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bstract

Kinetics of adsorption plays a pivotal factor in determining the bio-availability and mobility of Hg(II) in the environment. The kinetics of Hg(II)
dsorption on gibbsite was examined as a function of pH, temperature and electrolyte type. Adsorption of Hg(II) was highly non-linear where
he rate of Hg(II) retention was rapid initially and was followed by gradual or somewhat slow retention behavior with increasing contact time.
he respective rate constants designated as k1 (S-1: fast step) and k2 (S-2: slow step). Always k1 follows the order: kClO4

1 ≥ k(NO3)4
1 � kCl

1 . Such a
elationship was not observed for the S-2 route. A two-step reaction model with pseudo-first order kinetics successfully described the adsorption
ates of Hg(II) on gibbsite. Arrhenius and Erying models determined the thermodynamic parameters at activation states, which correspond to S-1

nd S-2 routes. In a given system, always the activation energies showed a decrease with the pH. Gibbs free energy (�G#), enthalpy (�H#), and
ntropy (�S#) values of activation states were almost similar both in NaClO4 and NaNO3 which signal a similar Hg(II) adsorptive mechanism on
ibbsite. The configurations of different Hg(II)-surface complexes were elucidated by transmission vibration spectroscopy.

2007 Elsevier B.V. All rights reserved.
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. Introduction

Mercury is a toxic, carcinogenic, mutagenic and teratogenic
lement that has a complex chemistry in the environment [1–5].
ercury exists in three oxidation states, which are 0 (i.e. Hg0),
(i.e. Hg2

+), and II (i.e. Hg2+, hereafter Hg(II)). Out of these
xidation states, the Hg0 is volatile and is prevalent in atmo-
phere [5]. The Hg(II) is the most stable in nature; it is a soft
ewis acid. According to Pearson’s hard and soft acid–base the-
ry, it complexes strongly with S-containing ligands [6]. The
ey factor determining the concentration of Hg(II) in biota is
he methylmercury concentration in water, which is controlled
y net methylation and demethylation processes [7]. Complex-

tion and sorption of the precursor Hg(II) by ligands and solid
ubstrates may inhibit the production of methylmercury [7,8].
ecause of its acute toxicity, the US Environmental Protection

∗ Corresponding author at: CML, Institute of Fundamental Studies, Kandy,
ri Lanka. Tel.: +94 81 2232002x24; fax: +94 81 2232131.

E-mail address: rweerasooriya@hotmail.com (R. Weerasooriya).

o
d
p
t
d
t
s
d

304-3894/$ – see front matter © 2007 Elsevier B.V. All rights reserved.
oi:10.1016/j.jhazmat.2007.01.134
gency (EPA) published ambient water quality criteria recom-
endations for methylmercury for the protection of people who

at fish and shellfish. This criterion, 0.3 mg methylmercury/kg
sh tissue wet weight, marks EPA’s first issuance of a water
uality criterion expressed as a fish and shellfish tissue value
ather than as an ambient water column value [9].

A wide array of heterogeneous complexants such as humic
ubstances (HS), mineral surfaces and bacterial ex-polymers is
biquitous in aquatic environment. When compared with the
igh metal binding capacity of HS, the transport, toxicity and
ate of Hg(II) (and other metal ions as well) in aquifers are con-
rolled in part by sorption/desorption on hydrous metal oxides
nd clays [10,11]. However, elucidation of mechanistic behavior
f Hg(II) adsorption on soils, sediments or aquifers is arduous
ue to their inherent complexity. Therefore, much attention was
aid to quantify Hg(II) on well-characterized mineral phases
hat dominate in nature. The rationale here is to consider these

iscrete phases as ‘building blocks’ of natural solid substrates in
hat they could be combined in such a way to identify dominate
orptive surfaces [12]. Along these lines, there are substantial
ata available on Hg(II) sorption for iron hydrous oxides [13

mailto:rweerasooriya@hotmail.com
dx.doi.org/10.1016/j.jhazmat.2007.01.134
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nd references therein]. Similar data on gibbsite or other metal
i.e. Mn and Si) hydrous oxides is comparably low [14–17].
urther, available data do not pay sufficient attention to the
xamination of kinetic aspects of Hg(II) adsorption on gibb-
ite or similar solids. Sarkar et al. [14] had shown that kinetic
f Hg(II) adsorption on gibbsite is characterized by a rapid step
within 1 h) followed by a slow step when equilibrated for 48 h.
ecently, Kim et al. [15,16] noted by in situ spectroscopy that
g(II) showed a strong affinity for bayerite, an structural analog
f gibbsite, which forms inner-sphere complexes. Very recently,
e have shown that Hg(II) adsorption kinetics on gibbsite can
e characterized by three distinct zones in NaCl, NaNO3, or
aClO4. These zones are designated as a rapid Hg(II) uptake

nd reversible zone, a slow Hg(II) plateau and reversible zone
ollowed by a rapid Hg(II) uptake and irreversible zone [17].
owever, no detail assessment of Hg(II) adsorption kinetics on
ibbsite were done in any of these investigations.

A systematic investigation into the kinetics of the Hg(II)
dsorption is crucial for a thorough understanding of its mobil-
ty in the environment [10]. In this research, kinetics of Hg(II)
dsorption on gibbsite as a function of pH, temperature and elec-
rolyte type was examined by a simple multi-step kinetic model.
he transition state thermodynamics of the Hg(II)–gibbsite com-
lexes, i.e. enthalpy (�H#), entropy (�S#), and Gibbs energy
�G#) were calculated in NaNO3, NaClO4, and NaCl according
o Arrhenius and Erying models.

. Materials and methods

.1. Materials

Unless otherwise mentioned all chemicals were from
igma–Aldrich (USA) or Merck (Germany). Water was puri-
ed with a mixed bed resin to remove any anionic or cationic
ontaminant traces before distillation. Thousand mg L−1 stock
olutions of Hg(II) were prepared either with high purity
g(ClO4)2·4H2O or Hg(NO3)2·H2O. ALCOA (Australia)
ibbsite samples were used as received. De-ionized, distilled
ater was used for all sample preparations. The physico-

hemical parameters of gibbsite used were given below [18,19]:

arameter Value

urface area, Asp (m2/g) 13
article size (�m) 6
ite densitya, Ns (sites/nm2) 8.11

Hzpc 8.7 (NaClO4)
8.9 (NaNO3)
8.7 (NaCl)

a Site concentration = [(AspNsa)/Na] × 1018 sites/mol, where a is the solid
ontent in g L−1.
All pH adjustments were made with pre-calibrated acids
r 0.4820 M NaOH. Pre-calibrated acids used were 0.822 M
ClO4, 0.7951 M HNO3 or 0.8722 M HCl. The selection of
ifferent acids was done to obtain a similar anion as with back-
round electrolyte used in the experiments.
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s
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.2. Methods

Chemical kinetics of Hg(II) adsorption on gibbsite was
etermined as a function of pH, temperature and background
lectrolyte type using a series of batch experiments. Prepara-
ion of gibbsite–water slurry, typically 2 g L−1, for a chemical
inetics study was carried out according to following method. A
eighted quantity of gibbsite was homogenized adding a small

mount of water with a ceramic mortar and pestle. The paste was
ransferred to a water-jacketed cell, which contains the elec-
rolyte chosen. The electrolytes used were NaNO3, NaClO4
r NaCl. The reaction vessel was tightly capped with a lid,
hich had provision for gas outlets, sampling, pH and tem-
erature probes. The reaction cell was always maintained at
esired temperature using a water-driven temperature regulator
Advantec, Thermo Cool LCH-130F, Japan). The solid suspen-
ion was stirred continuously. All pH adjustments were made
etween 3 and 8 with pre-calibrated acids (0.822 M HClO4,
.7951 M HNO3 or 0.8722 M HCl) or a base (0.4820 M NaOH).
he suspension was spiked with 1000 �M Hg(II) to yield final
oncentration of Hg(II) as 2 �M. In most cases, the pH adjust-
ents and Hg(II) spiking were done with solutions containing

nionic constituents similar to the background electrolyte used in
he hydroxalation. In 0.01 M NaCl systems, however a 1000 �M
gNO3 stock solution was used for spiking. This step was taken
ue to low solubility of Hg(II) salts. At pre-defined time inter-
als, samples (5 mL aliquots) were syringed out, and filtered
nto acidified tubes using 0.45 �m disposable filters for imme-
iate solid–solution separation. All samples were prepared in
riplicates. Adsorbed Hg(II) was calculated from the difference
etween Hg(II) initially added to the system and that remain-
ng in the solution after a pre-defined time interval. The dilution
nduced by the pH controls were considered while computing
he amount of Hg(II) adsorbed.

Bonding of Hg(II) on gibbsite was examined by Fourier trans-
ormed infra-red spectroscopy (FT-IR). The Hg(II) adsorption
n gibbsite for FT-IR spectroscopic analyses were performed by
ixing a 2 g L−1 gibbsite suspension in desired electrolyte with
�M Hg(II). The solid samples were separated by centrifuga-

ion at 10,000 rpm for 15 min, which was followed by washing
he solid substrate several times with distilled water. The pH of
he water was adjusted to the value of the system being exam-
ned. The samples were dried at 298 K and these samples were
tored in desiccators prior pellets were prepared for IR analysis.
Br pellets of 1 cm diameter and constant weight were pre-
ared by mixing KBr and the solid samples in a 10:1 ratio and
he spectra were measured in 400–4000 cm−1 region. In spectral
e-convolution, the parameters, i.e. frequency, peak width and
mplitude, were adjusted to achieve the best fit, and in all cases,
9.9% of the spectrum was reproduced.

.3. Analytical methods
The pH of the well-stirred suspension was measured with an
uto-titrator (Metrohm 702M Titrino, Switzerland) with a Ross
ure-flow combined pH electrode (Orion 81-63, USA). The elec-
rode was calibrated using three buffers at pH 4.000, 7.001, and
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Fig. 1. Variation of Hg(II) adsorption density as a function of equilibration time, temperature and background electrolyte type at pH 5.5. (A) Hg(II)–gibbsite in
0 .01 M
c were o
T [17].

1
t
H
t
h
w
d
w
s
s
4

3

3

t
N
t
w
i

H
n
t
i
H
[

t
0
S
a
(
a
w
o
d

T

T
C

p

3
4
5
7

T

s

.01 M NaNO3; (B) Hg(II)–gibbsite in 0.01 M NaClO4; (C) Hg(II)–gibbsite in 0
alculations done according to two-step pseudo-first order model. Similar data
he portion of the data set corresponding to temperature 298 K were from Ref.

0.01. The Hg(II) analyses were carried out by the cold-vapor
echnique using a 3 g L−1 NaBH4 + 3 g L−1 NaOH and 3 M
Cl as reducing agent, and an atomic absorption spectropho-

ometer (GBC 933A, Australia), fitted with the continuous flow
ydride generator(GBC HG 3000, Australia). The Hg0 vapor
as sparged from solution with N2 into the vapor cell and was
etermined at 253.7 nm. Always spiked recoveries of Hg for
ater samples varied from 95 to 105%. IR spectra at transmis-

ion mode were collected at 4 cm−1 resolution with a FT-IR
pectrophotometer with built-in data processing facility (JASCO
10, Japan).

. Results and discussion

.1. Hg(II) adsorption kinetics

Previously, we examined the Hg(II) sorption and desorp-
ion on gibbsite in the presence of different electrolytes, i.e.

aNO3, NaClO4 or NaCl at pH 5.5 and 298 K. In all cases

he Hg(II) sorption first increased and then reached a plateau
hich was followed by an enhanced sorption with further

ncrease of contact time, tC. When tC < 3 h, almost 98% of fixed

a

v
i
Γ

able 1
alculated Γ

i,0
Hg(II) (maximum Hg(II) adsorption density) values as a function of pH, t

H Optimal adsorption density, Γ 0
max (mol m−2)

NaNO3 NaClO4

288 K 298 K 323 K 288 K 29

.1 1.70E−08 1.80E−08 1.95E−08 1.20E−08 1.8

.2 1.77E−08 2.00E−08 2.20E−08 2.72E−08 2.9

.5 2.76E−08 3.06E−08 3.29E−08 2.88E−08 3.1

.1 2.73E−08 3.07E−08 3.29E−08 2.90E−08 3.2

he calculations were done according to two-step kinetic model. The Γ
i,0
Hg(II) correspo

o that Γ
t,i
Hg(II) = 0 (see text for details).
NaCl. Gibbsite, 2 g L−1; initial [Hg(II)], 2 �M. Dotted and dashed lines show
btained at pH 3.1, 4.2 and 7.1 (details were given in Supporting Information).

g(II) by the solid was recovered, and the sorption mecha-
ism was assumed to be governed by adsorption [17]. Under
hese circumstances, the Hg(II) adsorption was modeled accord-
ng to Langmuir (in 0.01 M NaNO3 or 0.01 M NaClO4) or
ill (in 0.01 M NaCl) equation assuming homogeneous sites

17].
As shown in Fig. 1(A–C) the Γ Hg(II) on gibbsite as a func-

ion of contact time (tC) and temperature was determined in
.01 M NaNO3, 0.01 M NaClO4 and 0.01 M NaCl at pH 5.5.
imilar experiments were carried out at pH 3.1, 4.2 and 7.1
nd the details are found under the Supplementary Materials
Fig. 1S). Our data showed that initially Γ Hg(II) increased rapidly
nd more slowly afterwards. In most cases, an apparent plateau
as reached within first 20–30 min. The Γ Hg(II) values at the
nset of plateau were noted ad designated as optimal adsorption
ensity, i.e. Γ

i,0
Hg(II) (Table 1). According to the data shown in

able 1, at a given pH and temperature, Γ i,0
Hg(II) values in NaNO3

− i,0
nd NaClO4 are comparable; in the presence of Cl , the ΓHg(II)

alues reduced almost by about 10-fold. Therefore, Γ
i,0
Hg(II) var-

ed with the electrolyte type according to following order:
ClO4,0
Hg(II)

∼= Γ NO3,0
Hg(II) � Γ

Cl,0
Hg(II). As shown elsewhere [14,15], out

emperature and electrolyte type

NaCl

8 K 323 K 288 K 298 K 323 K

1E−08 2.10E−08 1.70E−09 1.89E−09 2.34E−09
4E−08 3.00E−08 1.87E−09 2.01E−09 2.45E−09
8E−08 3.56E−08 7.80E−09 8.35E−09 3.56E−09
2E−08 3.62E−08 1.87E−09 2.01E−09 8.70E−09

nd to Ai
1 + Ai

2 = Γ
i,e
Hg(II); Ai

1 and Ai
2 are constants. At t = 0, Ai

1 + Ai
2 = Γ

i,0
Hg(II)
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f seven chemical species examined (species: Hg2+, HgOH+,
g(OH)2, Hg(OH)3

−, Hg(OH)4
2−, Hg(NO3)2

0, HgNO3
−) the

g(OH)2
0 is dominant in the pH range of natural waters, i.e. pH

to 10. At low pH (<2) Hg(H2O)6
2+ is dominant. When the pH

s raised, the Hg(OH)+ becomes dominant representing about
7% at pH 3.1. When the pH is raised further, the conversion of
g(OH)+ → Hg(OH)2

0 was readily occurred. In the presence
f Cl− the distribution pattern of Hg(II) species changed sig-
ificantly due to its complexing ability with Hg(II) [16]. When
Cl−] = 10−2 M, out of nine species examined (species: HgOH+,
g(OH)2

0, Hg(OH)3
−, Hg(OH)4

−, HgCl+, HgCl20, HgCl3−,
gCl42−, and HgClOH0), the HgCl20 has become the domi-
ant species throughout the pH between 4 and 8. The activity
f HgOHCl0 species becomes evident from pH 5.7 and upward.
he HgCl20 seems to play an inert role in surface bonding [16];
owever, HgOHCl0 shows some affinity for gibbsite. This is
argely due to charge asymmetry of the HgOHCl0 that resulted
y the presence of Cl− and OH− radicals. Possibility of the pre-
ipitation of Hg(II) as Hg(OH)2,solid or HgCl2,solid in different
lectrolytes, particularly at alkaline pH (>7) was examined by a
imple calculation by ECOSAT code [20]. As shown in the table,
egative SI values indicate that the system is always unsaturated
ith respect to HgCl2,solid, or Hg(OH)2,solid precipitation when

nitial [Hg(II)] = 2 �M.

(M) Saturation index (SI)a

HgCl2,solid Hg(OH)2,solid

.1 −3.45 to −10.0 −1.34 to −2.09

.01 −3.18 to −11.0 −1.34 to −2.09

.001 −3.15 to −13.8 −9.41 to −2.09

a SI range corresponds to pH between 3 and 9. Thermodynamic data were
sed from the ECOSAT built-in database.

It was proposed that ion adsorption on soils can be explained
y three concurrent reactions, namely, a rapid and reversible
eaction, a slow and reversible reaction, and an irreversible reac-
ion [21]. A similar behavior was noted for Hg(II) adsorption
inetics on gibbsite at extended contact time, tC [17]. Presently,

C was restricted to 3 h. This stringent condition assured that
g(II)–gibbsite interactions are largely characterized by both

apid and slow reversible reaction series [22,23]. Further, the
apid adsorption to the external surface of gibbsite (hereafter
-1 step) is followed by slow sorption of the Hg(II) along sur-
ace sites on the micro pore walls (hereafter S-2 step) which
ventually reaches an apparent plateau (Fig. 1(A–C)). These
rguments do not necessarily imply that S-1 and S-2 steps
ccur consecutively. The data shown are not sufficient to demar-
ate different Hg(II) adsorption steps, i.e. S-1 versus and S-2;
ince S-1 is always included in the overall process; hence,
nly rate comparisons among different systems is possible
24].

.2. Modeling Hg(II) adsorption kinetics
In all experiments, the
(∑

total[> AlOH]/[Hg(II)]
)

ratio was
ept around ∼100, which implies when compared to [Hg(II)],
he activity of

∑
total(> AlOH) is essentially a constant. There-

h

t
s

ig. 2. Variation of rate constants of Hg(II) adsorption of gibbsite as a function
f pH at 298 K. Similar plots were obtained (not shown) at 288 and 323 K.
ibbsite, 2 g L−1; initial [Hg(II)], 2 �M.

ore, the kinetics of Hg(II) adsorption on gibbsite can be modeled
ssuming two-step pseudo-first order kinetics [25]:

t,i
Hg(II) = Γ

i,0
Hg(II) − Ai

1 e−ki
1t − Ai

2 e−ki
2t (1)

ere Γ
t,i
Hg(II) and Γ

i,0
Hg(II) are the adsorption densities at a given

ime t, and at optimal conditions, respectively. The data shown
n Table 1 were used as Γ

i,0
Hg(II) values. The ki

1 and ki
2 are the

ate constants of S-1 and S-2, respectively; Ai
1 and Ai

2 are their

re-exponential amplitude terms. At t = 0, Ai
1 + Ai

2 = Γ
i,0
Hg(II)

o that Γ
t,i
Hg(II) = 0. The superscript, i denotes electrolyte, i.e.

aNO3, NaClO4 or NaCl, used. As time proceeds, the Γ
t,i
Hg(II)

alues showed a rapid decline, which reached zero asymptot-
cally. The experimental data were treated numerically by a
on-linear optimization algorithm for estimating ki

1, ki
2, Ai

1 and
i
2. The modeled Hg(II) adsorption data calculated in three back-
round electrolytes are shown in Fig. 1(A–C) as dotted lines. In
ll cases, the experimental data fitted well with this kinetic model
P < 0.01). Always, Ai

1 � Ai
2 and ki

1 � ki
2 which show domi-

ance of S-1 over S-2 on Hg(II) adsorption. The initial binding
f Hg(II) on gibbsite is thought to occur by removing surface-
onded water molecules on gibbsite as discussed in Section 3.4.
his step is considered fast (i.e. S-1). The re-organization of the
ounded Hg(II)-surface species is thought comparably slow (i.e.
-2).

Fig. 2 shows the variation of ki
1 and ki

2 as a function
f pH. Both rate constants showed a strong pH dependency.
he ki

1 showed a monotonous increase with the pH. At a
iven pH and temperature, the k1 values follow the order:
ClO4
1 ≥ k(NO3)4

1 � kCl
1 . The ratios of

(
k

pH=7.1
1 /k

pH=3.1
1

)
ClO4

,

k
pH=7.1
1 /k

pH=3.1
1

)
NO3

, and
(
k

pH=7.1
1 /k

pH=3.1
1

)
Cl at pH 3.1 and

.1 were 12, 15 and 69, respectively. A similar conclusion cannot

owever be made with respect to S-2.

According to surface complex theory when background elec-
rolytes are non-bonding, gibbsite exhibits three types of surface
pecies, namely >AlOH, >AlO− and >AlOH2

+. In NaNO3,
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Fig. 3. Arrhenius and Erying plots of Hg(II) adsorption on gibbsite as a function of temperature and electrolyte type at pH 5.5. (A) Arrhenius plot of rapid step of
Hg(II) adsorption (S-1); (B) Arrhenius plots of slow step of Hg(II) adsorption (S-2); (C) Erying plot of S-1; (D) Erying plot of S-2. Rate constants of S-1 and S-2
w NaN
f es ind
s at pH
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ere determined from the data shown in Fig. 1. The data points of NaClO4 and
or S-2. Solid content, 2 g L−1; initial [Hg(II)], 2 �M. The dotted and dashed lin
tate. As shown in Supporting Information, Fig. 3S similar plots were obtained

aClO4, or NaCl, the pHzpc of gibbsite is always >8 [19,24];
hus the surface sites are positively charged between pH 3
nd 7. According to diffused-layer model calculations, the
[>AlOH2

+]/[>AlO−]) ratio was decreased significantly when
H varied from 4 to 7.1. This indicates that the relative con-
entration of [>AlOH2

+] is decreased drastically over [>AlO−]
ith the pH. The enhanced rate values of Hg(II) adsorption

s attributed to the abundance of [>AlO−] and [>AlOH] as
H → pHzpc.

.3. Transition state of Hg(II) adsorption

The Arrhenius equation was formulated empirically, relating
eaction rate and temperature. However, the Erying equation is a
echanistic construct, based on transition state theory [26]. Both

quations were applied to calculate Ea, �H#, �S# and �G# of

g(II) adsorption.
As shown in Fig. 3(A and B) and in Supplementary Materials

Fig. 3S), Arrhenius plots, i.e. −ln(kion
Hg(II)) versus 1/T, were con-

tructed to calculate activation energy, Ea of Hg(II) adsorption

u

l

able 2
ctivation energy values of two-step Hg(II) adsorption on gibbsite as a function of p

pH

NaNO3 NaClO4

3.1 4.2 5.5 7.1 3.1

1
a (kJ mol−1) 49 26 17 17 52

2
a (kJ mol−1) 22 48 39 48 73

alculations were done applying Arrhenius equation.
a Ei = 1,2: activation energy i: reaction steps.
O3 coincided, during S-1. However, such a conclusion cannot readily be made
icate linear fits conducted to calculate thermodynamic parameters at transition
3.1, 4.2 and 7.1.

n gibbsite:

n(ki
Hg(II)) = − Ea

RT
+ ln A (2)

here R is the universal gas constant and A is an empirical
onstant. As shown in Table 2, the E1

a (S-1: activation energy)
s greater than that of S-2 step at pH 3.1. At every other pH

1
a < E2

a . The E1
a values are in agreement with the data of metal

ons adsorption on hydrous oxides [23]. However, the E2
a values

S-2: activation energy) vary between 73 and 18 kJ/mol, which
ignal the operation of a slow reaction step (S-2). In a given
lectrolyte, E1

a values showed a significant reduction with the
H (Table 2) which shows the importance of surface speciation
n Hg(II) adsorption.

The enthalpy and entropy of activation (�H#, �S#) of Hg(II)
dsorption on gibbsite were also calculated from the same data

sing Erying model:

n

(
ki

Hg(II)

T

)
= −�H#

R

1

T
+ �S#

R
+ ln

(
kB

h

)
(3)

H and electrolyte type

NaCl

4.2 5.5 7.1 3.1 4.2 5.5 7.1

25 18 14 38 26 23 22
46 59 18 28 48 25 8
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here h, kB and R are Planck, Boltzmann, and universal gas con-
tants, respectively. As shown in Fig. 3(A–D), the ln(ki

Hg(II)/T )
ersus 1/T showed a linear relationship complying Erying
odel. The �H# and �S# values of activation state were calcu-

ated from the slopes and intercepts of the plots shown in Fig. 3(C
nd D) and the results are given in Table 3. The free energy
f activation (�G#) was derived from �G# = �H# − Tav�S#

here Tav is the arithmetic mean of the temperature. As shown
n Table 3, always �S# values approximate to zero and −T�S#

alues are positive, which indicates that the activation states of
g(II) adsorption is entropy driven.
The activation parameters of S-1 step, i.e. Ea, �G#, �H#, and

S# in NaClO4 and NaNO3 are not significantly different from
ach other which indicate similar mechanistic steps in surface
onding. However, such a conclusion cannot readily be made
ith respect to S-2 due to random variations of the data.
The thermodynamic data of Hg(II) adsorption on gibb-

ite at transition state showed similar values in NaNO3 and
aClO4. Hence, the configurations of Hg(II)-surface complexes

re assumed similar both in NaNO3 or NaClO4. When Cl−
s present, the Hg(II)-surface complexes seems to be differ-
nt. Structural configurations of Hg(II)-surface complexes were
lucidated by vibration spectroscopic measurements. However,
hese measurements were confined to pH ∼6 at 298 K, presently.

.4. Transmission vibration spectroscopy

As shown in Fig. 4(A–C), IR spectra were obtained for Hg(II)
reated gibbsite in 0.01 M NaNO3, 0.01 M NaClO4 and 0.01 M
aCl at pH 6. Such spectral traces show little difference particu-

arly at 4000–2500 cm−1. By factor analysis, Wang and Johnston
26] have identified six OH stretching bands for gibbsite. Of
he six structural OH stretching bands, peaks at 3433, 3370
nd 3363 cm−1 are considered as inter-layer hydrogen bonded
H and peaks at 3623, 3526 and 3519 cm−1 are considered

s intra-layer hydrogen bonded OH bands. Phambu et al. [27]
ave decomposed the IR spectrum of gibbsite in the range of
000–4000 cm−1 into seven components: 3378, 3395, 3430,
450, 3515, 3528 and 3620 cm−1. However, Weerasooriya et
l. [28] have studied seven components at 3330, 3378, 3396,
440, 3471, 3521 and 3621 cm−1 for gibbsite (the same gibb-
ite samples were used in this work). Balan et al. [29] noted
hat the morphology of the IR spectrum is strongly depending
n the shape and provenance of the gibbsite particles. Hence,
he components of OH stretching frequencies for bare gibb-
ite were taken for the comparison with Hg(II) treated gibbsite
pectra. The spectral traces of Hg(II)–gibbsite were resolved by
econvolution and the results are shown in Fig. 4(A and B).
he spectra of Hg(II)–gibbsite samples were decomposed into
ix components instead of seven as obtained for bare gibbsite
Fig. 4(A–C)). As shown earlier [27] low frequency IR bands
orrespond to inter-layer OH and those of high frequency relates
o intra-layer OH groups. The inter-layer OH groups seem active

n surface bonding with Hg(II) (Table 4).

Despite of the electrolyte type used, the peak at 3396 cm−1

as disappeared in all cases showing strong evidence for direct
g(II) bonding on gibbsite surface hydroxyls. The peak com- Ta
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Fig. 4. Deconvoluted FT-IR spectra of Hg(II)-surface complexes. The system
pH is 6. Gibbsite, 2 g L−1; initial [Hg(II)], 2 �M; Hg(II) at 298 K. (A) NaNO3;
(B) NaClO4; (C) NaCl.

Table 4
Deconvoluted peak components of Hg(II) treated gibbsite samples used to fit
vibration spectroscopic traces obtained under transmission mode

Gibbsite (cm−1) Hg(II) treated gibbsite (cm−1)

NaNO3 NaClO4 NaCl

3378 3378 3378 3378
3380-Broad (−50) 3330 (−50) 3330 (−50) 3330
3396 Disappeared Disappeared Disappeared
3440 (+23) 3463 (+23) 3463 (+12) 3452
3471 (+75) 3546 (+75) 3546 (+73) 3544
3521 3521 3521 3521
3621 3621 3621 3621

The peak components of untreated samples were taken from Ref. [28]. Irrespec-
t
w
u

p
t
a
f
n
a
N
H
w
t
p

4

p
s
w
i
i

A

G
e
2
m

A

i

R

ive of the type of electrolyte used, always the untreated gibbsite spectral traces
ere always resolved into seven peak components. All samples were prepared
sing 2 g L−1 gibbsite and initial [Hg(II)] = 2 �M at 298 K in pH 6.

onent at 3380 cm−1 showed a broad band, which was shifted
o 3330 cm−1. However, the peak components at 3378, 3521
nd 3621 cm−1 remained almost same with some changes in
ull width at half height and the peak area. The peak compo-
ents at 3440 and 3471 cm−1 in bare gibbsite shifted to 3463
nd 3546 cm−1 for Hg(II)–gibbsite samples both in NaNO3 and
aClO4 which implies a similar mechanism of surface bonding.
owever, the relative shifting of these peaks in NaCl is some-
hat different, i.e. the peaks at 3440 and 3471 cm−1 shifted

o 3452 and 3544 cm−1, respectively. This indicates that in the
resence of Cl−, Hg(II) should bond to the surface differently.

. Conclusions

The Hg(II) adsorption kinetics data were quantified well with
seudo-first order model at excessive concentration of surface
ites. The Hg(II)–gibbsite interactions showed analogous path-
ays both in NaClO4 and NaNO3. Abundance of HgCl20 species

n solution was accounted for reduced Hg(II) adsorption density
n the presence of chloride.
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