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Abstract  
Mercury contamination in aquatic ecosystems is a concern as anaerobic aquatic 

sediments are the primary regions of methylmercury production in freshwater and 

coastal regions. Methlymercury is a bioaccumulative neurotoxin, and human exposure 

to methylmercury can result in impaired functioning of the central nervous system and 

developmental disabilities in children. To minimize the risk of human exposure to 

methylmercury, it is important to be knowledgeable of the various sources which can 

supply mercury to aquatic ecosystems as well as have a complete understanding of the 

biogeochemical processes which are involved in methylmercury production in aquatic 

systems. In this dissertation work, both mercury biogeochemical speciation in anaerobic 

aquatic sediments and sources of mercury to aquatic systems were addressed.  

The biogeochemical speciation of mercury is a critical factor which influences the 

fate and transformation of mercury in aquatic environments. In anaerobic sediments, 

mercury chemical speciation is controlled by reduced sulfur groups, such as inorganic 

sulfide and reduced sulfur moieties in dissolved organic matter (DOM). The formation 

of mercury sulfide nanoparticles through stabilization by dissolved organic matter 

(DOM) was investigated in precipitation studies using dynamic light scattering. 

Mercury sulfide nanoparticles (particle diameter < 100 nm) were stabilized through 

precipitation reactions that were kinetically hindered by DOM. To further investigate 
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the interaction between DOM and metal sulfides, similar precipitation studies were 

performed using zinc sulfide and a number of DOM isolates (humic and fulvic acids) 

representing a range of DOM properties. The results of these experiments suggest that 

the mechanism of metal sulfide particle stabilization may be electrostatic or electrosteric, 

depending on the nature of the DOM molecule. 

The mercury that is methylated in aquatic systems enters these environments via 

a number of sources, including atmospheric deposition, landscape runoff and other 

industrial and municipal activities. In two separate field studies, two potential sources of 

mercury to aquatic systems were investigated: landscape runoff and coal combustion 

products. The mercury loading to aquatic environments from these sources and their 

potential for transformation to methylmercury were investigated. 

Landscape runoff from a Duke University campus catchment (Durham, NC) was 

identified as a source of mercury to a stream-wetland. The source of mercury to the 

runoff was likely from a ‘legacy’ source of mercury; the historic application of mercury 

fungicide compounds to turf grass during the 20th century.  Downstream of the point 

where the runoff was discharged to the stream-wetland, methylmercury concentrations 

were detected in stream sediments (up to 11% of total mercury), suggesting that this 

legacy mercury could be transformed to methylmercury.  

The environmental impact of coal combustion products (CCPs) with respect to 

mercury and methylmercury was also investigated in a river system (Roane County, 
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TN) that was inundated with fly ash and bottom ash from the Tennessee Valley 

Authority Kingston coal ash spill in 2008. Elevated total mercury and methylmercury 

sediment concentrations (relative to upstream sediments) were detected in regions 

impacted by the ash spill, and our biogeochemical data suggested that the ash may have 

stimulated methylmercury production in river sediments. 

The results of this dissertation work address the formation of mercury sulfide 

(along with zinc sulfide) nanoparticles in anaerobic aquatic sediments. In the current 

mercury methylation paradigm, dissolved mercury species such as Hg(SH)02(aq) and 

HgS0(aq) are assumed to be the only mercury species that are available for methylation. 

The results of this dissertation work suggests that in previous studies, HgS0(aq) may have 

been mistaken as mercury sulfide nanoparticles which may be formed in under 

supersaturated conditions (with respect to HgS(s)) where DOM is present. Mercury 

sulfide nanoparticles are a mercury biogeochemical species that has been largely ignored 

in the research literature and whose role in the mercury biogeochemical cycle and in 

mercury methylation remains to be investigated. 

 This dissertation work also identifies potential sources of mercury to aquatic 

systems, namely, landscape runoff and CCPs. Atmospheric deposition is currently 

considered to be the major source of mercury to inland aquatic water bodies compared 

to sources such as landscape runoff and CCPs. However, in the watershed studied in 

this dissertation, landscape runoff was identified as a larger source of mercury than 
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atmospheric deposition, suggesting that these so-called ‘minor’ sources may actually be 

major sources of mercury to watersheds depending on land usage, and should be 

considered in watershed models. Furthermore, the environmental hazards of mercury-

associated with CCPs has typically been determined through leaching experiments, such 

as the Toxicity Characteristic Leaching Procedure (TCLP), which are not representative 

of environmental conditions and do not predict that CCPs may influence mercury 

methylation in aquatic sediments. Thus, in this dissertation work, we suggest that 

leaching protocols such as the TCLP should be re-evaluated.  

Overall, this dissertation work will be useful in future studies examining 

mercury speciation and bioavailability to methylating bacteria in aquatic sediments, and 

the formation of metal sulfide nanoparticles in aquatic systems. Additionally, data on 

sources of mercury will be useful in developing policies for the regulation of these 

sources and in assessing the risk to human health from mercury methylation. 
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Chapter 1. Introduction  

1.1 Motivation 

Mercury (Hg) is a persistent and toxic trace metal that is present in all 

environmental compartments (atmosphere, land, water). Mercury exists in atmospheric, 

terrestrial (land) and aquatic systems as many different chemical species due to the wide 

variety of natural and anthropogenic mercury sources, and a complex biogeochemical 

cycle within and between environmental systems.  The chemical speciation of mercury 

governs its fate in the environment and directly influences mercury toxicity in humans.  

A mercury species that is of particular concern is methylmercury, CH3Hg+, a 

neurotoxin that is produced in aquatic systems and is capable of accumulating in the 

aquatic food web. Thus, human exposure to methylmercury occurs primarily through 

the consumption of fish and other aquatic organisms.  

The human ingestion of fish and shellfish contaminated by methylmercury is a 

worldwide concern and is widespread in the United States. For example, a 1999-2002 

study estimated that 6% of women of childbearing age in the United States (3.8 million 

individuals) have blood mercury levels higher than the U.S. EPA reference dose [1], and 

as of 2006, the U.S. EPA has posted 3080 mercury related fish advisories across 48 states 

[2]. Toxic effects of methylmercury poisoning in humans include disorders of the brain 

and central nervous system, and an increased propensity in fetuses and infants for the 
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development of learning disabilities [3]. Methylmercury exposure has also been 

associated with a range of cardiovascular effects, including coronary heart disease and 

acute myocardial infarction in adults [4, 5]. 

The exact mechanisms which govern the production of methylmercury in the 

environment are not clearly understood. Briefly, different chemical forms of mercury are 

released into environmental systems via both natural and anthropogenic sources. A 

number of biogeochemical processes can occur which alter the chemical speciation of the 

original source mercury and influence its fate in the environment. For instance, a 

fraction of the total mercury present in the environment undergoes transformation to 

methylmercury. The present scientific understanding regarding methylmercury 

production is that this process primarily occurs in the anoxic zones of aquatic systems, 

such as anaerobic sediments, where sulfate and iron reducing bacteria are able to 

methylate mercury within the cell [6-9]. The methylmercury produced is taken up by 

organisms and undergoes trophic transfer in the aquatic food web, eventually 

accumulating in organisms at the higher trophic levels, such as fish [10-14].  

Not all aspects of the mercury methylation process are completely understood. 

For instance, the mercury species which are available for uptake by methylating bacteria 

and the mechanism of uptake into the cell remain poorly understood. In addition, the 
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environmental fate of poorly studied and emerging mercury sources and their role in the 

mercury biogeochemical cycle have not been well documented in the research literature. 

To minimize the risk of human exposure to methylmercury, an understanding of 

the biogeochemical processes involved in mercury methylation by anaerobic bacteria is 

critical, as is an understanding of the mercury loading to the environment from various 

sources and the fate of these sources in ecosystems, particularly their potential for 

transformation to methylmercury. This knowledge is crucial in the development of 

regulations concerning the discharge of mercury from anthropogenic sources into 

ecosystems and for evaluating the risk for methylmercury accumulation in aquatic food 

webs. 

This dissertation work addresses two major topics: (1) mercury biogeochemical 

speciation in aquatic sediments where methylmercury production primarily occurs; and 

(2) the mercury loading to aquatic ecosystems from previously undocumented and 

emerging sources such as coal combustion products and landscape runoff, and their 

potential for biogeochemical transformation to methylmercury. 
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PART ONE: MERCURY CHEMICAL SPECIATION AND 
BIOGEOCHEMISTRY 
 
1.2 Mercury chemical speciation and biogeochemical cycling in the 
environment 

Mercury is a trace metal that is present in all environmental compartments: the 

atmosphere, and aquatic and terrestrial systems. A series of complex biogeochemical 

processes govern mercury cycling, resulting in the transformation of mercury from one 

chemical species to another and the continual cycling of mercury within and between 

environmental compartments (Figure 1.1). 

1.2.1 Mercury oxidation states 

The various mercury species present in the environment are primarily in the 

Hg(0) and Hg(II) oxidation states. The Hg(I) oxidation state also exists but is very 

unstable at the concentrations normally present in environmental systems, and is 

therefore not considered an important environmental species [15]. Hg(0) exists as vapor 

phase Hg0(g) and as aqueous phase dissolved gaseous Hg(0). Hg(II) usually exists as 

complexes with both inorganic and organic ligands, such as chloride, sulfide and 

organic thiols (-SH). Organic and inorganic complexes of organomercury species such as 

methylmercury and dimethylmercury are also detectable in the environment. Hg(II) and 

organomercury species may be present in the gaseous, dissolved and particulate phases.  
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1.2.2 Mercury biogeochemistry 

1.2.2.1 In the atmosphere 

Hg0(g) as well as gaseous and particulate forms of Hg(II) and organomercury 

species are emitted into the atmosphere from both natural and anthropogenic sources, 

such as evasion from land and water surfaces and emissions from coal-fired power 

plants and waste incinerators. In the atmosphere, Hg0(g) can be oxidized to inorganic 

Hg(II) species via photochemical oxidation reactions involving hydroxyl radicals, ozone 

and hydrogen peroxide [16, 17]. Hg(II) atmospheric mercury species can in turn be 

reduced to Hg(0) by SO2 (g) and SO32-(aq) [16, 17]. Atmospheric mercury can be deposited 

to water bodies, vegetation and land surfaces via wet and dry deposition, and has a 

retention time ranging from days to years [18]. 

1.2.2.2 In terrestrial (land) systems 

Mercury in terrestrial systems includes Hg(0) and Hg(II) species deposited from 

the atmosphere, naturally formed mineral deposits such as cinnabar (HgS(s)), and 

mercury complexes with organic matter, such as those found in soils and sediments. 

These species may be transported via surface runoff to aquatic systems or re-emitted 

into the atmosphere as Hg0(g) through terrestrial evasion and forest fires, and from 

landfills as dimethylmercury ((CH3)2Hg(g)) [17, 18].  



 

 

 

Figure 1.1: The global mercury biogeochemical cycle 
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1.2.2.3 In aquatic systems 

Aqueous mercury concentrations are typically in the picomolar concentration 

range (10-2 to 101 ng/L) [7], except in areas contaminated by mercury, such as at the Y-12 

superfund site located in Tennessee, U.S. where aqueous concentrations as high as 61 

nM (104 ng/L) have been detected [2] .   

In oxic surface waters, Hg(0) is present as dissolved gaseous mercury. Prevalent 

Hg(II) and organomercury species are: dissolved organic and inorganic complexes such 

as methylmercury chloride (CH3HgCl(aq)), dimethylmercury ((CH3)2Hg(g)), ethylmercury 

species, mercury and methylmercury complexes with dissolved organic matter (Hg-

DOM(aq)), and, particularly in marine environments, mercuric chloride (HgCl2(aq)) [15, 19-

21]. Several studies have determined that Hg-DOM complexes dominate mercury 

speciation in surface waters [22-25]. Particulate species such as colloid-associated Hg(II) 

and HgS(s) may also be present as suspended solids [22, 23, 26, 27]. Hg(0) can be oxidized 

to Hg(II), and Hg(II) can in turn be reduced to Hg(0) through mechanisms such as 

photo-induced redox reactions and biologically-mediated processes [15, 28, 29].  

In anoxic regions of aquatic environments, such as the anaerobic zones of 

sediments, divalent mercury is bound to reduced-sulfur containing compounds such as 

inorganic sulfide and thiol (-SH) groups present in DOM. Thus, common mercury 

species in these environments are dissolved Hg-DOM complexes, dissolved mercury 

sulfide species such as Hg(SH)2 (aq), HgHS2-(aq), HgS22-(aq),  and Hg(Sx)22-, and particulate 
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species such as HgS(s) [15, 30-32].Organic mercury species such as methylmercury and 

dimethylmercury are also present in aquatic sediments, as these are the primary regions 

of mercury methylation [6, 33, 34]. Both sulfate and iron reducing bacteria are able to 

methylate mercury in aquatic systems, although methylation by iron reducers was 

recently discovered [6, 7, 9, 34]. The formation of methylmercury in sulfate reducing 

bacteria is considered to be an incidental side reaction of normal metabolic processes [35, 

36]. Once produced, methylmercury may diffuse out of the sediment into the water 

column, accumulate in benthic organisms, be converted to dimethylmercury [15, 37], or 

be demethylated via bacterial pathways involving the mer operon [15, 38]. 

Dimethylmercury is volatile can be removed from sediments by degassing into the water 

column or decomposing into methane and Hg2+ [37].  

Finally, mercury in aquatic systems can return to the atmosphere through the 

evasion of Hg0(g) from water and land surfaces and the emission of dimethylmercury 

from water bodies, thus completing the mercury biogeochemical cycle [15, 18, 39].  

1.3 Importance of chemical speciation to the mercury biogeochemical 
cycle 

The chemical speciation of mercury governs its fate, behavior and transport in 

environmental systems, as different species vary in terms of their chemical and physical 

properties, such as thermodynamic stability, partition coefficients and adsorption to 

surfaces, solubility, size, and volatility.  
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Chemical speciation significantly influences the mobility and retention time of 

mercury in aquatic systems. For example, mercury complexation by dissolved organics 

can lead to the leaching of mercury from soils and sediments into the water column of 

lakes, streams and groundwater [40-42], and consequently facilitates the long range 

transport of mercury in watersheds. Dissolved Hg-DOM complexes will generally 

remain suspended in the water column for a longer period than mercury associated with 

particulates (e.g., particles > 0.45 µm), which are deposited to sediments more quickly 

due to their larger size and density. In this case, dissolved complexes will be transported 

for further distances than particulate species. In another example, Hg0(g) has a longer 

retention time than Hg(II) species in the atmosphere. This is due to the lower solubility 

of Hg0(g) and its relatively low reactivity with atmospheric particle surfaces than Hg(II) 

species, resulting in the faster deposition of Hg(II) species compared to Hg0(g) [18]. 

Chemical speciation also affects the susceptibility of mercury to certain 

decomposition reactions. For example, complexation of methylmercury by DOM in 

surface waters can facilitate the photodemethylation of methylmercury by reactive 

oxygen species produced via ultraviolet irradiation of DOM [43], and organomercury 

species such as methylmercury and ethylmercury are susceptible to microbial 

decomposition to volatile Hg(0) by the bacterial mer operon detoxification mechanism 

[38, 44]. 
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Mercury chemical speciation in aquatic anaerobic sediments is also a critical 

factor in bacterial mercury uptake and methylmercury production. Field observations 

have lent insight into which mercury species may or may not be bioavailable. For 

example, elevated sulfide concentrations in sediments have been observed to inhibit the 

production of methylmercury [45-47]. This has been attributed to the enhanced 

precipitation of bulk-phase HgS(s) particles (> 100 nm), and thus this mercury species is 

not considered to be bioavailable for methylation [48, 49]. Researchers have also 

postulated that mercury enters the cell via diffusion across the lipophilic cell wall rather 

than through active transport mechanisms. In this case, only specific mercury species are 

available for methylation, such as the neutrally charged HgS0(aq) and Hg(SH)20(aq) species 

proposed by Benoit et al. (1999 a,b) [48, 49], and the neutrally charged dissolved 

mercury polysulfide species proposed by Jay et al. (2004) [31].  

1.4 Mercury chemical speciation in anaerobic aquatic sediments 

An understanding of the mercury species that are prevalent in the anoxic regions 

of aquatic systems, such as anaerobic sediments, is critical for elucidating the processes 

involved in bacterial mercury uptake, as these are the primary regions of mercury 

methylation. 

In anaerobic aquatic sediments, the chemical speciation of mercury is typically 

controlled by reduced sulfur moieties, such as inorganic sulfide (S(-II)) and reduced 

sulfur groups (-SH, S(-II)) found within dissolved organic matter (DOM) [50, 51].  
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Inorganic sulfide is prevalent in these regions due to the presence of sulfate reducing 

bacteria, which reduce sulfate to sulfide in their respiratory pathway. DOM is 

ubiquitous in aquatic environments and includes low molecular weight organic 

molecules, such as amino and carboxylate acids, and macromolecular molecules, such as 

humic and fulvic acids. Reduced sulfur moieties typically account for 0.5 to 2.0% by 

weight in DOM, and of this, reduced sulfur groups are typically 13-35% [25]. 
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Figure 1.2: Predicted Hg speciation in anaerobic sediments.  

 

The high affinity of mercury for reduced sulfur groups is due to a several 

reasons. First, reduced sulfur moieties are ‘soft’ ligands which form very strong 

complexes with type B or ‘soft’ metals, such as mercury, Hg2+ [52]. Furthermore, typical 

concentrations of inorganic sulfide (nanomolar to micromolar) and reduced-sulfur 

groups in DOM (nanomolar to micromolar) are higher than typical mercury 

concentrations (picomolar), and thus both are expected to outcompete other ligands 
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capable of forming complexes with mercury. Figure 1.2 shows the expected dissolved 

mercury species as a function of DOM concentration (RS2) typical of anaerobic 

sediments computed using chemical equilibrium software (pH 7, [Cl-] = 1 x 10-2 M, [Hg] 

= 1 x 10-11M, [HS-1] = 1 x 10-8 M, [RS2-1] = 10-7 to 10-4 M). Mercury binding to DOM, 

inorganic sulfide and ligands such as chloride were considered. The Hg-DOM 

complexes (HgSR2(aq)) and mercury sulfide complexes are dominant, and complexes with 

other aquatic ligands such as chloride, hydroxide and nitrate are negligible.  

Many studies have investigated mercury chemical speciation in the sulfidic 

conditions typical of anaerobic sediments, primarily through chemical equilibrium 

models and competitive ligand exchange reactions. The stability constants that are 

frequently used in these calculations vary in the literature over several orders of 

magnitude, and some in particular are subject to some degree of controversy. As such, 

mercury chemical speciation in anaerobic sediments is not well understood.  

1.4.1 Influence of inorganic sulfide on mercury chemical speciation 

Prior to the research conducted on strong mercury binding to DOM, researchers 

used chemical equilibrium modeling to determine which mercury species were 

prevalent in anaerobic environments. These models neglected DOM as a possible 

mercury binding ligand because thermodynamic data at that time suggested that DOM 

would not successfully compete with inorganic sulfide for mercury. Based on these 

chemical equilibrium studies, coupled with laboratory based experiments, Dyrssen et al. 
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and others proposed that the prevalent mercury sulfide species in anaerobic sediments 

are: Hg(SH)2 (aq), HgHS2-(aq), HgS22-(aq),  Hg(Sn)SH-(aq) (n=3-6), Hg(Sx)22-(aq) and HgSnOH-(aq) , 

and particulate species such as HgS(s) [15, 30-32].  

Benoit et al. and others proposed that the bioavailable mercury species in sulfidic 

environments are neutrally charged complexes such as HgS0(aq), Hg(SH)20(aq)  and HgS5 (aq) 

[30-32, 49, 53]. Charge neutrality is important and allows these complexes to cross the 

lipophilic bacterial cell membrane via passive diffusion and subsequently become 

methylated. However, HgS0(aq) is a chemically unknown compound (i.e., it has never 

been directly identified) and was proposed as a means of explaining related equilibrium 

models to bioavailable mercury concentration. In addition, the equilibrium constant 

used for the formation of this complex has not been directly measured but extrapolated 

using data from other metal sulfide species that were likely comprised of nanoparticles, 

and not dissolved complexes [54]. These ‘dissolved’ mercury complexes were defined 

operationally as species that were <0.45µm or <0.2 µm, and nanoparticulate mercury 

(<100 nm) could have been mistaken as a dissolved mercury. As such, the validity of 

these models for explaining mercury speciation and microbial uptake in sediments 

remains uncertain [50, 55].  

1.4.2 Influence of both inorganic sulfide and DOM on mercury 
speciation 

DOM has since been demonstrated to be an important factor influencing 

mercury speciation in sulfidic environments [25, 50]. Many chemical equilibrium models 
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now include reduced-sulfur moieties in DOM, and treat DOM and inorganic sulfide as 

competing ligands for mercury complexation, as shown in Figure 1.2 [50, 51, 56]. 

However, more recent work has suggested that in organic carbon and sulfide 

rich environments, mixed Hg-DOM-S species may be formed. For example, Hsu-Kim 

and Sedlak (2005) [57] used competitive ligand exchange and solid phase extraction to 

characterize mercury complexes in wastewater effluent and experimental solutions. 

Their results suggested an interaction between mercury, S(-II) and DOM to produce a 

strong mercury complex with a mercury-ligand binding constant comparable to a 

mercury sulfide species (e.g. colloid or complex). Further work by Miller et al. (2007) [56] 

that investigated the speciation of mercury under anoxic sulfidic conditions (which 

included DOM) determined that the concentrations of mercury sulfide complexes were 

lower than predicted by chemical equilibrium models, and suggested a possible 

interaction between DOM, mercury and S(-II) to account for this discrepancy.  

A study by Skyllberg (2010) examined mercury complexation and speciation in 

aged samples containing iron (II) sulfide (FeS), mercuric nitrate (Hg(NO3)2(aq)) and 

organic soil using synchrotron-based x-ray absorption spectroscopy [58]. The results 

indicated a mixture of mercury-DOM complexes (with mercury bonded to thiol groups 

in DOM) and HgS(s). Thus, under the conditions tested, both inorganic sulfide and 

reduced sulfur groups in DOM influenced mercury speciation [58]. 
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A few studies have observed interactions between particulate HgS(s) and DOM. 

Ravichandran et al. (1998) [59] and Waples et al. (2005) [60] examined the dissolution of 

α-HgS(s) (cinnabar) in the presence of various DOM isolates. They found that DOM 

enhanced the apparent solubility of mercury, possibly through a surface reaction 

resulting in the formation of dissolved Hg-DOM complexes. Ravichandran et al. (1999) 

[61] also investigated the role of DOM in inhibiting the precipitation and aggregation of 

β-HgS(s) (metacinnabar) and concluded that strong Hg-DOM binding resulted in 

reduced HgS(s) precipitation and reduced aggregation of HgS(s) colloidal particles 

through electrostatic stabilization.  

In summary, these latter experimental studies have suggested that mercury may 

interact with inorganic sulfide and DOM through mechanisms that are not explained by 

thermodynamic equilibrium models for dissolved mercury speciation in anaerobic 

sediments. The specific interaction between mercury, S(-II) and DOM in anaerobic 

sediments remains unclear.  

1.5 Nanoparticulate mercury sulfides 

1.5.1 Formation and significance in the environment 

In aquatic ecosystems the precipitation of metal sulfides can occur at regions of 

local supersaturation with respect to the bulk metal sulfide solid (particle diameter > 100 

nm), such as in sediments in lakes and rivers where sulfate reducing bacteria are active, 
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acid mine drainage, hydrothermal oceanic vents, zones of sulfidic groundwater mixing 

and areas where soil water evaporation occurs [62]. 

For instance, HgS(s) will precipitate if its ion activity product (IAP) is greater than 

its solubility product (Ksp). For metacinnabar precipitation (equation 7), the IAP is 

calculated using equation (1)  [49, 63]:                                     

                                  

The processes involved in the transformation of metal sulfides to the solid phase are not 

well understood. The current view is that conditions of supersaturation lead to the 

formation of hydrated metal (bi)sulfide complexes. This is followed by proton and water 

loss to form soluble metal sulfide clusters (polynuclear complexes, e.g. M4S4) which then 

grow and/or aggregate to form metal sulfide crystals (Figure 1.3) [64]. The Ostwald Step 

Rule predicts that precipitation occurs via a series of consecutive stages, with the most 

soluble form preceding the next [52]. This suggests the formation of precursors before 

the formation of the bulk mineral phase with soluble metal sulfide clusters as one type 

of precursor. Another precursor which succeeds the soluble cluster is the nanoparticle. 

The nanoparticle is a solid phase intermediate that is much denser than the soluble 

cluster. Waychunas (2001) describes the nanoparticle as a unit of a mineral, mineraloid 

or solid smaller than 100 nm in size [65]. Another definition by Banfield and Zhang 

(2001) [62] describes nanoparticles as discrete nanometer scale assemblies of atoms.  
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Figure 1.3: Formation of metal sulfide nanoparticles in aquatic systems 

 

Nanoparticles may not in all instances result in the formation of bulk macro-

sized mineral phases. For instance, when the rate of cluster formation (nucleation) is 

high but growth and aggregation rates are relatively slow, nanoparticles may form and 

persist in the environment. As another example, the presence of DOM has been 

demonstrated to stabilize nanophase and colloidal particles so that particle growth and 

aggregation are limited or even completely inhibited [61, 66-68]. For example, Lau et al. 

(2008) [66] have demonstrated that ZnS(s) nanoparticles can be stabilized by low 

molecular weight organic compounds containing thiol functional groups such as 

cysteine and thioglycolic acid (particle diameter < 200 nm). Macromolecular DOM such 
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as humic acids have been demonstrated to stabilize copper sulfide (particle diameter 

approximately 20 to 500 nm) [67] and mercuric sulfide colloids (particle diameter < 100 

nm) [61]. This evidence suggests that there may be similarities, across different metals, 

in the mechanisms involved in the formation of metal sulfide nanoparticles, and that the 

formation and stabilization of nanophase mercury sulfide by DOM may occur. 

1.5.2 Mechanisms of particle stabilization 

The surface atoms of particles in solution are different from bulk-phase atoms 

because they do not have their full complement of bonding atoms. This results in 

unbalanced forces which give rise to surface free energy. Systems will relax to the state 

of lowest Gibbs free energy as long as no dynamical or kinetic constraints prevent them 

from achieving equilibrium [69]. Particle aggregation is a thermodynamically favorable 

process which results in reduced surface energy. However, changes in surface charge, 

ionic strength and adsorption of molecules at the surface may produce an energy barrier 

sufficiently large enough to prevent aggregation so that particles are unable to achieve 

thermodynamic stability but instead are kinetically stabilized or metastable.  

Kinetic stabilization is said to occur if particle aggregation does not take place. 

The Derjaguin-Landau-Verwey-Overbeek (DLVO) theory describes particle stability 

based on the net energy at the surface. These interface energies may be attractive or and 

are due to intra and inter-atomic and molecular forces. Such forces are affected by 

interparticle distance, surface charge density and also on the particle surface chemistry. 
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If repulsive forces dominate, then particles are stabilized. There are several mechanisms 

of particle stabilization (Figure 1.4). In electrostatic stabilization, repulsive forces 

between particles due to similar surface potential dominate and particles are forced 

away from each other. In steric stabilization, the adsorption of polyelectrolytes leads to a 

thermodynamic repulsion between polymer chains which extend from the particle 

surface and prevent particle collision and thus aggregation [70]. 

 

Figure 1.4: Mechanisms of particle stabilization 

 

Organic compounds may also stabilize particles electrostatically by adsorbing to 

the particle surface and altering the surface potential. Thus, a third mechanism of 
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particle stabilization is through electrosteric effects, where stabilization by organic 

compounds occurs via a combination of electrostatic and steric effects. Another possible 

mechanism is via the chelation of ions in solution, thus reducing rate of the formation of 

dissolved metal sulfide complexes and clusters and subsequently, the rate of 

aggregation of particles [67]. 

Nanophase minerals are distributed widely throughout the biosphere and in 

aquatic systems they are thought to play important roles in regulating the 

concentrations of dissolved metal ions and their complexes, providing surfaces for 

reactions and vectors for transport, and in the bioavailability of toxins [27, 71]. However, 

little is known concerning the formation and persistence of metal sulfide nanoparticles. 

Mercury sulfide clusters and nanoparticles are expected to form during 

precipitation reactions in aquatic systems. However, little is known concerning the 

formation of this mercury species, as mercury sulfide nanoparticles have not been 

studied in great detail and have been largely ignored in the mercury biogeochemistry 

research literature, or included as dissolved species operationally defined as <0.45µm or 

<0.2µm. 
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PART TWO: MERCURY SOURCES AND TRANSFORMATION 
IN AQUATIC SYSTEMS 
 

1.6 Mercury sources to aquatic systems 

Widely recognized sources of mercury to aquatic ecosystems are non-point 

source atmospheric deposition and point source industrial and municipal discharges to 

water bodies. Sources of mercury to the atmosphere include natural evasion from 

terrestrial and water surfaces and volcanic eruptions, and anthropogenic emissions from 

coal-fired power plants and waste incinerators. Industrial and municipal sources of 

mercury include discharges from chlor-alkali plants, paper and pulp mills, and 

wastewater treatment plants [7, 18, 39].  

The mercury loading to aquatic systems from these sources varies widely and 

depends on geographic location and proximity to sources. However, in the United States 

in general, atmospheric deposition is considered to be the major source of mercury to 

aquatic systems, and may account for 50 to 90% of the total mercury loading to inland 

water bodies. This is due to the regulation of industrial and municipal point source 

discharges under the Clean Water Act (1972), resulting in non-point source pollution 

being solely responsible for up to 43% of impaired inland water bodies, compared to 

10% for point sources only [28]. Non-point source pollution is difficult to control and is 

not currently regulated under the Clean Water Act. 
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In addition to atmospheric deposition, sources of mercury to aquatic systems 

include landscape runoff. The mercury loading in landscape runoff may be derived from 

a number of different sources, and depends on land use. For example, mercury in runoff 

may be derived from atmospheric deposition, from soils historically contaminated by 

mercury or acid mine drainage. The contribution of mercury in landscape runoff to the 

total mercury loading in watersheds is typically not monitored and is not regulated 

under the Clean Water Act, as it is a source of non-point mercury pollution. 

Furthermore, the mercury loading to landscape runoff from soils historically 

contaminated by mercury (e.g., from the application of mercurial fungicide compounds 

in products such as fertilizer and pesticides) has not been documented. 

Other sources of mercury to aquatic systems are coal combustion products and 

their leachates which are capable of mobilizing mercury from landfills and storage 

impoundments at coal-fired power plant facilities to aquatic environments. The 

environmental fate of these materials in aquatic systems and their potential to transform 

to methylmercury and bioaccumulate in the food web are unknown. 

Coal combustion products are considered to be minor sources of mercury 

compared to sources such as atmospheric mercury deposition. However, the recent 

Clean Air Mercury Rule (2005) seeks to regulate the discharge of mercury from coal-

fired power plants which contribute over 50% of the total mercury atmospheric 

emissions in the United States [72], with the overall objective of reducing mercury 
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emissions from coal stacks and increasing mercury capture in solid waste materials such 

as coal combustion products. Thus, coal combustion products may be considered 

‘emerging’ mercury contaminants, and are a potential source of mercury to aquatic 

systems. 

1.7 Overview of mercury compounds used as fungicides 

1.7.1 Mercury fungicide compounds 

Mercury is an effective biocide and fungicide, and during the 20th century, a 

number of mercury compounds were used as anti-fungal agents in products such as 

seed preservatives, fertilizers, herbicides, pesticides, anti-fungal sprays and paints [7, 73-

76]. These products, with the exception of paints, were widely applied to agricultural 

areas and turf soils, such as golf courses [75].  

Both inorganic and organomercury compounds were used as anti-fungal agents. 

Inorganic compounds were limited to mercuric oxide (HgO(s)) and mercuric chloride 

(HgCl2(s)), while a number of different organometallic mercury compounds of the 

general form R-Hg-X were used. R represents an alkyl, alkoxy or aryl organic radical 

while X represents a group such as amide, phenol or amide with a dissociating 

hydrogen ion. Examples of these compounds include: methylmercury dicyandiamide 

(Panogen©), methylmercury iodide, ethylmercury chloride, ethylmercury urea, 

ethylmercury phosphate, ethylmercury p-toluene sulfonamide, ethoxyethylmercury 

chloride, methoxyethylmercury chloride,   methoxyethylmercury acetate, 
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phenylmercury chloride, phenylmercury iodide, phenylmercury urea, phenylmercury 

methanodinaphtho-disulfonate (murfixtan ©), phenylmercury salicylate, phenylmercury 

NN-dimethyldithiocarbamate (Phelam ©), tolylmercury chloride, and N-tolymercury p-

toluene sulfonanilide [73, 77]. 

Inorganic mercurial anti-fungal compounds were used in soil and root treatment 

while organomercurials were used as seed dressings, orchard sprays, foliar dusts and 

glasshouse aerosols to prevent the spread of fungal diseases. Organomercurials were 

also used in the post-harvest treatment of bulbs and tubers. Uses of specific compounds 

includes the use of alkyl and aryl compounds such as phenylmercury and ethylmercury 

in the preservation of seeds and the prevention of disease in rice plants, and 

phenylmercury was also widely used in industries such as paper and pulp mills and 

building materials [73].  

1.7.2 Historic use and regulation 

Mercury compounds were identified as effective fungicides as early as 1891 [75] 

and were widely used in agriculture worldwide, including in the United States. The first 

report in the scientific literature of organomercurial use in the United States was the use 

of mercuric chloride in 1932 [75]. In the 1950s to 1960s, total mercury concentrations as 

high as 100 µg/g were discovered in food crops around the world, such as apples, 

tomatoes, potatoes, carrots, chickens and chicken eggs, rice, wheat and fruit [73, 78-82]. 

As a result of human health concerns, the use of alkyl mercury fungicides, such as 
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Panogen© were banned from use as seed treatments in agriculture by the U.S. 

Department of Agriculture in 1970 [83]. Alkyl mercury compounds were still used on 

product such as cotton and non-grazed grass areas until 1972 when the U.S. EPA 

established the Federal Insecticide, Fungicide and Rodenticide Act (1972) which banned 

the use of mercury compounds in many pesticides and fungicides [74]. However, 

mercurial fungicides were still used in many products such as grass seed preservatives, 

herbicides and fertilizers until the 1990s. In 1992, mercurial fungicides were banned in 

paints, and in 1993, the last two registered mercurial fungicides were cancelled. In 1994, 

mercury in turf products was either phased out or in the process being phased out, and 

in 1995 all mercury-containing pesticide registrations were cancelled [7, 74]. According 

to the United States Bureau of Mines, approximately 5000 tons of mercury were 

consumed in agriculture and 7200 tons were used in paints in the United States from 

1941 to 1990 [84]. 

1.7.3 Relevance of mercury fungicide compounds to aquatic 
ecosystems 

As a result of decades of application of mercurial fungicide compounds to 

agricultural and turf soils, there may be large mercury loadings in soils in these regions. 

The results of a few studies have suggested that mercurial fungicide compounds are 

persistent in soils over several years [77, 85-87]. Landscape runoff and erosion processes 

can mobilize mercurial fungicide-contaminated soils and eventually deposit them in 

aquatic systems. Mercury concentrations in landscape runoff are neither monitored or 
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regulated under the Clean Water Act (1972) [28], and thus the extent to which this 

source of mercury contributes to the mercury loading to watersheds is unknown. The 

decomposition and bioavailability of these compounds, particularly the organomercurial 

species, in aquatic systems has also not been well-studied. In many cases, the runoff 

from these contaminated areas may drain directly into wetland-type ecosystems with 

biogeochemical conditions suitable for methylmercury production and bioaccumulation. 

The identification of mercurial anti-fungal compounds as a source of mercury to 

watersheds is an important consideration in watershed contamination and management 

practices. 

1.8 Overview of coal combustion products 

Coal combustion products are currently one of the largest waste streams in the 

United States, with approximately 130 million tons of these materials produced 

annually. This figure is projected to increase over the next few decades as coal use in 

electricity generation is expected to increase. More than half of this waste is currently 

stored in impoundments that are under-regulated, and leaching and impoundment 

failure can result in the mobilization of mercury to aquatic systems.  

1.8.1 Formation and properties 

Coal combustion products are the waste residues produced at coal-fired 

electricity generation plants, and include fly ash, bottom ash, and flue gas 

desulfurization products [88] (see Figure 1.5). Briefly, the first step in the coal-fired 
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electricity generation process involves coal pulverization to remove larger particle size 

fractions and unwanted material such as rocks and high-sulfur coal. The pulverized coal 

is then combusted, leaving residues such as fly ash and bottom ash. Fly ash consists of 

fine particulates that remain in the flue gas after combustion, and are removed from the 

emission waste stream by electrostatic precipitators and bag filters. Flue gas 

desulfurization systems are also used to remove sulfur dioxide and other toxic vapors 

from flue gases using techniques such as wet scrubbing with a lime reagent. The waste 

produced from desulfurization is referred to as flue gas desulfurization (FGD) products. 

Bottom ash consists of larger coal particles and molten material (i.e., slag) that is not 

combusted, and at some power plants bottom ash is mixed with the pulverizer rejects. 

The residues produced during each of these steps may be combined in the coal 

combustion waste stream, and is currently disposed of in landfills or retention ponds 

[88-90]. 

At power plants which utilize coal pulverization as a pre-treatment step, as is 

common throughout the United States, the majority of coal ash consists of fly ash (as 

much as 80%) while the remainder consists of bottom ash and FGD products [91]. Coal 

combustion products are heterogeneous materials. For instance, fly ash is extremely 

inhomogeneous and consists primarily of glass and unburned carbon, along with 

minerals such as quartz, calcite, and aluminum, calcium and iron oxides [92]. Elements 

typically present in coal combustion products include: silicon, aluminum, iron, calcium,  
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Figure 1.5: Diagram of coal-fired power plant 

sodium, sulfur, potassium, and magnesium; radioactive elements such as radon; 

and trace elements such as: arsenic, lead, boron, zinc, selenium, cadmium, nickel, 

chromium, strontium and mercury [93, 94]. The concentrations of trace elements are 

typically enriched in coal combustion products, such as fly ash and FGD products, 

compared to the parent coal, with enrichment factors of approximately 4 to 10 [88, 91, 

95]. Total mercury concentrations in coal combustion products range from 10-3 to 101 
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µg/g. Mercury concentration ranges for the different types of coal combustion products 

are: fly ash, 10-3 to 100 µg/g ; bottom ash: 10-3 to 10-2 µg/g, and FGD products: 10-1 to 101 

µg/g [88, 96, 97]. Mercury in these materials is typically bonded to sulfur, sulfate, 

chlorine, carbon and iron oxides [97-100]. 

1.8.2 Relevance of coal combustion products to aquatic ecosystems 

Approximately 130 million tons of coal combustion products are generated 

annually in the United States [101]. About 43% of this material is recycled in building 

roads, structural fill, mine reclamation, snow and ice control, and in the production of 

concrete, cement, and wall board [102]. The remaining 57% is stored in landfills and 

impoundments across the United States. Coal combustion is predicted to increase over 

the next few decades, and as such, the production of coal ash will increase, along with 

the need for land for disposal and storage. In addition, with the introduction of the 

Clean Air Mercury Rule (2005), less mercury will be emitted to the atmosphere from 

power plant stacks and more mercury is expected to be captured in coal combustion 

products. Thus, coal combustion products may be considered an ‘emerging’ source of 

mercury to aquatic systems.  

Current coal combustion products waste management procedures entail storage 

in surface impoundments and in landfills. However, as coal combustion products are 

not classified as a hazardous waste material under the Resource and Conservation 

Recovery Act (RCRA) (1980), leachates from coal combustion products stored in these 
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impoundments are not strictly monitored or regulated, and can result in the 

mobilization of toxic trace elements from coal combustion products into potable 

drinking water sources, such as lakes, rivers and groundwater aquifers [93, 103]. 

Furthermore, the impoundment structures themselves can fail, as exemplified by the 

Tennessee Valley Authority Kinston coal ash spill in 2008, which resulted in the release 

of 4.1 million cubic meters of fly ash and bottom ash from a retention pond into the 

adjacent river system [93].  

1.8.3 Legislation pertaining to coal combustion products 

Coal combustion products are currently exempt under the RCRA Bevill 

Amendment (1980) due to several reasons: at that time large volumes of coal combustion 

products were produced; little information was available on the properties and 

environmental fate of these products; and the data available indicated that the risks 

associated with this material were low. As a result, coal ash was characterized as a 

“special waste” and its regulation currently follows individual state laws which vary 

across the United States. For example, in some states, groundwater monitoring, the 

lining of impoundments and leachate collection systems are not required and are 

therefore not strictly implemented [104].  

However, research conducted over the past few decades has shown that coal ash 

contains toxic contaminants that are leachable into solution, and the mobilization of 

leachates and coal combustion products from coal ash impoundments can result in the 
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contamination of potable water sources [93].  As a result, the U.S. EPA has recently 

proposed the regulation of wastes generated by electric utilities and independent power 

producers. Waste such as coal ash would be regulated under RCRA Subtitle C, as a 

hazardous material, or under RCRA subtitle D, as a solid waste disposed of in landfills 

which must follow specific design and monitoring codes and regulations[105].  

While many studies have focused on the formation, elemental content and trace 

element speciation in coal combustion products, the environmental fate and behavior of 

these materials and their leachates have not been well-studied.  

1.8.4 The environmental fate, transport and behavior of mercury in 
coal combustion products 

Leaching experiments specifically examining the leaching behavior of mercury 

from fly ash and FGD products have been conducted using procedures such as the 

Toxicity Characteristics Leaching Procedure (TCLP), the Mine Water Leaching 

Procedure (MWLP) and the Synthetic Groundwater Leaching Procedure (SGLP) [106-

108]. In general, the mercury content of leachates produced using these techniques was 

just above or below the instrument detection limit (0.1 and 0.5 µg/L) and ranged from 

<0.1 to 0.7 µg/L [106-108]. Furthermore, sequential extraction leaching procedures have 

demonstrated that mercury is strongly bound in these materials and leaches into 

solution only under strongly acidic conditions (pH < 1) [97, 109].  

However, these experimental conditions do not reflect the complexity of 

environmental systems, such as the influence of natural organic matter, redox reactions, 
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photochemical reactions and bacterial activity. Furthermore, new techniques for low-

level mercury analysis have resulted in detection limits that are currently orders of 

magnitude lower (e.g., 0.5 ng/L using cold vapor atomic fluorescence spectrometry) and 

would improve the quantification of mercury concentrations in leachate solutions. Thus, 

the scientific literature does not present a complete understanding of the environmental 

fate and behavior of mercury in coal combustion products, and in particular, does not 

address the bioavailability of the mercury associated with coal combustion products for 

bacterial methylation. 

1.9 Research objectives 

The overall goal of this research is two-fold: 1) to study, at the fundamental level, 

the formation of HgS nanoparticles in conditions relevant to anaerobic environments; 

and 2) to study the speciation and transformation of mercury derived from a legacy 

sources to the aquatic environment (landscape runoff ) and a potential  new source (coal 

combustion products) 

The first and second objectives investigate the interaction between dissolved 

organic matter, inorganic sulfide and mercury. The first objective (Chapter 2) was to 

demonstrate that a Hg-S-DOM species such as DOM stabilized mercuric sulfide 

nanoparticles could be formed. Dynamic light scattering was used to obtain particle 

growth rates in the presence of low molecular weight organic compounds containing 

reduced sulfur functional groups. The second objective (Chapter 3) was to investigate 
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this interaction further using macromolecular dissolved organic matter, such as humic 

substances. However, mercury presents certain analytical issues such as loss through 

adsorption to surfaces and the potential for transformation to other redox states. In 

addition, at the mercury to macromolecular dissolved organic matter concentration 

ratios typical of aquatic sediments, mercuric sulfide nanoparticles were not detectable 

using dynamic light scattering. To resolve these issues, zinc was substituted for 

mercury. Zinc concentrations in environmental settings are in the nM to µM range [52, 

110], several orders of magnitude above the typical concentration range for mercury (5 

to 50 pM) [7]. There is evidence in the literature which suggests that zinc and mercury 

may interact similarly with dissolved organic matter and inorganic sulfide. For example, 

Lau and Hsu-Kim (2008) [66] have demonstrated that an interaction between zinc, 

sulfide and low molecular weight thiols can result in stabilized zinc sulfide 

nanoparticles. In Chapter 2 of this dissertation, the specific interaction between 

macromolecular DOM and zinc sulfide nanoparticles was investigated by measuring 

zinc sulfide particle growth rates in the presence of humic and fulvic acids. 

The third objective (Chapter 4) was to determine the source of mercury to 

landscape runoff from a Duke University campus catchment. This mercury-

contaminated runoff is discharged into an urban stream-wetland. As such, another goal 

in this chapter was to determine the fate of this mercury in the stream-wetland, 

particularly the potential for its transformation to methylmercury.  
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The fourth objective (Chapter 5) was to determine the fate of mercury in coal 

combustion products in a river system contaminated by coal combustion products. 

Specific questions were: (1) assess the water quality with respect to total mercury and 

methylmercury; (2) assess the methylation potential of coal combustion products the 

river sediments. 

The final chapter (Chapter 6) discusses the implications of the results of this 

dissertation to mercury biogeochemistry and policies involving the monitoring and 

regulation of coal combustion products and landscape runoff to the aquatic 

environment. 
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Chapter 2. Precipitation of mercuric sulfide nanoparticles in 
NOM-containing water: Implications for the natural environment 

Reproduced with permission from Environmental Science and Technology. (2009) 43 (7), 
pp. 2368-2373. Copyright 2009 American Chemical Society. 

 

2.1 Introduction 

Mercury mobility and bioavailability in the aquatic environment depends on 

coordination of Hg2+ to reduced sulfur ligands such as inorganic sulfide and thiolate 

moieties in natural organic matter (NOM). Sulfides have a strong affinity for Hg(II) and 

can control mercury speciation in anaerobic environments. Numerous researchers have 

sought to understand interactions occurring between Hg(II), sulfide and NOM, 

particularly as these processes control Hg(II) transport in surface waters (e.g., [60, 111, 

112]) and bioavailability in contaminated sediments (e.g., [30, 53, 56]). Bioavailability to 

anaerobic microbes is a particular concern because these organisms are responsible for 

methylmercury production in the aquatic environment. Furthermore, because Hg(II) 

concentrations are generally less than 10-10 M in aquatic ecosystems, sulfides could 

control Hg(II) speciation in waters that are near a source of sulfide but contain 

undetectable levels. (Methods with S(-II) detection limits greater than 10-7 M are 

typically used.)  

Several Hg(II) speciation studies to date have presumed that filterable Hg-sulfur 

species (<0.2 µm) consist of aqueous Hg-bisulfide complexes (e.g., Hg(HS)2, HgHS2
-) or 

mixed ligand complexes such as Hg(OH)(SH)(aq) or Hg-sulfide-humic complexes [30, 53, 

54, 56, 60, 112, 113]. The possibility of Hg associated with sulfide nanoparticles has not 
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been explored in great detail even though nanoparticles of other metals such as ZnS, FeS, 

and CuS are known to occur [114-117]. Our previous research has suggested that 

mercuric sulfides are persistent in municipal wastewater, possibly as colloidal species 

[57]. Furthermore, in highly contaminated media such as mine tailings, organic acids can 

mobilize HgS colloids in porewater [111, 118]. Nanoscale Hg could also coprecipitate 

with or adsorb to the surface of other sulfide nanoparticles (e.g., [119]). Oxidation of 

mercuric sulfides by dissolved O2 is relatively slow [57]. Therefore, they can exist in 

surface waters located near a sulfidic source (e.g., receiving waters of wastewater 

discharge).  

Although nanocrystalline metal sulfides are known to exist in the environment, the 

processes that enable these particles to persist at the nanoscale (less than 100 nm) are not 

well understood. During the precipitation of solid phases, nucleated nanoparticles are 

relatively unstable due to high surface energies that promote further crystal growth or 

aggregation of particles beyond the nanoscale [120]. Particles that precipitate in natural 

waters, however, may be interacting with dissolved NOM compounds in a manner that 

mitigates the surface energy instability and enables the particles to persist for longer 

periods at the nanoscale. For example, our recent study has demonstrated that thiol-

containing organic acids can stabilize nanoscale ZnS aggregates as they precipitate in 

aqueous solution [66]. Similar studies with HgS and other metal sulfides have indicated 

that humic substances and chelating ligands decreased precipitation rates of mineral 

sulfides, possibly causing colloids or nanoparticles [61, 67, 121]. 
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The objective of this study was to evaluate the possibility for HgS nanoparticles in 

NOM-containing water. HgS precipitation experiments were conducted in aqueous 

solutions containing dissolved soil or aquatic NOM standards. Precipitation experiments 

were also conducted with low molecular weight organic acids including two amino acids 

(serine and cysteine) and two other organic acids (glycolic acid and thioglycolic acid). 

These organic acids have been observed at nanomolar concentrations or greater in 

sediment porewater and surface waters [122-124] and were selected to assess the 

importance of specific functional groups (i.e., thiol versus hydroxyl moieties) for HgS 

precipitation rates. Dynamic light scattering was used in combination with filtration 

experiments to confirm that mercuric sulfides were forming in the presence of humic 

acids and thiolates. The implication of the precipitation experiments for predicting 

bioavailable Hg in the environment was evaluated by calculating the thermodynamic 

possibility of HgS precipitation under sediment porewater conditions and testing if HgS 

nanoparticles can partition into octanol. 

2.2 Experimental section 

2.2.1 Materials 

Filtered (<0.2 µm) ultrapure water (Barnstead Nanopure, >17.8 M Ω−cm) was used 

to prepare all stocks. All glassware was acid cleaned by overnight soak in 1 N HCl 

followed by three rinses with ultrapure water. Trace metal grade acids were used for pH 

adjustments. Borosilicate glass bottles with PTFE-lined screw caps were used to contain 

all HgS particle suspensions. 
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Hg stock solutions were prepared by dissolving Hg(NO3)2  in acid (either 0.1 N HCl 

or HNO3). Sulfide stock solutions were prepared by dissolving crystals of Na2S•9H2O 

(rinsed and dried prior to weighing) in water purged with ultra high purity N2 and 

stored at 4oC. Stocks of Pahokee peat humic acid, Suwannee River (SR) humic acid, and 

SR fulvic acid standards (International Humic Substances Society) were prepared in pH 

7.5 solutions. The individual NOM stocks were filtered with 0.2 µm nylon syringe filters 

(VWR). Total organic carbon (TOC) concentrations of the stocks were confirmed by 

combustion catalytic oxidation/infrared spectroscopy (Shimadzu TOC Analyzer). Stock 

solutions of thioglycolic acid, L-cysteine, glycolic acid and L-serine were also prepared 

and stored at 4oC. Thioglycolic acid and Na2S stocks were utilized within 12 hrs and L-

cysteine within 36 hrs of preparation.  

2.2.2 HgS sample preparation 

Experimental solutions consisted of 4 mM sodium 4-(2-hydroxyethyl)piperazine-1-

ethanesulfonate (HEPES) buffer (pH 7.5) and 0.01 M NaNO3 (filtered to <0.2 µm). An 

aliquot of the appropriate organic (humic acid, fulvic acid, cysteine, serine, thioglycolic 

acid, glycolic acid or no organic) was added to buffer. Hg(II)  followed by S(-II) were 

added from their respective stocks to concentrations of  3 µM each to initiate 

precipitation. Variations in NaNO3 concentration and organic acid concentration were 

tested to determine their effect on precipitation and particle growth rates. All 
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experimental solutions were prepared in a HEPA-filtered laminar flow workstation 

under air-saturated conditions. 

2.2.3 HgS precipitation and sample growth 

Precipitation and particle growth was monitored in the experimental solutions 

by time-resolved dynamic light scattering (DLS) (Malvern Zetasizer NS) at 25oC. 

Immediately after the addition of S(-II) to the experimental sample, the solution was 

dispensed into a 1-cm polycarbonate cuvette and placed into the instrument sample 

holder. Scattering of the incident light (λ = 663 nm) at 173o was detected to calculate the 

hydrodynamic diameter, averaged over 20 individual 10 s measurements for each time 

point. Scattering detection rates of the buffer plus organic acid were 30 to 40 kilocounts 

per second (kcps). Thus, particle size measurements were accepted only for samples 

demonstrating scattering rates greater than 60 kcps (for the same signal attenuation and 

detection settings). Suspended particles (as indicated by sufficient light scattering) were 

observed only when both Hg(II)and S(-II) were dissolved in the solutions. Light 

scattering rates in water containing only NOM isolates and other ligands did not 

increase appreciably above blank water controls.   

2.2.4 Particle characterization 

The zeta potential of the Hg sulfide particles was estimated from electrophoretic 

mobility measurements of the experimental solutions taken 1 hr after the initiation of Hg 

sulfide precipitation. ‘Filterable’ mercury in the HgS suspensions was assessed by 
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measuring Hg content in samples after passing through 0.2 µm polycarbonate syringe 

filters (Millipore). Hg concentration was quantified with thermal decomposition, 

amalgamation, atomic absorption spectroscopy (Milestone DMA-80) [125]. Transmission 

electron microscopy (TEM) and energy dispersive X-ray (EDX) spectroscopy was used to 

confirm the presence of particles and their elemental composition. TEM samples were 

prepared by depositing the particles on a carbon-coated copper grid (Ted Pella Inc.). 

Images were collected at 200 keV beam energy with an Hitachi HF2000 TEM equipped 

with an Oxford INCA EDX system. 

2.2.5 Hg(II) speciation 

Competitive ligand exchange (CLE) was utilized in the Hg-sulfide-ligand mixtures 

to quantify dissolved Hg-ligand complexes in solution. This method [24] identifies 

Hg(II) speciation based on chemical lability in the presence of a competing ligand and 

was used previously to differentiate between Hg-sulfide species from dissolved Hg-

NOM complexes [57]. Hg-sulfide suspensions were prepared in the presence of cysteine, 

SR fulvic acid, or no organic (pH 7.5, 0.01 M NaNO3). After 3 hr of precipitation time, the 

suspensions were divided into several aliquots, each receiving a different dose of the 

competing ligand (either glutathione (GSH) or diethyldithiocarbamate (DEDC)). After 1 

hr exposure to the competing ligand, hydrophilic Hg-GSH complexes (or hydrophobic 

Hg-DEDC complexes) were quantified by Hg concentration passing through a C18-solid 

phase extraction (SPE) column. Hg-sulfide species were observed to be hydrophobic and 
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were retained during the C18-SPE step , whereas Hg-organic complexes such as Hg-

cysteine complexes were hydrophilic and passed through the C18-SPE column [57]. 

2.2.6 Octanol-water partitioning 

In previous studies on Hg bioavailability, the partitioning of Hg-sulfide species 

into octanol was assumed to be soluble HgS0(aq) complexes [49, 56, 126]. In this study, 

similar experiments were performed to determine if HgS nanoparticles are capable of 

partitioning into octanol.  A suspension of HgS nanoparticles (3 µM of Hg(II) and S(-II)) 

was prepared in solution (0.01 M NaNO3, pH 7.5) and allowed to age for 10 min. Sulfide-

free controls were also prepared to determine if dissolved Hg partitioned into octanol. 

Each solution was mixed in a borosilicate separatory funnel with octanol (16:4 mL 

water:octanol volume ratio). The mixture was shaken for 2 hr on an orbital shaker table. 

An octanol-free sample with HgS nanoparticles was also prepared to test if Hg was 

adsorbing to the separatory funnel or sample containers. After the mixing period the 

aqueous phase was separated from the octanol, and aqueous Hg concentration was 

directly measured. DLS was used to determine the presence of particles in the octanol 

phase. 
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2.3 Results and Discussion 

2.3.1 Precipitation of Hg sulfide particles 

The HgS precipitation studies indicated that the observed growth rate of particles 

was altered by the presence of humic substances and low molecular weight thiol ligands 

in solution (Figure 2.1). The addition of both Hg(II) and S(-II) to the test samples resulted 

in particles with average hydrodynamic diameter (based on intensity-weighted size) 

increasing over time (Figure 2.1). Particle growth also decreased as thiol and NOM 

concentration increased. For example, the average diameters of particles within the first 

40 min of precipitation were smaller as the concentration of SR humic acid increased 

from 0.25 mg-C/L to 1 mg-C/L (Figure 2.1b). 

TEM analyses were conducted to verify the formation of HgS particles in the 

samples. The images indicated that the particles were aggregates of smaller particles with 

diameters near 5 nm (Appendix A, Figure A1 and A2). A subset of monomers appeared 

to be nanocrystalline, indicated by lattice structure in TEM images (Appendix A, Figure 

A1b). EDX spectra of the TEM samples confirmed that the particles contained Hg and S 

(Appendix A, Figure A1c).  

2.3.2 Effects of NOM on observed growth rates 

Precipitation of HgS particles in the samples involved nucleation of monomers, 

crystal growth and aggregation of particles. Because these experiments could not 

differentiate between the individual growth processes, we used the precipitation studies 

to assess the relative importance of dissolved NOM for stabilizing HgS colloids in the  
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(a) 

 
(b) 

 

 
 

Figure 2.1: Precipitation of HgS particles. Solutions contain 3 µM Hg(II) and 3 µM S(-
II) in water containing an organic ligand: (a) low molecular weight organic ligands: 
glycolate (300 µM), serine (300 µM), thioglycolate (5 µM), or cysteine (2 µM) in 0.01 M 
NaNO3, 4.0 mM HEPES buffer (pH 7.5; (b) Suwanee River humic acid in 0.46 M 
NaNO3, pH 7.5. 
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environment, particularly by slowing the observed growth rates of particles as they 

precipitate and aggregate in solution. To assess relative impacts caused by dissolved 

organics, we calculated observed initial growth rates (dD/dt)0 by taking the linear 

regression slope of the time-resolved size data (e.g., Figure 2.1). Data points from the 

first 40 min of precipitation were utilized for the (dD/dt)0 calculations. In experiments 

with thioglycolate and cysteine where (dD/dt)0 values were less than 1.0 nm/min (ionic 

strength < 50mM), the time points included up to 8 hr of monitoring by DLS (e.g., HgS 

growth with thiolates in Figure 2.1a).  Linear regressions conducted for our (dD/dt)0 

calculations resulted in R2 values greater than or equal to 0.9. 

In samples that did not contain organic ligands in solution, the observed HgS 

particle growth rates were 8.2 ± 0.4 nm/min (n = 10 replicates), averaged over samples 

containing 0.005 M to 1.0 M NaNO3 electrolyte. The presence of cysteine and 

thioglycolate decreased observed rates by 1 to 2 orders of magnitude, particularly at 

lower NaNO3 concentrations (Figure 2.2a). The reduction of (dD/dt)0  was more 

pronounced with greater thiol concentration (e.g., comparison of 2 µM vs. 300 µM 

cysteine for the same ionic strength, Figure 2.2a). Hydroxyl-containing analogues serine 

and glycolate did not change the observed growth rate to the same extent. Furthermore, 

the zeta potential of HgS particles formed in the presence of thiols (-21.2 to -27.6 mV) 

was more negative than the zeta potential of particles formed with no organic ligands (-

12.6 mV) or with hydroxyl-containing organic ligands (-15.4 mV) (Appendix A, Table 

A1).  The results suggested that specific interactions with thiolate functional groups were  
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(a) 

 
(b) 

 
 

Figure 2.2: Observed HgS growth rates. HgS growth rates in water as a function of 
ionic strength (NaNO3 electrolyte) and in the presence of an organic ligand: (a) low-
molecular weight organics glycolate (300 µM), serine (300 µM), thioglycolate (5 µM), 
or cysteine (2 µM or 300 µM); (b) humic substance isolates (0.25 mg-C/L). Precipitation 
initiated by addition of 3 µM Hg(II) and 3 µM S(-II) in buffered water (pH 7.5). 
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occurring such that the thiols were co-precipitating with or sorbing to the surface of the 

aggregates. 

Dissolved humic substances also reduced HgS particle growth rates during the 

precipitation experiments (Figure 2.2b), particularly with the peat and SR humic acids. 

Furthermore, as the SR and peat humic concentrations increased, particle growth rates 

decreased (Figure 2.3). SR fulvic acid decreased observed growth of particles under 

greater TOC concentrations (2.5 mg-C/L) (Figure 2.3) or with lower NaNO3 electrolyte 

concentration (<0.1 M in Figure 2.2b).  

The differences between the NOM isolates on HgS growth rates (Figure 2.2b and 

Figure 2.3) may be caused by specific chemical properties of the humic acids and fulvic 

acids. Thiolate interactions with the HgS particles could be one cause since the reduced 

sulfur contents (S oxidation state ≤ 0) of both humics acid isolates were greater than that 

for SR fulvic. The SR humic acid, peat humic acid, and SR fulvic acid isolates contained 

72.8, 96.7 and 33.5 µmol reduced-S per g C, respectively [60, 127]. In our sample 

mixtures, however, Hg(II) exceeded the reduced-S concentration corresponding to the 

dissolved humic substances. Thus, the importance of thiol-specific associations depended 

on the fraction of Hg atoms at the surface of the particles relative to the abundance of 

thiol binding sites on the humic.  

Humic substances can also associate with particles through nonspecific associations 

such as hydrophobic interactions. Humic acids are generally higher molecular weight 

compounds compared to fulvic acids.  Furthermore, previous studies have demonstrated 

that the precipitation rate of metacinnabar decreased with hydrophobic fractions of NOM  



 

46 

 

Figure 2.3: Observed HgS growth rates in the presence of humic and fulvic acids. 
Dissolved NOM isolates expressed as total organic carbon (TOC) concentration. 
Precipitation was initiated by addition of 3 µM Hg(II) and 3 µM S(-II) in water 
containing dissolved humics, 0.46 M NaNO3, and 4.0 mM HEPES buffer (pH 7.5). 

 

 

Figure 2.4: Fraction of filterable Hg (<0.2 µm). The HgS suspensions were aged for at 
least 20 min in the presence of an organic ligand, then filtered. Samples consisted of 3 
µM Hg(II)and 3 µM S(-II) dissolved in 0.01 M NaNO3, pH 7.5. Numbers above each 
bar indicate the average hydrodynamic diameter of aggregates measured immediately 
before filtration. Errors represent ± 1 s.d. of replicate samples (n = 2-3). 
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extracts [61]. Similarly, the dissolution rate of cinnabar increased with NOM aromatic 

content [60].  SR humic acids and peat humic acids contained greater aromaticity (37% 

and 47% aromatic C, respectively) than that of the SR fulvic acid (24%) [128]. While the 

mechanisms of precipitation and dissolution are very different, interference of each 

process likely involves surface associations by specific components of the NOM 

macromolecule. Further studies should incorporate more NOM isolates to identify 

relationships between observed HgS growth rates and NOM structure. 

2.3.3 Speciation of Hg(II) 

A subset of the samples was filtered (<0.2 µm) to confirm the presence of small 

colloids. The results demonstrated that a larger fraction (50% to 90%) of the total Hg 

passed through 0.2 µm filters in mixtures containing thiols and NOM isolates (Figure 

2.4). These particles were small enough to be mistaken as soluble complexes, if defined 

at the 0.2 µm filter cut-off. Such assumptions have been employed during attempts to 

model dissolved Hg(II) speciation (and bioavailable Hg) in the aquatic environment (e.g., 

[49, 53, 56, 129]). 

Further experiments using competitive ligand exchange (CLE) were conducted to 

confirm that dissolved Hg-NOM or Hg-cysteine complexes were not controlling Hg(II) 

speciation in the samples. During the C18-SPE step, Hg-sulfides were retained in the 

hydrophobic fraction (indicated by less than 1% hydrophilic Hg at zero GSH in Figure 

2.5). In contrast, 91%, 63%, and 61% of the total Hg in Hg-cysteine, Hg-fulvic, and 

Hg(OH)2(aq) mixtures were hydrophilic (Figure 2.5). Furthermore, Hg-sulfide mixtures 
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were inert after addition of the competing ligand GSH while other weaker complexes 

(e.g., Hg-cysteine, Hg-fulvic, Hg(OH)2(aq) complexes) dissociated upon addition of GSH 

or DEDC. This result indicates that Hg-sulfide species were chemically inert compared to 

the weaker complexes and could be differentiated by CLE. 

In mixtures containing the combination of Hg, sulfide and organic acid (cysteine or 

fulvic), Hg was completely retained during the C18-SPE step and did not dissociate with 

addition of GSH.  These results suggested that the Hg-cysteine and Hg-fulvic complexes 

were not controlling dissolved Hg speciation in sulfide-containing samples. Instead, the 

samples contained mixed Hg-sulfide-organic ligand species, mostly likely in the form of 

small particles or aggregates (<0.2 µm). 

 

Figure 2.5: Results of competitive ligand exchange-solid phase extraction experiments. 
Graph shows hydrophilic Hg after ligand exchange (CLE) with either GSH or DEDC 
and solid phase extraction. Samples contained 3 µM Hg(II)and 3  µM S(-II) dissolved 
with 1 mg-C/L SR fulvic acid, 5 µM cysteine, or no organic ligand (pH 7.5, 0.01 M 
NaNO3). Sulfide-free controls consisted of 3 µM Hg(II) and either no organic ligand 
(i.e., Hg(OH)2 (aq)), 1 mg-C/L SR fulvic, or 5 µM cysteine. CLE titrations were conducted 
through addition of GSH to the samples or DEDC (Hg-cysteine sample, insert). 
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2.3.4 Octanol-water partitioning 

An aqueous suspension containing HgS nanoparticles was exposed to octanol to 

determine if the particles can partition into octanol.  Our experiment demonstrated that 

96% of the Hg in the HgS particle suspension was removed from the water after 

exposure to octanol (Appendix A, Table A2). Experimental controls containing Hg(OH)2 

(aq) demonstrated that much less Hg partitioned into octanol (<12 %). Furthermore, an 

increase in the light scattering signal was detected in the octanol (144 ± 14.7  kcps) after it 

was exposed to the aqueous suspension of HgS particles. This scattering rate is 

significantly greater (p<0.05) than the count rate of filtered octanol (103 ± 2.4 kcps for the 

same detector settings).  These results suggest that colloidal HgS may have been 

mistaken by previous researchers [49, 56, 126] for dissolved HgS0(aq) (or the hydrated 

HgOHSH0 [113]).  In the original publication that proposed this compound (ref. [54]), 

Dyrssen and Wedborg attempted to estimate stability constants for the formation of 

HgS(aq) based on extrapolation from other metals (Cd and Zn). Dryssen and Wedborg 

also recognized in their study that this compound is likely to include colloidal HgS. 

2.3.5 Equilibrium speciation models 

Our precipitation experiments were conducted at micromolar levels of Hg(II), a 

concentration that would apply only to the most contaminated sites (e.g., mine drainage). 

Most aquatic ecosystems contain much lower dissolved Hg(II) concentrations (picomolar 

to nanomolar range). In this study we could not use DLS to determine if particles were 
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forming at lower Hg concentrations (<1 µM) because the scattering signal was too low 

compared to the water blank.  

Hg speciation calculations were conducted to determine if HgS(s) is oversaturated in 

typical porewater conditions. Oversaturation would indicate the possibility of HgS 

nanoparticles at lower concentrations. The simulated porewater contained 10-11 M Hg(II),  

0.01 M Cl-, 10-6 M thiols (derived from dissolved NOM), pH 7.5, 0.01 M ionic strength, 

and a range of S(-II) concentrations (10-7 M to 10-3 M). These concentrations were chosen 

based on data reported for filtered porewater (<0.2 µm or 0.45 µm) in freshwater and 

estuarine sediments [49, 53]. The calculations were conducted in MINEQL+ [130] using 

thermodynamic constants summarized in Appendix A, Table A3  (and previously used in 

references [49, 53] to estimate bioavailable Hg(II)). The potential for HgS precipitation 

(and nanoparticle formation) was determined by identifying sulfide concentrations 

necessary for metacinnabar HgSs(s) oversaturation (i.e., log Q/Ks0 greater than 0) (Figure 

2.6).  

The HgS(s) saturation index was strongly dependent on equilibrium constants for the 

solubility of metacinnabar HgS(s): 

 HgS(s) + H+ ⇔ Hg2+ + HS- Ks0 = 10-38 ± 2   [49, 63] (1) 

The solubility product of metacinnabar Ks0 varies by 4 orders of magnitude in databases 

of critically selected stability constants [63]. Therefore, our calculations were conducted 

for two values within this range: Ks0 = 10-36.5 and 10-39.5 (Figure 2.6). 

Hg speciation also depended on binding by dissolved NOM: 

 Hg2+ + RS2
2- ⇔ Hg(RS2) KNOM = 1028.7 (2) 
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where RS2
2- refers to a fully deprotonated bidentate ligand containing two thiols [127] or 

one thiol and one ‘mixed group’ (S, O, or N) [131]. Haitzer et al. [131] estimated a value 

of KNOM = 1028.7 for the hydrophobic fraction of an aquatic NOM isolate. For other 

aquatic NOM isolates (including SR humic and fulvic acids), KNOM values were within 1 

order of magnitude [131].  

The calculations indicated that HgS(s) was near or above saturation under the 

simulated filtered porewater. Assuming that the aquatic KNOM binding constant is 

representative of porewater NOM, HgS(s) is oversaturated (log Q/Ks0 > 0) at micromolar 

dissolved sulfide concentration or lower (solid lines in Figure 2.6). These calculations 

indicate that HgS nanoparticles could be occurring in filtered porewater, even though 

such possibilities have been largely ignored in bioavailability modeling.  

The HgS(s) saturation index drastically changes if the model considers the higher 

KNOM  value (1038.3) quantified for peat humic acid by Khwaja et al. [127] (Figure 2.6). 

This binding constant is several orders of magnitude higher than KNOM  binding constants 

measured by Haitzer  et al. [131, 132] and by other researchers (e.g., refs [24, 133, 134]). 

Large Hg-binding constants were measured in other studies [24, 135], but for natural 

water samples that could contain sulfide colloids [57].  

While the large range of KNOM values could be due to compositional differences 

between soil and aquatic NOM, the disparity could also reflect the competitive ligand 

exchange (CLE) methods used to quantify KNOM. For example, Haitzer et al. used dialysis 

membranes to separate Hg-NOM complexes from solution. Khwaja et al. precipitated 

Hg-peat humic complexes with Ca2+ at pH 3, which could include coprecipitation of 
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other Hg(II) species (e.g., Hg-penicillamine). Moreover, the larger KNOM value for peat 

NOM depended on the uncertain Hg-penicillamine stability constant [127] that was not 

validated with a model compound (e.g., Hg-EDTA) in the CLE experiment, as others 

have done (e.g., refs [24, 133, 135, 136]). Overall, if we consider the aquatic-NOM KNOM 

values be a closer representation of dissolved Hg-NOM complexation in aquatic systems, 

the calculations demonstrate that HgS(s) can be oversaturated, particularly at low 

dissolved sulfide (micromolar or less). 

 

 

 

Figure 2.6: Hg chemical speciation calculations for anaerobic sediments. HgS(s) 
saturation index (log Q/Ks0) in simulated porewater calculated using solubility 
product Ks0 = 10-36.5 (black lines) or Ks0 = 10-39.5 (blue lines) and Hg-NOM binding 
constants for aquatic humics KNOM =10 28.7 [137] (solid lines) or peat humic KNOM = 1038.3 
[127] (dashed lines). Porewater conditions: Hgdiss = 10-11 M, total RS2 = 10-6 M, Cl- = 0.01 
M, pH 7.5, I = 0.01 M. 
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2.3.6 Environmental Implications 

The experimental results demonstrated that nanoparticles of HgS are possible in 

natural waters through precipitation reactions that are kinetically-controlled by humic 

substances and thiols. While the experiments simulated only the most contaminated 

ecosystems, similar processes could be occurring in less contaminated environments if 

HgS(s) precipitation is thermodynamically possible. In real sediments, heterogeneous 

processes such as coprecipitation with or adsorption to other metal sulfides should be 

considered.  

Our data also suggest that colloids formed during slow precipitation/aggregation 

reactions could be misrepresented as dissolved HgS0
(aq) species. Moreover,  the HgS-

NOM(aq) complex proposed by Miller et al. [56] is likely to include suspended HgS-NOM 

colloids, which would invalidate an equilibrium reaction for the HgOHSH-NOM 

complex. Overall, the use of chemical equilibrium (and the HgS0
(aq) compound) may be 

an oversimplification of porewater Hg speciation and the mercury biouptake process.  

The precipitation experiments were limited to timescales of minutes to hours. 

Therefore, additional investigations of HgS precipitation products over longer time scales 

are needed. The colloidal products in our experiments appeared to consist of aggregates 

of nanocrystals (with diameter near 5 nm). Further studies that probe shorter length scales 

of the aggregates are necessary to understand interactions occurring between the organics 

and the particles precipitating from suspension. This information would improve our 

understanding of the reactivity, bioavailability, and persistence of nanoparticulate HgS in 

the natural environment.  
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Chapter 3. Effects of humic substances in precipitation and 
aggregation of zinc sulfide nanoparticles 

Reproduced with permission from Environmental Science and Technology, in press. 
Copyright 2011 American Chemical Society. 
 

3.1 Introduction 

The precipitation of metal sulfide minerals in the environment is traditionally 

viewed as a process that reduces the solubility and toxicity of contaminant metals such 

as Zn, Hg, Ag and others [138]. Nanoclusters or nanocrystals of metal sulfides, however, 

are potentially mobile in the aquatic environment and are highly soluble due to large 

specific surface areas [139]. Nanoparticles would be expected under conditions of 

supersaturation, as they are the first formation products of a precipitation process. 

Nanoparticles of metal sulfides have been found in numerous settings, including 

anaerobic soil and sediments, biofilms of sulfate-reducing bacteria, wastewater effluent 

and biosolids, and other sulfidic environments [110, 114, 115, 140-142]. ZnS and other 

metal sulfide particles tend to attach to itself with high efficiency, due to high surface 

energies and isoelectric points near neutral pH [67, 143, 144]. However, metal sulfide 

nanoparticles also tend to exist in organic-rich waters where dissolved natural organic 

matter (NOM) can interfere with cluster formation and aggregation processes.  

NOM is known to influence the aggregation rate of particles by adsorbing to the 

surface of particles and inducing electrostatic and electrosteric repulsive forces that alter 

aggregation kinetics [68, 145-148]. Few studies, however, have considered how the 
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composition of NOM contributes to such interactions. Humic substances vary widely 

according to their origin, and their composition is influenced by factors such as water 

chemistry, climate, and carbon source. Thus, they are not necessarily consistent in their 

manner of interaction with metal sulfide particle surfaces and subsequent surface 

reactivity. Previous work has indicated that NOM-induced dissolution rates of cinnabar 

(HgS) correlated to specific NOM components such as aromatic carbon content [59, 60], 

possibly due to redox-active moieties (e.g., quinones). Hydrophobic acid fractions of 

NOM (e.g., humic and fulvic acids) were found to decrease precipitation rates of HgS 

particles [61], presumably by coating nanoparticles of HgS that remained stable in 

suspension [55]. Moreover, for NOM and high molecular weight polyelectrolyte 

surfactants, the conformation of the sorbed layer is critical for controlling electrosteric 

hindrances for aggregation [145, 146, 149]. 

Humic substances also contain metal-binding functional groups that influence 

precipitation kinetics by forming dissolved complexes with metals and lowering the 

mineral saturation index, the driving force for precipitation. Furthermore, ligands 

promote particles stability by specifically sorbing to the surface of particles [55, 61, 66, 

67]. Our previous research has shown that low molecular weight organic acids with thiol 

(R-SH) functional groups are more effective than hydroxyl-containing analogues for 

adsorbing to the surface of metal sulfide nanoparticles and slowing aggregation rates 
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[55, 66, 144]. Specificity of the thiol functional group stems from relatively higher 

binding constants for Zn, Hg and other soft-sphere metals.  

Reduced sulfur functional groups within NOM molecules are considered the 

strongest binding ligands for soft-sphere metals. They range in concentrations from 0.01 

to 0.3 µmol S per mg C in aquatic humic substances [60, 150] . NOM is an important 

portion of the total thiol pool that is typically near 0.001 to 1 µM in surface waters [124, 

151] and up to 100 µM in sediment porewater [152, 153]. Oxygen- and nitrogen-

containing functional groups associated with NOM are typically weaker ligands, yet 

more abundant than thiols.  

In this study, we sought to determine how NOM influences the precipitation and 

aggregation of zinc sulfide nanoparticles and to identify specific properties of NOM that 

contribute to the stabilization of nanoparticles. We utilized humic and fulvic acids that 

were obtained from several different aquatic sources. Dynamic light scattering was used 

to monitor hydrodynamic diameter as the ZnS nanoparticles precipitated and 

aggregated in solutions with the humic substances. The presence of NOM, for the most 

part, decreased observed growth rates. Differences in rates were observed as a function 

of solute composition, NOM type, and NOM composition.  



 

   

Table 3.1: Aquatic humic substances for Zn-S-NOM precipitation studies. NOM materials from the International Humic 
Substances Society (IHSS) are noted. 

 

Source Abbreviation Organic C 
source Site Description 

Suwannee River humic and fulvic 
acids 

SRH, SRF Terrestrial 
Black water river draining the Okeefenokee 
Swamp (Fargo, GA), IHSS standard  

Ogeechee River humic and fulvic 
acids OgRH, OgRF Terrestrial Piedmont region of eastern GA  

Ohio River humic and fulvic acids OhRH, OhRF Terrestrial Sampled at Cincinnati, Ohio. 

Missouri R. fulvic acid MRF Terrestrial Sampled at Sioux City, Iowa.  

Pacific Ocean fulvic acid POF 
Autochtonous 

(marine) 
Sample collected from 100 m depth, 170 km 
southwest of Honolulu, Hawaii  

Pony Lake fulvic acid PLF Autochthonous 
(microbe) 

Saline, eutrophic lake in Antarctica (IHSS 
reference)  
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3.2 Experimental Section 

3.2.1 Materials 

All chemicals used in this study were ACS reagent grade and were purchased 

from Sigma Aldrich, unless otherwise noted. Filtered (<0.2 µm) ultrapure water 

(Barnstead Nanopure, >17.8 MΩ-cm) was used to prepare all stocks. All glassware was 

cleaned by overnight soak in soap, overnight soak in 1 N HCl, and then three rinses with 

ultrapure water. Zn(II) stock solutions were prepared by dissolving Zn(NO3)2  in 0.1 N 

HNO3. Sulfide stock solutions were prepared daily by dissolving Na2S 9H2O crystals 

(rinsed and dried prior to weighing) in water purged with ultra-high purity N2.  

Nine different NOM isolates obtained from a number of surface water 

environments (Table 3.1) were selected to represent a wide range in composition. 

Suwannee River humic (2S101H) and fulvic (1S101F) acids and Pony Lake fulvic acid 

(1R109F) were obtained from the International Humic Substances Society (IHSS). Humic 

and fulvic acids were also obtained from several surface waters (outlined in Table 3.1) 

using standard methods for NOM extraction [154]. NOM fractions from Pony Lake and 

the Pacific Ocean are considered endmembers for autochthonous carbon in surface 

waters whereas the other source waters contained NOM derived mainly from terrestrial 

environments.  

All of these isolates have been characterized and described elsewhere (See 

Appendix B Table B1) for their composition including major element content, carbon 
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composition by 13C nuclear magnetic resonance spectroscopy, molecular weight by size 

exclusion chromatography [155, 156], and reduced sulfur content by sulfur X-ray 

absorption near-edge spectroscopy [157]. For each NOM isolate, the specific ultraviolet 

absorbance at 280 nm (SUVA280) was quantified based on the method described by 

Weishaar et al.  [158]. 

NOM stocks were prepared in ultrapure water, adjusted to pH 6.0 using NaOH 

and HCl as needed, and filtered (0.2 µm pore size). Dissolved organic carbon (DOC) 

concentrations in the filtered stocks were quantified using combustion catalytic 

oxidation/infrared spectroscopy (Shimadzu). The measured DOC concentrations were 

used to estimate NOM content in the Zn-S-NOM samples. 

3.2.2 Preparation of Zn-S-NOM samples 

Experimental solutions consisted of dissolved NaNO3 (from 0.01 M to 0.1 M) and 

4 mM sodium 4-(2-hydroxyethyl) piperazine-1-ethanesulfonate (HEPES) buffered to pH 

7.5. An aliquot of the NOM stock was added to this filtered (<0.2 µm) buffer solution, 

followed by sequential addition of Zn (5 µM) and then sulfide (5 µM), added within 5 

min. NaNO3 concentration as well as NOM type and concentration were varied to 

determine their effect on precipitation and particle growth rates. All experimental 

solutions were prepared in a HEPA-filtered laminar flow workstation under oxic 

conditions. With these conditions (neutral pH and equimolar Zn:S), sulfide did not 

oxidize appreciably over two days [66]. 
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A selection of precipitation experiments was performed in bicarbonate and 

sodium 3-(N-morpholino)propanesulfonic acid (MOPS) buffers and produced similar 

results compared to experiments with HEPES (Appendix B Figure B1). Experiments 

with a phosphate buffer were not reproducible. HEPES buffer was chosen for all ZnS 

solutions to maintain consistency between experiments. 

3.2.3 ZnS particle growth kinetics 

Hydrodynamic diameter of particles was monitored over time at 25oC using 

dynamic light scattering (DLS) (Malvern Zetasizer NS) of the incident light (λ = 663 nm) 

at 173o. After preparation of the experimental sample, an aliquot was immediately 

dispensed into a polycarbonate cuvette and placed in the instrument sample holder. 

Intensity-weighted diameter was calculated from twenty consecutive 10 second 

measurements. In solutions containing the buffer and NOM (from 1 to 5 mg-C/L), 

detector count rates were 50 to 60 kilocounts per second (kcps), a rate that is above rates 

for water alone (30 kcps). In both cases data quality was not sufficient for size 

estimation. Because our Zn-S-NOM samples consisted of polydisperse suspensions, 

measurements were accepted only for samples that demonstrated light scattering rates 

greater than 70 kcps (for the same attenuation and detector settings), a threshold that 

was observed only when both Zn and S were added to NOM solutions.  

Nucleation, precipitative growth, and aggregation of particles occurred 

simultaneously in the samples, resulting in polydisperse size distributions of aggregated 
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nanoparticles. The hydrodynamic diameters reported in this study were based on light-

intensity weighted measurements, which can bias towards larger particles (i.e. 

aggregates instead of monomers) in a polydisperse suspension. Moreover, sufficient 

scattering count rates for DLS are highly dependent on particle size and concentration. 

For example, the DLS instrumentation manufacturer recommends sample concentration 

for small particles (<10 nm) to be greater than 500 mg/L, a concentration much greater 

than our samples. Such limitations probably prevented adequate scattering from Zn-S-

NOM monomer subunits, which were smaller than 10 nm (Appendix B Figures B2 and 

B3). With this potential bias and the results we obtained (diameters greater than 50 nm), 

we interpreted the time-resolved DLS data (e.g., Figure 3.1) to reflect aggregation 

processes rather than nucleation of subunits and further growth of those subunits. 

Furthermore, the observed growth rates depended on the number of particles in 

suspension and particle-particle interactions during aggregation. Therefore, the DLS 

data were utilized for comparison of growth rates between mixtures rather than 

quantitative identification of particle size.  

Linear regressions were performed between the NOM parameters (Table B1) and 

the log of observed growth rates using SAS JMPTM. Important NOM parameters that 

could explain observed changes in particle growth rates were identified by: 1) an 

associated p-value of p < 0.05 (i.e., a significant relationship between variables); and 2) 

the correlation coefficient R2 which specified the proportion of the variance that was 
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described by a linear relationship (i.e., the quality of the linear fit).  Large p-values (p > 

0.05) indicated that no linear relationship existed between log of the observed growth 

rate and the NOM parameter.  

3.2.4 Particle characterization 

Zeta potential of the particle suspensions was quantified by electrophoretic 

mobility measurements (Malvern Zetasizer) taken 3 hr after inducing precipitation. A 

selection of Zn-S-NOM samples was characterized for morphology and composition by 

transmission electron microscopy (TEM) coupled with energy dispersive X-ray (EDX) 

spectroscopy or selected area electron diffraction (SAED). Additional details for sample 

preparation are provided in Appendix B. 

3.3 Results and Discussion 

3.3.1 Zn-S-NOM precipitation 

Upon preparation of the Zn-S-NOM solutions, particles were observed to 

increase in size over time (Figure 3.1). These solutions were supersaturated with respect 

to ZnS(s) (the saturation index log (Q/Ksp) was 5.9 for sphalerite, based on equilibrium 

reactions in Table B2). Thus, the particles formed in the solutions likely consisted of ZnS 

particles or Zn-S-NOM coprecipitates [66].  

Observed growth rates of particles in the Zn-S-NOM mixtures depended on 

several factors, including NOM type and concentration (relative to zinc and sulfide),  
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(a) 

 

(b) 

 

Figure 3.1: Hydrodynamic diameter of ZnS particles. Solutions contain 5 µM ZnNO3, 
5 µM Na2S, and dissolved NOM: (a) Stabilization of  nanoparticles by fulvic acids (5 
mg-C/L) for hours to days; (b) Comparison of fulvic and humic acid fraction in Zn-S-
NOM mixtures containing 1 mg-C/L. All samples contained 0.1 M NaNO3 and 4 mM 
HEPES buffered to pH 7.5. 
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ionic strength and pH. A subset of the humic substances was capable of stabilizing 

particles with diameters less than 100 nm for several hours and up to 3 days in our 

experiments (Figure 3.1a). Growth of the Zn-S-NOM precipitates tended to be slower 

with the humic acid fraction when compared to the fulvic acid fraction from the same 

aquatic source (Figure 3.1b). 

TEM images of the Zn-S-NOM particles (Appendix B Figures B2 and B3) 

demonstrated aggregates of small electron-dense subunits (< 10 nm) that likely consisted 

of ZnS nanoparticles or clusters. These subunits were surrounded by a material that was 

less electron-dense (light gray color), which could consist of NOM or an amorphous Zn-

S-NOM mixture. SAED results did not demonstrate any distinct diffraction patterns. 

While some lattice arrangements were observed in the TEM images, the particles were 

primarily amorphous in structure. 

3.3.2 Growth rates as a function of solution composition 

The DLS data were used to understand how growth and aggregation kinetics 

changed as a function of solution composition and NOM type. Observed rates (dD/dt)o 

were calculated from the DLS data by taking the slope of a linear regression of diameters 

less than 500 nm. The square of the correlation coefficient (R2) was greater than 0.8 for 

most samples. R2 values were lower (0.5 to 0.8) for several samples (Suwannee and Ohio 

River humic acids) that were tracked for more than one day due to slow growth rates. 

Rates were averaged between 2 or 3 replicate samples.  
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The observed growth rates in the ZnS suspensions were strongly dependent on 

solution composition. Rates increased with increasing ionic strength (NaNO3 electrolyte) 

(Figure 3.2a), indicating that electrostatic repulsion was one component influencing the 

change in aggregate size in our experiments.  Observed rates also decreased with 

additional dissolved NOM, sometimes by orders of magnitude and depending on the 

type of NOM (Figure 3.2b). Some NOM fractions, such as fulvic acid (Figure 3.2b) and 

humic acid (data not shown) from the Suwannee River, decreased growth rates by more 

than two orders of magnitude relative to the NOM-free control. 

We quantified zeta potential at 3 hr of precipitation for a selection of the Zn-S-

NOM mixtures: Missouri River fulvic, Ohio River fulvic, and Ogeechee River humic 

acids (Figure 3.3a). These NOM isolates reduced observed rates by 1 to 3 orders of 

magnitude relative to the NOM-free control (Figure 3.3b). The results did not 

demonstrate consistency between zeta potential and observed growth rates. Zeta 

potentials for the two fulvic acids ranged from -35 mV to -47 mV, values that were 

similar to the NOM-free control. The Ogeechee River humic samples demonstrated zeta 

potentials that were less negative (from -23 mV to -36 mV) even though observed rates 

were slower than the other two NOM isolates (at 10-1 M and 10-1.3 M NaNO3). These data 

suggest that, while the NOM coatings maintained the net negative charge on particle 

surfaces, the decrease in growth rates was not simply an electrostatic effect. The  
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(a) 

 
(b)  

 
 

Figure 3.2: Observed growth rates of Zn-S-NOM particles. Rates varied by orders of 
magnitude depending on water composition variables: (a) NaNO3 background 
electrolyte (1 mg-C/L NOM, 5 µM Zn + S, pH 7.5); (b) NOM concentration (0.1 M 
NaNO3, 5 µM Zn + S, pH 7.5). 
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(a) 

 
(b) 

 
 

Figure 3.3: Zeta potential of Zn-S-NOM particles. (a) Zeta potential (inferred from 
electrophoretic mobility) after 3 hr of precipitation with 1 mg-C/L NOM  and 0.02 to 
0.1 M NaNO3. Data points represent the average ± 1 s.d. of triplicate measurements. 
(b) Observed growth rates quantified for Zn-S-NOM mixtures with 1 mg-C/L NOM. 
All Zn-S-NOM suspensions consisted of 5 µM Zn and 5 µM sulfide in HEPES buffer 
(pH 7.5). 
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(a) 

 
(b) 

 
 

Figure 3.4: Observed growth rate as a function of pH. (a) Growth of ZnS particles (no 
NOM) as a function of pH and varying molar ratios of Zn:S. The samples contained 2 
µM Zn(NO3)2 and 1 to 3 µM Na2S. (4 mM HEPES buffer, 0.01 M NaNO3); (b) Growth 
data plotted versus the calculated saturation in index for ZnS(s). 

 

adsorbed NOM macromolecules likely caused additional effects, such as steric 

interactions [146, 147]. 

ZnS particle growth rates also strongly depended on solution pH (Figure 3.4). If 

the observed rates were simply reflecting repulsive forces from surface charge, than an 

increase in pH would decrease rates (due to net negative charge of surfaces and 
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isoelectric point near pH 7.5 for ZnS particles [144]). Our results, however, showed the 

opposite. Rates increased by an order of magnitude as pH varied from 6.5 to 9  in 

solutions containing 2 µM Zn and S (no NOM) (Figure 4.4a). Modifications to Zn:S molar 

ratios (from 2:1, 2:2, and 2:3 Zn:S) resulted in little or no change in the observed 

aggregation rate of particles. Overall, the rates increased with the extent of ZnS(s) 

supersaturation (Figure 4.4b), suggesting that observed rates were sensitive to 

nucleation kinetics and particle concentration. These results highlighted that nucleation 

and aggregation were occurring simultaneously in our experiments. Therefore, NOM 

could be influencing observed growth rates by chelating Zn2+ and reducing the ZnS 

saturation index, in addition to imparting electrosteric hindrances for aggregation. 

3.3.3 Correlations with NOM properties 

The NOM isolates utilized in these experiments represented a diverse array of 

dissolved humic substances. Differences in composition among the isolates may explain 

the variation in observed particle growth rates during ZnS precipitation. To better 

understand the NOM properties with the greatest influence on observed rates, we 

performed linear regressions between the observed growth rates for the Zn-S-NOM 

mixtures and specific NOM parameters. R2 and p-values, which were used to assess 

correlation quality with each NOM parameter, varied depending on the sample 

electrolyte (NaNO3) and NOM concentrations. In experiments with 1 mg-C/L NOM in 

0.05 M NaNO3 (a mixture where observed rates decreased by 1 to 3 orders of magnitude 



 

   

(a)                                      (b)                                     (c)                                    (d)                                       (e) 

 

 

Figure 3.5: Observed growth rate of Zn-S-NOM particles as a function of NOM parameters: (a) molecular weight; (b) 
specific UV absorbance (280 nm); (c) aromatic carbon content; (d) carboxyl carbon content; and (e) reduced sulfur content. 
Solution composition: 5 µM ZnS, 1 mg-C/L NOM, 4 mM HEPES buffer (pH 7.5). Error bars represent ± 1 s.d. of replicate 
samples (n = 2-3). 
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Table 3.2: Parameters for linear regressions between log of aggregation rates (dD/dt)0 of Zn-S-NOM  particles and NOM 
properties. Regression equation: log10 (growth rate) = m (NOM property) + b. Significant p-values (p<0.05) were denoted 
by *.  

 

    
 

    
 

 I = 0.05 M, DOC = 1 mg/L, n = 9 
 

I = 0.1 M, DOC = 3 mg/L, n = 9 

NOM property m b R2 p  NOM property m b R2 p 
SUVA 280 (L mg-C-1 m-1) -0.53 0.18 0.76 0.002* 

 molecular wt -0.0014 1.2 0.62 0.01* 

aromatic C (% DOC) -0.073 0.47 0.75 0.003* 

 SUVA 280 (L mg-C-1 m-1) -0.52 0.97 0.52 0.02* 

total aliphatic I+II (%DOC) 0.060 -4.3 0.74 0.003* 

 H (wt %) 1.0 -5.5 0.36 0.10 

molecular wt -0.001 0.22 0.69 0.006* 

 aromatic C (% DOC) -0.055 0.86 0.27 0.20 

aliphatic I (% DOC) 0.052 -3.3 0.61 0.02* 

 carboxyl (% DOC) 0.29 -5.6 0.27 0.19 

acetal (% DOC) -0.23 -0.13 0.50 0.03* 

 carbonyl (% DOC) -0.24 0.39 0.24 0.22 

H (wt %) 0.82 -5.4 0.32 0.07  total aliphatic I+II (%DOC) 0.043 -2.6 0.24 0.22 

carbonyl (% DOC) -0.21 -0.52 0.28 0.17  aliphatic II (% DOC) 0.24 -3.3 0.22 0.24 

carboxyl (% DOC) 0.24 -5.5 0.29 0.17  O/C molar ratio       -8.7       3.9 0.22 0.21 

aliphatic II (% DOC) 0.12 -2.7 0.09 0.54  O (wt %) -0.14 4.4 0.19 0.28 

O (wt %) -0.073 1.3 0.08 0.49  aliphatic I (% DOC) 0.033 -1.7 0.15 0.34 

reduced S (µmol mg-C-1) -3.2 -0.97 0.06 0.51  acetal (% DOC) -0.13 0.22 0.10 0.43 

O/C molar ratio -3.9 0.63 0.06 0.48  C (wt %) 0.20 -11.5 0.10 0.39 

N (wt %) 0.10 -1.6 0.04 0.58  reduced S (µmol mg-C-1) 1.9 -0.62 0.01 0.82 

S (wt %) 0.030 -1.4 0.00 0.85  N (wt %) 0.009 -0.56 0.00 0.98 

C (wt %) -0.00025 -1.4 0.00 0.97  S (wt %) -0.013 -0.53 0.00 0.83 
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relative to the NOM-free control), the NOM parameters producing the best correlation 

were SUVA280 (R2 =0.76, p =0.002) and aromatic carbon (R2 =0.75, p = 0.003) (Figure 3.5, 

Table 3.2).  SUVA280 is an indicator of aromatic carbon content [155, 158], and 

aggregation rates decreased as both of these parameters increased (Figure 3.5). Rates 

also increased with increasing total aliphatic carbon (R2 = 0.74, p = 0.003), an expected 

result since a decrease in aromatic carbon in NOM should lead to an increase in aliphatic 

carbon.  

For mixtures with greater NOM and ionic strength (3 mg-C/L NOM in 0.1 M 

NaNO3), molecular weight was the parameter providing the best correlation with 

growth rates (R2 = 0.62, p = 0.01, Table 3.2).  Overall, for the various mixtures tested in 

this study (DOC 1, 3, and 5 mg-C/L; 0.05 or 0.1 M ionic strength), molecular weight and 

SUVA280 were two parameters that consistently ranked in the top four (sorted by R2 

value) for all NOM parameters tested in the correlations (Table 3.2 and Appendix B, 

Tables B3 and B4).  

Parameters that are associated with NOM charge density (carboxyl carbon 

content, oxygen:carbon ratio) did not demonstrate good correlations with the observed 

growth rates (Figure 3.5, Table 3.2, Appendix B Tables B3 and B4). Moreover, no or weak 

correlations were observed with the reduced sulfur content and carboxylate carbon 

content of the NOM (Figure 3.5). These functional groups are capable of binding 

dissolved Zn2+, resulting in decreased saturation index and nucleation rates. These 
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functional groups are also capable of sorbing to the surface of ZnS clusters and 

nanoparticles. However, in our experiments, equilibration time between Zn and NOM 

(less than 5 min) was probably too short to allow for Zn binding by the strong, low 

abundance ligands in NOM [159]. 

While overall growth rates of Zn-S-NOM particles were influenced by repulsive 

forces for aggregation caused by the net negative surface charge, the variations between 

the NOM fractions were explained mostly by properties that influenced steric effects. 

For example, an increase in molecular weight would presumably lead to thicker 

adsorbed layers of NOM on the ZnS particles, particularly if NOM forms loop and tail 

structures then extend away from particle surfaces [145, 146, 149]. The correlations with 

SUVA280 is consistent in that high molecular weight NOM tends to have more aromatic 

carbon over aliphatic carbon moieties [155]. Furthermore, parameters for specific metal 

binding capacity (carboxylate and reduced sulfur) were not important for observed 

differences between the NOM. In our experiments, the Zn and sulfide concentrations 

exceeded the reduced-S content of the NOM by one or two orders of magnitude. As a 

result, thiol complexation of dissolved Zn2+ was not a factor for growth rates. Even the 

weaker, more abundant ligand group (carboxylates) did not appear to correlate with 

observed rates. These results suggested that Zn2+ complexation was not a prominent 

factor for the Zn, S, and NOM concentrations utilized in this study. However for ZnS 

nanoparticles, a small fraction of the total Zn is ‘surface’ atoms. Thus, we cannot rule out 
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the possibility that a subset of the oxygen- and sulfur-containing functional groups 

within the NOM macromolecule (i.e., those associated with aromatic carbon) were 

specifically binding to surface Zn atoms on nanoparticle surfaces. 

3.3.4 Environmental Significance 

Our results highlight the important molecular components of NOM that may be 

responsible for controlling the precipitation and aggregation of ZnS nanoparticles. The 

sorbed NOM layer induced electrosteric repulsive forces that slowed aggregates rates. 

While all of the NOM fractions induced net negative surface potential on the Zn-S-NOM 

particles, macromolecular properties that contribute to electrosteric effects seemed to 

differentiate the NOM isolates. The molecular size and structure of the NOM was likely 

influencing the thickness of the adsorbed layer, and consequently, particle-particle 

interactions during aggregation. Therefore, stabilization and persistence of ZnS 

nanoparticles would be expected not only in organic-rich settings, but also in waters 

containing dissolved NOM of high molecular weight or aromatic content.  

NOM is also capable of complexing Zn (either dissolved ions or atoms on the 

ZnS surface). However, our results indicated that the density of ligand binding groups 

(reduced sulfur and carboxylate) was not a factor for growth rates. Alternatively, 

preferential metal binding could have occurred with ligand groups associated with 

aromatic carbon. However, this work did not differentiate between functional groups 

associated with aromatic or aliphatic carbon.  



 

 75  

Overall, the results of this study provide insight towards the types of 

environments that allow for ZnS nanoparticles to persist in the natural environment. 

This information also provides clues to the behavior of manufactured nanoparticles 

released in aquatic settings with different types of dissolved organic carbon. The 

application of DLS in this study limited the interpretation of this research to aggregation 

processes during ZnS precipitation. Further studies could investigate how NOM alters 

the early stages of precipitation including polynuclear cluster formation.  
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Chapter 4. Legacy source of mercury to urban stream-wetland 
ecosystem in central North Carolina 

 

4.1 Introduction 

Urban watershed ecosystems in the U.S. are often impaired by excess 

contaminants from the surrounding landscape, including nutrients, sediment, and 

metals such as mercury (Hg). Mercury that is released to these ecosystems may be 

transformed by anaerobic microorganisms to methylmercury (MeHg) in aquatic 

sediments [6, 7, 34]. MeHg is a neurotoxin that accumulates in aquatic food webs, and 

the ingestion of contaminated fish and shellfish can lead to disorders of the central 

nervous system and developmental disabilities in children [3]. Thus, the formation of 

MeHg in urban watersheds that are used for subsistence and recreational purposes is a 

potential threat to human health. 

Sources of mercury to urban watersheds include industrial and municipal point 

sources that are regulated under the Clean Water Act (1972) [28], and non-point sources 

that are more difficult to control, yet are considered to be major contributors to impaired 

waters in the U.S. [28].  

Non-point sources of mercury include landscape runoff and deposition of 

atmospheric mercury. Atmospheric deposition is widely recognized as the major source 

of mercury to urban watersheds, and may account for 50-90% of the total mercury 

loading to inland water bodies [8, 29, 160-162]. However, the mercury loading from 
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landscape runoff is not well documented. Landscape runoff is typically generated in 

large volumes in urban areas due to the high percentage of impervious land cover that 

prevents infiltration to groundwater, and can transport mercury-bearing leachates and 

soil particles to aquatic ecosystems such as wetlands and other anaerobic sediments 

where MeHg production can take place [163-165].  

Sources of mercury to landscape runoff depend on current and historic land 

usage, and may also include atmospheric mercury deposited onto soils and surfaces. 

Soils can contain mercury loadings from historic mercury-related activities, or ‘legacy’ 

sources, such as sites contaminated by acidic drainage from gold and mercury mining in 

California during the 19th and 20th centuries [166-168] and soils contaminated by mercury 

use in lithium isotope separation at the Oak Ridge Y-12 Facility, Tennessee during the 

20th century [169]. Another possible source of legacy mercury to soils that has not been 

well documented is from products such as fertilizers and pesticides which contained 

mercury compounds during the 20th century [85, 170, 171]. Mercury compounds were 

widely used as anti-fungal agents in turf products, and soils historically used for 

agricultural and recreational purposes (e.g., golf courses, farms) may have been exposed 

to these compounds for several decades.   

Mercury compounds were identified as effective fungicides as early as 1891 [75]. 

Inorganic Hg(II) compounds, such as mercuric chloride, and organomercury 

compounds, such as phenylmercury, methylmercury and ethylmercury compounds, 
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were used widely as fungicides in products such as fertilizers, pesticides, seed 

preservatives, and paints [6, 76]. According to the U.S. Bureau of Mines, approximately 

5000 metric tons of mercury were used in agriculture and 7200 metric tons were used in 

paints in the United States from 1941 to 1990 [84]. Mercury was phased out of these 

products from 1970 to 1995 due to human health concerns [7, 74, 172-174]. 

Few studies have examined the occurrence and transformations of mercury 

fungicides in soils and aquatic ecosystems, and organomercury species in particular 

have not been well studied.  Phenylmercury and ethylmercury have been detected in 

plantation soils in Japan [175], and phenylmercury, methoxyethylmercury and 

ethylmercury have been shown to occur at levels up to 180 µg/g in soils and sediments 

near former chlor-alkali facilities and a fungicide warehouse in Germany [77]. After 

application to soil, a large fraction of mercury fungicides is capable of converting to 

other forms of mercury over a two to three month period [86, 176]. The transformations 

include production of volatile Hg(0) by abiotic and biologically-mediated processes. 

However, most of the mercury fungicide is expected to persist in soils due to sorption or 

retention by soil organic matter, clays and mineral colloids [25-28]. Previous studies 

have documented total mercury concentrations  ranging from 125 to 197 µg/g in the soil 

of golf courses to which mercury fungicide compounds were applied for several years 

[85].  
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While contamination from historical use of mercury fungicide compounds has 

been shown in certain settings, the potential for this mercury to convert to 

methylmercury and accumulate in aquatic food webs is not well studied. In one study of 

golf course lakes, the authors found elevated mercury levels in fish (0.1-1.7 µg/g), and 

suggested that mercury-containing fungicides that were applied to golf course greens 

could eventually accumulate in the aquatic food chain as MeHg [177].  

In this study, we documented the contamination of mercury in landscape runoff 

from turf grasses and developed landscaping from a section of the Duke University 

campus. This runoff drains into the Upper Sandy Creek, an urban stream that forms the 

headwaters of the Cape Fear River Basin in which mercury accumulation in fish is a 

concern. Our results demonstrated that the source of mercury was turf grasses in the 

catchment area, likely caused by historical application of mercury fungicide compounds.  

Runoff from this soil feeds directly into a constructed riparian ecosystem that was 

designed for nutrient and sediment removal but also provides anaerobic sediment 

conditions suitable for MeHg production. Although we observed relatively high levels 

of mercury and MeHg in wetland sediments immediately downstream of the runoff, 

total mercury and MeHg were significantly diluted at downstream locations where 

bioaccumulation in fish would be a concern. 
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4.2 Materials and Methods 

4.2.1 Study site 

Sandy Creek is a stream located in the Cape Fear River Basin (North Carolina, 

U.S.A.) that contributes to the headwaters of a drinking water reservoir and recreational 

area. Urban activity resulting in altered stormwater delivery, erosion and altered stream 

channels has led to inadequate hydrologic functioning of Sandy Creek, seriously 

limiting its capacity for treating nutrients and sediment load [178]. Consequently, Sandy 

Creek is impaired due to high nitrogen, phosphorous, coliform bacteria and sediment 

loads.  

The Sandy Creek watershed drains part of the Duke University campus 

(Durham, NC) (Figure 4.1). The focus of our study is a stream tributary to Sandy Creek 

that continually receives campus runoff from a catchment that includes buildings, 

landscaping and athletic fields. The runoff is collected by an underground stormwater 

drainage system and is discharged via an outfall pipe into a tributary of Sandy Creek. 

The discharge from this outfall pipe contains concentrations of nitrogen and phosphorus 

exceeding water quality criteria [178].  

To improve the water quality of Sandy Creek, Duke University established the 

Stream and Wetland Assessment Management Park (SWAMP). This restoration project 

included constructing a surface flow wetland bioretention pond area to treat excess 

nutrients in the campus runoff, re-contouring the main stem of the Sandy Creek stream 

bed, and constructing a dam and reservoir for stormwater retention. These measures 
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were implemented to restore hydrologic function, to allow natural biogeochemical and 

sedimentation processes to occur, and to dampen large storm event flows downstream 

[178].  

4.2.2 Field sampling 

Twelve sampling locations were selected along the underground stormwater 

drainage system on campus (Sites M1 to M4), and the tributary and main stem of Sandy 

Creek (Sites C1 to C5, S1 to S3) (Figure 4.1). Water, soil, and sediment were sampled 

from September 2006 to August 2009 under baseline flow conditions (defined as two or 

more days without rainfall preceding the sampling event). At sites M1 to M4, water was 

collected from the underground campus stormwater system via manhole access points, 

and soil was collected from above ground within a 1 m radius of the manhole cover. At 

Site M2 soil was obtained approximately 5-10 m from the manhole. Soil samples were 

collected from the top 3-5 cm of soil beneath the grass. Sites C1, C2, C3, C4 and C5 were 

located in the open channel, continuously flowing stream tributary while S1, S2 and S3 

were located along the main stem of Sandy Creek (Figure 4.1).  Surface water and 

sediment samples (approximately the top 3-5 cm of surface sediment) were collected at 

these locations near the banks of the stream.  

Water samples for total mercury and MeHg analysis (triplicate) were collected in 

acid cleaned borosilicate and fluoropolymer bottles. Soil and sediment samples 

(triplicate) were collected in polypropylene centrifuge tubes. Aliquots of water samples 
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were filtered within 4 hr of sampling using 0.45 µm disposable vacuum filtration units 

(Fisher Scientific). All water, sediment and soil samples were stored at 4°C until 

analysis.  

4.2.3 Water and soil analyses.  

Total mercury and total filterable mercury were quantified in water samples by 

stannous chloride reduction, gold amalgamation and cold vapor atomic fluorescence 

spectrometry [179-182]. Total MeHg was quantified using distillation, aqueous 

ethylation, GC pyrolysis and cold vapor atomic fluorescence spectrometry [183-185]. 

Additional aliquots of filtered and acidified water samples were analyzed for major 

cations (Fe, Mn, Mg, Ca, K, Na) by inductively coupled plasma-optical emission 

spectroscopy (Prism ICP, Teledyne Leeman) and trace elements (Ba, Ag, Zn, As, Pb, Cu, 

Ni, Co, Se, Cd, B, Cr, Be, Li, Al, Th, U, Sb, Mo, Sr, Rb, V) by inductively coupled mass 

spectrometry (Plasmaquad 3, VG Elemental). Bromide, chloride and sulfate were 

quantified by ion chromatography (ICS-2000, Dionex). Dissolved organic carbon (DOC) 

was quantified in filtered water by combustion to CO2 followed by infrared 

spectroscopy (TOC-5050A, Shimadzu). Specific conductivity was quantified in  situ 

using the YSI 556 Multi Probe System (YSI Environmental). In unfiltered water samples, 

total nitrogen, total phosphorous and total suspended solids was quantified by standard 

methods (Standard Methods 2510 B, 4500 P E, and 2540 B) [186]. 
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In soil and sediment samples, total mercury was quantified by thermal 

decomposition, amalgamation and atomic absorption spectrometry (DMA 80, Milestone) 

[11].  Total MeHg was quantified using acid-dichloromethane leaching and aqueous 

back extraction, followed by ethylation, GC pyrolysis and cold vapor atomic absorption 

spectrometry [187]. Phenylmercury was measured by acid-dichloromethane leaching, 

aqueous phase extraction, and high pressure liquid chromatography coupled with 

atomic fluorescence spectrometry [188]. Details of the sediment methylmercury and 

phenylmercury methods are included in Appendix C. 

Acid volatile sulfide (AVS) was measured using acid leaching, volatilization of 

H2S and subsequent trapping in NaOH, followed by colorimetric detection of sulfide by 

the Cline method [189, 190]. During handling of the sediment samples, some loss of 

sulfide occurred as the samples were collected and stored under oxic conditions, and so 

the AVS data is only semi-quantitative.  

4.3 Results 

4.3.1 Total mercury in water, soil and sediment 

Our results indicated that the drainage water from turf grasses of the athletic 

field was contributing to relatively high mercury concentrations in the runoff and 

depositing mercury-containing particles in the stream sediment that receive this 

drainage. Total mercury concentrations in water varied between site locations (Figure 

4.2a). At the furthest upstream sites, M1, S1 and S2, mercury concentrations in water  
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Figure 4.1: Sandy Creek study site and sampling locations. Blue lines denote the main 
stem of Sandy Creek and tributaries. Red lines denote underground campus 
stormwater pipes. Sites labeled as “M” denote below-ground water collected from 
manhole access point of the campus stormwater system and soil from above ground 
collected near the manhole. Sites labeled with “C” refer to the open channel tributary 
that receives drainage from the campus stormwater network. Sites labeled with “S” 
are along the main stem of Sandy Creek. The numbers next to the site IDs denote 
stream distance relative to the furthest upstream site, M1. 
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were below the State of North Carolina surface water quality guideline for total mercury 

(12 ng/L) [5]. Average mercury concentrations increased by two orders of magnitude 

from M1 to M3, peaked at M3, and then decreased with increasing downstream distance 

to 2 to 14 ng/L at S3, the furthest downstream sampling location. Mercury 

concentrations were consistently above the State of North Carolina water quality 

guideline from site M3 until S3, with concentrations as high as 450 ng/L. At the manhole 

sites with the most contaminated water (M3), most of the mercury was in the particulate 

form (Figure 4.2b), and a small fraction (less than 23%) was quantified in the filtered 

fraction. 

Total mercury concentrations in water also varied with respect to time over the 

sampling period, with no seasonal or monthly trend. These fluctuations were most likely 

due to seasonal variations in rainfall, runoff and irrigation of landscaping and athletic 

fields.  

Mercury concentrations in soil and sediment samples followed a similar trend 

(Figure 4.3). Soil concentrations at M1 were within the range of mercury concentrations 

in stream sediments and soil samples collected from agricultural, suburban and urban 

areas in the Upper Cape Fear River Basin, NC: 0.04 ± 0.02 µg/g (dw) (n=151) [45]. At 

sampling sites downstream of this point (M3, M4), soil mercury concentrations were 

greater by one to two orders of magnitude (average: 1.1 µg/g (dw), range: 0.3 to 2.8 µg/g 

(dw)). In sediments of the open channel tributary that received drainage from these soils  
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(a) 

 
(b) 

 
 

Figure 4.2: Total mercury concentrations in water (a) at sites sampled from June 2007 
to August 2009. Data are plotted as distance from Site M1. Data shown are averages of 
triplicate samples; (b) Particulate and dissolved fractions of dissolved mercury in 
water collected at M3. Error bars represent 1 s.d. from the mean total mercury 
concentration.  
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Figure 4.3: Total mercury concentrations in soil and sediment samples. Soil samples 
were obtained near manhole sites and sediment samples were obatined from the open 
channel tributary and the main stem of Sandy Creek from June 2007 to August 2009. 
Data are plotted as distance from site M1.  

 

(C1, C2, etc.), sediment mercury concentrations decreased with distance downstream of 

the outfall.   

4.3.2 Methylmercury in water, soil and sediment 

Methylmercury concentrations in water collected at manholes M1 to M4 varied 

between locations and with time (Figure 4.4). At the furthest upstream location (M1), 

methylmercury concentrations ranged from <0.08 to 2.9 ng/L. Downstream of M1, 

concentrations decreased at M2 (0.3 to 0.7 ng/L), increased at M3 (0.8 to 15.6 ng/L) and 

then decreased again at M4 (0.4 to 1.8 ng/L).  Methylmercury concentrations in the open 
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channel tributary (C1 to C5) were similar and ranged from 0.1 to 1.6 ng/L. At the furthest 

downstream site (S3), methylmercury concentrations decreased to 0.4 to 0.7 ng/L. 

In the soil locations with the largest total mercury content, methylmercury 

concentrations were also large relative to other soils. At the athletic field sites M3 and 

M4, methylmercury concentration ranged from 0.5 to 3.0 ng/g (dw) as Hg (Figure 4.5). 

Of the open channel and Sandy Creek sites that received drainage from this area, 

sediments from site C2 were observed to contain the largest methylmercury content 

(from 2.0 to 0.5 ng/g (dw). Methylmercury concentration in sediments decreased with 

distance downstream of this area.  

 

Figure 4.4: Methylmercury concentrations in water. Water samples were collected 
from manholes and surface water samples from September 2008 to August 2009. Data 
are plotted as distance from Site M1. Data points shown are averages of triplicate 
samples.  
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Figure 4.5: Methylmercury concentrations in soil and sediment samples. Samples 
were collected from September 2008 to August 2009. Data are plotted as distance from 
Site M1. Data points shown are averages of triplicate samples.  

 

Microbial methylmercury production primarily occurs in anaerobic aquatic 

sediments and is influenced by factors such as bioavailable mercury concentration, 

sulfate, sulfide, and DOC [191]. Sulfate and DOC were detected in water samples at all 

sites (Appendix C Table C2). AVS measurements was low or not detectable ( ≤ 0.01 

µmol/g (dw)) in soil samples at sites M1, M2, M3 and M4. AVS was detected at higher 

concentrations (≥ 0.1 µmol/g (dw)) in stream sediment samples from sites C1 to C5 and 

S3, and were highest at sites C2, C3 and C4 (0.2-1.0 µmol/g (dw)) (Appendix C Table 

C2). The fraction of total mercury present as methylmercury (% as MeHg), a measure of 
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mercury methylation potential, was also highest at sites C2, C3 and C4 and peaked at C2 

(range: 0.3 to 11.9 %) (Table 4.1). 

Table 4.1: % as MeHg in soil and sediment samples. 

 

 

4.3.4 Phenylmercury in soil and sediment 

 

Figure 4.6: Phenylmercury concentrations in selected soil and sediment samples. Data 
are plotted as distance from Site M1. Concentrations were highest at sites M3 and M4. 
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Selected soil and sediment samples (M1, M3, M4 and S3) were analyzed for 

phenylmercury (Figure 4.6). Phenylmercury was detected in all analyzed samples, and 

concentrations were highest at sites M3 and M4 which were located on the athletic field 

[192]. At these sites, approximately 0.1 to 2.6 % of the total mercury was present as 

phenylmercury. 

4.3.5 Nitrogen, phosphorus and chloride concentrations in the 
tributary to Sandy Creek 

The outfall pipe discharge (located at site C1) also contained elevated levels of 

nitrogen, phosphorus, and chloride (Figure 4.7). Over the sampling period, total 

nitrogen concentrations in surface water at site C2 ranged from 2.1 to 11.4 mg/L while 

total phosphorus concentrations ranged from 522 to 1145 mg/L [178]. Both nitrogen and 

phosphorus concentrations were orders of magnitude above the U.S. EPA reference 

conditions applicable to Sandy Creek: 0.62 mg/L for total nitrogen and 30 µg/L for total 

phosphorus [16]. Chloride concentrations ranged from 42.7 to 67.6 mg/L. The observed 

N and P concentrations were most likely due to runoff from fertilizers applied to 

landscaping and athletic fields. High chloride concentrations in the water at the outfall 

pipe (site C1) could be caused by several factors such as leaching from upstream soils 

and the use of chlorinated water to irrigate this soil. Water collected from the manhole 

access points also consisted of chlorinated cooling water from air conditioning systems. 

Furthermore, chlorine was actively added to this drainage water to prevent the 

development of eutrophic conditions immediately downstream [178]. The surface flow 
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wetland located between sites C3 and C4 were constructed specifically to reduce the 

nutrient loading from campus runoff to Sandy Creek, and concentrations of nitrogen, 

phosphorus, and chloride decrease with increasing downstream distance.  

 

 

Figure 4.7: Phosphorous, nitrogen and chloride concentrations in surface water. Data 
shown for August 2009: unfiltered total phosphorous (TP), unfiltered total nitrogen 
(TN), and chloride (Cl-). Data are plotted as distance from Site M1. 

 

4.4 Discussion 

4.4.1 Source of mercury to athletic field soils 

Our results demonstrated the soils of the athletic field near sites M3 and M4 were 

a source of mercury contamination to the water and sediments downstream. Two 

possible sources of mercury to the campus catchment were atmospheric mercury 

deposition and the application of mercury fungicide compounds to turf grass on the 

athletic fields and the surrounding lanscaping.  
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Approximately 77 to 97% of the total mercury measured in drainage water from 

manhole site M3 was in the >0.45µm fraction (Figure 4.2b), indicating that the majority 

of total mercury was associated with particulate material such as soil particles. The 

phenylmercury detected in soil at sites M1, M3 and M4 suggests that the mercury 

contamination could be due to the historic application of mercury fungicide compounds 

to the athletic field and landscaping. Phenylmercury has not been identified as a 

mercury species typically present in atmospheric deposition, and has only been detected 

in agricultural soil or in areas known to be contaminated by mercury fungicide 

compounds [77, 175]. The methylmercury detected in soil at sites M3 and M4 could also 

be due to the application of methylmercury fungicide compounds; however, 

methylmercury has been detected in atmospheric wet deposition (approximately 0.5 to 

2.5 % of total mercury) [18], and so atmospheric deposition is also a possible source of 

methylmercury to the soil in the catchment.  

The soil in this area may have been exposed to mercury fungicide compounds in 

products such as fertilizer, seed preservatives pesticides and paint during the 20th 

century. Products containing mercury fungicide compounds were utilized in the United 

States from as early as the 1940s [84] and were commercially available until 1995 [7]. 

Since the completion of the Duke athletic fields in 1929 [10, 193], the grass sod has not 

been replaced. Products containing mercury fungicide compounds were used in the 

United States to control turf grass diseases [75]. Thus, the present-day soil and sediment 
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contamination of the study site is most likely a legacy of mercury-based pesticides and 

seed preservatives applied to turf grasses in previous decades.  

Several studies have determined that mercury fungicide compounds can persist 

in soils due to retention by soil organic matter, clays and mineral colloids [87, 194]. In a 

laboratory based simulation with treated soils, 68 to 94 % of phenylmercury, 

ethylmercury and methylmercury were retained in the soil, either as the original 

compound or as uncharacterized mercury degradation products 30 to 50 days after 

application [86, 176]. In another investigation, organomercury compounds were 

detected in contaminated soils near a mercury fungicide production plant and storage 

warehouse in Germany 10 to 15 years after these facilities were no longer used. While 

fungicides that are applied to turf grasses are capable of degrading too inorganic 

mercury, the overall mercury content remains elevated due to retention of inorganic and 

organomercury in the soil matrix (e.g., through sorption to organic carbon and mineral 

particles) [85]. At the soil sites with the largest total mercury concentration, a small 

fraction of this mercury was in the form of phenylmercury. Thus, if the source of 

mercury was an organomercurial fungicide, then most of this mercury degraded to the 

inorganic form.  

4.4.2 Contribution of contaminated soils to total mercury in the 
campus catchment 

Our field observations suggest that the soils from the athletic fields were the 

major source of mercury to the landscape runoff due to large concentrations of mercury 
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in the soils relative to soils obtained from site M1. The area of the contaminated field 

(0.029 km2) was a small portion of the entire catchment are for this drinage network (0.23 

km2). Approximately 90% of the soils in this catchment area contained a mercury 

“background” that could be derived from various sources including native geology and 

atmospheric deposition. To assess the relative importance of the contaminated field for 

the overall mercury content of the catchment area, we calculated the total mass of 

mercury in the catchment soils using the following equations:   

 

 

where Hgbackground is the mass of mercury derived from the soil in this catchment 

containing “backgrond” mercury, Hgturf grass is the mass of mercury derived from the turf 

grass in this catchment (which we suspect is due to the historical application of mercury 

fungicides), HgM1, M2 is the average mercury concentration in soil at sites M1 and M2 

upstream of the contaminated field (assumed to represent the “background” mercury in 

this catchment), HgM3,M4 is the average mercury concentration in the contaminated turf 

grass soil, AT is the area of the total catchment for sites M1 to M4, AF is the area of the 

subcatchment which drains to sites M3 and M4, d is soil depth and ρ is soil density.  Soil 

density was assumed to be uniform throughout the catchment, and soil depth was 

assumed to equal the depth of the soil layer sampled for total mercury analysis (top 3 to 
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5 cm). Based on these calculations, contaminated soil from the athletic fields accounted 

for 74 % of the total mercury mass in the campus catchment. 

4.4.3 Fate of mercury in the restored stream-wetland 

After the outfall pipe at site C1, total mercury concentrations in both water and 

sediment decreased with downstream distance in the stream-wetland. Bromide surface 

water concentrations were used in this study as a conservative tracer to assess mixing in 

the stream-wetland and dilution effects on dissolved ions (for example, when the open 

channel tributary converges with the main stem of Sandy Creek). The total solids 

concentration was also used to assess dilution and sedimentation of particulate material. 

Bromide and total solids concentrations in surface water decreased with downstream 

distance from site C2 to site S3 (Figure 4.7). This suggested that the observed decrease in  
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Figure 4.8: Bromide and total solids concentrations in surface water samples from the 
stream-wetland in August 2009. Observed decreases in total mercury may be due to 
dilution effects and sedimentation processes. 
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mercury concentrations may be attributed to dilution and the enhanced sedimentation 

processes within the stream-wetland. 

Sites in the open channel tributary where methylmercury concentrations and 

MeHg% were highest (sites C2 to C4), were also locations where AVS concentrations 

were highest. This suggested that methylmercury concentration was related to increased 

sulfide concentration in sediments. A possible source of sulfide in stream sediments is 

sulfate reducing bacteria, which convert sulfate to sulfide in their respiratory pathway. 

Sulfate reducing bacteria are primary mercury methylators in anaerobic aquatic 

sediments [6, 34]. Furthermore, sulfate, organic carbon and mercury were also measured 

in these sediments, and are known substrates for microbial mercury methylation. Thus, 

these results suggested that mercury fungicide compounds may provide a source of 

mercury that can be methylated by reducing bacteria under certain biogeochemical 

conditions. 

The bioavailability of mercury fungicide compounds, the organomercury species 

in particular, to methylating bacteria is unknown. However, there is evidence in the 

literature that organomercury compounds may be transformed to other mercury species 

via the biogeochemical mercury cycle [44, 86, 176, 195]. For example, Tonomura et al. 

(1968) determined that phenylmercury acetate could be biologically transformed to 

Hg(0) via bacteria isolated from mercury-contaminated soil [195] and Chien et al. (2010) 
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determined that ethyl- and methylmercury compounds could be degraded to Hg(0) via 

the mer operon in bacteria [44]. The Hg(0) produced via these reactions may in turn be 

reduced to Hg(II) species through biologically mediated reduction [15], and may 

eventually be transformed to mercury that is bioavailable to reducing bacteria for 

conversion to methylmercury. 

4.5 Conclusion 

Landscape runoff draining from a Duke University catchment was identified as a 

source of mercury to an urban stream-wetland. Approximately 74 % of the total mass of 

mercury in this catchment was due to contaminated turf grass on the athletic fields.  

Organomercury compounds were detected in the soil of the athletic fields, suggesting 

that the source of mercury to the landscape runoff was the historic application of 

mercury compounds that were used as fungicides in turf grass products, such as 

pesticides and seed preservatives, during the 20th century. Our results suggested that 

these compounds and their degradation products can leach from contaminated soils 

through landscape runoff, and eventually enter aquatic systems where they can be 

transformed into methylmercury.   

This legacy source of mercury may account for a larger fraction of the total 

mercury loading to watersheds than typically assumed, particularly if large areas of 

these watersheds were historically used for agricultural or recreational purposes, and 

should be considered in watershed modeling.  
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Non-point source mercury from landscape runoff is not currently regulated or 

strictly monitored under the Clean Water Act (1972). Re-visiting current mercury 

environmental monitoring policies and regulations may be warranted to adequately 

address the issue of legacy mercury sources from landscape runoff, and to minimize the 

potential risk to human health from methylmercury exposure. 
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Chapter 5. Environmental impact of the Tennessee Valley 
Authority Kingston coal ash spill: mercury and methylmercury in 
surface water and sediment 

 

5.1 Introduction 

Mercury is a toxic trace element with a complex biogeochemical cycle. Under 

certain biogeochemical conditions, mercury can be transformed into methylmercury, a 

bioaccumulative neurotoxin that accumulates in the aquatic food web. Exposure to 

methylmercury can result in an increased risk of developmental disabilities and 

disorders of the central nervous system in humans [3]. In inland and coastal regions, 

mercury methylation primarily occurs in the anaerobic zones of aquatic sediments, 

where sulfate and iron reducing bacteria are able to methylate mercury [6, 7, 9, 34]. 

Methylmercury contamination is widespread in the United States, and there are 3080 

mercury-related fish advisories across 48 states currently posted by the U.S. 

Environmental Protection Agency [2].  

Widely recognized sources of mercury to aquatic systems include atmospheric 

deposition and municipal and industrial discharges. Additional sources that are of 

increasing concern are coal combustion products such as fly ash, bottom ash and flue 

gas desulfurization products which typically contain toxic contaminants, including 

mercury [88, 96]. In the United States, 130 million tons of coal combustion products are 

produced annually, and approximately 43% is recycled while 57% is disposed of in 
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landfills or surface impoundments [196]. These structures are currently poorly 

monitored or regulated, and leaching and impoundment failures can result in the 

mobilization of coal combustion products and toxic contaminants into aquatic systems 

and potable water sources. Moreover, the production of coal combustion products is 

predicted to increase along with the use of coal over the next few decades, further 

exacerbating the risk and scope of contamination. As such, the fate and transformation 

of coal combustion products and contaminant-bearing leachates in aquatic systems is a 

topic of much concern, and the U.S. EPA is currently re-evaluating legislation pertinent 

to the management of these materials.  

Mercury concentrations ranging from 10-3 to 10 µg/g have been measured in 

bottom ash, fly ash, and flue gas desulfurization products [88, 96, 97, 197] . Speciation 

studies have determined that mercury in coal combustion products is typically bonded 

to sulfur, sulfate, chlorine and carbon as Hg(I) and Hg(II) oxidation states [97-100]. 

Leaching experiments using sequential extraction and protocols such as the Toxicity 

Characteristic Leaching Procedure have determined that total mercury does not leach 

from fly ash or bottom ash into the aqueous phase at quantities above analytical 

instrument detection limits for mercury at the time these experiments were performed 

(0.1 to 0.5 µg/L)  [106-109]. However, the results of these studies may not be 

representative of the fate of mercury associated with coal combustion products in 

ecosystems, as these experiments were not conducted under the complex 
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biogeochemical conditions typically found in the environment. For instance, factors such 

as anaerobic conditions, the presence of natural organic matter and bacterial/biological 

activity prevalent in benthic sediments of rivers and lakes are not taken into account. 

Furthermore, coal combustion products are known to contain organic carbon and sulfate 

which, together with mercury, are factors which influence the bacterial production of 

methylmercury [45]. The influence of mercury associated with coal combustion products 

on methylmercury production in aquatic sediments has not been previously evaluated.  

On December 23, 2008, the failure of a holding pond at the Tennessee Valley 

Authority (TVA) Kingston plant resulted in the release of 4.1 million cubic meters of 

combined fly ash and bottom ash into the adjacent Emory River and Clinch River 

system. Mercury concentrations in the ash were approximately 0.17 µg/g, and exceeded 

the average background mercury concentration of 0.04 to 0.05 µg/g in Tennessee soil [93, 

198]. Prior to the TVA ash spill, the Emory and Clinch River system was historically 

contaminated by ‘legacy’ mercury from the Department of Energy Y-12 facility, located 

along the Clinch River upstream of the TVA Kingston plant [169]. As a result, both TVA 

coal ash and legacy mercury from Y-12 are present in this river system, and poses a 

challenge for assessing the impact of the ash spill and differentiating between mercury 

sources. This ecosystem is also susceptible to methylmercury accumulation in fish, and 

fish consumption advisories for the Emory and Clinch Rivers pre-dating the spill are 

currently in effect [199].  
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In this study, the environmental impact of the coal ash on the river system was 

examined, with a specific focus on surface water and sediment quality with respect to 

mercury. In particular, methylmercury production in sediment that was impacted by the 

coal ash was investigated. We hypothesized that coal ash provided a source of mercury, 

sulfate and organic carbon to river sediments impacted by the ash, resulting in enhanced 

microbial mercury methylation.  

5.2 Materials and Methods 

5.2.1 Study site 

The Tennessee Valley Authority (TVA) Kingston coal-fired power plant is 

located near the point of convergence of the Emory and Clinch Rivers in Roane County, 

TN (Figure 5.1). The shores of the Emory and Clinch Rivers near the TVA Kingston plant 

are residential and the rivers are used for recreational purposes such as swimming and 

fishing. The river system also provides the source of drinking water to the city of 

Kingston. The water treatment plant intake is located after the confluence of the 

Tennessee River and the Clinch River, a few miles downstream of the TVA Kingston 

plant.  

The TVA coal ash was released into the river at about Emory River Mile 2.5 

(ERM2.5) to ERM3. The resulting ash wave and river currents distributed the ash as far 

upstream as ERM6, and along the Clinch River from Clinch River Mile 5 (CRM5) to 

CRM0 [93, 198]. The river channel was filled with up to 9 m of ash. Remediation efforts  
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Figure 5.1: Map of the TVA Kingston Fossil Plant, the Cove, the Emory-Clinch River 
system and sampling sites. ERM and CRM denote Emory River Mile and Clinch River 
Mile markers, respectively. The Emory River flows into the Clinch River which then 
flows into the Tennessee River. Dashed lines indicate the approximate extent of the 
coal ash spill. 
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involved dredging operations to recover the ash from the river channel using hydraulic 

cutterhead dredges and mechanical excavators. Dredging operations commenced in 

March 2009 and continued to July 2010 [198], removing approximately 2.3 million cubic 

meters of ash from the Emory River [200].  

Legacy mercury from the Y-12 facility and the contaminated regions nearby is 

mobilized downstream via the Clinch River to the TVA Kingston plant (located 

approximately 20 km downstream). Thus, in addition to the TVA coal ash, the Clinch 

River provides a source of ‘legacy’ mercury to this study site, resulting in contamination 

throughout the Clinch River and in the Emory River, which is not known to have the 

same extent of historical mercury contamination.  

5.2.2 Field sampling 

Ten site locations were selected along the Emory and Clinch Rivers and were 

sampled approximately every month from August 2009 to August 2010 (Figure 5.1) for 

surface water and sediments. Sites ERM1 to ERM12 were located along the Emory River 

while sites CRM0 to CRM5 were located along the Clinch River. Sites ERM12 and 

CRM5.5 were located along sections of the Emory and Clinch Rivers upstream of the 

coal ash spill. Coal ash was found as far upstream as ERM6 and as far downstream as 

CRM0 and in the Tennessee River.  

 Surface water samples were collected in triplicate for total mercury analysis and 

total methylmercury analysis in acid cleaned borosilicate glass or fluoropolymer bottles. 
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Sediment samples were obtained using a Wildco box corer, and triplicate sediment 

samples were collected in polypropylene jars for acid volatile sulfide, total organic 

carbon, total mercury and total methylmercury analyses. Pore waters were extracted 

immediately after sediment collection using Nalgene 0.45 µm disposable vacuum 

filtration units. All samples were preserved onsite and stored at 4oC for 1 to 3 days until 

transport to the laboratory.  

5.2.2 Water and sediment analyses 

Total mercury concentration in water was quantified using stannous chloride 

reduction, gold amalgamation and cold vapor atomic fluorescence spectrometry [179-

181], while total methylmercury in water was quantified using distillation, aqueous 

ethylation, GC pyrolysis and cold vapor atomic fluorescence spectrometry [183-185].  

In sediment samples, total mercury was quantified by thermal decomposition, 

amalgamation and atomic absorption spectrometry (DMA 80, Milestone) [11]. Total 

methylmercury was quantified using acid-dichloromethane leaching and aqueous back 

extraction, followed by ethylation, GC pyrolysis and cold vapor atomic absorption 

spectrometry [187]. Total organic carbon was quantified by combustion at 950oC 

followed by infrared detection [201]. Acid volatile sulfide (AVS) was quantified in whole 

sediment samples using acid leaching, volatilization of H2S and subsequent trapping in 

NaOH, followed by colorimetric detection of sulfide by the Cline method [190, 202]. 

During handling of the sediment samples, some loss of sulfide and oxidation of the pore 
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water could have occurred as the samples were transferred to containers on-deck under 

oxic conditions. Thus, the AVS data is only qualitative.  

Pore water samples were analyzed for trace element concentrations such as 

arsenic and boron by inductively coupled plasma mass spectrometry (Plasmaquad 3, VG 

Elemental), and were also analyzed for sulfate by ion chromatography.  

5.2.3 Mercury isotope measurements 

Mercury isotope fractionation in selected sediment samples was quantified by 

our collaborator Dr. Thomas M. Johnson, Department of Geology, University of Illinois 

Urbana-Champaign.  This isotope data was used to determine if the various possible 

sources of mercury (e.g., coal ash, Y-12 legacy mercury) exhibit unique isotopic 

signatures that could help differentiate sources of mercury in the Emory and Clinch 

River sediments. Mercury isotopes were quantified with a multi-collector inductively-

coupled plasma mass spectrometer (Nu Plasma HR multicollector ICP-MS). Total 

mercury was recovered from sediments samples using a closed-vessel aqua regia 

digestion (85°C overnight) and was introduced via on-line continuous flow vapor 

generation with stannous chloride as the reductant. Corrections were made for HgH+ at 

masses 199, 200, 201 and 202.  Masses 194, 203 and 206 were monitored to ensure that 

interferences from Pt+, TlH+ and Pb+ were negligible. Correction for instrumental mass 

bias was performed using the double isotope spike technique; a spike solution 

containing 196Hg and 204Hg in a known ratio was added to all samples and standards, 
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and the measured 196Hg/204Hg ratio was used to determine and correct for mass bias and 

isotopic fractionation that could occur during sample preparation and vapor generation.  

Mass dependent fractionation (δ202) with respect to NIST SRM 3133 were quantified 

using the equations outlined by Bergquist and Blum (2009) [203].  

Briefly, mercury exhibits both mass dependent fractionation (MDF) and mass 

independent fractionation (MIF). MDF is reported using delta notation, δ, which is the 

per mil (‰) deviation from a reference material (NIST SRM 3133).  

ΔxxxHg = ([(xxxHg/198Hg)unknown / (xxxHg/198Hg)SRM3133] -1) * 1000, 

where xxx is the mass of mercury isotope between 199Hg and 204Hg. MDF is typically 

reported using δ202 Hg [203]. 

MIF is reported using upper-case delta notation, Δ, which is the deviation of the 

measured isotope ratio from the theoretical ratio predicted by MDF. δ202Hg is used to 

predict theoretical values of δ199Hg, δ200Hg, δ201Hg and δ204Hg based on kinetic or 

equilibrium mass-dependent fractionation laws.  

ΔxxxHg ≈ δxxxHg – (δ202Hg * βxxx), 

where xxx is the mass of the mercury isotope and βxxx is the kinetic or equilibrium 

fractionation factor for the xxx isotope [203]. 

5.3 Results and Discussion 

Overall, surface water quality was not negatively impacted with respect to 

mercury and methylmercury. However, at certain locations along the Emory and Clinch 
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Rivers that were impacted by coal ash, sediment mercury and methylmercury 

concentrations were elevated compared to upstream sediments. Our mercury isotope 

data suggests that elevated methylmercury concentrations occurred where there was 

mixing of river sediment with ash, and biogeochemical conditions were conducive to 

microbial methylmercury production.  

5.3.2 Surface water 

Total mercury concentrations in surface water samples were below the U.S. EPA 

surface water quality guideline for total mercury in water  for aquatic life (12 ng/L) [204], 

except for two sampling locations along the Clinch River where the mercury 

concentration was approximately 20.3 and 20.5 ng/L in November 2009 and June 2010, 

respectively (Figure 5.2a). Sampling during these two months was conducted after a 

storm event, resulting in high flow and elevated turbidity conditions in the river. Thus, 

resuspended surface sediments may account for the higher mercury concentrations 

measured in the water column.  

Surface water concentrations of methylmercury at all sampling locations were 

generally low, even under high flow conditions (Figure 5.2b). Similar concentration 

ranges were obtained at all locations: <0.08 to 0.9 ng/L in the Emory and Clinch Rivers.  

Both total mercury and methylmercury concentrations varied with respect to 

time over the sampling period, with no apparent seasonal or monthly trend. These 

fluctuations may have been due to a number of factors including varying precipitation  
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(a) 

 
(b) 

 
 

Figure 5.2: Total mercury and methylmercury concentrations in surface water: (a) 
Total mercury (Hg) and (b) methylmercury (MeHg) in the Emory and Clinch Rivers as 
a function of distance from the initial spill site (ERM 2.5 to ERM3) from August 2009 
to August 2010. Data points represent averages of n = 3 samples.  
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and flow rates, and the resuspension of bottom sediments as a result of dredging 

activities.  

5.3.3 Total mercury in sediment 

In the Emory River, mercury concentrations in sediments from sites near the spill 

(ERM1, ERM2, ERM3 and ERM4) were 0.10 ± 0.03 µg/g, slightly less than the mercury 

concentration measured in the ash, 0.14 ± 0.004 µg/g (Figure 5.3a). This concentration is 

greater than mercury concentrations in sediment at ERM12 (0.03 ± 0.02 µg/g), several 

miles upstream of the ash spill. These results indicated that the coal ash increased the 

average mercury concentration in Emory River sediments, accounting for approximately 

64% of the total mercury at ERM1 to ERM4, and increasing the mercury concentration 

by a factor of 3 to 4 compared to the upstream site. 

In the Clinch River, sediment mercury concentrations at sites impacted by the 

ash spill (CRM4, CRM2 and CRM0) were 0.83 ± 0.36 µg/g and were not significantly 

different from mercury concentrations in sediments at upstream site CRM5.5, 1.08 ± 0.14 

µg/g. Mercury concentrations at sites CRM4 and CRM0 (0.55 ± 0.19 µg/g) were generally 

lower than mercury concentrations in sediments at sites CRM2 and CRM1 (1.17 ± 0.17 

µg/g).  Mercury concentrations also varied with respect to time, with no apparent 

seasonal or monthly trend. Overall, sediment mercury concentrations in the Clinch were 

higher than in the Emory River, due to legacy mercury contamination that was 

mobilized from the Y-12 facility at Oak Ridge (Figure 5.3a) [199, 205]. 
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Figure 5.3: Total mercury and methylmercury concentrations in sediments: (a) Total 
mercury and (b) methylmercury in sediments along the Emory and Clinch Rivers over 
the sampling period August 2009 to August 2010. Methylmercury concentrations were 
lower during the winter months (December to March) than in the spring, summer and 
fall (April to November). Data points represent averages of n = 3 samples. 
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5.3.4 Total methylmercury in sediment 

Both the methylmercury concentration (Figure 5.3b) and the percentage of total 

mercury present as methylmercury (% as MeHg) in sediments (Figure 5.4) varied 

temporally and spatially. With respect to time, a seasonal trend was observed: 

methylmercury concentration and the % as MeHg values were generally lower during 

the winter months (December to March) and higher during the spring, summer and fall 

months (April to November) of the sampling period. A similar trend has been observed 

in previous studies [8, 46]. Factors such as lower temperature, differences in nutrient 

loading and senescent vegetation during the winter months are thought to lower 

bacterial activity, resulting in lower methylmercury production [8, 46, 206, 207]. 

During the spring and summer of the sampling period, methylmercury 

concentrations in the Emory River were two times greater at sites ERM4 and ERM1 

compared to the upstream ERM12 site. In the Clinch River, a similar trend was 

observed, with concentrations at locations CRM4 and CRM0 two times greater than 

upstream sediments during the summer months.  

Overall, methylmercury was detected in sediments at all locations along the 

Emory and Clinch Rivers, and was a small fraction (up to 3%) of the total mercury 

present (Figure 5.4). This % as MeHg value was within the range observed in freshwater 

sediments of pristine lakes and freshwater reservoirs impacted by sulfate (0 to 12%) [8, 

208, 209]. Overall, % as MeHg in the Emory River was greater than in the Clinch River. 
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In the Emory River at sites near the spill (ERM1, ERM3 and ERM4), % as MeHg values 

were 1.17 ± 0.90% and were similar to values at upstream site ERM12 (1.79 ± .78%). In 

the Clinch River, % as MeHg values in sediments at sites CRM4 and CRM0 (0.57 ± 

0.33%) were greater than the upstream site (0.12 ± 0.08%).  The % as MeHg values were 

used to assess and compare the potential for mercury methylation in the Emory and 

Clinch River sediments. Higher % as MeHg values observed at Emory River locations 

compared to the Clinch suggest that biogeochemical conditions in the Emory were 

different from the Clinch, and may be more conducive to net methylmercury production 

in the Emory [8, 210].  
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Figure 5.4: Fraction of total mercury present as methylmercury in sediments (% as 
MeHg). Sampling period: August 2009 to August 2010. % as MeHg was lower during 
the winter months (December to March) compared to the spring, summer and fall 
months (April to November). Data points represent averages of n = 3 samples. 
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5.3.5 Mercury isotope measurements 

Mercury in the Emory and Clinch River system could be derived from numerous 

sources. Mercury isotope fractionation was quantified to identify possible endmembers 

(coal ash, legacy mercury) that could be used to track the mixing of coal ash and river 

sediments. Three endmembers for mercury isotope fractionation measurements were 

selected: (1) Clinch River sediment collected at CRM5.5 upstream of the spill site; (2) 

Emory River sediment collected at ERM12 upstream of the spill site; and (3) coal ash 

from the holding pond and ash that was deposited into the Cove (Figure 5.1), an area 

that was completely inundated with coal ash after the spill. Isotope measurements were 

conducted for sediment samples collected during spring, summer and fall when 

mercury methylation appeared to be highest. 

δ202Hg values obtained for these endmembers was plotted versus total mercury 

sediment concentration (Figure 5.5). The Clinch River endmember was characterized by 

relatively high δ202Hg (~0 ‰) and high total mercury sediment concentration (~1 µg/g). 

The coal ash endmember was characterized by low δ202Hg (~ -2‰) and intermediate 

total mercury concentration (~ 0.14 µg/g), and the Emory River endmember was 

characterized by intermediate δ202Hg (-1.2‰) and low mercury concentration (~0.03 

µg/g) (Figure 5.5) [211]. 

δ202Hg values and total mercury concentrations for sediments from Emory River 

sites ERM4, ERM3, ERM2 and ERM1 and Clinch River sites CRM4, CRM2, CRM1 and  
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Figure 5.5: Mass dependent fractionation with respect to the 202Hg isotope. Isotopic 
data suggests that there was mixing between native sediment and ash at certain 
locations [211]. Vertical error bars represent the maximum uncertainty associated with 
the isotope measurement while horizontal error bars represent 1 s.d. from the mean 
totalmercury concentration (n = 3). 

 

CRM0 were also plotted to determine regions of mixing between the ash and river 

sediments [211]. Sites ERM4, ERM2 and ERM1 were clustered between the ash and 

Emory endmembers, suggesting that the sediments at these locations contained coal ash 

and sediment from upstream Emory. Sediments from CRM4 and CRM0 were grouped 

between the upstream Clinch endmember and the Emory and coal ash endmembers, 

suggesting that sediments at CRM4 and CRM0 consisted of Clinch native sediment and 

sediment from the Emory that likely contained coal ash and upstream Emory sediment. 

Sediments from CRM2 and CRM1 sediments were clustered close to the Clinch River 
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Figure 5.6: δ202Hg versus methlymercury sediment concentration. Methylmercury 
concentrations were highest at regions where sediment-ash mixing occurred (ERM1 to 
ERM4, CRM0 and CRM4). Mercury isotope data were collected for sediment samples 
(n=1) for the spring, summer and fall months (April to November) [211]. Vertical error 
bars represent the maximum uncertainty associated with the isotope measurement 
while the horizontal error bars represent 1 s.d. from the mean methylmercury 
concentration (n = 3). 

 

endmember, suggesting that sediment at these locations consisted mostly of upstream 

Clinch River sediment. 

The graph of mass dependent fractionation (δ202Hg) versus methylmercury 

sediment concentration (Figure 5.6) follows a v-shaped trend, where locations of 

elevated methylmercury concentrations (ERM4, ERM1, CRM 4 and CRM0) were also 

regions where there was mixing of coal ash and river sediments.  
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5.3.6 Geochemical controls on mercury methylation 

To determine geochemical controls on mercury methylation, linear correlations 

of methylmercury concentration with various parameters were constructed. This list of 

parameters included factors which are known to influence mercury methylation by 

anaerobic bacteria, such as total mercury, total organic carbon, sulfide and sulfate [45]. 

Porewater arsenic and boron concentrations were also included, as they were identified 

as leachable contaminants from the TVA coal ash [93, 103]. As methylmercury 

concentrations were higher during the spring, summer and fall months (April to 

November), only data from these months were used to construct correlations with 

methylmercury. Biogeochemical conditions in the Emory appeared to be different from 

the Clinch, and so separate correlations were constructed for each river.  

In the Emory River locations impacted by the ash (ERM4, ERM3, ERM2 and 

ERM1), methylmercury sediment concentration was positively correlated with AVS (r2= 

0.57) and TOC (r2 = 0.52), and was negatively correlated with sulfate (r2= 0.58) and boron 

(r2= 0.47). No correlation was observed with total mercury or porewater arsenic (Figures 

5.7, D1).  

The increase in methylmercury concentration as AVS increased and the 

corresponding increase in methylmercury as sulfate decreased suggested that increasing 

methylmercury concentration was associated with the extent of sulfate reducing 

microbial processes in the Emory River. This result suggested that microbial mercury 
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methylation occurred in Emory River sediment impacted by ash, as sulfate reducing 

bacteria are the primary methylators of mercury in aquatic sediments and utilize sulfate 

as an electron acceptor in their respiratory pathway, with sulfide as the final product [6, 

34]. In the methylmercury research literature, methylmercury production is 

conventionally thought to be negatively correlated with AVS [48, 49]. However, this 

relationship may not be applicable in the Emory River because porewater sulfate and 

sediment AVS are low, and thus the activity of sulfate reducing bacteria may be limited 

by sulfate.  

The TVA coal ash has been demonstrated to be a source of sulfate and boron [93, 

103]. The similarly negative correlations of methylmercury with sulfate and boron, 

coupled with a positive correlation of sulfate with boron (r2 = 0.44) throughout the 

sampling period (Figure 5.7), suggested that the TVA coal ash may have provided a 

source of sulfate for microbial methylmercury production. Although the coal ash is also 

enriched in arsenic, neither methylmercury nor sulfate was correlated with porewater 

arsenic concentrations. However, porewater arsenic was probably controlled by other 

redox processes, such as reductive dissolution of iron oxides and the subsequent release 

of adsorbed arsenic [103].  

Methylmercury was also positively correlated with TOC, a result that has been 

observed previously (e.g.,  [47]) and is attributed to higher organic carbon resulting in 

higher biological productivity [8]. Coal ash is also known to contain organic carbon 
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[212]. However, in this study, we were unable to differentiate between organic carbon 

associated with coal ash from upstream organic carbon. Thus, is it not clear whether or 

not the ash provided a source of organic carbon for methylating bacteria. 

In the Clinch River, fewer biogeochemical data were collected than for the Emory 

but the data indicated that methylmercury was correlated positively with AVS (r2 = 0.50)  

(a)                                                        (b) 

 
(c) 

 
 

Figure 5.7: Correlations of methylmercury with AVS and sulfate, and sulfate with 
borom: (a) acid volatile sulfide (AVS) and (b) porewater sulfate in the Emory River 
during the spring, summer and fall months of the sampling period (April to 
November); (c) positive correlation of sulfate with boron for Emory River sediments 
for all months of the sampling period. AVS and MeHg data are averages of n = 3 
samples. 

 

but not correlated with any of the following parameters: total mercury, TOC, sulfate, 

porewater arsenic and porewater boron (Figure D2). The influence of biogeochemical 
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conditions on mercury methylation in the Clinch River sediment is not clear. Different 

geochemical conditions in the Clinch compared to the Emory due to contamination from 

Y-12, for example, may result in different biogeochemical controls on mercury 

methylation in Clinch River sediments, and may account for the poorly correlated data. 

Alternatively, the elevated methylmercury concentrations at CRM4 and CRM0 may 

simply be a result of the net accumulation of methylmercury at these locations due to 

transport processes rather than net microbial methylmercury production.  

5.3.7 Environmental Significance 

Our data suggested that the mobilization of coal combustion products into 

aquatic systems resulted in impaired sediment quality by increasing the total mercury 

loading in sediments. The fraction of total mercury present as methylmercury (% as 

MeHg) in Emory and Clinch River sediments was generally within values typical of 

freshwater sediments (up to 3%). The highest % as MeHg values were measured in 

regions where there was mixing of coal ash with river sediments. These regions likely 

provided biogeochemical conditions that were conducive to microbial mercury 

methylation or net accumulation in sediments. Furthermore, in the Emory River, sulfate 

reduction appeared to control mercury methylation, and porewater data suggested that 

the TVA coal ash may have stimulated microbial methylation.  

Additional factors such as the concentration of bioavailable mercury and organic 

carbon may have limited mercury methylation in the Emory. Thus, sulfate-rich coal ash 
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or coal ash leachates that enter aquatic systems may stimulate microbial mercury 

methylation to a greater extent compared to the Emory, particularly if other factors 

which affect methylation are not limiting.  

The methylmercury produced in the Emory and Clinch River sediments may 

eventually accumulate in the aquatic food web. For example, large mouth bass collected 

in the Emory and Clinch Rivers (ERM 1.5, CRM 3.3 and CRM5.5) from August 2009 to 

June 2010 [213] have been found to exceed the U.S. EPA dietary guideline for mercury in 

fish [214]. Similar fish mercury concentrations have been observed in bass collected from 

wetland ecosystems such as the Florida Everglades, where % as MeHg in sediments (up 

to 2%) were comparable to % as MeHg values in Emory-Clinch sediments impacted by 

the ash [46]. Monitoring of mercury concentrations in fish and wildlife in the Emory-

Clinch river system should continue in the future, particularly as a millions of cubic 

meters of ash were deposited in this river system and will likely have a long retention 

time in the river sediments. Moreover, the mobilization of coal ash downstream over 

time may result in increased net methylmercury production along not only the Emory 

and Clinch Rivers, but along the Tennessee River as well. 

The potential for enhanced methylmercury production in sediments and 

bioaccumulation of methylmercury in the food web in regions impacted by coal ash 

underscores the need to minimize the risk of contamination of aquatic systems by these 

materials and to adequately monitor structures used for storage and disposal. Previous 
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work to address the potential dangers of mercury in coal ash has been limited to 

leaching studies under various pH values and solid-to-liquid ratios [102, 106-108]. Our 

work highlights the inadequacies of this approach and that methylation potential should 

be the metric for assessing hazards with respect to mercury associated with coal ash.  

Future regulations concerning the monitoring and remediation of regions 

impacted by coal combustion products should consider monitoring sediment quality as 

well as water quality, as sediments are the primary regions of methylmercury 

production.  
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Chapter 6. Conclusion: summary and implications 

The overall goals of this dissertation were: (1) to study the formation of mercury 

sulfide nanoparticles in anaerobic aquatic sediments, and (2) to investigate the 

speciation and transformation of two mercury sources to aquatic ecosystems: landscape 

runoff and coal combustion products.  

6.1 Mercury and zinc sulfide nanoparticles 

In Chapter 2, particle growth rates of mercury sulfide nanoparticles in the 

presence of low molecular weight dissolved organic matter (DOM) and macromolecular 

DOM were investigated in experimental solutions using dynamic light scattering. 

Particle growth rates were reduced in the presence of humic and fulvic acids as well as 

low molecular weight thiols compared to controls containing no DOM. Zeta potential 

measurements indicated that the mechanism of particle stabilization was electrostatic, 

with thiol-stabilized nanoparticles having a lower zeta potential than particles in the 

presence of no DOM and hydroxyl ligands. The nanoparticles that formed from solution 

were amorphous in nature, with regions of nanocrystallinity (as shown by TEM). 

Furthermore, mercury sulfide nanoparticles stabilized by thiols and humic substances 

were able to pass through <0.2 µm filters and were removed from aqueous suspension 

when exposed to octanol. These observations suggested that nanoparticles may have 

been mistaken as dissolved mercury species in previous bioavailability models proposed 

by Benoit (1999) [49]. This discrepancy has led the mercury biogeochemistry research 
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community [49, 50, 56] to base mercury bioavailability models on chemical equilibrium 

models that include a “dissolved” HgS compound that is probably not a single 

molecule, but rather a consortium of polymeric and nanoparticulate mercury sulfides. 

These compounds should not be expected to impart the same degree of bioavailability to 

bacteria, nor do they occur at a chemical equilibrium. 

In my work in Chapter 2, the mercury concentration in the experimental 

solutions (micromolar) was orders of magnitude higher than typical mercury 

concentrations in aquatic systems (picomolar) due to the limits of detection of the 

dynamic light scattering instrument. Chemical equilibrium modeling was conducted to 

demonstrate that the precipitation of mercury sulfide nanoparticles could occur at 

environmentally relevant mercury concentrations. Results suggested that mercury 

sulfide is either supersaturated or close to supersaturated under conditions typical of 

anaerobic aquatic sediments. Thus, the mechanisms of mercury sulfide stabilization 

demonstrated in these processes are likely to occur in anaerobic sediments. 

Metal sulfide nanoparticle stabilization by macromolecular DOM, such as humic 

and fulvic acids, was further investigated using DOM isolated from a range of aquatic 

systems (described in Chapter 3). The mechanism of particle stabilization by these 

macromolecular DOM molecules and the effect of DOM composition on particle 

stabilization are of particular interest, as these macromolecules are a major fraction of 

the DOM in aquatic systems (~ 80%) [25]. To overcome certain analytical issues posed by 
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the use of mercury as well as the environmental relevance of the metal concentration 

used, zinc sulfide was studied instead of mercury sulfide. In these experiments, zinc 

sulfide particles were precipitated using micromolar zinc concentrations, and were 

within the instrument detection range. Lau and Hsu-Kim (2008) [66]and Deonarine and 

Hsu-Kim (2009) [55] demonstrated that zinc sulfide and mercury sulfide nanoparticles 

can be stabilized by reduced-sulfur groups in low molecular weight organic molecules, 

respectively. These results suggest that zinc and mercury interact similarly in the 

presence of sulfide and dissolved organic matter. Thus, the results of the zinc sulfide-

DOM particle stabilization experiments may be extrapolated to mercury sulfide-DOM 

interactions.  

In the zinc sulfide study, the DOM isolates were observed to reduce particle 

growth rates, depending on solution variables such as type and concentration of DOM, 

monovalent electrolyte concentration, and pH. The rates of growth increased with 

increasing ionic strength, indicating that observed growth rates primarily represented 

aggregation of charged ZnS-DOM particles. Furthermore, the observed rates decreased 

with increasing molecular weight and aromatic content of the NOM fractions, while 

carboxylate and reduced sulfur content had little effect. These results suggested that 

specific binding of zinc with reduced sulfur and carboxylate groups was not a process 

involved in particle stabilization. Rather, the decreasing particle growth and aggregation 
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with increasing molecular weight and aromatic content indicated that the mechanism of 

particle stabilization was largely steric in nature.   

Similarly to zinc sulfide, the stabilization of mercury sulfide nanoparticles in the 

presence of humic and fulvic acids will likely occur due to steric hindrances. 

Furthermore, the interaction between mercury sulfide and DOM was largely dependent 

on DOM properties; the stabilization of mercury sulfide nanoparticles in the presence of 

low molecular weight thiols was electrostatic while stabilization in the presence of 

macromolecular DOM was largely due to steric effects.  

*** 

The current mercury methylation paradigm proposes that dissolved neutral 

mercury species, such as HgS0(aq) and Hg(SH)02 (aq), are able to diffuse across the lipophilic 

bacterial cell membrane and subsequently become methylated. The validity of this 

model is uncertain for several reasons. First, HgS0(aq) is a chemically unknown 

compound and has never been detected in environmental settings. It was introduced to 

explain trends in mercury bioavailability and chemical equilibrium models. 

Furthermore, the formation constant for HgS0(aq) was extrapolated from the formation 

constants for ZnS(s) and CdS(s). Thus, the formation constants used in previous chemical 

equilibrium models are subject to a degree of uncertainty.  

Based on the results of Chapter 1, we suggest that mercury sulfide nanoparticles 

may have been mistaken for HgS0(aq). Dyrssen and Wedborg (1991) [54] originally 
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calculated the formation constant of HgS0(aq) using the solubility product and the 

intrinsic solubility for HgS(s). The latter value was extrapolated from the experimentally 

determined intrinsic solubilities of CdS and ZnS which the authors suggest may be 

erroneous due to the presence of colloidal ZnS and CdS in experimental solutions. 

Furthermore, Benoit et al. (1999) later demonstrated that the HgS0(aq) species could 

partition into octanol and thus could cross the cell membrane of methylating bacteria 

[48]. In Chapter 1, nano-HgS(s) was able to pass through 0.2µm filter membranes and 

thus, could be mistaken as a dissolved species, and 96% of the nano-HgS in our 

experimental solutions partitioned into the octanol phase. Thus, nano-HgS appears to 

behave similarly to the HgS0(aq) species in previous studies. This supports our 

postulation that nano-HgS may have been mistaken as HgS0(aq).  

Furthermore, the mercury methylation paradigm assumes that solid phase 

mercury species that are found in anaerobic sediments, such as HgS(s), are too large to 

diffuse across the cell membrane and are therefore not considered to be bioavailable. 

Nanoparticulate HgS is an intermediate phase between the dissolved phase and larger 

mineral aggregates (bulk HgS), and thus, may not necessarily be unavailable to 

methylating bacteria. For instance, due to the larger number of atoms at the surface of 

nano-HgS, higher surface reactivity or irregular surface structure, nano-HgS may 

actually be more available to bacteria than bulk HgS.  
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Thus, the widely accepted mercury methylation paradigm may need to be 

revisited. Not only may HgS0(aq) be an invalid species, the currently used chemical 

equilibrium approach may need to be changed. The experiments conducted in Chapters 

1 and 2 demonstrated that nanoparticles are kinetically stabilized. If nano-HgS is indeed 

available to methylating bacteria, then time may be an important factor in the 

availability of nano-HgS to methylating bacteria. Chemical equilibrium modeling may 

be an oversimplification of the processes involved in mercury methylation. 

With respect to zinc sulfide nanoparticles, the results of this dissertation work 

provide insight into the processes involved in the formation and persistence of zinc 

sulfide nanoparticles in aquatic systems. The hydrophobic interaction between aromatic 

moieties and zinc sulfide nanoparticles suggests that other naturally formed 

nanoparticles may be formed through similar interactions with DOM. Furthermore, 

engineered nanoparticles that are discharged into aquatic environments may also 

interact similarly with DOM. Thus, DOM is a factor that should be considered in 

evaluating the environmental fate and toxicology of these particles.  

The results of my work have raised additional research questions. For instance, 

how can we improve the current approach to determining mercury speciation in 

anaerobic sediments and the current mercury methylation paradigm? One approach to 

improving the chemical equilibrium model may be to determine a formation constant 

for nano-HgS and incorporate this species into equilibrium models, or to calculate the 
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fraction of particulate mercury that may be bioavailable for methylation. Due to the 

difference in size and properties of nanoparticles compared to bulk minerals [62], 

nanoparticulate mercury sulfide may have a unique role in the mercury biogeochemical 

cycle and mercury methylation in particular. The fate and transformation of mercury 

sulfide nanoparticles in aquatic systems is another potential area of research.  

Other research questions include: how will additional environmental factors 

such as the presence of iron and other metals affect metal sulfide precipitation and 

stabilization? What ramifications are there for mercury modeling in anaerobic aquatic 

sediments? In addition, my experiments provided data on particle aggregation processes 

but there was no data available at the short length and time scales when processes such 

as nucleation likely occurred. 

In the mercury and zinc sulfide experiments, dynamic light scattering tracked 

particle aggregation processes. However, the processes occurring at the short length and 

time scales, such as nucleation, were below the instrument detection range.  To further 

characterize the interaction between DOM and metal sulfide nanoparticles, future 

studies could use alternative methods such as synchrotron based small angle X-ray 

scattering to obtain time resolved information on the size and morphology (e.g. shape, 

fractal dimension) of  aggregates and monomer units involved in particle growth 

processes at the nanosecond and nanometer scales.  
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Also, the metal sulfide precipitation experiments were conducted in 

experimental solutions buffered at an environmentally relevant pH. As aquatic 

sediments are typically heterogeneous matrices, future studies could investigate 

processes involved in the formation of metal sulfide nanoparticles in the presence of 

other metals, such as iron.  

6.2 Sources and biogeochemical transformation of mercury in 
aquatic ecosystems  

The second component of this dissertation was to investigate the mercury 

loading to aquatic systems from landscape runoff and coal combustion products (CCPs), 

and to investigate their potential for transformation to methylmercury.   

In Chapter 4, landscape runoff from a Duke University campus catchment was 

identified as a source of mercury to an urban stream-wetland. The mercury loading to 

this catchment due to contaminated turf grass was calculated to be about 74% while 

other sources (such as atmospheric deposition) accounted for the remaining 26%. The 

organomercurial compounds phenylmercury and methylmercury were detected in the 

turf grass soil, suggesting that the turf grass was historically exposed to mercurial 

fungicide compounds in products such as fertilizers and seed preservatives. 

Furthermore, the results of my work demonstrated that the landscape runoff from the 

campus catchment was discharged into a stream-wetland where methylmercury 

production occurred in stream sediments (up to 11% of total mercury), suggesting that 
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mercurial fungicides in landscape runoff could provide a source of mercury to aquatic 

ecosystems for methylmercury production. 

In Chapter 5, the impact of mercury associated with CCPs on surface water and 

sediment quality in a river ecosystem was investigated at a coal ash spill site in Roane 

County, Tennessee. My study found that surface water quality after the coal ash spill 

was not impaired with respect to total mercury or methylmercury. However, sediment 

concentrations of total mercury in the Emory River, where most of the ash was 

deposited, increased by a factor of 3 to 4, relative to upstream Emory sediments. 

Methylmercury production occurred in regions where coal ash mixed with river 

sediments, and biogeochemical data suggested that the ash may have stimulated the 

microbial methylation of mercury. 

*** 

Landscape runoff and CCPs are generally considered to be minor sources of 

mercury to aquatic systems compared to sources such as atmospheric deposition which 

typically accounts for 50 to 90% of the total mercury loading to inland water bodies [8, 

160, 161]. However, these relatively minor sources may be comparable to the mercury 

loading from atmospheric deposition in watersheds where large areas are used for 

mercury-related activities or are contaminated by mercury.  My work identified one 

potential source of mercury to landscape runoff that has not been well-documented in 

the research literature: turf grass contaminated by the historic application of products 
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containing mercurial fungicides. Such legacy sources of mercury may be prevalent in the 

United States, as mercury fungicide compounds were widely used in agriculture and on 

turf grasses to control the spread of diseases during the 20th century [75].   

Non-point sources of mercury such as landscape runoff are difficult to quantify 

and monitor, and thus are not regulated under the Clean Water Act, despite the fact that 

they are currently responsible for the majority of impaired water bodies in the United 

States. To effectively minimize the risk of human exposure to methyl mercury, it is 

important to monitor the mercury loading to watersheds as well as mercury 

concentrations in fish. Water bodies across the United States should be monitored more 

frequently and at more locations. 

Furthermore, sediment methylmercury concentration rather than surface water 

total mercury concentration would be a better metric for evaluating the risk of 

methylmercury exposure to humans. Firstly, total mercury concentrations are not 

always correlated to methylmercury concentration (e.g., [49]). Secondly, methylmercury 

is produced primarily in aquatic sediments, and so sediments should be monitored for 

methylmercury, rather than surface water. Surface water mercury and methylmercury 

concentrations may seriously underestimate sediment concentrations.  

Finally, the mercury loading to watersheds from these so-called ‘minor’ sources 

may not be negligible compared to atmospheric deposition, and may account for 
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mercury loadings to watersheds that are often overlooked. Sources such as these should 

be included in watershed management and methylmercury risk assessment models. 

The prevalence of soils contaminated by mercury fungicide compounds in the 

United States is unknown. Furthermore, the biogeochemical processes responsible for 

the transformation of mercury fungicide compounds to methylmercury are also not 

completely understood. Future studies could examine the fate and transformation of 

mercury fungicides in aquatic systems, particularly the organomercury species such as 

phenylmercury. A survey of regions in the United States which were historically used 

for farming and recreation (e.g. golf courses) could also be conducted to determine the 

extent of this source of mercury contamination. 

CCPs are another potential source of mercury to watersheds, particularly as 

millions of tons of these materials are produced annually in the United States and 

containment structures are currently poorly monitored and at risk of failure.  

Previous leaching experiments conducted using deionised water at various pH 

values and solid-to-liquid ratios have suggested that mercury leaching from coal 

combustion products is negligible. Thus, these experiments predicted that the risk of 

mercury leaching and methylmercury production in aquatic systems from coal 

combustion products would be minimal. However, the results of my work suggest that 

coal ash may stimulate methylmercury production in aquatic ecosystems. Commonly 

used leaching protocols such as the Toxicity Characteristic Leaching Procedure do not 
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adequately represent the complex biogeochemical conditions typical of aquatic 

ecosystems, and thus do not provide an accurate picture of the environmental fate of the 

materials under investigation.   

Another novelty of this study was the use of mercury isotope fractionation to 

track the mobilization of mercury associated with coal ash in the river system, and to 

identify the sources of mercury at different locations throughout the study site. The 

mass dependent signature of coal ash (δ202Hg) ranged from -1.714 to -2.234 ‰ (n=2) and 

was similar to the rage observed for coal: 0 to -4 ‰ [203].  

Future research questions which should be addressed include: exactly how does 

coal ash stimulate methylmercury production in aquatic sediments? Are organic matter 

and mercury associated with coal ash available to methylating bacteria?  How is 

mercury speciation in anaerobic aquatic sediments affected by the presence of coal ash? 

Furthermore, can mercury isotopes be used to develop tracers for CCPs? Can alternative 

protocols to the TCLP be developed to better predict the potential for contamination 

from hazardous materials such as CCPs? 

Experiments which address these questions include batch experiments 

conducted in conditions typical of anaerobic sediments coupled with modeling software 

to determine mercury chemical speciation. Methylation studies involving cultures of 

methylating bacteria could also be conducted to determine the availability of substrates 

associated with coal ash (e.g., organic carbon, mercury) are available to methylating 
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bacteria. Methods for ash pretreatment steps which would reduce the potential for coal 

ash to enhance methylmercury production in aquatic systems may be developed as a 

result of these studies.  

Protocols such as the TCLP are limited to leaching experiments conducted in 

deionized water at various pH values and solid-to-liquid ratios. These protocols are not 

representative of the complex biogeochemical conditions typically present in aquatic 

systems and thus do not provide a complete understanding of the environmental fate of 

mercury associated with these materials. For example, in a related study that I 

contributed as a co-author [103], we found extremely high concentrations of arsenic in 

the river sediment porewater containing coal ash (up to 2000 µg/L). Anoxic conditions in 

the sediments apparently caused transformation of arsenic to As(III), the more soluble 

form. These findings were not predicted by the TCLP. For mercury, I expect that the 

TCLP approach would also greatly underestimate the hazards stemming from coal ash 

spills and holding ponds. 

The fate of mercury in aquatic systems depends on its chemical speciation, and 

this is controlled by reduced sulfur groups in dissolved organic matter (DOM) and 

inorganic sulfide. Recommendations for improving the TCLP and other environmental 

fate studies are to conduct leaching experiments under typical surface water and pore 

water chemistry conditions and include biogeochemical factors such as ionic strength, 
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Eh, DOM and reducing bacteria. This could be coupled with the use of equilibrium 

modeling software to determine mercury chemical speciation.  

Furthermore, previous leaching studies have focused on determining the 

leaching behavior of total mercury from CCPs and other hazardous materials. The 

potential for mercury methylation should be considered instead, as exposure to 

methylmercury in fish and shellfish is a concern for human health, and mercury 

methylation in aquatic systems is a function of many different factors, including total 

mercury. 

Overall, this dissertation work has provided evidence for the existence of 

mercury sulfide nanoparticles in aquatic sediments, and examined the environmental 

impact of mercury sources to aquatic systems. This will prove useful in future studies 

examining mercury speciation and bioavailability to methylating bacteria in anaerobic 

aquatic sediments. Data on sources of mercury will be useful in developing policies for 

the effective regulating and monitoring of these sources and in developing adequate 

protocols for assessing the risk to human health from mercury methylation.  
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Appendix 

Appendix A Supporting Information for Chapter 2 

 

Table A1: Zeta potential of 3 µM HgS particles after 40-60 min precipitation time. 
Aqueous suspensions contained 100 mM NaNO3, pH 7.5, and an organic ligand, as 
noted. Values represent average ± 1 s.d. of replicate samples (when replicates were 
available) 

 

Organic present during precipitation zeta potential, mV 

No organic ligand -12.6 ± 0.96 

300 µM serine -13.3 ± 0.62 

300 µM glycolate -15.4 ± 0.40 

5 µM thioglycolate -27.6 ± 0.15 

2 µM cysteine -21.2 ± 1.15 

0.25mg-C/L peat humic acid -26.7 

 

Table A2: Octanol-water partitioning data. Loss of mercury from aqueous suspensions 
of Hgs nanoparticles and dissolved Hg(OH)2 after exposure to octanol (4:1 
water:octanol volume ratio). The values indicate the concentration of Hg in the 
aqueous phase after exposure to octanol, the fraction of the initial hg lost from the 
aqueous phase, and the DLS scattering signal detection rate of octanol. Values are 
average ± 1 s.d. of duplicate samples. Aqueous samples contained 0.01 M NaNO3, 4 
mm HEPES buffer, pH 7.5. 
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Table A3: Stability constants (I = 0 M, 25 o C). 

 log K Reference 
HgS(s) + H+ ⇔ Hg2+ + HS-  log Ks0 = -36.5 to -39.5 [49] 
HgS(s) + H2O ⇔ HgOHSH0 log Ks1= -10 or -22.3 [54] 

   

Hg2+ + HS- ⇔ HgSH+ 30.2 [49] 

Hg2+ + 2HS- ⇔ Hg(SH)2
0 37.7 [54] 

Hg2+ + 2HS- ⇔ HgHS2
- + H+ 31.5 [54] 

Hg2+ + 2HS- ⇔ HgS2
2- + 2H+ 23.2 [54] 

   
Hg2+ + RS2

- ⇔ Hg(RS2) log KNOM = 38.3 (peat humic) [127] 
 log KNOM = 28.7 (aquatic humic) [131] 
RS2

2- + H+ ⇔ RS2H- 8.4 [127] 
RS2H- + H+ ⇔ RS2H2 8.4 [127] 
   

Hg2+ + H2O ⇔ HgOH+ + H+ -3.4 [63] 
Hg2+ + 2H2O ⇔ Hg(OH)2

0 + 2H+ -6.2 [63] 
Hg2+ + 3H2O ⇔ Hg(OH)3

- + 3H+ -21.1 [63] 
   
Hg2+ + Cl- ⇔ HgCl+ 7.3 [63] 
Hg2+ + 2Cl- ⇔ Hg(Cl)2

0 14.0 [63] 
Hg2+ + 3Cl- ⇔ Hg(Cl)3

- 15.0 [63] 

   

Hg2+ + Cl- + H2O  ⇔ HgOHCl0 + H+ 4.2 [63] 

Hg2+ + HS- + H2O ⇔ HgOHSH0 + H+ 26.5 to 29 (log Ks1= -10) 
Calculated: 
logKs1–
logKs0 

 14.2 to 16.7 (log Ks1= -22.3)  
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               (a)                                                           (b) 

  
                                                          (c) 

 
 

Figure A1: EDS spectra of HgS nanoparticles. HgS nanoparticles prepared by 
precipitating 3 µM Hg(NO3)2 with 3µM Na2S (0.1 M NaNO3, pH 7.5) for approximately 
30 min. (a) TEM image of aggregated particles; (b) lattice structure visible in subunits 
of an aggregate; (c) EDX spectrum indicating the presence of Hg and S in the particles. 
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(a) 

 
(b) 

 
 

Figure A2: TEM images of HgS nanoparticles. Particles prepared with 3 µM Hg(NO3)2 
and 3µM Na2S (0.1 M  NaNO3, pH 7.5) precipitated in the presence of an organic 
ligand: (a)  300 µM glycolic acid; (b) 5 µM thioglycolic acid. 
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Appendix B Supporting Information for Chapter 3 

 

Table B1: Stability constants for equilibrium reactions utilized to calculate saturation 
indices for ZnS(s) (sphalerite), (I = 0, 25°C).  

 log K   
H2O(l) ⇔ H+ + OH- -14.0 
H2S(aq) ⇔ HS- + H+  -7.0 
HS- ⇔ S2- + H+ -17.0 
  
Zn2+ + 2HS-  ⇔ Zn(HS)20 12.82 
Zn2+ + 3HS-  ⇔ Zn(HS)3- 16.1 
Zn2+ + 2HS-  ⇔ ZnS(HS)- + H+ 6.81 
Zn2+ + 3HS-  ⇔ ZnS(HS)22- + H+ 6.12 
  
Zn2+ + HS-  ⇔ ZnS(s) + H+ 11.45 
  

 



 

   

Table B2: Major properties of the NOM isolates utilized in the Zn-S-NOM precipitation experiments. Unless noted 
otherwise, parameters were obtained from Waples et al. (1) and references listed therein. 

        
 13C-NMR (% of total spectrum area) 

NOM  mol 
wt C H O N S red S SUVA 

280 
aliphatic I aliphatic II acetal aromatic carboxyl carbonyl 

isolate Da wt% wt% wt% wt% wt% mol% 
of S 

L(mg-C)-1m-

1 (0-62 ppm) (62-90 ppm) (90-110 ppm) (110-160 ppm) (160-190 ppm) (190-230 ppm) 

POF 532 56.2 6.00 36.3 1.10 0.40 12.5 0.42 56.9 13.4 1.2 7.3 19.5 1.6 
MRF 839 55.4 5.30 35.0 1.30 0.78 19.6 1.9 40.0 11.9 4.5 20.4 18.8 4.4 
OgRF 1021 54.0 4.02 38.5 0.93 1.27 22.6 3.1 33.0 13.9 6.8 24.7 18.3 3.3 
OgRH 1906 54.6 4.90 36.8 1.60 1.80 19.5 4.4 24.7 10.4 7.3 40.8 15.1 1.6 
SRF a 1360 52.4 4.31 42.2 0.72 0.44 16.6 2.7 33.0 11.0 5.0 24.0 20.0 7.0 
SRHa 1399 52.6 4.28 42.0 1.17 0.54 18.3 4.8 29.0 13.0 7.0 31.0 15.0 6.0 
OhRF 705 55.5 5.40 35.9 1.50 1.28 22.4 2.2 33.6 15.2 5.6 24.3 19.3 1.6 
OhRHb 2544c 57.4 4.73 34.1 2.31 1.49 n/a 4.9 n/a n/a n/a n/a n/a n/a 
PLFa 1300d 52.5 5.39 31.4 6.51 3.03 n/a 1.8b 61.0 8.4 0.2 12.0 17.0 1.2 

        

 
   

 
  a – major element content and NMR data from the International Humic Substances Society (IHSS) [128] 

b – measured for this study 
c – estimated from spectral slope from 275-295 nm [215] 
d – obtained from Brown et al. [216] 
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Table B3: Linear correlation parameters between observed aggregation rates (dD/dt)0 of Zn-S-NOM particles and NOM 
properties in solutions containing 0.05 M NaNO3 , 3 mg-C/L NOM, and 5 µM ZnS. Regression equation: log10 (dD/dt)0 = 
m (NOM property) + b. Rate units in nm/min. 

 

I=0.05 M, DOC=3 mg/L, n=5 
NOM property m b R2 p 
molecular wt -0.00091 -1.0 0.89 0.02* 

N (wt %) -1.32 -0.2 0.67 0.09 

carboxyl (% DOC) 0.12 -3.9 0.57 0.26 
SUVA 280 (L mg-C-1 cm-1) -23.5 -1.5 0.37 0.28 
reduced S (µmol mg-C-1) 3.1 -2.1 0.29 0.03* 

S (wt %) -0.85 -1.4 0.25 0.19 
H (wt %) 0.60 -5.2 0.25 0.44 
carbonyl (% DOC) -0.06 -1.6 0.16 0.62 
C (wt %) -0.18 7.6 0.15 0.53 
aromatic C (% DOC) -0.008 -1.6 0.06 0.78 
acetal (% DOC) -0.028 -1.7 0.04 0.81 
O/C molar ratio 2.5 -3.4 0.03 0.73 
aliphatic I (% DOC) 0.0038 -2.0 0.02 0.88 
total aliphatic I+II (%DOC) 0.0038 -2.0 0.02 0.88 
O (wt %) 0.035 -3.4 0.02 0.73 
aliphatic II (% DOC) -0.0037 -1.8 0.00 0.97 
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Table B4: Linear correlation parameters between observed growth rates and NOM properties in solutions containing 0.1 
M NaNO3, 1 or 5 mg-C/L NOM, and 5 µM ZnS. Regression equation: log10 (dD/dt)0 = m (NOM property) + b. Rate units 
in nm/min. 

 

I=0.1 M, DOC=1 mg/L, n=9 
 

I=0.1 M, DOC=5 mg/L, n=7 
NOM property m b R2 p 

 
NOM property m b R2 p 

carboxyl (% DOC) 0.47 -8.3 0.85 0.001*  molecular wt -0.0012 0.12 0.92 0.001* 

SUVA 280 (L mg-C-1 cm-1) -48.4 1.5 0.70 0.005*  SUVA 280 (L mg-C-1 cm-1) -45.8 -0.09 0.61 0.04* 

molecular wt -0.0011 1.4 0.47 0.04*  aliphatic II (% DOC) 0.15 -3.0 0.38 0.20 
aromatic C (% DOC) -0.053 1.4 0.30 0.16  aromatic C (% DOC) -0.032 -0.49 0.27 0.32 
total aliphatic I+II (%DOC) 0.031 -1.5 0.15 0.34  total aliphatic I+II (%DOC) 0.022 -2.4 0.19 0.39 
H (wt %) 0.52 -2.5 0.12 0.38  carboxyl (% DOC) 0.13 -3.7 0.17 0.48 
acetal (% DOC) -0.13 0.73 0.11 0.42  C (wt %) -0.13 5.5 0.08 0.58 
aliphatic I (% DOC) 0.025 -0.83 0.11 0.43  aliphatic I (% DOC) 0.013 -1.8 0.08 0.60 
aliphatic II (% DOC) 0.14 -1.6 0.09 0.47  H (wt %) 0.36 -3.2 0.06 0.62 
O/C molar ratio -3.6 1.9 0.05 0.29  carbonyl (% DOC) -0.06 -1.1 0.06 0.58 
O (wt %) -0.052 2.0 0.03 0.68  acetal (% DOC) -0.028 -1.1 0.01 0.82 
carbonyl (% DOC) -0.082 0.42 0.03 0.67  reduced S (µmol mg-C-1) 1.0 -1.4 0.01 0.83 
C (wt %) 0.10 -5.4 0.03 0.64  O (wt %) -0.011 -1.1 0.00 0.96 
S (wt %) -0.17 0.25 0.02 0.59  S (wt %) -0.029 -1.5 0.00 0.69 
N (wt %) -0.078 0.19 0.02 0.71  O/C molar ratio 0.35 -1.7 0.00 0.98 
reduced S (µmol mg-C-1) -0.45 0.22 0.00 0.95  N (wt %) -0.006 -1.5 0.00 0.98 
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Figure B1: Precipitation of ZnS particles in different buffers. Particles prepared with 
(5 µM Zn(NO3)2 and 5 µM Na2S) in solutions with different pH buffers. (a) ZnS only 
(no NOM); (b) 1 mg-C/L OgRH. All solutions contained 0.1 M NaNO3 and 4 mM 
buffer (pH 7.5). 
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Methods for TEM imaging 
 
Transmission electron microscopy (TEM) was used to characterize morphology and 

composition of Zn-S-NOM particles formed in solution containing 1 mg-C/L Ogeechee 

River humic acid, 5 µM Zn(NO3)2, 5 µM Na2S, 0.05 M NaNO3, and 4 mM HEPES buffer 

(pH 7.5). After 24 hr of precipitation, TEM grids were prepared by depositing a 10 µL 

droplet of sample on a formvar-coated copper TEM grid (Ted Pella) for 5 min, wicking 

away excess liquid with a lint-free tissue, and then repeating. After sample deposition, 

the grid was washed by repeating the deposition/wicking procedure with ultrapure 

water. Particles were observed by TEM (FEI Technai) at 200 eV beam energy coupled 

and characterized with selected area electron diffraction (SAED) to identify coherent 

structures.  Element content was also assessed using energy dispersive X-ray (EDX) 

spectroscopy coupled with TEM (Hitachi HF2000 TEM with an Oxford Inca EDX 

system).
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 (a) (b) 

               
 
 (c) (d) 

       
 

Figure B2. TEM images of ZnS nanoparticles: (a), (b) and (c) TEM images of particles 
in Zn-S-NOM suspensions aged for 1 day. Solution composition: 1 mg-C/L Ogeechee 
River humic acid, 5 µM Zn(NO3)2, 5 µM Na2S, 0.05 M NaNO3, 4 mM HEPES buffer, 
pH 7.5; (d) Selected area electron diffraction pattern of the partcile shown in (c). 
Diffues rings indiate an amorphous structure. 
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(a)  

 
 

(b) 

 
 
Figure B3. EDS spectra of ZnS nanoparticles. (a) TEM image of Zn-S-NOM particles; 
(b) Element content determined by energy dispersive X-ray (EDX) analysis. Solution 
composition: 1 mg-C/L Ogeechee River humic acid, 5 µM Zn(NO3)2, 5 µM Na2S, 0.05 
M NaNO3, 4 mM HEPES buffer, pH 7.5. 
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Figure B4. Particle size data for Suwanee River Fulvic Acid (SRF). (a) Solution 
composition: 0.05 M NaNO3, 1 mg/L SRF, 5 µM Zn(NO3)2, 5 µM Na2S, 4 mM HEPES 
buffer, pH 7.5 (b) Solution composition: 0.1 M NaNO3, 1 to 5 mg/L SRF, 5 µM 
Zn(NO3)2, 5 µM Zn(NO3)2, 5 µM Na2S, 4 mM HEPES buffer, pH 7.5. Letters a, b, c 
denote replicate measurements. 
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Figure B5. Particle size data for Suwanee River Humic Acid (SRH). (a) Solution 
composition: 0.05 M NaNO3, 1 to 3 mg/L SRH, 5 µM Zn(NO3)2, 5 µM Na2S, 4 mM 
HEPES buffer, pH 7.5 (b) Solution composition: 0.1 M NaNO3, 1 to 3 mg/L SRH, 5 µM 
Zn(NO3)2, 5 µM Na2S, 4 mM HEPES buffer, pH 7.5. Letters a, b, c denote replicate 
measurements. 

(a) 
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Figure B6. Particle size data for Missouri River Fulvic Acid (MRF). (a) Solution 
composition: 0.05 M NaNO3, 1 to 3 mg/L MRF, 5 µM Zn(NO3)2, 5 µM Na2S, 4 mM 
HEPES buffer, pH 7.5 (b) Solution composition: 0.1 M NaNO3, 1 to 5 mg/L MRF, 5 µM 
Zn(NO3)2, 5 µM Na2S, 4 mM HEPES buffer, pH 7.5. Letters a, b, c denote replicate 
measurements. 
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Figure B7. Particle size data for Pony Lake Fulvic Acid (PLF). (a) Solution 
composition: 0.05 M NaNO3, 1 mg/L PLF, 5 µM Zn(NO3)2, 5 µM Na2S, 4 mM HEPES 
buffer, pH 7.5 (b) Solution composition: 0.1 M NaNO3, 1 to 5 mg/L PLF, 5 µM 
Zn(NO3)2, 5 µM Na2S, 4 mM HEPES buffer, pH 7.5. Letters a, b, c denote replicate 
measurements. 
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Figure B8. Particle size data for Ohio River Fulvic Acid (OhRF). (a) Solution 
composition: 0.05 M NaNO3, 1 to 3 mg/L OhRF, 5 µM Zn(NO3)2, 5 µM Na2S, 4 mM 
HEPES buffer, pH 7.5 (b) Solution composition: 0.1 M NaNO3, 1 to 5 mg/L OhRF, 5 
µM Zn(NO3)2, 5 µM Na2S, 4 mM HEPES buffer, pH 7.5. Letters a, b, c denote replicate 
measurements. 
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Figure B9. Particle size data for Ohio River Humic Acid (OhRH). (a) Solution 
composition: 0.05 M NaNO3, 1 to 3 mg/L OhRH, 5 µM Zn(NO3)2, 5 µM Na2S, 4 mM 
HEPES buffer, pH 7.5 (b) Solution composition: 0.1 M NaNO3, 1 to 5 mg/L OhRH, 5 
µM Zn(NO3)2, 5 µM Na2S, 4 mM HEPES buffer, pH 7.5. Letters a, b, c denote replicate 
measurements. 
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Figure B10. Particle size data for Ogeechee River Fulvic Acid (OgRF). (a) Solution 
composition: 0.05 M NaNO3, 1 mg/L OgRF, 5 µM Zn(NO3)2, 5 µM Na2S, 4 mM HEPES 
buffer, pH 7.5 (b) Solution composition: 0.1 M NaNO3, 1 to 5 mg/L OgRF, 5 µM 
Zn(NO3)2, 5 µM Na2S, 4 mM HEPES buffer, pH 7.5. Letters a, b, c denote replicate 
measurements. 
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Figure B11. Particle size data for Ogeechee River Humic Acid (OgRH). (a) Solution 
composition: 0.05 M NaNO3, 1 mg/L OgRH, 5 µM Zn(NO3)2, 5 µM Na2S, 4 mM HEPES 
buffer, pH 7.5 (b) Solution composition: 0.1 M NaNO3, 1 to 5 mg/L OgRH, 5 µM 
Zn(NO3)2, 5 µM Na2S, 4 mM HEPES buffer, pH 7.5. Letters a, b, c denote replicate 
measurements. 
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Figure B12. Particle size data for Pacific Ocean Fulvic Acid (POF). (a) Solution 
composition: 0.05 M NaNO3, 1 mg/L POF, 5 µM Zn(NO3)2, 5 µM Na2S, 4 mM HEPES 
buffer, pH 7.5 (b) Solution composition: 0.1 M NaNO3, 1 to 5 mg/L POF, 5 µM 
Zn(NO3)2, 5 µM Na2S, 4 mM HEPES buffer, pH 7.5. Letters a, b, c denote replicate 
measurements. 
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Appendix C Supporting Information for Chapter 4 

 

Details of soil analyses 

Phenylmercury in soil/sediments 

Sediment phenylmercury measurements were conducted by Dr. Yong Cai, 

Department of Chemistry and Biochemistry, Florida International University. 

Phenylmercury compounds were separated from the soil and sediments by a solvent 

extraction method outlined in Hintelmann et al. (1993) [188], and then analyzed by high 

performance liquid chromatography (HPLC) coupled with atomic fluorescence 

spectroscopy (AFS). For each aliquot of sample (approximately 4 g), 2.5 mL of  35% HCl 

(v/v), 1 mL of saturated CuCl2, 2.5 g NaCl, 5 mL of water, and 10 mL CH2Cl2 were 

added in a 50 mL glass centrifuge tube. After shaking the tube for 15 min, the solvent 

was separated from soil particles by centrifugation at 3500 rpm for 20 min. The CH2Cl2 

phase was then transferred to a 10 mL glass centrifuge tube, and 1 mL of 10 mM  sodium 

thiosulfate was added. The mixture was shaken for 60 min to extract phenylmercury 

into the water phase. After centrifugation at 3500 rpm for 20 min, the water phase was 

used for the determination of phenylmercury by HPLC-AFS at optimized conditions. 

The HPLC-AFS system consisted of  a Rheodyne model 7725i injection valve with a 50 

µL sample loop (Rheodyne, Cotati, CA, USA) and an Elite P200II pump (Elite, Dalian, 
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China) set to a flow rate of 1.0 mL min-1. The HPLC separation of mercury species was 

achieved by using a Shim-pack CLC-ODS column (15 cm × 6 mm ID × 5 µm, Shimadzu, 

Japan) and using 0.01% 2-mercaptoethanol, 0.06 mol L-1 ammonium acetate, and 30% 

CH3CN as the mobile phase. The chromatographic eluent was first mixed with 0.5% 

K2S2O8 in 10% HCl (v/v) at a flow rate of ~ 2.5 mL min-1, and then mixed with 0.5% 

(w/v) KBH4 solution (in 0.2% KOH (w/v) at a flow rate of ~ 2.5 mL min-1. The mercury 

vapor generated in the reaction was separated in a gas-liquid separator and determined 

on an AF-610D2 atomic fluorescence spectrophotometer (Rayleigh, Beijing, China) with 

a mercury hollow cathode lamp (HCL) (General Research Institute of Non-Ferrous 

Metals, Beijing, China). 
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Methylmercury in soil/sediment 

Methylmercury in soil and sediment was extracted and quantified using 

guidelines outlined in Bloom (1997) [187]. The samples were first processed by acid 

solvent leaching in which approximately 2 to 3 g of wet sediment were placed into a 60 

mL PTFE vial. To this vial, 5 mL of a potassium bromide extraction solution consisting 

of 18 % KBr (w/v) in 5 % concentrated 36 M H2SO4 (v/v) and 0.02 % NH2OH•HCl 

(w/v), 1 mL 1 M CuSO4 and 10 mL CH2CL2 were added. The contents were allowed to 

sit at room temperature for 1 hour, mixed using a vertical orbital shaker at 80 rpm for 1 

hour, and then centrifuged for 15 min at 3000 rpm (5804 R centrifuge, Eppendorf). After 

the leaching step, 500 µL of the CH2Cl2 phase was removed  using a gas tight syringe 

and placed into another 60mL PTFE vial containing 20 mL ultrapure water (Barnstead, 

>17.8 Ωcm-1). The vials were placed in a heating block at 45oC and bubbled with high 

purity nitrogen gas (flow rate ~100 mL/min) to vaporize and remove the CH2Cl2 (30-40 

min).  The aqueous phase was then analyzed for total methylmercury using aqueous 

ethylation, GC pyrolysis and cold vapor atomic fluorescence spectrometry (EPA Method 

1630) [183-185]. Sediment methylmercury concentrations were reported on a dry weight 

basis. Recoveries for standard reference material CC580 were 90-98%.



 

 

 

Table C1: Total Hg(soil/sediment) , MeHg(soil/sediment) , AVS(soil/sediment), sulfate(aq) and dissolved organic 
carbon(aq) measurements (average ± 1 standard deviation, n=2-3). 
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Table C2: Surface water major cation concentrations (average ± 1 standard deviation, n=2-3, filtered, <0.45 µm) measured 
using ICP-AES. 
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Table C3: Total Hg and total MeHg in surface water (average ± 1 standard deviation, n=2-3). 
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Appendix D Supporting Information for Chapter 5 
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Figure D1: Linear correlations of methylmercury with (a) pore water boron (p = 0.06), (b) 
mercury (p = 0.42), (c) total organic carbon (p = 0.0001*) and (d) pore water arsenic (p = 0.54), 
in the Emory River during the spring, summer and fall months of the sampling period (April to 
November) for the entire sampling period. Hg, TOC, AVS and MeHg data are averages of 3 data 
points. 
 

 
 
 
 
 
 
 
 

 

 

 

(a) (b) 

(c) (d) 



 

166 

 

 
 

 

R² = 0.23

0.1

1

10

1 10

lo
g 

M
eH

g 
(n

g/
g)

log sulfate (mg/L)
 

R² = 0.48
0.1

1

10

0.1 1

lo
g 

M
eH

g 
(n

g/
g)

log AVS (µmol/g)
 

 

R² = 0.03

0.1

1

10

10 100

lo
g 

M
eH

g 
(n

g/
g)

log B (µg/L)  

R² = 0.12

0.1

1

10

0.1 1

lo
g 

M
eH

g 
(n

g/
g)

log Hg (µg/g)
 

R² = 0.01

0.1

1

10

1 10 100 1000

lo
g 

M
eH

g 
(n

g/
g)

log As (µg/L)

R² = 0.28

0.1

1

10

10 100 1000

lo
g 

M
eH

g,
 n

g/
g

log TOC, mg/g
 

 
Figure D2: Linear correlations of methylmercury with (a) porewater sulfate (p = 0.41), (b) 
sediment acid volatile sulfide (p = 0.004*), (c) pore water boron (p = 0.79), (d) mercury (p = 
0.20), (e) total organic carbon (p = 0.03*) and (f) pore water arsenic (p = 0.89) in the Clinch 
River during the spring, summer and fall months of the sampling period (April to November). 
The biogeochemical data suggested that methylmercury production was positively associated 
with sulfate reduction. TOC, Hg, AVS and MeHg data are averages of 3 data points. 
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