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Abstract The electronic structure of Hg(II) ions,

[Hg(L)n(H2O)m]q (L = HO-, Cl-, HS-, S2-) has been

studied. Geometries were fully optimized. The B3LYP and

PBE functionals give structures in good agreement with

available experimental data. Calculated stretching fre-

quencies generally correlate well with bond lengths. The

role of the water molecule(s) in the solvated Hg(II) com-

plexes has been investigated. The solvent can act as

nucleophile, as hydrogen bond acceptor or as a spectator.

The trans-effect results in lengthening of the Hg–L bond

length. It can be understood as a competition between

ligands in trans positions for the ability to donate their

electron density to the 6s AO of Hg(II). The effect of the

presence of water molecules on the Hg–L bond length

depends on whether or not the water molecules form a

direct coordination bond with Hg(II); it will not guarantee

an increase in the stability of the complexes. The interac-

tion energy, which represents the interaction between

Hg(II) and ligand L and excludes all other interactions, is

nucleophilicity-dependent. The interaction energy and the

strength of the ligand nucleophilicity follow the order:

S2- [ HS- [ HO- [ Cl- [ H2O. The charge transfer,

DN, is an indication for the type and strength of the

interaction between ligand and Hg(II). Increasing the

positive and negative value of DN will decrease and

increase the Hg(II) total NBO charge, respectively, while

decreasing the electrophilicity of Hg(II) will decrease its

charge and the charge transfer, DN.

Keywords Density functional theory � Mercury (II)

complexes � Microsolvation � Hard soft acid base principle

(HSAB) � Natural bond orbital analysis (NBO)

1 Introduction

Mercury (Hg) is an environmental contaminant with ele-

vated concentrations frequently observed in the atmosphere

[1, 2], natural waters [3, 4] and the human body [5]. In the

atmosphere, elemental Hg and small molecule halides and

oxides are thought to be the most important species, while

in aqueous solution, sulfidic, halides and hydroxidic spe-

cies are often important. Within biota including humans,

organometallic Hg compounds and species with Hg–S

bonds are the most dominant [5]. Thus, environmentally

important reactions of Hg involve Hg hydroxides, sulfides,

bisulfides (sulfhydryls, –SH) and halides. The low reac-

tivity of gaseous elemental Hg(0) (GEM) in the atmosphere

is primarily responsible for its long-range transport around

the globe. However, several recent studies indicate that

GEM is rapidly photooxidized to Hg(II) compounds known

as reactive gaseous mercury (RGM) in the Arctic region

during polar sunrise [6–8].

In solution, the Hg(II) ion tends to be surrounded by

octahedrally arranged water molecules to give, in effect,

[Hg(H2O)6]2?. This arrangement is disturbed if one or

more of the water molecules dissociate or if deprotonation

of one or more of the water molecules occurs. In either
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case, this results in [Hg(L)n(H2O)m]q, more briefly written

as [HgLn]q.

The explanations of factors determining the specificity

of metal ion uptake are often based on qualitative or semi-

quantitative theories or principles, such as the HSAB (hard

and soft acids and bases) principle of Parr and Pearson

[9, 10], the Irving–Williams series of stability constants

[11, 12] or the empirically observed abundance of specific

geometries for a given transition metal (TM) in a given

oxidation state [13, 14]. Besides, there have been attempts

to model TM complexes by molecular mechanics [15, 16]

and the achievements have been reviewed by Comba [17].

However, it should be stressed that TM systems are chal-

lenging even for the sophisticated quantum chemical the-

ories, which implies that one cannot necessarily expect to

obtain an accurate description of their properties and

structures with the force field (molecular mechanics)

approach.

High-level quantum chemical methods can be applied to

the quantitative and accurate modeling of TM complexes.

In the past decade, a huge amount of papers dealing with

theoretical calculations of various TM systems have been

published, and we refer the reader to some recent and older

reviews [4, 5, 18–28]. In the next paragraph, we confine

ourselves to the theoretical studies pertinent to this work.

An understanding of mercury bonding or interaction is

essential to understand and anticipate possible reactions,

bioavailability and toxicity of mercury in the environment.

Several authors [29–44] have treated the interaction

between the bare mercury ion and small molecule(s) or

ions theoretically. Wienderhold et al. [45], Schauble [46],

Filatov and Cremer [29], Cremer et al. [30] and Peterson

et al. [31–39] performed theoretical calculations at differ-

ent levels of theory on the stability of Hg-chalcogenides

and Hg-halogens. Cremer et al. [29, 30] showed that the

Hg–S bond is weaker than the Hg–OH, Hg–SH and Hg–Cl

bonds. These findings are in contradiction with the HSAB

principle. The quantum chemical studies of mercury

complexes that are perhaps most relevant to the current

work are those of the Peterson group [31–39] and those by

Tossell [40–44]. Each of these investigations focused on

selected mercury compounds [HgLn]q (L = Cl-, HO-,

HS- and S2-). However, the latter author did not attempt

to perform a comprehensive study of mercury bonding by

varying the number of H2O molecules, while the former

authors, Peterson et al. [32], did this with one, two and

three water molecules. Therefore, it is important to study

the interaction of other mercury species with larger explicit

solvation spheres, which has not previously appeared in the

literature.

The aim of the current work is to provide a thorough and

comparative study of the interactions of the Hg(II) ion with

different functional groups (attached to it in defined

coordination modes), specifically water, H2O; hydroxide,

OH-; sulfide, S2-; bisulfide, HS-; and chloride, Cl-.

The effects of finite numbers of first- and second-coordi-

nation-sphere waters (microsolvation) are investigated.

Furthermore, we attempt to evaluate precisely the small

differences in interaction energies of Hg(II) ion with dif-

ferent ligands and to investigate the factors determining their

affinity and selectivity toward Hg2?. Moreover, we study the

properties of the Hg(II) ion and the ligands, Cl-, OH-, HS-

and S2-, that characterize their ability to act as an acid or

base, that is, the ability to donate or accept electronic charge

(HSAB principle). To achieve this, we compute electro-

negativity, v; chemical hardness, g; chemical potential, l;

and the global electrophilicity, x? for a series of Hg(II)

complexes. We also compute the charge transfer, DN, for

bringing these ligands and [Hg(H2O)m]2? together.

1.1 Computational details

Geometry optimizations for the gas-phase Hg(II)–ligand

complexes were carried out with two different density

functionals and a variety of basis sets. In order to confirm

that the resulting geometries correspond to minima on the

potential energy surface, vibrational frequencies were

computed as well. All the calculations were performed in

the framework of density functional theory (DFT). Unless

otherwise noted, the calculations were carried out using the

Gaussian03 program (B05 version) [47]. The three-

parameter functional developed by Becke [48], which

combines Becke’s gradient-corrected exchange functional

and the Lee–Yang–Parr and Vosko–Wilk–Nusair correla-

tion functionals [49–51] with part of the exact Hartree–

Fock exchange energy, has been employed (denoted as

B3LYP). This is combined with various effective core

potentials and basis sets (see below) for geometry optimi-

zations, vibrational analyses and electronic structure cal-

culations of aqueous complexes. For the Hg(II) ion, we

used the Stuttgart–Dresden basis set (SDD) [52] with the

respective effective core potential to treat the scalar rela-

tivistic effects.

Calculations have also been performed with the

Amsterdam Density Functional package (ADF 2008 [53]).

The zero-order regular approximation (ZORA) [54] to the

Dirac equation has been applied to the [Hg(L)n(H2O)m]q

molecules in the variant where spin–orbit interaction was

neglected (scalar relativistic approximation). To under-

stand the nature of the Hg–L bond in the Hg(II) complexes,

the [Hg(L)n(H2O)m]q formation energy was decomposed

into orbital interaction energy, electrostatic energy, Pauli

electron repulsion and strain energy using the energy

decomposition scheme of Ziegler and Rauk [55], as

implemented in ADF 2008 [53]. Both the geometry opti-

mization and energy decomposition calculations were
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performed using the PBE functional [56]. Uncontracted

Slater-type orbitals were used as basis functions. The

valence basis functions have triple-f quality, augmented

with two sets of p functions for Hg, Cl and S, but with only

one set of p functions for the other atoms, ZORA-TZ2P and

ZORA-TZP. The (1s)2 core electrons of O, the (1s2sp)10

core electrons of Cl- and S2-, and the (1s2sp3spd4spdf)60

core electrons of Hg(II) were treated within the frozen-core

approximation [57].

We determined the structures of the complexes as fol-

lows. Thirty water molecules were added to each solute in

an approximately spherical shape, using the GaussView

graphical interface. We optimized the corresponding

structures at the B3LYP (G03) and PBE (ADF 2008) levels

of theories using SDD/cc-pVTZ and TZP basis sets,

respectively. Next, we removed all the water molecules

that formed the third, fourth and higher solvation layers.

We repeated these optimization steps with each ligand and

followed the same procedure. Finally, we got the structures

of the Hg(II) complexes as shown in Figs. 1 and S1–S7

(Supporting Information).

We examined basis set convergence by increasing the

size of the basis set for Hg(II) and the ligands. For

Gaussian 03, we used 6-311?G(d), 6-311G(dp)

6-311?G(d,p) and cc-pVTZ for the ligands, and SDD with

ECP for Hg(II), then increased the basis set for Hg(II)

using cc-pVTZ-PP with ECP. For the ADF 2008 code, we

used TZP for all the atoms in the complexes using the

scalar ZORA method for relativistic effects, and then

increased the basis set size only on Hg(II), S and Cl by

using TZ2P and TZP for O and H atoms. After that, we

calculated the free energies of formation of the corre-

sponding ligands; see Table 4 below and supporting

material (Table S8). The data in these two tables indicate

that the best level of basis set, which can be considered as

converged, is cc-pVTZ//cc-pVTZ-PP. Consequently, we

report results at this level only, unless otherwise stated.

In order to analyze the charge distribution and to better

understand the intramolecular interactions in the system,

the second-order perturbation theory analysis of the Fock

matrix in the natural bond orbital (NBO) [58] analysis was

performed on the optimized electronic densities using the

NBO program as implemented in the Gaussian 03 package.

This analysis provides an improvement over the Mulliken

population analysis often used in the description of the

charge distribution.

1.2 Pearson’s principle

Two quantities central to DFT, l and g [10, 59], measure

the response of the electronic energy (E[t, N]) to electron

transfer and redistribution, initiated by a chemical reaction.

The linear response is l,

l ¼ �v ¼ oE

oN

� �
t

ffi � IPþ EA

2
ð1Þ

N is the number of electrons, and t(r) is the external

potential. In practice, the approximation of finite

Fig. 1 Selected equilibrium

geometries of [Hg(H2O)m]2?

and [Hg(L)n(H2O)m]q (n = 1, 2;

m = 0, 1, 5, 6, 7, 9; q = 2 - n
for L = HO-, Cl-, HS- and

q = 2 - 2n for L = S2-)

complexes computed at the

B3LYP/cc-pVTZ//SDD (ECP)

level of theory
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differences, the slope of the curve of energy against the

number of electrons, maintaining the external potential

constant, can be described in terms of the ionization

potential, IP, and the electronic affinity, EA. Thus, the

chemical potential can be associated with the negative of

Mulliken’s electronegativity (v) [60] in the form of Eq. 1.

Physically, l corresponds to the capacity of a system to

donate electron density. The electron transfer between

reactants flows from high to low l. The curvature

corresponds to the system’s hardness:

g ¼ 1

2

o2E

oN2

� �
t

ffi IP� EA

2
ð2Þ

which measures the resistance to charge redistribution

[10, 59]. The hardness, g, corresponds to the difference

between the ionization and affinity energies. Chemical

softness (r) is defined as the inverse of g, r = 1/g. When

an electron acceptor (A) and donor (B) react, there is a net

redistribution of electrons from B to A (lB [ lA). As the

product AB is formed, lA and lB equilibrate such that

lA = lB = lAB. Using this condition, Parr and Pearson

[10] derived the amount of charge transfer term using

Malone’s ideas [61]:

DN ¼ 1

2

lB � lA

gB þ gA

ð3Þ

where lA and lB are the chemical potentials of the elec-

trophilic and nucleophilic molecules, respectively. gA and

gB are the respective hardnesses. Note that DN depends on

the electrophilic system, and, therefore, there is not a

unique nucleophilic scale. It will vary from one electro-

phile to another.

The global electrophilicity index was proposed by Parr,

von Szentpaly and Liu [62]. It is associated with the power

of an atom or a molecule to capture electrons. Considering

a system as an electrophilic species inside a sea of free

electrons and allowing for saturation of the electrophilic

species with electrons, it follows that the stabilization

energy of the system is equal to l2/2g. Therefore, x?, as

defined by Eq. 4, is a measure of the system’s

electrophilicity.

xþ ¼ l2

2g
: ð4Þ

2 Results and discussion

To facilitate the discussion, the geometrical parameters of

the Hg(II) complexes are grouped into seven sets that are

shown in the Supporting Information (Figs. S1–S7;

B3LYP/cc-pVTZ//SDD(ECP) optimized structures):

[Hg(H2O)m]2? (Fig. S1), [Hg(Cl)n(H2O)m]2-n (Fig. S2),

[Hg(OH)n(H2O)m]2-n (Fig. S3), [Hg(Cl)(OH)(H2O)m]0

(Fig. S4), [Hg(S)n(H2O)m]2-2n (Fig. S5), [Hg(SH)n(H2O)m]2-n

(Fig. S6) and [Hg(S)(SH)(H2O)m]1- (Fig. S7). Selected struc-

tures are shown in Fig. 1 also. The molecular geometries of all

participating species have been fully optimized at the B3LYP

(G03) and PBE (ADF 2008) levels to obtain the equilibrium

geometries that can be used for the subsequent calculations.

The results and discussion is organized as follows: Geometries,

harmonic vibrational frequencies, energetic analysis including

hydration and reaction free energies and interaction energy,

and, finally, the HSAB principle.

2.1 Geometries

2.1.1 Aqua complexes

Structures of water–Hg(II) clusters that include the first and

second coordination spheres were optimized in the absence

of a continuum solvent. Experimental [63] evidence sug-

gests that the first solvation shell of the 5d Hg(II) metal ion

is composed of six water molecules. Information on the

second coordination shell is much scarcer than for the first

hydration shell; however, we optimized the structures with

a second hydration shell of seven to ten water molecules,

Table 1.

The data in Table 1 show that a change from two to six

water molecules increases the Hg–O bond length by almost

0.3 Å. From our calculations, we note that the number of

the solvating ligands has a strong effect on the bond length

and (possibly) bond strength. Until the point of saturation

of the first solvation sphere at m = 6, we see monotonous

increase in the average bond length. The short distance

observed here for m = 7–10 with respect to 6 (for example,

Table 1 Comparison between the calculated values of the Hg(II)–

oxygen distance in [Hg(H2O)m]2?, m = 2–10, and the experimental

measurements undertaken in the aqueous phase

m Hg(II)–O/Å

1st Shell 2nd Shell Other studiesb

2 2.081 2.080

3 2.215

4 2.288 2.270

5 2.351

6 2.413

7 2.396 4.091

8 2.408 4.121

9 2.406 4.142

10 2.404 4.215

Experimentala 2.34–2.41 4.10

Average values
a Ref. [63]
b Ref. [108]
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the Hg–O bond length is 2.413 Å and 2.396 Å for

[Hg(H2O)6]
2? and [Hg(H2O)7]

2?, respectively, Table 1) may

merely be due to the second-shell waters that are experiencing

attraction from the metal cation moving closer to it, thereby

partly ‘compressing’ the first-shell waters. Moreover, the sec-

ond-shell waters donate some electron density to the first-shell

waters. As a consequence, this increases the attraction between

the water in the first shell and Hg(II). Very similar effects of

first- and second-shell waters on metal–ligand bond lengths are

observed for the [HgLn]
q complexes also, see below.

2.1.2 Chloride complexes

The B3LYP-optimized Hg–Cl distances are 2.248 and 2.299

Å for the [Hg(Cl)(H2O)]? and [Hg(Cl)2]0 complexes,

respectively (Table 2, see also Fig. S2). This is somewhat

close to the experimental range of 2.274–2.500 Å [64–68] and

within 2.252–2.340 Å [69–74] range. In the remainder of this

section, we will only discuss non-solvated complexes.

It appears that structures for other complexes included in

the present study, particularly [Hg(Cl)3]1- and [Hg(Cl)4]2-,

have not been reported previously. The B3LYP-optimized

HgCl bond lengths of the corresponding complexes are 2.473

and 2.619 Å, respectively, Fig. S2; Table 2.

2.1.3 Hydroxide complexes

The complexes [Hg(OH)]? and [Hg(OH)2] have not

received much attention [75, 76]. Soldan et al. [75] studied

mono-solvated Hg(II) and [Hg(OH)]? using B3LYP and

several correlated ab initio methods. The Hg–OH bond

length in the present study is 2.007 Å for [Hg(OH)]?,

Table 2. This is slightly longer than the MP2 result of

1.967 Å (Soldan et al.). Wang [76] reported that [Hg(OH)2]

is stable and has a linear O–Hg–O angle. The Hg–OH bond

length of the corresponding complex is 1.996 Å [109] at the

B3LYP/6-311??G(3df, 3pd)//SDD level of theory. This

bond length, in the present study, is 1.990 Å (Table 2 or

Fig. S3), which agrees very well with the previous litera-

ture result that used high-level basis sets. This further

confirms that our basis sets are close to convergence. The

experimental Hg–OH bond length range of [Hg(OH)2] is

Table 2 B3LYP/cc-pVTZ//SDD (ECP) Hg–L1 (Hg–L2) equilibrium distances (Å) and harmonic vibrational frequencies (cm-1; in square

brackets, [HgL1 (HgL2)])

m Calculated

RHg–L, Å [mHg–L, cm1-]

[Hg(Cl)(H2O)m]1? [Hg(OH)(H2O)m]1? [Hg(SH)(H2O)m]1? [Hg(S)(H2O)m]0

0 2.286 [338.8] 2.007 [507.1] 2.362 [311.7] 2.295 [334.5]

1 2.248 (2.170) [360.3 (340.6)] 1.957 (2.153) [610.0 (386.8)] 2.312 (2.221) [385.1 (321.7)] 2.251 (2.409) [387.6 (224.2)]

5 2.279 [354.3] 1.989 [499.9] 2.324 [362.7] 2.277 [373.0]

6 2.278 [312.4] 1.982 [484.6] 2.327 [349.8] 2.310 [370.1]

7 2.324 [298.3] 2.076 [489.5] 2.360 [327.4]

9 2.453 [285.2] 2.119 [451.0] 2.389 [287.1] 2.314 [359.0]

Exptj 2.301a [299.0]b 1.967c [555.0]c

[Hg(Cl)2(H2O)m]0 [Hg(OH)2(H2O)m]0 [Hg(Cl)(OH)(H2O)m]0 [Hg(SH)2(H2O)m]0

0 2.299 [327.2, 381.5] 1.990 [544.0, 613.0]h 2.295 (1.997) [354.3 (576.4)] 2.362 [312.2, 361.3]

4 2.380 [291.0, 328.6] 2.028 [508.3, 575.0] 2.343 (2.049) [325.3 (542.1)] 2.390 [296.2, 339.7]

6 2.446 [281.1, 290.9] 2.094

[442.4, 497.5]

2.336 (2.040)

[332.3 (538.2)]

2.439 [271.8, 302.2]

Exptj 2.252–2.340d [355e, 358f, 313g, 376g] 1.996i [551.0, 644.2]h

[Hg(S)2(H2O)m]2- [Hg(S)(SH)(H2O)m]1- [Hg(Cl)3(H2O)m]1- [Hg(Cl)4(H2O)m]2-

0 2.372 [310.1, 343.8] 2.280 (2.461) [388.4, 266.8] 2.473 [260.9, 256.8, 246.5] 2.619 [210.0, 178.2, 178.5, 180.3]

2 2.607 [215.3, 182.0, 182.1, 193.0]

3 2.467 [263.1, 255.0, 258.3]

4 2.364 [315.3, 348.0] 2.310 (2.421) [378.0, 290.5]

6 2.360 [316.5, 352.1] 2.315 (2.420) [373.3, 291.0] 2.510 [265.3, 242.5, 224.2] 2.594 [221.3, 193.8, 194.0, 194.7]

a Ref [64]; b Ref [86]; c Calculated values using UMP2/ECP60MWB level of theory, see Ref [90]; d Ref. e Ref [69–74]; f Ref [87]; g Ref [88];
h Ref [90, 109]; i Ref [109]; j experimental values for [Hg(L)]2-z complexes, m = 0
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2.00–2.10 Å [77, 78], slightly longer than for either of the

optimized geometries.

2.1.4 Mixed chloride/hydroxide complexes

To our knowledge, there are no experimental or theoretical

data on the structures of [Hg(Cl)(OH)(H2O)m]0 com-

plexes. However, Peterson et al. [34, 35, 39] applied the

CCSD(T) method with different basis sets to study the

structure and calculate the heat of formation of Hg(Cl)(O).

[See Ref. [34] for a detailed discussion of Hg(Cl)(O)]. The

optimized Hg–Cl and Hg–OH bond lengths of Hg(Cl)(OH)

are 2.295 and 1.997 Å, respectively, Fig. S4 or Table 2. We

can compare these with the bond lengths of HgCl, Hg(Cl)2

and HgOH and Hg(OH)2 (Table 2). From this comparison,

we conclude that the presence of Cl- or OH- in the trans

position will lengthen the Hg–Cl bond. The reverse effect

is found for the Hg–OH bond length. This can be attributed

to the donating ability of the ligands. The NBO analysis

shows that the lone pair on the oxygen atom of the

hydroxide group, LpO, is donating into the antibonding

Hg–Cl orbital, r*HgCl. This donation is stronger than the

donation from the Cl- lone pair, LpCl, to r*HgOH, resulting

in the overall bond length effect.

2.1.5 HS- and S2- complexes

In aqueous media, Schwarzenbach and Widmer [79] sug-

gested the (pH-dependent) species [Hg(HS)2], [Hg(S)

(HS)]- and [HgS2]2-. In contrast, Barnes et al. [80] pro-

posed four possible complexes, [Hg(S)(H2S)2], [Hg(HS)3]-,

[Hg(S)(HS)2]2- and [Hg(S)2]2-, to model experimental

results. On the other hand, Jay et al. [81] proposed that the

complex, Hg(Sx)2
2-, dominates the speciation of Hg(II) in

the aqueous medium. Jay et al. [81] studied the effect of

polysulfides on cinnabar [HgS(s)] solubility at lower S

concentrations. They quantified a large increase in the

solubility of cinnabar in the presence of elemental sulfur,

particularly at high pH, while they reported that at lower

sulfide concentrations and at high pH, the data are best

fitted by considering also the formation of the species

HgSxOH-. According to a different study by Barnes

[82], [Hg(HS)2] is the dominant species at pH values less

than 6, whereas [Hg(S)(HS)]- dominates between pH = 6

and 8, and [Hg(S)2]2- above pH = 8; [Hg(S)(HS)(OH)]2-

requires high pH values, which are outside the pH range of

natural waters. Using ab initio methods, Tossell [42, 43]

has calculated a number of structures for Hg–S complexes

in which Hg is two-coordinate. The molecules

[Hg2(S)(SH)2], [Hg(S)], [Hg(S)(H2O)] and [Hg(SH)(OH)]

were studied at various levels of theory [42, 43]. Lennie

et al. [83] reported, from the comparison of calculated

(2.399 Å) [42] and their experimental Hg–O distances

(2.200 Å), that it is impossible to identify the coordinating

oxygen as belonging to either H2O or HO-. In any case, for

Hg–S complexes, Tossell [43] proposed [Hg3(S)2(SH)2] as

being the best model to represent cinnabar since, at the HF

level of theory, it best reproduces the Hg–S bond distance

(2.390–2.410 Å) and S–Hg–S (179.0o) and Hg–S–Hg

(96.0–104.0o) angles.

We have systematically explored the structures of Hg(II)

complexes with sulfur, in the form of sulfide (S2-) or

bisulfide (HS-). The studied complexes are: [Hg(S)n

(H2O)m]2-2n, [Hg(SH)n(H2O)m]2-n and [Hg(S)(SH)(H2O)m]1-

forn = 1 and 2 and m = 1, 5, 6, 7and9 and 0, 4 and 6 (ifn = 2),

respectively. At the given B3LYP level of theory, we

obtained optimized Hg–S distances of 2.295, 2.251, 2.372

and 2.280 Å for [Hg(S)], [Hg(S)(H2O)], [Hg(S)2]2- and

[Hg(S)(SH)]1-, respectively, Table 2. Further, the opti-

mized Hg(II)–bisulfide bond distances of [Hg(SH)]?,

[Hg(SH)(H2O)]?, [Hg(SH)2] and [Hg(S)(SH)]1- com-

plexes are 2.362, 2.312, 2.362 and 2.461 Å, respectively,

Table 2. The B3LYP calculations reproduce the experi-

mental Hg–S distance to within 0.005 Å (for the

Hg(S) complex, 2.30 Å) [83]. Likewise, the optimized

structures of mono-hydrated cinnabar, [Hg(S)(H2O)], and

Hg(II) coordinated with two sulfur ligands, [Hg(S)2]2-, are

relatively close to the experimental Hg–S distances, 2.30 Å

(EXAFS) and 2.35 Å (XRD), respectively [83]. The cor-

responding optimized bond lengths are 2.251 and 2.372 Å,

respectively. The qualitative trends are as expected: The

Hg–SH bond, [Hg(SH)(H2O)m]?, m = 0 or 1, is longer

than Hg–S, [Hg(S)(H2O)0 or 1], and the bond from Hg to –S

in [Hg(S)2]2- is slightly longer than that to –SH in

[Hg(SH)2], Table 2. The presence of –S in the trans position of

the [Hg(S)(SH)]1- and [Hg(S)2]2- complexes increases the

Hg–SH and Hg–S bond lengths by about 0.1 and 0.08 Å,

respectively, while the presence of an aqua ligand in the trans

position of [Hg(SH)(H2O)]? and [Hg(S)(H2O)]0 complexes

shortens the corresponding bonds by about 0.044 Å and 0.050

Å [40, 42], respectively. Finally, the presence of an –SH

ligand in the trans position for the corresponding bonds

shortens the Hg–S distance (by 0.015 Å) while having no

effect on the Hg–SH bond length.

2.2 Frequencies of unsolvated species

B3LYP frequencies are known to be systematically higher

than the experimental values. This would require multi-

plying the calculated frequencies by some scaling factor

that is slightly smaller than 1. However, to the best of our

knowledge, there is no tabulated scaling factor available

for the B3LYP/cc-pVTZ//SDD (ECP) level of theory [84,

85]. Hence, we report the frequencies as calculated. The

harmonic vibrational frequencies, calculated in the gas

phase, are presented in Table 2.
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The chloride complexes show a characteristic decrease

in the Hg–Cl stretching frequencies with the lengthening in

the corresponding bond. The calculated Hg–Cl stretching

frequencies for Hg(Cl) and Hg(Cl)2 are 338.8 and 327.2

(381.5) cm-1, respectively, which are in reasonable

agreement with experimental values (299.0 cm-1 for

Hg(Cl) [86] and 313–365 cm-1 for Hg(Cl)2 [87–90]). Both

the experimental and calculated Hg–Cl stretching fre-

quencies are correlated with the bond lengths.

The theoretical [90] and experimental [75] IR frequen-

cies of the [Hg(OH)]? and [Hg(OH)2] complexes are

555.0 cm-1 (calculated at the UMP2/ECP60MWB level of

theory) and 551.0 cm-1 (644.2 cm-1 asymmetric, as),

respectively. Our calculated stretching frequencies of

[Hg(OH)]? and [Hg(OH)2] are 507.1 cm-1 and 544.0 cm-1

[613.0 cm-1 (as)]. They are in agreement with the experi-

mental values [75]. A decrease in the Hg–O stretching fre-

quency is again directly correlated with an increase in the

corresponding bond length, Table 2.

The concentrations of mercury sulfide species in aque-

ous solution are usually very small, so that their identifi-

cation by spectroscopy is difficult. It might be possible to

concentrate such species by using partitioning into organic

solvents, and in this case, characterization by spectroscopic

methods like IR/Raman, optical/UV absorption, EXAFS or

XANES may be possible. Nevertheless, it is not currently

possible to use these techniques to distinguish between the

species [Hg(SH)2], [Hg(S)(SH)]1- and [Hg(S)2]2-. The

calculated Hg–S and Hg–SH stretching frequencies might

aid the spectroscopic characterization, Table 2. The trends

are as expected: (1) The Hg–S frequencies increase when –

SH is substituted by –S. (2) The Hg–(S)(S) stretching

frequency is significantly lower than that of Hg–(S) and

Hg–(S)(SH). (3) There is no significant difference in the

stretching frequency between Hg–(SH) and Hg–(SH)(SH).

(4) The stretching frequencies of Hg–(S)(SH) and Hg–

(SH)(S) are higher than for both S2- and SH-, coordinated

as mono-ligands to Hg(II), and lower than the corre-

sponding frequencies when the ligands are coordinated as

diligands to Hg(II).

2.3 Microsolvation effects

Cluster formation of a solute molecule with a few solvent

molecules, such as H2O, is known as microsolvation

[91–95]. Experimental information on the structural details

of the second hydration shell is generally scarcer than that

for the first shell [63]. However, it is difficult, experimen-

tally or theoretically, to judge whether the water molecules

are in the first or in the second shell. Hence, we need to

know whether there is a direct interaction (for first-shell

waters) between the water and Hg(II) or not (2nd shell). In

other words, we need some kind of criteria to establish

whether the water molecules are in the 1st or 2nd shell.

Here, we use three methodologies to solve this problem.

They can be summarized as follows: (1) using the Hg–O

distances and visual inspection in a graphical user interface,

(2) NBO analysis (to determine which water molecules

interact directly with Hg(II), and assign them to the 1st

shell; then which water molecules interact with the 1st shell,

but have no direct interaction with Hg(II)—those water

molecules are assigned to the 2nd shell, and so on), and (3)

the hydration free energy calculations. We will discuss the

first two approaches in this section, while the third one will

be discussed later in the energetic analysis section. Calcu-

lated Hg–O(H2) distances are shown in Tables 1 and 3.

From visual inspection, bond lengths and NBO analysis,

we find that the [HgLn(H2O)m]q complexes can be classi-

fied into two categories: (1) One or more of the water

molecules form a direct coordination bond with Hg(II). The

rest of the water molecules constitute the second solvation

shell, forming hydrogen bonds with the ligand, and act as

electron donors. (2) None of the water molecules forms a

coordination bond with Hg(II). Instead, they only form

hydrogen bonds with the ligands. In this case, they act as

electron acceptors [96–98].

In case 1, the Hg–L bond will lengthen as the number of

coordination bonds around the Hg(II) increases. An

example is provided by the series [Hg(Cl)(H2O)5]?,

[Hg(Cl)(H2O)6]?, [Hg(Cl)(H2O)7]? and [Hg(Cl)(H2O)9]?.

The first complex has three water molecules coordinated to

Hg(II), forming a distorted tetrahedral geometry. The sec-

ond complex has two coordination bonds, forming a

T-shaped structure, and the third and the last complexes

have three and four coordination bonds forming a trigonal

pyramid and square pyramid, respectively, see Fig. S2

(Supporting Information). The Hg–Cl bond lengths are

2.279, 2.278, 2.324 and 2.458 Å, respectively, directly

reflecting the number of coordinated H2O ligands.

In case 2, none of the water molecules forms a coordi-

nation bond with Hg(II). Instead, they only form hydrogen

bonds, as acceptors, with the ligands. Thus, all the water

molecules are considered as part of the second solvation

shell. In this case, the corresponding ligand bond length

will be shortened. This case is illustrated by

[Hg(Cl)4(H2O)m]2 (m = 0, 2 and 6) and [Hg(S)2(H2O)m]2-

(m = 0, 4 and 6), Figs. S2 and 1; Table 2. The average

Hg–Cl and Hg–S bond lengths show, in each series,

decreasing Hg–L bond lengths. We note in passing that the

aquo complexes, [Hg(H2O)m]2?, fit into both categories.

The lengthening of the bonds in case 1 can be attributed

to electron donation from the oxygen lone pair(s) of the

coordinated water molecule(s), LpO, to the antibonding

Hg–L orbital, r*Hg–L. The shorter the Hg–OH2 coordina-

tion bond distance(s), the stronger the electron donation

and the longer the Hg–L bond length. Based solely on this

Theor Chem Acc (2012) 131:1174 Page 7 of 17
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argument, [Hg(Cl)(H2O)5]? and [Hg(Cl)(H2O)7]? should

have approximately the same Hg–Cl bond length. Instead,

however, the Hg–Cl bond in the [Hg(Cl)(H2O)7]? complex

is longer because of a hydrogen bond between one of the

water molecules and the Cl- ligand.

For case 1, the calculated total NBO charge on Hg(II),

QHg(II), increases as the number of first and second

hydration shell waters increases, in agreement with the

preceding discussion, Table 3. The charge QHg(II) is

inversely proportional to the distance between Hg(II) and

the second-shell waters, Hg–OII. This applies to cationic,

neutral and mono-anionic species, Table 3.

The shortening of the corresponding bond lengths in case 2

can be explained through the decrease in charge density. For

instance, in the above example, the average NBO charges of

the Cl- ligands are -0.66, -0.64 and -0.61 for [Hg(Cl)4]2-,

[Hg(Cl)4(H2O)2]2- and [Hg(Cl)4(H2O)6]2-, respectively.

This decrease in the average charge of the Cl- can be attrib-

uted to the hydrogen bond formation between the Cl- ligands

and the water molecules, which will decrease the negative

charge density. As the negative charge decreases, the repul-

sion between the ligands decreases and the Hg–L bonds

become shorter. Put differently, solvation through the second-

coordination-sphere waters stabilizes the polar Hg–L bonds.

The [Hg(S)(H2O)m] complexes are an exceptional case:

As the number of water molecules increases, the Hg–S

bond length, the Hg–OII distance and the charge, QHg(II), all

increase. This can be attributed to the fact that the S2-

ligand is doubly negatively charged, and the water mole-

cules form hydrogen bonds and act as electron acceptors,

LpS ? r*H–O (proton donor [96–98]). This will decrease

the negative charge on the S ligand. Hence, the attraction

between the Hg(II) and S2- decreases, and this is reflected

in the bond length, Hg–S. As a result, the Hg–S bond is

lengthened, which means less electron donation from S to

Hg(II), and hence, the positive charge on Hg increases.

This will also affect the Hg–OII distance.

For complexes with no water molecules coordinated

with Hg(II), case 2, the Hg–L bond lengths decrease with

an increasing number of water molecules. The Hg–OII

distances and the QHg(II) charges decrease also. This is due

to increased stability within the second-coordination-shell

water cluster. Two examples are provided by the Hg–OII

distances and the charges QHg(II) of [Hg(Cl)4(H2O)4]2-/

[Hg(Cl)4(H2O)6]
2- and [Hg(S)2(H2O)4]

2-/[Hg(S)6(H2O)4]
2-,

Table 3.

2.4 Energy analysis

In this section, we present the results of different types of

energy analysis. These are the hydration free energy of

hydrated clusters [Hg(H2O)m]2? (DGhyd), the reaction free

energy to form the complexes [HgLn(H2O)m]q from

[Hg(H2O)6]2? (DrG) and the interaction energy (Eint). The

first one, DGhyd, is used to determine the number of water

molecules in the first shell. The second one, DrG, gives an

indication regarding the basis set convergence. Further-

more, DrG allows us to determine whether or not the

addition of water molecules will increase the stability of

Hg(II) complexes. Finally, Eint gives an indication of the

effects of the ligand type and the number of water mole-

cules on the electrons donation from the corresponding

ligands to Hg(II).

2.4.1 [Hg(H2O)m]2? clusters: hydration energies

In this section, we consider the Gibbs free energy of

hydration, DGhyd, of Hg2?. The hydration free energy,

DGhyd, provides an alternative means to determine how

many water molecules are in the first hydration shell.

DGhyd is also an experimental thermodynamic parameter

for the solvation of the metal ion.

The hydration free energy, DGhyd, for a given hydrated

cluster Hg(II)–(H2O)m can be calculated as:

DGhyd ¼ GHg IIð Þ� H2Oð Þm � ðGHgðIIÞ þ mGH2OÞ ð5Þ

where GHg(II)–(H2O)m refers to the free energy of the

[Hg(H2O)m]2? cluster, GHg(II) is the free energy of Hg(II)

and G(H2O) is that of a single optimized H2O molecule. The

calculated (B3LYP) values of the free energies for Hg(II)

and H2O used to calculate the DGhyd are -152.502116 and

-76.456210 au, respectively. The basis set superposition

error (BSSE) correction is done using the full counterpoise

method [99]. The corrected values of the hydration ener-

gies are presented in Table S1.

The hydration free energy, DGhyd, of the cluster,

[Hg(H2O)m]2?, increases with increasing the number of

water molecules. The increase depends on the ion–solvent

interaction, solvent–solvent H-bonding interactions and the

orientation of the water molecules. Figure 2a shows the

calculated DGhyd as a function of the number of water

molecules. The value of DGhyd increases monotonously.

From this figure, it is difficult to predict the coordination

number of the Hg(II), which is the main idea of this sec-

tion. So, to get a clearer picture, the incremental hydration

free energy, DDGhyd, is plotted in Fig. 2b.

The incremental hydration free energy has been calcu-

lated as:

DDGhyd ¼ GHgðIIÞ�ðH2OÞm � ðGHgðIIÞ�ðH2OÞm�1 þ GH2OÞ
ð6Þ

Figure 2b shows that the magnitude of the incremental

hydration free energy decreases with increasing the number

of water molecules around Hg(II) ion. Hartmann et al.

[100] noticed similar effects for the microsolvation of

Zn2?. However, the charge from Hg(II) will diffuse to the
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surrounding water molecules in the first coordination sphere.

According to Fig. 2b, with increasing m, DDGhyd will

decrease gradually up to the point where the first coordination

sphere is filled (m = 6). Starting with m = 7, the second

coordination sphere is being filled. Thus, it will be simply the

effect of inter-water hydrogen bonding, in addition to the

charge transfer and polarization effects that will occur from

the Hg(II) ion to the 2nd shell through the 1st water shell and to

the 3rd shell through the 1st and 2nd shells. Beginning with the

second solvation shell, m C 7, the incoming water molecules

simply interact through inter-solvent hydrogen bonding, as

shown in Fig. 2b. However, if we compare the decrease in the

DDGhyd values of m = 8 with respect to m = 7 and of m = 9

with respect to m = 8, we note a constant decrease (2 kcal/

mol). It results from the H-bonding, and because of the par-

ticular symmetry for the 7th, 8th and 9th waters, we obtain the

same value of decrease. This decrease is not constant anymore

from m = 10 to 12 because of symmetry issues.

2.4.2 [HgLn]q reaction free energies

In Table S2 are presented the B3LYP/cc-pVTZ//cc-pVTZ-

PP (ECP) (G03) and PBE/TZ2P (ADF 2008) reaction free

energies for the relevant complexes, starting from

[Hg(H2O)6]2?, reaction (7).

Hg(H2O)6½ �2þþxCl�þyHO�þ zHS�þ z0S2�

+

Hg(Cl)xðOHÞyðSHÞzðSÞz0 ðH2OÞm
h i2�x�y�z�2z0

þð6�mÞH2O

ð7Þ

where x ? y ? z ? z0 B 2.

Reaction 7 represents the reaction of the hexaaqua-

mercury complex with different ligands.

According to thermodynamic calculations [101], the

divalent mercury in surface waters, Hg(II), is not present as

the free ion Hg(II), but should be complexed in variable

amounts to hydroxide ([Hg(OH)]?, [Hg(OH)2]) and chlo-

ride ions ([HgCl]?, [HgClOH], [HgCl2], [HgCl3]-,

[HgCl4]2-) depending on the pH and the chloride con-

centration. It is also possible that, even in oxic surface

waters, some or most of Hg(II) might be bound to sulfides

(S2- and HS-), which have been measured at nanomolar

concentrations in surface seawater [102]. The mercuric ion

exhibits extremely high affinity for sulfide. This property

controls the chemistry of mercury in anoxic waters and

sediments. The speciation of dissolved Hg(II) in sulfidic

waters is completely dominated by sulfide and bisulfide

complexes ([HgS2H2], [HgS2H]-, [HgS] and [HgS2]2-). In

this case, we can consider x = y = 0 (Eq. 7), and the

complexes that can exist are [Hg(S)z0(H2O)m]2-2z,

[Hg(SH)z(H2O)m]2-z, [Hg(S)(SH)(H2O)m].

With reasonably converged basis sets, it is straightfor-

ward to calculate DrG for reaction (7). Increasing the

number of water molecules beyond m = 4 will not affect

the hydration free energy, DGhyd (Table S2; G03 calcula-

tions). We note that the reaction is exothermic in all cases.

Increasing the value of m, that is, increasing the number of

water molecules in the product, will convert DrG into

DGhyd. DGhyd can then be calculated for the following two

reactions, (8) and (9), as shown in Eqs. 10 and 11:

Hg(L)(H2O)½ �þ or 0þðm� 1ÞH2O! Hg(L)(H2O)m½ �þ or 0

ð8Þ

Hg(L)n½ �2�n or 2�2nþðmÞH2O! Hg(L)nðH2OÞm
� �2�n or 2�2n

ð9Þ

DrG ¼ DGHgðLÞðH2OÞm � Gðm�1ÞH2O þ DGHgðLÞðH2OÞ
� �

ð10Þ

DrG ¼ DGHgðLÞnðH2OÞm � GðmÞH2O þ DGHgðLÞn
� �

ð11Þ

Here, Eqs. 8 and 10 apply to the case of precisely one non-

aqueous ligand L, whereas Eqs. 9 and 11 apply to the case

of di or higher-coordinated Hg2?, n C 2. Increasing the

number of water molecules will not increase the

Fig. 2 Effect of water molecules number on the hydration and

incremental free energies. a Hydration free energy, DGhyd (Eq. 5),

versus number of water molecules m in [Hg(H2O)m]2? clusters.

b Incremental hydration free energy, DDGhyd, versus number of water

molecules, m, in [Hg(H2O)m]2? clusters
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stabilization of the Hg(II)–L complexes. We can prove this

by calculating the difference of the average hydration free

energy, DGhyd, between the large complexes (m C 5)

within a given group, and the DrG of the smallest

complexes, within the same group, as shown in the

following equation:

DDGhyd ¼
X

m

DrGm�1

 !
=x� DrG

ðsmallest complexÞ ð12Þ

where x represents the number of complexes. The results

obtained from Eq. 12 are given in Table 4. With respect to

the charge state, the complexes in this paper comprise

mono-cationic with a single ligand, neutral with two

ligands, neutral with a single ligand, anionic with two or

three ligands, and dianionic with two or four ligands. The

results in Table 4 indicate that the presence of the polar

water molecules increases the stability of the charged

Hg(II) complexes, while the stability decreases for the

neutral ones due to the repulsion between water molecules.

Thus, the data in Table 4 show that microsolvation will not

guarantee an increase in the stability of the Hg(II) com-

plexes. Instead, the charge of the complexes will control

the stability of the complex in the presence of the water

molecules. The presence of water molecules in a positively

charged complex containing one ligand or a negatively

charged complex containing two ligands will increase the

stability of that complex. Two examples are [Hg(OH)

(H2O)m]? and [Hg(S)(SH)(H2O)m]1- with DDGhyd values

of -35.0 and -9.7 kcal/mol, respectively, Table 4. Gen-

erally speaking, the stability of the neutral complexes

decreases with increasing the number of water molecules

except for [Hg(S)(H2O)m]0. This can be attributed to the

large dipole moment of Hg(S) that allows for strong

interactions with the polar water molecules. The stabilizing

effect of the microsolvation can also be seen in the decreasing

dipole moment of the overall solvated complex: The dipole

moments of [Hg(S)(H2O)m] are 8.94, 2.81, 2.13 and 2.57 D for

m = 1, 5, 6, 9, respectively. The corresponding DDGhyd value

is -10.6 kcal/mol, Table 4. On the other hand, the presence of

the water molecules around [Hg(L)(L0)]0 complexes will

affect the geometries and consequently the dipole moments.

For example, the Cl–Hg–Cl angle in [Hg(Cl)2]0 angle is

180.0o. The corresponding angles are 161.4 and 149.6o for

[Hg(Cl)2(H2O)4]0 and [Hg(Cl)2(H2O)6]0, respectively. Due to

this, the overall dipole moments are 0.00, 1.11 and 1.66 D,

respectively. The deviation from linearity increases with

increasing the number of water molecules. This distortion is,

according to the DDGhyd values in Table 4, unfavorable.

The DDGhyd value is 5.2 kcal/mol, Table 4, amounting to

destabilization.

In the following sections, the effect of explicit solvent

molecules on the interaction strength between Hg(II) and

ligand L, the charge of Hg(II) complexes, and the charge

transfer from ligand to Hg(II) will be discussed in more

detail.

2.4.3 Interaction energies

Building on the ideas of Rulisek et al. [93], the interaction

energy of the ligand L with the Hg(II) in the given coor-

dinate geometry is defined as:

EintðHg;LÞ¼
n

E HgðH2OÞmðLÞ
2�nz
n

� �
�E HgðH2OÞ2þm
� �h i

� E BqðH2OÞmðLÞn
� 	

�E BqðH2OÞm
� 	� �o.

n

ð13Þ

(where z = 0, 1 or 2 is the absolute charge of the ligand L.)

To directly compare the interaction energies of the Hg(II)

cation in different modes of coordination, we use a com-

putational approach (Eq. 13) that is closely related to, but

slightly different from, the one proposed by Rulisek et al.

First, we have optimized the molecular geometry and cal-

culated the energy of the [Hg(L)n(H2O)m]2-nz and

(Hg(H2O)m)2? complexes. Subsequently, at the optimized

geometry of the above complexes, the metal was substi-

tuted for a ghost atom Bq (i.e., only the basis functions are

left at the metal center) and the energy of the

Bq(H2O)m(L)n and Bq(H2O)m systems computed. The total

energy of a complex [Hg(L)n(H2O)m]q can be viewed as

composed of (1) the energies of the constituents, E(Hg),

n * E(L), m * E(H2O), and (2) the pair-wise interactions

between these constituents. Within this type of model, the

definition in Eq. 13 amounts to canceling all the terms

except for the interaction between Hg and L, taken relative

to an aquo complex. Thus, applying the term in curly

brackets in Eq. 13 results in the interaction energy between

Table 4 Free energy difference due to the presence of water mole-

cules using cc-pVTZ//cc-pVTZ-PP (G03) basis set, Eq. 12

Reactions DDGhyd
a

[Hg(Cl)(H2O)]? ? (m-1)H2O = [Hg(Cl)(H2O)m]? -38.49

[Hg(OH)(H2O)]? ? (m-1)H2O = [Hg(OH)(H2O)m]? -35.00

[Hg(SH)(H2O)]? ? (m-1)H2O = [Hg(SH)(H2O)m]? -29.19

[Hg(Cl)2]0 ? mH2O = [Hg(Cl)2(H2O)m]0 5.19

[Hg(OH)2]0 ? mH2O = [Hg(OH)2(H2O)m]0 2.36

[Hg(SH)2(H2O)]0 ? mH2O = [Hg(SH)2(H2O)m]0 11.15

[Hg(Cl)(OH)]0 ? mH2O = [Hg(Cl)(OH)(H2O)m]0 2.97

[Hg(S)(H2O)]0 ? (m-1)H2O = [Hg(S)(H2O)m]0 -10.55

[Hg(Cl)3]1- ? mH2O = [Hg(Cl)3(H2O)m]1- -0.67

[Hg(S)(SH)]1- ? mH2O = [Hg(S)(SH)(H2O)m]1- -9.70

[Hg(Cl)4]2- ? mH2O = [Hg(Cl)4(H2O)m]2- -21.73

[Hg(S)2]2- ? mH2O = [Hg(S)2(H2O)m]2- -44.47

a Free energy differences in kcal/mol

Theor Chem Acc (2012) 131:1174 Page 11 of 17

123



Hg and nL. Finally, dividing this by n, we will yield the

desired interaction, Hg/L, Eq. 13. The water molecule has

been chosen as appropriate reference ligand for two rea-

sons: (1) It is possibly the simplest neutral ligand forming

complexes with ionic character and (2) it models an

explicit solvation model.

The metal–ligand distances and interaction energies of

the different functional groups are strongly dependent on

the number of water molecules around the central metal

ion, Table 3. We shall discuss the interaction energy

according to the ligand type and numbers and the total

charge of the ligands surrounding the Hg(II).

Generally speaking, the order of Eint due to the ligand

type in [Hg(II)L]2-z is S2- [ HS- [ HO- [ Cl- [ H2O.

The values of the corresponding interaction energies, Eint,

are -732, -439, -438, -398 and -93 kcal/mol, respec-

tively. The corresponding values for these ligands in the

presence of one water molecule [Hg(L)(H2O)]2-z show the

same order, Table 3. Also, the interaction energy changes

as a function of the trans-partner of the water molecule

(Fig. 3). The decrease in Eint(Hg–H2O) in the presence of

H2O, HO-, Cl-, HS- and S2- ligands, Fig. 3, can be

explained with the strength of the trans-effect of the ligand

partner (ligand in the trans position with respect to H2O,

L–Hg–H2O). The ligand partner transfers a certain part of

its electron cloud onto the metal ion, thereby weakening

the Hg–H2O interaction.

Substituting the water molecule in [Hg(L1)(H2O)]2-z by

a second ligand of the same type decreases the interaction

energy between Hg(II) and the first ligand L1 by about

20–30 kcal/mol. For example, the Eint between Hg(II)

and Cl- of [Hg(Cl)(H2O)]? and [Hg(Cl)2]0 are -352 and

-333 kcal/mol, respectively, and the Eint between Hg(II)

and HS- of [Hg(SH)(H2O)]? and [Hg(SH)2]0 are -383

and -351 kcal/mol, respectively, Table 3. This decrease in

the interaction energies can again be attributed to the trans-

effect of the ligand partner.

We now turn to an analysis of the molecular orbitals of

Hg(II) complexes. According to classical ligand field the-

ory, the 6s atomic orbital (AO) becomes the LUMO of the

Hg(II) fragment. The stability of the complex arises from

bonding interactions of the vacant metal 6s orbital with the

HOMO of the ligands fragment, which is composed of px,

py or pz orbitals. Since this is a two-electron/two-orbital

interaction, the antibonding combination of these orbitals

becomes the LUMO of the complex. Electrons are donated

from the filled ligand orbital to the vacant metal orbital (r
donation). This decreases the total (positive) NBO charge

of the Hg(II) atom by increasing the electron density in the

Hg s orbital, Table 3. For instance, the interaction energy,

the NBO charge of Hg(II) and the 6s occupancy of

[Hg(Cl)(H2O)]? are 352 kcal/mol, 1.219 and 0.86,

respectively. The corresponding values of [Hg(Cl)2]0 are

-333 kcal/mol, 1.106 and 0.95, respectively, Table 3. We

note a similar trend also in [Hg(OH)(H2O)]? and [Hg(SH)

(H2O)]? with respect to [Hg(OH)2]0 and [Hg(SH)2]0

complexes, Table 3. The character of the 5d orbitals of the

Hg(II) atom becomes non-bonding. According to classical

ligand field theory, these filled non-bonding orbitals pro-

vide a repulsive interaction with the entering ligand. The

data in Table 3 indicate that the occupancy of the 6s orbital

decreases linearly with Eint, while the opposite trend

applies with respect to the total charge on Hg(II). This is

exemplified by comparing the complex, before and after

the addition of water molecules, within a given group

[Hg(L)n(H2O)m]2-nz. Two examples are given by [Hg(Cl)

(H2O)]? and [Hg(Cl)(H2O)5,6,7 and 9]? and [Hg(SH)2]0 and

[Hg(SH)2(H2O)4 and 6]0, Table 3.

From the interaction energy values between Hg(II) and

water (Eint) and the occupancy of the 6s atomic orbital, the

following sequence of trans ligands can be constructed as a

measure of the strength of the trans-influence:

S2�[ HS�[ Cl� � HO�[ H2O

Figure 4 shows an inverse proportional relationship

between the occupancy of the 6s AO and the total H2O

ligand charge. The total H2O ligand charge reflects the

amount of charge transferred by r donation from the H2O

ligand to the 6s orbital. Based on this argument, one would

expect that the above relationship should be proportional.

The inverse proportional relationship between the two

charges means that the r-donating ability of the H2O ligand

is determined by the population of the 6s orbital. The

higher the occupancy of the 6s AO, the lower the amount

of charge that can be donated by the H2O ligand to the

Hg–OH2 dative bond (and the longer the bond, Tables 3

and 5). Therefore, we can conclude that the trans-influence

can be understood basically as a competition between the

ligands in the trans positions for the ability to donate their

electron density to the 6s AO of Hg.
Fig. 3 Hg(II)–OH2 interaction energy (Eq. 13) of [L–Hg–OH2]q as a

function of ligand type
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Further evidence for this hypothesis is provided by NBO

analysis of Hg(II) complexes in the presence of additional

water molecules (microsolvation). In the presence of water

molecules, the Hg(II) complexes deviate from linearity.

For example, for [Hg(Cl)(H2O)]? and [Hg(Cl)(H2O)7]?,

the angle hH2OHgCl is 178.78 and 163.58, respectively. The

nonlinear complexes show a decrease in 6s orbital occu-

pancy and increase in total Hg(II) NBO charge compared

with [Hg(L)n(H2O)m]2-nz. As the deviation from linearity

increases, the positive charge on Hg(II) increases

(Table 3). This is due to the decrease in the interaction

between Hg(II) and ligand L, which will influence the 6s

occupancy and the charge on Hg(II).

The water (H2O) and the sulfide (S2-) ligands are the

weakest and the strongest nucleophilic ligands, respec-

tively. The explanation of this order will be discussed

further next.

2.5 HSAB principle

The Hg(II) ion is known as a soft Lewis acid [103].

According to the Pearson acid base concept, hard applies to

species that are small, have high charge state and are

weakly polarizable. Soft applies to species that are big,

have low charge states and are strongly polarizable. Thus,

Hg(II) is an electrophilic ion. The electrophilicity index

(x?, Eq. 4) can be defined in terms of the hardness (g) and

chemical potential (l), Eq. 4 [62]. These two entities

provide the global descriptors of the interaction between

the Hg(II) ion and the studied ligands (Cl-, HO-, HS- and

S2-) [10, 103, 104]. As mentioned previously, the elec-

tronic chemical potential, l of Eq. 1, characterizes the

tendency of electrons to escape from the equilibrium sys-

tem, while g (Eq. 2) can be seen as a resistance to electron

transfer. The electrophilicity establishes that the electron-

donating or the electron-accepting ability may be quanti-

fied in terms of the chemical potential and chemical

hardness, independent of the fractional amount of charge

donated or accepted. However, charge acceptance stabi-

lizes the system. So, larger values of x? imply a larger

capability to accept electron density, and vice versa for the

donating process.

Although the environment (the solvent) plays an

important role in most of the interactions (or reactions),

very few studies have been undertaken to understand its

effects on the interaction descriptors [105–107]. We have

studied the effect of explicit solvent on the electrophilicity

character of the [Hg(H2O)m]2? series, Fig. 5. As seen in

this figure, the solvent has a strong effect on the global

electrophilicity index of [Hg(H2O)m]2?. The x? value

changes from 45.41 eV for the bare Hg(II) ion (the

experimental electrophilicity of the bare Hg(II) is

45.24 eV) [103] to 33.94 eV for the system with one

explicit water, [Hg(H2O)]2?. Similar variations, but in the

opposite direction, can be found for the softness (r), the

inverse of the chemical hardness, upon explicit solvation

for [Hg(H2O)m]2?. The values for the calculated softness of

Hg(II) and [Hg(H2O)]2? are 0.061 eV-1 (the experimental

value is 0.064 eV-1) [103] and 0.076 eV-1, respectively.

The decrease in electrophilicity (x?) of [Hg(H2O)m]2?

reflects a decrease in the chemical potential, or an increase

in softness (r), of Hg(II) in the presence of explicit

water molecules. This will strongly affect the interac-

tions between the metal and the ligands, Table 3; see also

below.

The strength of the [Hg(H2O)m]2?-to-ligand binding can

be correlated with the charge transfer, DN of Eq. 3, Fig. 6a.

Fig. 4 Total NBO charge of the H2O ligand versus AO occupancy of

the Hg 6s orbital in [Hg(L)(H2O)]q structures

Table 5 B3LYP/cc-pVTZ (G03) and PBE/TZ2P (ADF 2008) geometries of Hg(L1)(H2O) and Hg(L1)(L1 or 2) structures (distances in Å)

L1 or 2 Softnessa (H2O)Hg–L1 (L1)Hg–H2O (L1)Hg–L1 (L2)Hg–L1

Cl -9.94 2.248 (2.232) 2.170 (2.162) 2.299 (2.281) 2.295 (2.277)

1.997 (1.997)OH -10.45 1.957 (1.954) 2.153 (2.144) 1.990 (1.990)

SH -8.59 2.312 (2.299) 2.221 (2.218) 2.362 (2.354) 2.461 (2.278)

2.280 (2.451)S -6.29b 2.251 (2.234) 2.409 (2.390) 2.372 (2.369)

H2O -10.73 2.100 (2.082)

PBE/TZ2P bond lengths are in parenthesis
a Ref [110].; b Calculated from a fit of the ligand softness versus the Hg(II) NBO charge fitted for the HS-, OH- and Cl- ligands
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A large positive value of DN is a harbinger of a strong

interaction due to charge transfer from L to [Hg(H2O)m]2?,

while negative values of DN mean reverse charge transfer

(back-donation). The charge transfer DN decreases as the

number of water molecules increases. This is understand-

able from the fact that the global electrophilicity of

[Hg(H2O)m]2? decreases with the number of water mole-

cules (Fig. 5). The sulfide ligand gives the highest ligand-

to-metal charge transfer, while the water ligand gives the

lowest values and back-donation for m C 2, Fig. 6a. The

presence of water molecules as ligands, forming coordi-

nation bonds with Hg(II), decreases the charge transfer DN

from ligand L to Hg(II), consequently lengthening the Hg(II)–

L bond length. The opposite reaction is one in which the water

molecules act as electron acceptor, forming H-bonds with the

ligand L. This results in charge transfer from ligand L to the

Hg(II) ion, consequently shortening the Hg(II)–L bond length.

We refer the readers to the microsolvation section (above).

The charge transfer,DN, from H2O, HO-, Cl- HS- and S2- to

Hg(II) are 0.22, 0.59, 0.64, 0.76 and 0.84, respectively,

Fig. 6a, while the corresponding values from S2- to

Hg(H2O)]2?, [Hg(H2O)5]2? and [Hg(H2O)10]
2? are 0.68, 0.42

and 0.30, respectively, Fig. 6a.

As discussed above, the order of the interaction energies

between Hg(II) and ligand L is: S2- [ HS- [ HO- [
Cl- [ H2O (Table 3; for comparison with respect to the

experimental softness, see Table 5). This order is due to the

strength of the nucleophilicity of the corresponding

ligands. The respective nucleophilicity values are calcu-

lated as 6.15, 5.87, 5.38, 4.42 and 0.74 eV. The DN values

(m = 0), due to bringing Hg(II) and L together, are 0.22,

0.64, 0.59, 0.76 and 0.84 for L = H2O, Cl-, HO-, HS-

and S2-, respectively, Fig. 6a.

The relative DN values of Cl- and HO- are in contra-

diction to the nucleophilicity strength and interaction

energy values for m = 0–5. This can be attributed to the

hardness control (Fig. 6a, b) on the charge transfer of the

HO- ligand where the nucleophilicity ratio xCl
- /xOH

- spans

Fig. 5 Effect of explicit solvent on the global electrophilicity of

[Hg(H2O)m]2?, m = 0–10

Fig. 6 a Correlation between the chemical potential, l, of

[Hg(H2O)m]2?, m = 0–10, and the charge transfer, DN, due to

different ligands. b Charge transfer ratio, DN2
HO/DN2

Cl, as a function

of the number of water molecules. c Correlation between the

electrophilicity of [Hg(L1)]2-q, where L1 = H2O, Cl-, HO-, HS-

and S2-, and the charge transfer due to ligand L2
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the range 0.895–0.790 (x- is the nucleophilicity index).

The hardness values of Cl- and HO- are 5.913 and

7.748 eV, respectively. We note also that the DN values of

the corresponding ligands reverse their order at m = 7–10,

Figure 6a, b. This is due to steric hindrance. The Cl-

ligand has a larger size than the HO- ligand, which agrees

with the nucleophilicity strength and the interaction energy

values. In this case, the range of the nucleophilicity ratio,

xCl
- /xOH

- , is 0.731–0.584. At m = 6, the xCl
- /xOH

- ratio is

0.765, which is essentially equal to the hardness ratio

between Cl- and HO-, 0.763.

The electrophilicity of Hg(II), 45.41 eV, decreases when

the metal is coordinated with the above ligands. The global

electrophilicity indexes of [Hg(H2O)]2?, [Hg(Cl)]?,

[Hg(OH)]?, [Hg(HS)]? and [Hg(S)]0 are 33.94, 22.17,

21.17, 20.06 and 5.06 eV, respectively, Fig. 6c. The

reduction in the electrophilicity will decrease the charge

transfer from ligand to Hg(II), and this is the reason for the

decrease in the interaction energy values of [Hg(L)2]q,

Table 3; Fig. 6c.

Finally, Fig. 7 shows that the charge transfer and the

NBO charge on Hg(II) are strongly correlated. As men-

tioned previously, the values of the charge transfer, DN,

can be used to represent the strength of the interaction

(binding) between Hg(II) and ligand L. Also, the total NBO

charge of Hg(II) represents the donating ability of ligand L

to the 6s AO on Hg(II). The discussion of the dependence

of the Hg(II) total NBO charge on the charge transfer, DN,

can be summarized into three main points: First, increasing

the positive value of the charge transfer will decrease the

Hg(II) total NBO charge. Second, increasing the negative

value of the charge transfer will increase the total NBO

charge of Hg(II). Third, the charge transfer, DN, decreases

due to a decrease in the electrophilicity of [Hg(L)]q, which

means that the Hg(II) has a less positive charge value. To

illustrate the first point by an example, the S2- case (the

abbreviation means that we bring ligand S2- and Hg(II)

together) has a higher charge transfer, DN, than S2-/H2O

(this means that we bring S2- and [Hg(H2O)]2? together)

and consequently a lower Hg(II) total NBO charge. The

corresponding values for S2- and S2-/H2O are 0.840

(0.669) and 0.684 (0.786), respectively, Fig. 7. This means

that the presence of a water molecule in the trans position

will decrease the donating ability of the S2- ligand.

Moreover, the interaction strength between Hg(II) and S2-

is higher than between (H2O)Hg(II) and S2-. Another

example for the first category is given by HS-/H2O 0.598

(1.055) and HO-/Cl- 0.213 (1.147). The second point

concerns back-donation, Hg(II) to ligand charge transfer.

Here, we have only four examples: S2-/S2-, HS-/S2-,

Cl-/(Cl-)2 and Cl-/(Cl-)3, Fig. 7. The corresponding DN

and Hg(II) total NBO charge values are -0.040 (0.836),

-0.092 (0.849), -0.150 (1.190) and -0.389 (1.238),

respectively, Fig. 7. Finally, the third point can be illus-

trated by the comparison of the corresponding values of

HO-/H2O, 0.443 (1.271), with HO-/HO-, 0.207 (1.179).

3 Conclusion

The present work reports various structural and thermo-

dynamic parameters for the [Hg(II)–(H2O)m]2? clusters

(m = 2–12) at the B3LYP (G03) and PBE (ADF 2008)

levels of theory. The hydrated geometries where H2O

molecules are directly linked to the Hg(II) metal ion are

less stable than the ones that have hydrogen bonding. It was

found that Hg(II) is surrounded by six water molecules in

the first hydration sphere for m C 7. The remaining waters

form the second coordination sphere. For the hexaaqua-

mercury cluster, the optimized Hg–OH2 bond length is

2.413 Å, which is in excellent agreement with the X-ray

diffraction data of 2.41 Å.

Overall, the calculations based on the computational

procedure B3LYP/cc-pVTZ with SDD (ECP) and explicit

solvation model produced a homogeneous set of data that

connect very well to each other. The calculations indicate

that the solvent has significant variable effect on the global

electrophilicity (x?) of [Hg(H2O)m]2?, the charge transfer

(DN) and consequently the interaction strength between

Hg(II) and ligand L. Moreover, it also affects the dipole

moment, the atomic charge and the frontier orbitals inside

each complex. NBO analysis indicates that the observed

changes depend chiefly on the donation ability of the

ligand. The charge transfer (DN), the Hg(II) total NBO

charge and the interaction energies are strongly correlated.

Fig. 7 Dependence of the total NBO charge of the Hg(II) atom in

[Hg(L1)]q and [Hg(L1)(L2)]q complexes on the charge transfer of

ligand L1. L1 means we bring ligand L1 and Hg(II) together. L1/L2

means we bring L1 and [Hg(L2)]2-z together
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