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Abstract 11 

Monomethylmercury (CH3Hg) is a neurotoxic pollutant that biomagnifies in aquatic food webs. In 12 

sediments, the production of CH3Hg depends on the bacterial activity of mercury (Hg) methylating 13 

bacteria and the amount of bioavailable inorganic divalent mercury (HgII). Biotic and abiotic reduction 14 

of HgII to elemental mercury (Hg0) may limit the pool of HgII available for methylation in sediments, 15 

and thus the amount of CH3Hg produced. Knowledge about the transformation of HgII is therefore 16 

primordial to the understanding of the production of toxic and bioaccumulative CH3Hg. Here, we 17 

examined the reduction of HgII by sulfidic minerals (FeS(s) and CdS(s)) in the presence of dissolved iron 18 

and dissolved organic matter (DOM) using low, environmentally relevant concentrations of Hg and  19 

ratio of HgII:FeS(s). Our results show that the reduction of HgII by Mackinawite (FeS(s)) was lower (<15 20 

% of the HgII was reduced after 24 h) than when HgII was reacted with DOM or dissolved iron. We did 21 

not observe any formation of Hg0 when HgII was reacted with CdS(s) (experiments done under both 22 

acidic and basic conditions for up to four days). While reactions in solution were favorable under the 23 

experimental conditions, Hg was rapidly removed from solution by co-precipitation. Thermodynamic 24 

calculations suggest that in the presence of FeS(s), reduction of the precipitated HgII is surface catalyzed 25 

and likely involves S-II as the electron donor. The lack of reaction with CdS may be due to its stronger 26 

M-S bond relative to FeS, and the lower concentrations of sulfide in solution. We conclude that the 27 
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reaction of Hg with FeS(s) proceeds via a different mechanism from that of Hg with DOM or dissolved 28 

iron, and that it is not a major environmental pathway for the formation of Hg0 in anoxic environments. 29 

  30 
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1 Introduction 31 

Mercury (Hg) is considered as a global and high-priority pollutant (Clarkson and Magos, 2006; Mergler 32 

et al., 2007). While it is released as elemental or divalent Hg (Hg0 and HgII) from natural and 33 

anthropogenic sources (Driscoll et al., 2013), the main concern lies with the accumulation of Hg as 34 

monomethylmercury (CH3Hg) in aquatic food webs (Eagles-Smith et al., 2018; Sunderland et al., 35 

2018). Production of CH3Hg in aquatic systems from HgII is facilitated by microorganisms carrying 36 

the Hg-methylation genes (HgcA and HgcB-genes) primarily in anoxic environments, such as in 37 

sediments, soils or on resuspended particles (Parks et al., 2013; Podar et al., 2015). The production of 38 

CH3Hg is controlled by the composition of the bacterial community, bacterial activity and the 39 

availability of HgII for bacterial uptake (Benoit et al., 2003; Fitzgerald et al., 2007; Compeau and 40 

Bartha, 1985; Gilmour et al., 1992). In environments where Hg methylation rates are typically high, 41 

the amount of HgII available to Hg methylating bacteria is controlled by competition between 42 

adsorption of Hg to the solid phase, the chemical speciation in the dissolved phase as well as removal 43 

processes, such as reduction of HgII to volatile elemental Hg (Hg0). 44 

 45 

Under anoxic conditions, Hg can be reduced to Hg0 via biotic and abiotic processes (Steffan et al., 46 

1988; Spangler et al.,1973). Abiotic processes include photoreduction (Garcia et al., 2005; O'Driscoll 47 

et al., 2006; Whalin et al., 2007), which is likely limited in anoxic environments, and chemical 48 

reduction of HgII in the presence of organic matter (Chakraborty et al., 2015; Jiang et al., 2015; Baohua 49 

et al., 2011, Zheng et al.,2012) or mineral-associated ferrous iron (Jeong et al., 2010; Richard et al., 50 

2016; Charlet et al., 2002; Remy et al., 2015; O’Loughlin et al., 2003). For the latter pathway, several 51 

iron-containing minerals have been suggested to reduce Hg, including hydrous ferric oxide (Richard 52 

et al., 2016), siderite (Ha et al., 2017) and clay (Peretyazhko et al., 2006a). Recently, reduction of Hg 53 

on iron sulfide mineral surfaces was also suggested (Bone et al., 2014), although the mechanism was 54 

not completely determined. In anoxic environments, the competition between inorganic sulfide phases 55 

and organic matter likely control the bioavailability of Hg as both complex Hg strongly and likely 56 

influence important reactions such as HgII reduction (Skyllberg and Drott, 2010).  57 

 58 

The affinity of HgII for mineral surfaces, especially sulfide containing minerals, has been well 59 

documented (Jeong et al., 2008; Jeong et al., 2010; Skyllberg and Drott, 2010). Studies examining the 60 

sorption to mackinawite showed that Hg can replace iron in the mineral, forming black meta-cinnabar 61 

(β-HgS(s)) and red cinnabar (α-HgS(s))-like structures, and this was the primary reaction. Both the 62 
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sorption and co-precipitation of Hg with FeS(s) has been shown to influence its methylation by bacteria 63 

(Rivera et al., 2019). Whether HgII can also be reduced on interaction with iron sulfide minerals remains 64 

less clear but has been speculated to occur in anoxic contaminated sediments (Han et al., 2020).  65 

 66 

Most researchers who also investigated the reaction between HgII and FeS(s), did not detect Hg0 (Jeong 67 

et al., 2010; Skyllberg and Drott, 2010; Liu et al., 2008). However, cinnabar and Hg0 were formed 68 

when HgII interacted with pyrite and troilite (Bower et al., 2008). Only one work so far has reported 69 

the reduction of mercury by FeS(s) (Bone et al., 2014). This work suggested that Hg0 was generated 70 

from the reduction of HgII-S-II species in the presence of FeS(s), but that adsorption of Hg to the solid 71 

was not necessary for the reaction, suggesting a reaction involving Hg complexes in solution. 72 

Thermodynamically, whether the reaction occurs in solution or at the mineral surface is likely 73 

controlled by solution chemistry and the Hg concentration. The relative importance also likely depends 74 

on the fractionation of Hg between the dissolved and solid phases, which depends on its concentration, 75 

pH and sulfide concentration (Supporting Information (SI), Tables S1 & S2) Combining the 76 

precipitation reaction with that of a major dissolved Hg species in solution under sulfidic conditions 77 

results in the overall reaction shown below for Hg co-precipitation:  78 

 79 

  Hg(SH)2 = HgS(s) + H+ + HS-   Log K = -0.9 80 

 where the solid is either from solution saturation or from co-precipitation: 81 

  FeS(s) + Hg(SH)2  = HgS(s) + Fe2+ +2HS- Log K = -4.4  82 

 83 

One important difference in the studies to date, as noted by Bone et al. (2014), is the difference in the 84 

HgII:FeS(s) ratio. In many studies this is higher than the molar ratio found in the environment, which 85 

ranges from 3 x 10-3 to ~10-7 for regionally contaminated and uncontaminated locations. The studies 86 

of Bone et al. used a range from 0.4-20 x 10-3, which is at the high end of the environmental range, but 87 

lower than the ratios of Jeong et al. (2010), for example (>10-2). We therefore proposed to do our 88 

follow-up studies at more environmentally-relevant concentrations to further investigate how this ratio 89 

may influence the experimental results. 90 

 91 

In contrast to the differences in reaction mechanisms in the presence of FeS(s), reactions of HgII with 92 

reduced sulfur have been documented in several studies showing the reduction of Hg by sulfite 93 

(Feinberg et al., 2015; Van Loon et al., 2001). According to other previous work, FeII also plays an 94 

important role in the reduction of HgII to Hg0 by reduced iron species including magnetite, green rust, 95 
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haematite and siderite (Ona-Nguema et al., 2002; Peretyazhko et al., 2006b; Wiatrowski et al., 2009; 96 

Ha et al., 2017). Given the reactions noted above, and the literature, whether Hg reduction would occur 97 

in solution or on the solid surface will depend on the environmental conditions. As noted, most prior 98 

studies have been done at high concentrations given the analytical tools used to evaluate the 99 

interactions, and this study was therefore designed to examine Hg interactions at low Hg 100 

concentrations, and to examine if there was the potential for Hg reduction in such environments. 101 

Further, the study was aimed at probing the potential reaction pathways for formation of Hg0 in such 102 

systems. The potential reactions include reactions of dissolved or solid-phase Hg with reduced species 103 

(Fe(II), S(-II) or other reduced S species). As always, in such systems the interactions are complex as 104 

there is the potential for abiotic transformations of Fe and S (e.g., Fe3+ being reduced by HS-).  105 

 106 

Besides interactions with inorganic solids, Hg speciation in natural systems is strongly influenced by 107 

dissolved organic matter (DOM) (Gerbig et al., 2011b; Jeremiason et al., 2015; Muresan et al., 2011; 108 

Ravichandran, 2004; Slowey, 2010). Studies have shown the importance of DOM, not just as a group 109 

of Hg-binding ligands, but also due to its impact on HgII–S-II
(aq) reactions and on the stability of HgS(s) 110 

(Deonarine and Hsu-Kim, 2009; Gerbig et al., 2011a; Ravichandran et al., 1998; Waples et al.,2005; 111 

Skyllberg and Drott, 2010). Indeed, it has been reported that HgS(s) nanoparticle dissolution is mediated 112 

by DOM (Slowey, 2010). In addition, research indicating the potential for DOM to reduce HgII was 113 

shown by a positive correlation between dissolved organic carbon (DOC) concentration and Hg0 114 

production (Park et al., 2008; Rocha et al., 2003). These results are however contradicted by other 115 

studies which found a negative correlation between DOC concentration and Hg0 production (Amyot et 116 

al., 1997; Garcia et al., 2005; O'Driscoll et al., 2006; Mauclair et al. 2008), which was explained by the 117 

influence of complexation on Hg reduction. Some studies have demonstrated that under anoxic dark 118 

conditions, DOM can rapidly convert HgII to Hg0 at very low DOM concentrations (up to ~70% at 0.2 119 

mg/L) (Baohua et al., 2011; Zheng et al.,2012). However, according to others, there is no Hg reduction 120 

by DOM in dark environments (Matthiessen, 1998). Photo-reduction is considered the main abiotic 121 

process responsible for the conversion of HgII to Hg0 in natural systems, and studies show that this 122 

reduction process is enhanced by the presence of DOM (Allard and Arsenie, 1991; Costa and Liss, 123 

2000). However, DOM could also reduce Hg reduction by altering light penetration. It is unlikely that 124 

photochemical processes are important in most anoxic environments. 125 

 126 

To further understand the potential for Hg reduction in the presence of mineral surfaces, and to examine 127 

the potential reduction pathways, we investigated the production of Hg0 from HgII in the presence of 128 
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two sulfidic minerals, FeS(s) and CdS(s), under anoxic and dark conditions. We hypothesized that under 129 

the experimental conditions, Hg would be co-precipitated onto the solid surface and that the Hg 130 

reduction reaction will involve a surface interaction. To explore the role of surfaces and S-II or FeII as 131 

electron donors for the HgII reduction, Hg0 production rates at different pH values and HgII: FeS(s) ratios 132 

were examined, and contrasted to reactions of HgII with dissolved FeII.  Additionally, reactions with 133 

CdS(s) were examined as this could help interpret the reaction mechanisms. While FeS(s) and pyrite 134 

(FeS2) are ubiquitous minerals in environmental settings, the presence of CdS(s) is also likely given its 135 

low solubility (Stumm and Morgan, 1996). These results were compared and discussed along with the 136 

thermodynamic aspects of the potential reduction pathways. In addition, the effect of DOM on the 137 

efficiency of any metal sulfide reactive barriers was examined by looking at the reduction of HgII by 138 

sulfidic minerals (FeS(s) and CdS(s)) in presence of dissolved organic matter (DOM).  139 

 140 

2  Materials and Methods  141 

2.1 Preparation of Materials 142 

All solutions used in the experiments were prepared under an inert atmosphere using a glovebox (N2 143 

atmosphere) and using MQ-water (Ω < 18.2) degassed by purging boiling water with N2 for 20 minutes 144 

and as it cooled to room temperature. Sulfide minerals (FeS(s) and CdS(s)) were synthesized and 145 

characterized as described elsewhere (Jonsson et al., 2016). Briefly, disordered FeS(s) was synthesized 146 

by adding 100 ml of 0.6 M Na2S to 100 ml of 0.6 M Mohr’s salt ((NH4)2Fe(II)(SO4)2∙6H2O); and CdS(s) 147 

by adding 25 ml of 0.6 M Na2S to 25 ml of 0.6 M Cd(NO3)2·4H2O.  148 

 149 

The minerals were characterized using X-ray Diffraction Crystallography (XRD) and Brunauer–150 

Emmett–Teller (BET) measurements (Jonsson et al., 2016). XRD studies were conducted by Rigaku 151 

UltimaIV diffractometer with Cu Kα radiation (λ = 1.5418 Å) operating at a beam voltage of 40 kV 152 

and beam current of 45 mA. The patterns were acquired at a scan rate of 2° min-1, from 0 to 80 degrees 153 

in the 2θ range. BET surface-area measurements were performed using nitrogen sorption experiments 154 

conducted on a Quantochrome Nova 2000e instrument. All the samples were degassed for 5 h before 155 

analysis. Specific surface area was calculated using the adsorption isotherm within 0.05 < P/P0< 0.3 156 

range, where P/P0 is the relative pressure. 157 

 158 

The Hg(aq) working standard was prepared from a 1000 ppm Hg(aq) stock solution (Merck, Allemagne, 159 

1000 mgL-1 Hg in 1.00 M HNO3) and then adjusted using 2–8 M KOH (aq) to obtain the desired pH. 160 

Mercury working solutions were prepared daily for each experiment. The ferrous iron solution was 161 
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prepared by dissolving Mohr’s salt in MQ-water. The DOM isolates used were extracted from surface 162 

waters collected at the shelf break of the North Atlantic Ocean and on the western side of Long Island 163 

Sound (USA) (Mazrui et al., 2018). The extraction procedure involved passing 0.2 µm filtered seawater 164 

through a modified benzene styrene polymer cartridge (Bond Elut) at a rate of < 4 mL/min (Dittmar et 165 

al., 2008). The cartridge was then rinsed with dilute HCl, dried and the adsorbed DOM eluted with 166 

methanol and acetone. DOM dissolved in organic solvent was dried at 40ᵒC using a Nitrogen 167 

evaporator (N-EVAP 111). Stock solutions of DOM were prepared by dissolving approximately 0.1 g 168 

of the DOM in 100 mL of degassed purified water. The solutions were then filtered through a 0.02 µm 169 

PTFE syringe filter, adjusted to pH 7-8, using dilute HCl/KOH and stored in the dark in airtight 170 

containers at 4 °C until use. 171 

 172 

2.2 Mercury Reduction Experiments and Analysis of Hg0 173 

The reduction of HgII in the presence of FeS(s), CdS(s), FeII
(aq) or DOM was tested by adding HgII

(aq) to 174 

slurries of FeS(s) or CdS(s) or solutions of FeII
(aq) or DOM in acid cleaned glass vials (total volume of 175 

10 mL). The samples were then incubated in the glove box under anoxic and dark conditions (foil-176 

wrapped sealed serum bottles) to prevent photochemical reactions. Each experimental set was done in 177 

triplicate (n=3) at room temperature. At the end of each experiment, vials were removed from the glove 178 

box and produced Hg0
(g) collected onto GoldtrapTM(Supelco) traps. For the collection, two tubes were 179 

inserted through the septum of the vial. One tube was used to purge the headspace of the vial with 180 

Argon (Ar) at a rate of 200 mL/min for 20 min, while the other collected the purged gasses onto a gold 181 

trap. Collected Hg0
(g) was then analyzed using a Cold Vapor Atomic Fluorescence Spectrophotometer 182 

(CVAFS) (Tekran, model 2500) after thermal desorption of the Hg0 from the gold-traps. A calibration 183 

curve was prepared by analyzing 10–200 µL of air saturated with Hg0
(g) from a vial containing Hg0

(g) 184 

at a known temperature. 185 

 186 

Based on the BET determined surface area (Jonsson et al.,2016), concentrations of FeS(s) and CdS(s) in 187 

the experiments were adjusted to have a concentration, reported as surface area to volume of solution 188 

ratio, of 1, 5 and 30 m2L-1. This is equivalent to 0.02, 0.09 and 0.54 gL-1 for FeS(s) and 0.01, 0.07 and 189 

0.41 gL-1 for CdS(s), respectively. Samples containing FeS(s) or CdS(s) and 50 pM HgII were equilibrated 190 

for 24 h under dark conditions at pH 5 to 8 for the initial experiments. The production of purgeable 191 

Hg0 was measured after 24 h in the mixtures and control solutions consisting of degassed MQ water 192 

and 50 pM HgII. In a similar manner, reduction of HgII by DOM or FeII was tested by incubating 10 mL 193 

of experimental solutions containing 5.0 mg C/L of DOM (24 h and pH 7-8) or 1mM FeII (0-4.5 h and 194 
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pH 5 and 7.5) and 50 pM of HgII. Experiments were also performed over time at a pH of 7-8 in the 195 

presence of FeS(s) at different HgII:FeS(s) ratios to examine the impact on the reaction rate. 196 

 197 

2.3 Analysis of Dissolved Fe(II) 198 

After the incubation period, experimental solutions containing FeS(s) slurries were filtered through a 199 

0.02 µm PTFE syringe filter and prepared for FeII analysis inside the glove box. Samples for FeII 200 

analysis were removed from the glove box and immediately analyzed for the concentration of aqueous 201 

FeII using the ferrozine method (Vollier et al., 2000). Briefly, ferrozine (monosodium salt hydrate of 3-202 

(2-pyridyl)-5, 6-diphenyl-1, 2, 4-triazine-p,p'-disulfonic acid) was reacted with dissolved iron to form 203 

a stable magenta complex which absorbs in the visible region at 562 nm. A PharmaSpec UV-1700 204 

UV−Vis spectrometer (Shimadzu) was then used to detect the complex before and after a reduction 205 

step with hydroxylamine.  206 

 207 

2.4 Thermodynamic calculations 208 

The potential reactions that could occur were examined using calculations of the respective equilibrium 209 

constants and the free energy (ΔG) of the reaction under the experimental conditions. The concentration 210 

of dissolved Fe (Fe(II)T) and sulfide (S(-II)T), and the individual species (principally Fe2+ and FeS0, 211 

with the potential for FeOH+, FeCl+ and FeSO4
0 being present at higher pH and anion concentrations)  212 

was calculated using the solubility model for FeS(s) of Rickard (2006) which considers that the Fe(II) 213 

concentration is determined by a solubility reaction and an equilibrium reaction: 214 

 FeS(s) + 2H+ = Fe2+ +H2S     log K = 3.5 215 

 FeS(s) = FeS0       Log K = -5.7 216 

where FeS0 represents a series of (FeS)x cluster compounds that form in the presence of FeS(s). The Hg 217 

speciation and interaction with FeS(s) was modeled using constants from Skyllberg and Drott (2010) 218 

and Stumm and Morgan (1996). Equilibrium constants for the redox reactions were from Stumm and 219 

Morgan (1996). The results of the thermodynamic calculations are detailed in Tables S1, S2, and 1 to 220 

3. Table S1 details the solubility of FeS(s) across the pH range used in the experiments, Table S2 221 

contains a listing of the examined reactions while Table 1 details the concentrations used in the 222 

calculations at pH 7. The calculated free energies of the various reactions are contained in Tables 2 & 223 

3. The concentrations of Hg0 were those measured in the experiments and it was assumed that the total 224 

concentration of oxidized forms (sulfate and Fe(III)) were low (respectively, 0.1 µM and 1 nM) given 225 

that these were primarily produced by reduction of HgII, or were present as trace constituents in the 226 

experimental solution. Their dissolved speciation was taken into account in the calculations. 227 
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 228 

3 Results 229 

To test the reduction of HgII in the presence of FeS(s), we initially quantified the amount of purgeable 230 

Hg0 from pH controlled slurries containing 0.09 g/L FeS(s) (corresponding to a surface area 231 

concentration of 5 m2L-1) and 50 pM HgII that were incubated under anaerobic and dark conditions. In 232 

control samples where no FeS(s) was added (pH ranging from 5-8) less than 2% of the initially added 233 

HgII was lost as Hg0 after 24 hours of incubation (Figure 1). In FeS(s) mineral suspension, however, 234 

~12% to ~15% of the total HgII was reduced, and the amount of Hg0 produced increased with pH. 235 

However, the production of Hg0 (<15% of the initial HgII) remained very low compared to the levels 236 

observed during the interaction of HgII-ferric oxide or HgII -DOM experiments (Ha et al., 2017; Zheng 237 

et al., 2012), or in the presence of Fe(II) alone in our studies, as discussed further below. 238 

 239 

To further explore reaction kinetics, net reduction of HgII was tested as a function of reaction time (1 240 

hour to 3 days) and mineral surface area concentration (1 m2L-1 to 30 m2L-1) at a pH of 7-8. At all 241 

tested mineral surface area concentrations, the reduction rate of HgII was rapid within the first hour (>1 242 

pmolL-1h-1), and most Hg0 was produced within the first hour of the experiment (Figure 2). The initial 243 

average rates of production are compiled in Table 4 assuming the reaction was first order, and while 244 

the initial rates appeared to increase with surface area, these differences were not statistically 245 

significant as rates were respectively 0.78 ± 0.50, 0.92 ± 0.07 and 1.09 ± 0.16 h-1. The concentration 246 

of Hg0 formed then gradually increased at a slower rate (<0.2 pmolL-1h-1) to reach a maximum after 48 247 

h. At this equilibration point, the production of Hg0 was slow relative to that in the first hour, and 248 

accumulated Hg0 concentrations reached a plateau concentration. After the first hour, the rates of 249 

reduction were an order of magnitude lower (Table 4) and the rates appeared more related to the relative 250 

FeS(s) surface area, increasing with the amount of FeS(s) present. At FeS(s) surface concentration of 1, 251 

5  and 30 m2L-1 of FeS(s) suspensions, respectively, ~ 12, ~15% and ~ 17% of the HgII was reduced 252 

over the course of 24 hours.  253 

 254 

While the formation of Hg0 increased with surface area, the relationship was not linear. Several studies 255 

on the reduction of HgII in the presence of iron oxide minerals have shown that the minimum 256 

equilibration time necessary for the production of Hg0 was 24 hours (Ha et al., 2017; Wiatrowski et al., 257 

2009), and our results also suggest that the system is approaching steady state over a similar time 258 

period, even though our studies were done at much lower ratios of HgII:FeS(s). The initial high rate of 259 

reduction followed by slower formation of Hg0 suggests that competing reactions are occurring. 260 
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Initially there would be high concentrations of dissolved Hg in solution but given the experimental 261 

conditions, the dissolved Hg would rapidly decrease due to co-precipitation of HgS(s) on the FeS(s) 262 

surface, or through surface complexation, as discussed below.    263 

 264 

The reduction of HgII by cadmium sulfide (CdS(s)) was investigated at a CdS(s) concentration 265 

corresponding to a surface area concentration of 5 m2L-1 and HgII concentration of 50 pM. During the 266 

entire duration of the experiment (up to 4 days), measurements indicated that less than 2 % of the total 267 

Hg was reduced with CdS(s) (Figure 3). The fraction of HgII reduced to Hg0 was thus similar to the 268 

reduction observed in controls, suggesting that the presence of CdS(s) did not significantly enhance Hg 269 

reduction. 270 

 271 

To examine the impact of DOM on the reduction of Hg, aqueous solutions of HgII were reacted with 272 

two different DOM extracts, obtained from waters collected at the shelf break of the North Atlantic 273 

Ocean (DOM1) and from western Long Island Sound (DOM2) (Mazrui et al., 2018). The two DOM 274 

were characterized by determining their optical properties (Table S3). The Specific Ultraviolet 275 

Absorption (SUVA254), calculated as absorption at 254 nm divided by the DOC concentration, is a 276 

measure of the aromaticity of the DOM. The absorption ratio (ratio of absorbance at 250 nm to 365 277 

nm), on the other hand, is a measure of the molecular weight of the DOM. Since high molecular weight 278 

DOM absorbs more strongly at longer wavelengths than low molecular weight DOM, a lower 279 

absorption ratio indicates that the DOM has a higher relative molecular weight. Here, we found that 280 

DOM2 had a lower absorption ratio and a higher SUVA254 than DOM1. We also found that DOM1 281 

had a proteinaceous fluorescence signal (intense emission at a lower wavelength) similar to tyrosine 282 

and tryptophan emissions while DOM2 had a humic-like fluorescence signal (Figure S1), which likely 283 

reflects differences in the amount of allochthonous versus autochthonous DOM sources. Thus, DOM2 284 

had more humic characteristics, i.e. of more allochthonous origin, hydrophobic and aromatic, with a 285 

lower nitrogen content and a higher phenolic and sulfur content than DOM1. 286 

 287 

At pH 7-8, 17% of the added HgII in the DOM1 sample was reduced to Hg0 after 24 h, whereas ~ 12% 288 

was reduced by DOM2 (Figure 4), indicating a slower reaction rate of the latter. The maximum 289 

reduction was obtained after 48 h, with ~ 25 % of the HgII reduced by DOM1. This result is consistent 290 

with some previous studies of HgII reduction by DOM in the absence of light (Chakraborty et al., 2015, 291 

Zheng et al., 2012). 292 

 293 



  Mercury Reduction by Sulfide Minerals 

 
11 

The reducing capacity of FeS(s) in the presence of the two different DOM was further investigated to 294 

examine the impact of both as thiols ligands can affect both the dissolved concentration and the 295 

speciation of HgII (Figure 4). The total concentrations of Hg0 produced decreased in the presence of 296 

FeS(s) for both DOM1 (55% decrease) and DOM2 (71% decrease). In contrast to reduction of HgII at 297 

pH 7-8 within 24 h with DOM only, added FeS(s) decreased Hg0 production. The produced Hg0 was 298 

lower however than in the presence of FeS(s) alone (Figure 1), indicating that the presence of DOM 299 

hindered the reduction when a solid surface was present, but enhancing the reduction in its absence. 300 

This may suggest that at pH 7-8 the reaction likely involves Hg associated with the FeS(s) and not 301 

dissolved Hg, but the influence of DOM may also be due to its binding to the FeS(s) surface, thereby 302 

reducing the extent of the reaction.  303 

 304 

Finally, to examine the role of dissolved versus solid phase reactions, Hg0 production was evaluated in 305 

the presence of dissolved Fe(II) at two different pH values. The rate of production was higher in these 306 

homogeneous solutions (e.g. 1.32 hr-1 for the first hr at pH 7) than in the presence of FeS(s) (0.78-1.09 307 

hr-1; Table 1) although the dissolved Fe(II) used in these experiments was higher than that found in 308 

equilibrium with the solid. 309 

 310 

4 Discussion 311 

4.1 Hg Reduction by FeS(s) 312 

In most studies looking at the interactions of HgII and FeS(s), the products obtained were the stable 313 

species β-HgS(s), and Hg0 was not detected suggesting that the primary interaction was an exchange 314 

reaction with the release of Fe2+ from FeS(s) with concomitant β-HgS formation. This is essentially a 315 

cation exchange reaction driven by the thermodynamic favorability of precipitating HgS(s) (Skyllberg 316 

and Drott, 2010; Jeong et al., 2008; 2010): 317 

 318 

  𝐹𝑒𝑆(𝑠) + 𝐻𝑔(𝑆𝐻)2 =  𝐻𝑔𝑆(𝑠) + 2𝐻𝑆− +  𝐹𝑒2+   log K = -4.4 319 

 320 

The reaction is favorable under the experimental conditions except at the lower pH (ΔG = -4.72 kJ/mol 321 

at pH 7 and 7.8 kJ/mol at pH 5; Table 3). Therefore, reduction of dissolved Hg could only occur 322 

initially, before HgII is co-precipitated. Bone et al. (2014), however, suggested that Hg0 was generated 323 

from the reduction of HgII by FeS(s). They formulated a reduction hypothesis starting from HgII 324 

adsorption to the mineral. Nevertheless, they could not conclusively verify the role of the reductant - 325 
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S-II or FeII in HgII reduction, and overall, the role of S-II or FeII as electron donors in HgII reduction 326 

appears to vary according to the ratio of HgII:FeS(s). Similar to the Bone et al. hypothesis, others (Hua 327 

et al., 2008; Hyun et al., 2012) suggested that U(VI) reduction by mackinawite or amorphous FeS(s) 328 

occurred following U(VI) adsorption onto the mineral surface and simultaneous release of FeII. They 329 

proposed that once sorbed to the mackinawite surface, either the surface U(VI) is reduced by S-II at the 330 

FeII depleted mackinawite surface or the dissolved U(VI) is reduced by dissolved HS− released by 331 

congruent dissolution of mackinawite. Kirsch et al. (2008) come to a similar conclusion for their studies 332 

of antimony. However, in contrast to U(VI), Hg is known to have a high affinity for reduced S even in 333 

substantially oxic environments (Wolfenden et al., 2005). In our experiments, co-precipitation will 334 

reduce the dissolved Hg in solution and so while the reactions in the dissolved phase with FeII or S-II 335 

may be favorable (Reactions 3 and 6 in Table 2), they are unlikely to be the only reactions occurring 336 

over time. Indeed, the reactions were slower in the presence of the FeS(s) suggesting that interaction of 337 

Hg with the solid is occurring, as predicted by the thermodynamic calculations at pH 7 and 8 (Tables 338 

2 & 3). 339 

 340 

At these low concentrations of Hg used in our experiments compared to the other studies mentioned 341 

above, the amount of Fe2+ released into solution from the co-precipitation of Hg onto the mineral 342 

surface is small compared to the Fe2+ in solution in equilibrium with the solid phase. The following 343 

reactions determine the dissolved Fe(II) and total S(-II) concentrations in equilibrium with the solid 344 

(Stumm and Morgan, 1996; Wolthers et al., 2005; Rickard (2006); Tables S1 & S2): 345 

 346 

𝐹𝑒𝑆(𝑠) + 𝐻+ = 𝐹𝑒2+ + 𝐻𝑆−                    𝑙𝑜𝑔 𝐾 = −2.23      347 

FeS(s) = FeS0(aq)                                          log K =-5.7    348 

𝐻2𝑆 = 𝐻+ + 𝐻𝑆−                                       𝑙𝑜𝑔 𝐾 = −7.1  349 

𝐹𝑒2+ +  𝑂𝐻− = 𝐹𝑒𝑂𝐻+                           𝑙𝑜𝑔 𝐾 = 4.5  350 

 351 

While FeOH+ is the dominant complex formed in solution in the absence of sulfide, the principal form 352 

is the free ion. In the presence of sulfide, FeS0 is also found where this represents a series of cluster 353 

compounds with 1:1 stoichiometry (Rickards, 2006), and is present at a fixed concentration in 354 

equilibrium with the solid. The total dissolved FeII concentration depends on both the pH and the 355 

sulfide concentration (Table S1). At pH 5.5, FeOH+ is insignificant but increases to about 10% of the 356 

total FeII at pH 8, according to the thermodynamic calculations. The calculations, based on Rickard 357 
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(2006), predict a dissolved FeII concentration of 182 µM at pH 5 and 3.7 µM at pH 8. Our measurements 358 

(Table 5) found slightly higher concentrations at higher pH and less of a pH effect (e.g. 137 µM at pH 359 

7-8 and 166 µM at pH 5-6 for 5 m2/L FeS(s)), and also that the dissolved FeII increased with the amount 360 

of FeS(s) added, suggesting that the assumption of a pure solid (activity = 1) is likely not completely 361 

valid for our studies, likely due to the amorphous nature of the solid used. While we did not measure 362 

sulfide concentrations, the predicted dissolved concentration (total S-II
(aq) ~ FeII

(aq)) is not high enough 363 

to precipitate the majority of the dissolved Hg as HgS(s) (Table 1), and much of the HgII is in solution 364 

initially as Hg(SH)2, and its deprotonated forms (HgS2H
- and HgS2

2-) (Skyllberg and Drott, 2010). 365 

 366 

The reaction of HgII with the surface is pH dependent, as pH affects both the dissolved speciation of 367 

HgII and sulfide, and the surface charge on the mineral. The point of zero charge (PZC) for mackinawite 368 

is around 7.5 (Wolthers et al., 2005) and so under the experimental conditions the surface is either 369 

positively charged or near neutral, and thus would not hinder the interaction of the dissolved Hg 370 

complexes with the surface. At the lower pH values, the uncharged Hg-sulfide complex dominates in 371 

solution but becomes less important as the pH increases. Overall, the noted pH effect on the reduction 372 

reaction is likely not related to the impact of pH on the interaction of Hg with the mineral surface.  373 

However, the precipitation of HgS(s) becomes less favorable at low pH. The reactions on the surface 374 

and in solution involving HgII reduction become more favorable at higher pH, primarily due to the 375 

decreasing concentrations of Fe(II) and HS- with increasing pH (Table 3). Furthermore, the 376 

experimental pH effect is relatively small with the increase in Hg0 production increasing by less than 377 

a factor of 2 for a change in [H+] of 103.  378 

 379 

4.2 Reduction Mechanisms 380 

The source of the electrons for the reduction of HgII is either from a redox reaction on the surface 381 

involving the mineral constituents, or a reaction with dissolved reduced ions, either FeII or S-II. If sulfide 382 

was being oxidized during the reduction of Hg, then one would predict this should have occurred in 383 

the presence of the CdS(s), but no reduction was observed. The equilibrium dissolved S-II and CdII 384 

concentrations in the presence of the solid (K = -14.36 for CdS(s) + H+ = Cd2+ + HS-) are lower, 385 

however, than in the presence of FeS(s), and thus the reduction in the presence of CdS(s) would be less 386 

favorable even if S-II was the reductant. Thermodynamic calculations suggest the concentration of 387 

sulfide is at low nM levels in the presence of CdS(s) and that the co-precipitation reaction of Hg with 388 

the CdS(s) is not thermodynamically favorable (Table 2). Thus, the lack of reaction in this case does 389 

not necessarily negate the role of sulfide oxidation in Hg reduction. 390 
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 391 

The other potential reductant is FeII for the reactions in the presence of the FeS(s), as it is with the 392 

reactions in the presence of dissolved FeII, and no surfaces (Figure 5). Thermodynamically the reaction 393 

is favorable in solution (ΔG = -71.3 kJ/mol at pH 7) under the experimental conditions (Tables 2 & 3), 394 

even given the low concentration of HgII relative to FeII and HS-, and with the assumption that FeIII is 395 

low (Table 1): 396 

Hg(SH)2 + 2Fe2+ + 2H2O = Hg0 + 2Fe(OH)2
+ + 4H+ + 2HS-  Log K = 55.4 397 

Thus, while Hg remains in solution, the reaction will proceed and this likely accounts for the initial 398 

formation of Hg0 in the initial time period, and could account for some of the trend seen with pH. 399 

However, as the concentration of dissolved HgII decreases as Hg is precipitated onto the FeS(s), this 400 

reaction will no longer occur. The time series measurements were made at pH 7-8 where co-401 

precipitation is a favorable reaction, thereby decreasing the dissolved concentration of Hg over time. 402 

The differences in the rate of reaction in homogeneous solution (Fig. 5) and in the presence of FeS(s) 403 

(Fig. 2) indicates that the majority of the HgII is being co-precipitated or surface absorbed to the solid. 404 

 405 

Another mechanism is therefore needed to account for the Hg0 formation at later times. The reaction 406 

of co-precipitated HgS(s) with Fe(II) is not favorable (Table 3) and therefore the reaction that occurs 407 

with the precipitated Hg does not involve Fe(II): 408 

𝐻𝑔𝑆(𝑠) + 2𝐹𝑒2+ + 4𝐻2𝑂 = 𝐻𝑔(𝑎𝑞)
0 + 2𝐹𝑒(𝑂𝐻)2

+ + 3𝐻+ + 2𝐻𝑆−               log 𝐾 = −54.5  409 

Overall, we conclude that FeII or FeOH+ is not the reductant in our experiments after the Hg has co-410 

precipitated onto the solid. Thus, there is a difference in the mechanisms for the reduction of HgII in 411 

the presence of FeS(s) and with dissolved FeII (Jeong et al., 2010; Richard et al., 2016). Note, however, 412 

that at pH 5 the precipitation reaction is not thermodynamically favorable and therefore the reactions 413 

in solution dominate, with FeII being the primary reductant (Table 3). 414 

 415 

Alternatively, the reductant could be S-II, and the reason for the low reaction in the presence of CdS(s) 416 

is probably because of the low sulfide concentration in equilibrium with the solid. The potential 417 

reaction is thermodynamically favorable, even under the low concentrations of the experimental 418 

conditions, for both the reactions in the water and that with the solid, except at the lower pH levels 419 

(Table 3): 420 

𝐻𝑔(𝑆𝐻)2 + 𝐻2𝑂 = 𝐻𝑔(𝑎𝑞)
0 + 1

4⁄ 𝑆𝑂4
2− + 1 3

4⁄ 𝐻𝑆− + 2 1
4⁄ 𝐻+      log 𝐾 = −25.3  421 

and 422 

𝐻𝑔𝑆(𝑠) + 𝐻2𝑂 = 𝐻𝑔(𝑎𝑞)
0 + 1

4⁄ 𝑆𝑂4
2− + 3

4⁄ 𝐻𝑆− + 1
4⁄ 𝐻+      log 𝐾 = −24.4  423 
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 424 

The equations represent either oxidation of dissolved sulfide or of the S-II associated with the HgS(s). 425 

Overall, again, these calculations suggest that the reaction later in the experimental time period does 426 

not involve dissolved reduced species and that the reduction involves reactions within the solid, with 427 

the electrons being provided from the oxidation of S-II by an electron transfer reaction at the surface, 428 

followed by the release of Hg0 into solution. Overall, these results suggest that initially in the 429 

experiments, the dissolved Hg is being reduced by either Fe(II) or HS-, but that later in the experiment 430 

the reaction only involves reduced S. If FeII is being oxidized, the FeIII produced would likely remain 431 

adsorbed on the solid,  but it is also likely that the Fe(III) would be reduced back to Fe(II) by the sulfide 432 

in solution as this reaction is favorable under the experimental conditions (ΔG = -28.8 kJ/mol at pH 7; 433 

Tables 2 & 3). Thus, once the Hg is co-precipitated onto the FeS(s) surface, whether the reaction 434 

involves initially S(-II) or Fe(II) is somewhat academic as the final products will be the same because 435 

of the reduction of any Fe(III) produced. 436 

 437 

If the reaction involves sulfide oxidation, the fate would depend on the degree of oxidation of S-II. It is 438 

likely that some intermediate product, such as elemental sulfur (S0), could result, rather than complete 439 

oxidation to sulfate. Indeed, an electron exchange reaction between HgII and S-II could potentially occur 440 

with the formation of Hg0 and elemental S. Given the uncertainty in the equilibrium constants 441 

(Skyllberg and Drott, 2010; Stumm and Morgan, 1996), and assuming pure solids are formed, the 442 

reaction is near equilibrium at pM Hg0 concentrations (i.e. [Hg0] ~ K; Table 2, Reaction #7): 443 

 444 

𝐻𝑔𝑆(𝑠) = 𝐻𝑔(𝑎𝑞)
0 + 𝑆(𝑠)

0    log 𝐾 = −12.5  and ΔG = 6.84 kJ/mol at 5 pM Hg0 445 

 446 

As mentioned earlier, the lack of a reaction with CdS(s) is likely because of the lack of precipitation of 447 

HgS(s) on the surface at the low sulfide concentrations found in equilibrium with the solid phase, and 448 

the low sulfide concentration in solution. This is because of the stronger M-S bond in CdS(S) compared 449 

to FeS(S). 450 

 451 

Mercury reduction by minerals is pH dependent, as we found. Most studies on the interactions between 452 

HgII and minerals show that the production of Hg0 increases with the pH of the solution (Bones et al., 453 

2014; Ha et al., 2016; Wiatrowski et al., 2009). The results reported by Andersson (1979) on the 454 

interaction between HgII and Fe2O3.nH2O found that the amount of reduced HgII increased with pH, 455 
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from pH values of 6.2 to 8.5. The same result has been observed by Patterson et al. (1997) with the 456 

interaction between chromium and FeS(s). Thus, our results agree with these studies with the best rate 457 

of reduction at pH 7-8. The influence of pH on the production of Hg0 in the range 7-8 could be explained 458 

by the formation of the dissolved species FeOH+ in these studies, which increases in relative 459 

concentration with pH, as shown by Amirbahman et al. (2013), although this reaction is unlikely to be 460 

occurring in our experiments (Table 3). Our results showed an increase in reduction with increased 461 

mineral surface area, suggesting that co-precipitated HgS(s) is likely involved in the reaction. Other 462 

studies on heterogeneous reduction have demonstrated that the formation of surface complexes is 463 

responsible for the enhanced reaction rate (Li et al., 2008; Pecher et al., 2002; Schwarzenbach and 464 

Stone, 2003) and this adsorption depends on the pH (Miretzky et al., 2005; Kim et al., 2004). We 465 

conclude that this explains why the increase in pH promotes the reduction of HgII. 466 

 467 

As noted above, the increase in the amount of mineral surface of mackinawite (Figure 2) slightly 468 

influences the quantities of Hg0 produced. With 30 m2L-1 of FeS(s), the reduction reached a maximum 469 

of 11 pM of Hg0 after 24 h of reaction, while this maximum was 6.9 pM for 1 m2L-1 of FeS(s). These 470 

results indicate that a surface catalytic role of precipitated HgS(s) on mackinawite is involved in the 471 

production of Hg0. Wiatrowski et al. (2009) demonstrated that the kinetics of HgII reduction by 472 

magnetite systematically varies as a function of magnetite concentration. Amirbahman et al. (2013)’s 473 

study on the kinetics of HgII reduction by FeII suggested that the mineral phases are important factors 474 

affecting the rate of the mercury reductive pathways, and O’Loughlin et al. (2020) showed that there 475 

were differences in the reaction rates in the presence of FeII-containing clays. However, Jeong et al. 476 

(2010) have shown that the adsorption of HgII onto the surfaces of mackinawite only occurs below a 477 

certain molar ratio of HgII and FeS(s), which implies that the ratio of HgII:FeS(s) could also influence 478 

the production of Hg0. This ratio in our study was 5-7 orders of magnitude lower than that of Jeong et 479 

al. (2010). 480 

 481 

In summary, our study indicated that mercury reduction by FeS(s) is kinetically slow and the production 482 

of Hg0 is small compared to other potential reduction pathways in environmental ecosystems, such as 483 

HgII reduction in the presence of dissolved FeII or DOM, and also appears to occur via a different 484 

mechanism. The experiments were carried out with excess FeS(s) concentrations so the reaction can 485 

therefore be described according to pseudo first order kinetics. The overall reaction rate constants 486 

obtained are k = 67 x 10-3 h-1; 85 x 10-3 h-1; and 92 x 10-3 h-1, respectively for 1 m2/L, 5 m2/L and 30 487 

m2/L of FeS(s). These values are similar in terms of the link between reaction rate constant and mineral 488 
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concentration noted in some studies (Amirbahman et al., 2013; Wiatrowski et al., 2009; ha et al., 2017). 489 

However, our experimental data show that the average net rate of HgII reduction by FeS(s), assuming 490 

first order kinetics over the experimental time period, is lower than HgII reduction by humic substances 491 

(1.6 - 2.1 x 10-2 h-1; Chakraborty et al., 2015), minerals such as clay (1.74 x 10-1 h-1) (Peretyazhko et 492 

al., 2006a), hematite from phlogopite (6.60 x 10-1 h-1) or magnetite (Wiatrowski et al. 2009). These 493 

results confirm that the production rate of Hg0 is a function of the nature of the mineral (i.e. oxide or 494 

sulfide, and likely the form of Hg adsorbed or precipitated on the surface of the mineral. 495 

 496 

4.3 Reaction with Dissolved Iron 497 

Overall, under our experimental conditions, the homogeneous Hg reduction in presence of aqueous 498 

FeII without mineral surfaces was more favorable than the experiments in presence of FeS(s) mineral 499 

(Figure 5), which is consistent with the thermodynamic calculations (Table 3). The initial reaction rate 500 

was 20-70% higher for the aqueous FeII experiments. However, the concentration of FeII in the 501 

homogeneous experiments was much higher than in the mineral studies and this could potentially 502 

account for the higher conversion rate to Hg0
, although the rate should be similar given that the initial 503 

HgII concentration was the same, and the FeII concentrations in both cases is substantially higher and 504 

not rate limiting Rather, the mechanisms are likely different for the two situations. Although several 505 

authors have shown the role of surface-catalysis by iron minerals on the rate of mercury reduction, our 506 

data (Figure 5) shows fast reduction of mercury in presence of aqueous FeII. In contrast, Ha et al (2017) 507 

indicated that mercury reduction by aqueous ferrous iron in the absence of a solid phase was kinetically 508 

slow. Pasakarnis et al. (2013) and Amirbahman et al. (2013) suggested that HgI sorbed onto the mineral 509 

surface during the transformation of HgII to Hg0 and acts as a surface-catalyst in this reaction. 510 

Peretyazhko et al. (2006b) demonstrated that adsorption of FeII to the haematite surface created very 511 

reactive sites for the reduction of HgII, while in the absence of haematite particles, no production of 512 

Hg0 occurred. The difference between this study and previous studies mentioned above might be due 513 

to the low concentration of FeII in the FeS(s) suspensions or more likely because the reaction proceeds 514 

via a different mechanism once the Hg is co-precipitated. 515 

 516 

4.4  Effect of DOM 517 

It is well known that dissolved organic matter (DOM) has a strong interaction with mercury and other 518 

trace metals affecting their speciation, mobility and toxicity (Buffle, 1988).  Under abiotic dark 519 

conditions in aquatic systems, DOM participates in the conversion of HgII to Hg0 but also contributes 520 

to the strong complexation of HgII (Zheng et al., 2012; Zheng and Hintelmann 2010; Deonarine and 521 
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Hsu-Kim, 2009; Ravichandran,1998; Han et al., 2007). This complexation is attributed to reduced 522 

sulfur ligands (Waples et al., 2005; Merritt et al., 2007). Indeed, DOM is a mixture of molecular organic 523 

compounds with a large number of hydrophilic functional groups: carboxylic (COOH), phenolic and/or 524 

alcoholic (OH), carbonyl (C=O) and amine groups (NH2). Reduced sulfur groups also exist in different 525 

oxidation states (R-SH, R-S=S-R and R-SO3H). Chakraborty et al. (2015) showed that the ratio of the 526 

–COOH/−OH groups and the sulfur content in the humic substances reveal a strong competition 527 

between complexation and reduction of HgII. They suggested that several parameters such as pH, total 528 

sulfur content, the −COOH/−OH ratio and salinity influenced the reduction of HgII in presence of 529 

DOM. In out studies, the less humic DOM1 reduced Hg at a higher rate than that with DOM2, and this 530 

is consistent with the data of Chakraborty et al. (2015) who showed that the rate of reduction was 531 

higher for humic material with less total S, or a higher ratio of carboxylic to thiol groups. As discussed 532 

above and shown in Fig. S1, DOM2 has more humic character while DOM1 is more protein-like in 533 

terms of its fluorescence. 534 

 535 

We observed that the HgII reduction by DOM was diminished in presence of FeS(s), whatever the 536 

characteristics of the experiment (Figure 4). Calculations of the speciation of dissolved Hg in the 537 

presence of FeS(s) and DOM at the concentrations used in the experiment, using the RSH:DOM ratios 538 

determined by Seelen (2018) for comparable coastal waters and the Hg(SR)2 binding constant from 539 

Skyllberg and Drott (2010), suggest that a small fraction of the Hg – 5-10% depending on the DOM – 540 

was organically complexed during the experiments. This is consistent with the results that showed the 541 

extent of reduction in the presence of FeS(s) and DOM was lowerthan that of FeS(s) alone. 542 

 543 

Mishra et al. (2011) observed that the HgII reduction by magnetite and green rust was severely 544 

diminished in the presence of bacterial biomass, suggesting inhibition by surface sulfhydryl groups. 545 

These experiments suggest that the conditions of the experiment likely determine whether Hg is 546 

primarily bound to the reduced S in DOM or the inorganic reduced sulfide in FeS(s), or is removed by 547 

co-precipitation. Furthermore, in most of the studies on the interaction between HgII and FeS(s), the 548 

products obtained were the stable solids metacinnabar, cinnabar, and Hg associated with iron sulfides 549 

(Liu et al., 2008; Jeong et al 2008; Skylberg and Drott, 2010) suggesting FeII present in FeS(s) 550 

suspension acts as an electron donor in the production of Hg0. However, in the presence of DOM and 551 

FeS(s), this mechanism could be changed as DOM likely keeps the Hg in solution and prevents its 552 

interaction with the solid phase, although our calculations show that the extent of complexation was 553 

small. However, depending on the pH, the DOM can also interact with the mineral surface and therefore 554 
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hinder the co-precipitation of HgII and any surface reactions. Dissolved organic matter is known to 555 

play a dual role in HgS(s) formation and stabilization (Gerbig et al., 2011a; Slowey, 2010), creating a 556 

competition between its complexation of Hg and Hg adsorption to the iron sulfide (Skyllberg and Drott, 557 

2010) and, influencing, through its complexation of dissolved Hg, the dissolution of cinnabar (Waples 558 

et al 2005; Ravichandran et al.1998). We conclude that our data showing that HgII reduction in presence 559 

of both DOM and FeS(s) was less than found in the presence of either DOM or FeS(s) only, is because 560 

of the competition between FeS(s) and DOM for complexation and the extent of HgS formation 561 

(Skyllberg et al., 2010). The HgII would be less available for reduction by DOM, FeII or FeS(s) under 562 

these conditions. Zhu et al (2013) have shown that the strength of FeII as a reducing agent is affected 563 

by DOM during the reduction of 2-nitrophenol (2-NP) in TiO2 suspensions. Overall, the HgII reduction 564 

in presence of DOM or mineral phases involves complicated reaction pathways. 565 

 566 

4.5 Environmental Implications 567 

Our study demonstrates that HgII can be reduced to Hg0 in the presence of FeS(s) but the extent of 568 

reduction is slow compared to that found with hydrous ferric oxide, with dissolved Fe(II) and in the 569 

presence of DOM. The data presented herein show clearly that in the presence of sulfide surfaces, HgII 570 

is less available for reduction. However, our results also showed that there was no Hg0 production in 571 

presence of CdS(s) in contrast to FeS(s), suggesting that the presence of a sulfide surface is not sufficient 572 

for this reaction to occur (Figure 4). The concentration of sulfide in solution also plays a role in 573 

controlling the extent of the reaction. Neither FeS(s) nor CdS(s) enhanced HgII reduction compared to 574 

DOM or FeII. Based on thermodynamic calculations (Tables 2, 3 & S2), we suggest that S-II was the 575 

likely electron donor for reduction of precipitated HgII in the presence of FeS(s), and its higher 576 

concentration in the FeS(s) solutions compared to the CdS(s) solutions accounts for the differences in 577 

the Hg0 formation. At low pH in the presence of FeS(S), precipitation of HgII is unlikely to occur and 578 

in this instance, reactions in solution are likely controlling the rate of reduction. We therefore suggest 579 

that while the Hg does not need to be adsorbed to the surface for the reaction to proceed, this is the 580 

likely fate of Hg in the presence of FeS solids under environmental conditions.  581 

 582 

Extrapolating these findings to environmental conditions, we suggest that chemical reduction of HgII 583 

is complex in anoxic environments, such as sediment, with many potential reaction pathways. This 584 

reaction is influenced by ferrous iron, minerals, sulfide, DOM and interactions between the different 585 

compounds and solid phases. However, we conclude that the presence of FeS(s) in environmental 586 

sediments is not the major driver of the formation of Hg0 in such systems as the reactions are slow once 587 
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the Hg interacts with the mineral surface. Other reduction pathways are much more favorable with 588 

dissolved reductants (reduced Fe and S species). Furthermore, this study shows the influence of DOM 589 

on the reaction between Hg and FeS(s) and that its presence needs to be considered because DOM 590 

affects mercury transformation and mercury reactivity towards minerals, as shown by Skyllberg and 591 

Drott (2010). The type of DOM also influences the rate of reaction, as it does complexation. 592 

 593 

Overall, processes that convert HgII to Hg0 under anoxic conditions are important mitigators of the 594 

production and bioaccumulation of CH3Hg as reduction potentially removes ionic Hg from the system 595 

where it could otherwise be methylated. More research at lower Hg concentrations are needed to further 596 

understand the primary reactions that are occurring and the potential role of DOM and pH in controlling 597 

the rates of Hg reduction. 598 
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List of Tables 852 

Table 1. Concentrations used to determine the free energy of reactions (Tables 2 and 3) at pH 7. 853 

Values for individual forms of Hg, Fe and S are calculated using the equations in Table S2. The HgT 854 

and Hg0 concentrations are based on the added and measured Hg concentrations. The total sulfide and 855 

Fe(II) concentrations are based on the solubility data of Rickard (2006) for FeS(s) (Table S1). A total 856 

Fe(III) concentration of 1 nM and a sulfate concentration of 0.1 µM is assumed. For Cd, the 857 

concentration is derived from the solubility product reaction.  858 

 859 

 860 

 861 

 862 

 863 

 864 

Table 2. Calculated free energies of the various potential reactions discussed in the text based on the 865 

concentrations in Table 1, and writing the reactions in terms of the major dissolved forms of the 866 

metals and sulfide at pH 7. All solids are assumed to have an activity of 1. The redox calculations are 867 

done assuming the presence of 5 pM Hg0.   868 

 869 

  870 

Chemical 

Species 

Calculated/measured 

conc. (M) 

Chemical 

Species 

Calculated/measured  

conc. (M)  

pH 7 Fe(OH)2
+  7.5 x 10-10 

Total sulfide 9.5 x 10-6 Initial HgT 5 x 10-11 

HS- 9.5 x 10-6 Hg0 5 x 10-12 

Fe(II)T 1.1 x 10-5 Hg2+ 1 x 10-39 

Fe2+ 7.5 x 10-6 Hg(SH)2 1.4 x 10-11 

Fe(III)T 10-9 Cd2+ 2.1 x 10-11 

Fe3+ 1.5 x 10-17 Total sulfate 10-7 

Reaction Log K Log Q ΔG 

(kJ/mol) 

React. 

# 

FeS(s) + Hg(SH)2 = HgS(s) + Fe2+ + 2SH- -4.4 -6.59 -4.72 1 

CdS(s) + Hg(SH)2 + H2O = HgS(s) + CdOHS- + H+ + 

SH- 

-19.2 -18.5 3.74 2 

Hg(SH)2  + 2Fe2+ + 2H2O = Hg0 + 2Fe(OH)2
+ + 4H+ + 

2SH- 

-55.4 -67.9 -71.3 3 

HgS(s) + 2Fe2+ + 4H2O = Hg0 +2Fe(OH)2
+ + 3H+ + 

HS- 

-54.5 -45.8 49.8 4 

HgS(s) + H2O = Hg0 + ¼SO4
2- +  ¼H+ + ¾HS- -24.4 -25.9 -3.4 5 

Hg(SH)2 + H2O = Hg0 + ¼SO4
2- + 2¼H+ + 1¾HS- -25.3 -27.5 -17.9 6 

HgS(s) = Hg0 + S0(s) -12.5 -11.3 6.84 7 

Fe(OH)2
+ + ⅛HS- + ⅞H+ = ⅛SO4

2- + Fe2+ + 1½H2O 15.1 10.0 -28.8 8 
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Table 3. Calculated free energies for the reactions involving Hg co-precipitation and Hg(II) 871 

reduction at the different pH values of the experiments. 872 

 873 

Table 4. Calculated rates of reaction in the presence of different amounts of FeS(s) and over time at a 874 

pH of 7-8. 875 

 876 

 877 

 878 

 879 

 880 

 881 

 882 

Table 5. Measured concentrations of Fell in iron sulfide suspensions  883 

 884 

 885 

 886 

 887 

 888 

 889 

 890 

 891 

Reaction pH =5 6 7 8 

FeS(s) + Hg(SH)2 = HgS(s) + Fe2+ + 2SH- 7.8 -0.4 -4.8 -7.4 

Hg(SH)2  + 2Fe2+ + 2H2O = Hg0 + 2Fe(OH)2
+ + 4H+ + 

2SH- 

-4.54 -39.67 -71.3 -106.7 

HgS(s) + 2Fe2+ + 4H2O = Hg0 +2Fe(OH)2
+ + 3H+ + 

HS- 

73.17 58.01 49.8 31.62 

HgS(s) + H2O = Hg0 + ¼SO4
2- +  ¼H+ + ¾HS- 13.46 3.67 -3.46 -12.16 

Hg(SH)2 + H2O = Hg0 + ¼SO4
2- + 2¼H+ + 1¾HS- 10.93 -7.61 -17.88 -29.30 

Fe(OH)2
+ + ⅛HS- + ⅞H+ = ⅛SO4

2- + Fe2+ + 1½H2O -32.48 -29.80 -29.25 -24.52 

Surf. Area 

(m2/L) 

Rate (hr-1) 

0-1 hrs 

Rate 

(x 10-2 hr-1) 

1-24 hrs 

Rate  

(x 10-2 hr-1)  

24-48 hrs 

Rate  

(x 10-2 hr-1) 

1-48 hrs 

1 0.78 1.3 -0.4 0.43 

5 0.92  1.3 0.37 0.81 

30 1.09 0.8 0.26 0.53 

  

Concentrations of Fe(II) in FeS suspensions 

(µM) 

in absence of mercury  

Surface area           

      (m 2/ L)                       pH =7~8   
                                            

pH=5~6   

1               25±2        -  

5                136.6± 5.5                          165.8± 7  

10              203±15      198±23  

30                                             466±14.3       540±17   
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