent molecule. Due to its
tetrahedral geometry, steric effects in solvation of this anion are not a problem.
Finally the effective radius of the perchlorate ion (309 pm) is larger than the length
of the C1-O bond (150 pm). The usefulness of effective radii defined on the basis of
the MSA model remains to be tested for other thermodynamic properties. However,
the results obtained in the present study appear reasonable within the context of
the quantum chemical calculations [3].

Table 3. Geometry and charge distribution in two polyatomic cations.

Cation [Co(NH3)g]>" [Cr(H0)6)"
Geometry Octahedral Octahedral
Charge on central atom 1.67 e, (on Co) | 2.12 ¢, ¢, (on Cr).
Metal-Ligand distance 205 pm (Co-N) | 202 pm (Cr-O)
Charge on central ligand atom | -1.19 ¢, (on N) | -1.02 ¢, (on O)
Bond length in ligand 101 pm (N-H) | 96 pm (O-H)
Charge on ligand hydrogens 0.47 e, 0.58 e,

3. Double layer effects

In the Frumkin model for double layer effects in heterogeneous electron transfer
kinetics [8], the reactant is assumed to be a point charge located on the outer
Helmholtz plane (oHp). However, in reality most reactants which undergo simple
electron transfer are polyatomic ions whose dimensions are comparable with the
thickness of the diffuse layer. Two examples of systems used to study simple electron
transfer kinetics are [Co(NHj3)g]**/?* and [Cr(H,0))>*/?*. From the charge and
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Figure 3. Composition of the dou-
ble layer near the oHp at a positive-
ly charged electrode with NaF as elec-
trolyte and [Co(NH3)g)?T as reactant.
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Figure 4. Composition of the double
layer near the oHp at a negatively
charged electrode with NaF as elec-
trolyte and [Co(NH;3)g]3* as reactant.

bond length information obtained in ab initio quantum chemical calculations [9,10],
these ions have effective radii greater than 300 pm (see table 3).

This is significant with respect to the Debye length in a 0.1 M 1 — 1 electrolyte
(~ 964 pm). It follows that a more careful consideration of the double layer effect
requires that one should consider the variation in potential with the position in the
reactant. Therefore, one must assume both a position and an orientation for the
reactant in the double layer. Typical situations for an octahedral complex such as
[Co(NH3)g]?T are illustrated in figures 3 and 4. When a positively charged reactant
undergoes electron transfer at a positively charged electrode, it is oriented at its
distance of closest approach so that the minimum amount of positive charge is
closest to the electrode. This means that one ligand is close to the electrode, four
are in axial positions, and the sixth is at the farthest distance from the electrode
(figure 3). Given the description of the average potential as a function of distance
from the oHp, one may estimate an effective charge z.g4 for the reactant which is
defined as .

= 2L (©)

where z; is the charge on atom i of the reactant, ¢, the potential at this atom,
and ¢%, the potential at the oHp. In the example chosen, the position of the oHp
is determined by the unsolvated fluoride anion which is the predominant counter
ion at positive potentials for this system. Furthermore, most of the atoms in the
complex ion are further from the oHp in the diffuse layer where the local potential is
smaller in magnitude. As a result, the effective charge for the [Co(NHjz)g]*" reactant
is expected to be significantly less than +3.
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The probable position and orientation of the same reactant at a negatively
charged interface is shown in figure 4. In this case, the position of the oHp is assumed
to be determined by a solvated Na™ cation, and is therefore further from the met-
al/ solution interface than when the surface is positively charged. Furthermore, the
orientation of the reactant is such that the maximum number of positively charged
NHj; ligands is closer to the electrode. As a result these ligands are in a region of
the double layer where the electrical field is high. It follows that the double layer
effect is expected to be more important, and the effective charge on the reactant
larger under these circumstances. Of course, the details shown in figures 3 and 4 are
necessarily speculative, but they are based on reasonable assumptions and include
realistic sizes for the ionic and molecular components when they are represented as
hard spheres.

1.4
1.20
* 0.1 M 1-1 electrolyte
o o GCtheory
1.0 o o <rm=10p.Ccm'2
o ¢
= o8t o ¢
x .
3 ® .
Iié’ 0.6 MC data o .
(6=300 pm) ® -
L]
*
04 L] °
L[]
.
02}
b .
*
0.0 \ A ) L .
0.0 0.2 0.4 0.6 0.8 1.0
X-X4 / nm

Figure 5. Potential profiles in the diffuse layer plotted as In(Fy/RT) against
position in the diffuse layer, z — 4. The data (¢) were calculated using GC
theory for an electrolyte concentration of 0.1 M and an electrode charge density
of 10 C cm™2. The data (e) were obtained in a MC simulation with the same
conditions and an ion diameter of 300 pm.

In order to estimate the effective charge on a polyatomic species in the double
layer, one must know the potential distribution as a function of distance from the
metal /solution interface. In the absence of ionic specific adsorption, the potential
in the inner layer is assumed to vary linearly with distance from a value ¢™ in the
metal to a value ¢¢ at the oHp. In the diffuse layer, the potential profile is commonly
assumed to follow the Gouy-Chapman theory. Accordingly, the potential is given by

b= % tanh ™! [tanh (F(bd exp (—kx + mxd))] : (7)

ART

where ;4 is the distance of the oHp from the metal/solution interface, and &, the
Debye-Huckel reciprocal distance. The resulting potential profile in the diffuse layer
is shown in figure 5 for the case of a 1 — 1 electrolyte at a concentration of 0.1 M,
and an electrode charge density of 10 uC cm™2. Having made assumptions about
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the position and orientation of the reactant in the double layer, it is now a simple
matter to estimate the effective reactant charge using equation (6). Obviously the
result depends on the model chosen to describe the potential profile. In this regard
it is well known that the Gouy-Chapman theory is defective because it neglects the
finite size of the ions in the double layer [11]. Some idea of the effects of including
ion size on double layer properties may be obtained from Monte Carlo (MC) data
obtained in a primitive level simulation of double layer properties [12]. The chief
conclusion of these simulations is that the oHp potential is overestimated by the GC
theory. A plot of the potential distribution in the diffuse layer, obtained in a MC
simulation for an electrolyte concentration of 0.1 M and an electrode charge density
of 10 C em™2, is also shown in figure 5. It is clear from a comparison of the GC and
MC results that the functional form of the potential profile in the diffuse layer is
similar. It follows that the value of z.g estimated according to equation (6) does not
depend significantly on which potential profile is used.

The effective charge z.4 may also be estimated from kinetic data for the elec-
troreduction of complex ions, such as those considered above, at polarizable elec-
trodes. When the electrode is polarizable, the equilibrium properties of the elec-
trode/solution interface may be obtained in the absence of a reaction. More specif-
ically, the electrode charge density is measured as a function of electrode potential
so that the potential drop across the diffuse layer may be estimated.

According to Frumkin’s theory [8], the potential dependence of the logarithm of
the forward rate constant for the heterogeneous transfer of one electron is given by
the equation

Ink; = Inky — zead” + af (¢* — ™), (8)

where ky is the forward rate constant, ko, its value at the point of zero charge (pzc),
a, the transfer coefficient, and f = F//RT. When the kinetic data are sufficiently
precise, they may be numerically differentiated [13] to obtain

RT dInky dg?
— = —at Zf .
Food(¢m™ —¢7) d(¢™ — ¢7)
It follows that a plot of (RT'dInky)/(Fy[¢™ — ¢%]) against should be linear with
a slope equal to z.g. This type of analysis was used recently by Hromadova and
Fawcett [14] to estimate the effective charge for [Co(NHj3)5F]?* reacting in the double
layer at single crystal gold electrodes. Otherwise, z.g is determined by constructing
corrected Tafel plots of the kinetic data. In such a plot the logarithm of the forward
rate constant is corrected for the variation in reactant concentration in the double
layer and the Frumkin equation is written as

(9)

Inky + ze f¢? = Inko + o f (¢¢ — ™). (10)

It follows that a plot of Inky + zeg fo? with the correct value of zs should be
linear in ¢? — ¢™ [8]. This is tested further experimentally by obtaining kinetic data
at a variety of polarizable metals with different pzc’s [14-16], or by varying ¢¢ over
a wide range by varying the electrolyte concentration [10]. All of these methods
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Table 4. Effective charge on the reactant for the reaction A*t + e~ — AG—D+,

Reaction Electrode | Electrode charge | zeg

[Co(NH3)e)> /%" [14] | Au positive 2.0 e
[Fe(H,0)q)>t/2+ [15] | Au positive 2.0 e
[CO(NHg) F]#*+/1* [16] | Au positive 1.6 ey
[Cr(Hy0)g)+/2+ [10] | Hg negative 2.2 e
[Eu(H,0)g]>*/2+ [10] | Hg negative 1.7 eg

have been applied with considerable success. Values of z.g obtained for five different
reactions in recent experimental studies are summarized in table 4. In all cases the
value of z.g is smaller than the nominal charge on the reactant. The anion used in
these experiments was always perchlorate. It is well known that this anion is not
involved in significant ion pairing in aqueous solutions so that ion pairing cannot
be cited as the reason for the lower values of z.s. Furthermore, the results were
obtained both under conditions in which the reactant is attracted into and repelled
from the double layer. The most convincing explanation of the low values of z. is
that the reactant is partly in a region of lower electrical potential. In addition, the
values of z.g obtained from the kinetic data were compared with those estimated
using a suitable potential profile in the double layer. The two values were always in
excellent agreement [9,10].

4. Discussion

The importance of knowing the charge distribution in polyatomic ions has been
illustrated here using two very different examples, one dealing with ion solvation in
solution and the other with double layer effects in electrode kinetics. There are other
examples that could be considered. An important problem in electrolyte solutions
is ion pairing and its role in determining the activity of electrolytes. Ion pairing is
normally discussed with respect to the charge on the ion divided by its radius as a
hard sphere. When polyatomic ions are involved in ion pairing the simple picture is
not adequate. Other examples are found in the kinetics of homogeneous reactions
involving ions. Improved descriptions of electron transfer, proton transfer, and ligand
exchange reactions would be possible if the role of charge distribution in polyatomic
reactants were considered. In summary, this is an important problem that requires
more attention by chemists involved with solution chemistry.
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EdexTn posnoainy 3apsay y xiMmil poO34uMHiB
nosliaTOMHUX iOHIB

Y.PDdoueTT

dakynbTeT ximii, yHiBepcuTeT KanidopHii, [esic, CLUA
OtpumanHo 15 nuctonaga 2004 p.

Posnogin 3apsay B noniaTOMHUX iOHaxX, OTPMMaHUIn Ha OCHOBI ab initio
KBAHTOBO XiMiYHUX PO3pPaxyHKiB, BUKOPUCTOBYETLCS ANS OETaslbHOro
onucy XiMmii iXHbOro po3ymHy. [1ga npuknagn posrnapalTbCs B AaHin
ctatTi. ConBaTtauis Manux noniaTOMHMX iOHIB, TakMx SIK HITpaTy Ta nep-
xnopartu, po3rmsgaeTbes BignosigHo 0o MSA mopeni ioHHOI conBaTta-
uii. [HWWn npuknag BkAYae po3rnsd, edekTiB NoABINHOIO Wwapy anas
KOMIMJIEKCIB MepexigHUX MEeTaniB B yMOBAx €NeKTPOHHOro OOMiHY Yy
noaBinHOMY LUapi.

KnioyoBi cnoBa: cosiBarayisi, nosiatoMHi iOHU

PACS: 82.60.Lf
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