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Abstract

Cinnabar (a-HgS) and metacinnabar (3-HgS) dissolved at environmentally significant rates in oxygenated slurry experiments
simulating a low-flow fluvial system. Based on SO3~ production, cinnabar dissolution rates were 2.64 to 6.16 pmol (SO ) m >
day ™', and metacinnabar dissolution rates were 1.20 to 1.90 umol (SO3 ) m™ 2 day '. Monodentate-bound thiosulfate (S,03 ) was
identified as an oxidation product on the HgS surface by ATR-IR spectroscopy based on strong infrared absorption bands in the 1140—
1145 cm™ ' and 1006—1014 cm ™' regions. The presence of sulfide oxidation intermediates on the HgS surface indicates that SO~
concentration underestimates a-HgS and p-HgS dissolution in this setting. Mercury release rates during dissolution were more than
two orders of magnitude less than SO3~ production, but were significant: 0.47 mg (Hg) m 2y~ ' from cinnabar [6.45 nmol (Hg) m >
day ', and 0.17 mg (Hg) m ?y ' from metacinnabar [2.29 nmol (Hg) m 2 day ']. The Hg mobilized during a-HgS and B-HgS
dissolution is sufficient to form natural Au—Hg amalgam in downstream placer settings. The proportion of mercury that is not
remobilized during a-HgS and B-HgS dissolution likely adsorbs to the dissolving mercuric sulfide. Adsorption of Hg*" to cinnabar
was detected in situ by anodic stripping voltammetry using a cinnabar-modified carbon paste electrode following accumulation of Hg>*
on the electrode at open circuit potential.
© 2007 Elsevier B.V. All rights reserved.
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1. Introduction

Mercury (Hg) is a widespread contaminant that is
hazardous to aquatic and terrestrial ecosystems (EPA,
1997). The bioavailability and toxicity of Hg are
governed by its speciation (Kim et al., 2004). Natural
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and anthropogenic processes contribute to the global
redistribution of Hg from natural deposits into the
surrounding environment (Lacerda, 1997). Mercuric
sulfide (HgS) is an important component of the Hg
cycle. Cinnabar (a-HgS: red, hexagonal) is the primary
ore in most of the world’s twenty-six Hg mineral belts
(Rytuba, 2003). Cinnabar ore is processed by roasting,
during which the resulting Hg® vapors are condensed
and trapped. Cinnabar is transformed to its polymorph
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metacinnabar at 345 °C (3-HgS: black, cubic) (Dickson
and Tunell, 1959). Host rock cations such as iron and
zinc are incorporated into the HgS crystal structure
during ore roasting, preventing the mercuric sulfide
from returning to its original hexagonal form (Tauson
and Akimov, 1997). The predominant Hg species in
wastes at Hg mine sites are primary cinnabar in
discarded low-grade ore, and secondary metacinnabar
in tailings (Kim et al., 2004). Metacinnabar also occurs
in primary deposits and authigenically in Hg-contami-
nated floodplains and soils. Precipitation of this mineral
has been documented due to atmospheric Hg deposition
in the Florida Everglades (Ravichandran et al., 1999).
Mercury dissolves out of anthropogenic Hg—Au amal-
gams formed during gold mining and reprecipitates as
authigenic metacinnabar at the Carson River Superfund
Site, Nevada (Lechler et al., 1997).

Cinnabar has been shown to be sparingly soluble in
acidic mine drainage waters (Burkstaller et al., 1975)
and in sulfidic solutions approximating natural anoxic
waters (Paquette and Helz, 1995). Ravichandran et al.
(1999) showed that 3-HgS precipitation was inhibited
by dissolved organic matter (DOM) in anoxic experi-
ments. Dissolved organic matter enhances Hg release
from cinnabar (Ravichandran et al., 1998; Waples et al.,
2005), and measured Hg release rates in the presence of
DOM ranged from 2.00x 10 % t0 6.19x 10~ ! pmol (Hg)
mg (C) ' m 2 day ' (Waples et al., 2005). Metacinna-
bar dissolution has been measured in batch experiments
under oxidative conditions using sulfate production as a
proxy, and reported rates vary from 3.15x 1072 to
5.87x10 % umol (SO ) m ? day ' (Barnett et al.,
2001). However, Hg release rates were 1 to 3 orders of
magnitude less than SO3 in that study.

It has been proposed that Hg*" adsorbs to the surface
of HgS during HgS dissolution (Burkstaller et al., 1975;
Barnett et al., 2001), resulting in stoichiometrically
unequal release of Hg and S to solution. Support for this
hypothesis has relied on solution chemistry of filtered
samples to illustrate incomplete recovery of Hg*" added
to batch experiments. This type of analysis necessitates
separation of the solution and the solid phase, which
disrupts the experimental equilibrium and does not
account for the influence of suspended colloidal
material. Adsorption of Hg®" to Fe- and Al-(hydr)
oxides and soil humic fractions has been detected in situ
by synchrotron-based molecular spectroscopic methods
(Collins et al., 1999; Xia et al., 1999; Kim et al., 2004),
and Walcarius et al. (1999) have detected Hg®" ad-
sorption to pyrite in situ by voltammetry. To date there
has been no reported in situ analysis of Hg>" adsorption
to HgS.

In this work we have examined cinnabar and
metacinnabar dissolution in a simulated fluvial system
using oxygenated batch reactor experiments. We have
extended the previous studies of mercuric sulfide
solubility in aquatic environments by conducting the
first direct comparison of a-HgS and p-HgS solubility.
We have assessed the formation of sulfide oxidation
intermediates such as thiosulfate (S,03 ) on the
mercuric sulfide surface using Attenuated Total Reflec-
tion Infrared (ATR-IR) spectroscopy of thin particle
films of batch reactor a-HgS and freshly precipitated
HgS. Based on spectral and batch reactor data, we have
evaluated the suitability of sulfate as a proxy for HgS
dissolution. We have also monitored Hg concentration
in batch reactor dissolution experiments and compared
the release of Hg from cinnabar and metacinnabar to the
release of sulfur. The dissolution of mercuric sulfides
has implications for Hg mobility in catchments hosting
mined and unmined cinnabar deposits, and catchments
containing authigenic metacinnabar resulting from
atmospherically-deposited or gold mining related Hg.
The fate of Hg released from HgS was examined in the
context of Au—Hg amalgamation and Hg>" adsorption
to HgS. The potential was assessed for mercuric sulfide-
derived Hg to amalgamate with Au in the presence of a
suitable reducing agent. Adsorption of Hg>" to cinnabar
was detected in situ by anodic stripping voltammetry
using a cinnabar-modified carbon paste electrode. These
processes have important environmental implications
for the immobilization of HgS-derived Hg.

2. Experimental methods
2.1. Batch HgS solubility experiments

Slurries of cinnabar and metacinnabar were sparged
with air and agitated in order to approximate the
conditions experienced by detrital a-HgS and p-HgS.
Four experiments were conducted to compare a-HgS
and B-HgS solubility. Experiment A was a slurry of
0.43 M a-HgS in deionized water. Experiment B was a
comparison of 0.1 M a-HgS and 0.1 M B-HgS slurries
in deionized water. Experiments C and D were both
comparisons of 0.1 M a-HgS and 0.1 M 3-HgS slurries
in natural river water. Each experiment included a
second set of batch reactors containing gold foil in
addition to the reagents listed above. Experimental
conditions are also listed in Table 1 for convenience.

Powdered reagent-grade pure cinnabar (Riedel-de
Haén) and metacinnabar (Aldrich) were used in order to
prevent introduction of other metals into the experiment,
as natural cinnabar ore commonly contains up to
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4600 ppm of other metals (Rytuba and Klein, 1986).
Brunauer—Emmett—Teller (BET) N, adsorption surface
areas were 1.28+0.06 m* g ' for a-HgS and 2.76+
0.04 m> g~ ! for p-HgS. Deionized water was 18.2 MQ
ecm ' (Millipore, Milli-Q). Natural river water was
collected from the Leith Stream (Dunedin, New
Zealand) during normal flow conditions using trace
metal clean techniques. Gold was in the form of five
50 mg pieces of foil that had been heated to 500 °C for
24 h to remove any Hg. Electron microprobe analyses
indicated that the foil was pure Au containing <0.1 wt.%
Ag and <0.2 wt.% Hg (detection limits). In experiments
B-D (see Table 1 for conditions), the Au was contained
in Medicell dialysis tubing with a pore diameter of
2.5 nm. Experiments were conducted in 500 mL glass
conical flasks with glass spargers and blown glass frets.
Glassware was prepared by soaking overnight in AR
grade concentrated HNOs. Flasks were anchored in the
moving portion of a Julabo SW22 shaking water bath set
to 100 rpm and 24 °C. Back-and-forth agitation of the
flasks was achieved using the automated setting of the
water bath, rather than magnetic stirring devices which
could cause grinding of HgS particles. Instrument grade
compressed air was constantly bubbled through the
spargers at 50 mL min ', and spargers were fully
submerged throughout the duration of the experiment.
Air residence time was 10 min in the 500 mL flasks, in
contact with 250 mL of slurry. Under these sparging
conditions, 1.7 mM O, (55mg O, L™ 1 was provided to
the experiment, which should sufficiently exceed
concentrations necessary for 100% dissolved O,
saturation.

Immediately prior to sampling, batch reactors were
agitated vigorously by hand for 1 min, and then allowed
to settle for 1 min. No difference in results was observed

Table 1

when this procedure was omitted or varied in duration.
All aqueous samples were <0.45 pm filtrates and were
stored at 4 °C in plastic sample vials unless otherwise
noted. Dissolution was monitored by SO3~ production
according to the reaction for oxidative 3-HgS dissolu-
tion proposed by Barnett et al. (2001), who observed
complete oxidation of sulfide to sulfate under similar
conditions:

HgS(s) + 20,(aq) + 2H,0—Hg(OH),(aq) + SO3
+2H*

Mercury concentration was monitored in aqueous
samples in experiments B and C (Table 1). In exper-
iment C, Hg samples (7 mL) were immediately pre-
served with 100 uL of AR grade BrCl and stored in
Teflon sample vials.

Oxidation of S*” to SO was investigated by
reanalyzing samples for SO; 3 weeks after collection
and 6 weeks after collection, and by treatment of samples
with H,O,. Batch reactor pH was monitored in experi-
ments C and D using a three point calibration. In
experiment C (see Table 1 for conditions), Hg lost from
the system by volatilization was trapped on Au-coated
quartz sand sample columns at the sparger outlets. Total
predicted losses for the experiment were calculated based
on these data. In experiments C and D, an additional
50 mg piece of Au foil was added to the experiment in
dialysis tubing for 1 h. The total amount of Hg detected on
this Au was used to extrapolate to the amount of Hg
predicted to be associated with the Au in each reactor. In
these calculations it was assumed that reactive surface
area placed no limitations on Hg sorption to or amal-
gamation with Au, and results represent the maximum
possible amount of Au-associated Hg.

Batch reactor starting conditions, final quantity of sulfate in batch reactors, and total mercury detected in aqueous, gold foil, and volatilized samples

Batch experiment

Slurry [HgS)/M

Experimental conditions

Final SO} /umol

Max Hg(aq)/umol

Hg (Au)/umol

Hg (vol)/umol

Al: a-HgS 0.43 Deionized H,O

A2: a-HgS 0.43 Deionized H,O+Au
Bl: a-HgS 0.1 Deionized H,O

B2: a-HgS 0.1 Deionized H,O+Au
B3: p-HgS 0.1 Deionized H,O

B4: p-HgS 0.1 Deionized H,O+Au
Cl: a-HgS 0.1 River H,O

C2: a-HgS 0.1 River H,O+Au

C3: p-HgS 0.1 River H,O

C4: p-HgS 0.1 River H,O+Au

D1: a-HgS 0.1 River H,O

D2: a-HgS 0.1 River H,O+Au

D3: p-HgS 0.1 River H,O

D4: p-HgS 0.1 River H,O+Au

5.75%10" - - -
6.09% 10" - - -
9.93x10" 3.6x1072 - -
1.19x 10 1.1x107° - -
1.96 x 10* 13%x107° - -
1.91 x 10 1.6x107° - -
5.01%10" 12x102 - 5.0x102
1.07 x 10 40%x1072 3.8x107° -
6.10x10" 2.7x1073 - 1.0x10°!
5.47%10" 7.1%x1073 4.7x107° -
5.74x10" - - -
5.82x10" - 8.1x1077 -
5.36x10" - - -
5.10x 10" - 7.9%x1077 -
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2.2. Batch experiment analytical techniques

Aqueous samples were analyzed for SO by ion
chromatography. The system was calibrated according
to a Na,SO, standard. A 0.104 mM standard was ana-
lyzed each day to confirm accuracy. Duplicates analyzed
at the end of the run were within 2.1 pM. In experiment
A, analyses were provided by Chemsearch Laboratory
(University of Otago).

Gold foil in experiments C and D (Table 1) was pre-
pared for Hg analysis by pyrolysis in a gas train, during
which the Hg was removed from the Au and collected on
Au-coated quartz sand sample columns. Aqueous sam-
ples in experiments B and C were prepared for Hg ana-
lysis by BrCl oxidation followed by SnCl, reduction, gas
phase stripping, and collection of Hg on Au-coated quartz
sand sample columns. Oxidation by BrCl was omitted for
pre-treated samples in experiment C.

Mercury trapped on sample columns from Au foil
(experiments C, D), aqueous samples (B, C), and vola-
tilization (C) was quantified by two-stage Au amalgam-
ation in a gas train in line with a cold-vapor atomic
fluorescence spectrophotometer (CVAFS) according to
the method of Gill and Fitzgerald (1987). Detection
limit was 1.5 nM with an analytical precision of 10%
(Gill and Fitzgerald, 1987; Gill and Bruland, 1990).

2.3. ATR-IR spectroscopy

Attenuated Total Reflection Infrared (ATR-IR)
spectroscopy was employed in order to observe surface
species rather than the bulk HgS itself. Mercuric sulfide
has Hg—S stretch absorptions at low wavenumber, but
these are not within the spectral range examined here.
Experiments were conducted using a 45° ZnSe single
internal reflection ATR prism (Harrick Scientific). The
prism was polished with a 0.015 pm aqueous alumina
powder suspension and a Buehler polishing microcloth
prior to use. Contact between the film and an aqueous
phase was achieved by placing an O-ring and a perspex
flow cell on the prism. Tygon tubing was used to pump
solutions through the cell using a Masterflex pump
(Fig. 1).

A particle film was prepared from a 100-fold dilution
of a-HgS slurry extracted from the B1 batch reactor at
the conclusion of that experiment. A 250 pL aliquot of
this material was applied to the ZnSe prism. For
comparison, fresh mercuric sulfide was prepared by
rapid addition of 1 mL of 2x 10> M Na,S (Aldrich) to
1 mL of 2x10"° M HgCl, (AnalaR) during constant
stirring. After 5 min, 250 pL of the resulting sol was
applied to the ZnSe prism. Films were dried for 30 min

Particle film

: |__Flow cell —
O-ring r ‘

IR beam

Fig. 1. ATR-IR spectroscopy experimental setup showing 45° ZnSe
prism coated with a particle film. Solutions are pumped through the
flow cell and over the film.

in a water pump vacuum desiccator. Deionized water
(Millipore, Milli-Q) was used for all infrared procedures
and solutions, and all reagents were AR grade. X-ray
diffraction analysis (XRD) indicated that the HgS was
predominately amorphous.

Infrared spectra were obtained using a Digilab
FTS4000 spectrometer equipped with a DTGS detector
and a FastIR accessory (Harrick Scientific). The optical
bench was purged with dried air. Data were recorded
using Digilab Merlin software version 3.4. Spectra were
determined at 4 cm ™! resolution over 64 scans, and data
were recorded from 4000 to 800 cm ™ '. Infrared spectra
were collected for dry HgS films using the bare prism as
a reference spectrum.

The presence of adsorbed S,03  was examined in
a multi-step flow experiment, during which all solu-
tions were pumped over the film at 1 mL min~'. Ad-
sorbed S,03 was removed from the film by contact with
water, 107°M NaOH, and water again for 20 min each.
A 107° M Na,S,0; solution (Scientific Supplies Ltd.)
was pumped over the HgS film for 1 h. Thiosulfate
adsorption from the solution to the film was monitored
by the infrared absorbance in the 1140—1171 cm™ ' and
1004—1014 cm™ ! regions. Loss of newly adsorbed S,03
was monitored during the contact of the film with water
for 1 h. Spectra were collected at 5 min intervals. The
reference was the final spectrum collected during contact
with the solution in each previous experimental step.

2.4. Voltammetric detection of Hg>" adsorption to
a-HgS

Adsorption of Hg*" was compared among experi-
ments with a pure carbon paste electrode, a cinnabar-
modified carbon paste electrode, and a silica-modified
carbon paste electrode. Electrodes were prepared using
oil-based carbon paste (Bioanalytical Systems Inc.), or
by mixing 0.9 g of the paste with either 0.1 g of cinnabar
(see Section 2.1) or 0.1 g of amorphous silica gel (Merck
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Kieselgel 60; 450-520 m? g~ ' by BET N, adsorption).
Metacinnabar is significantly more conductive than
cinnabar and has been utilized in pure form as an
electrode (Brandon et al., 2001), and for this reason it
was not used as an electrode modifier in the present
experiment. The electrode material was packed firmly
into a polychlorotrifluoroethylene (CTFE) tube with a
brass rod contact and having a 3 mm internal diameter.
The electrode was polished on a clean glass surface. The
Hg?" solutions were made up from a 4.98 mM HgNOs
standard (Merck). Cyclic voltammograms and anodic
stripping voltammograms were collected in 0.2 M
quartz distilled HNOj. Deionized water (Millipore,
Milli-Q) was used for all preparations and procedures.

Electrochemical measurements were made using an
Eco Chemie pAutolab II, a 663 VA Metrohm electrode
stand, and an Eco Chemie IME 663 interface. Experi-
ments were monitored and controlled by Autolab GPES
software (Eco Chemie). The working electrode was the
unmodified or modified carbon paste electrode. A
glassy carbon rod counter electrode and an Ag/AgCl
(3 M KCI) reference electrode were used. All potentials
are given with respect to this reference electrode.

Cyclic voltammograms (CV) for each electrode were
recorded in 0.2 M HNOj3 by scanning from —0.163 to
0.240 V five times. Three replicates were conducted for
this procedure to condition the electrode for further use.
Accumulation was at open circuit potential for 2 min.
Accumulation procedures for each electrode (pure car-
bon paste; silica-modified; cinnabar-modified) were at
the following Hg*" concentrations: 0 M, 5.0x 107> M,
2.5x107* M, 1.0x10> M. At the conclusion of the
accumulation period, the electrode was rinsed well with
water. Adsorbed Hg*" was reduced to Hg” in a 1 min
conditioning period at 0.163 V. Anodic stripping volta-
mmograms (ASV) were recorded in 0.2 M HNO; by
scanning from —0.163 to 0.240 V at 0.01625 V/s in the
square wave mode immediately following the condi-
tioning period. Scans were limited to this region because
an irreversible reaction appeared to occur in the 0.3 V
region for the cinnabar-modified electrode which may
reflect a change in oxidation state of the cinnabar.
Walcarius et al. (1999) found that all of the Hg accumu-
lated on a carbon paste electrode was removed during
anodic stripping, and that the electrode could be reused
without significant degradation. This was assumed to be
the case for the electrodes employed in the present study,
and three replicates were performed in immediate suc-
cession for each concentration. Experiments were
performed from low to high concentration. ASV peak
currents were compared among Hg”" concentrations
and electrode types.

3. Results
3.1. Dissolution of HgS

Sulfate was produced in all batch reactors (Fig. 2a—e).
For experimental conditions refer to Table 1. Initial SOF
measurements ranged from 10 uM in reactor C3 (Fig. 2¢)
to 100 uM in reactor C2 (Fig. 2d). Sulfate concentration
increased rapidly in the first several hours of each
experiment. Within 24 h, sulfate concentration reached
ca. 200 uM in 0.43 M «-HgS batch reactors (Fig. 2a),
170 pM in most of the 0.1 M «-HgS batch reactors
(Fig. 2b and d), and 150-200 pM in the 0.1 M RHgS
batch reactors (Fig. 2¢ and e). After 24 h, SO;  con-
centration in these batch reactors increased gradually for
the duration of the experiments. In 0.1 M «a-HgS batch
reactors Cl1 and C2 (Fig. 2d), SO3~ concentration
increased rapidly in the first 24 h, reached a maximum
0f 940 uM in C1 and 485 uM in C2, and then generally
decreased. Final SO concentrations were 240 pM in
0.43 M a-HgS batch reactors (Fig. 2a) and 190 to 475 uM
in 0.1 M a-HgS batch reactors (Fig. 2b and d). In 0.1 M p-
HgS batch reactors, final SO3 ™ concentrations were 170 to
780 uM (Fig. 2c and e).

Sulfate production trends were generally comparable
between experiments in deionized water (Fig. 2a—c) and
natural river water (Fig. 2d—e). Sulfate concentrations
were similar for 0.43 M (Fig. 2a) and 0.1 M (Fig. 2b and
d) a-HgS experiments despite differences in duration
and cinnabar slurry concentration. The presence of Au
had no detectable effect on SO?{ concentration, and the
two experimental conditions (with Au and without Au)
can be considered replicates. The pH was monitored in
experiments C and D and was neutral at the beginning of
both experiments. Within 3 h, batch reactors Cl1, DI,
and D2 became alkaline (pH 8.1 to 9.1) and C2 became
acidic (pH 3.5). After this point pH remained stable for
the duration of the experiments.

3.2. Oxidation of sulfide

Splits of some samples from batch reactor experiment
B (see Table 1 for conditions) were analyzed 3 and 6 weeks
after the conclusion of the experiment. At 3 weeks, SO?[
concentrations were almost 200% of the original values.
After 6 weeks, SO3 concentrations had returned to within
10% of the original values. It was hypothesized that the
changes in SO3  concentration were due to incomplete
oxidation of sulfide to sulfate in the original samples, and
that dissolved sulfur equilibrium was not stable in the
sample bottles. Several 2.5 mL aliquots of samples from
B1 were treated with 50 puL of AR grade hydrogen
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peroxide immediately after collection. Sulfate concentra-
tions increased between 3 and 6% per 20 min in four
successive analyses of H,O, treated samples, indicating
that the samples were not initially fully oxidized.
ATR-IR spectroscopy of a-HgS from batch reactor
B1 revealed multiple, overlapping infrared absorption
bands in the 975-1200 cm ' region resulting from
surface species (Fig. 3, spectrum a). Thiosulfate likely
contributes to peaks in the 1010 and 1150 cm™ ' regions,
and the shoulder at 975 cm™ ' may correspond to sulfate.
Awatani and McQuillan (1998) have determined by ATR
spectroscopy that the photocorrosion of cadmium sulfide
produces S,03 (1152 and 1005 cm™ ') as a strongly
adsorbed intermediate which gradually oxidizes to
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weakly adsorbed SOz (1107, 1060, and 970 cmfl),
and spectra suggest that similar surface species are
present on batch reactor cinnabar in this work.

Strong infrared absorptions are present at 1145 cm
and 1014 cm™ ' for the freshly prepared HgS (Fig. 3,
spectrum b). These absorptions were assigned to S,03
and a solution spectrum of 0.1 M Na,S,05 is presented for
comparison (Fig. 3, spectrum c). Coordinated S,03
produces infrared absorptions in the 1005-1012 cm ™'
and 1150-1170 cm ' ranges by monodentate binding
(Gabelica, 1979). Infrared absorptions were also present at
1423 cm™ ' and 882 cm™ ! and were assigned to carbonate
based on the broad infrared absorptions in the 1410—
1460 cm ™' region and sharp infrared absorptions in the
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Fig. 2. Batch reactor <0.45 pm aqueous samples (a) [SO3 ] in experiments Al and A2, (b) [SO3 ]in B1 and B2; (c) [SO3 |in B3 and B4; (d) [SO3 ]
in C1, C2, D1, D2; (e) [SO3 ] in C3, C4, D3, and D4; and (f) [Hg] in C1, C2, C3, and C4. For experimental conditions refer to Table 1.
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Fig. 3. Internal reflection infrared spectra of (a) a-HgS particle film prepared from drying 250 uL of a 100 x dilution of slurry from batch reactor B1;
(b) HgS particle film prepared from drying 250 uL of a freshly prepared 2 x 10~ M colloidal sol; (c) 10~* M Na,S,0; solution. Reference spectra are
of the bare ZnSe prism for (a) and (b), and deionized water on the ZnSe prism for (c).

830-870 cm™ ' region characteristic of metal carbonates
(White, 1974). The absorption at 1107 was assigned to
adsorbed SO (Awatani and McQuillan, 1998).

Some of the surface S,03~ was easily removed from the
HgS when water and 10> M NaOH were pumped over the
film. After 5 min of contact with a 10~* M Na,S,0;
solution pumped over the film, absorptions appeared at
1173 and 1011 cm™'. Absorptions in these regions reached
a maximum after 20 min of contact with the solution, after
which point the magnitude of absorbance gradually
decreased for both peaks. Sharp decreases in magnitude
of absorbance were observable at 60 min when the 10™* M
Na,S,0; solution was replaced with water.

A particle film of HgS was examined by ATR-IR spec-
troscopy immediately after drying (Fig. 4, spectrum a).
The film was subsequently exposed to the atmosphere for
90 min, and infrared spectra were collected again (Fig. 4,
spectrum b). Strong infrared absorptions are apparent in
both spectra at 1140 em ', 1006 cm ™!, and 932 cm .
Absorptions at 932 cm™ ! are similar to those produced by
antisymmetric S—O stretch of the sulfite (SO3") ion at
961 cm™ ' (Nakamoto, 1963). Absorbances are signifi-
cantly greater in the latter spectrum (Fig. 4, spectrum b) for
the peaks corresponding to adsorbed S,05 .

3.3. Hg mobilized by HgS dissolution

Approximately 50 pmol (10 mg) of Hg is expected per
250 mL batch reactor if Hg is released into solution at a

1:1 molar ratio with SOF . Dissolved (<0.45 um) Hg
concentration decreased by 87% from 0.16 uM to
0.02 uM during the experimental period in 0.1 M cin-
nabar batch reactors (Fig. 2f). Dissolved Hg concentration
increased by 100% from 0.01 uM to 0.02 pM during
the experimental period in 0.1 M metacinnabar batch
reactors (Fig. 2f). The highest concentration recorded
was 0.16 pM (4.0x 10~ 2 pmol Hg) (Fig. 2f; Table 1).

1140

1006

0.0015

Absorbance
932

(b)

(a)

1200 900

Wavenumber/ cm™

Fig. 4. Internal reflection infrared spectra of (a) the HgS particle film
immediately following 30 min of drying in vacuum desiccator, and (b) after
90 min of exposure to air. Reference spectra are of the bare ZnSe prism.
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Analyses of trapped Hg volatilized during sparging
indicate that between 5.0x10 2 and 1.0x 10" ' pmol of
Hg may be lost from each batch reactor throughout the
course of the experiment (Table 1), and the larger value
was used to estimate the amount of Hg inferred to be
lost from each batch reactor. Between 7.9x10~" and
4.7x10"° pmol of Hg was associated with Au in reactors
containing Au foil (Table 1). The larger value was used to
estimate the total amount of Hg inferred to be associated
with Au in the batch reactors. From these data, yearly
mercury release rates were calculated.

The total amount of Hg detected in the batch reactors
was between two and three orders of magnitude less than
the final amount of SO3 ™ in each experiment (Table 1).
This was the case even when the maximum recorded
amount of Hg lost by volatilization was added to the
maximum amount of Hg detected in aqueous samples.
The same was true for Au-bearing reactors, wherein the
addition of aqueous Hg, Au-associated Hg, and inferred
volatilized Hg was between two and three orders of
magnitude less than the amount of SOF~ produced.

3.4. Hg’" adsorption to cinnabar

Cyclic voltammograms for the cinnabar-modified
electrode were S-shaped (Fig. 5). A considerable
capacitive current was observed for both electrodes,
although this was smaller for the pure carbon paste
electrode. Two peaks suggestive of Hg desorption from
the electrode occur in the anodic stripping voltammo-
grams (ASVs) which were obtained immediately
following 2 min of accumulation of Hg*' on the
cinnabar-modified electrode (Fig. 6). Peaks also occur at
the same potential in ASVs obtained after accumulation
of the maximum Hg”" concentration on the pure carbon
paste electrode (Fig. 6), and after accumulation of the
intermediate Hg®" concentration on the silica-modified
electrode.

Peak currents scale with Hg*" concentration for the
cinnabar-modified electrode (Table 2). Peak currents for
the carbon paste electrode and silica-modified electrode
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Fig. 5. Cyclic voltammograms of HgS-modified and pure carbon paste
electrodes in 0.2 M HNOs;. Scans were positive-going and began at
—0.163 V. The fifth scan is shown for each electrode.
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Fig. 6. Anodic stripping voltammograms of a-HgS-modified and pure
carbon paste electrodes in 0.2 M HNO;. The o-HgS-modified
electrode voltammograms were following 120 s of accumulation at
open circuit in 0 M, 5% 10°M,2.5%10 *“M, and 1x10 > M Hg2+‘
Pure carbon paste electrode voltammograms were following 120 s of
accumulation at open circuit in 5x 107> M and 1x 107> M Hg>".

were an order of magnitude less than peak currents for
the cinnabar-modified electrode after accumulation in
equivalent Hg concentrations (Table 2). Peaks were
reproducible with successive periods of accumulation
and anodic stripping on the cinnabar-modified electrode,
excepting accumulation in the highest Hg concentration.
Following the initial accumulation in 1.0 x 10~ M Hg*",
the next three experiments (accumulation and anodic
stripping) on the a-HgS-modified electrode did not
produce peaks. When peaks reappeared on the fourth

Table 2
Peak potentials and currents for HgS-modified, silica-modified, and
pure carbon paste electrode anodic stripping voltammograms

Solution  Electrode Peak Peak
[Hg2+]/M potential/V  current/nA
5.0x107°  a-HgS-modified 0.170 2.77
0.198 4.15
2.5%x10*  «-HgS-modified 0.168 68.0
0.196 65.8
Silica-modified 0.162 2.66
0.194 3.63
1.0x107*  a-HgS-modified: initial 0.174 96.4
0.200 88.3
a-HgS-modified: 4th replicate  0.160 3.90
0.198 2.74
Pure carbon paste 0.174 7.77
0.204 7.00
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experimental cycle, peak currents were %5 of those in the
original voltammograms (Table 2). The potential of the
peak previously at 0.174 V shifted to 0.160 V, and peak
shape was narrower.

4. Discussion
4.1. Dissolution of HgS

Sulfate concentrations indicate that cinnabar and
metacinnabar dissolve in oxygenated, agitated aqueous
slurry experiments. Sulfate concentration increased for
the duration of the experimental period (up to 720 h) in
all batch reactors except C1 and C2 (refer to Table 1 for
conditions). Similar SO~ concentrations in 0.43 M and
0.1 M «-HgS batch experiments suggest that SO
production is not directly correlated with HgS slurry
concentration.

Dissolution rates were calculated based on SO;
concentration. Rates decreased by one to two orders of
magnitude after 24 h, which may represent a shift from
chemical to transport-controlled reactions as surface
species accumulate on the HgS. Alternatively, the initial
rapid phase of dissolution may reflect the removal of
surface-bound SO3  present prior to the experiment.
Moses et al. (1987) described the difficulty of per-
forming adequate SO~ removal pretreatments for pyrite
oxidation studies. They found that SO~ was removed
from the surface of pyrite in boiling acid, but that the
products of oxidation in the experiment depended
highly on the pretreatment method. In order to avoid
the creation of surface species during a washing pro-
cedure, no pretreatments of the HgS were employed in
the experiments reported here. It is assumed that any
surface-bound species remaining from the chemical
synthesis of HgS during manufacturing would be
removed during the first 48 h, and that the dissolution
rates calculated at 48 h represent the production of SOF
due to oxidative dissolution of HgS. The rates presented
here are minimum estimates based on the proportion of
sulfur released from HgS that exists as SO3 .

Data at 48 h were used in order to model long-term
dissolution, and data from C1 and C2 were excluded
because the rate of SO3 production was not stable in
this time frame. In 0.1 M experiments B—D, cinnabar
dissolved from 2.64 to 6.16 pmol (SO3 ) m * day ',
and metacinnabar dissolved from 1.20 to 1.90 pmol
(SOF )m 2 day '. In 0.43 M experiment A, cinnabar
dissolved from 0.71 to 0.82 umol (SOF ) m > day .

Higher dissolution rates were correlated with lower
HgS slurry concentrations. Dissolution rates in 0.1 M
cinnabar reactors were 3—8 times higher than in 0.43 M

reactors. For comparison, dissolution rates in 0.1 M
metacinnabar reactors were 10—100 times higher than
those reported in Barnett et al. (2001) for oxidative -
HgS dissolution by dissolved O,. Initial metacinnabar
slurry concentration in that work can be estimated as
~1 M based on the given experimental parameters. A
similar phenomenon has been observed for silicate
minerals (Lasaga, 1984; Lasaga et al., 1994), where
dissolution rate depends on the concentration gradient,
and rates decrease as the solution approaches saturation
for that mineral. We suggest that this is also true for
experimentally determined HgS dissolution rates, and
that studies involving low HgS mineral slurry concen-
trations better simulate conditions downstream of
cinnabar mine sites and in Hg-contaminated floodplains,
as these systems are likely undersaturated with respect
to HgS. While numerical values for dissolution may be
somewhat dependent on mineral concentration, this
problem can be avoided by comparison of relative rates
at equivalent concentrations. Our results indicate that
cinnabar dissolves to a greater extent than metacinnabar
in oxygenated, low-flow, aquatic environments. The
relative contributions of these minerals should be
considered when planning remediation or analysis of
a-HgS and B-HgS — bearing fluvial systems draining
cinnabar mine sites.

4.2. Oxidation of sulfide

Treatment of batch reactor samples with hydrogen
peroxide indicates that the samples were not fully
oxidized with respect to dissolved sulfur, and that sulfur
exists in multiple oxidation states in this experimental
setting. Changes in dissolved sulfur oxidation state may
account for the fluctuation in SO concentration in
experiments C1 and C2. Assays for total sulfur by ICP-
OES indicated that sulfur species other than SO3~ could
account for up to 50% of dissolved sulfur in samples
collected from batch reactors after 48 h in experiment B.
Analyses of this type at regular intervals would be useful
in delineating temporal changes in dissolved sulfur
redox state during sulfide mineral oxidative dissolution.

ATR-IR spectroscopy of thin particle films of a-HgS
from batch reactor experiments revealed the presence of
multiple absorption bands suggestive of adsorbed SO3
and S,03 . Infrared spectra of thin particle films of
freshly precipitated HgS produced absorption bands
indicative of monodentate-bound S,03  during expo-
sure of the film to air and water. Absorbances in these
band regions increased during contact of the HgS with a
100* M Na,S,05 solution, and during prolonged
exposure of the film to air. We propose that S,03
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sorbs to HgS by monodentate binding to surface Hg
ions. Infrared spectral data obtained while the HgS film
was in contact with the 10°* M Na,S,0; solution
indicate that S,03 adsorption to HgS reaches a
maximum, and the S,03 is slowly desorbed. We
suggest that S,03 is removed from the HgS surface by
complexation. The mercury (II) thiosulfate complex is
soluble and may exist as [Hg(S,05),]°  or as [Hg
(S,03)5]* (Bailar et al., 1973). Formation constants
have been calculated to be log K°,=29.18 for the former
and log K°;=30.3 for the latter at zero ionic strength
(Nyman and Salazar, 1961). We present the above
described spectral data as evidence for S,03 as a
weakly adsorbed intermediate product of mercuric
sulfide oxidation, similar to intermediates formed during
oxidation of pyrite (Goldhaber, 1983), galena (Cherny-
shova, 2003), and cadmium sulfide (Awatani and
McQuillan, 1998).

Moses et al. (1987) give the following reaction for
the oxidation of sulfur intermediates in the context of
pyrite oxidation:

$n0;” + $,05 =S,,,0f + S03”

According to those authors, the reaction tends to go to
the right at pH <7 and to the left at pH >7. Based on this
reaction and spectroscopic observations, S,03  must be
considered as a component in alkaline batch reactors,
although the extent to which S,03 contributes is not
known. Sulfate concentration provides an underestimate
of mercuric sulfide dissolution in this setting, and the
dissolution rates given above are minimum values.

4.3. Fate of Hg mobilized by HgS dissolution

Mercury released from oxidative dissolution of HgS
is environmentally significant. Release rates were cal-
culated from batch reactor Hg data for gold-associated,
volatilized, and aqueous Hg samples. The Hg release
rates determined here were 6.45 nmol (Hg) m™* day '
from cinnabar, and 2.29 nmol (Hg) m ? day ' from
metacinnabar. On the basis of this work, cinnabar is
predicted to release 0.47 mg (Hg) m >y ! and meta-
cinnabar is predicted to release 0.17 mg (Hg) m >y .
Cinnabar and metacinnabar must be regarded as pos-
sible sources of dissolved Hg in settings similar to the
oxidative environment modeled here.

Mercury release rates were similar among experi-
ments conducted with deionized water (A, B) and with
river water (C, D), indicating that the phenomena ob-
served here are not a direct effect of dissolved organic
matter (DOM) content. Ravichandran et al. (1998)

found that no Hg was released (detection limit 2.5 nM)
during a-HgS dissolution experiments in distilled water,
in the presence or absence of O,. Waples et al. (2005)
reported similar results (Hg detection limit 0.05 pg) in
the absence of fresh O,. In the presence of DOM, Hg
release rates in that work were an order of magnitude
greater than those observed here. The effect of DOM on
HgS dissolution may be governed by redox conditions,
and oxidative dissolution mechanisms may overshadow
or inhibit any influence of DOM. As suggested by
Waples et al. (2005), various sites on the DOM may play
different roles in enhancing dissolution on the HgS
surface, and in forming Hg—-DOM complexes. It is
possible that high concentrations of DOM may
contribute to release of surface-bound Hg from HgS
by the formation of Hg—DOM complexes, even when
the predominating dissolution mechanism is oxidation
by dissolved O,.

Contributions of Hg from natural dissolution of a-
HgS and p-HgS should be considered when establishing
background Hg levels in contaminated catchments. For
example, Ganguli et al. (2000) have estimated that
1.5kg Hg yr ' is discharged in waters draining the New
Idria mine, California Coast Range. Results from the
present study suggest that the Hg flux from the New
Idria site is likely due to contributions from Hg-rich
tailings resulting from historical ore processing, and
from natural dissolution of a-HgS and 3-HgS deposits.
Domagalski (2001) has documented elevated Hg
concentrations in the Sacramento River region, Cali-
fornia, which result from gold mining and «-HgS
deposits. The historical anthropogenic input of Hg for
Au amalgamation may be superimposed on elevated
background Hg levels resulting from detrital a-HgS
dissolution. The Hg released from HgS may undergo
changes in speciation and bioavailability in downstream
environments. In Hg-contaminated anoxic settings,
sulfate reducing bacteria have been implicated in the
formation of highly toxic methylmercury (CH3;Hg")
from Hg?" (Compeau and Bartha, 1985). The methyl-
ation of HgS-derived Hg>" has been observed at Clear
Lake, California, where HgS-rich tailings from the
adjacent Sulphur Bank Mercury Mine Superfund site
have resulted in 15.9 pg kg~ ' CH3Hg" in surficial lake
sediments (Suchanek et al., 1998).

The amount of Hg released by oxidative HgS
dissolution in this study is sufficient to form natural
Au—Hg amalgam. Dissolved Hg concentration in batch
reactor samples (Fig. 2f) was an order of magnitude
higher than in a simulated Au placer described in Miller
et al. (2002). In that study, 2.5 nM dissolved Hg’
amalgamated with Au up to 0.48 wt.% over 14 days.
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Mercury was detected in association with the Au in
batch reactors in the present study, although the
speciation of the Au-associated Hg is not known.
Experiments of longer duration could produce Au-
associated Hg concentrations detectable by electron
microprobe in order to assess whether Au—Hg amalgam
is formed. Mercury is predicted to amalgamate with Au
consequent to HgS dissolution, if the HgS-derived Hg*"
is reduced. Natural Au—Hg amalgam may form in
settings such as the Nevis and Nokomai Rivers in
Central Otago, New Zealand, where detrital a-HgS is
found in Au-bearing placers (Youngson et al., 2002),
and in other alluvial Au and mercuric sulfide-bearing
systems such as Cache Creek in the Sacramento River
watershed, California (Domagalski et al., 2004), and the
Carson River, Nevada (Lechler et al., 1997). However,
the Au—Hg amalgam has been observed to be unstable
over a 150 year time scale (Lechler et al., 1997), and the
Hg temporarily immobilized by Au amalgamation may
be susceptible to remobilization to the environment.

Although the amount of Hg mobilized by a-HgS and
3-HgS dissolution is significant, the majority of the Hg
is not released. In the present study, the total amount of
Hg detected in batch reactors was at least two orders of
magnitude less than the final amount of SO . The
proportion of Hg that is not mobilized during HgS
dissolution may sorb to the HgS surface.

4.4. HZ’" adsorption to cinnabar

Barnett et al. (2001) suggest the following reaction
for oxidative dissolution of metacinnabar and adsorption
of Hg?", wherein surface sulfhydryl groups are
indicated by =S—H:

HgS(s) + 2=S-H + 20,(aq)—(=S-),Hg + SO3
+2H*

Batch reactors in the present work provide evidence in
support of surface-bound Hg. However, the accompa-
nying proton production was only observed in one batch
reactor experiment, and several experiments were in fact
alkaline.

Anodic stripping voltammogram (ASV) peak cur-
rents were used to assess the relative propensity of
adsorption of Hg*" to the electrode materials used in this
experiment. The specific surface area of the silica is
more than two orders of magnitude greater than that of
the cinnabar. If adsorption of Hg*" was equal among
electrode materials, we would expect greatest adsorption
on the silica-modified electrode. However, ASV peak
currents are largest for the cinnabar-modified electrode

at all concentrations (Fig. 7). In this experiment,
cinnabar is a superior adsorbent of Hg>" compared to
silica and carbon paste.

Peak shape can be used to assess the type of
interaction between the electrode and the solution. The
peaks at lower potential are wider and may be indicative
of chemical interaction between the electrode material
and Hg?" (Fig. 6). In the case of the cinnabar-modified
electrode, partial bond formation could result in the
gradual desorption of Hg?" from the electrode surface
evident in the peak at 0.17 V. The peak at higher
potential is narrower and may reflect a physical, charge-
based interaction which is easily reversed during anodic
stripping. This hypothesis is also relevant in the context
of a decrease in peak width observed after four
replications of 1.0x 10 ® M Hg*" accumulation on the
cinnabar electrode. Saturation of the electrode or a
change in mode of sorption may occur following the
initial accumulation at high concentration. While this
method does not elucidate the mechanisms of Hg*"
uptake, we suggest that it is an efficient means of
assessing in situ the propensity of Hg>" to adsorb to HgS
preliminary to further spectroscopic study.

Dissolution of HgS must be considered when
calculating the total load of Hg to catchments containing
«-HgS mines and natural deposits or authigenic 3-HgS.
However, the contribution of HgS-derived Hg to the
system is somewhat mitigated by the adsorption of Hg*"
to the HgS surface. Cinnabar and metacinnabar must be
viewed as both sources of, and sinks for dissolved
mercury in fluvial settings. In order to determine the
long-term environmental significance of Hg®" immobi-
lization by HgS, the mechanisms and factors controlling

100 \
90 1 )
804
704

< 60
5 501
= 404 —#r— HgS-modified peak 1
b3 —8— HgS-modified peak 2
304 -~y - - Pure carbon peak 1
-~ 8 - - Pure carbon peak 2
20 —&—— Si-modified peak 1
—8— Si-modified peak 2
101 o
0 al——H—= === 1

Solution [Hg(ll)] / M

Fig. 7. Anodic stripping voltammogram peak currents as a function of
Hg®" concentration accumulated on HgS-modified electrode, silica-
modified electrode, and pure carbon paste electrode.
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this adsorption must be elucidated. Perturbations in pH,
ionic strength, DOM content, and other chemical
parameters in the aquatic system may affect the stability
of the adsorbed Hg®", and further work is necessary
to identify the conditions favorable for adsorption or
desorption.

5. Conclusions

Natural dissolution of cinnabar and metacinnabar can
be expected in oxidative, fluvial environments. In 0.1 M
oxygenated batch reactor experiments, monitoring of SO3
concentration indicated that cinnabar dissolved from 2.64
to 6.16 pmol (SO3 ) m 2 day ' and metacinnabar dis-
solved from 1.20 to 1.90 pumol (SO ) m > day ™"
Experiments were characterized by an initial phase during
which dissolution rates were two orders of magnitude
higher, likely due to removal of initially present surface-
bound SO3 . Treatments of batch reactor samples with
H,0, suggest that dissolved sulfur exists in batch reactors
at lower oxidation states in addition to SO?{. Oxidative
degradation of HgS was observed by ATR-IR spectros-
copy of thin particle films. Monodentate-bound S,03~
was identified on the HgS surface based on strong
absorption bands in the 1140-1145 c¢cm™ ' and 1006—
1014 cm™ ' regions, confirming this species as an inter-
mediate oxidation product of HgS. Our work indicates
that SOF ~ concentrations provide a minimum estimate of
HgS dissolution. Even the lowest metacinnabar dissolu-
tion rates observed here are two orders of magnitude
higher than would be expected based on previous studies
of B-HgS solubility by Barnett et al. (2001), suggesting
that experimentally determined HgS dissolution rates may
be to some extent concentration-dependent.

Environmentally significant quantities of Hg are
susceptible to mobilization from cinnabar and metacin-
nabar. Based on oxidative dissolution rates observed
here, cinnabar may release 0.47 mg (Hg) m ?y ', and
metacinnabar may release 0.17 mg (Hg) m * y '.
Higher dissolution rates were correlated with lower
experimental HgS concentrations, indicating that Hg
mobilization may not scale directly with the size or
concentration of the HgS source. The mobilization of
Hg from «-HgS and (3-HgS likely contributes to
naturally elevated background Hg levels even in
catchments containing small quantities of these miner-
als. The environmental severity and identity of the final
products of HgS dissolution depend upon the other
components of the system. The Hg mobilized by HgS
dissolution likely undergoes changes in speciation in
downstream environments, and it may form natural Au—
Hg amalgam in the presence of a suitable reducing

agent. Much of the Hg produced by HgS dissolution
may be immobilized by adsorption to HgS. The rate of
Hg mobilization due to oxidative HgS dissolution was
two orders of magnitude lower than the rate of SO~
production in the present work. Adsorption of Hg>" to
a-HgS was detected in situ. Anodic stripping voltam-
mogram peak currents obtained using a modified carbon
paste electrode following accumulation in Hg®" dem-
onstrate that Hg>" adsorbs more readily to cinnabar than
to silica or carbon. Peak shape indicates that Hg>"
adsorption to a-HgS may be governed by both chemical
and physical, charge-based interactions. The controlling
factors, extent, and stability of the adsorbed Hg must be
identified in order to determine the long-term environ-
mental significance of Hg®" immobilization by adsorp-
tion to metacinnabar and cinnabar.
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