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Abstract

As one of the major constituents of acid volatile sulfide (AVS) in anoxic sediments, mackinawite (FeS) is known for its ability to scavenge trace
metals. The interaction between aqueous Hg(II) (added as HgCl,) and synthetic FeS was studied via batch sorption experiments conducted under
anaerobic conditions. Due to the release of H* during formation of hydrolyzed Hg(II) species which is more reactive than Hg>* in surface adsorption,
the equilibrium pH decreased with the increase in Hg(II)/FeS molar ratio. Counteracting the loss of FeS solids at lower pH, the maximum capacity
for FeS to remove aqueous Hg(IT) was approximately 0.75 mol Hg(IT) (mol FeS)~!. The comparison of X-ray power diffraction (XRPD) patterns
of synthetic FeS sorbent before and after sorption showed that the major products formed from the interaction between FeS and the aqueous Hg(II)
were metacinnabar, cinnabar, and mercury iron sulfides. With the addition of FeS at 0.4 gLL.~! to a 1 mM Hg(II) solution with an initial pH of 5.6,
Fe?* release was approximately 0.77 mol Fe?* per mol Hg(II) removed, suggesting that 77% of Hg(II) was removed via precipitation reaction under

these conditions, with 23% of Hg(II) removed by adsorption. Aeration does not cause significant release of Hg(Il) into the water phase.

© 2008 Elsevier B.V. All rights reserved.
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1. Introduction

Bottom sediment represents one of the major reservoirs of
mercury, which is a persistent pollutant in the environment.
The transformation of mercury to monomethylmercury (MeHg)
largely occurs in anaerobic sediments mediated by sulfate-
reducing bacteria [1,2] or iron-reducing bacteria [3-5]. Studies
have shown MeHg can accumulate in the aquatic food web and
consumption of fish and shellfish contaminated with MeHg is
the primary route of human exposure to mercury [6]. Effec-
tive remediation of mercury-contaminated sediments to reduce
the release of mercury to overlying water columns is essen-
tial to minimize the contamination of fish and shellfish with
MeHg. As one of the remediation methods, in situ capping can
be an effective means to reduce the releases of mercury and
MeHg into the water column. In situ capping is the process
of placing a layer of isolating material between the contami-
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nated sediments and the overlying water. Conventional capping
materials include sand, clean sediment and other materials
[7].

Depth profiles in sediments show that MeHg production
occurs most actively in the surface layer of sediments. Consid-
ering the rates of mercury methylation is higher in the surface
sediments, a layer of active capping material with a methylation
inhibitor as the active component placed over the contaminated
sediments beneath a layer of conventional sand cap should effec-
tively reduce the MeHg production and release to the water
column.

A negative correlation between MeHg in sediments and sul-
fides in pore water has been observed [8,9], which suggests
that sulfides limit production and accumulation of MeHg in the
system. Iron sulfides are one of the major sinks of mercury in sed-
iments because of its affinity for mercury [10]. Previous studies
have shown naturally occurring sulfides are excellent sorbents
for aqueous solutions of Hg(IT) and Hgo [11].

Based on the inhibition effects of sulfides on mercury methy-
lation and the affinity of sulfides for mercury, the placement of
a layer of iron sulfides over the contaminated sediments should
effectively reduce releases of both mercury and MeHg. Though
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many other factors should be considered and investigated before
practical application, iron sulfides should be good candidates as
components of an active capping material.

There are a variety of binary compounds formed from iron
and sulfur. The common forms existing in anoxic sediments
include mackinawite (FeS), greigite (FezS4), pyrite (FeS,) and
pyrrhotite (Fej_,S). Greigite and pyrrhotite have been shown to
contain mixed Fe(II) and Fe(III) valence states [12,13], formed
from the oxidation of mackinawite. Pyrrhotite is an excellent
scavenger for aqueous Hg(II) complexes [14] and so is pyrite
[15,16]. Mackinawite together with greigite has been accepted to
be the major mineral constituents of acid volatile sulfide (AVS)
in anoxic sediments and is involved in the formation of more
stable pyrite [17,18]. The composition of mackinawite is not
well constrained. From previous reported analyses, synthetic
mackinawite has a chemical composition varying from Feg g7S
to Fej15S [19-21]. Presently available evidence suggests that
it closely approximates stoichiometric FeS in composition [22].
In this study mackinawite will nominally be written as FeS.

FeS has a high adsorptive capacity for various divalent metals
[23-27], but in-depth studies of Hg(II) sorption to FeS are rare.
Metals whose sulfide phases are less soluble than FeS exhibit
an increasing surface affinity with decreasing solubility [27]. At
25°C and low to moderate ionic strength, the solubility con-
stant for FeS is about —3.6 [28], and it is —45.7 and —45.1 for
metacinnabar and cinnabar, respectively [29]. This explains the
affinity of mercury to FeS.

This study was designed to test the potential of synthetic
FeS to immobilize mercury in batch sorption experiments. This
paper reports the results of our investigation of the immobiliza-
tion of Hg(Il) (added as HgCl,) with FeS in aqueous solutions,
including effects of the pH of both initial Hg(II) solution and
equilibrium suspension on sorption, mechanism of interactions
between Hg(Il) and FeS, and the stability of immobilized mer-
cury regarding oxidation.

2. Materials and methods

Chemicals used in this work were analytical grade or plus.
Deionized water was produced from a Corning Mega Purifica-
tion System (15.0 M€2). Glassware and Teflon tubes were soaked
in 4 M HCI for at least 24 h before rinsing with DI water and
drying for use.

2.1. Preparation of FeS

Because FeS, especially wet FeS, is very reactive to oxi-
dation, the preparation of the reactant solutions, the reaction
and filtration were conducted under N,. FeS was prepared from
FeSO4-(NH4)2(SO4)2-6H>,O (Mohr’s salt) and NayS-9H,O at
room temperature (24 °C). Mohr’s salt is the preferred reagent
with aqueous iron(II) since it is relatively resistant to oxidation
[30]. After purged with high purity N, for half an hour, 100 ml
0.4 M Mohr’s salt prepared in a separation flask was purged into
100 m10.4 M Na,S-9H, O in a three necks flask and magnetically
stirred for 5 min. The suspension was then purged in the vacuum
filtration system and filtered through a 0.45 pm filter. In order to

remove retained ions from FeS, wet FeS was rinsed with deion-
ized water following the procedure: immediately after filtration,
the wet FeS was placed in a HDPE tube and stored in a freezer.
Once the wet FeS was frozen, it was put back in the cleaned reac-
tion flask filled with 250 ml deionized water previously purged
with Ny and stirred for 10 min under N», followed by filtration.
The filtration process of FeS slurry was much faster after frozen
and usually done within a few minutes, which helped to min-
imize the oxidation of FeS. The procedure was repeated three
times before FeS was dried under N, flow. The dried FeS was
placed in 1.5 ml vials and preserved under N, flow in a 500 ml
flask.

2.2. Characterization of FeS

The specific surface area of Nj-dried FeS was measured
following the multipoint N>-BET adsorption method (Autosorb-
1, Quantachrome). Approximately 1.2 g samples were loaded
in the sample holder and degassed for 12h at 100 °C under
0.035mmHg. Scanning Electron Microprobe (SEM) (Jeol
840A) was used to obtain SEM images of the laboratory pre-
pared FeS sorbent. In order to obtain clear images, the sample
was pretreated with pure Au dust for better conductivity. The
major components of the synthetic material before and after
sorption were identified by X-ray power diffraction (XRPD)
spectra, obtained using a Bruker/Siemens D5000 automated
powder X-ray diffractometer with Cu Ka radiation.

2.3. Experimental design and procedure

A 5mM Hg(Il) stock solution was prepared by dissolving
HgCl> (99.9995%, Alfa Aesar) in 32 mM HNO3 solution (trace
metal grade concentrated HNOs3 dissolved in deionized water).
This stock solution was stored in a PTFE bottle for later experi-
ments. Except for the experiments to test the capacity of FeS to
retain mercury, a final concentration of 0.4 gL~! of FeS was
applied. The pH of the initial mercury solutions before FeS
addition was adjusted to 5.6 with the exception of experiments
determining pH effects on mercury retention. The sorption ves-
sels were sealed with a rubber stopper containing inlet and outlet
holes. N> was maintained in the head space of the vessels during
the experiments in order to maintain anaerobic conditions.

For the dynamic experiments used to determine retention
rates, samples were retrieved in specific time intervals. Samples
were filtered through 0.45 wm PTFE syringe filters (Whatman)
in order to minimize the delay between sampling and separation.
Filtration was completed within 30 s after sampling.

The equilibrium experiments were conducted using either
50ml glass centrifuge tubes or 500 ml glass flasks depending
on the required volumes of relative experiments. Hg(II) solu-
tions of designated concentrations were prepared by diluting
the 5mM stock solution with deionized water, and pH of the
solutions was adjusted using 0.2M NaOH. After purging for
half an hour to exclude oxygen from the system, FeS was added
into the solution. Magnetic stirring by a PTFE stirrer bar was
used to maintain the homogeneity of the suspension. After 24 h,
the suspension was filtered via a glass vacuum filtration unit
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using 0.45 pm nitrocellulose membrane (Fisher Science). No
significant adsorption of mercury to the membrane was detected.

The aeration experiments were conducted following a pro-
cedure similar to that of the equilibrium experiments during the
first 24 h. After purging for 24 h with N», the purge gas was
switched to compressed air with an approximate flow rate of

50 mlmin—!.

2.4. Analytical methods

All filtrates were preserved with concentrated HNO3 to pH
less than 2 before analyzing for mercury. Because HgS is com-
pletely soluble in aquaregia [31], the retained solid samples from
the filtration were digested together with the filter membrane in
10 ml aqua regia (2.5 ml concentrated HC] mixed with 7.5 ml
HNO3). No mercury was detected from the digested blank filter
membrane. The recovery of Hg by this method was 98 £ 2.6%
(n=14). After settling within 48 h, both the retained solid and
the membrane itself were dissolved completely without any vis-
ible suspension. The oxidized mercury was reduced to volatile
elemental form by addition of stannous chloride and quantita-
tively measured by cold vapor atomic absorption spectrometry
(CVAAS) (Mercury Instruments, LabAnalyzer 254). The quali-
tative analysis was performed using a 7-point calibration curve
ranging from 0 to 1.2 wg L™!, a stable and accurate calibration
was obtained (R? > 0.999).

pH was measured using a combination electrode (Sensorex)
coupled to a pH meter (Jenco Model 60). Analysis of total iron
in filtrates was performed using ICP-MS (Perkin-Elmer Sciex,
Elan 9000).

FeS was estimated using the method for AVS measurement.
FeS was converted to H,S by adding 20ml 6 M HCl to 15 ml
suspension mixed with 85 ml deionized water to produce a final
HCI concentration of 1 M [32]. The evolved HyS was purged
from the sample and trapped in an anti-oxidation buffer followed
by measurement using a sulfide ion selective electrode (Oakton)
[33].

3. Results and discussion
3.1. Properties of FeS

The freshly prepared FeS was black in color. The specific
surface area of the dried FeS measured by N>-BET method was
7.8m? g~!. The measured specific surface area of mackinawite
varies broadly (7-47 m? g~ 1) [34] as determined by the N»-BET
method. Fig. 1 shows the SEM image of the Nj-dried FeS par-
ticles. The mackinawite in Fig. 1B fits the description as noted
by others [24]. Previous studies [22] have demonstrated that
the primary FeS precipitate formed from the reaction between
Fe(Il) and S(-II) in aqueous solutions at ambient temperatures
and pressures is nanoparticulate stoichiometric mackinawite,
Fe1.00+0.015, thus the prepared FeS should be mackinawite. This
was confirmed by the XRPD pattern of the synthetic FeS shown
in Fig. 7 for comparison with the pattern of the sample after
sorption of Hg(II).

Fig. 1. Images of laboratory prepared FeS by a JEOL 840A scanning electron
microscope obtained at (A) 150 x magnification and (B) 30,000 x magnification.

3.2. Dynamic sorption

These experiments were designed to investigate the sorption
rate of Hg(II) onto the synthetic FeS and help determine the time
for the sorption process to reach an approximate equilibrium.
For these experiments, 0.4 gL_1 FeS and Hg(II) solution with
an initial pH 5.6 was applied. From Fig. 2, within 3 min after
FeS addition, more than a half of the initial Hg(II) was removed
from the aqueous phase, with 99.99% Hg(II) removed within
20 min. This confirmed that a period of 24 h should be sufficient
for the suspension to reach equilibrium. Based on this observa-
tion, a period of 24 h was chosen for the following equilibrium
experiments.

3.3. Initial, equilibrium pH and Hg(Il) immobilization

When O.4gL_1 (4.55mM L) FeS was added to a | mM
Hg(I) solution, the Hg(Il) loaded to FeS was 0.22mol
(mol FeS)™!. Fig. 3(a) shows the relation between the initial
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Fig. 2. Dynamic Hg(Il) sorption by FeS (added FeS 0.4 gL~' and initial pH
of Hg(II) solutions 5.6). The legends on the figure represent the initial Hg(II)
concentrations before FeS addition.

pH of solutions before FeS addition and the equilibrium pH of
the suspensions 24 h after FeS addition, for 0.01, 0.1 and I mM
initial Hg(IT) concentrations, respectively. Although the equi-
librium pH increased with increase in initial pH of the Hg(II)
solutions, the relationship was not proportional. When the ini-
tial pH increased from 3 to 8, the equilibrium pH increases
approximately from 6 to 7. When the equilibrium pH exceeded
7, the data tended to be linear. This phenomenon can be
explained by the dissolution of FeS. The solubility of FeS is
described by a pH-dependent reaction and a pH-independent
reaction. The pH-dependent dissolution reaction can be repre-
sented by FeS + 2H* = Fe?* + H,S, with log Ksp™ = —3.6 [28].
The pH-independent dissolution reaction involves the formation
of the aqueous FeS cluster complex and can be represented by
FeS = FeS? with log Ko(FeS)=—5.7 [35].

Under acidic conditions, it is predominantly a pH-dependent
reaction. The dissolution of FeS consumes hydrogen ions thus
increases the pH of the suspension, which explains the “pH
buffering effect” of FeS at lower initial pH as shown in Fig. 3(a).
Under alkaline conditions, it becomes a pH-independent disso-
lution and the solubility of FeS is much lower than its solubility
under acidic conditions. Thus the equilibrium pH tends to be
proportional to the initial pH. The overall tendency is that FeS
solubility decreases with increasing pH. Fig. 3(c) shows the
relation between unreacted FeS and suspension pH, which was
obtained by modeling using MINTEQAZ2. The equilibrium con-
stant used for mackinawite was 3.6 and the reaction between
FeS and Hg(II) was assumed via precipitation for cases when
Hg(II) was present. When Hg(II)/Fe < 0.22, no significant loss
of FeS from dissolution would occur if the initial pH of Hg(II)
solutions is close to neutral.

Under acidic conditions, solubility of FeS increased rapidly
with decrease in pH of the suspension. When the initial pH
was around 2.5 (equilibrium pH <5), apparent loss of FeS was
observed in the suspensions. This is consistent with the mod-
eling results shown in Fig. 3(c). Because of the loss of FeS
from dissolution under low pH as expected, the sorption of
Hg(II) decreased (Fig. 3(b)). Further experiments with lower

initial pH were not performed due to significant loss of FeS
particles. When equilibrium pH > 5.5, mercury in the aqueous
phase increased with equilibrium pH. The same relationship was
observed for experiments with initial mercury concentrations
of 0.01, 0.1 and 1 mM. It appeared that, at the same equilib-
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Fig. 3. pH and the immobilization of Hg(Il). FeS added 0.4 gL~'. (a) Rela-
tion between equilibrium pH, 24 h after FeS addition, and initial pH of Hg(II)
solution before FeS addition; (b) effects of equilibrium pH on dissolved Hg(II)
concentrations; (c) modeling results of unreacted FeS solids in the suspension
vs. equilibrium pH.
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rium pH, the mercury concentration in the aqueous phase was
not apparently related to the initial concentration in the solu-
tion and the amount of mercury removed in the concentration
range investigated. This was likely due to the increased dis-
solution of FeS nanoparticles at higher pH. It was observed
that FeS was better dispersed and the suspension became darker
with increase in pH. When the equilibrium pH was greater than
7.2, colorless filtrates was not obtained when filtered through
a 0.45 pm membrane filter. The filtrates became darker with
increase in pH, suggesting that more FeS passed through the
membrane.

The slight increase of dissolved Hg(II) may also be explained
by surface adsorption. It is generally assumed that the HgOH*
ions are much more reactive than Hg2+ [14,36]. With increas-
ing pH, the surface potential of FeS decreases, becoming less
positive or more negative. The point of zero surface charge for
FeS lies at pH ~7.5 [37]. It is easier for positively charged
HgOH™ to react with negative surfaces. However, the concen-
tration of HgOH™ decreases with increasing pH due to the
formation of Hg(OH), [38]. The effects of the decreasing sur-
face potential and of decreasing concentration of HgOH* ions
oppose each other, so that only small effects of pH on adsorption
would be expected [39]. This is consistent with our experimental
results.

3.4. Maximum capacity of FeS for immobilization of Hg(Il)

Capacity of FeS for immobilizing Hg(Il) was tested by
changing added FeS concentrations with fixed initial Hg(IT) con-
centration (1 mM) and also by changing Hg(II) concentrations
with fixed initial FeS concentration (0.4 g L~1). For both cases,
initial pH of Hg(II) solutions was adjusted to 5.6 before FeS
addition. For the case with initial Hg(Il) concentration fixed
at | mM (Fig. 4(a)), when the added FeS was in the range of
0.4-0.28 g L=, close to 100% of Hg(II) was removed from solu-
tion, with Hg(II) concentrations in filtrates less than 1.9 nM.
When added FeS decreased from 0.24 to 0.16 gL~!, Hg(II)
removal decreased only marginally. Further decrease of added
FeS in the suspension resulted in significant decrease in the per-
cent removal of Hg(II). Although the maximum immobilization
capacity reached 0.72 mol Hg(II) (mol FeS)~! when added FeS
was as low as 0.08 gL~! (loaded mole ratio Hg(I)/FeS =1.1),
only 66% of initial Hg(Il) was removed. For the case with
initial FeS fixed at 0.4gL’1 (Fig. 5(a)), Hg(Il) removed was
proportional to the initial Hg(I) concentrations until a max-
imum capacity 0.75 mol Hg(II) (mol FeS)~! was reached at
initial Hg(I) concentration 3.5 mM. At this maximum value,
the mole ratio of loaded Hg(Il)/FeS was 0.77 and the Hg(II)
removed was 98.3%. From Figs. 4 and 5, the overall tendency
observed was that pH decreased with the increased Hg(Il)/FeS
mole ratio. When Hg(II)/FeS ~0.22 (mole ratio), the equilib-
rium pH was near the initial pH 5.6. Decrease in pH has also
been observed for sorption of Pb>* and Cd** onto FeS [24].
It is hard to explain the pH decrease by simple precipitation
reaction alone, because neither OH™ nor H* is involved in this
reaction. The pH decrease should be largely caused by the sur-
face adsorption. As stated earlier, it is usually assumed that the
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Fig. 4. Sorption of Hg(II) in suspensions with different FeS concentrations (ini-
tial Hg(IT) 1 mM at pH 5.6). (a) Removed Hg(II) vs. initial FeS concentrations;
(b) equilibrium pH vs. initial FeS concentrations.

charged and hydrolyzed Hg(II) species are much more reactive
than Hg2+ [14,36]. A surface adsorption model (Eq. (1)) [36,40]
explains the pH decrease prompted by the interaction between
hydrolyzed Hg(II) species and mineral surface. Below pH ~7.5
(37]

M2 + mHy0 = M(OH)J ™% + mHT
S + M(OH)""—™+ = SM(OH)* ™+

the positively charged FeS surface attracts OH™ ions and could
be an explanation to the decrease of suspension pH.

3.5. Hg(II) immobilization and Fe** release

The precipitation reaction can be expressed as
FeS + xHg?* = xFe?* + (Hg,Fe;_,)S (0<x<1). When x=1,
the ion replacement by Hg?* from FeS solids is complete and
HgS is formed; when x< 1, Fe(Il) in FeS solids is partially
replaced by Hg?* and (Hg,Fe)S is formed. For the ion exchange
reaction, equal moles of Fe?t ions are released with the
removal of Hg?* ions. Based on this, by measuring the released
Fe?* in the solution, the portion of Hg(II) immobilized via
ion exchange can be determined if no significant Fe?* is
released by dissolution. For these experiments, with loaded
Hg(I)/FeS < 0.22 at initial pH 5.6, it has been shown that the
final pH was close to neutral (Fig. 3). This was confirmed by
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the measured pH of the suspension (Fig. 6). The pH varied
from 6.9 to 5.8 when the initial Hg(II) increased from 0.01 to
1 mM. Under these conditions, no significant dissolution of
FeS occurs, which is especially true when initial Hg(II) is near
1 mM (Fig. 3(c)). The curves for 0.01 and 0.1 mM initial Hg(IT)
(which are not shown) should lie between the two curves shown
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Fig. 6. Iron releases with different initial concentrations of Hg(II) (added FeS
0.4 g L~! at initial pH 5.6). Under these experimental conditions, close to 100%
of added Hg(I) is removed from the aqueous phase.

Table 1
Percentage of major dissolved iron species

pH Fe* (%) Fe(HS)aq (%) Fe(OH)Y* (%)
4 98.48 1.51

45 97.31 243

5 97.52 245

55 97.59 2.50 0.01

6 97.40 2.66 0.04

6.5 96.96 3.12 0.12

7 95.43 428 0.38

75 92.54 591 1.16

8 89.40 6.98 3.55

in Fig. 3c and very close to the curve without the presence
of Hg(II). Iron speciation shows that Fe?* accounts for more
than 95% of total dissolved iron (Table 1) for pH from 5.8
to 6.9. The measured total dissolved S(II) concentration was
around 30 wM under the experimental conditions and was used
to obtain the speciation data (Table 1) using MINTEQA2.
Based on the modeling results for dissolution of FeS (Fig. 3(c))
and speciation of iron, total iron concentrations in the filtrates
represent the approximate Fe>* concentrations released by the
ion exchange reaction between Hg(II) and FeS.

A linear relation was observed (Fig. 6) between equilib-
rium molar Fe?* concentrations in the filtrate and molar HgdI)
concentrations was removed. It should be noted that with
loaded Hg(IT)/FeS < 0.22 at initial pH 5.6, approximately 100%
Hg(II) was removed from the aqueous phase (Fig. 2). The
slope of the linear regression was 0.773 with an intercept
of —0.0223, which meant that under the experimental con-
ditions, approximately 77% of the Hg(Il) was immobilized
via ion exchange and 23% of the Hg(II) was immobilized by
adsorption. Fig. 6 also showed that the pH decreased with
increasing initial Hg(IT) concentrations, which is consistent with
the observation shown in Fig. 5 but with smaller Hg(II)/FeS
loadings.

3.6. XRPD analysis

The XRPD patterns A and B shown in Fig. 7 are for the
Nj-dried FeS and ‘FeS’ from the sorption experiments, respec-
tively. The major components in the samples were identified
with the assistance of the XRD pattern processing software
(MDI Jade version 6.1) loaded with ICDD database. It was
concluded that because of the nanoparticulate nature of FeS,
XRPD methods routinely used to examine FeS give no pat-
tern or show a broad peak at 5 A (17.6° 20) [41]. Consistent
with this conclusion, the observed XRPD pattern (Fig. 7A) of
the synthetic FeS shows broad peaks with very low intensities.
The broad peaks around 17.6° 26 are indicative of FeS, with
intensities and positions in reasonable agreement with peaks
previously reported in the conventional XRPD pattern for FeS
[34].

In contrast to pattern A in Fig. 7, peaks appear in pattern B
which indicates the formation of mercury sulfides, including
mercury-iron sulfide. The positions of major peaks of mer-
cury sulfide complexes in pattern B are marked with 1 for
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metacinnabar (HgS, ICDD 06-0261), 2 for mercury-iron sulfide
and 3 for cinnabar (HgS, ICDD 06-0256). The highest inten-
sity peak of cinnabar occurs at around 31.2°26. The formula
for mercury-iron sulfide is given as (Hgp.goFeo.11)S (ICDD 50-
1151) in the ICDD database and is referred to as (Hg,Fe)S in
this paper, because it may not be the only form of mercury-iron
sulfide existing in the sample. The pattern for (Hg,Fe)S is very
similar to that for metacinnabar. For the major peaks with high
intensities, peaks of (Hg,Fe)S overlap those of HgS and are sep-
arated slightly at the top with those for (Hg,Fe)S on the right
side.

3.7. Oxidation and Hg(Il) retention

In the presence of water, FeS is oxidized to FeOOH via
reaction FeS + H,O + 0, = FeOOH + S and S° can be further
oxidized to sulfate [42]. After 24 h of aeration, no FeS was
detected by the measurement method for AVS, which meant
FeS had been completely oxidized.

From Fig. 8, we concluded that only a small amount of Hg
was released into the water phase after switching the purge gas
from N3, to air, but compared to the amount retained on the solid
phase it was negligible. There was no significant loss of Hg
from the solid phase during 160 h of aeration. For metacinnabar
and cinnabar, aeration of the suspension does not cause mercury
releases from the two compounds. For Hg(II) adsorbed on FeS
solid, if FeS was oxidized according to the reaction above, it
should be released from FeS which would result in a significant
increase in Hg concentration in the water phase. Such an increase
of Hg in the water phase was not observed. This was probably
due to the formation of FeOOH during oxidation and released
Hg(Il) was adsorbed onto FeOOH after its release from FeS.
Studies [39,43—48] have shown that FeOOH itself is a good
adsorbent for Hg(II).

After complete oxidation of synthetic FeS, FeOOH was sep-
arated by filtration and dried at 65 °C. The measured specific
area of FeOOH (N-BET) was 44.7m? g~!, which was greater
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Fig. 7. XRPD patters for N»-dried (A) fresh FeS and (B) ‘FeS’ after sorp-
tion (added FeS 0.4 gL~! at initial pH 5.6). Numbers on the graph are used to
mark the approximate peak positions of major components of the samples. 1:
metacinnabar (HgS); 2: mercury iron sulfide; 3: cinnabar (HgS).
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Fig. 8. Hg concentrations in suspended solid and water during aeration (added
FeS 0.4 gL~! and initial pH of solutions 5.6). At time “0’, the purge gas was
switched to air from Nj. (a) Initial Hg(II) 0.1 mM; (b) initial Hg(II) 1 mM.

than the measured specific area of FeS (7.8 m? g~!). However,
its ability to immobilize Hg(II) was smaller than FeS which was
not surprising because Hg(II) was removed by adsorption onto
FeOOH. With the addition of 0.4 gL~! FeOOH into 0.1 mM
Hg(II) solution at pH 5.6, the capacity for FeFOOH was 0.0044
HgI)/FeOOH (mole ratio). The loaded mole ratio was 0.022
and 0.22 Hg(I)/FeS for 0.1 mM and 1 mM Hg(II) solutions for
the two cases in Fig. 8. Considering close to 100% of Hg(II) was
immobilized and only 23% by adsorption, the portion retained by
adsorption was about 0.0051 and 0.051 mol Hg(II) (mol loaded
FeS)~! for 0.1 mM and 1 mM Hg(II) solutions, respectively.
Thus we can conclude that it is possible for FeOOH to adsorb
the Hg(II) released from FeS in 0.1 mM case, but it only accounts
for about 10% of total Hg(II) retained by adsorption in the 1 mM
case. In this case, it is impossible for FeEOOH to adsorb all of
the Hg(ID) released from FeS after its oxidation.

HgS can adsorb Hg(II) in acidic solutions. A capacity of
1.84 mmol Hg(II) (mol HgS)_1 has been detected in 1 mM HCl
solution [49]. In less acidic solution, more Hg(Il) could be
adsorbed per mole of HgS. Under such condition, HgS can be
another source for adsorption of released Hg(II). Another possi-
bility is the adsorption of Hg(II) onto (Hg,Fe)S. (Hg,Fe)S should
be more resistant to oxidation than FeS especially after some of
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its active sites on the surface are covered by adsorbed Hg(II)
complexes.

4. Conclusion

At low initial pH of Hg(II) solutions under low to moder-
ate Hg(II) loadings, Hg(IT)/FeS (mol ratio) < 0.22, equilibrium
pH increases by consuming H* via dissolution of FeS. As long
as there is no significant loss of FeS by dissolution, the effects
of pH on immobilization of Hg(Il) are very small. With higher
Hg(II)/FeS loadings, even at a neutral initial pH, the equilibrium
pH decreases because less unreacted FeS is present to neutral-
ize H* released by hydrolysis of Hg(I) which is promoted by
adsorption.

Because of the low solubility of mercury sulfides compared
to FeS, FeS has a great affinity to remove Hg(I) from solu-
tion. Although sorption process of Hg(II) to FeS includes both
precipitation and adsorption, the primary mechanism for FeS
to immobilize Hg(II) is via precipitation, which accounts about
77% of total Hg(I) immobilized.

Because FeS is very reactive to oxygen, steps should be taken
to stabilize FeS before it can be applied as a component of an
active capping material. Once Hg(II) is removed, no signifi-
cant mercury will be released into the water when the system
is exposed to oxidizing conditions. Oxidation product FeOOH,
precipitation products HgS and (Hg,Fe)S of FeS might be the
most important mechanism for the retention of released Hg(Il)
after the oxidation of FeS.
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