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ABSTRACT 

 

Sorption of Arsenic, Mercury, Selenium onto Nanostructured Adsorbent Media and Stabilization 

via Surface Reactions. (December 2009) 

Dong Suk Han, B.S.; M.S., Keimyung University, Daegu, South Korea 

Chair of Advisory Committee: Dr. Bill Batchelor 

 

The overall goal of this study is to evaluate the ability of novel nanostructured adsorbent 

media (NTAs, iron sulfides (FeS2 and FeS)) to remove arsenic, selenium and mercury from ash 

and scrubber pond effluents. The NTAs aim to enhance arsenic removal from solution compared 

to conventional adsorbents. The iron sulfides are expected to produce stable residuals for 

ultimate disposal after removing As, Se and Hg from solution, so that removal of these 

compounds from wastewaters will not result in contamination of soils and groundwaters. 

Methods for reliably and economically producing these materials were developed. The 

synthesized NTAs and iron sulfides were characterized by surface analysis techniques such as 

XRD, FT-IR, SEM-EDS, TEM, XPS, AFM and N2-adsorption. These analyses indicated that 

Ti(25)-SBA-15 has highly ordered hexagonal mesopores, MT has interparticle mesopores, pyrite 

(FeS2) forms crystalline, nonporous rectangular nanoparticles (<500 nm), and mackinawite (FeS) 

forms amorphous, nonporous nanoparticles (<100 nm).  

Kinetic and equilibrium tests for As(III, V) removal were conducted with NTAs over a 

range of pH (4, 7, 9.5). The rates of arsenic uptake were very fast and followed a bi-phasic 

sorption pattern, where sorption was fast for the first 10 minutes, and then slowed and was 

almost completed within 200 minutes. Distinct sorption maxima for As(III) removal were 

observed between pH 7 and pH 9.5 for MT and between pH 4 and pH 7 for Ti(25)-SBA-15. The 
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amount of As(V) adsorbed generally decreased as pH increased. In addition, a surface 

complexation model (SCM) based on the diffuse layer model (DLM) was used to predict arsenic 

adsorption envelopes by NTAs under various environmental conditions. The SCM for As(III, V) 

adsorption by NTAs demonstrated the role of mono- and bidentate surface complexes in arsenic 

adsorption.  

A batch reactor system was employed in an anaerobic chamber to conduct experiments 

to characterize both the removal of As, Se, Hg from solution and their subsequent reactions with 

iron sulfides. Experiment variables for removal experiments included: contaminant valence state 

(As(V), As(III), Se(VI), Se(IV), Hg(II)); adsorbent/reactant type (FeS, FeS2); adsorbent/reactant 

concentration; pH (7, 8, 9, 10); and competing ion (SO4
2-) concentration (0, 1, 10 mM). 

Experimental variables for reaction experiments were reaction time (up to 30 days) at pH 8 and 

oxidation states of contaminants. In addition, the stability of iron sulfides (FeS2, FeS) combined 

with target compounds was investigated by measuring the ability of the target compounds to 

resist release to the aqueous phase after removal. These experiments showed that iron sulfides 

were good adsorbent/reactants for target contaminants in spite of the presence of sulfate. This 

was particularly true at intermediate concentrations of target compounds. The experiments also 

demonstrated that iron sulfides interacted with target contaminants in such a way to improve 

their resistance to being released back to solution as pH was changed.  

Therefore, this study demonstrates the ability of novel nanostructured adsorbent media 

to remove arsenic, selenium and mercury from ash and scrubber pond effluents and the ability of 

iron sulfides to produce residuals that are stable when disposed in landfills.    
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1. INTRODUCTION 

1.1 Problem Statements and Motivation 

 Efficient water management at thermo-electric power plants is becoming increasingly 

important in the U.S. Electric power production is a major user of water in the U.S., accounting 

for almost 40 % of fresh water withdrawals in 2000 (1). For example, approximately 136,000 

million gallons per day (MGD) is used for thermo-electric power generation, which is as high as 

that used for irrigation (2). Increases in projected demands for electrical power will tend to 

increase water use in the future. Much of the projected increase in demand is expected in areas 

that are already facing water shortages, so the problem will be additionally difficult to solve. 

Furthermore, increased concern for release of toxic compounds is driving more stringent effluent 

discharge criteria. In particular, new toxicology data has lead to increasingly stringent discharge 

criteria for some compounds. 

 One important area for improved water management at power plants is that of 

wastewaters from ash and scrubber ponds. These waters can be contaminated with toxic 

compounds such as arsenic, selenium and mercury and must be treated before discharge (3). The 

composition of these waters depends on the fuel composition, presence of control devices for 

NOx and SOx, and other factors related to how the water system is managed. Fly ash is the major 

sink for arsenic and selenium at a power plant (4), so it is expected to be prevalent in ash pond 

waters. A lower fraction of mercury is partitioned to fly ash, but it can approach half of the load 

to the plant (4). Scrubber waters can also carry toxic compounds as well as very high 

concentrations of calcium and sulfate. 

 A variety of techniques can be applied to removing arsenic, selenium and mercury from  

ash and scrubber pond waters. Probably the most commonly applied treatment method is adsorp- 
 
____________ 
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tion onto iron oxy-hydroxides (5, 6), which is sometimes called coprecipitation. This     

process can remove arsenic, selenium and mercury, but it is limited by two important factors. 

First, the removal mechanism is primarily one of surface adsorption, so removal of target 

compounds (As, Hg, Se) can be inhibited by presence of other adsorbates. In particular, the 

presence of high concentrations of sulfate observed in scrubber waters would substantially 

reduce removals by adsorption. A second problem with treatment with iron oxy-hydroxides is 

that the residuals produced by the process are unstable when disposed in landfills. Landfills are 

typically anoxic and can support chemically reducing environments. Under reducing conditions, 

the ferric iron in the oxy-hydroxides would be reduced to ferrous iron, thereby destroying the 

solid-phase that had adsorbed the toxic compounds and releasing them to solution.  

 An alternative to current technology for removing arsenic, selenium and mercury from 

ash and scrubber pond waters is to remove them with iron sulfide (FeS) and iron disulfide (FeS2). 

Initial removal would be followed by surface reactions that would convert the toxic compounds 

to stable solid phases. Mixtures of As, Se, and Hg are often found in minerals, which 

demonstrate their long-term stability in the environment (7-13). Additionally, the specific 

reactions between the surfaces and the target compounds mean that interference by compounds 

such as sulfate would be minimized or removed. Therefore, this approach has the potential to 

simultaneously remove arsenic, selenium, and mercury from ash and scrubber pond waters and 

produce inherently stable residuals.  

 Another approach to enhancing removal of arsenic from solution is to apply nanoporous 

titania adsorbents (NTAs). A new more stringent maximum contaminant level (MCL) for arsenic 

is 10 ppb (μg/L) and many contaminated sites and approximately 4000 water utilities in the USA 

are not in compliance with the new MCL and would benefit from novel treatment technology 

(14). Until now, adsorption technology using conventional adsorbents (e.g., iron-hydroxide, 
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alumina, activated carbon) has been widely employed due to their safe, easy to set-up and use, 

relatively cost-effective treatment. However, there are limitations for conventional adsorbents to 

lower arsenic concentration below the new MCL due to their physical limitations. The 

development of NTAs is expected to enhance adsorption capacity for arsenic because the NTAs 

have highly regular mesoporosity with much higher surface areas and surface functional groups 

that more strongly attract arsenic. Moreover, if they have longer life cycles than other adsorbents 

or ion exchange resins, their relative cost-effectiveness will be improved.               

1.2 Strategic Approaches and Objectives 

 The overall goal of this study is to evaluate the ability of synthetic nano-structured 

adsorbents to remove arsenic, selenium, mercury from water while producing stable residuals for 

ultimate disposal. To achieve this goal, several tasks were conducted to evaluate novel treatment 

media applied to different target compounds and to investigate their chemical interactions on the 

surface. All experiments were conducted as part of one of the following tasks.   

1.2.1 Task 1: Develop Techniques to Synthesize Nanostructured Adsorbent Media 

and Characterize Surface Properties 

 Task 1 developed techniques to synthesize nanostructured adsorbents to removal 

inorganic compounds (As, Hg, Se) from water. Two types of nanostructured adsorbents were 

used in this study and they differed in terms of porosity. One type includes nanoporous titania 

adsorbents (NTAs) and the other consists of iron sulfide/disulfide (FeS and FeS2). The NTAs 

having titania sorption sites differed depending on the presence of mesoporous silica molecular 

sieve (SBA-15). Ti(x)-SBA-15 contains SBA-15 and mesoporous titania (MT) does not. In 

addition, effects of reactant (Fe2+, Fe3+, HS-) concentrations, temperature, and presence of nuclei 

on extent of formation and particle sizes of iron sulfide/disulfides was evaluated. A key focus of 
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this task was to develop methods to increase yields of nanostructured adsorbents with high 

surface area that results in high sorption capacities for target compounds. After developing 

synthesis methods, a series of experiments described in Tasks 2-6 was conducted with three 

target compounds (As, Hg, Se) to insure that the solids synthesized were able to reduce 

concentrations of target compounds to acceptable levels and were able to produce stable solid 

phases, i.e. solids that were able to retain the target compounds for long periods of time. 

Therefore, successful completion of Task 1 provides a specific procedure that can produce cost-

effective synthetic nanostructured adsorbent media at high yield.  

1.2.2 Task 2: Characterize Sorption Kinetics of As, Hg, Se Uptake by Nano-

Structured Adsorbent Media 

 Task 2 provided fundamental data to describe sorption kinetics of target compounds by 

NTAs (Ti(×)-SBA-15 and MT) and iron sulfide/disulfides (FeS and FeS2). To predict sorption 

behavior and sorption rates more precisely and to understand what factors strongly affect 

sorption kinetics, sorption kinetic model was applied to kinetic experimental data. The important 

objective of this Task was to provide fundamental information for conducting Tasks 2 and 3. In 

the case of synthetic iron sulfides contacted with target compounds, specifying the period of 

reaction time provides information to evaluate the reaction steps (i.e., surface adsorption and 

surface precipitation).  

1.2.3 Task 3: Characterize Sorption of As, Hg, Se on Nanostructured Adsorbent 

Media 

 Task 3 characterized the initial adsorption step of target compounds onto nanostructured 

adsorbents (NTAs and iron sulfides). Removal of arsenic (As(III), As(V)) by NTAs was 

evaluated by adsorption equilibrium experiments, which provided information about the 
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potential applicability to and long-term performance of these materials in adsorptive filtration 

technology. In the case of iron sulfide/disulfide (FeS and FeS2), experiments to evaluate removal 

of As, Hg, Se were conducted in a way that is similar to that used to characterize adsorption 

equilibrium. However, it is not believed that adsorption was the only important process affecting 

the behavior of target compounds in these experiments, nor is it believed that true chemical 

equilibrium was achieved. Characterization of adsorption of As, Hg, Se onto iron sulfides has 

provided fundamental information to evaluate sorption behavior that occurs prior to surface 

reactions. A variety of chemical equilibrium models were developed and employed to describe 

the interactions between target compounds and nanostructured adsorbents during sorption. Then, 

the best model was selected to guide the later tasks and future development of the sorption 

process. In addition, this task focused on quantifying the operating factors that affect surface 

adsorption. Therefore, successful completion of this task provided data needed to understand 

how target compounds adsorb onto nanostructured adsorbent media and to predict sorption 

behavior with chemical equilibrium models.   

1.2.4 Task 4: Characterize Adsorption Envelope of Arsenic by NTAs as Affected by 

Solution Composition 

 Sorption envelopes of arsenic onto NTAs were evaluated over a range of pH and 

concentrations of competing anions by assuming that adsorption reactions progressed to 

equilibrium. Other objectives of this study were to understand the sorption trends observed 

during the experiments and to evaluate how environmental factors affected the adsorption 

envelopes. Successful completion of this task provided criteria needed to extend experimental 

results to different conditions. 
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1.2.5 Task 5: Characterize Reactions of As, Hg, Se on the Surfaces of Iron Sulfides 

(FeS/FeS2) 

 The critical step in proposed study was characterizing surface reactions of target 

compounds after sorption occurred. Since each target compound (As, Hg, Se) has a specific 

affinity to iron or sulfur surface sites, characterizing surface reactions has important implications 

not only for removal from solution but also for stabilization of iron sulfides residuals. The 

surface reaction between target compounds and iron sulfide/disulfide was characterized by 

investigating the change of redox states of surface ions, by identifying the differences in redox 

state and binding partners of elements within the minerals (Fe, S), and by observing the 

differences in morphology of the surface before and after the surface reactions occur. The 

objectives of this task were to identify the solid phases (e.g., arsenopyrite (FeAsS) or orpiment 

(As2S3), cinnabar (HgS), ferroselite (FeSe2)) that form as products of surface reactions. 

Specifically, this task determined the optimum conditions for the formation of solid phases, 

including reaction time and relative doses of reagents.  

1.2.6 Task 6: Evaluate Stability of Iron Sulfides (FeS/FeS2) Residuals 

 The goal of this work was to determine the stability of adsorbent/reactants (FeS2, FeS) 

combined with target compounds (As(III), As(V), Se(IV), Se(VI), Hg(II)) and to evaluate the 

solid phases to better understand the chemical changes that can affect stability. In this context, 

“stability” is measured by the ability of the solids that have removed target compounds to resist 

their release back into the aqueous phase. If solids are sufficiently stable, they can be disposed to 

the environment without concern for subsequent release of and environmental contamination by 

the target compounds.    
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1.3 Dissertation Organization 

 The dissertation is divided into two major parts, according to the type of adsorbents 

being investigated. The first part deals with sorption behavior of arsenic (As(III), As(V)) on 

nanostructured titania adsorbents (NTAs). This part includes Sections 3 and 4. Section 3 focuses 

on surface characterization of synthetic NTAs and equilibrium and kinetic behavior of arsenic 

(As(III), As(V)) in batch sorption experiments. Two different synthesis methods were applied to 

synthesize NTAs. One method, called the “incipient wetness method”, was used to incorporate 

titanium into a mesoporous silica molecular sieve (SBA-15). The other method directly 

synthesized mesoporous titania, without using a mesoporous silica template. Surface properties 

of the adsorbents were characterized by spectroscopy as follows: Scanning electron microscopy 

(SEM) and transmission element microscopy (TEM) for solids morphology and particle size; X-

ray diffraction (XRD) for identity of solids; and Fourier transform infrared (FT-IR) spectroscopy 

for investigation of changes in the intensities of peaks for silanol (Si-OH) groups with changes in 

titanium loading ratio. Sorption kinetics for arsenic (As(III, V)) was evaluated as affected by 

total adsorbate concentration, solids concentration, and initial pH. Equilibrium experiments were 

conducted to evaluate sorption capacity of Ti(x)-SBA-15 and MT for arsenic (As(III, V)). The 

final solids concentration was 1 g/L and the initial target compound concentration varied. 

Experimental data was fitted to sorption equilibrium models (Langmuir and Freundlich).  

 Section 4 focuses on surface complexation modeling of arsenic adsorption envelopes 

under various solution compositions. Three factors that can affect sorption behavior were studied: 

1) target compounds concentration and 2) solid concentration. In addition, the diffuse double 

layer model (DLM) was applied as a surface complexation model to correlate experimental 

results. Calculations needed to apply the DLM were made by chemical equilibrium programs 

such as FITEQL and MINEQL+.  
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 The second part of the dissertation focuses on sorption, surface reactions, and stability 

of arsenic (As(III, V)), Hg(II), and selenium (Se(IV, VI)) combined with iron sulfide (FeS, 

mackinawite) and iron disulfide (FeS2, pyrite). The results of this research are covered in 

Sections 5 – 13. In Section 5, batch experiments on selenium (Se(IV, VI)) removal by pyrite 

were conducted at various contact times (1 day to 30 days). The morphology, topography, and 

oxidation status of surface species was observed by surface analysis techniques (SEM-EDS, XPS, 

AFM). The hypothesis that the surface-facilitated redox reactions between Se(IV, VI) and the 

pyrite surface can lead to formation of low solubility surface precipitates, was demonstrated by 

interpretation of microscopic and spectroscopic analyses.  

 As an extension of Section 5, Section 6 describes the macroscopic sorption behavior of 

mixtures of Se(IV, VI) and pyrite as well as the stability of Se(IV, VI)-contacted pyrites. This 

Section deals with the effect of time as well as aqueous phase concentration on removals of 

Se(IV, VI) with or without the presence of sulfate, as a competing ion. Results of these 

experiments provides a method for determining the fast or slow removal step, which can be the 

basis for determining the reaction time required to produce stable surface compounds. Stability 

experiments were conducted by first contacting pyrite with solutions of target compounds and 

allowing the target compounds to be removed and to react with the solid surface. Then, the 

solution pH was changed in a series of steps and the concentration of target compound in the 

aqueous phase measured. The extent of release of target compounds as pH is changed is a 

measure of the stability of the combination of pyrite and Se(IV, VI). To understand what 

chemical changes occur when selenium interacts with the surface of pyrite and how those 

changes affect stability, the solid surfaces were characterized with different techniques, including 

SEM-EDS, XPS, and AFM.  

 Sections 7 and 8 are organized similarly to Sections 5 and 6, except that the suspensions 
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contain mackinawite (FeS). The results of XPS analyses of FeS contacted with Se(IV, VI) and 

allowed to react for up to 30 days are interpreted with those of macroscopic investigations of 

removals of selenium on FeS. The hypothesis that Se(IV, VI) is reduced by FeS and subsequently 

forms less soluble solid phases is supported by the reaction mechanism developed in Sections 5 

and 6. The stability of FeS contacted with Se(IV, VI) is evaluated in Section 7.  

 Sections 9-11 focus on arsenic (As(III,V)) removal by both pyrite and mackinawite. 

These Sections follow similar patterns of organization to the Sections that described selenium 

removals by pyrite and mackinawite. Section 9 presents sorption behavior of As(III, V) by pyrite 

and mackinawite. The chemical interactions between As(III, V) and the solids surface during up 

to 30 days of contact were investigated by microscopic and spectroscopic analyses, including 

SEM-EDS, XPS, and AFM. Sections 10 and 11 discuss the kinetics and extent of removal as 

affected by pH and the presence of a competing ion (sulfate), as well as the stability of As-

contacted pyrite and mackinawite.  

 Sections 12 and 13 focus on removal of mercury(II) by pyrite and mackinawite.  

Mercury(II) is also expected to form low solubility solid-phases such as HgS or HgS2. A surface 

reaction mechanism for Hg is supported by both surface analysis techniques (SEM, XPS, AFM) 

and macroscopic sorption results. Results of experiments to evaluate the stability of solid-phases 

containing Hg give additional evidence for formation of less soluble solid phases.  

 Finally, Section 14 summarizes and draws conclusions based on all of the content of the 

dissertation.  
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2. BACKGROUND 

2.1 Arsenic 

2.1.1 Introduction 

    Arsenic concentrations in drinking water have been regulated for protection of public 

health in the U.S. since 1942. The standard of 50 μg/L was the maximum contaminant level 

(MCL) for total arsenic in drinking water for over 50 years. Epidemiological evidence of arsenic 

carcinogenicity was taken as evidence that this standard might not be sufficiently protective of 

human health. The cancer risk from arsenic in drinking water at the 50-μg/L level is estimated to 

be 200 times the acceptable level of 10-4 specified by EPA (15). Therefore, EPA promulgated a 

new health-based enforceable MCL of 10 μg/L and a non-enforceable maximum contaminant 

level goal (MCLG) of 0.0 μg/L (16). However, this standard might also need to be revised by 

regulatory agencies, because significant biological effects of As at less than the current EPA 

MCL of 10 ppb on the innate immune system has recently been observed in a mouse model of 

exposure (17). It has also been suggested that those who have a weakened immune system can 

be easily infected by the H1N1 flu that has recently been found in Mexico (18).       

2.1.2 Acid/Base and Redox Chemistry  

 The two primary oxidation states of arsenic that are of importance in natural waters are 

the +V oxidation state (arsenate or arsenic acid) and the +III oxidation state (arsenite or 

arsenious acid) (19, 20). Arsenic acid (As(V)) has pKa values at 2.20, 6.97 and 11.53 while 

arsenous acid (As(III)) has pKa values of 9.22, 12.13, and 13.40 (Figure 2.1). Therefore, at pH 7, 

As(V) will exist primarily as negatively charged species and As(III) will exist primarily as an 

uncharged specie. Under oxidizing conditions, arsenate is predicted to be the stable form, while 

under reducing conditions, arsenite becomes the stable form. At pH 7, H3AsO3 and HAsO4
2- will 
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have equal activities at pe = 0.22 (equilibrium data from Vink (1996))(21).   
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Figure 2.1 Speciation of arsenic (III, V) as a function of pH for [As]T=0.1 M and I=0.1 M 
(as NaCl). Calculations were made by chemical equilibrium program, MINEQL+.   

2.1.3 Precipitation of Arsenic Compounds 

 Arsenic readily precipitates as a sulfide (22) or co-precipitates with metal sulfides (19). 

The available thermodynamic data indicate that the presence of sulfide should result in the 

effective precipitation and removal of arsenic. Kim et al. (2000) reported that both As(V) and 

As(III) are quickly and reductively converted to insoluble arsenic sulfide precipitate when 

sulfides are present (23). Packed beds of ferrous sulfide and the addition of hydrogen sulfide or 
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sodium sulfide have been used in removal processes (24, 25). 

 Blakey (1984) investigated the behavior and attenuation of arsenical waste co-disposed 

with domestic solid wastes (26). Results of this study indicated that under strongly reduced 

conditions in the presence of hydrogen sulfide, the iron present in the solution precipitates as 

iron sulfide. The arsenic present is either co-precipitated with iron sulfide or is reduced to the 

arsenic sulfide directly, particularly at about pH 7. Attenuation of arsenic by a factor of 10 was 

obtained. However, under mildly reducing conditions, where hydrogen sulfide is absent, the 

presence of soluble ferrous iron had little effect on the mobility of the more toxic reduced As(III) 

ion. A study conducted by Carbonell-Barrachina et al. (1999) to evaluate the effect of redox 

potential and pH on arsenic chemistry in municipal sewage sludge indicated that upon reduction 

to Eh = -250 mV (pe = -4.2), arsenic solubility was controlled by the formation of insoluble 

sulfides and as a result, soluble arsenic concentrations dramatically decreased compared to levels 

measured at Eh = 0 mV (27). Arsenic and sulfur concentrations were highly and negatively 

correlated (R2 = 0.76). Another study by Carbonell-Barrachina et al. (1999) indicated that the 

concentrations of arsenic remained low and constant under both aerobic and anaerobic 

conditions in sludge-amended soil after dissolution of Fe and Mn-oxides (28). The As(V) was 

released into sludge solution, reduced to As(III) and likely precipitates with sulfide. Therefore, 

an organic amendment rich in sulfur compounds, such as sewage sludge, would drastically 

reduce the potential risks derived from potential releases of arsenic because it microbial activity 

would bring about lower redox conditions with the presence of sulfides. In hydrometallurgical 

processes, the precipitation of an amorphous form of orpiment (As2S3 (am)) is used as a method 

to remove arsenic from waste streams (29).  

 One of the least soluble arsenic solids is arsenopyrite (FeAsS). This is the primary 

mineral form of arsenic and it is believed to have been formed geologically under conditions of 
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high temperature and pressure (30). However, arsenopyrite has also been reported to be formed 

in natural sediments and water treatment sludges under less extreme conditions (31-33). 

Vlassopoulos et al. (1999) reported that arsenic was immobilized in a tidal marsh groundwater 

by coprecipitation with iron sulfide and formation of arsenopyrite (31). Rittle (1995) reported 

formation of arsenopyrite from As(III) in sediment microorganisms in which sulfide was formed 

by microbial sulfate reduction (32). Heinrich and Eadington (1986) describe a pathway for 

formation of arsenopyrite at low temperatures by reaction of As(III) and Fe(II) with Sn2+ (33). 

Even if formation of arsenopyrite is difficult, it may be possible to form arsenian pyrite 

(Fe(S,As)2) (30), which may approach the low solubility of arsenopyrite.    

2.1.4 Sorption of Arsenic 

 Zouboulis et al. (1993) investigated the application of pyrite as a sorbent for arsenic 

(34). The pyrite that was used was a byproduct/solid waste from an industrial process and had a 

median diameter of 11 µm and a specific surface area of 4.7 m2/g. Removal of As(V) was 

optimal at pH 3-9, while removal of As(III) was optimal at pH 7-10. Equilibrium was observed 

to occur within 10 minutes. Using the data presented in that paper, linear partition coefficients 

can be calculated that are in the range between 100 – 200 L/kg. Farquhar et al. (2002) 

investigated sorption of arsenic onto ground natural pyrite (size < 32 µm) and FeS (mackinawite) 

(35). The data presented could be used to calculate linear sorption coefficients of 32 and 41 L/kg 

for As(III) and As(V), respectively, on pyrite and 1340 and 420 L/kg for As(III) and As(V), 

respectively, on FeS. Differences in partition coefficients with Zouboulis et al. (1993) could be 

due to differences in pyrite size (34). Others have reported successful removal of arsenic by 

adsorption/reaction with FeS (36, 37). Pyrite (FeS2) is a mineral that often contains impurities 

such as arsenic in nature (38). The fact that these minerals have existed for geologic time periods 

attests to their stability.  
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 Although an adsorption mechanism can be reasonably used to describe the mechanism 

of arsenic removal from solution, it does not completely describe the interaction of arsenic with 

iron sulfide and disulfides. Bostick et al. (2004) have shown that substantial arsenic removal 

occurs in the first 30 minutes when placed in contact with FeS and FeS2, but that soluble arsenic 

concentrations continue to decrease for as long as 100 hours (39). This is much longer than 

would be needed for equilibration with the surface of a non-porous solid phase. They interpret 

the slow removal as the result of surface reactions that form a series of more insoluble solid 

phases that continue to remove arsenic to lower levels. Surface analysis by XANES showed that 

the initial solid phase was similar to arsenopyrite, which is a very insoluble solid phase and a 

major form of arsenic in nature (39). Therefore, the interaction of arsenic with iron sulfide and 

disulfide should be considered an adsorption/reaction process, not solely an adsorption process. 

Wolthers et al. (2005) exhibited that As(III) sorption to disordered mackinawite is explained by a 

Freundlich isotherm and is not strongly pH-dependent (40). The X-ray absorption spectroscopy 

(XAS) study showed that both As(III) and As(V) form an outer-sphere complex at the surface of 

mackinawite (40). This result is in accordance with those reported by Farquhar et al. (2002) and 

indicates that both As(III) and As(V) at pH 5.5-6.5 coordinate to four oxygen atoms (As-O: 1.69-

1.76 Å) in the first coordination shell, and they coordinate with two sulfur (~3.1 Å) and three 

iron atoms (3.4-3.5 Å) in the second shell. This suggests interactions via outer-sphere 

complexation, because the distances for the As-S and As-Fe bonds are longer than that for As-O. 

(35). However, this result was obtained under experimental conditions of low arsenic 

concentration and pH in the range 5.5 – 6.5. However, when pH was lowered to pH 4.0, arsenic 

was coprecipitated with mackinawite. The formation of precipitates is affected by arsenic 

concentration as well as pH.  For example, a poorly crystalline arsenic sulfide (As2S3) was 

formed at high As(III) and As(V) concentrations and low pH (35). A similar result was obtained 
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when pyrite reacted with arsenic at acidic pH and As2S3 and As4S4-like precipitates were 

observed to form (41). Gallegos et al. (2008) studied the removal of As(III) using nano-

particulate mackinawite with the help of surface analysis techniques, including XAS and XRD 

(42). They found that sorption mechanisms of As(III) are very different under different solution 

conditions, such as initial As(III) concentration or pH. For instance, when mackinawite was 

reacted with 5 × 10-4 M As(III) at basic pH (5, 7, 9), a realgar-like solid phase was indentified 

and showed that As(III) was being reduced. This identification was made by XRD and XAS, 

which indicated arsenic coordination environments in which arsenic was bound to sulfur (As-S: 

~2.26 Å) and to arsenic (As-As: ~2.54 Å). At lower As(III) concentration (5 × 10-5 M), the 

realgar-like solid phase was observed below pH 5, while only adsorption of As(III) without the 

occurrence of reduction-mediated precipitation was observed at basic pH. Therefore, it was 

demonstrated that whether As(III) sorbed to mackinawite or precipitated via surface reactions is 

strongly affected by environmental conditions. This could be the reason why discrepant results 

are frequently reported in the literature, even when conditions are similar.  

2.1.5 Release of Arsenic from Arsenic-Bearing Wastes 

 A major source of arsenic-contaminated wastes will be residuals from treatment 

processes that use iron oxy-hydroxides. Robins (1992) questioned the long term stability of the 

(oxy)hydroxide-arsenic solid material (43). He has demonstrated that arsenic removal is via 

adsorption and not by formation of precipitated arsenic-containing solid phase. Therefore, 

ripening of the (oxy)hydroxide solids after disposal could result in reduced surface area and 

arsenic release. Arsenic could also be released under moderately reducing environments where 

Fe(III) in the (oxy)hydroxides could be reduced to soluble Fe(II), releasing the sorbed arsenic. 

Moderately reducing conditions are found in most landfills due to high concentrations of 

dissolved organic carbon and bacteria, which often results in reduction of As(V) and release of 
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As(III) (26, 44, 45).  

 Barnett (1992) reported that the behavior of arsenic in engineered systems such as 

landfills and water distribution systems is probably influenced by many factors operative in 

natural systems (46). Conceptually, the mobility of arsenic below a landfill would be controlled 

by the redox condition of the groundwater in a manner analogous to natural waters (44). Arsenic 

would be expected to be immobile in the oxic zone because of adsorption onto ferric 

(oxy)hydroxides. However, it could become mobile upon the onset of moderately reducing 

conditions and then become immobile as more strongly reducing conditions developed and 

sulfide solid phases are generated. In laboratory leaching tests with concentrated arsenic wastes 

(concentrations from <1 to 121 g/wet kg), arsenic was most mobile at neutral pH under mildly 

reducing conditions and least mobile under neutral pH and strongly reducing conditions, 

possibly the result of sulfide precipitation (26).  

 Under reducing conditions such as found in landfills, Fe(III) is converted to Fe(II), 

which destroys the binding sites for arsenic. Furthermore, As(V) is reduced to As(III), which is 

less strongly bound to the remaining iron hydroxide sites. Thus, the solubility and mobility of 

arsenic is significantly increased. White and Sevee (1999) reported that landfills in southern New 

Hampshire contribute to the mobilization of arsenic by generating soluble total organic carbon, 

which creates and sustains the reductive dissolution mechanism responsible for the release of 

arsenic to the groundwater (47). Welch (1999) indicated that synthetic organic compounds can 

lead to reductive dissolution of iron oxide and arsenic release (48). Laboratory experiments by 

Ahmann (1997) showed that significant arsenic mobilization from contaminated sediments by 

microbial arsenic reduction (45). Moore et al. (1998) reported that total interstitial arsenic in 

sediments increased from less than 20 mg/kg of soil in the oxidized zone to > 550 mg/kg in the 

reduced zone, indicative of the dissolution of iron and manganese (oxy)hydroxides (49).   
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 Laboratory experiments and modeling studies conducted by Meng et al. (2001) on a 

surface water treatment sludge from a California surface water treatment plant indicated that 

soluble arsenic increased from less than 5 µg/L to as high as 700 µg/L when the sludge was aged 

for a few weeks in closed containers (50). This release was caused by reduction of ferric 

(oxy)hydroxide to ferrous iron and As(V) to As(III). Experimental results and thermodynamic 

models showed that the effects of redox conditions on arsenic mobility can be divided into three 

zones: (a) an adsorption zone at oxidizing conditions (pe > 0; Eh > 0 mV), which is characterized 

by strong adsorption of As(V) on ferric (oxy)hydroxide; (b) a mobilization zone at moderately 

reducing conditions (-4.0 < pe < 0; -240 mV < Eh < 0 mV), where arsenic is released because of 

reduction of ferric (oxy)hydroxide to ferrous iron and As(V) to As(III); and (c) a reductive 

fixation zone at strongly reducing conditions (pe < -4.0; Eh < -240 mV), where arsenic is 

immobilized by reaction with sulfides and other reduced solid phases.   

 Leachate from a municipal landfill in Saco, Maine resulted in a plume of anoxic 

groundwater containing high concentrations of As(III), ferrous iron, manganese, and dissolved 

organic carbon. The arsenic appears to have been released by reductive dissolution of arsenic-

containing iron oxides in the landfill by dissolved organic carbon (51). The presence in landfill 

leachate of inorganic solutes such as phosphate, sulfates, and lower pH may also cause arsenic 

mobilization. The anions can directly compete for surface binding sites and may also influence 

the surface charge of adsorbents. This would control the degree to which arsenic remains 

associated with the (oxy)hydroxide surface or enters the leachate (52). 

 In summary, arsenic can be released from arsenic-contaminated wastes after it is 

disposed if moderately reducing conditions occur. It would be difficult to insure that such 

conditions do not occur in a landfill. Therefore, residuals may show low leachability when 

measured by a test such as TCLP that is conducted under aerobic/oxidizing conditions, but high 
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leachability in moderately reducing landfills. This means that many residuals may require further 

treatment before disposal in order to immobilize arsenic and prevent its release to the 

environment. Stabilization process should be designed so that arsenic is strongly immobilized 

under conditions in disposal zone, which in the case of landfills, will be reducing. 

2.2 Selenium 

2.2.1 Introduction 

 Selenium is known to be an essential nutritional element to animals and humans, 

although it is not essential for plant growth (53). According to the level of Se in vegetation, 

however, it can be toxic to animals (53). For instance, leaching of Se-rich soils by agricultural 

drainage in the San Joaquin valley was found to result in extremely harmful levels, with 

concentrations in drainage water approaching 500 μg/L, which is high enough to cause 

carcinogenic and teratogenic effects (54). In addition, chronic exposure to low levels of Se can 

cause developmental abnormalities and reproductive disorders. The difference in Se 

concentrations between levels that cause nutrient deficiency and toxicity is smaller than that 

noted for other USEPA priority or non-priority pollutant (55, 56).     

 Selenium is released from natural and anthropogenic sources and coal-fired power 

stations are one of the largest anthropogenic sources. Selenium is present in coal at small 

concentrations of several parts per million and most of that is associated with organic matter, but 

5-10 % appears to be associated with pyrite or other mineral sulfides (3, 57). Selenium in all 

phases can be released to the environment if not managed continuously. Recently, selenium (79Se, 

t1/2=1.0×106 years) has been found in radioactive wastes resulting from processing spent fuel and 

in releases from operating nuclear reactors and fuel reprocessing plants. 
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2.2.2 Aquatic Chemistry of Selenium 

 Selenium is an analogue of sulfur, so they are similar in aquatic chemistry (58). The 

primary selenium species in oxidized water are selenate (SeVIO4
2-), selenite (SeIVO3

2-) and their 

protonated forms. Figure 2.2 shows that the pKa values for selenic acid (H2SeO4) are <1 and 1.7, 

and those for selenious acid (H2SeO3) are 2.75 and 8.5 (58). Therefore, at pH 7, the primary 

species will be SeO4
2- and HSeO3

-. Under more reducing conditions, zero-valent selenium and 

hydrogen selenide (H2Se) are found. The pKa values for hydrogen selenide are 3.89 and 15, so 

HSe- will be the primary Se(-II) species observed in the pH range of most natural waters. Se(IV) 

and Se(VI) are most mobile, while Se(0) and Se(-II) are relatively immobile because of the low 

solubility of their solid phases. Se(IV) is more toxic than other forms and that is why Se(IV) 

removal is extensively studied (59). In addition, zero-valent selenium and HSe- in subsurface 

environments can form less soluble solid phases such as metal sulfide ores that include Fe, Cu, 

and Pb (60-62).  
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Figure 2.2 Speciation of selenium (IV, VI) as a function of pH for [Se]T=0.1M and I =0.1 M 
as NaCl. Calculations are made by MINEQL+(63). 
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Figure 2.2 Continued. 

2.2.3 Sorption of Selenium 

 The lowest solubility solid forms of selenium are elemental selenium (Se(0)) and metal 

selenides. FeSe has been proposed as a controlling solid in reduced sediments contaminated with 

selenium (64). The soluble concentration of Se in equilibrium with FeSe at pH 7 can be 

calculated as being less than 1 µg/L using the chemical equilibrium program VMINTEQ (65). 

The stability of metal selenides is seen in the fact that selenium is often found in nature as the 

selenide substituting for sulfide in metal sulfide solids (9, 66). Interaction of oxidized forms of 

selenium with metal sulfide solids has also been reported (9). Transport of selenate is strongly 

affected by its adsorption onto FeS and subsequent reaction. Recent studies demonstrate that 

selenite was reduced to insoluble Se(0) after contact with Fe(II)-bearing minerals such as 

mackinawite and magnetite, finally forming two iron selenides (Fe7Se8 and FeSe) (67). 

Adsorption was reported to be relatively independent of pH and stronger on FeS than on FeS2. In 

addition, a kinetically limited redox reaction of Se(IV) is observed with FeS and FeS2, in which 

Se(IV) is reduced to Se(0) by nanoparticulate FeS within one day, while it takes a week with 
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pyrite (67). XANES analysis indicated that selenate reacted on the surface to form more reduced 

species, but identification of Se(-II) was not possible due to limitations of the analytical 

technique.   

 Removal of selenites and selenates from water and wastewater is most commonly 

achieved by adsorption onto iron oxy-hydroxides. This technology has been adopted as the Best 

Demonstrated Available Technology (BDAT) for selenium treatment by the EPA (68). This 

application of iron oxy-hydroxide adsorption has the same limitations as when applied to 

removal of arsenic. Removal of selenium will be inhibited by competing ions such as sulfate and 

the residuals will not be stable under the anoxic conditions found in landfills. 

2.3 Mercury 

2.3.1 Introduction 

 Mercury has been considered as a global contaminant of significant concern for 

centuries due to its high toxicity and bioaccumulation via the aquatic food chain, which seriously 

affects natural ecosystems and the heath of humans. Historically, the first outbreak of mercury-

related disaster occurred in the mid 1950s at Minamata, which is a city located in Japan on the 

coast of the Yatsushiro Sea. More than a few hundred people died as a result of dumping 27 tons 

of mercury compounds into Minamata Bay (69). Exposure to high levels of mercury can cause 

inhibition of enzyme activity, cell damage, impairment of pulmonary function and kidney 

performance, chest pain, and damage of the central nerve system (70, 71). Also, trace quantities 

of mercury may accumulate in the biosphere, so that many ecologists and health authorities have 

paid considerable attention to this problem. Mercury contamination is from anthropogenic and 

natural sources including chloro-alkali plants, mining and smelting activities, coal-fired power 

plants, electrical and electronic manufacturing plants, and a variety of incinerator facilities (72, 

73). Among them, coal-fired power plants and incinerator facilities are the major source, 
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constituting 77 % of anthropogenic Hg emissions in the United States and emitting 120 ton of 

Hg per year (74). Removal of inorganic Hg from emissions is a crucial process because in 

aquatic ecosystem, most of inorganic Hg is transformed to methylmercury (MeHg) that leads to 

buildup of highly elevated concentration in aquatic fish and wildlife (75).  

2.3.2 Aquatic Chemistry of Mercury 

 Inorganic mercury exists in the aqueous environment primarily as divalent mercury 

(Hg(II)), however, the zero-valent state can also exist under some conditions (76, 77). However, 

formation of Hg(0) is slow without biological action and it is expected to volatilize if it is 

produced (76, 77). Under reducing conditions, the primary soluble complexes are those formed 

with sulfide (Hg(HS)2, HgS2H-, HgS2
2-) (Figure 2.3) and insoluble solids are formed depending 

on various solution conditions (e.g., pH, [Hg]/[sulfide]). Under oxic conditions, on the other 

hand, mercury tends to complex with hydroxide (Hg2+, Hg(OH)+, Hg(OH)2(aq)), chloride 

(HgClOH(aq), HgCl2(aq), HgCl3
-), and sulfate (HgSO4) (Figure 2.4) (76, 78, 79). In particular, in 

oxic seawater, mercury-chloro complexes (HgCl4
2-, HgCl-, HgCl2

o, HgCl+) are dominant, 

although other mercury-halide complexes are present, because chloride ion concentration is 

much higher than the concentrations of other halide ions (80). In such an environment, the 

concentrations of mercury-hydroxide complexes are not appreciable, because the pH of sea 

water is about 8. Many earlier studies reported that the maximum adsorption of Hg(II) by a 

variety of adsorbents (SiO2, bentonite, goethite) was observed below pH 5, but in the presence of 

Cl- ion, the extent of Hg(II) adsorption is considerably reduced because a lager fraction of 

mercury is present as HgCl2 (Figure 2.4b) (81).  
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Figure 2.3 Speciation of mercury as a function of pH for [Hg]T = 5 × 10-4 M and [HS-]T = 0.1 
M. Calculations were made by MINEQL+ without considering precipitates.    
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Figure 2.4 Aqueous speciation of mercury ([Hg]T = 5 × 10-4 M) in (a) the ligand-free system 
and in the presence of (b) [Cl-]T = 0.1 M and (c) [SO4

2-]T = 0.1 M. Calculations were made 
by MINEQL+ without considering precipitates.    
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2.3.3 Precipitation of Mercury 

 Since Hg(II) is a “soft” Lewis acid that is preferentially bonded with “soft” Lewis bases 

such as those containing a thiol functional group, the use of sulfur-containing chemicals has been 

widely used to remove mercury (82, 83). Thus, mercury forms a very insoluble solid with sulfide 

(76, 77, 84, 85). This has been the basis for the most common treatment process for removing 

mercury from industrial wastewaters such as those at chloro-alkali plants (86). It can typically 

achieve effluent concentrations in the range between 10 and 100 µg/L, but there are problems 

associated with controlling the sulfide dose. If excess sulfide is added, then soluble Hg-S 

complexes are formed and the effluent concentrations of soluble mercury increase (86). In 

general, the solubility of Hg-sulfide solid phases depends on pH and sulfide concentration. At 

low pH and low sulfide concentration, formation of insoluble mercuric sulfide solid phase (HgS) 

is preferred, whereas soluble Hg-S complexes occurs at high pH and high sulfide concentrations 

(79).   

2.3.4 Sorption of Mercury 

 A way of avoiding the problems that occur in precipitation processes that use soluble 

reagents is to dose with large particles of iron sulfide, which gradually dissolves to produce the 

needed sulfide (76). If smaller particles are added, the removal mechanism will include sorption 

and surface reaction. Nano-scale iron sulfide particles have been produced microbially or 

abiotically and applied to removal of mercury (37, 70, 87, 88). Particle sizes around 2-5 nm and 

specific surface areas of 280-500 m2/g have been reported (88). The biogenic FeS particles can 

adsorb and react with mercury resulting in metal loadings as high as 0.66 g Hg/g FeS (0.29 

mole/mole) (87). Evidence for the reaction phase is found in the decrease in soluble mercury 

concentration with time (1 to 24 hr) that becomes more pronounced as the surface concentration 

is increased (87). Other metals besides Hg were shown to be removed by the biogenic FeS (87, 



26 

 

  

88). Chemical synthesis of nano-sized FeS has also been reported (89, 90). Others have also 

reported that iron sulfides are good reagents for removing mercury from solution (10-12, 70, 84, 

91-93). For example, X-ray photoelectron spectroscopy (XPS) studies on interactions between 

Hg(II) and pyrite demonstrated that high sorption is caused by the formation of weakly or 

strongly bound species including Hg-chloro and Hg-sulfhydryl complexes rather than HgS(s) (11, 

92-94). Bower et al (2008) conducted experiments for Hg(II) removal by pyrite in batch and 

column systems (11). XPS analyses indicated that during aging over two weeks at low pH, an 

ordered monolayer of mono-dentate Hg-Cl complexes was formed on the pyrite surface. In 

studies with columns packed with the mixtures of pyrite and pure quartz sand, a great retardation 

of Hg(II) was observed, although the system was exposed to oxygen (11). Liu et al. (2008) 

investigated interactions between aqueous Hg(II) and FeS in batch sorption experiments, and 

found that the maximum removal capacity at lower pH was approximately 0.75 mol Hg(II)/mol 

FeS. They also used X-ray power diffraction (XRPD) to identify the major products as 

metacinnabar, cinnabar, and mercury iron sulfide (10).    

2.4 Nanostructured Adsorbents Media 

2.4.1 Mackinawite 

 Mackinawite (FeS) is an ubiquitous mineral in anoxic sediments where sulfate-reducing 

bacteria produce sulfides that subsequently react with ferrous iron. Amorphous or a weakly 

crystalline tetragonal mackinawite (FeS0.995-1.023) is known as metastable iron monosulfide and 

after it is precipitated, it is rapidly altered to thermodynamically stable pyrite (FeS2). Greigite 

(Fe3S4) is an intermediate solid phase that can be formed if mackinawite is exposed to air (95). 

Among iron sulfides, amorphous mackniwaite is known to be highly reactive with toxic metals. 

Figure 2.5 shows the primary pathways for formation of sedimentary iron sulfides (96). Due to 

its high level of reactivity (large surface area) and common occurrence in estuarine or near-shore 



27 

 

  

marine environments, mackinawite is a topic of research in many areas in environmental science 

and engineering.  

 Since most transition metals have a strong affinity for surface-bound sulfur specie, 

elevated concentrations of various transition metals are usually found in the pyritized anoxic 

sediments where they tend to coprecipitate or to be incorporated with intermediates of pyrite 

such as mackinawite (40, 97-100). Morse (1993) indicated that mackinawite can contain up to 

4.29 wt% Cu, 3.75 wt% Co, and 4.09 wt% Ni (98). In particular, many sorption experiments 

using mackinawite have been conducted and various surface analysis techniques have been used 

to characterize the chemical interactions between the mackinawite surface and toxic heavy 

metals, such as Cu, Cd, Co, Ni, Mn, and Au (101-103). This research shows that retention of 

toxic metals by mackinawite is caused by adsorption and various surface reactions, resulting in 

formation of discrete precipitates (CdS), mixtures of co-precipitates (CuFeS2), depending on 

solution conditions (103). In addition, mackinawite is widely used to retain redox sensitive 

radio-nuclides (Np, U, Tc) (104-108) or reduce toxic chlorinated chemicals (PCE, TCE, CCl4) 

(109-118).  
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Figure 2.5 The primary pathways for formation of sedimentary iron sulfides. Circles and 
rectangles denote dissolved and solid species, respectively. Text in italics refers to processes 
that involve the activity of bacteria. (Used with permission from Pósfai and Dunin-
Borkowski (96)). 

 In particular, removal of cationic metals by mackinawite can be explained by two 

reaction mechanisms. One is to form a less soluble metal sulfide (MS) than mackinawite by 

replacing Fe atoms with divalent metals or incorporating them into the lattice of mackinawite 

((M,Fe)S). For instance, the displacement reaction of mackinawite in the presence of a divalent 

metal appears to occur at a 1:1 molar ratio. 

 FeS  +  M2+  →  MS  +  Fe2+ (2.1) 

where M2+ represents a divalent metal, such as Co, Cd, Mn, Ni, Zn, Cu, Pb, Hg, and MS 
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represents a less soluble metal sulfide than mackinawite. However, formation of precipitates or 

co-precipitates occurs only if the solubility of the metal sulfide being formed is lower than that 

of mackinawite and, as conditions become more reducing, the precipitates that are formed may 

be pyritized (119, 120). In contrast, if more divalent metals are present that have sulfides that are 

more soluble than mackinawite, those metals preferentially adsorb on mackinawite via 

electrostatic-derived attraction between divalent metals and mackinawite surface. When 

mackinawite is dispersed in a solution with pH higher than pHzpc, the surface of mackinawite is 

expected to be negatively charged, so that positively charged divalent metals can adsorb on the 

mackinawite surface. Although the reactions discussed above are expected to occur generally, 

inconsistent results are sometimes reported to occur even when equivalent experimental 

conditions are used. For example, adsorption could act as the main removal mechanism in a 

system where replacement or precipitation would be expected to occur, because the metal-FeS 

system is highly complicated and very susceptible to reaction conditions (120).   

 A few studies have demonstrated that replacement and precipitation reactions of metals 

with mackinawite were completed over time scale of minutes to hours (119). Table 2.1 

summarizes the solubility products (Ksp) of various metal sulfides. The insolubility of these 

metal sulfides is in order: HgS >> PbS > CuS > CdS > ZnS > NiS > mackinawite.  

Table 2.1 Comparison of solubility constants of selected metal 
sulfides (121, 122). 
Metal sulfides Solubility Product (Ksp) 
FeS, mackinawite 2.3 × 10-4 
NiS, millerite 5.9 × 10-10 
ZnS, sphalerite 1.6 × 10-11 
CdS, greenockite 7.9 × 10-15 
CuS, covellite 6.3 × 10-23 
PbS, galena 8.4 × 10-28 
HgS, cinnabar 3.0 × 10-53 
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So far, there are three methods for synthesis of mackinawite in batch systems at 

ambient temperature. All methods use aqueous sulfide solutions that react with different iron(II) 

donors (metallic iron, ferrous iron, reduced iron(III) oxy-hydroxides via sulfate reducing 

bacteria). Gallegos (2007) cited that once mackinawite is synthesized, different compositions of 

mackinawite could occur by competition between H2S and HS- to react with ferrous iron, 

depending on pH. Wolthers (2003) described this in more detail and provided the following 

reaction equations (123).  

 Fe2+ + H2S → FeSam + 2H+ (2.2) 

 Fe2+ + 2HS- → Fe(HS)2 → FeSam + H2S (2.3) 

Reaction (2.2) is dominant at pH < 7 and reaction (2.3) is dominant at pH > 7. 

2.4.2 Pyrite 

 Pyrite (FeS2) is also formed in reducing subsurface environments where sufficient 

reduced sulfur species and iron(II) species are available, and it is formed through intermediates 

of iron sulfide. Pyrite is mostly observed in terrestrial or marine sediments and it is the most 

abundant type of iron sulfide on the Earth’s surface (124, 125). Major factors that govern the 

rates of pyrite formation are carbon-to-sulfur ratio, availability of iron, redox potential, and 

acidity (126). For example, in the submarine environments where lack of organic carbon leads to 

low amounts of sulfate reducing bacteria, a slow rate of pyrite formation results in framboidal 

morphology (126). In contrast, salt marsh environments (e.g., the Atlantic coast of North 

America and northern Europe) have sufficient numbers of where sulfate reducing bacteria and 

other iron(II) species to form pyrite rapidly, resulting in small single pyrite crystals (126-128).  

Moreover, if intermediate sulfur species (e.g., polysulfides, polythionates, thiosulfate) are 

abundantly present, pyrite or marcasite is formed rapidly (124).   
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 Pyrite has an octahedral molecular arrangement and can form various crystalline shapes 

from cubical to polyhedral (126). For example, in cubic pyrite, iron is coordinated to six S2(-II) 

sulfur dianions in a slightly disordered octahedron (123). The sizes of pyrite particles vary from 

400 nm to 5 μm (126). The presence of impurities in pyrite can cause it to deviate from typical 

stoichiometry of FeS2 and this results in it exhibiting semiconducting behavior of n- or p-type 

(123).     

 In general, it is accepted that pyrite is formed either through FeS2 nucleation at high 

temperature (129) or through replacement of an FeS precursor at low temperature environments 

(124). In addition, many studies suggested other possible pathways for FeS2 formation via 

sulfidation of iron(III) oxy-hydroxides. In this process, the ferric iron undergoes reduction and 

dissolution in the presence of intermediate sulfur species (H2S, HS-), followed by precipitation of 

an iron monosulfide precursor that subsequently proceeds to form more sulfide-rich iron 

disulfides such as pyrite or marcasite (124). For more details, conversion of iron monosulfide to 

pyrite by intermediate sulfur species can be described as occurring by three primary pathways 

that have been summarized by Pósfai and Dunin-Borkowski (96), based on other studies (130-

133) . The relevant reactions are: 

 2- 2-
2 -1FeS + S FeS + Sn n→  (2.4) 

 2 2 2FeS + H S FeS + H→  (2.5) 

 + 2+
2 3 4 24FeS + 0.5O + 2H Fe S + Fe + H O→  (2.6) 

 + 2+
3 4 2 2Fe S + 2H FeS + Fe + H→  (2.7) 

In the reactions (2.4) and (2.5), the FeS precursor is oxidized by a polysulfide species or H2S to 

form pyrite. Pyrite can also be formed by reaction of FeS with oxygen to form the intermediate 

solid phase greigite (Fe3S4) (Equation (2.6)), that is converted to pyrite by loss of iron and 



32 

 

  

formation of hydrogen (Equation (2.7)). The reactions described above are schematically 

represented in Figure 2.5. In an experimental batch system, Wei and Osseo-Asare (1996) 

demonstrated that pyrite crystals as small as 30 nm could be produced by reaction of FeCl3 and 

NaHS (134). These smaller particles only formed at lower concentrations of FeCl3, so the 

concentration of pyrite that could be produced was limited.  

 Pyrite is associated with several environmental issues. One association is as a source of 

environmental pollution and the other is as a scavenger to remove or immobilize toxic 

contaminants. When pyrite is exposed to air or decomposed at coal or metal mining sites, high 

concentrations of protons are produced and thus acidify mine waters, forming acid mine drainage 

(AMD)) that deteriorates the surrounding environments (125). Simultaneously, trace metals and 

metalloids (As, Cd, Pb, Hg, etc.) that are associated with pyrite also can be released to surface 

waters and soils (135, 136). In addition, since pyrite has a relatively high electrical conductivity, 

it can catalyze oxidation of other sulfide minerals (PbS, CuFeS2) by oxygen in air, resulting in 

release of metals into water (137). However, pyrite has been used as a beneficial reactant or 

scavenger to degrade toxic organic compounds (138-141), immobilize inorganic compounds (39, 

92, 93, 137, 142, 143), and confine radionuclides (e.g., Sr(II), Eu(III)) (144).  

2.4.3 Mesoporous Materials 

 Since the early 1990s, development of the M41S family of mesoporous silica molecular 

sieves (an Exxon/Mobil catalyst support) has stimulated the development of nanoscience and 

nanotechnology. It has opened potential applications to heterogeneous catalysis, sensors, 

biotechnology, selective adsorbents, medicine, ion exchangers and environmental remediation 

agents, because of the remarkable features of these materials that provide highly ordered 

hexagonal pore structures of a few nanometers in diameter, with wall thicknesses of about 1.2-

1.4 nm and specific surface areas of about 1000 m2/g (145, 146). The M41S family of 
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mesoporous silica is different from zeolites, which have a regular hexagonal tubular channel 

framework that is not intersected (147). Furthermore, a remarkable advance in synthesis 

techniques for mesoporous materials has been achieved with the invention of a procedure to 

produce hydrothermally stable SBA-15 silica molecular sieve using a triblock copolymer 

surfactant as template. This material has uniform hexagonal channels ranging from 5 to 30 nm 

(148). Figure 2.6 shows schematic diagram for synthesis procedure of SBA-15.  

 According to IUPAC (International Union of Pure and Applied Chemistry) 

classification, porous materials are grouped into three classes depending on their pore diameters 

as follows: (1) microporous (< 2 nm), (2) mesoporous (2 to 50 nm), and (3) macroporous (> 50 

nm). Among them, mesoporous materials are considered to be useful for hosts, supports, 

catalysts, or separation media, whereas microporous materials may have limited access to active 

sites inside pores for macromolecules or metal compounds due to pore blocking. Also, 

macroporous materials may be inappropriate for use as catalysts or sorbents due to their irregular 

pore size distribution (149, 150).           
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Figure 2.6 Schematic diagram of the preparation of mesoporous silica molecular sieve 
SBA-15. 
 

 Much work has been done to explore various structures of mesoporous silica using a 

variety of self-assembled, molecular arrays of surfactants as templates. For instance, hexagonal 

MCM-41, cubic MCM-48, lamellar MCM-50, SBA-series, FSM, HMS, and MSU-series are 

those that are most frequently reported in the literature. In general, mesoporous silica is prepared 

by two synthesis methods. One is an electrostatic assembly method and the other is a neutral 

templating route (151). The M41S family was synthesized by electrostatic co-assembly. For 

example, hexagonal MCM-41 is synthesized by the direct co-condensation (S+I-) and nucleation 

of the anionic inorganic precursors (I-) with a cationic ammonium surfactant head group (S+) 

under basic medium (152). In the case of MCM-48, the S+X-I+ pathway is used in which another 

counter ion (X-) that could be a halide such as fluoride, chloride, or bromide, mediates the 

interaction between the protonated surfactant (S+) and the protonated inorganic silica (I+), under 
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acidic medium (152). Other electrostatic interaction assemblies such as S-I+, S-M+I- (where X-

=Cl- or Br- and M+ = Na+ or K+) are also used. Another synthesis route called the neutral 

templating path is based on hydrogen bonding and self assembly between a neutral surfactant (So) 

as template and neutral inorganic precursors (Io). For example, the HMS and MSU-series 

mesostructures are synthesized through the neutral (SoIo) route and their surface properties are 

different from those prepared by electrostatic interaction pathways. Figure 2.7 indicates different 

types of interaction pathways between the surfactant and the inorganic framework (153). The 

advantages of using non-ionic surfactants (triblock copolymers, P123 or F127) over ionic 

surfactants as templates are the increase in wall thickness and pore diameter, leading to improved 

hydrothermal stability (154). Finally, the mesoporous materials with high surface area and pore 

volume are obtained by eliminating organic moieties of the surfactant with thermal treatment or 

solvent extraction (151).      

 Furthermore, mesoporous silicas are functionalized with organic molecules such as 

organic silanes to increase the ability to control the molecular recognition properties of the 

porous network, so that the range of their applications to various uses for industry are expanded 

(154). As for functionality of mesoporous silica, two different methods, are usually employed 

(152). One is called grafting or post synthesis and it is based on covalent bonding between 

organosilane species (organotrialkoxysilanes or organotrichlorosilanes) and surface silanol group 

(Si-OH groups). An alternative method of surface functionality is to co-condensate functional 

organosilanes ((R’O)3Si-R) with silica precursor (tetraethyl orthosilicate (TEOS)) via the direct 

assembly pathway.         
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Figure 2.7 Schematic representation of the different types of interaction pathways between 
the surfactant and the inorganic framework: S=surfactant molecules, I=inorganic 
framework, M+ and X-=corresponding counterions, triangle=solvent molecules, dashed 
lines=H-bonding interactions (153).     
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2.4.3.1 Nanoporous Titania Adsorbents (NTAs) 

 Titanium dioxide (TiO2) is a widely used material in a photocatalysis-based advanced 

oxidation process (AOP) that can degrade a variety of organic chemicals and produce hydrogen 

by water photolysis. It is also an adsorbent that can remove inorganic contaminants. Moreover, 

titanium dioxide is considered to be a promising, sustainable photocatalyst because of its strong 

redox power and high photocorrosion resistance (151). Many attempts have been made recently 

to enhance the physical/chemical properties of titanium dioxide by employing mesoporous 

synthesis techniques that were first invented by scientists at Mobil Oil Research and 

Development in 1992 (145). Since then, a variety of templating surfactants and oligomers have 

been explored under wide range of synthesis conditions, so that impressive progress has been 

achieved in the areas of catalysis, adsorption, separation processes, and environmental clean-up 

(155).   

 Nanoporous titania adsorbents (NTAs) made by new synthesis technology used for 

mesoporous materials are expected to have improved performance because of higher numbers of 

reactive sites, greater surface area, faster mass transfer, and more effective functionalization or 

surface modification in the nano-sized pore wall structures (156). Many attempts to incorporate 

titanium into mesoporous frameworks have been made. For example, titania-grafted MCM-41, 

FSM-16, and SBA-15 were synthesized with grafting techniques. Mesoporous silica MCM-41 

and titanium silicate-1 (TS-1), which is a titanium-substituted microporous aluminophosphates, 

were synthesized via direct assembly (157-162). Specifically, titanium-substituted SBA-15 could 

act as a selective oxidation catalyst for large molecules (e.g., toluene or 1-butane) while other Ti-

substituted mesoporous materials are limited in their ability to catalyze oxidation of large 

substrates due to smaller pore sizes (163). The challenge in the synthesis of Ti-substituted 

mesoporous materials is to avoid the formation of anatase (TiO2), because maintaining high 
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content of titanium in the framework is important to having an effective catalyst. However, it 

could be beneficial for removal of toxic metals, because anatase-type TiO2 exhibits high sorption 

capacity (164-167).       

 Current research in the area of the synthesis of nanostructured adsorbents has focused 

on incorporation of titanium dioxide into the framework of mesoporous silica molecular sieve 

(SBA-15) and direct synthesis of mesoporous titania using phosphoric acid medium. Figure 2.8 

represents the synthesized SBA-15, Ti-SBA-15, and mesoporous titania (MT).    

 

 

Figure 2.8 Schematic representation of the chemical structure of synthesized SBA-15, Ti(25)-
SBA-15, and MT. 
 

2.4.3.2 Environmental Applications  

 Mesoporous materials recently have attracted a great deal of attention in environmental 

applications. They have unique physical and chemical properties, such as a high surface-to-

volume ratio that provides a much higher number of reactive sites and higher interfacial 

reactivity or affinity for toxic heavy metals (146). In addition, they are readily functionalized 

with metal-chelating groups to attract toxic pollutants such as As, Hg, and Pb that are monitored 
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by EPA (168, 169). In the case of functionalized mesoporous materials, a variety of chelating 

ligands that contain thiol, amine, and imidazol groups are grafted to the surface of mesoporous 

materials. Moreover, their highly regular pore structures overcome physical limitations of 

conventional materials (e.g., activated carbon, zeolites, clays and silica) and enable metal ions in 

water to access easily grafted ligand sites (169, 170). For example, sulfur-containing functional 

groups (benzoylthiourea, thiol, 2-mercaptothiazoline) (171-174) are “soft” Lewis acids and can 

be grafted on the surface to remove “soft” Lewis bases such as Hg, Pb or Cd, because of the 

highly affinities between them, while Cu is effectively removed by an amine group (175).   

 Recently, titanium-substituted or grafted mesoporous materials have been widely used 

in environmental remediation. Examples are removal of toxic metals by adsorption and the 

photocatalytic degradation of organic chlorinated chemicals, which is effective because of the 

semiconductive nature of titania and the photoactivity of its anatase crystal phase (176). One of 

the biggest problems caused by the photocatalytic activity of TiO2 is the rapid recombination of 

photogenerated electrons (e-) and holes (h+), because this process limits redox reactions with 

adsorbed substrates. Like non-porous titanium dioxide, a variety of transition metals are doped 

on the surface of mesoporous TiO2 to enhance photocatalytic activity by intercepting 

photogenerated electrons (e-). Other studies have reported that control of particle size around 10 

nm can lower the surface e-/h+ recombination rate and thermal treatment of the surface can also 

improve photocatalytic activity (151, 177, 178).       

 Since mesoporous titania materials are ultra-fine powders, there is a potential problem 

in needing to recover mesoporous powders after separating metal ions from water (169). To 

overcome this limitation, functionalized mesoporous materials are supported by magnetic 

materials (magnetite, Fe3O4) so that spent adsorbents can be effectively separated from 

multiphase suspension for safe disposal, regeneration, or recycle (179).    
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3. ADSORPTION OF ARSENIC(III) AND ARSENIC(V) TO NANOPOROUS 

TITANIA ADSORBENTS (NTAs): SYNTHESIS, KINETICS, EQUILIBRIUM 

Arsenic contamination in groundwater is of major concern to many water treatment 

facilities in the world. Various treatment technologies have been applied to remove arsenic from 

drinking water. Among them, adsorption processes are often considered to be most effective 

forms of treatment for As(V), but they can be limited in their ability to remove As(III). To 

enhance removal efficiency of adsorption process for As(III) as well as As(V), this study has 

focused on developing two new adsorbents. One is a highly ordered mesoporous silica solids 

(SBA-15) that can incorporate reactive titania sorption sites (Ti(x)-SBA-15), and the other is 

mesoporous titania (MT). XRD results showed that both Ti(25)-SBA-15 and MT had surface 

properties like that of anatase (TiO2). From nitrogen adsorption /desorption tests, mesoporosity 

of these solids were observed to show hysteresis loops, which is representative of a Type IV 

isotherm. However, TEM images showed that SBA-15 and Ti(25)-SBA-15 have highly ordered 

hexagonal mesoporosity and titania nanostructured mesopores. However, MT has disordered 

wormhole-like mesopores that are caused by interparticle porosity. Based on qmax (μmol As/g) in 

the Langmuir isotherm, Ti(25)-SBA-15 had a greater sorption capacity for As(III) than did Ti(15,35)-

SBA-15. It was also observed by FT-IR analysis that the peak intensity of the silanol (Si-OH) 

peak at 960 cm-1 was stronger for Ti(25)-SBA-15. This indicates that Ti(25)-SBA-15 has not 

exceeded its capacity to incorporate Ti. The rates of arsenic uptake were very fast and followed a 

bi-phasic sorption pattern, where sorption was fast for the first 10 minutes, and then slowed and 

was almost completed within 200 minutes of contact. The Langmuir isotherm more accurately 

fitted experimental sorption data than did the Freundlich model. The order of maximum As(III) 

sorption capacity was MT (162 µmol/g) > Ti(25)-SBA-15 (87 µmol/g) > Ti(35)-SBA-15 (76 

µmol/g) > Ti(15)-SBA-15 (60 µmol/g). The order of sorption capacity for As(V) was MT (pH 9.5, 
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285 µmol/g) > MT (pH 7, 162 µmol/g) > Ti(25)-SBA-15 (pH 4, 121 µmol/g) > Ti(25)-SBA-15 (pH 

7, 87 µmol/g) > MT (pH 4, 66 µmol/g) > Ti(25)-SBA-15 (pH 9.5, 60 µmol/g). Distinct sorption 

maxima for As(III) removal were observed between pH 8 and pH 11 for MT and between pH 4 

and pH 7 for Ti(25)-SBA-15. The amount of As(V) adsorbed generally decreased as pH increased. 

3.1 Introduction 

 Arsenic contamination in groundwater is a serious threat to human health because of its 

toxicity. Arsenic contamination is found in many countries and has been caused by use of 

arsenical pesticides, activities related to mining, and natural geologic weathering process (180). 

In the US, arsenic has been ranked as the contaminant that poses the greatest risk to human 

health, based on its frequency of occurrence at NPL sites, toxicity, and potential for human 

exposure (181). In 2006, EPA has promulgated a new health-based enforceable maximum 

contaminant level (MCL) of 10 ppb, resulting in an increase of the number of groundwater sites 

where the contamination exceeds the new MCL (181). Therefore, enhanced arsenic removal 

technologies are needed to meet these more stringent standards for drinking water and to meet 

related standards for wastewater effluents.  

 Arsenite (As(III)) and arsenate (As(V)) are the oxidation states of arsenic that are 

generally found in subsurface environments. The distribution between different species of each 

valence state depends primarily on pH and redox potential. In reduced environments in the 

typical environmental pH range, nonionic arsenous acid (H3AsO3) is the primary species of 

arsenic (182). In oxidized environments, on the other hand, two ionic arsenate species (H2AsO4
- 

or HAsO4
2-) exist, depending on the pH. Specifically, arsenite is more mobile, more toxic, and 

more difficult to remove due to its electro-neutrality.  

 The commonly applied processes for arsenic removal are chemical precipitation, co-

precipitation, reverse osmosis, ion exchange, and oxidative filtration (182). Among them, 
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adsorption is considered to be the most promising process, because of its safety, ease of handling 

and set-up, high removal efficiency with low cost, and potential for regeneration of materials 

(183). Despite their wide availability, adsorption process may not be able to decrease As(III) 

concentrations to acceptable levels because of the physical limitations of the adsorbents, 

although they are able to lower As(V) concentration to acceptable levels. Traditional adsorbents 

have a relatively low density of surface sites that have an affinity for As(III), which leads to low 

removal efficiency. Also, their irregular physical structure makes it difficult for arsenic to easily 

access internal sorption sites.  

 To overcome these disadvantages, this study will synthesize nanoporous titania 

adsorbents (NTAs) that have higher surface area, a more highly ordered structural framework, 

larger pore volume and higher concentration of sorption sites in order to improve adsorption 

processes for removal of arsenic from water. Hence, the development of these NTAs will be 

expected to contribute to meeting the needs for improving POE (point of entry)/POU (point of 

use) devices for arsenic removal because the national drinking water advisory council (NDWAC) 

recommends that the EPA continue to undertake and support research that will identify 

affordable POE/POU devices (184). Therefore, the purpose of this study is to develop highly 

ordered NTAs for removing both As(III) and As(V) from water to low concentrations. Two types 

of NTAs were produced and characterized. The characteristics of these NTAs for sorption of 

As(III) and As(V) were evaluated by kinetic and equilibrium tests.  

3.2 Materials and Methods 

3.2.1 Synthesis of Nanoporous Titania Adsorbents (NTAs) 

 Two types of NTAs, Ti(x)-SBA-15 and mesoporous titania (MT), were used in this study. 

They have similar titania sorption sites, but differ in that Ti(x)-SBA-15 contains has as its base the 

silica molecular sieve (SBA-15) and MT does not. SBA-15 was synthesized by modifying the 
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procedure described by Zhao et al. (148). A portion (4 g) of Pluronic P123 triblock copolymer 

(poly(ethylene oxide)-poly (propylene oxide)-poly(ethylene oxide), EO20PO70EO20, Aldrich) was 

dissolved in 2 M HCl solution and mixed for 30 minutes at room temperature. Then, 9 mL of 

tetraethyl orthosilicate (TEOS) were added and the mixture stirred using a rotary mixer for 20 

hours at 45 ˚C. The resulting gel was allowed to age for 48 hours at 80 ˚C. The solid product was 

then filtered from the mixture with a 0.45 μm filter, washed with distilled water, and dried at 

room temperature. Finally, the solid was calcined at 550 ̊ C for 6 hours to remove the polymer. 

Titanium was grafted on SBA-15 by generally following the incipient impregnation method 

(157). First, 1 g of SBA-15 was pretreated at 120 ̊ C for 3 hours to remove adsorbed water. The 

pretreated SBA-15 was dispersed in 100 mL of anhydrous solvent (i.e., ethanol, Aldrich 99.8 %) 

and then the appropriate amount of titanium isopropoxide (Ti(OPr)4, Aldrich, 97 %) was slowly 

added to achieve the desired loading of titanium. The mixture was stirred for 24 hours, followed 

by filtration and washing with ethanol. Then, the resulting solids were dried at 90 ̊ C for 3 hours 

and finally calcined in a furnace at 550 ˚C for 6 hours. The NTAs produced were identified as 

“Ti(x)-SBA-15”, where the subscript x stands for the weight ratio of Ti to SBA-15.  

The MT adsorbent was prepared with the procedure described by Huang et al (185). A 

portion (6.65 mL) of titanium (IV) butoxide was added to ethanol as an anhydrous solvent with a 

weight ratio of 1/7 and then the system was vigorously stirred. After 30 min, 0.96 mL of 0.28 M 

phosphoric acid was added and stirred for 3 hours. Then, 72.4 mL of distilled water was added, 

the mixture was continuously stirred for 2 hours, and then vaporized at 80 ˚C in an evaporator. 

The resulting solids were washed with ethanol, dried at 80 ˚C for 6 hours, and calcined at 550 ˚C 

for 6 hours.  
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3.2.2 Adsorption Experiments  

 Kinetic experiments for uptake of As(III) and As(V) were performed using a solids 

concentration of 1 g/L at pH 4, 7, and 9.5 in a solution with NaCl as background electrolyte at a 

concentration resulting in an ionic strength of 0.01 M. The suspension was mixed for 2 hours and 

then that amount of arsenic stock solution was added in order to achieve an initial arsenic 

concentration of 13.3 μM. The desired initial pH was adjusted by adding 0.5 M HCl or 0.5 M 

NaOH. The reaction vessel was mixed by an orbital shaker at 200 rpm to promote arsenic uptake. 

At specified sampling times, approximately 10 mL of solid suspension was filtered by cellulose 

nitrate membrane filter (Whatman®) with a pore size of 0.2 μm. Approximately 12 samples were 

taken over the time period of 5 min to 1 day. All filtered samples were placed into an anaerobic 

chamber to avoid arsenic oxidation or pH change until atomic absorption spectroscopy (AAS) 

analysis.  

 To separate kinetic effects (how rapidly q increases) from equilibrium effects (how high 

q becomes after a sufficiently long time), the general adsorption kinetic model (the Lagergren’s 

equation) was suggested by 

 ( )e
dq k q q
dt

= −  (3.1) 

where q (µmol/g) is the amount adsorbed at specified time, t (min) and qe is the value of q that 

occurs when equilibrium is reached, and k (min-1) is the rate constant for adsorption, respectively. 

When this kinetic model is fitted to the data, most of data is overestimated, because the 

experimental data show a rapid rate initially, that gradually declines. The kinetic model 

described by Equation 3.1 is unable to fit such biphasic behavior. Therefore, an improved model 

is needed to better describe the physical reality, which is that adsorption is rapid initially, 

because the adsorbate can adsorb to surfaces at or near the external surface of the adsorbent. As 
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time proceeds, those sites can fill and adsorbate needs to diffuse into the solid to find an open 

site and the diffusion process is slower. Alternatively, the slower adsorption kinetics could be 

due to surface reactions of the adsorbate that gradually provide more room for additional 

adsorbate to be adsorbed. Thus, an improved kinetic model was developed that assumes two 

types of surfaces (fast-reacting sites and slow-reacting sites) and it is described by Equations 3.2 

and 3.3. 

 ,max( )f
f f f

dq
k q q

dt
= −  (3.2) 

 ,max( )s
s s s

dq k q q
dt

= −  (3.3) 

where qf, qs, kf, ks, qf,max, qs,max indicate amount of adsorbate adsorbed, adsorption rate 

coefficients, maximum amount of adsorbate adsorbed on fast-reacting sites and slow-reacting 

sites, respectively. The total amount adsorbed is the sum of the amount adsorbed on fast-reacting 

sites and on slowly reacting sites (q=qf + qs). All coefficients were obtained by nonlinear 

regression using MATLAB® with its embedded functions “nlinfit and ode23s”. This approach 

chooses parameters to minimize the sum of squared residuals (SSR). However, a non-linear 

regression routine would have a difficult time searching for coefficients for both the slow and 

fast sites, because the structures of the models are the same and they differ only in the values of 

the coefficients. Therefore, a sequential approach was used in which values for “slow” 

coefficients were determined and then they were used in a regression to find the “fast” 

coefficients. This process continues until a satisfactory fit is obtained. The fitness of model to 

experimental data was calculated by a goodness of fit parameter (GFP) defined by Equation.3.4. 

 ( 2)
SSR

n
GFP

q
−

=  (3.4) 
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where SSR is sum of squared residuals, n is the number of data points, q is average value of the 

amount of As adsorbed per amount of NTA. Small values of GFP represent better fits of the 

model to the data.  

 Equilibrium experiments were conducted to evaluate the sorption capacity of each 

adsorbent for As(III) and As(V). To start each equilibrium test, 10 mL of a 2-g/L adsorbent 

suspension was added to 20-mL reaction vessels and then 10 mL of a mixture of de-ionized 

water and arsenic stock solution (200 ppm) was added to reach a solid concentration of 1 g/L and 

specified initial arsenic concentration. Immediately, the desired pH was adjusted using 0.5 HCl 

or 0.5 M NaOH. The reaction vessels were mixed by a reciprocal shaker at 200 rpm. After 24 

hours of reaction, all samples were filtered using cellulose nitrate membrane filter (Whatman®) 

with pore size of 0.2 μm. All filtered samples were placed into an anaerobic chamber to avoid 

arsenic oxidation or pH change until atomic absorption spectroscopy (AAS) analysis. In order to 

describe arsenic removal onto solids, two equilibrium isotherms were applied to the 

experimental data. One is the Langmuir model, which can be represented by 

 max

1
e

e
e

q bCq
bC

=
+

 (3.5) 

where qe is the equilibrium concentration of target compound on the solid (μmol/g), qmax is 

maximum equilibrium concentration of target compound on the solid (i.e., maximum sorption 

capacity, μmol/g), b is the Langmuir isotherm parameter (L/μmol). The other model is the 

Freundlich isotherm. 

 1/ n
e f eq k C=  (3.6) 

where kf (μmol1-1/n·L1/n/g) and n are parameters in the Freundlich isotherm.  
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3.2.3 Spectroscopic Analyses 

 X-ray diffractograms were collected using a Riga automated X-ray diffractometer using 

CuKα radiation (40 kV, 20 mA) with a resolution of 0.02˚ and a 3-s step time over the range 0.5˚ 

< 2θ < 10˚. For wide angle XRD patterns, the data were collected from 6˚ to 60˚ with a 0.05˚ 

step size and 3-s step time. To characterize the porosity of NTAs, nitrogen adsorption 

experiments were performed on a Micrometrics ASAP 2010 micropore system using 

approximately 0.1 g of sample. The samples were degassed under vacuum at room temperature 

for 2 hours, then at 100˚C for 4 hours, and then at 300˚C overnight prior to analysis. The surface 

area was calculated by the BET method. The micropore and mesopore volumes were determined 

using the alpha s-method (186, 187). The mesopore size distributions were calculated from the 

adsorption branch of the isotherm using the BJH method with a modified equation for the 

statistical film thickness (188, 189). To investigate the morphology of NTAs, transmission 

electron microscopy (TEM) was performed using a JEOL 2010 microscope with a lanthanum 

hexaboride filament and an excitation voltage of 200 kV. The secondary images of scanning 

electron microscope (SEM) were also acquired by a JEOL 6400 Scanning Microscope equipped 

with energy dispersive spectrometer (EDS) to analyze surface morphology and chemical 

composition. Fourier transform infrared (FTIR) spectra were measured using the KBr wafer 

technique. Samples of 1 g were dried and KBr was mixed with 0.02 g portions of the dried 

sample. Appropriate amounts of the prepared samples were moved to the sample chamber and 

their FTIR peaks were recorded in transmission mode using a Perkin Elmer 2000 FTIR 

spectrophotometer. A total 64 scans were collected with a triglycine sulfate (TGS) detector at a 

resolution of 1 cm-1.  
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3.2.4 Measurements of Arsenic Concentrations  

 Arsenic was analyzed with a model Solar M6 atomic absorption spectrometer equipped 

with a model V90 continuous hydride generator (Thermo Elemental). The procedure for 

measuring total arsenic (As(III) + As(V)) was based on Standard Method 3114C, which is a 

continuous hydride generation/atomic absorption spectrometer (HGAAS) method (190). Total 

arsenic is determined by mixing a sample flow of 7 mL/min with an equal flow of strong acid (6 

M HCl) and a 3.5 mL/min flow of sodium borohydride. With these flows and pH conditions, 

both As(III) and As(V) can be reduced by borohydride to arsine gas (191). The arsine is 

transferred by argon gas with a 250 mL/min flow to the flame AA, where its absorbance is 

determined and used to calculate the arsenic concentration using a standard calibration curve. 

3.3 Results and Discussion 

3.3.1 Surface Characterization of NTAs  

 Figure 3.1 shows the low-angle XRD patterns for four NTAs. All samples of Ti(x)-SBA-

15 have three peaks at around 1.0̊, 1.65˚ and 1.9˚, corresponding to reflections of (100), (110), 

and (200) planes of a 2D hexagonal mesoporous structure. Specifically, the reflections regarding 

the (100) plane at 1.0˚ were shown to be very high for both MT and Ti(x)-SBA-15, indicating that 

the NTAs have highly ordered features (157). These results also indicate that the incorporation 

of titanium did not rupture the mesoporous structure of SBA-15, regardless of titanium content. 

However, MT does not show reflections at (110) and (200), revealing that the highly ordered 

structure of MT is not related to a hexagonal mesophase.  

Figures 3.2(a) and 3.2(b) show the wide-angle XRD pattern of NTAs. Comparison of 

the measured d-spacings of peaks shown in Figure 3.2(a) with the values in the JCPDS card (i.e., 

3.516, 1.892, 2.378, 1.700, 1.666, and 1.480 nm) indicates that they are the same as those for 
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anatase, which is a crystalline form of TiO2. Figure 3.2(b) shows that the XRD patterns of SBA-

15 and titanium-incorporated SBA-15 are very similar to those reported by other studies, 

indicating that the broad XRD reflection peak at 23˚ is caused by the very small size of the solid 

(192, 193). Also, Figure 3.2(b) shows that the highest peak for Ti(25)-SBA-15 is closest to 2θ 

equal to 25˚ and that peaks for Ti(15,35)-SBA-15 are also near 2θ equal to 25˚. This is the location 

of a major peak for anatase. In contrast, rutile, which is another form of TiO2, has its highest 

peak at 2θ equal to about 54˚ or 56˚. Therefore, Ti(25)-SBA-15 contains components with 

properties that are similar to those of anatase. For this reason, Ti(25)-SBA-15 was chosen from all 

Ti(x)-SBA-15 for additional experiments to determine its ability to remove arsenic.  
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Figure 3.1 Low angle XRD patterns of Ti(15, 25, 35)-SBA-15 and MT.  
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Figure 3.2 High-angle XRD patterns for (a) MT, (b) SBA-15 and Ti(15, 25, 35)-SBA-15.  
 

 Figure 3.3(a) shows nitrogen adsorption-desorption isotherms for MT and Ti(25)-SBA-

15. They follow the typical irreversible type IV isotherm model as designated by IUPAC 

(International Union of Pure and Applied Chemistry) classification (187). These NTAs have a 
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H1 hysteresis loop, which is representative of mesopores (194). The sharpness of the inflection 

step for Ti(25)-SBA-15 was greater than that for MT, so it appears that Ti(25)-SBA-15 has more 

uniformity in its mesopores than MT. Figure 3.3(b) shows the distribution of pore volume in 

these NTAs and it provides further evidence of the differences in porosities. It shows a sharp 

peak at 7.3 nm for Ti(25)-SBA-15, whereas MT has a broad peak at 9.4 nm. The specific surface 

areas (ABET) and specific pore volumes (VBJH) for MT were 114 m2/g and 0.28 cm3/g, 

respectively, and for Ti(25)-SBA-15 were 588 m2/g and 0.78 cm3/g, respectively.  

The TEM images in Figure 3.4 show that SBA-15 and Ti(25)-SBA-15 have highly 

ordered hexagonal pores with diameters of approximately 10 nm. However, MT has a disordered 

wormhole-like pore structure with pore sizes in the range of 10 nm to 20 nm. This agrees with 

Huang et al. (185) who reported that MT was formed by the agglomeration of TiO2 nanoparticles 

and had its mesoporosity caused by interparticle porosity rather than intraparticle porosity (185). 

Figure 3.5(a) shows the SEM image of mesoporous SBA-15 with a plate-like morphology. There 

are three types of morphology for SBA-15 (fiber-like, rod-like, plate-like) and the type that 

occurs depends on stirring and synthesis temperature (195). The rod- or plate-like SBA-15 

usually has a highly-ordered hexagonal mesostructure.  
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Figure 3.3 (a) N2 adsorption isotherms and (b) pore size distribution for Ti(25)-SBA-15 and 
MT.  
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Figure 3.4 TEM images of (a) SBA-15, (b) Ti(25)-SBA-15, and (c) MT. 
  

The EDS analysis shown in Figure 3.5(a) indicates that the SBA-15 is composed of Si 

and O. Figure 3.5(b) exhibits the morphology of Ti(25)-SBA-15 and comparison with Figure 3.5(a) 

indicates that the shape of SBA-15 was almost maintained after introducing Ti to produce Ti(25)-

SBA-15. The EDS analysis indicated that Ti(25)-SBA-15 was composed of Si, O, and Ti. As 

shown in Figure 3.5(c), MT has also plate-like morphology and the EDS analysis shows that MT 

is primarily composed of Ti and O.  
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Figure 3.5 Secondary images of SEM and EDS analysis for (a) SBA-15, (b) Ti(25)-SBA-15, 
(c) MT.  
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 Infrared spectroscopy applied to several NTAs in order to evaluate the framework of 

SBA-15 and the local bonding environment of titanium that was incorporated that framework. 

The FTIR spectra are presented in Figure 3.6 and they show three peaks at 445, 795, and 1070 

cm-1, which indicate rocking, bending (or symmetric stretching), and asymmetric stretching of 

the tetrahedral oxygen atoms in the SiO2 structure, respectively (196). In addition, the peak at 

960 cm-1 is assigned to the silanol group (Si-OH) in the framework of SBA-15 by the stretching 

of nonbridging oxygen atoms (196). This peak can be also assigned to Ti-O-Si stretching 

vibration (197). As the extent of titanium incorporation increases, the peak at 960 cm-1 gradually 

decreases, because of the interaction between titanium and the silanol groups. However, the peak 

does not disappear, which indicates that the silanol groups have not been completely consumed. 

Therefore, it appears possible to incorporate more titanium into the SBA-15 framework than the 

maximum value done in this work. However, other factors can limit the amount of titanium that 

can be incorporated. The decrease in intensity of the peak at 1070 cm-1 in the spectra for Ti(35)-

SBA-15 indicates that Si-O-Si bonding in the mesoporous SBA-15 framework was decreased by 

presence of titanium. Thus, excessive impregnation of titanium can destroy the pore structure of 

SBA-15. The peaks at around 3600 and 1615 cm-1 can be attributed to the stretching vibration of 

hydroxyl and water, caused by humidity of KBr used as a blank sample or by humidity 

incorporated into sample by sample preparation techniques (197).  
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Figure 3.6 FT-IR spectra of SBA-15, Ti(15,25,35)-SBA-15, and MT. 
 

3.3.2 Kinetics 

3.3.2.1 Effect of pH 

 Kinetics of arsenic sorption by Ti(25)-SBA-15 and MT were investigated in batch 

systems at three different initial pH (4, 7, 9.5). Figures 3.7(a) and 3.7(b) show that adsorption of 

As(III) onto both adsorbents was rapid with most arsenic being removed within the first 10 

minutes of contact, followed by slower removal rates. This behavior could be caused by 

transformation of arsenic species adsorbed or by other environmental factors. Specifically, the 

slower sorption reaction could be attributed to surface precipitation or polymerization, diffusion 

into interparticle or intraparticle pores, or changes in the type of surface complex (198, 199). The 

NTAs used in this study have much internal porosity, so it is likely that the slower rates of 

adsorption of arsenic are caused by intraparticle diffusion. The extent of As(III) uptake by MT 

increased with increasing pH over the range investigated, whereas the highest level of As(III) 

removal by Ti(25)-SBA-15 was observed at pH 7. The amount adsorbed at pH 4 was initially 
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much lower than that adsorbed at pH 7. However, after a longer time of reaction, the amount 

removed at pH 4 became nearly as high as that at pH 7. At pH 9.5, the removal efficiency of MT 

for As(III) was more than three times greater than that of Ti(25)-SBA-15.  

 The kinetic experiments for As(V) removal were conducted similarly to those for As(III) 

removal. Figures 3.8(a) and (b) show that the amount of As(V) removed depends strongly on 

solution pH. At lower pH, higher As(V) adsorption was observed, whereas at high pH, lower 

removal of As(V) was observed. In spite of the similar trends of As(V) removal by each 

adsorbent over the pH range investigated, the extent of As(V) uptake at a specified pH was very 

different. For instance, As(V) at pH 4 was almost completely removed by Ti(25)-SBA-15, 

whereas only 91 % removal was achieved by MT. However, at other pH, the extent of As(V) 

uptake by MT was much higher than that by Ti(25)-SBA-15.  

 All coefficients in the kinetic model and GFP values for each experimental data set are 

summarized in Table 3.1. The fastest sorption rate constants for both fast-reacting and slow-

reacting sites were observed at the optimal pH values, i.e., pH 4 and 9.5 for As(III)/Ti(25)-SBA-

15, pH 4 and 9.5 for As(III)/MT, pH 9.5 and 4 for As(V)/Ti(25)-SBA-15, pH 4 for As(V)/MT, 

respectively. However, many rate coefficients have very large confidence limits that are often 

larger than the value of parameter. This is because there are few data points during the early 

stages of the reaction, where the fast-reacting sites would be filled, so it is very difficult to 

determine the values of the coefficients exactly.  
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Figure 3.7 Percentage of As(III) adsorbed by (a) Ti(25)-SBA-15 and (b) MT as a function of 
time at different pH values with predictions of kinetic model.  
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Figure 3.8 Percentage of As(V) adsorbed by (a) Ti(25)-SBA-15 and (b) MT as a function of 
time at different pH values with predictions of kinetic model.  
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Table 3.1 Calculated parameters of the adsorption kinetic model for arsenic 
(As(III,V)) uptake by NTAs, as affected by initial pH values (pH 4, 7, 9.5). 
Arsenic 

species 

Adsorbents pH Parameters 

kf ks qmax,f qmax,s GFP 

As(III) Ti(25)-SBA-15 4 1.6 ×105± 4.0×104 0.02 ± 0.01 2.64±0.53 2.99±0.79 0.06 

 7 1.0×105 ± 2.4×105 0.05 ± 0.34 5.01±0.97 0.92±1.24 0.02 

 9.5 2.1×108 ± 4.3×108 0.06± 0.28 2.51±0.50 0.73±0.63 0.03 

 MT 4 6.8×106 ± 6.6×1010 0.006 ± 0.01 6.55±1.05 3.45±4.78 0.08 

  7 4.9×103 ± 4.1×103 0.02 ± 0.08 8.24±1.66 2.31±3.27 0.02 

  9.5 5.5×106 ± 1.1×108 0.03 ± 0.46 12.5±2.83 0.79±4.06 0.01 

As(V) Ti(25)-SBA-15 4 4.6×105 ± 1.1×108 0.07 ± 0.42 13.1±2.2 4.44±0.41 0.02 

 7 2.6×106 ± 1.1×108  0.01 ± 0.02 3.05±0.68 4.96±1.23 0.04 

 9.5 3.1×107 ± 2.6×1010 0.01 ± 0.01 1.05±0.27 2.19±0.51 0.12 

 MT 4 3.3×109 ± 7.9×1011 0.07 ± 0.18 9.12±2.45 6.34±3.26 0.05 

  7 465 ± 200 0.01 ± 0.03 7.04±1.44 4.43±2.63 0.02 

  9.5 1.2×104 ± 8.0×103 0.01 ± 0.02 6.07±1.21 3.48±2.42 0.03 

 

 

3.3.2.2 Effect of Arsenic Concentrations 

The effect of three different initial As(III,V) concentrations (5.3, 9.3, 13.3 μmol/L) on 

arsenic sorption kinetics by Ti(25)-SBA-15 and MT were investigated in a batch system at pH 7. 

These experiments used a solids concentration of 1 g/L and an ionic strength of 0.01 M achieved 

by addition of NaCl. Figures 3.9(a) and (b) show that adsorption rates of As(III) and (V) by 

Ti(25)-SBA-15 decrease over time. More than 30 % arsenic removal occurs in the first 30 minutes 

(except As(V)=13.3 μM) followed by an additional 30% removal, or less, over more than 1,000 

minutes. The NTAs used in this research have substantial internal porosity, so the decrease in 

adsorption rate with time might be due to intraparticle diffusion. After a longer period of time, 

the fractions of As(V) removed were nearly as high as those of As(III).  
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Figures 3.10(a) and (b) show that adsorption of As(III) and As(V) by MT at all 

concentrations of arsenic added follow similar patterns to those observed for Ti(25)-SBA-15. 

More than half of the ultimate removal occurred in the first 5 minutes and less than 50% 

additional removal is observed in the following 1400 minutes. The ultimate amounts of As(V) 

removed were nearly as high as those of As(III). Comparing Figures 3.9 and 3.10 shows that 

ultimate removals of arsenic (As(III) and As(V)) by MT are much higher than those by Ti(25)-

SBA-15.  

Table 3.2 shows the parameters of the kinetic model for arsenic adsorption on NTAs at 

pH 7 as affected by initial arsenic concentration. The kinetic model provides good fits to 

experimental data as shown by the low values of goodness of fit parameter (GFP). The 

maximum amount of arsenic adsorbed on fast-reacting sites (qf, max) and on slow-reacting sites (qs, 

max) are generally seen to increase as total arsenic concentration increases except in a few cases. 

There was a weak correlation of rate constants with maximum adsorbed concentration (kf and 

qf,max, ks and qs,max) in which faster sorption rates tend to occur with greater ultimate sorption 

levels.       
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Figure 3.9 Percentage of (a) As(III) and (b) As(V) adsorbed by Ti(25)-SBA-15 at pH 7 as 
affected by initial arsenic concentration with model predictions. 
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Figure 3.10 Percentage of (a) As(III) and (b) As(V) adsorbed by MT at pH 7 as affected by 
initial arsenic concentration with model predictions. 
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Table 3.2 Calculated parameters of the adsorption kinetic model for arsenic 
(As(III,V)) uptake by NTAs, as affected by initial As(III, V) concentrations (5.3, 
9.3, 13.3 µM).  
Arsenic 

species 

 

Adsorbents 

 

Co kf 

Parameters 

ks qf_max qs,e GFP 

As(III) 

Ti(25)-SBA-15 
5.3 3.2 ×105± 2.9×109 0.048±0.02  

 

2.3 ± 0.65 0.93±0.77 0.03 

9.3 9.8×103 ± 7.2×103 0.01 ± 0.07 4.01 ± 1.10 1.19±1.78 0.02 

13.3 7.1×108 ± 1.7×1010 0.01 ± 0.03 4.04 ± 0.62 2.77 ± 1.89 0.02 

MT 
5.3 1.4 ×1010± 9.6×1010 0.007±0.05  

 

3.6±1.0 0.96±1.9 0.02 

9.3 1.9×103 ± 4.6×103 0.005 ± 0.31 6.06±1.65 1.70±3.85 0.02 

13.3 3.0×103 ± 2.5×105 0.03 ± 0.12 7.06±2.18 2.81±3.09 0.04 

As(V) 

Ti(25)-SBA-15 
5.3 5.3×104 ± 3.6×108  0.01± 0.02 1.91±0.55 1.33±0.82 0.02 

9.3 7.1×107 ± 5.9×107  0.01 ± 0.04 3.04±0.86 1.76±1.27 0.04 

13.3 9.1×105 ± 1.2×109  0.02 ± 0.01 2.42±0.68 3.80±1.04 0.04 

MT 
5.3 9.1×106 ± 4.9×106 0.02 ± 0.03 2.98±0.63 1.63±0.92 0.07 

9.3 1.2×104 ± 8.0×103 0.007 ± 0.013 6.08±1.20 3.48±2.42 0.08 

13.3 2.2×105 ± 5.1×109 0.02 ± 0.03 4.13±1.24 5.75±1.70 0.06 

 

3.3.3 Equilibrium Isotherms for Arsenic Adsorption  

3.3.3.1 Effect of Ratio of Ti to SBA-15 

 Figure 3.11(a) and (b) show the Langmuir and Freundlich adsorption isotherms for 

As(III) on Ti(15,25,35)-SBA-15 and MT. These isotherms were obtained by nonlinear regression 

and Table 3.3 shows the values of the isotherm parameters and of the goodness of fit parameter 

(GFP). These results show that the maximum sorption capacity for As(III) decreases as follows; 

MT (162 µmol/g) > Ti(25)-SBA-15 (87 µmol/g) > Ti(35)-SBA-15 (76 µmol/g) > Ti(15)-SBA-15 (60 

µmol/g). The GFP values in Table 3.3 show that the Langmuir isotherm model provided a better 

fit than the Freundlich isotherm model for both adsorbents. Similar experiments were conducted 

to determine equilibrium behavior of Ti to SBA-15 and MT with As(V). Figures 3.12(a) and (b) 

show Langmuir and Freundlich isotherm models fitted to experimental data using nonlinear 

regression. Table 3.4 lists values for the model parameters and GFP. The values of GFP indicate 

that the Langmuir isotherm model provides a better fit than the Freundlich isotherm, except for 

MT. The maximum sorption capacity for As(V) removal decreases as follows; MT (116 µmol/g) 
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> Ti(25)-SBA-15 (72 µmol/g) > Ti(35)-SBA-15 (55 µmol/g) > Ti(15)-SBA-15 (51 µmol/g). These 

results indicate that the optimal weight ratio of Ti to SBA-15 for As(III) and As(V) adsorption is 

25 %. Sorption capacity for arsenic decreased when the incorporation ratio increased from 25% 

to 35%, possibly due to incorporation of some Ti into the silica framework. Ti that is in the silica 

framework would not function as reactive sorption sites for arsenic. Similar results have been 

observed in other studies that investigated La(x)-SBA-15, Al(x)-SBA-15, and Fe(x)-SBA-15(200). 

In addition, MT had a higher sorption capacity than Ti(25)-SBA-15, by factors of 1.7 and 1.6, for 

As(III) and As(V), respectively.  

 

Table 3.3 Comparison of isotherm parameters ± 95% confidence levels for As(III) 
adsorption.  

 Ti(15)-SBA-15 Ti(25)-SBA-15 Ti(35)-SBA-15 MT 

Langmuir     
b (L/μmol) 1.4×10-2±4×10-3 1.4×10-2±3×10-2 1.3×10-2±3×10-3 8×10-3±2×10-3 

Qmax (μmol/g) 60 ± 6 87 ± 5 76 ± 5 162 ± 14 

GFP 0.09 0.05 0.06 0.09 

Freundlich     

Kf (μmol1-1/n·L1/n/g) 8.3 ± 6.4 11 ± 6.3 8.6 ± 5.5 12.7 ± 6.8 

n 3.6 ± 1.7 3.4 ± 1.1 3.3 ± 1.1 2.8 ± 0.6 

GFP 0.30 0.23 0.25 0.21 

 

Table 3.4 Comparison of isotherm parameters ± 95% confidence levels for As(V) 
adsorption. 

 Ti(15)-SBA-15 Ti(25)-SBA-15 Ti(35)-SBA-15 MT 

Langmuir     
b (L/μmol) 1.1×10-2±3×10-3 1.2×10-2 ± 3×10-3 1.3×10-2 ± 3×10-3 8×10-3±2×10-3 

Qmax (μmol/g) 51.3 ± 3.71 72 ± 7.04 55.5 ± 2.16 116.3 ± 16.8 

GFP 0.07 0.09 0.04 0.14 

Freundlich     

Kf (μmol1-1/n·L1/n/g) 4.86 ± 3.82 6.98 ± 4.83 5.85 ± 4.25 8.81 ± 2.38 

n 2.93 ± 1.11 2.98 ± 1.02 3.09 ± 1.13 2.74 ± 0.24 

GFP 0.25 0.25 0.19 0.09 
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Figure 3.11 Langmuir (a) and Freundlich (b) adsorption isotherms for As(III) on Ti(15,25,35)-
SBA-15 and MT. Solid concentration is 1 g/L. Curves are isotherm models obtained by 
nonlinear regression.  
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Figure 3.12 Langmuir (a) and Freundlich (b) adsorption isotherms for As(V) on Ti(15,25,35)-
SBA-15 and MT. Solid concentration is 1 g/L. Curves are isotherm models obtained by 
nonlinear regression.  
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3.3.3.2 Effect of pH 

 Experiments were conducted at three pH values (pH 4, 7, 9.5) in order to investigate the 

effect of pH on equilibrium isotherms for each adsorbent and for both As(III) and As(V). Figures 

3.13 and 3.15 show adsorption isotherms fitted by the Langmuir model and the fit of the 

Freundlich model is presented in Figures 3.14 and 3.16. Adsorption isotherm parameters are 

summarized in Tables 3.5 and 3.6 for both the Langmuir and Freundlich models. In the case of 

As(III), the order of maximum sorption capacity is: MT (pH 9.5, 285 µmol/g) > MT (pH 7, 162 

µmol/g) > Ti(25)-SBA-15 (pH 4, 121 µmol/g) > Ti(25)-SBA-15 (pH 7, 87 µmol/g) > MT (pH 4, 66 

µmol/g) > Ti(25)-SBA-15 (pH 9.5, 60 µmol/g). In addition, at all pH except for pH 9.5, the 

Langmuir model for As(III) sorption by Ti(25)-SBA-15 provided a better fit than the Freundlich 

model as indicated by lower values of GFP. However, As(III) adsorption by MT is described 

well by the Freundlich model at all pH values except at pH 4. In contrast to the results for As(III), 

the order of maximum sorption capacity for As(V) is: Ti(25)-SBA-15 (pH 4, 193 µmol/g) > MT 

(pH 4, 173 µmol/g) > MT (pH 7, 116 µmol/g) > Ti(25)-SBA-15 (pH 7, 72 µmol/g) > MT (pH 9.5, 

56 µmol/g) > Ti(25)-SBA-15 (pH 9.5, 30 µmol/g). The Langmuir model for As(V) adsorption by 

Ti(25)-SBA-15 provides the best fit to experimental data at all pH, whereas the Freundlich model 

is better for As(V) adsorption by MT at all pH except pH 4.   
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Table 3.5 Comparison of As(III) adsorption isotherm parameters as a function of pH. 
 

NTAs 
 

pH 

Langmuir Freundlich 

b (L/μmol) qmax 
(μmol/g) GFP kf 

(μmol1-1/n·L1/n/g) n GFP 

MT 
4 1×10-2 ± 4×10-3 66 ± 11 0.12 4.7 ± 2.9 2.5 ± 0.7 0.18 

7 8×10-3 ± 2×10-3 162 ± 14 0.12 12.7 ± 6.8 2.8 ± 0.6 0.09 

9.5 1.5×10-2 ± 8×10-3 285 ± 52 0.17 22.4 ± 7.8 2.48± 0.4 0.13 

Ti(25)-SBA-15 
4 9×10-3 ± 2.7×10-3 121 ± 14 0.23 6.8 ± 5.3 2.3 ± 0.7 0.24 

7 1.4×10-2 ± 3×10-3 87 ± 5 0.06 11 ± 6.3 3.4 ± 1.1 0.14 

9.5 8.3×10-3 ± 3 ×10-3 60 ± 9 0.11 3.6 ± 1.4 2.4 ± 0.4 0.10 

 
 
Table 3.6 Comparison of As(V) adsorption isotherm parameters as a function of pH. 

 

NTAs 

 

pH 

Langmuir Freundlich 

b 
(L/μmol) 

qmax 
(μmol/g) 

 
GFP 

kf 
(μmol1-1/n·L1/n/g) 

n GFP 

MT 
4 1.3×10-2 ± 3.8×10-3 173 ± 16 0.11 17.8 ± 6.9 3.03 ± 0.59 0.15 

7 8×10-3 ± 3×10-3 116 ± 17 0.14 8.8 ± 2.4 2.75 ± 0.33 0.09 

9.5 7.8×10-3 ± 4×10-3 56 ± 11 0.18 5.1 ± 1.1 2.99 ± 0.31 0.07 

Ti(25)-SBA-15 
4 8.1×10-3 ± 4.9×10-3 193 ± 17 0.09 20.5 ± 9.1 3.08 ± 0.71 0.18 

7 3.1×10-3 ± 1.7×10-3 72 ± 7.0 0.09 6.9 ± 4.7 2.98 ± 1.02 0.25 

9.5 4.1×10-3 ± 1.3×10-3 30 ± 4.0 0.11 1.85 ± 1.27 2.62 ± 0.76 0.22 
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Figure 3.13 Langmuir adsorption isotherms for As(III) on (a) Ti(25)-SBA-15 and (b) MT as 
affected by pH. Curves are isotherm models obtained by nonlinear regression. 
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Figure 3.14 Freundlich adsorption isotherms for As(III) on (a) Ti(25)-SBA-15 and (b) MT as 
affected by pH. Curves are isotherm models obtained by nonlinear regression. 
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Figure 3.15 Langmuir adsorption isotherms for As(V) on (a) Ti(25)-SBA-15 and (b) MT as 
affected by pH. Curves are isotherm models obtained by nonlinear regression. 
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Figure 3.16 Freundlich adsorption isotherms for As(V) on Ti(25)-SBA-15 and MT as 
affected by pH. Curves are isotherm models obtained by nonlinear regression. 
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4. MODELING ON ADSORPTION OF ARSENIC(III) AND ARSENIC(V) ONTO 

NANOPOROUS TITANIA ADSORBENTS (NTAs) 

Nanoporous titania adsorbents (NTAs) were synthesized and applied to remove As(III) 

as well as As(V). Here, a surface complexation model (SCM) based on the diffuse layer model 

(DLM) was used to predict arsenic adsorption envelopes by NTAs under various environmental 

conditions. The extent of arsenic adsorption onto the two NTAs studied (Ti(25)-SBA-15, MT) 

showed a regular pattern with pH. This pattern was not affected by total arsenic concentration or 

solid concentration. Optimal pH ranges for As(III) removal were between pH 4 and pH 7 for 

Ti(25)-SBA-15 and between pH 8 and 11 for MT. Maximum removal efficiencies for As(V) by 

Ti(25)-SBA-15 was observed to be near pH 4 and the maximum for MT was in the pH range 

between pH 4 and pH 7. However, at environmental pH (near pH 7 to pH 8) the extent of 

removal of As(III) and As(V) by MT was relatively greater than that by Ti(25)-SBA-15. Surface 

complexation modeling for As(III,V) adsorption by NTAs demonstrated the role of mono- and 

bidentate surface complexes in arsenic adsorption. For As(III) sorption on Ti(25)-SBA-15, 

monodentate surface complexes were more important than bidentate ones over the entire pH 

range  investigated,. but bidentate complexes played a role near pH 8. When As(III) was being 

sorbed onto MT. the model predicted that monodentate complexes dominate arsenic removal, 

except at below pH 6 when the higher initial concentration was used. For As(V) adsorption, 

monodentate surface complexes are apparently responsible for As(V) removal over the entire pH 

range at both initial As(V) concentrations. At higher solid concentration of Ti(25)-SBA-15, the 

patterns of surface speciation that were observed for both As(III) and As(V) adsorption were the 

same as was observed at lower solid concentration (i.e., monodentate surface complexes 

dominate over entire pH, with small contribution of bidentate surface complexes below pH 8). 

This behavior was also true for As(III) adsorbed to MT. For As(V) adsorption onto MT, however, 
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the contribution of bidentate surface complexes at low pH became more intense than observed 

for lower solid concentration with the same initial As(V) concentration.  

4. 1 Introduction 

 Arsenic contamination in surface or subsurface water has occurred widely and can be 

caused by naturally occurring weathering of rocks or by anthropogenic sources. Exposure to 

arsenic in drinking water can seriously affect the health of human beings. Recently, the United 

States Environmental Protection Agency set the maximum contaminant level (MCL) for arsenic 

in drinking water to 10 ppb, which required many treatment facilities to be applied to remove 

arsenic.  

 Mobility and toxicity of arsenic are strongly affected by oxidation state, so redox 

conditions can be very important in determining the behavior of arsenic. Under reducing 

conditions, arsenite (As(III)) is mainly present, whereas arsenate (As(V)) dominates in oxidizing 

environments. At circumneutral pH, neutral As(III) species (H3AsO3) and negatively charged 

As(V) species (H2AsO4
- or HAsO4

2-) dominate. Thus, the fact that As(III) is uncharged at 

environmental pH makes it more mobile than As(V) in subsurface environments. Moreover, 

toxicity is much higher for As(III) than As(V). Adsorption technology has been widely used to 

remove various inorganic contaminants, including toxic metals, oxyanions and radionuclides. 

The advantages of adsorption include easier set-up, easier regeneration or disposal of adsorbents, 

and high removal efficiency. Up to now, various adsorbents such as iron oxides (goethite, 

lepidocrocite, hematite, magnetite), alumina, titania, and metal sulfides have been employed to 

remove arsenic from water (201-205). However, the structural limitations of conventional 

adsorbents limit their ability to lower arsenic concentrations to levels below the maximum 

contaminant level (MCL). These structural limitations include irregular pore structure and low 

specific surface area. Results presented in Section 3 demonstrated that two synthesized 
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nanoporous titania adsorbents, Ti(25)-SBA-15 and MT, had higher specific surface areas and 

higher sorption capacity for As(III,V) at pH 7 than other NTAs studied. However, specific 

adsorption mechanisms for As(III,V) removal by NTAs have not been established.  

 Surface complexation models (SCM) have been widely used to describe adsorption of 

various inorganic contaminants on solids and several tools (e.g., FITEQL, MINEQL+, CD-

MUSIC, PHREEQC) have been developed based on mass actions laws to solve equilibrium 

problems that include adsorption. Moreover, numerous different SCMs have been developed or 

modified to provide more precise quantitative interpretations for adsorption data, because these 

models are sensitive to solution composition. So far, SCMs based on assuming an inner-sphere 

complex mechanism and a single type of adsorption site has been widely used to describe 

sorption behavior. However, a two-site approach based on assuming a mixture of monodentate 

and bidentate complexes has not been extensively studied. Zeng et al. (2008) modeled the 

individual and competitive adsorption of arsenate and phosphate to iron oxide-based sorbent 

(Fe/Mn-hydroxide) using the DLM with eight complexation reactions based on including 

monodentate and bidentate surface complexes (206). They reported that in a non-competitive 

model, the relative importance of each surface complexes is strongly dependent on pH and total 

As loading.  When pH is low, bidentate surface complexes dominate, but when pH is high or 

when arsenic loadings are low, monodentate complexes are dominate.   

 Adsorption mechanisms have been established with the help of surface analysis 

techniques, including X-ray absorption spectroscopy (XAS), wide-angle X-ray scattering 

(WAXS), and Fourier transform infrared spectrometry (FT-IR) (35, 39, 40, 205, 207-211). 

Several spectroscopic studies indicated that arsenate forms binuclear bridging complexes on iron 

oxides (goethite and ferrihydrite) or amorphous mineral-type solids (allophane). These are inner-

sphere complexes that are formed via a ligand exchange mechanism between As(V) and surface-



76 

 

  

coordinated water molecules or hydroxyl ions (212-214). However, the local coordination 

environment of arsenic adsorbed on solids appears to be dominated by the level of surface 

coverage (215). At low surface coverage, monodentate surface complexes are dominant, while 

bidentate mononuclear or binuclear surface complexes dominate at high surface loading (215). 

Therefore, this shows that the mechanism of arsenic adsorption can differ according to 

environmental conditions. Thus, it is expected that a SCM that considers both mono- and 

bidentate surface complexes will be able to better predict sorption behavior of arsenic under 

various conditions.   

 The purposes of this study are to characterize surface acid-base properties of NTAs 

using a diffuse layer model (DLM), to evaluate the sorption envelopes of As(III,V) by NTAs 

over a wide range of pH as affected by various solution compositions (arsenic concentrations and 

solid concentrations), to obtain surface complexation constants using DLM with a few surface 

reactions including both monodentate and bidentate surface complexes, and to evaluate the 

speciation of the surface complexes.  

4.2 Materials and Methods 

4.2.1 Materials  

 All chemicals used in this study were reagent grade or better and DIW (deionized water) 

was prepared using a Barnstead Nanopure filter system. The arsenic stock solution was prepared 

at a concentration of 1000 mg/L by dissolving NaAsO2 (Sigma-Aldrich) or Na2HAsO4·7H2O 

(Sigma-Aldrich) into deionized water. The specified arsenic concentration was obtained by 

diluting the arsenic stock solution with DIW. NaCl (Sigma-Aldrich) was used at a concentration 

of 0.01 or 0.10 M to maintain ionic strength. Zero-graded air and atomic grade acetylene were 

used as fuel gases during arsenic analysis by atomic adsorption spectrometry (AAS) and ultra 

high purity grade argon gas was the carrier gas in the hydride generation system. The NTAs 
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were synthesized and used in batch experiments to determine arsenic adsorption envelopes. The 

synthesis methods for the NTAs are described in Section 3.           

4.2.2 Equilibrium Adsorption Experiments  

 All adsorption experiments were conducted in batch reactors. Prior to conducting 

experiments to determine arsenic adsorption envelopes, the required suspensions of NTAs were 

prepared by adding specified amounts to 1-L polyethylene bottles containing solutions of 0.1 M 

NaCl. The suspensions were equilibrated for 3 hours while mixing with a magnetic stirrer. Then, 

the initial pH of the solid suspension was adjusted by dropwise addition of 0.1 M HCl or 0.1 M 

NaOH to give values that were separated by 1.0 ± 0.05. A 20-mL sample of the solid suspension 

was transferred to 25-mL polypropylene bottles, followed by addition of stock solution of As(III) 

or As(V) into each bottle to provide the desired initial arsenic concentration (7.82, 14.4, 45.6 

μM). The samples were allowed to equilibrate over a 24 hour period while being mixed by a 

shaker operated at 200 rpm. After equilibration, the equilibrium pH of each aliquot was 

immediately measured at room temperature and the samples were filtered with 0.02 µm 

Whatman cellulose nitrate membranes. Measurements of pH were made with an Orion glass pH 

electrode calibrated using commercial buffers at pH 4.0, 7.0 and 10.0. The percent of arsenic 

adsorbed on the solid was calculated by Equation 4.1. 

 
[ ] [ ]( )

[ ]
o eq

o

As(III or V) - As(tot)
% As(III or V) adsorbed = 100

As(IIIor V)
×  (4.1) 

where [As(III, V)]o is the initial concentration of arsenic and [As(tot)]eq is total As concentration 

(As(III) + As(V)) at equilibrium. A similar set of experiments was conducted to evaluate the 

effect of solid concentration (1, 2, 3 g/L) on As(III,V) adsorption envelopes. 
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4.2.3 Analytical Methods 

 Measurement of arsenic was conducted using a model Solar M6 atomic absorption 

spectrometer equipped with a model V90 continuous hydride generator (Thermo Elemental). 

Prior to analysis, all samples and standard solutions were prepared in 20-mL polyethylene plastic 

bottles in order to provide amounts greater than those needed to conduct duplicate experiments. 

Total arsenic was determined by mixing a sample flow of 7 mL/min with an equal flow of strong 

acid (6 M HCl) and a 3.5 mL/min flow of sodium borohydride. With these flows and pH 

conditions, both As(III) and As(V) can be reduced by borohydride to arsine gas (191). The arsine 

is transferred by argon gas with a 250 mL/min flow to the flame AA, where its absorbance is 

determined. Measured absorbances were used to calculate arsenic concentrations using a 

standard calibration curve. The same conditions were used for calibration standards and 

experimental samples.  

4.2.4 Potentiometric Titration  

 Potentiometric titrations were carried out to determine intrinsic surface acidity 

constants for protonation of the surface hydroxyl groups. Suspensions with solids concentrations 

of 10 g/L and with two NaCl concentrations (0.01 M, 0.1 M) were mixed by a magnetic stirrer 

for 3 hours under inert atmosphere (N2 purging). Thereafter, the solid suspensions were titrated 

by adding no more than 0.3 mL of 0.01 or 0.1 M HCl or NaOH to achieve pH values separated 

by 0.5 unit. Values of pH were measured before addition of acid or base and after an 

equilibration period of 5 minutes. The effect of atmospheric CO2 on pH of the solid suspensions 

was assumed to be negligible, because all titration experiments were conducted in an 

environment purged by nitrogen gas. The FITEQL 4.0 software program was used to determine 

optimal values of the surface acidity constants of NTAs by fitting the diffuse layer model (DLM) 

to titration data (216). Figure 4.1 shows the results of the potentiometric titrations and model 
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predictions. The apparent acidity constants for surface acidity reactions on NTAs can be 

expressed in terms of ion activity product multiplied by an exponential term that describes the 

effects of electrostatic interactions between the charged surface and hydrogen ion (Table 4.1) 

(217). Values for the surface acidity constants of these solids were calculated using the two 

equations in Table 4.1 and the corresponding mass action law based on the diprotic surface 

group model (2-pK model).  

Table 4.1 Intrinsic surface acidity constants for Ti(25)-SBA-15 and MT using diffuse layer model. 
Reactions Adsorbent Ioinic strength, M Log K 

≡ TiOH +  H+    ↔   ≡ TiOH2
+  ;    logKa1

int   

Ka1
int =  �≡TiO H2

+�
[≡TiOH ][H+]

 exp(Fφo RT⁄ )   

 

Ti(25)-SBA-15 
0.01  3.28 

0.1  2.87 

MT 
0.01  4.39 

0.1  4.12 

≡ TiOH2
+   ↔  ≡ TiO−  +   H+  ;   logKa2

int  

Ka2
int  =   

[≡ TiO−][H+]
[≡ TiOH2

+]
exp(− Fφo RT⁄ ) 

Ti(25)-SBA-15 
0.01  -5.03 

0.1  -5.79 

MT 
0.01  -4.38 

0.1  -4.47 
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Figure 4.1 Fits of DLM to titration data for (a) Ti(25)-SBA-15 and (b) MT in 0.01 and 0.1 M 
NaCl background electrolyte: The symbols represent experimental data and lines indicate 
the predictions of the DLM.  
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4.2.5 Surface Complexation Model 

 The diffuse layer model (DLM) was used to predict arsenic adsorption envelopes over a 

wide range of pH by varying total arsenic concentration and solid loadings. In this study, 

FITEQL was used to fit DLM to adsorption envelope data, so that values of the intrinsic surface 

complexation constants are chosen using a nonlinear least squares optimization method. To 

ensure the best fits of each model to experimental sorption data, a goodness-of-fit parameter (Vy) 

was used. This parameter was defined as the weighted sum of squares of the difference in data 

points between model simulations and experimental data (WSOS) divided by the degrees of 

freedom (DF)) as shown in Equation 4.2.  
 

 
2

y

( / )
/

( )
i i

p c a

Y s
V WSOS DF

n n n
= =

−
∑  (4.2) 

where Yi and si are the residual and the error estimate for each data point, np is the number of 

data points, nc is the number of components for which both total and free concentrations are 

known, and na is the number of adjustable parameters. Here, lower values of Vy indicate a better 

fit of a model to data. When values of Vy are between 0.1 and 20, the model fitting  is 

considered to be reasonably good (216).  

 In order to provide better fit to sorption data, a two-site approach was applied, where 

mono- and bidentate binuclear surface complexes were assumed to occur at two separate 

adsorption sites (≡SOH and ≡(SOH)2). The related surface reactions between NTAs and As(III,V) 

and their surface complexation constants are summarized in Table 4.2.     
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Table 4.2 Arsenic surface reactions and intrinsic surface complexation constants. 
Surface complexation reactions Log K 

For As(III) Ti(25)-SBA-15 MT 

monodentate complexes   

≡ TiOH + AsO3
3− +  3H+  ↔ ≡ TiOAsO2H2 + H2O;  logKAs 3

m ,1  43.1 50.3 

≡ TiOH + AsO3
3− +  2H+  ↔ ≡ TiOAsO2H− + H2O;  logKAs 3

m,2  34.8 46.0 

bidentate binuclear complexes   

≡ (TiOH)2 + AsO3
3− +  3H+  ↔ ≡ (TiO)2AsOH +  2H2O;  logKAs 3

b,1  49.7 43.0 

≡ (TiOH)2 + AsO3
3− +  2H+  ↔ ≡ (TiO)2AsO− +  2H2O;  logKAs 3

b,2  43.9 38.1 

   

For As(V)   

monodentate complexes   

≡ TiOH + AsO4
3− +  3H+  ↔ ≡ TiOAsO3H2 + H2O;  logKAs 5

m ,1  25.4 25.4 

≡ TiOH + AsO4
3− +  2H+  ↔ ≡ TiOAsO3H− + H2O;  logKAs 5

m,2  18.2 21.1 

≡ TiOH + AsO4
3− + H+  ↔  ≡ TiOAsO3

2− + H2O;  logKAs 5
m ,3  10.2 14.8 

bidentate binuclear complexes   

≡ (TiOH)2 + AsO4
3− +  3H+  ↔ ≡ (TiO)2AsO2H +  2H2O;  logKAs 5

b,1  42.4 39.5 

≡ (TiOH)2 + AsO4
3− +  2H+  ↔ ≡ (TiO)2AsO2

− +  2H2O;  logKAs 5
b,2  30.4 29.6 

 

4.3 Results and Discussion 

4.3.1 Arsenic Adsorption Envelopes: Variation of Initial Arsenic Concentration  

 To investigate the effect of pH and initial As(III) concentration on the extent of 

adsorption onto NTAs, three different initial As(III) concentrations (7.82, 14.4, and 45.6 μM) 

were chosen. The diffuse layer model (DLM) with a two-site model approach was used to 

describe As(III) adsorption envelopes. Figure 4.2(a1) shows that As(III) removal by Ti(25)-SBA-

15 was somewhat constant over the pH range between pH 4 and 7, but decreased as pH increased 

from about pH 8.5. This sorption pattern is similar to iron (hydr)oxide (e.g., HFO, goethite) for 

which maximum As(III) sorption occurs at pH 6-9 and minimum sorption occurs at pH > 9 (218). 

The reduction in As(III) adsorption at high pH may be caused by increased electrostatic 
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repulsion between negatively charged sorption sites ([≡TiO -]) and arsenic species ([H2AsO3
-]). 

The percentage of As(III) adsorbed decreased with increasing total As(III) concentration. For 

instance, in the pH range 4-7, the percent As(III) adsorbed at [As(III)]o=45.6 µM was two times 

lower than that at [As(III)]o =7.82 µM. The DLM model fitted sorption data well, except for 

some regions where the model mostly underestimated As(III) adsorption. Three such regions 

were at pH above 9.2 with [As(III)]o=7.32 µM, at pH above 8.5 with [As(III)]o=14.4 μM, and at 

pH above 8 with [As(III)]o=45.6 μM. However, the model somewhat overestimated removals at 

pH 4.5-7.5 with [As(III)]o=45.6 μM. Figures 4.2(a2) and 4.2(a3) indicate the predicted model 

speciation of As(III) adsorbed on Ti(25)-SBA-15 at the lowest and highest initial As(III) 

concentrations. Figure 4.2(a2) shows that the monodentate surface complex (≡TiOAsO2H2) was 

the dominant species until pH approaches pH 9.0. However, the deprotonated mono- and 

bidentate species (≡TiOAsO2H- and ≡(TiO)2AsO-) also contributed to As(III) adsorption as pH 

increased from pH 6.0, but they did not account for more than 20 % As(III) removal. The 

speciation profiles of adsorbed As(III) with [As(III)]o=45.6 µM (Figure 4.2(a3)) were similar to 

those with [As(III)]o=7.82 μM (Figure 4.2(a2)).  

 Figure 4.2(b1) shows As(III) adsorption on MT as function of pH for various initial 

As(III) concentrations. As observed on Ti(25)-SBA-15, the maximum percent removal of As(III) 

on MT decreases with increasing As(III) concentration over the entire pH range. However, 

maximum and minimum removals of As(III) were seen around pH 8-11 and at low pH, 

respectively. At [As(III)]o=45.6 µM, the percent removal of As(III) at acidic pH (4~6) and at 

basic pH (8~10) were lower than those at [As(III)]o=7.82 µM by a factor of 6.2 and 1.5, 

respectively. As(III) adsorption envelopes were simulated well by the DLM, except at high pH 

with [As(III)]o=7.82 µM and with [As(III)]o=14.4 µM, where the model underestimates 

adsorption, and at pH below pH 6.5 with [As(III)]o=7.82 μM, where the model overestimates 
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adsorption. The model fits to As(III) removals shown in Figure 4.2(b1) for initial arsenic 

concentrations of 7.82 µM and 45.6 µM are reproduced by Figures 4.2(b2) and 4.2(b3) along 

with surface speciation predicted by the DLM. At the lower initial As(III) concentration, the 

monodentate surface complexes (≡TiOAsO2H2 and ≡TiOAsO2H-) dominated over the entire pH 

range, with small contributions of the bidentate surface complexes (≡(TiO)2AsOH and 

≡(TiO)2AsO-) in the pH range between pH 4 and 6.5 (Figure 4.2(b2)). As initial As(III) 

concentration increased, however, the contribution of the monodentate surface complex to As(III) 

adsorption at low pH was replaced by the bidentate binuclear surface complex (≡(TiO)2AsOH). 

As pH approached neutral and increased, the deprotonated monodentate specie (≡TiOAsO2H-) 

became dominant. Therefore, it can be concluded that as initial As(III) concentration increases, 

the bidentate surface complexes becomes more important. Also, the optimal pH range for 

removal of As(III) by Ti(25)-SBA-15 was observed at pH 6-8.5 and up to circumneutral pH for 

MT.   
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Figure 4.2 Modeling As(III) adsorption on NTAs. Effect of pH at various initial As(III) 
concentrations on percent adsorption by: (a1) Ti(25)-SBA-15 and (b1) MT. Surface 
speciation predicted by DLM as function of pH for: (a2) Ti(25)-SBA-15 + 7.82 µM As(III), 
(a3) Ti(25)-SBA-15 + 45.6 µM As(III), (b2) MT + 7.82 µM As(III), (b3) MT + 45.6 µM 
As(III). 
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 Figure 4.3 shows the effect of pH and initial As(V) concentration on the extent of 

adsorption by Ti(25)-SBA-15 and MT. Figure 4.3(a1) shows that the effect of pH on As(V) 

adsorption by Ti(25)-SBA-15 is similar to that observed for adsorption on metal (hydr)oxides.  

With both adsorbents, the highest and lowest removals of As(V) were observed at acidic and 

basic pH, respectively, with steep decreases in adsorption in the range between pH 5 and pH 8. 

Since the pHzpc of Ti(25)-SBA-15 is 4.3, the sorption sites at low pH are expected to be positively 

charged, which contributes to improved removal of the negatively charged As(V) by electrostatic 

attraction, whereas the opposite is true at higher pH. In addition, the percent As(V) adsorbed 

decreased a small amount with increasing As(V) initial concentration with the bigger differences 

observed at low pH. The percent As(V) adsorbed at [As(V)]o=39.4 μM was 1.6 times lower than 

that observed at [As(V)]o=9.86 μM, when pH < 7. In order to attain over 80 % removal of As(V) 

by Ti(25)-SBA-15, the pH should be below about pH 5.0. As shown in Figure 4.3(a1), the model 

fits to As(V) adsorption by Ti(25)-SBA-15 were simulated well except at pH below 5.0 with 

[As(V)]o=19.7 μM and at pH below 6.0 with [As(V)]o=39.4 µM, where As(V) adsorption was 

underestimated. Figures 4.3(a2) and 4.3(a3) show the model predictions for speciation of As(V) 

adsorbed on Ti(25)-SBA-15 under lowest and highest initial As(III) concentration. At low pH, the 

mono- (≡TiOAsO3H2) and bidentate binuclear surface complexes (≡(TiO)2AsO2
-) coexist and at 

circumneutral pH the deprotonated monodentate specie (≡TiOAsO3H-) becomes more important 

and at higher pH doubly charged monodentate specie (≡TiOAsO3
2-) dominates. At the higher 

initial As(V) concentration, the bidentate binuclear surface complexes (≡(TiO)2AsO2
-) are less 

important.    

 Figure 4.3(b1) displays As(V) adsorption envelopes for MT that are similar to those for 

Ti(25)-SBA-15. The effect of pH on As(V) adsorption is similar to that observed for other metal 

(hydr)oxides with pHzpc of 5~7, but the slopes of adsorption edges are not as steep, resulting in 
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the extension of high As(V) removals to circumneutral pH. In this pH range, the removals of 

As(V) by MT were higher than those by Ti(25)-SBA-15 by a factor of 3.2. In addition, As(V) 

removals over the entire pH range studied were lower with higher initial As(V) concentration. At 

pH below 7.0, with [As(V)]o=9.86 μM the DLM overestimated As(V) adsorption and at pH 

above 7.0, with [As(V)]o=19.7 and 39.4 μM, the model highly underestimates As(V) adsorption. 

Figures 4.3(b2) and (b3) indicate the pH dependence of the speciation of surface complexes with 

[As(V)]o=9.86 µM and [As(V)]o=39.4 µM, respectively. At the lowest initial As(V) 

concentration, the monodentate surface complexes (≡TiOAsO3H2, ≡TiOAsO3H-, ≡TiOAsO3
2-) 

play the important role in As(V) adsorption over the entire pH range examined with only a small 

contribution of the bidentate complex (≡(TiO)2AsO2
-) being observed at low pH (Figure 4.3(b2)). 

At the higher initial As(V) concentrations, the pattern of surface speciation was similar to that 

observed at the lower concentration. As observed with Ti(25)-SBA-15, the fully protonated 

monodentate specie (≡TiOAsO3H2) contributed strongly to As(V) adsorption up to circumneutral 

pH. Therefore, it can be concluded for As(V) adsorption on NTAs that the monodentate surface 

complexes play a more important role in adsorption than do the bidentate binuclear surface 

complexes for all initial As(V) concentrations studied. 
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Figure 4.3 Modeling As(V) adsorption on NTAs. Effect of pH at various initial As(V) 
concentrations on percent adsorption by: (a1) Ti(25)-SBA-15, (b1) MT; Surface speciation 
predicted by DLM as function of pH for: (a2) Ti(25)-SBA-15 + 9.86 µM As(V), (a3) Ti(25)-
SBA-15 + 39.4 µM As(V), (b2) MT + 9.86 µM As(V), (b3) MT + 39.4µM As(V). 
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4.3.2 Modeling Arsenic Adsorption Envelopes: Various Solid-To-Liquid Ratios  

 Adsorption of As(III) and As(V) on Ti(25)-SBA-15 and MT was investigated by varying 

solid loadings (i.e., 1, 2, 3 g/L). Figure 4.4 shows that As(III) adsorption on Ti(25)-SBA-15 and 

MT was highly dependent on solid concentration as well as solution pH. Figure 4.4(a1) shows 

that for 1 g/L of Ti(25)-SBA-15, high removal was observed in the pH range 4-6, but higher solid 

concentrations cause As(III) adsorption edges to be shifted toward basic pH, so that the plateau 

showing high As(III) removal becomes more extended. For solid concentration of 2 and 3 g/L, 

the DLM underestimated adsorption of As(III) on Ti(25)-SBA-15 over basic pH ranges. Figures 

4.4(a2) and 4.4(a3) show predictions of the model for surface speciation on Ti(25)-SBA-15 at 

concentrations of 1 g/L and 3 g/L. Figure 4.4(a2) shows that the monodentate surface complexes 

(≡TiOAsO2H2, ≡TiOAsO2H-) are predominant at low and high pH, but the negatively charged 

bidentate surface complex (≡(TiO)2AsO-) dominates near pH 8. Figure 4.4(a3) shows that the 

monodentate surface complexes (≡ TiOAsO2H2, ≡TiOAsO2H-) are predominant over all pH 

ranges, but bidentate surface complexes (≡(TiO)2AsOH, ≡(TiO)2AsO-) are responsible for up to 

23 % removal of As(III). 

 Figure 4.4(b1) shows that the extent of As(III) adsorption by MT varies according to 

solid concentration. Removals of 64%, 76%, and 88% at pH 4 and 80%, 85%, and 92% at pH 10 

were observed at solid concentrations of 1, 2, and 3 g/L, respectively. At a solid concentration of 

3 g/L, the percent of As(III) adsorbed was above 88 % over the entire pH range investigated. 

Good agreement between the model fits and the experimental data were obtained at pH above 

neutral, regardless of the solid concentration. However, at lower pH, As(III) removals with solid 

loadings of 2 g/L and 3 g/L were underestimated and removals at a loading of 1 g/L was 

underestimated. Figure 4.4(b2) and 4.4(b3) show the predicted speciation of As(III) adsorbed on 

1 g/L and 3 g/L of MT, respectively. Figure 4.4(b2) shows that the monodentate surface 
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complexes are predicted to account for most of the sorbed As(III), with ≡TiOAsO2H2 being 

predominant below pH 5.3 and ≡TiOAsO2H- dominating at higher pH. Below pH 7, however, up 

to 15 % As(III) removal was associated with bidentate surface complexes (≡(TiO)2AsO- or 

≡(TiO)2AsOH). As the higher solid concentration, there were no important changes in the pattern 

of surface speciation compared to that observed at solid concentration of 1 g/L (Figure 4.4(b2)). 

Consequently, it can be concluded that As(III) adsorption on NTAs was predominantly due to 

formation of monodentate surface complexes at all solid concentrations and over the entire pH 

range examined.    

    Figure 4.5 shows the effect of solid loading (1, 2, 3 g/L) on As(V) adsorption by Ti(25)-

SBA-15 and MT. As(V) adsorption by Ti(25)-SBA-15 was strongly dependent on solution pH but 

little affected by solid loading (Figure 4.5(a1)). The model shows relatively good fits to the 

experimental data, except in the case of solid loadings of 2 g/L and 3 g/L, where data was 

underpredicted below pH 5.5 and overpredicted between pH 5.5 and near pH 7. Figures 4.5(a2) 

and 4.5(a3) show the distribution of surface complex species calculated by the DLM using the 

two-sites approach at solids loadings of 1 g/L and 3 g/L, respectively. At 1 g/L, the monodentate 

surface complexes are predicted to be predominant, with ≡TiOAsO3H2 dominating at pH below 

neutral. Other monodentate species contribute to As(V) adsorption below pH 6 (≡TiOAsO3
2-) 

and between pH 6 and pH 8 (≡TiOAsO3H-). For 3 g/L, the pattern of the predicted model 

speciation of As(V) is similar to that observed for 1 g/L, but the increased As(V) adsorption at 

low pH is due to the growth of the bidentate surface complex (≡TiOAsO3
2) rather than the 

monodentate surface complexes (≡TiOAsO3H2). The effect of solid concentration (1, 2, 3 g/L) 

on As(V) adsorption by MT was also investigated and the DLM model was fit to experimental 

data (Figure 4.5(b1)). The percentage of As(V) removed by 1 g/L MT was only a little lower 

than that removed by loadings of 2 g/L and 3 g/L. 
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Figure 4.4 Modeling As(III) adsorption on NTAs. Effect of pH at various solid 
concentrations on adsorption of As(III) by: (a1) Ti(25)-SBA-15 and (b1) MT. Surface 
speciation predicted by DLM as function of pH for: (a2) 1 g/L Ti(25)-SBA-15, (a3) 3 g/L 
Ti(25)-SBA-15, (b2) 1 g/L MT, (b3) 3 g/L MT. 
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 The model predictions for removal of As(V) on MT were generally in good agreement 

with experimental data. However, the models slightly overpredicted As(V) removal between pH 

6 and pH 7.5 for a loading of 1 g/L and underestimated removals above pH 9 for a loading of 3 

g/L. Figures 4.5(b2) and 4.5(b3) display the predicted speciation of As(III) complexes on the 

surface of MT at solid concentrations of 1 g/L and 3 g/L. For a loading of 1 g/L (Figure 4.5(b2)), 

the bidentate (≡(TiO)2AsO2
-) species dominates at the lowest pH. As pH is raised, the 

predominant species shifts to monodentate surface complexes: ≡TiOAsO3H2 becomes dominant 

at pH 5.5; ≡TiOAsO3H- becomes dominant at pH 6.5; and ≡TiOAsO3
2- becomes dominant at pH 

8.5. At a loading of 3 g/L, only the bidentate complex (≡(TiO)2AsO2
-) is important to As(V) 

adsorption below pH 6. As pH increases, the deprotonated monodentate species (≡TiOAsO3H- 

and ≡TiOAsO3
2-) dominate. Therefore, it appears that higher solid concentrations of MT favor 

formation of bidentate surface complexes of As(V) at lower pH and deprotonated monodentate 

surface complexes at higher pH 6.0.  
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Figure 4.5 Modeling As(V) adsorption on NTAs. Effect of pH at various solid concentration 
on adsorption of As(V) by: (a1) Ti(25)-SBA-15 and (b1) MT. Surface speciation predicted by 
the DLM as a function of pH for: (a2) 1 g/L Ti(25)-SBA-15, (a3) 3 g/L Ti(25)-SBA-15, (b2) 1 
g/L MT, (b3) 3 g/L MT. 
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5. SORPTION OF SELENIUM(IV) AND SELENIUM(VI) TO SYNTHETIC 

PYRITE (FeS2): 1. MICROSCOPIC AND SPECTROSCOPIC ANALYSES  

In this study, pyrite (FeS2) was synthesized and used to remove Se(IV) and Se(VI) 

selectively from solution, because selenium has a strong affinity to iron surface sites. Transport 

of selenium in water could be limited by the formation of precipitates such as FeSe or FeSe2 via 

its adsorption onto pyrite and subsequent reactions. Surface properties of pyrite were 

characterized by surface analysis techniques, including XRD, TEM, SEM and AFM. These 

analyses showed that synthetic pyrite was identical to the mineral and was crystalline with a 

highly regular rectangular morphology. After pyrite was contacted with Se(IV), binding energies 

of peaks in the XPS Se 3d spectra were observed to increase with time which indicates that  

Se(IV) reacts with the pyrite surface. The XPS Fe 2p spectra showed small increases in Fe(III)-S 

and Fe(III)-O which indicates that surface Fe(II) was oxidized by Se(IV) or other compounds. 

Evidence was found for the presence of additional sulfur species, such as sulfide and sulfate. 

This indicates that sulfur at the surface of pyrite (S2
2-) can be both oxidized and reduced after 

contact with Se(IV). XPS analysis of pyrite at different times after contact with Se(VI) indicated 

no changes in Se 3d spectra. Also, no substantial changes in the iron and sulfur XPS spectra 

were observed. Additional evidence for the formation of precipitates on pyrite after contact with 

Se(IV) was seen in SEM images that showed rod-like particles. In contrast, no important changes 

in the pyrite surface were observed after contact with Se(VI) during a period of 30 days. AFM 

analysis indicated that pyrite contacted with Se(IV) has a topography image with much higher 

peaks and phase image with higher voltage compared to pyrite contacted with Se(VI). This is 

probably due to formation of precipitates or surface complexes on the pyrite surface that leads to 

bending deformation.    
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5.1 Introduction 

One of the environmental issues regarding selenium (Se) is related to a very narrow 

concentration range between its nutritional deficiency and toxicity (219). Therefore, its mobility, 

fate, and concentration in the environment have important implications for human health and the 

growth of animals and plants (220). Selenium is released from natural and anthropogenic sources 

and coal-fired power stations are one of the largest anthropogenic sources. Selenium is present in 

coal at small concentrations of several parts per million and most of that is associated with 

organic matter, but 5-10 % appears to be associated with pyrite or other mineral sulfides (3, 57). 

Selenium in all phases can be released to the environment if not managed continuously. Recently, 

selenium (79Se, t1/2=1.0×106 years) has been found in radioactive wastes resulting from 

processing spent fuel and in releases from operating nuclear reactors and fuel reprocessing plants 

(62).    

Selenium is an analogue of sulfur, so it is expected that its mechanisms of surface 

complexation are quite similar. Selenium can exist in four oxidation states (-II, 0, IV, and VI), 

depending on aqueous redox status. Under more reducing conditions, selenide (Se(-II)) is the 

dominant valence state and it can form metal selenide minerals or gaseous hydrogen selenide 

(H2Se). Zero-valent selenium (Se(0)) can also exist under reducing conditions and it forms 

crystalline or amorphous solids that have low solubility in water (220). Selenate (Se(VI)) is a 

weakly basic group IV oxyanion, which is fully oxidized and exists as a tetrahedral oxyanion. It 

will exist as biselenate (HSeO4
-) or selenate (SeO4

2-)) depending on whether pH is below or 

above the pKa of 1.7 (58, 221). Another important form of selenium is selenite (Se(IV)), which 

can exist as selenious acid, a weak diprotic acid with pka values of 2.64 and 8.4. Thus, selenite is 

can be found as H2SeO3, HSeO3
-, and SeO3

2- depending on aqueous pH (222). Therefore, at 

natural environmental pH, the primary species will be SeO4
2- and HSeO3

-. Many studies have 
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proven that selenite (SeO3
2-) forms stronger complexes than selenate (SeO4

2-), due to its higher 

affinity for sorption sites (220, 223). Consequently, changes in those species can affect the 

transport and solubility of selenium.   

One treatment technology for selenium is bioremediation, which uses microbial 

reduction to reduce the oxidized selenium compounds (Se(VI) and Se(IV)) to elemental selenium 

(Se(0)) that is relatively insoluble (224). However, the high cost of chemical nutrients (e.g., 

acetate, lactate, and glucose) makes bioremediation expensive for treating selenium under field 

conditions. However, adsorption processes have been intensively employed to remove selenium 

oxyanions, because of the ease of set-up, ease of phase-separation, and increased safety. 

Moreover, adsorption of selenium onto iron oxy-hydroxides has been adopted as the Best 

Demonstrated Available Technology (BDAT) by the EPA (225).    

When hydrous metal oxides containing selenium are disposed to landfills, however, the 

residuals may be unstable due to reductive dissolution of the iron oxy-hydroxides under the 

anoxic conditions. In addition, removal of selenium by adsorption onto iron oxy-hydroxides can 

be inhibited by competing anions such as phosphate or sulfate in a way that is similar to that 

observed during arsenic treatment. Since selenide is often found in subsurface environments as a 

component of metal sulfides, metal selenides (FeSe, FeSe2) are expected to be stable (62). Until 

now, little information has been provided on the stability of pyrites reacted with selenium.    

 Therefore, an unitimate goal of this study is to stabilize the pyrite residuals after contact 

with selenium under various solution conditions. This Section focuses on evaluating both surface 

properties of synthetic pyrite and surface reactions between the pyrite and selenium using 

surface analyses techniques including scanning electron microscopy (SEM), transmission 

electron microscopy (TEM), X-ray photoelectron spectroscopy (XPS) and atomic force 

microscopy (AFM).  
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5.2 Materials and Method 

5.2.1 Materials 

 All chemicals used in this study were of analytical-grade quality. To provide deionized 

and deoxygenated water for sorption experiment, nanopure water (resistance > 18.3 MΩ) 

produced by a Milli-Q water purification system was first purged with N2 gas (ultra high purity 

grade) for at least 2 hours and subsequently equilibrated overnight with the gas (5% H2/95% N2) 

in an anaerobic chamber. Selenite (Se(IV)) and selenate (Se(VI)) stock solutions (1000 ppm) 

were prepared by dissolving Na2SeO3 and Na2SeO4 (Sigma-Aldrich), respectively. Prior to 

initiating sorption experiments, all glassware and plasticware was uncapped and placed into an 

anaerobic chamber for at least 1 day to remove all oxygen sorbed on wall. Oxygen was 

scavenged in the anaerobic chamber (Coy Laboratory Products Inc.) by reaction with 5% H2, 

promoted by a palladium catalyst.  

5.2.2 Synthesis of Nanoparticulate Pyrite 

 Pyrite was synthesized by the modified Wei’s method which uses FeCl3 and NaHS as 

sources of Fe(III) and sulfide (134). A Fe/S molar ratio of 0.5 was obtained by mixing equal 

volumes of 0.1 M FeCl3 and 0.2 M NaHS stock solutions in an anaerobic chamber with 5% 

H2/95% N2 atmosphere. As soon as the two stock solutions were mixed in a 1-L volumetric flask, 

the pH of solid suspension was adjusted to 4.5 ± 0.1 using 1 N HCl or 1N NaOH. To facilitate 

the formation of nuclei, the heat was applied to achieve a temperature of approximately 60 oC for 

1 day of aging. The final solid products were then filtered with a 0.25 μm anodisc filter using a 

vacuum pump and washed several times with acetone and carbon disulfide to remove residual 

sulfur completely from the surface of the solids. Finally, the synthesized pyrite solids were dried 

in the anaerobic chamber.       
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5.2.3 Sorption/Reaction Experiments 

 All sorption experiments were conducted using batch systems at ambient temperature in 

an anaerobic chamber. These experiments were designed to produce solids for surface analysis 

using X-ray photoelectron spectroscopy (XPS), scanning electron microscopy (SEM), atomic 

force microscopy (AFM). To acquire solid samples, 1 g/L pyrite suspension was reacted with 

Se(IV) or Se(VI) at a concentration of 3.1 mM and at pH 8. At sampling times of 1, 15, and 30 

days, the solid suspensions were filtered using 0.02-μm anodisc membrane filters (Whatmann). 

The filter disk including the wet solids was directly dried and stored in the anaerobic chamber 

until analyses by spectroscopic techniques.   

5.2.4 Spectroscopic Analyses 

 X-ray diffraction analysis was carried out by a Riga automated diffractometer using Cu 

Kα radiation with 0.03˚ step size and 3s step time over range 2˚ < 2θ < 65˚. Before XRD analysis, 

all solid samples were washed with acetone (99%, Sigma-Aldrich) and then dried in anaerobic 

chamber to avoid oxidation of solid samples. The measured XRD data were compared to library 

spectra.  

 Transmission electron microscopy (TEM) was performed using a JEOL 2010 

microscope with a lanthanum hexaboride filament and an excitation voltage of 200 kV. The solid 

samples were suspended in ethanol (99.99%, Aldrich), and then placed on a 400-mesh copper 

grid, followed by dispersion of solid using sonication.  

 The XPS spectra for pyrite combined with selenium were obtained using a Kratos Axis 

Ultra Imaging X-ray photoelectron spectrometer with a monochromatized Al Kα (1253.6 eV) 

source. The pressure in analytical chamber was below 10-7 Pa. The survey scans were recorded 

with pass energy of 80 eV and the narrow scans used 40 eV or 20 eV for higher resolution. In 

order to obtain the oxidation status of surface sorption sites and target contaminants, narrow scan 
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spectra for Fe 2p, S 2p, O 1s, and Se 3d were acquired. Since pyrite is a conducting solid, it 

would be expected that charge effects could occur, resulting in the shifts of spectra. To calibrate 

this region shift, the spectra peak of C 1s at 284.5 ± 0.1 eV was used as reference. The narrow 

scan spectra of Fe 2p3/2, S 2p, O 1s, and Se 3d were fitted using a XPSPEAK41 fitting program 

with Gaussian Lorentzian function through background-subtraction corrections using a Shirley-

type optimization.   

 The surface morphology and chemical composition of pyrite after contact with Se(IV) 

or Se(VI) was characterized by scanning electron microscopy (SEM) using energy dispersive 

spectrometer (EDS) analysis. A JEOL JSM 6400 equipped with a PGT EDS system was used. 

Prior to inserting a sample onto the specimen holder, the surface of the sample was coated with 

Pd and Au by a sputtering instrument in order to reduce its surface electric charge. The 

secondary SEM images were collected at a working distance of 39 or 15 mm under an 

acceleration voltage of 15 kV and a magnification range of 10 to 300,000×. Elements that were 

analyzed by EDS were Fe, S, O, Se, Pd, Au and C.   

 The topographic information of pyrite after contact with Se(IV) or Se(VI) was obtained 

by atomic force microscopy (Nano-R, Pacific Nanotechnology Inc., USA). An anodisc filter 

containing the solid sample was directly moved to the specimen holder. Two types of AFM 

images such as height and phase were obtained by a tapping mode (or close contact mode) that 

collects changes of cantilever oscillation as the tip of the cantilever assembly travels on the solid 

sample, and then transforms their signals to images through software (NanoRule+ Ver. 2.5, 

Pacific Nanotechnology Inc.). The tip assembly was composed of single-crystal silicon probe 

and the scan rate was set at 0.5 Hz over a selected area in the dimension of 3.22 µm × 3.22 µm 

for pyrite, 4 μm × 4 µm for Se(IV) -contacted pyrite, and 1.46 μm × 1.46 µm for Se(VI) -

contacted pyrite.  
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5.2.5 Measurement of Aqueous Concentrations 

 Selenate was analyzed by a hydride generation atomic absorption spectrometry 

(HGAAS) method using a Thermo Elemental Solar M6 AA and a VP90 continuous hydride 

generator. Selenate was first reduced to selenite by acid digestion (5 mL sample, 5 mL 

concentrated HCl in 40 mL borosilicate glass vial placed in boiling water bath for 10 minutes). 

The following parameters were used for these analyses: wavelength of 196.0 nm, band pass of 

0.5 nm, lamp current of 75%, measurement number of 4, measurement time of 4 s, background 

correction is on, stabilization time of 30 s, baseline delay time of 40 s, carrier gas flow rate of 

240 mL/min. The average recovery (accuracy) and relative standard deviation (precision) were 

103.0 % and 1.8 % for Se(IV), and 101.8 % and 1.62 % for Se(VI). The average method 

detection limit (MDL) for Se(IV) and Se(VI) were 0.75 µg/L and 0.75 µg/L, respectively. 

5.3 Results and Discussion 

5.3.1 Surface Characterization of Synthetic Pyrite 

 Figure 5.1 shows results of microscopic and spectroscopic analysis that were conducted 

by XRD, TEM and SEM, in order to characterize synthetic pyrite and confirm its identity. The 

X-ray diffractogram shown in Figure 5.1(a) was analyzed by a library simulation search/match 

program which confirmed that pyrite crystals were being produced by the synthesis method 

employed. Figure 5.1(b) shows that synthetic pyrite has a highly regular rectangular morphology 

with particle sizes between 100 and 1000 nm. The right-hand side of the picture shows the 

diffraction pattern that identified crystalline pyrite. Figure 5.1(c) shows the SEM image and EDS 

analysis for pyrite, supporting results of the TEM.  

Figure 5.2 depicts the three-dimensional height images and phase image of synthesized 

pyrite before contact with selenium. Figure 5.2(a) indicates a 3D height image in the range of 0 
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to 944 nm. The height profile for the cross-sectional region was in the range of about 200 to 800 

nm. Figure 5.2(b) exhibits the phase image of pyrite that was obtained simultaneously with the 

height image. The phase image is often used to characterize the local changes in physical and 

mechanical properties of materials, based on the phase lag between the oscillation amplitude of 

cantilever and driver as the probe taps the surface (226, 227). The phase lag is affected by the 

extent of the interactions between the scanning tip and the sample surface (227). Since the initial 

frequency of the cantilever was set to constant value, exterior power was added to the cantilever 

in order to maintain initial frequency whenever a phase lag occurs. Thus, the y-axis scale in the 

phase image or phase profile is expressed in terms of voltage (mV). When a solid surface 

consists of regions of different composition, a phase shift in the phase image will be presented 

by both dark-colored and bright-colored regions with different levels of voltage, which is due to 

bending deformation. The phase image (Figure 5.2(b)) shows small regions with surface 

heterogeneity on pyrite, but it indicates that the synthetic pyrite has a mostly homogeneous 

surface.  
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Figure 5.1 Surface characterization of synthetic pyrite using (a) XRD, (b) TEM, (c) SEM-
EDS. 
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Figure 5.1 Continued. 
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Figure 5.2 AFM images of synthetic pyrite before contact with selenium: (a) 3.22 μm × 3.22 
µm 3D topography image (left) and height profile for cross-sectional region (right), (b) 2D 
phase image (left) and phase profile for cross-sectional region (right).  
 

5.3.2 XPS Investigations for Se-Contacted Pyrites 

Tables 5.1-5.3 provide information about the Fe 2p3/2, S 2p and O 1s XPS spectra of 

pyrite contacted with Se(IV) and Se(VI) over contact time. This information includes binding 

energies (BE), full width at half maximum (FWHM), percentages of peak area. 
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 Figure 5.3 presents the Se 3d XPS spectra of pyrite before and at various times after it 

was contacted with Se(IV) or Se(VI). Pyrite displays a peak in the the Se 3d spectra at binding 

energy in the range of 50-65 eV that is due to iron (8). Figure 3(a) shows that important shifts in 

binding energies for this peak occur at different times after contact with solutions of Se(IV). The 

most important change is the shift in binding energy from 54.2 eV to 55.2 eV. This shift could be 

caused by Se(IV) being sorbed to the surface of pyrite and subsequently being reduced by 

surface reactions to form a variety of reduced species of selenium (Se(0), Se(-I), Se(-II)). 

Reduced species of selenium produce spectra with peaks in the range of 53.7~56.3 eV, which is 

the range where peaks are observed in Figure 5.3(a). In addition, it was also observed that the 

binding energy of the main peak in Se 3d spectra in Figure 5.3(a) did not shift substantially at 

contact times larger than one day. This is unlike the case of Se(IV) where the Se 3d spectra 

(Figure 5.3(b)) does not show shifts in location of any important peaks. This result could be due 

to low amounts of Se(VI) being sorbed onto pyrite or to the resistance of sorbed Se(VI) to being 

reduced by surface reactions. However, after 30 days of contact, the peak begins to widen, 

probably due to Se(VI) reduction to reduced species.   
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Figure 5.3 High resolution Se 3d XPS spectra of synthetic pyrite (1 g/L) reacted with (a) 3.1 
mM Se(IV) and (b) 3.1 mM Se(VI) at pH 8 and various contact times. 
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Figures 5.4 and 5.5 show high resolution Fe 2p3/2 XPS spectra for pyrite reacted with 

Se(IV) and Se(VI), respectively. Three major Fe 2p3/2 peaks are seen at 706.7~706.8 eV, 

708.4~709.1 eV, and 710.2~711.5 eV, which correspond to Fe(II)-S, Fe(III)-S, and Fe(III)-O, 

respectively. These peaks are observed in all spectra, regardless of the type of selenium and 

contact time. However, the 30 day sample for Se(IV) and the 1 day sample for Se(VI) exhibited 

another peak at 707.4 eV and 707.3 eV, indicative of an Fe(II)-O specie. However, the peak 

associated with this specie is added by the fitting program when the major Fe(II)-S peak is 

observed to be wider. This peak width could be the result of other things, besides formation of 

Fe(II)-O species. In the case of pyrite reacted with Se(IV), the relative areas for the Fe(III)-S and 

Fe(III)-O peaks tend to increase with increasing contact time (Table 5.1), but not substantially. In 

the case of pyrite contacted with Se(VI), the relative areas for the Fe(III)-S and Fe(III)-O peaks 

decrease slightly with increasing contact time (Table 5.1), but the changes are not substantial. 

Therefore, it is difficult to conclude that iron in pyrite is strongly associated with the reduction of 

Se(IV) or Se(VI). 
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Figure 5.4 High resolution Fe 2p3/2 XPS spectra of synthetic pyrite (1 g/L) reacted with 
3.1mM Se(IV) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days.  
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Figure 5.5 High resolution Fe 2p3/2 XPS spectra of synthetic pyrite (1 g/L) reacted with 
3.1mM Se(VI) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days.  
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 Figures 5.6 and 5.7 show the S 2p spectra for pyrites reacted with Se(IV) and Se(VI), 

respectively. These spectra are fitted with doublets to characterize the spin-orbit splitting of the S 

2p1/2 and S 2p3/2 peaks assigned to S2
2- species. Unlike the S 2p peak distribution for pyrite that 

had not contacted selenium, pyrites reacted with Se(IV) appear to have spectra indicating that 

sulfur is present in other forms, presumably due to surface disproportionation. There is evidence 

for S2- species at about 161.5 eV and SO4
2- species at the higher binding energy in the range of 

167.2-167.5 eV. This observation indicates that the sulfur in pyrite undergoes both oxidation and 

reduction reactions when Se(IV) sorbs to the surface. Based on these observations, reduction of 

Se(IV) by pyrite coupled with production of sulfate (SO4
2-) could occur through several reaction 

pathways. One possible way is that pyrite reacted with Se(IV) could produce thiosulfate (S2O3
2-) 

and tetrathionate (S4O6
2-) via sequential redox reactions. Similar reactions have been observed in 

Cr(V) reduction by pyrite (228). When thiosulfate ions are produced, they tend to 

disproportionate into elemental sulfur and tetrathionate. Finally, tetrathionate can be oxidized to 

sulfate as Se(IV) is reduced. However, the presence of intermediate species of sulfur was not 

observed for all samples and peaks associated with sulfate species did not appear until 15 days of 

contact time. An alternative explanation for the occurrence of sulfate, especially in the 15 days 

sample, is that it could be produced when the surface-bound sulfur is oxidized by Fe(III)-

oxyhydroxide surface species. The presence of these species is indicated by development of a 

broad Fe(III) peaks in the Fe 2p spectra. This was particularly evident in the 15 day sample, 

which showed the sum of relative peak areas for Fe(III)-S and Fe(III)-O to be 34%, compared to 

21 % for the 1 day sample. However, the evidence for sulfate on the pyrite surface may also be 

the result of aqueous sulfate sorbing to the surface, because the pyrite solids were not washed 

before analysis (228). In addition, reduction of Se(IV) by pyrite coupled with oxidation of 

surface-bound Fe can be associated with production of monosulfide (S2-) and sulfate (SO4
2-) to 



110 

 

  

fulfill charge balance. Nesbitt et al. showed that the presence of the three S species such as 

monosulfide (S2-), disulfide (S2
2-) and polysulfide (Sn

2-) on the vacuum-fractured pyrite could be 

explained by charge compensation for ferric iron, resulting in disproportionation of disulfide to 

monosulfide and polysulfide, as follows (229).  

 3FeS2(pyrite)  →  ≡Fe(III)2S3  +  ≡Fe(II)S3 (5.1) 

where ”≡” indicates a surface species. Nesbitt et al. emphasized the uncertainty of the origin of 

the high energy tail of Fe 2p spectrum and suggested that more detailed studies of the oxidation 

states of Fe and S are required to clarify relationships among Fe(III), S2-, and Sn
2- (229). Based 

on our results, Se(IV) reduction by pyrite may be responsible for oxidation of Fe(II) that leads to 

formation of monosulfide bonded to Fe(III) (≡Fe(III)2S3) and polysulfide (S3
2-) bonded to Fe(II) 

(≡Fe(II)S3). Subsequently, polysulfide bonded to Fe(II) can be continuously oxidized to sulfate 

by reduction of Se(IV). Relative peak areas for monosulfide and sulfate were observed to 

increase with reaction time (Table 5.2). However, in the case of Se(VI)-contacted pyrite, 

important changes in S 2p spectra were not observed. This could be caused by the fact that lower 

amounts of Se(VI) compared to Se(IV) were sorbed onto pyrite, or that Se(VI) was less prone to 

undergo redox reactions on the surface.  
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Figure 5.6 High resolution S 2p XPS spectra of synthetic pyrite (1 g/L) reacted with 3.1 mM 
Se(IV) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days. 
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Figure 5.7 High resolution S 2p XPS spectra of synthetic pyrite (1 g/L) reacted with 3.1 mM 
Se(VI) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days. 
  



113 

 

  

Figures 5.8 and 5.9 exhibit O 1s XPS spectra that discriminate oxygen types (O2-, OH-, 

H2O molecule) on the surface. Three major components of all samples are located at 529.3~530 

eV, 530.1~531.1 eV, and 531.3~532.4 eV, which are associated with O2- ions of oxides, OH- of 

structural hydroxide, and H2O of attached water molecules, respectively. Figure 5.8 indicates that 

the OH- peak and O2- peak increase over time, while the H2O peak decreases. Roberts and 

Nesbitt demonstrated that both OH- and O2- are formed by reaction of O2 with pyrite (229, 230). 

If Fe(III) is produced by oxidation by O2 or by Se(IV), then Fe(III)-oxyhydroxide surface species 

could be formed that include both OH- and O2-. However, oxidation by Se(IV) is more likely, 

because all experiments were conducted in an anaerobic chamber that excluded O2. Oxidation by 

O2 cannot be ruled out completely, because the amount of Fe(II) that was oxidized was small, 

and it is possible that sufficient oxygen could have contacted the surface after transfer from the 

chamber and before analysis. This is supported by the growth in peaks for OH- and O2-, the 

decrease in the peak for H2O, and the appearance of peaks for Fe(III)-O. However, the increased 

peak for OH- could also be related to the production sulfate observed in the S 3p spectra, because 

the sulfate peak is very close to the OH- peak (229, 231). In the case of Se(VI)-contacted pyrites 

(Figure 5.9), the O 1s spectra showed an increase in OH- and a decrease in H2O, as observed for 

Se(IV)-contacted pyrite. However, appreciable changes in the O2- peak areas were not observed.  
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Figure 5.8 High resolution of O 1s XPS spectra for synthetic pyrite (1 g/L) reacted with 3.1 
mM Se(IV) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days.  
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Figure 5.9 High resolution of O 1s XPS spectra for synthetic pyrite (1 g/L) reacted with 3.1 
mM Se(VI) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days.  
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Table 5.1 Binding energies (BE), full width at half maximum (FWHM), 
and area percentage for peaks in the Fe 2p3/2 XPS spectra of pyrite 
contacted with Se(IV) and Se(VI) for various times.  
Sample Contact time 

(days) 
BE 
(eV) 

FHWM 
(eV) 

Area 
(%) 

Chemical states 

Pyrite 0 706.8 0.86 72.4 Fe(II)-S 
708.3 1.66 14.2 Fe(III)-S 
710.4 2.09 13.4 Fe(III)-O 

      
Pyrite+Se(IV) 1 706.8 0.86 78.5 Fe(II)-S 

708.4 1.54 12.2 Fe(III)-S 
710.2 1.69 9.3 Fe(III)-O 

15 706.7 0.83 65.9 Fe(II)-S 
708.2 1.64 14.5 Fe(III)-S 
710.3 2.89 19.5 Fe(III)-O 

30 706.8 0.89 59.7 Fe(II)-S 
707.4 1.07 10.6 Fe(II)-O 
709.1 2.1 13.7 Fe(III)-S 

  711.5 3.57 15.9 Fe(III)-O 
      
Pyrite+Se(VI) 1 706.8 0.75 45.3 Fe(II)-S 

707.3 0.73 13.6 Fe(II)-O 
708.6 1.86 16.0 Fe(III)-S 

 710.8 2.96 25.1 Fe(III)-O 
15 706.7 0.86 65.3 Fe(II)-S 

708.0 1.52 11.6 Fe(III)-S 
709.7 1.68 13.2 Fe(III)-S 

 711.4 2.12 9.8 Fe(III)-O 
30 706.8 0.93 72.7 Fe(II)-S 

708.3 1.32 11.9 Fe(III)-S 
710.6 2.41 15.3 Fe(III)-O 

 

Table 5.2 Binding energies (BE), full width at half maximum (FWHM), 
and area percentage for peaks in the S 2p XPS spectra of pyrite 
contacted with Se(IV) and Se(VI) for various times. 
Sample Contact time 

(days) 
BE 
(eV) 

FHWM 
 (eV) 

Area 
(%) 

Chemical states 

Pyrite 0 162.8 0.87 64.7 S2
2- 

164.0 0.95 33.5 S2
2- 

      
Pyrite+Se(IV) 1 161.5 1.17 7.7 S2- 

162.8 0.97 68.7 S2
2- 

164.0 0.79 23.6 S2
2- 

15 161.4 2.08 23.8 S2- 
162.8 1.27 57.1 S2

2- 
164.1 0.58 9.7 S2

2- 
167.5 1.77 9.4 SO4

2- 
30 161.4 1.13 17.6 S2- 

162.8 1.17 57.1 S2
2- 

164.0 0.77 14.7 S2
2- 

167.2 1.49  SO4
2- 

      
Pyrite+Se(VI) 1 162.7 0.91 70.6 S2

2- 
163.9 0.80 29.4 S2

2- 
15 162.7 0.87 69.7 S2

2- 
163.9 0.84 30.3 S2

2- 
30 162.7 1.15 76.1 S2

2- 
163.9 0.81 23.9 S2

2- 
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Table 5.3 Binding energies (BE), full width at half maximum 
(FWHM), and area percentage for peaks in the O 1s XPS spectra of 
pyrite contacted with Se(IV) and Se(VI) for various times.  
Sample Contact time 

(days) 
BE 
(eV) 

FHWM 
(eV) 

Area 
(%) 

Chemical states 

Pyrite 0 530.0 1.01 25.5 O2- 
531.1 1.10 38.0 OH- 
531.8 1.17 36.4 H2O 

      
Pyrite+Se(IV) 1 529.7 0.91 27.5 O2- 

530.7 1.21 24.6 OH- 
531.6 1.80 47.9 H2O 

15 529.3 0.45 7.07 O2- 
530.1 1.09 36.2 OH- 
531.3 1.47 31.6 H2O 

 532.4 1.59 25.1 H2O 
30 529.8 0.73 34.2 O2- 

530.4 0.81 33.6 OH- 
531.4 1.06 32.1 H2O 

      
Pyrite+Se(VI) 1 529.8 0.89 20.7 O2- 

530.8 1.12 23.5 OH- 
531.6 1.38 55.8 H2O 

15 530.0 1.05 23.1 O2- 
531.1 1.04 40.9 OH- 
531.9 0.91 35.9 H2O 

30 529.7 0.81 4.30 O2- 
530.6 1.59 24.2 OH- 
531.5 1.06 50.7 H2O 

  532.3 0.87 20.8 H2O 
 

5.3.3 SEM Investigation for Se-Contacted Pyrites 

 Figure 5.10 shows the secondary SEM images for selenium-contacted pyrites with 

contact times of 1, 15, and 30 days. For Se(IV)-contacted pyrites (Figures 5.10(a), 5.10(b), 

5.10(c)), rod-shaped particles were present in 15 day samples and appeared to increase in size in 

the 30 day samples. This observation may be due to the formation of precipitates through Se(IV) 

reduction to Se(-I) or Se(-II), which was suggested by the XPS results previously discussed. The 

Se(VI)-contacted pyrites (Figures 5.10(d), 5.10(e), 5.10(f)), on the other hand, did not show any 

obvious changes and kept the rectangular morphology of pyrite. This supports the belief that 

Se(VI) was not reduced, which was also supported by the Se 3d spectra.    
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Figure 5.10 Secondary images of SEM analysis for Se(IV)- and Se(VI)-contacted pyrites: 
(a) 1 day, (b) 15 days, (c) 30 days of contact times for Se(IV) (3.1 mM, pH 8), and (d) 1 day, 
(e) 15 days, (f) 30 days of contact times for Se(VI) (3.1 mM, pH 8).  
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5.3.4 AFM Investigations for Se-Contacted Pyrites 

 Figures 5.11 and 5.12 show the AFM results for pyrites contacted with Se(IV) and 

Se(VI). As shown in Figure 5.11(a), the highest peak in the scanning area (4.0 μm × 4.0 μm) for 

Se(IV)-contacted pyrite was 1977 nm, which is higher by a factor of 2.0 than observed for pyrite 

that had not contacted selenium. The increase might be caused by the formation of precipitates or 

attachment of other particles on the pyrite surface, which was observed by SEM (Figure 5.10). 

The height profile for the cross-sectional region, (right side of Figure 5.11(a)) indicates that 

heights are in the range of 700 to 1300 nm. The left side of Figure 5.11(b) shows that the phase 

image has at least two different morphological patterns, which are the mountains or lake-like 

morphological features in the voltage range of 0 to 5026 mV. This heterogeneous surface causes 

the levels of voltage to be broad, resulted from the phase lag. The phase profile for the cross-

sectional region presents severe fluctuation of voltage levels.  

 For Se(VI)-contacted pyrite, the topography image exhibited that the highest peak in 

the scanning area (1.46 μm × 1.46 μm) was 977 nm and the height profile for the cross -sectional 

region was in the range of about 20 to 900 nm (Figure 5.12(a)). The range of height is not as 

different as that of pure pyrite (Figure 5.2(a)). However, the phase image shows different 

morphological patterns, exhibiting dark and bright-colored regions with a variety of voltage 

levels (0 to 2981 mV), but the extent of surface heterogeneity is not greater than for Se(IV)-

contacted pyrite. From these results, it appears that the Se(IV)-contacted pyrite has higher height 

and phase profiles than Se(VI)-contacted pyrite. Consequently, the results of analyses by AFM, 

XPS, and SEM provide evidence of formation of precipitates or other complexes on pyrite 

surfaces contacted with selenium.  
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Figure 5.11 AFM images of synthetic pyrite contacted with Se(IV) (3.1 mM, pH 8) for 15 
days: (a) 4.0 μm × 4.0 µm 3D topography image (left) and height profile for cross-sectional 
region (right), (b) 2D phase image (left) and phase profile for cross-sectional region (right).  
 

 



121 

 

  

nm

0.0 0.2 0.4 0.6 0.8 1.0 1.2 1.4

he
ig

ht
, n

m

0

200

400

600

800

1000

 

(a) 

 

nm

0.0 0.2 0.4 0.6 0.8 1.0 1.2 1.4

m
V

0

500

1000

1500

2000

2500

3000

 

 

(b) 

 

Figure 5.12 AFM images of synthetic pyrite contacted with Se(VI) (3.1 mM, pH 8) for 15 
days: (a) 1.46 μm × 1.46 µm 3D topography image (left) and height profile for cross -
sectional region (right), (b) 2D phase image (left) and phase profile for cross-sectional 
region (right).  
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6. SORPTION OF SELENIUM(IV) AND SELENIUM(VI) TO SYNTHETIC 

PYRITE (FeS2): KINETICS, EXTENT OF REMOVAL, STABILITY 

Batch experiments were conducted to evaluate kinetics of removal of Se(IV) and Se(VI) 

by synthesized pyrite, the effects of pH and sulfate concentration on removals, and the stability 

with changing pH of pyrite contacted with Se(IV, VI). These experiments were conducted in a 

way that is similar to that for systems in which adsorption equilibrium is believed to occur, but 

that was not the case in these experiments. Removal of Se(IV) by pyrite was slow, with half-lives 

of about 25 and 55 hours at pH 7 and pH 10, respectively. The slower removal kinetics indicates 

that surface reactions control the rates of removal rather than external mass transport kinetics. 

For Se(VI), rapid removal was observed at lower initial concentrations. The effect of pH on 

removal of Se(IV) by pyrite was small with slightly more removal at lower pH, possibly due to 

the faster removal kinetics. In the case of Se(VI), however, pH affected the amounts removed at 

higher initial concentrations, with greater removals observed in the order pH 7 > pH 8 ~ pH 9 > 

pH 10. Sulfate inhibited removal of Se(IV) and Se(VI) by pyrite at higher concentrations of 

selenium, but the effect was smaller, or non-existent, at lower concentrations. Stability tests for  

mixtures of Se(IV) and pyrite showed them to be stable. Nearly complete removal was observed 

as pH was lowered from an initial high value and no release of Se(IV) back to solution was seen 

after pH was subsequently raised. Analyses by XPS indicated that the high level of stability 

could be due to reduction of Se(IV) to more stable forms. Stability tests with mixtures of Se(VI) 

and pyrite showed higher removals at extreme pH with little stability observed.        
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6.1 Introduction 

 Selenium is an increasingly important environmental issue because of its toxicity, in 

spite of the fact that it is an essential micronutrient for plants, animal and humans (232). Most 

selenium contamination is the result of releases from anthropogenic sources such as agriculture 

activities (233, 234) or coal-fired power plants (235, 236). Coal or lignite can contain selenium 

and can be concentrated in fly ashes or bottom ashes produced during combustion. It can also be 

transferred to the atmosphere because it is one of the most volatile trace elements (55, 235, 237, 

238). Furthermore, coal-fired power plants can discharge wastewaters that contain trace levels of 

toxic elements such as mercury (Hg), arsenic (As), and selenium (Se) (236). Thus, ashes are not 

the only by-product of coal combustion that can contain selenium, as well as high concentrations 

of other toxic compounds, as well as calcium and sulfur. It was reported that approximately 45 % 

of fly ash in landfills is from coal-fire power plants (55, 239). When disposal of fly ash and 

wastewaters from power plants is not properly managed, release of selenium to the environment 

can be a serious concern.  

 Selenium exists in four different oxidation states (-II, 0, IV, VI) with different fates 

under various environmental conditions. Under anaerobic conditions, the primary forms are Se(-

II) and Se(0) and they exist as low solubility solid phases (elemental selenium and metal 

selenides). FeSe2 or FeSe have been proposed to be the solids that control solubility in reduced 

sediments contaminated with selenium (64). The soluble concentration of Se in equilibrium with 

FeSe at pH 7 can be calculated as being less than 1 µg/L using the chemical equilibrium program 

VMINTEQ (65). Metal selenides are known to be stable, as shown by the fact that selenium is 

often found in nature as the selenide substituting for sulfide in metal sulfide solids with low 

solubility (9, 60, 66, 240). On the other hand, the oxidized forms of selenium (Se(IV) and 

Se(VI)), typically exist in water released from power plants (9). Transport and bioavailability of 
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Se(VI) are observed to be greater than for Se(IV), because Se(VI) is less strongly adsorbed. 

Many reports in the literatures have demonstrated that Se(IV) and Se(VI) can be adsorbed and 

subsequently reduced by a variety of reactive solids such as metal sulfides (e.g., mackinawite (61, 

67), troilite (241), pyrrhotite (9), pyrite (9, 62)), Fe(II)/Fe(III) mixtures (e.g., green rust (54, 61, 

242)) or other Fe(II)-bearing solids (e.g., magnetite (61, 67, 243), siderite (61, 67)), and zero-

valent iron (243). Therefore, the Fe(II)-containing sorbents are promising materials for removing 

Se(IV) and Se(VI) from solution, because they are capable of facilitating reduction on the 

surface followed by precipitation of FeSe or FeSe2.    

 In the present study, Se(IV) and Se(VI) are considered the primary target compounds to 

be removed using synthesized pyrite. There is little information about macroscopic interaction 

mechanisms between Se oxyanions and pyrite under various solution conditions, although some 

earlier studies have elucidated the solid-phase reaction products using X-ray absorption 

spectroscopy (XAS). Therefore, the goals of this work are to determine the effect of time on 

removals of Se oxyanions; to evaluate removal behavior of selenium under a variety of pH with 

and without presence of sulfate as a competing ion that exists in wastewater from coal-fired 

power plants; to investigate the stability of pyrites combined with Se oxyanions over a range of 

pH; and to evaluate the solid phases that are produced in order to better understand the chemical 

changes that occur and that can improve stability. If solid residuals are sufficiently stable, they 

can be disposed to the environment without concern for subsequent release and environment 

contamination.  
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6.2 Material and Methods 

6.2.1 Materials  

 All reagents used in this study are of analytical grade or higher. All solutions are 

prepared using deoxygenated and deionized water (Milli-Q, 18.2 MΩ -1). Stock solutions of 

Se(IV) and Se(VI) at a concentration of 1000 mg/L were prepared by dissolving Na2SeO3 or 

Na2SeO4 (Sigma-Aldrich) into distilled deionized water. A series of standard solutions of 

specified initial concentrations was prepared for batch sorption experiment by diluting the stock 

solution. Synthesized pyrite was used as an adsorbent/reactant to remove selenium from solution 

and to form stable surface compounds. The method of pyrite synthesis was described detail in 

Section 5. Before sorption experiments were initiated, all reaction vessels, glassware, and other 

experimental supplies were equilibrated with the gas (95% N2/ 5% H2) in an anaerobic chamber 

for 6 hours. Oxygen concentration was maintained a low levels by a Pd catalyst that removed 

residual oxygen by reaction with hydrogen gas. All procedures during these experiments were 

performed in an anaerobic chamber. 

6.2.2 Sorption/Reaction Experiments 

 Batch experiments were conducted to evaluate the ability of pyrite to remove selenium. 

Initial kinetic experiments were conducted at pH 7 and pH 10 with an initial concentration of 

100 μM Se(IV) and a pyrite dose of 1 g/L. Initial kinetic experiments for Se(VI) were conducted 

at pH 8 with 1 g/L pyrite and different initial selenium concentrations (6.3, 12.7 and 38 μM). 

Experiments were initiated by spiking the suspensions with stock solution of Se(IV) or Se(VI) 

and adjusting pH and then mixing the reaction vessels with a reciprocal rotator. Samples were 

taken at times up to about 200 hours and were immediately filtered with 0.02-µm Whatman 

anodisk membrane filters. Filtrates were stored in an anaerobic chamber until they were analyzed 
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for Se(IV) and Se(VI) by HGAAS. The kinetic data were expressed in terms of “% Se sorbed” 

over reaction time. The percentage of Se(IV) sorbed was calculated by the following equation. 

 initial specific time

initial

(Se -Se )
% Se sorbed = × 100

Se
 (6.1) 

where Seinitial and Sespecific time are concentration of selenium at initial and sampling time. The 

effect of pH (7, 8, 9, 10) on Se(IV) or Se(VI) removal by pyrite (1 g/L) was evaluated in a series 

of batch experiments conducted with variable initial concentrations (25 to 1000 μM for Se(IV); 

6.5 to 1395 μM for Se(VI)). Suspensions were allowed to react for 24 hours before sampling and 

analysis of Se(IV, VI) in the solution. The effect of sulfate concentration (0, 1, 10 mM) on Se(IV, 

VI) removal was evaluated in a series of batch experiments conducted at pH 7 for Se(IV) and pH 

8 for Se(VI).  

6.2.3 Stability of Se-Contacted Pyrites 

 The experimental method described by Bostick and Fendorf (39) was followed to 

investigate the stability of Se(IV) and Se(VI) on pyrite. This method measures the effect of pH 

on removal of Se(IV) and Se(VI) by decreasing and increasing pH with 1 or 2 M solutions of 

HCl or NaOH. A 1-g/L pyrite suspension was adjusted to about pH 10 for Se(IV) and about pH 4 

for Se(VI). Then, the Se oxyanion was added to achieve a selenium concentration of 16.5 μM in 

the aqueous phase. Then, pH was adjusted sequentially to different values and the system was 

allowed to react for 30 minutes at each pH before sampling. During sampling, the suspensions 

were filtered using 0.02-μm Whatman anodisc membrane filters. This procedure was repeated 

until the pH reached the highest or lowest point desired. Herein, samples will be indentified with 

the following nomenclature to simplify the discussion. For Se(IV)-contacted pyrite, the initial 

sample at pH 10 will be named the “pH 10(i)” sample and the sample at pH 4 after acid titration 

will be named the “pH 4(a.a.t)” sample. Another stability test was conducted for the Se(VI) in a 
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similar way, but the initial pH was pH 4. Thus the initial sample at pH 4 will be named the “pH 

4(i)” sample and the samples at the pH 7 and 10 after base titration will be named the “pH 7(a.b.t)” 

and “pH 10(a.b.t)”, respectively. The filtered solution samples and the solids on the filters were 

stored before spectroscopic analysis and AAS measurement in an anaerobic chamber to prevent 

any change in the oxidation state of selenium. The chamber contained an atmosphere of 5% H2 

and 95% N2.  

6.2.4 Spectroscopic Analyses  

 Microscopic and spectroscopic analyses to characterize pyrites reacted with selenium 

were conducted using similar procedures as described in Section 5. Scanning electron 

microscopy (SEM) was conducted using JEOL JSM-6400 equipped with an energy dispersive 

spectrometer (EDS). X-ray photoelectron spectroscopy (XPS) was conducted with a Kratos Axis 

Ultra Imaging X-ray photoelectron spectrometer with a monochromatized Al Kα (1253.6 eV) 

source. The pressure in the analytical chamber was below 10-7 Pa. The survey scans were 

recorded with a pass energy of 80 eV and the narrow scans used pass energies of 40 eV or 20 eV. 

In order to obtain oxidation states of elements on the pyrite surface, narrow scan spectra of the 

Fe 2p, S 2p, O 1s, C 1s, and Se 3d were acquired. The narrow scan spectra were fitted using a 

XPSPEAK fitting program with Gaussian Lorentzian function through background-subtraction 

corrections using a Shirley-type optimization.   

6.2.5 Measurements of Aqueous Concentrations 

 Selenium as Se(IV) or Se(VI) was analyzed by the hydride generation atomic 

absorption spectrometry method using a Thermo Elemental Solar M6 AA with a VP90 

continuous hydride generator. Detailed procedures for this measurement are described in Section 

5. In short, the reduction of selenate (Se(IV)) was performed by acid digestion (5 mL sample, 5 
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mL concentrated HCl in 40 mL borosilicate glass vial placed in boiling water bath for 20 

minutes). The samples were analyzed by the hydride method that uses borohydride (0.75% 

NaBH4 in 0.25% NaOH) as the reducing agent and detected by flame AA after purging. The 

measurement of Se(IV) followed similar procedures except no acid digestion occurred. A 

preliminary experiment showed that recoveries of Se(VI) and Se(IV) were the same from 

equivalent concentrations, which indicated that Se(VI) was completely reduced to Se(IV) during 

the procedure. 

6.3 Results and Discussion 

6.3.1 Kinetics 

 Results of the initial kinetic experiment for Se(IV, VI) at 100 μM are shown in Figure 

6.1. Figure 6.1 indicates that removal of Se(IV) is relatively slow, with half-lives of 

approximately 25 hr and 55 hr at pH 7 and pH 10, respectively. The slow removal is consistent 

with removal being controlled by slower surface reactions, rather than transport to the surface. 

The effect of pH on removal kinetics could be related to the effect of pH on the surface reaction, 

with more rapid reactions at pH 7 than at pH 10. Removal kinetics of Se(IV) by hematite has 

been reported to depend on pH (244). Lowering pH was reported to result in more rapid uptake 

of Se(IV) during the first 100 minutes, but after that time all of the Se(IV) was removed from 

solution, regardless of initial pH (244). However, the much slower removal kinetics observed in 

the pyrite/Se(IV) system indicates that there is a different mechanism, probably sorption 

followed by surface reaction, rather than just sorption.  

 Figure 6.2 shows the results of the effect of time on removal of Se(VI) by pyrite at pH 8 

at different initial concentrations (6.3, 12.7, 38 μM). Nearly complete removal was observed 

within 1 hour in experiments with the lower initial concentrations (6.3, 12.7 μM). At a higher 

initial concentration (38 μM), removal was slower and occurred in two steps. A plateau in 
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removal was observed from 12 hours to almost 40 hours, and then removals increased during the 

rest of the experiment and finally reached 95 %. The slower removal kinetics may be due to 

limitations due to surface reactions rather than external mass transfer kinetics.  
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Figure 6.1 Effect of time on removal of Se(IV) (100 μM) in the presence of pyrite (1 g/L ) at 
pH 7 and 10. 
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Figure 6.2 Effect of time on removal of Se(VI) in the presence of pyrite (1 g/L) at pH 8. 
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6.3.2 Nonlinear Removal Patterns 

6.3.2.1 Effect of pH 

 The effect of pH on removal of Se(IV) by pyrite after 24 hours of reaction is shown in 

Figure 6.3. The data obtained from this experiment is plotted as the solid-phase concentration of 

Se(IV) as a function of the aqueous phase concentration, which is the way that results of sorption 

experiments are typically reported. However, conditions in this experiment are not at equilibrium 

and adsorption is not the only process occurring. Figure 6.3 shows that the solid-phase 

concentration of Se(IV), which is proportional to the amount removed, increases as pH decreases. 

This could be the result of faster removal kinetics at lower pH (Figure 6.1). Faster removal 

kinetics would give higher solid phase concentrations in experiments with constant reaction 

times. If longer times were allowed for reaction of Se(IV) with the pyrite surface, greater 

removal and higher solid-phase concentrations would be expected. However, the effect of pH is 

not large. At pH 7 and pH 8, the solid phase concentration does not approach zero as liquid-

phase concentration approaches zero. This indicates that Se(IV) is being very effectively 

removed when sufficient time is provided to allow surface reactions to proceed.   
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Figure 6.3 Amounts of Se(IV) removed per mass of solid (pyrite) as functions of 
concentration of Se(VI) in water for various pH. 

 

 The effect of pH on removal of Se(VI) by pyrite after 24 hours of reaction is shown in 

Figure 6.4. The solid-phase concentrations of Se(VI) were not strongly affected by pH at low 

concentrations. This is shown Figure 6.5, which is a selection of the low concentration data from 

Figure 6.4. However, at higher concentrations, removal of Se(VI) was observed to increase as 

pH decreased, with highest removals observed at pH 7, although the surface concentrations did 

not exceed 90 μmol Se(VI)/g. Removals of Se(VI) were lower than that of Se(IV), so the affinity 

of Se(IV) for pyrite is stronger than that of Se(VI).       
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Figure 6.4 Amounts of Se(VI) removed per mass of solid (pyrite) as functions of 
concentration of Se(VI) in water for various pH. 
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Figure 6.5 Amounts of Se(VI) removed per mass of solid (pyrite) as functions of 
concentration of Se(VI) in water for various pH, using only data at lower concentrations. 
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6.3.2.2 Effect of Sulfate Concentration   

 Figure 6.6 shows the effect of sulfate on the solid phase concentrations of Se(IV) after 

contact with 1 g/L pyrite for 24 hours at pH 8. Higher concentrations of sulfate are seen to result 

in lower solid-phase concentrations of Se(IV) when the concentrations of selenium are high. 

However, there is little effect of sulfate at lower selenium concentrations. This behavior can be 

explained by sulfate competition with Se(IV) for surface sites on pyrite. The presence of sulfate 

will initially reduce the concentration of Se(IV) adsorbed to the surface of pyrite.  

 Figure 6.7 show results of experiments to investigate the effect of sulfate concentration 

(1 and 10 mM) on Se(VI) removal by pyrite. These experiments used a solid concentration of 1 

g/L pyrite, 24 hours of contact time and pH 8. Figure 6.7 shows that there is little effect of sulfate 

on the amount of Se(VI) removed at low selenium concentrations. At higher concentrations, 

however, Se(VI) removals were affected by presence of sulfate, but the extent of the effect was 

the same for both sulfate concentrations that were investigated.   
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Figure 6.6 Effect of Sulfate on Solid-phase Concentration of Se(IV) on Pyrite. 
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Figure 6.7 Effect of sulfate on solid-phase concentration of Se(VI) on pyrite. 
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6.3.3 Stability of Se-Contacted Pyrite 

6.3.3.1 XPS Investigation of Pure Pyrite 

 To better understand sorption behavior of selenium by pyrite, the surface of pure pyrite 

before contact with selenium was characterized by XPS analysis. Figures 6.8 and 6.9 show the 

Fe 2p3/2 and S 2p XPS spectra, respectively, of pure pyrite at pH 4, 8, and 10. Figure 6.8 shows 

that greater changes in Fe 2p3/2 spectra were observed at pH 10 compared to those at pH 4 and 

pH 8. The most apparent change was the increase in intensity of peaks associated with Fe(III)-S 

and Fe(III)-O components and decrease in intensity of the peak associated with Fe(II)-S. This 

might be caused by oxidative dissolution of surface Fe at higher pH. Additional evidence for 

surface oxidation is shown in Figure 6.9. The S 2p XPS spectra at pH 10 show substantial 

changes relative to those for pH 4 and pH 8. The major changes are increases in the intensities of 

peaks associated with polysulfide and sulfate. Therefore, at basic pH, the surface-bound Fe and S 

species underwent oxidation. The O 1s spectra (Figure 6.10) also support this hypothesis by 

showing increased intensity of the O2- peak with increasing pH. This peak is associated with 

structural oxygen of Fe(III)-oxyhydroxides. Table 6.1 summarizes all fitting parameters of the Fe 

2p, S 2p, and O 1s spectra for samples of pyrite in suspensions at pH 4, pH 8, and pH 10. The 

data presented includes binding energy (eV), full width at half maximum (FWHM), and relative 

area (%) for peaks associated with various chemical states.    
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Figure 6.8 High resolution Fe 2p3/2 XPS spectra of pyrite (1 g/L) before contact with 
selenium at various pH (4, 8, 10).  
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Figure 6.9 High resolution S 2p XPS spectra of pyrite (1 g/L) before contact with selenium 
at various pH (4, 8, 10).  
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Figure 6.10 High resolution O 1s XPS spectra of pyrite (1 g/L) before contact with selenium 
at various pH (4, 8, 10).  
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Table 6.1 Binding energies (BE), full width at half maximum 
(FWHM), and area percentage for peaks in the Fe 2p3/2, S 2p, and O 
1s XPS spectra of synthetic pyrite before contact with selenium at 
various pH (4, 8, 10).  
Samples BE 

(eV) 
FHWM 
(eV) 

Area 
(%) 

Chemical states 

Fe 2p3/2     
pH 4 706.5 0.88 75.5 Fe(II)-S 

707.5 1.25 14.9 Fe(II)-O 
709.1 1.96 9.62 Fe(III)-S 

pH 8 706.8 0.86 72.4 Fe(II)-S 
708.3 1.66 14.2 Fe(III)-S 
710.4 2.09 13.4 Fe(III)-O 

pH 10 706.1 1.35 32.4 Fe(II)-S 
 708.6 0.95 9.3 Fe(III)-S 
 709.5 1.17 31.3 Fe(III)-S 
 710.4 0.53 7.9 Fe(III)-O 
 711.3 1.04 18.9 Fe(III)-O 
S 2p     
pH 4 162.6 0.88 63.7 S2

2- 
 163.8 1.02 36.3 S2

2- 
pH 8 162.8 0.87 64.7 S2

2- 
 164.0 0.95 33.5 S2

2- 
 168.7 0.99 1.7 SO4

2- 
pH 10 162.0 0.81 29.8 S2

2- 
 163.2 1.45 45.6 S2

2- 
 165.6 1.41 3.2 So 
 167.2 0.45 2.4 SO4

2- 
 168.7 1.47 18.7 SO4

2- 
O 1s     
pH 4 529.8 0.56 7.3 O2- 
 530.8 0.85 29.9 OH- 
 531.5 0.52 18.2 H2O 
 532.3 1.45 44.5 H2O 
pH 8 530.0 1.01 25.5 O2- 
 531.1 1.10 38.0 OH- 
 531.8 1.17 36.4 H2O 
pH 10 529.1 1.02 30.1 O2- 
 530.5 1.41 48.8 OH- 
 531.5 1.35 21.1 H2O 

 

6.3.3.2 Se(IV)-Contacted Pyrite 

 Figure 6.11 shows experimental results for the effect of pH change on the stability of 

Se(IV)-contacted pyrite. The experiments were conducted by adjusting pH initially to near pH 10 

and then decreasing pH to near pH 4 and then increasing pH back to near pH 10. When pH was 

decreased, removal of Se(IV) was observed to increase over the range between pH 9 and pH 10 

and to become nearly complete below pH 9. When pH was subsequently increased, no selenium 

was released from the pyrite. This indicates that strong bonds were formed between Se(IV) and 

the pyrite surface at lower pH. Previous XPS results indicated that Se(IV) on the surface of 
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pyrite at pH 8 was reduced to species with a range of oxidation states (Se(0), Se(-I), Se(-II)) 

(Section 5). Thus, it appears that the formation of FeSe or FeSe2 leads to stable solid-phase 

products with low tendencies to be released to solution when pH is changed.  
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Figure 6.11 Effect of pH on removal of Se(IV) (16.5 µM) by pyrite (1 g/L) as pH was 
decreased from near pH 10 and subsequently was increased. 
  

Figure 6.12 shows SEM images for Se(IV)-contacted pyrites at extremes of pH (pH 10, 

pH 4). As shown in Figure 6.12(a), the morphology of solids in the pH 10 sample was mixed 

with both regular and irregular particle shapes, presumably due to either oxidative dissolution of 

pyrite or to formation of other precipitates on the pyrite surface. However, Figure 6.12(b) 

indicates that particles in the pH 4 sample had regular shapes without fractured pyrites, in spite 

of the fact that the pH 4 sample was initially at pH 10. This might be caused by irregular 

particles dissolving at low pH.  
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Figure 6.12 Secondary images of SEM analysis for pyrite (1 g/L) reacted with Se(IV) (16.5 
µM) at (a) pH 10(i) and (b) pH 4(a.a.t). 
 

 The oxidation states of the surface Fe and S, as well as solid-phase Se(IV), were 

evaluated by XPS analysis to investigate reaction mechanisms between the solid-phase Se(IV) 

and the pyrite surface. Figure 6.13 shows the Se 3d XPS spectra of pyrite contacted with Se(IV) 

at pH 10(i) and pH 4(a.a.t). Examination of any Se 3d spectra taken in the presence of Fe should 

consider the peak with binding energies in the range of 50-65 eV that is caused by Fe and 

overlaps Se peaks in the Se 3d spectra (8). Similar interference in S 2p spectra is observed in the 

presence of Se, because the Se 3p spectra has binding energies in the range 157.5-167.5 eV, 

which is included in the range of binding energies in the Se 3p spectra (155-170 eV) (245). 

Therefore, investigation of other Fe or S spectra together with Se 3d spectra can help to 
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indirectly interpret chemical change of solid-phase Se and predict surface reactions on pyrite. As 

compared to Se 3d spectra of pure pyrite before contact with Se(IV), the Se 3d spectra of both 

pH 10(i) and pH 4(a.a.t) samples shows a shift of binding energy of the main peaks from 53.5 eV to 

56.2 eV. This shift could be affected either by sorption of Se(IV) itself or by reduction of Se(IV) 

to a variety of reduced species (Se(0), Se(-I), Se(-II)). Based on results shown previously 

(Section 5), the shift is believed to be caused by reduction of Se(IV).  

 Figures 6.14 and 6.15 show Fe 2p3/2 and S 2p spectra for pH 10(i) and pH 4(a.a.t) samples. 

Results of XPS analysis indicates that important changes in Fe 2p3/2 and S 2p spectra compared 

to that for pure pyrite were observed for only the pH 4(a.a.t) sample. In the case of the Fe 2p3/2 

spectra of the pH 4(a.a.t) sample, the intensity of peaks associated with oxidized Fe species 

(Fe(III)-S, Fe(III)-O) increased, while the intensity of the peak associated with the reduced Fe 

specie (Fe(II)-S) was relatively weak. The more oxidized surface of pyrite observed in the pH 

4(a.a.t) sample could be caused either by an oxidized patch of pyrite that was originally present, or 

by reduction of solid-phase Se(IV) coupled with oxidation of surface Fe species. However, the 

latter explanation is more likely to be correct, because the Se 3d spectra of the pH 4(a.a.t) sample 

showed reduction of Se(IV). A similar shift to more oxidized species at pH 4 was observed in the 

S 2p XPS spectra (Figure 6.15), although some oxidized sulfur, such as sulfate (SO4
2-), was 

detected at both pH values. The presence of sulfate can be attributed to the oxidation of sulfur in 

pyrite caused by the reduction of Se(IV). This is similar to the behavior of Fe as shown by 

changes in Fe 2p XPS spectra.  

 Figure 6.16 displays the O 1s XPS spectra of pH 10(i) and pH 4(a.a.t) samples that are 

fitted to three peaks associated with O2-, OH-, and H2O. The peaks are similar, except for the 

peak associated with OH- in the pH 4(a.a.t) sample, which has a slightly greater intensity. 

Moreover, the lack of any changes in peaks associated with oxide oxygen (O2-) is consistent with 
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the lack of changes in the peak associated with Fe(III)-O in the Fe 2p spectra. Table 6.2 

summarizes data for binding energies (BE), peak full width at half maximum (FWHM), and 

relative peak area for Fe 2p3/2, S 2p, O 1s photoelectron spectra of pyrite contacted with Se(IV) 

for different pH (10, 4).  
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Figure 6.13 High resolution Se 3d XPS spectra for pyrite (1 g/L) after contact with Se(IV) 
(16.5 µM) at (a) pH 10(i) and (b) pH 4(a.a.t). 
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Figure 6.14 High resolution Fe 2p3/2 XPS spectra for pyrite (1 g/L) reacted with Se(IV) (16.5 
µM) at (a) pH 10(i) and (b) pH 4(a.a.t). 
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Figure 6.15 High resolution S 2p XPS spectra for pyrite (1 g/L) reacted with Se(IV) (16.5 
µM) at (a) pH 10(i) and (b) pH 4(a.a.t).  
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Figure 6.16 High resolution O 1s XPS spectra for pyrite (1 g/L) reacted with Se(IV) (16.5 
µM) at (a) pH 10(i) and (b) pH 4(a.a.t).  
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Table 6.2 Binding energies (BE), full width at half maximum 
(FWHM), and relative areas for peaks in the Fe 2p3/2 , S 2p, O 1s XPS 
spectra of synthetic pyrite contacted with Se(IV) at pH 10(i) and pH 
4(a.a.t).  
Samples BE 

(eV) 
FHWM 
(eV) 

Area 
(%) 

Chemical states 

Fe 2p     
pH 4(a.a.t) 706.4 0.82 13.1 Fe(II)-S 

709.7 1.38 36.9 Fe(III)-S 
710.7 1.19 25.6 Fe(III)-S 

 711.6 1.18 18.1 Fe(III)-O 
 712.6 0.89 6.3 Fe(III)-O 
pH 10(i) 706.4 0.87 22.2 Fe(II)-S 

709.1 1.04 17.5 Fe(III)-S 
709.9 1.06 22.2 Fe(III)-S 

 710.7 1.24 23.2 Fe(III)-O 
 711.9 1.47 14.7 Fe(III)-O 
S 2p     
pH 4(a.a.t) 162.5 0.99 42.1 S2

2- 
 163.7 1.09 24.8 S2

2- 
 168.8 2.31 32.9 SO4

2- 
pH 10(i) 162.5 1.04 61.0 S2

2- 
 163.7 0.92 23.9 S2

2- 
 168.8 1.39 15.1 SO4

2- 
O 1s     
pH 4(a.a.t) 529.4 0.86 33.4 O2- 
 530.3 0.89 31.3 OH- 
 531.1 0.95 35.2 H2O 
pH 10(i) 529.3 0.93 30.2 O2- 
 530.4 1.06 23.7 OH- 
 531.3 1.22 34.2 H2O 

 

6.3.3.3 Se(VI)-Contacted Pyrite 

 Figure 6.17 shows experimental results for the effect of pH change on the stability of 

Se(VI)-contacted pyrite. The suspension was initially adjusted to near pH 4 and then the pH was 

raised in increments to near pH 10. It was then decreased in increments back to near pH 4. The 

highest removals of Se(VI) were observed at the extremes of pH (pH 4, pH 10), with lowest 

removals in the pH range between pH 6 and pH 8. As pH was decreased to moderate levels, 

some evidence of stability was observed in that more selenium remained on the pyrite at the 

same pH values, but when pH was being raised. However, when pH decreased to near initial pH 

values, less Se(VI) remained on the pyrite than was observed initially. This indicates that the 

physical/chemical status of the pyrite or Se(IV) may have changed at basic pH in a way that 

made the selenium more soluble at low pH. To clarify such surface reactions in detail, surface 
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morphology and oxidation states of Se(VI)-contacted pyrite at pH 4, 7 and 10 were investigated 

by SEM-EDS and XPS.  

 Figure 6.18 shows SEM images of pyrite contacted with Se(VI) at pH 4(i), 7(a.b.t), 10(a.b.t). 

Figure 6.18(a) homogeneous surface morphology of pyrites at pH 4(i), whereas at pH 7(a.b.t), some 

different types of particles appear (Figure 6.18(b)). Furthermore, Figure 6.18(c) shows the 

presence of thin bundles of thread-like particles. Some parts of these particles could be 

precipitates that are formed by surface reactions between reduced forms of Se(VI) and pyrite, but 

their formation is reversible as indicated by release of selenium when pH was decreased (Figure 

6.17).    
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Figure 6.17 Effect of pH on removal of Se(VI) (16.5 µM) by pyrite (1 g/L) as pH was 
increased from near pH 4 and subsequently was decreased. 
 

Figure 6.19 shows the Se 3d XPS spectra of Se(VI)-contacted pyrite formed at pH 4(i), 

7(a.b.t) and 10(a.b.t) as pH was increased. Except for the pH 4(i) sample, the observed results are 

similar to previous spectra, in which the center of the main peak is shifted to higher binding 
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energies (Figure 6.13). This indicates that oxidation status of Se(VI) at pH 7(a.b.t) and pH 10(a.b.t) 

has changed. This supports the hypothesis that above circumneutral pH, Se(VI) is being reduced 

by reaction with the pyrite surface.  
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Figure 6.18 Secondary images of SEM analysis for pyrite (1 g/L) reacted with Se(VI) (16.5 
µM) at (a) pH 4(i) and (b) pH 7(a.b.t) and (c) pH 10(a.b.t) as pH was increased. 
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Figure 6.19 High resolution Se 3d XPS spectra for pyrite after contact with Se(VI) (16.5 
µM) at pH 4(i), 7(a.b.t), 10(a.b.t) as pH was increased. 
 

 The Fe 2p3/2 and S 2p spectra for Se(IV)-contacted pyrite were also investigated to 

further evaluate the hypothesis that above neutral pH, Se(IV) undergoes reduction. Figure 6.20 

shows that as pH increased, several oxidized components (Fe(III)-S and Fe(III)-O) are formed at 

the expense of Fe(II)-S component. In particular, the surface-bound Fe in the pH 10(a.b.t) sample 

was more oxidized, compared to that of pure pyrite at pH 10, presumably due to a redox reaction 

with sorbed Se(VI). Figure 6.21 shows that the S 2p spectra of the pH 4(i) sample shows small 

amounts of sulfate, but the higher pH samples show more oxidized forms of sulfur, including 

elemental sulfur (So) and sulfate (SO4
2-).  
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These results suggest that above circumneutral pH, sorption of Se(VI) and subsequent 

reduction leads to formation of low-solubility species. The reduction of Se(VI) causes the 

oxidation of surface Fe and S. However, higher removal of Se(VI) that was observed at pH 4(i) 

compared to neutral pH, is not likely to be related to the chemical redox reactions between Se(VI) 

and the pyrite surface because no evidence of reduction of Se(VI) and only small indications of 

oxidation of the surface Fe and S were observed in the XPS results.  

 Figure 6.22 shows the O1s XPS spectra of pH 4(i), 7(a.b.t), and 10(a.b.t) samples. The 

remarkable difference in the O 1s spectra is the increase in intensity of the peak associated with 

oxide oxygen peak (O2-) in samples at pH 7(a.b.t) and 10(a.b.t) compared to the pH 4(i) sample. Since 

the intensity of the O2- peak is proportional to growth of Fe(III) hydroxide, this is further 

evidence of the extent of oxidation of Fe(II) surface species by as pH is raised. These results 

support the hypothesis that higher removal of Se(VI) above pH 7 is attributed to sorption of 

Se(VI) followed by its reduction by reaction with the pyrite surface.  

 Table 6.3 summarizes data for peak binding energies (BE), full width at half maximum 

(FWHM), relative area for Fe 2p3/2, S 2p, O 1s photoelectron spectra of pyrite contacted with 

Se(VI) for different pH (4, 7, 10).        
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Figure 6.20 High resolution Fe 2p3/2 XPS spectra for pyrite (1 g/L) reacted with Se(VI) (16.5 
µM) at (a) pH 4(i) and (b) pH 7(a.b.t) and (c) pH 10(a.b.t) as pH increased.  
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Figure 6.21 High resolution S 2p XPS spectra for pyrite (1 g/L) reacted with Se(VI) (16.5 
µM) at (a) pH 4(i) and (b) pH 7(a.b.t) and (c) pH 10(a.b.t) as pH increased.  
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Figure 6.22 High resolution O 1s XPS spectra for pyrite (1 g/L) reacted with Se(VI) (16.5 
µM) at (a) pH 4(i) and (b) pH 7(a.b.t) and (c) pH 10(a.b.t) as pH increased.  
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Table 6.3 Binding energies (BE), full width at half maximum 
(FWHM), and relative area for peaks in the Fe 2p3/2, S 2p, and O 1s 
XPS spectra of synthetic pyrite contacted with Se(VI) at pH 4(i), 7(a.b.t), 
10(a.b.t).  
Samples BE 

(eV) 
FHWM 
(eV) 

Area 
(%) 

Chemical states 

Fe 2p     
pH 4(i) 706.6 0.93 73.3 Fe(II)-S 

707.9 1.68 13.4 Fe(II)-O 
710.1 2.32 13.2 Fe(III)-S 

pH 7(a.b.t) 706.6 0.77 4.84 Fe(II)-S 
709.5 0.85 11.6 Fe(III)-S 
710.3 0.93 22.2 Fe(III)-O 

 711.1 1.22 25.7 Fe(III)-O 
 712.3 2.05 35.5 Fe(III)-O 
pH 10(a.b.t) 706.6 1.28 5.6 Fe(II)-S 
 707.8 1.45 16.1 Fe(II)-O 
 709.1 1.38 28.8 Fe(III)-S 
 710.1 0.99 12.9 Fe(III)-O 
 711.0 1.07 15.1 Fe(III)-O 
 711.9 0.39 2.94 Fe(III)-O 
 712.7 1.79 12.6 Fe(III)-O 
 714.8 2.56 5.69 Fe(III)-O 
S 2p     
pH 4(i) 162.6 0.96 63.4 S2

2- 
 163.8 0.99 32.1 S2

2- 
 168.9 1.69 4.50 SO4

2- 
pH 7(a.b.t) 162.8 1.90 37.7 S2

2- 
 164.2 0.60 6.4 S2

2- 
 165.2 0.39 3.1 So 
 169.2 2.54 52.8 SO4

2- 
pH 10(a.b.t) 162.1 0.46 8.9 S2

2- 
 163.2 1.99 63.5 S2

2- 
 164.7 0.56 5.91 So 
 168.1 2.44 14.7 SO4

2- 
 171.3 1.55 6.9 SO4

2- 
O 1s     
pH 4(i) 529.7 0.99 14.2 O2- 
 530.9 1.15 43.8 OH- 
 531.7 1.18 42.0 H2O 
pH 7(a.b.t) 529.7 0.93 32.6 O2- 
 530.7 0.92 36.6 OH- 
 531.6 0.95 30.7 H2O 
pH 10(a.b.t) 529.7 0.94 33.2 O2- 
 530.7 1.01 22.5 OH- 
 531.6 1.26 44.2 H2O 
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7. SORPTION OF SELENIUM(IV) AND SELENIUM(VI) TO MACKINAWITE 

(FeS): SPECTROSCOPIC ANALYSES 

The surface of mackinawite (FeS) was characterized before and after contact with 

selenium (IV,VI). Results of XRD analysis of solids before contact with selenium confirmed that 

the form of iron sulfide being produced was mackinawite with a particle size less than 100 nm 

and that the diffraction pattern of TEM supports the observation that the solid phase is mostly 

amorphous. XPS analysis of mackinawite after contact with Se(IV) showed evidence of 

continuous oxidation of surface Fe(II). S 2p spectra showed some evidence of oxidation of 

surface S(-II) resulting in formation of polysulfides, elemental sulfur, and possibly sulfate. Se 3d 

spectra showed evidence of reduction of Se(IV) by contact with the mackinawite surface. These 

observations support the conclusion that Se(IV) sorbs to the surface of mackinawite and oxidizes 

surface species of iron and sulfur. XPS analysis of mackinawite after contact with Se(VI) also 

showed some evidence of oxidation of surface Fe(II), but not to the extent observed with Se(IV). 

There was little evidence for oxidation of surface sulfur, so it appears that Se(VI) is a weaker 

oxidant for the surface of mackinawite, either because it sorbs less strongly or that it reacts less 

strongly after sorption. There was little evidence of reduction of Se(VI) after contact with 

mackinawite. 

7.1 Introduction 

 In the environment, trace elements are often present that are beneficial to humans, 

animals, and wildlife, but if they are accumulated to a sufficient degree, they can become toxic. 

Among them, selenium is known to be essential nutrient for plants and humans, but it can easily 

become hazardous, due to a very narrow margin between doses that are so low to cause nutrient 

deficiency and doses that cause toxicity. The U.S. Environmental Protection Agency has set the 
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maximum contaminant level (MCL) for selenium to be 50 µg/L (0.633 µmol/L).   

 Selenium can exist in most aqueous environments in both organic and inorganic states. 

Organic moieties contain direct Se-C bonds, and inorganic forms are dominated by selenite 

(H2SeO3, pKa=2.46, 7.31) and selenate (HSeO4
-, pKa=1.7). Selenite is predominant under 

reducing to mildly oxidizing conditions and circumneutral pH, whereas selenate prevails under 

more strongly oxidizing conditions at higher pH (246). The toxicity of selenium depends on its 

oxidation state, with Se(IV) being more toxic than Se(IV).  

 Transport of selenium in aquatic environments is controlled by adsorption at solid-

water interface. Numerous adsorbents have been utilized to remove selenium from water 

including goethite (53, 247), hematite (232), magnetite (243, 248), mackinawite (8), pyrite (62), 

aluminum oxide (222, 249), bentonite (250), zero-valent iron (251, 252), and Fe(II)/Fe(III) oxide 

(green rust)(242). The affinity of Se(IV) to surfaces of iron or aluminum oxides is known to be 

stronger than of Se(VI), resulting in higher mobility and bioavailability of Se(VI) (253). Iron 

sulfide (mackinawite, FeS) is a promising adsorbent for immobilizing and stabilizing selenium,  

because of its potential capability to reduce Se(VI) or Se(IV) to a form that could produce 

surface precipitates (FeSe or FeSe2). However, reduction of selenium (IV,VI) to more electron-

rich species (Se(-II), Se(0)) could proceed so slowly that various oxidation states of selenium 

might coexist on the solid surface (64). How selenium species are transformed on the surface of 

mackinawite, as well as how surface Fe and S sites change as a function of time have important 

implications for the extent of stabilization of selenium sorbed to mackinawite.       

 The purposes of this study are to demonstrate the reduction of selenium adsorbed on 

mackinawite and to characterize surface reactions by investigating changes in the surface Fe and 

S sites of mackinawite before contact with selenium(IV,VI) and for a period of 30 days after 

contact.   
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7.2 Materials and Method 

7.2.1 Materials 

 All chemicals and solutions used in this study were prepared with analytical grade 

chemicals (or better) and prepared using deionized/deoxygenated (DI/DO) water. Sodium 

selenite (Na2SeO3), sodium selenate (Na2SeO4), sodium sulfide (Na2S), and ferrous chloride 

(FeCl2) were purchased from Sigma-Aldrich. A 1000 mg/L selenium(IV) or selenium(VI) stock 

solution was prepared by dissolving Na2SeO3 or Na2SeO4, respectively. Solutions for sorption 

experiments at various concentrations were made by diluting a calculated amount of stock 

solution. All glassware and plasticware were allowed to equilibrate inside the anaerobic chamber 

for at least one day in order to remove all oxygen sorbed on wall. All sorption experiments were 

conducted in an anaerobic chamber (Coy Laboratory Products Inc.) with atmosphere of 5% H2 

and 95 % N2.   

7.2.2 Synthesis of FeS 

 FeS was synthesized by a modified method of the Hayes research group, which uses 

FeCl2 and Na2S as sources of Fe(II) and sulfide (112, 254). Five hundred mL of 0.1 M Na2S 

solution was added to 500 mL of 0.1 M FeCl2 solution. Black, fine particles were formed as soon 

as the two solutions were mixed and they were aged for 3 days. Thereafter, the supernatant was 

decanted, DI/DO water was added, and particles were allowed to settle for 30 minutes. This 

procedure was repeated until the FeS particles did not settle. The pH of the FeS suspension was 

adjusted to be around pH 6 to pH 7. In order to determine solid concentration, FeS suspensions 

of 1 mL were transferred to five plastic bottles of known mass and the final masses of each of the 

bottles were measured. The solid concentration (SC) was calculated using Equations 8.1 and 8.2. 
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where Wb (g) and Wa (g) are the mass of bottle before and after FeS suspension of 1 mL, n is the 

number of sample bottles, and sW (g) is the averaged mass of FeS suspension.   

7.2.3 Sorption/Reaction Experiments  

 All sorption experiments were conducted in an anaerobic chamber. The experimental 

procedure was designed to produce solid samples for surface analysis using X-ray photoelectron 

spectroscopy (XPS) that had been in contact with Se for various reaction times. The 

experimental condition was that 1 g/L of FeS was reacted with 3.1 mM Se(IV) or Se(VI) at pH 8 

for a period of up to 30 days. All samples were mixed by an end-over-end rotary mixer until 

specified sampling time (1, 15, 30 day), when the sample was filtered using 0.02-µm anodisc 

membrane filter (Whatmann). The filter disk including the wet solids was moved to a labeled 

petri-dish, which was dried and stored in the anaerobic chamber until XPS analysis.    

7.2.4 Spectroscopic Analyses 

 The XPS spectra for mackinawite in the presence of selenium were obtained using a 

Kratos Axis Ultra Imaging X-ray photoelectron spectrometer with a monochromatized Al Kα 

(1253.6 eV) source. Before analysis, anodisc membrane filters holding Se-contacted 

mackinawite were attached to a copper adhesive on a sample bar, which were then loaded to the 

sample treatment chamber (STC) which was evacuated to a pressure that was less than 5×10-7 

torr. Spectra were collected with a take-off angle close to 90˚. The survey scans were obtained at 

pass energy of 80 eV to determine chemical elements and the most characteristic spectra were 
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recorded by the narrow scans with pass energy of 20 or 40 eV to determine oxidation states and 

bonding type of element (228). The charge effect was corrected using C 1s (Eb=284.5 eV) to 

calibrate the binding energy scale. The XPS spectra (Fe 2p, S 2p, O 1s, Se 3d) that were obtained 

were fitted using a curve-fitting program (XPSPEAK) with Gaussian Lorentzian function 

through background-subtraction corrections using a Shirley-type optimization.   

7.2.5 Measurements of Selenium Concentration 

 Concentrations of selenium (IV, VI) were measured by a Perkin-Elmer atomic 

absorption spectrophotometer with continuous flow hydride generator. Selenite (SeO3
2-) was 

measured without acid pretreatment, while selenate (SeO4
2-) was first reduced to selenite by acid 

digestion (5 mL sample, 5 mL concentrated HCl in 40 mL borosilicate glass vial placed in 

boiling water bath for 10 minutes). The following parameters were used for these analyses: 

wavelength of 196.0 nm, band pass of 0.5 nm, lamp current of 75%, measurement number of 4, 

measurement time of 4 s, background correction is on, stabilization time of 30 s, baseline delay 

time of 40 s, carrier gas flow rate of 240 mL/min.   

 

7.3 Results and Discussion 

7.3.1 Surface Characterization of Synthetic Mackinawite 

 Figures 7.1-7.3 show results of analyses of mackinawite that were conducted by XRD, 

TEM, and SEM-EDS, in order to characterize surface properties and confirm its identity. The X-

ray diffractogram was identified by a library search/match program which confirms that the solid 

phase that was synthesized is mackinawite (Figure 7.1). The XRD scan indicates that synthesized 

mackinawite has small particle sizes and is amorphous, because the diffraction peaks are broad 

and weak (119, 255). There are no peaks that indicate the presence of iron oxides. Figure 7.2 
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shows TEM image (left-hand side) and the electron diffraction pattern for a selected area on 

mackinawite (right-hand side). The TEM results show particle sizes generally below about 100 

nm and that mackinawite is composed of a mixture of poorly-crystalline and well-crystalline 

particles. The mixture is indicated by regions without rings and regions with diffuse and weak 

rings, including distinct spots. The SEM results shown in Figure 7.3 (left-hand side) confirm the 

TEM results that particles have sizes below 100 nm. Results of EDS analysis shown in Figure 

7.3 (right-hand side) indicate that there is more sulfur present than iron.            
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Figure 7.1 X-ray diffraction patterns of synthetic FeS. 
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Figure 7.2 Transmission electron microscope (TEM) image (left) and selected area electron 
diffraction (SAED) pattern (right) of synthetic FeS. 
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Figure 7.3 Secondary image of scanning electron microscope (SEM) (left) and analysis of 
energy dispersive spectroscopy (EDS) (right) of synthetic mackinawite. 
 

7.3.2 Spectroscopic Investigation of Se-Contacted Mackinawite 

 Figure 7.4 shows the Se 3d XPS spectra of mackinawite before and after contact with 

Se(IV) or Se(VI) for various times. Before contact with Se, the Se 3d spectra for mackinawite 

show a peak, because of interference by the Fe 3p spectra at binding energies in the range of 50-

65 eV. Figure 7.4(a) shows that major changes occur in the Se 3d spectra after contact with 

Se(IV) and that the changes continue over 30 days. The binding energy of the main peak shifts 

from 53.5 eV to around 55.6 eV and the area of the peak increases. These results can be 
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attributed to sorption of Se(IV) to the surface of mackinawite and subsequent reduction via 

surface reaction to form species such as Se(0), Se(-I), or Se(-II). The main peaks of these 

reduced selenium species occur with binding energies in the range of 53.7~56.3 eV, which is 

range where peaks are observed in Figure 7.4(a). Figure 7.4(b) indicates that there are no 

important changes in Se 3d spectra for mackinawite after contact with Se(VI). The lack of major 

changes could be caused by low amounts of Se(VI) being sorbed and small fractions of sorbed 

Se(VI) being reduced.    

Tables 7.1-7.3 provide information about the Fe 2p3/2, S 2p and O 1s XPS spectra of 

mackinawite reacted with Se(IV) and Se(VI) for different times. This information includes 

binding energy (BE), full width at half maximum (FWHM) and percentage of peak area. Figures 

7.5 and 7.6 show Fe 2p3/2 XPS spectra for mackinawite reacted for various times with a solutions 

of Se(IV) and Se(VI), respectively. Figure 7.5 shows four major peaks at 705.9~707.2, 

707.4~707.8, 708.7~709.6, and 709.8~712.2 eV, corresponding to Fe(II)-S, Fe(II)-O, Fe(III)-S, 

Fe(III)-O, respectively. As contact time increases, the relative areas of the peaks associated with 

Fe(III)-S and Fe(III)-O increase and the relative peak areas associated with Fe(II)-S, Fe(II)-O 

decrease, indicating an oxidation of the iron on the pyrite surface. This could be the result of 

surface iron species reducing adsorbed Se(IV).    

 Figure 7.6 shows the Fe 2p3/2 XPS spectra for pyrite contacted with a solution of Se(VI) 

for various times. As contact time increases, the relative area of the peak associated with Fe(III)-

O increases, but the magnitude of the change is not as great as was observed for Se(IV). These 

results indicate that Fe(II) on the pyrite surface undergoes a redox reaction with Se(IV) and 

Se(VI) resulting in formation of Fe(III) and reduced selenium species (Se(IV), Se(0), Se(-I), Se(-

II)). However, the extent of oxidation of Fe(II) by Se(IV) is greater than by Se(VI).     
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Figure 7.4 High resolution Se 3d spectra of synthetic mackinawite (1 g/L) at pH 8 before 
and at various times after contact with (a) 3.1 mM Se(IV) and (b) 3.1 mM Se(VI).  
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Figure 7.5 High resolution Fe 2p3/2 XPS spectra of synthetic mackinawite (1 g/L) reacted 
with 3.1 mM Se(IV) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days.  
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Figure 7.6 High resolution Fe 2p3/2 XPS spectra of synthetic mackinawite (1 g/L) reacted 
with 3.1 mM Se(VI) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days.  
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Table 7.1 Binding energies (BE), full width at half maximum (FWHM), and area 
percentage for peaks in the Fe 2p3/2 XPS spectra of mackinawite contacted with Se(IV) and 
Se(VI) for various times.  
Sample Contact time 

(days) 
BE 
(eV) 

FHWM 
(eV) 

Area 
(%) 

Chemical states 

Mackinawite 0 706.0 0.49 10.4 Fe(II)-S 
706.4 0.55 14.6 Fe(II)-S 
706.9 0.71 17.8 Fe(II)-S 
707.7 0.98 18.7 Fe(II)-O 
708.8 1.26 14.6 Fe(III)-S 
710.1 1.67 14.9 Fe(III)-O 
711.8 2.51 9.0 Fe(III)-O 

      
Mackinawite+Se(IV) 1 705.9 0.68 10.7 Fe(II)-S 

706.4 0.68 13.2 Fe(II)-S 
707.0 0.81 13.9 Fe(II)-S 
707.7 1.03 13.0 Fe(II)-O 
708.8 1.30 16.2 Fe(III)-S 
709.9 1.61 18.0 Fe(III)-O 
711.5 2.39 15.0 Fe(III)-O 

15 706.1 0.75 10.9 Fe(II)-S 
706.8 0.72 7.3 Fe(II)-S 
707.4 0.82 7.2 Fe(III)-O 
708.7 1.05 17.5 Fe(III)-S 
709.6 0.98 23.8 Fe(III)-S 
710.5 1.06 17.1 Fe(III)-O 
711.6 1.56 16.3 Fe(III)-O 

30 706.5 0.82 3.1 Fe(II)-S 
708.9 1.17 22.6 Fe(III)-S 
709.5 0.79 13.9 Fe(III)-S 
710.1 1.02 21.4 Fe(III)-O 
710.7 0.89 13.7 Fe(III)-O 
711.4 0.65 6.4 Fe(III)-O 
712.2 1.82 19.0 Fe(III)-O 

     
Mackinawite+Se(VI) 1 705.8 0.70 12.5 Fe(II)-S 

706.4 0.71 14.9 Fe(II)-S 
707.0 0.82 15.1 Fe(II)-S 
707.7 1.03 15.7 Fe(II)-O 
708.8 1.30 18.1 Fe(III)-S 
709.9 1.50 14.2 Fe(III)-O 
711.4 2.21 9.5 Fe(III)-O 

15 706.0 0.76 20.1 Fe(II)-S 
706.5 0.65 14.6 Fe(II)-S 
707.1 0.62 13.4 Fe(II)-S 
707.8 0.75 11.6 Fe(II)-O 
708.7 1.11 16.1 Fe(III)-S 
709.8 1.43 16.5 Fe(III)-O 
711.4 1.91 7.6 Fe(III)-O 

30 706.1 0.59 15.2 Fe(II)-S 
706.6 0.59 13.4 Fe(II)-S 
707.2 0.70 12.7 Fe(II)-S 
707.8 0.87 12.9 Fe(II)-O 
708.9 1.27 16.1 Fe(III)-S 
710.1 1.47 17.7 Fe(III)-O 
711.3 1.66 12.0 Fe(III)-O 

 

 Figures 7.7 and 7.8 show the S 2p XPS spectra for mackinawite reacted with Se(IV) 

and Se(VI), respectively. In order to fit the asymmetric peak centered near 161.8 eV and the high 
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energy tail, polysulfides (Sn
2-) and elemental sulfur (So) were considered as surface species. 

Some oxidation of mackinawite surface could occur during the transfer of samples for XPS 

analysis. In the case of Se(IV) (Figure 7.7), peaks associated with the sulfate ion (SO4
2-) were 

observed after 15 days of contact, whereas there were no sulfate peaks in the S 2p spectra after 

contact with Se(VI) (Figure 7.8). These results support the hypothesis that sulfur on the surface 

of mackinawite reduces Se(IV) and Se(VI), but that it has a greater affinity for Se(IV).    

 

Table 7.2 Binding energies (BE), full width at half maximum (FWHM), 
area percentage for peaks in the S 2p XPS spectra of mackinawite 
contacted with Se(IV) and Se(VI) for various times. 
Sample Contact time 

(days) 
BE 
(eV) 

FHWM 
(eV) 

Area 
(%) 

Chemical 
states 

Mackinawite 0 161.3 0.55 14.0 S2- 
161.8 0.62 22.0 S2- 
162.3 0.68 26.3 S2- 
163.1 1.03 35.0 Sn

2- 
164.5 0.88 2.6 So 

      
Mackinawite+Se(IV) 1 161.7 0.44 12.8 S2- 

162.0 0.44 15.8 S2- 
162.5 0.62 16.2 S2- 
163.2 0.99 32.6 Sn

2- 
164.1 1.73 22.5 So 

15 161.6 0.50 10.1 S2- 
162.0 0.46 18.9 S2- 
162.7 0.73 21.0 S2- 
163.2 0.67 13.8 Sn

2- 
164.0 1.25 20.8 So 
168.4 1.99 15.4 SO4

2- 
30 161.4 0.45 12.4 S2- 

162.0 0.81 25.3 S2- 
162.8 1.18 23.0 S2- 
163.5 1.79 27.0 Sn

2- 
165.4 1.37 8.4 So 
167.2 1.08 3.9 SO4

2- 
      
Mackinawite+Se(VI) 1 161.8 0.53 21.0 S2- 

162.2 0.51 18.4 S2- 
162.7 0.71 24.8 S2- 
163.4 1.03 31.7 Sn

2- 
164.6 1.13 4.2 So 

15 161.5 0.50 11.0 S2- 
162.0 0.48 27.2 S2- 
162.7 0.76 31.6 S2- 
163.5 0.91 26.0 Sn

2- 
164.5 1.24 4.3 So 

30 161.5 0.50 8.9 S2- 
162.0 0.48 21.3 S2- 
162.5 0.69 27.1 S2- 
163.4 0.96 32.3 Sn

2- 
164.7 1.63 10.4 So 
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Figure 7.7 High resolution S 2p spectra of synthetic mackinawite (1 g/L) reacted with 3.1 
mM Se(IV) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days.   
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Figure 7.8 High resolution S 2p spectra of synthetic mackinawite (1 g/L) reacted with 
3.1mM Se(VI) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days.  
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 Figures 7.9 and 7.10 show O 1s XPS spectra of mackinawite reacted with Se(IV) and 

Se(VI) for 1, 15 and 30 days. The O 1s spectra were fitted with three components at 529.0~529.7 

eV, 530.2~530.7 eV, and 531.1~531.7 eV, corresponding to oxide oxygen (O2-), structural 

hydroxide (OH-), and adsorbed water molecule (H2O), respectively. The occurrence of oxygen 

species on the surface of mackinawite may be related to several mechanisms. The structural 

hydroxide originates from dissociation of sorbed water molecules and, if atmospheric O2 is 

present, from the combination of the second a proton (H+) and O2-, which is produced by 

reduction of O2 (229). Although experiments were conducted in an anaerobic chamber, the 

presence of atmospheric O2 on the surface cannot be totally ruled out, because the solid samples 

were exposed to air when transferred for XPS analysis. Figure 7.9 shows that the OH- peak 

increases over time, while the H2O peak decreases from day 1 to day 15, but increases at day 30 

back to a value (34.4 %) that is close to the value observed at day 1 (36.1 %) (Table 7.3). The 

additional OH- can be incorporated into Fe(III)-oxyhydroxide surface species. At 30 days, an 

appreciable decrease in the peak for O2- coincides with growth of the OH- peak, which could be 

caused by combination of a proton (H+) and O2- on the surface. In the case of mackinawite 

contacted with Se(VI) (Figure 7.10), the relationship between H2O and OH- that was seen by the 

Se(IV)-contacted mackinawite was observed at day 15 and day 30. As compared to day 15, the 

percentage of area for the H2O peak at 30 days decreased from 54.8 to 45.2 %, while the relative 

area of the OH- peak increased from 23.9 % to 29.9 %. The growth of Fe(III)-oxyhydroxide 

surface species coincide with the increase of OH- peak, as was observed for mackinawite 

contacted with Se(IV). 
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Figure 7.9 High resolution of O 1s XPS spectra for synthetic mackinawite (1 g/L) reacted 
with 3.1 mM Se(IV) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days. 
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Figure 7.10 High resolution of O 1s XPS spectra for synthetic mackinawite (1 g/L) reacted 
with 3.1 mM Se(VI) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days.  
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Table 7.3 Binding energies (BE), full width at half maximum (FWHM), and 
area percentage for peaks in the O 1s XPS spectra of mackinawite 
contacted with Se(IV) and Se(VI) for various times. 
Sample Contact time (days) 

 

 

BE(eV) FHWM (eV) Area (%) Chemical  
states 

Mackinawite  0 529.2 0.95 23.4 O2- 
  530.5 1.41 48.4 OH- 
  531.7 1.56 28.2 H2O 
      
Mackinawite+Se(IV) 1 529.3 0.92 35.0 O2- 
  530.3 1.06 28.9 OH- 
  531.3 1.21 36.1 H2O 
 15 529.0 0.69 26.5 O2- 
  529.7 0.72 23.0 O2- 
  530.4 0.76 29.6 OH- 
  531.1 0.84 20.9 H2O 
 30 529.1 0.88 24.8 O2- 
  530.3 1.10 40.8 OH- 
  531.3 1.19 34.4 H2O 

 
      
Mackinawite+Se(VI) 1 529.4 0.93 19.1 O2- 
  530.7 1.13 37.6 OH- 
  531.4 1.18 43.3 H2O 
 15 529.2 0.89 21.2 O2- 
  530.2 1.09 23.9 OH- 
  531.2 1.38 54.8 H2O 
 30 529.5 0.92 24.9 O2- 
  530.5 1.08 29.9 OH- 
  531.4 1.25 45.2 H2O 
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8. SORPTION OF SELENIUM(IV) AND SELENIUM(VI) TO MACKINAWITE 

(FeS): KINETICS, EXTENT OF REMOVAL, STABILITY 

Batch experiments were conducted to evaluate kinetics of removal of two oxidation 

states of selenium (Se(IV), Se(VI)) and to evaluate the effects of pH and sulfate concentration on 

removals. These experiments were conducted in a way that is similar to those used to measure 

adsorption equilibrium, although true equilibrium was not observed for selenium removals in 

this work. Se(IV) was removed very rapidly by FeS with complete removal of low concentration 

of Se(IV) (6.3, 12.7, 38 µM) by 1.0 g/L FeS being achieved within 30 minutes. Higher 

concentrations (127, 253 µM) were completely removed by 0.5 g/L FeS within 120 minutes. 

Removal patterns for Se(IV) by FeS depend on pH. Removal patterns at pH 7 and pH 8 were 

best described by BET models, while removal patterns at pH 9 and 10 were best described by 

Langmuir models. Sulfate at 1 and 10 mM had negligible effect on removal of Se(IV) by FeS. 

Removal of Se(VI) by FeS was less extensive than removal of Se(IV). Only 10 % of the Se(VI) 

was removed by 1 g/L FeS within 1 hour. At the highest initial concentration examined (126 μM), 

removals were somewhat steady after several hours contact, but increased at contact times 

beyond 25 hours. This indicated that surface reactions may have been initiated that promoted 

removal of additional Se(VI). The removal patterns for Se(VI) on FeS depended on pH. The 

BET model best described removal patterns at low pH (pH 7, pH 8), but the Langmuir model 

best described removal patterns at higher pH (pH 9, pH 10). The BET-like pattern indicates that 

surface reactions are promoted at higher surface concentrations. Similar behavior might also be 

observed at higher pH if longer reaction times were investigated. Sulfate (1, 10 mM) had little 

effect on removal of Se(VI) by FeS, but there was some indication that sulfate promoted removal 

of Se(VI) at intermediate concentrations. Stability tests for mixtures of Se(IV) and FeS showed 

nearly complete removal at all but the high initial pH and high stability. For mixtures of Se(VI), 
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moderate removal at low pH, a minimum removal near pH 6 and nearly complete removal at 

high pH. Very high stability was observed with negligible release as pH decreased. SEM analysis 

indicated that thin rod-like solids were formed and XPS indicated that Se(IV) was reduced on the 

surface of FeS.      

8.1 Introduction 

 Selenium is known to be an essential nutrient for animals and humans, although it is not 

essential for plant growth (53). According to the level of Se in vegetation, however, it can be 

toxic to animals (53). For instance, leaching of Se-rich soils by agricultural drainage in the San 

Joaquin valley was found to result in extremely harmful levels, with concentrations in drainage 

water approaching 140 to 1400 μg/L, which is high enough to cause carcinogenic and teratogenic 

effects (54). In addition, chronic exposure to low levels of Se can cause developmental 

abnormalities and reproductive disorders. The difference in Se concentrations that cause nutrient 

deficiency and toxicity is smaller than that noted for other USEPA priority or non-priority 

pollutant (55, 56).      

 Selenium is an analogue of sulfur, so they are similar in aquatic chemistry (58). The 

primary selenium species in oxidized water are selenate (SeVIO4
2-), selenite (SeIVO3

2-) and their 

protonated forms. The pKa values for selenic acid (H2SeO4) are <1 and 1.7, and those for 

selenious acid (H2SeO3) are 2.75 and 8.5 (58). Therefore, at pH 7, the primary species will be 

SeO4
2- and HSeO3

-. Under more reducing conditions, zero-valent selenium and hydrogen 

selenide (H2Se) are found. The pKa values for hydrogen selenide are 3.89 and 15, so HSe- will be 

the primary Se(-II) species observed in the pH range of most natural waters. Se(IV) and Se(VI) 

are the most mobile forms of selenium, while Se(0) and Se(-II) are relatively immobile because 

of the low solubility of their solid phases. Se(IV) is more toxic than other forms and that is why 

Se(IV) removal is extensively studied (59).  
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 A variety of treatment technologies, including reverse osmosis, ion exchange, 

coagulation, adsorption, and biological treatment, have been applied in order to remove selenium 

from water (256-258). Among them, adsorption using Fe-, Mn-, or Al-oxyhydroxides has been 

extensively studied because adsorption of aqueous Se species onto such mineral surfaces plays 

an important role in determining the mobility and bioavailability of selenium (220, 244, 259). 

Although these treatment methods can lower selenium to below 5 µg/L, they are not suitable for 

wastewaters originating at coal-fired power plants or mining activities containing high 

concentration of sulfate (246). Very little information is now available about selenium removal in 

sulfate-rich environments. Furthermore, removal of selenium by adsorption onto iron 

oxyhydroxides will not produce stable residuals under the anoxic conditions found in landfills.  

 Reduction of Se(IV) and Se(VI) to Se(0) or Se(-II) is required to form solid phases with 

low solubility and therefore, low mobility in the environment. Zero-valent selenium and HSe- in 

subsurface environments can form less soluble solid phases such as metal sulfide ores that 

include Fe, Cu, and Pb (60-62). Recent studies demonstrate that selenite can be reduced to 

insoluble Se(0) after contact with Fe(II)-bearing minerals such as mackinawite and magnetite 

with the final product being two iron selenides (Fe7Se8 and FeSe) (67).  

 Previous research has demonstrated that mackinawite (FeS) can be a good reactant/ 

adsorbent to remove selenium from water. However, more detailed studies are needed to evaluate 

the capability of mackinawite for removal of Se(IV, VI) under a range of various solution 

conditions. To do so, this study aims to investigate the effect of time on Se(IV,VI) removal by 

mackinawite, to measure the effect of pH on the extent of removal with and without the presence 

of a competing ion (sulfate), and to determine the stability of Se-contacted mackinawite when 

pH changes. To better understand chemical changes that affect stability of mackinawite reacted 

with Se(IV,VI), X-ray photoelectron spectroscopy will be used to characterize chemical species 
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on the surface of the solid-phases.   

8.2 Materials and Method 

8.2.1 Materials  

 All of the chemicals used in this study were analytical grade or better and all solutions 

were prepared using deionized/deoxygenated (DI/DO) water (>18 MΩ-1 resistivity). The water 

was deoxygenated by purging with purity nitrogen for more than 2 hours and contacting it with 

the atmosphere in an anaerobic chamber for at least one day. Sodium selenite (Na2SeO3) and 

sodium selenate (Na2SeO4) were purchased from Sigma-Aldrich. Mackinawite (FeS) was 

synthesized according to method described in Section 7. Se(IV) and Se(VI) stock solutions (1000 

mg/L) were prepared by dissolving Na2SeO3 and Na2SeO4 in DI/DO water. All sorption 

experiments were performed in an anaerobic chamber (95% N2/5 % H2) with palladium catalyst 

that maintained O2 concentrations near zero.  

8.2.2 Sorption/Reaction Experiments 

 Initial kinetic experiments were conducted at pH 8 to evaluate removal of Se(IV) and 

Se(VI) by suspensions of 1 g/L FeS with different initial concentrations of selenium (6.3, 12.7, 

38, 127, 253 μM Se(IV); 12.7, 38, 127 μM Se(VI)). Reactions were initiated by adding Se(IV) or 

Se(VI) stock solution to a suspension of FeS and then mixing by reciprocal rotator. A 10-mL 

aliquot was sampled from the suspensions containing Se(IV) at reaction times of 0.5, 1, 2, 3, 6, 9, 

18, 30, 43.7 hours. Similar samples were taken from the suspensions containing Se(VI) after 

reaction times of 1, 3, 7, 10, 19, 25, 32, 44, 49, 57, 68, 100 hours. The samples were 

immediatelyTfiltered using 0.02-μm anodisc membrane filters and the filtrates were stored in an 

anaerobic chamber until measurement using HGAAS. Experiments to evaluate removal of Se(IV) 

and Se(VI) by suspensions of  FeS were conducted with a similar way to those previously 
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conducted to evaluate removal of Se(IV) by suspensions of pyrite (Section 6). The effect of pH 

(7, 8, 9, 10) on removal of Se(IV) and Se(VI) by FeS was evaluated in a series of batch 

experiments. The initial aqueous-phase concentrations of Se(IV) ranged from 63.3 to 2508 μM 

and the initial concentrations of Se(VI) ranged from 6.5 to 1395 μM. A constant concentration of 

FeS of 1.0 g/L was used and the mineral form of FeS was mackinawite. The pH of the 

suspensions was adjusted by 0.5 M HCl or 0.5 M NaOH. Samples were taken after 24 hours of 

reaction and analyzed for Se(IV) or Se(VI). Experiments to determine the effect of sulfate on 

selenium removal were conducted similarly at pH 8 and at three sulfate concentrations (0, 1, 10 

mM). 

8.2.3 Stability Test of Se(IV)/Se(VI)-Contacted FeS 

 These experiments were conducted using the same procedure that was followed for 

examining behavior of Se(IV) and Se(VI) with suspensions of pyrite (Section 6), except that the 

suspensions contained mackinawite (FeS). To investigate the stability of Se(IV)- and Se(VI)-

contacted FeS, the experimental method used by Bostick and Fendorf (2003) was modified (39).  

This method measures removal of selenium as a function of pH, which is adjusted by addition of 

1 or 2 M of HCl or NaOH (39). The experiments were initiated by adjusting pH near pH 10 (for 

Se(IV)) or pH 4.0 (for Se(VI)) and then selenium was added to obtain a concentration of 16.5 

μM . An initial sample was taken after 30 minutes and then pH was adjusted to desired values.  

Samples of 10 mL were taken after 30 minutes reaction at each pH and they were filtered with 

0.02-μm pore sized anodisc membrane filters. Herein, samples will be indentified with the 

following nomenclature to simplify the discussion. For Se(IV)-contacted mackinawite, the initial 

sample at pH 10 will be named the “pH 10(i)” sample and the sample at pH 4 after acid titration 

will be named the “pH 4(a.a.t)” sample. Another stability test was conducted for the Se(VI) in a 

similar way, but the initial pH was pH 4. Thus the initial sample at pH 4 will be named the “pH 
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4(i)” sample and the samples at the pH 6 and 10 after base titration will be named the “pH 6(a.b.t)” 

and “pH 10(a.b.t)”, respectively. The filtered samples were stored in an anaerobic chamber until 

selenium analysis by AAS in order to prevent changes in the redox states of selenium.   

8.2.4 Spectroscopic Analyses 

 XPS spectra were obtained using a KRATOS Axis Ultra Imaging X-ray photoelectron 

spectrometer with a monochromatized Al Kα (1253.6 eV) source. The detailed analysis 

procedure was described in Sections 5-7. Briefly, a filter disk containing solid samples were 

attached to a copper adhesive on a sample bar, which was then loaded to the sample treatment 

chamber (STC) that was evacuated to a pressure less than 5×10-7 torr. Thereafter, the sample bar 

was transferred to the sample analysis chamber (SAC) where spectra were collected with a take-

off angle close to 90̊. The survey scans were obtained at a pass energy of 80 eV to determine 

chemical elements and the most characteristic spectra were recorded by the narrow scans with 

fixed pass energy of 20 or 40 eV to determine oxidation states and bonding type of element (228). 

The charge effect was corrected using C 1s (Eb=284.5 eV) to calibrate the binding energy scale. 

The XPS spectra (Fe 2p, S 2p, O 1s, Se 3d) were fitted using a program (XPSPEAK) that uses a 

Gaussian Lorentzian function and background-subtraction corrections using a Shirley-type 

optimization. The surface species with various oxidation states were identified by comparison of 

their binding energies with literature values.     

8.2.5 Measurements 

 Selenium (IV, VI) was measured by a Perkin-Elmer atomic absorption spectrophoto- 

meter with a continuous flow, hydride generator. Selenite (SeO3
2-) was measured without acid 

pretreatment, while selenate (SeO4
2-) was first reduced to selenite by acid digestion (5 mL 

sample, 5 mL concentrated HCl in 40 mL borosilicate glass vial placed in boiling water bath for 
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10 minutes). The following parameters were used for these analyses: wavelength of 196.0 nm, 

band pass of 0.5 nm, lamp current of 75%, measurement number of 4, measurement time of 4 s, 

background correction is on, stabilization time of 30 s, baseline delay time of 40 s, carrier gas 

flow rate of 240 mL/min.   

8.3 Results and Discussion 

8.3.1 Kinetics 

Results of the kinetic experiment with Se(IV) and FeS are shown in Figures 8.1(a) and 

8.1(b). Figure 8.1(a) shows that removal of Se(IV) by 1 g/L of FeS is so fast that Se(IV) can be 

completely removed within 30 minutes at all initial concentrations studied (6.3, 12.7, 38 µM). 

No release of Se(IV) was observed during the period of the experiment. Since 1 g/L of FeS was 

sufficient to remove Se(IV) completely, kinetic experiments were also conducted at higher 

Se(IV)/FeS ratios. These experiments were conducted with a FeS dose of 0.5 g/L and initial 

concentrations of Se(IV) of 127 and 253 µM and the results are shown in Figure 8.1(b). Se(IV) 

was completely removed by 0.5 g/L of FeS within 120 minutes when the initial concentration 

was 127 µM, while complete removal of Se(IV) dosed at 253 µM occurs after 480 minutes. Also, 

no release of Se(IV) was observed at times longer than needed for complete removal.  

Results of the initial kinetic experiment to evaluate removal of Se(VI) by FeS are 

shown in Figure 8.2. These experiments were conducted with 1 g/L FeS at pH 8 and various 

initial concentrations of Se(VI) (12.7, 38, 127 µM). Figure 8.2 shows that an initial stage of 

removal of Se(VI) occurs in the first hour of contact, where about 10 % of Se(VI) is removed. 

After one hour, the removal continues at a slow rate with lower initial concentrations of Se(VI), 

but at more rapid rate with the highest initial concentration. The slower rate of uptake of Se(VI) 

compared to that of Se(IV) may be due to a lower affinity of Se(VI) for the FeS surface. 
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Figure 8.1 Kinetics of Se(IV) uptake by FeS at pH 8 as affected by initial concentrations of 
FeS and Se(IV): (a) FeS = 1 g/L and Se(IV) = 6.3, 12.7, 38 μM; (b) FeS = 0.5 g/L and Se(IV) 
= 127 and 253 μM. 
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This would occur if the surface was negatively charged at pH 8. Se(VI) would be 

present as an anion with two negative charges at pH 8, compared to Se(IV) which would be 

present mostly as an anion with one negative charge. Figure 8.2 also shows that increasing initial 

concentration results in higher amounts removed.    
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Figure 8.2 Effect of time on concentrations of Se(VI) in presence of 1 g/L FeS at pH 8. 
 

8.3.2 Nonlinear Removal Patterns 

8.3.2.1 Effect of pH 

 Figure 8.3 shows the results of experiments describing removal of Se(IV) by FeS at 

four different pH values. These experiments were conducted with a concentration of FeS of 0.5 

g/L and a contact time of 24 hours. The symbols represent the measured data and the lines 

represent predictions of different models. The models used to correlate the data were equations 

(Langmuir, Freundlich, and BET) that are typically used to describe data from equilibrium 
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adsorption experiments. However, they are being used here without implication that the 

experimental systems had reached equilibrium or that adsorption was the only mechanism 

affecting results. Table 8.1 shows the parameters of the different models that were obtained by 

nonlinear regression. This procedure chooses parameters to minimize the sum of squared 

residuals (SSR). A goodness of fit parameter (GFP) was calculated using SSR in order to 

numerically compare the fits to different data sets. It is the ratio of the standard deviation of the 

points about regression line divided by the average value of the data. As such, it represents the 

ratio of an average error to the average value. Smaller values represent better fits of the model to 

the data. 

 

( 2)
SSR
n

GFP
q
−

=  
(8.1) 

 Figure 8.3 shows that different patterns of removal were observed at different pH 

values. Results from experiments conducted at pH 7 and 8 are described best by the BET 

isotherm model and results at other pH values are described best by the Langmuir isotherm. 

These comparisons are made using the goodness of fit parameter. Since Se(IV) removal at pH 7 

and 8 is well described by the BET isotherm, it can be inferred that some surface reactions were 

occurring. For example, Se(IV) could be reduced to Se(-II) and precipitate as FeSe. The results 

shown in Figure 8 also indicate that greater amounts of Se(IV) were removed at lower pH where 

BET-like behavior was observed.  
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Figure 8.3 Measured concentrations of Se(IV) on FeS (symbols) as functions of 
concentration in water with (a) Langmuir, (b) Freundlich, and (c) BET model predictions 
(lines) at various pH. 
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Figure 8.3 Continued. 
 

Table 8.1 Summary of model parameters for Se(IV) removal by FeS.  
 Solution pH 

Models pH 7 pH 8 pH 9 pH 10 
Langmuir     

qmax (μmol/g) 2206 ± 438 1377 ± 184 886 ± 56.6 787 ± 80 
b (L/μmol) 0.00 ± 0.00 2.4 ± 3.3 3.67 ± 2.15 3.46 ± 3.94 

GFP 0.281 0.209 0.092 0.147 
Freundlich     

kf (µmol1-1/n·L1/n/g) 319 ± 191 492 ± 136 436 ± 120 395 ± 215 
n 3.65 ± 1.19 6.26 ± 1.62 9.43 ± 3.65 10.1 ± 8.2 

GFP 0.116 0.085 0.114 0.231 
BET     

A 234 ± 193 1.6×104 ± 1.0×104 4.4×104 ± 3.1×104 4.4×104 ± 8.2×104 
qmax (μmol/g) 1276 ± 67 1130 ± 62 790 ± 57 687 ± 107 

GFP 0.077 0.080 0.102 0.223 

 

 Figure 8.4 shows the results of experiments for removal of Se(VI) by FeS at four 

different pH values (i.e., 7, 8, 9, 10), but the same concentration of FeS (1.0 g/L) and the same 

contact time (24 hours). Table 8.2 shows the parameters of the Langmuir, Freundlich, and BET 

models that were obtained by nonlinear regression. Figure 8.4 shows that the solid-phase 
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concentrations of Se(VI) are below 140 µmol Se/g in all experiments, indicating that the sorption 

capacity of FeS for Se(VI) is much lower than for Se(IV). Maximum solid phase concentrations 

(qmax) of Se(IV) on FeS were observed to be in the range 800~1200 µmol/g. This range is similar 

to what was observed for removal of Se(IV) by pyrite (Section 6). At pH 7 and 8, solid-phase 

concentration increases rapidly at higher aqueous concentration, indicating that Se(VI) may be 

undergoing surface reactions. The BET model fits this data best, as indicated by the GFP in Table 

8.2. Results of experiments conducted at pH 9 and pH 10 shows a pattern of removal that is 

better described by the Langmuir model (Table 8.2). A pattern of removal that is more like that 

observed for experiments at lower pH might be observed at higher pH, if higher concentrations 

were investigated or more time was allowed for surface reactions to occur.  
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Figure 8.4 Measured concentrations of Se(VI) on FeS (symbols) as functions of 
concentration in water with (a) Langmuir, (b) Freundlich, and (c) BET model predictions 
(lines) at various pH. 
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Figure 8.4 Continued. 
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Table 8.2 Summary of model parameters for Se(VI) removal by FeS.  
 Solution pH 

Models pH 7 pH 8 pH 9 pH 10 
Langmuir     

qmax (μmol/g) 3.94×104 ± 1.29×107 1.67×105 ± 2.17×108 31.2 ± 12.9 19.7 ± 7.95 
b (L/μmol) 2.16×10-6 ± 8.12×10-4 4.45×10-7 ± 5.89×10-4 7.4×10-3 ± 1.34×10-2 9.25×10-3 ± 1.8×10-2 

GFP 0.40 0.26 0.33 0.32 
Freundlich     

kf (µmol1-1/n·L1/n/g) 2.3×10-4 ± 1.0×10-3 1.32×10-3 ± 4.4×10-2 3.39 ± 7.24 3.01 ± 2.8 
n 0.54 ± 0.19 0.63 ± 0.14 3.28 ± 3.55 3.85 ± 4.02 

GFP 0.26 0.15 0.39 0.36 
BET     

A 15.8 ± 2.5 15.8 ± 2.4 28.3 ± 11.2 17.9 ± 6.86 
qmax (μmol/g) 55.2 ± 279 44.1 ± 175 1.21×102 ± 237 1.56×102 ± 3.24×102 

GFP 0.30 0.25 0.34 0.33 

 

8.3.2.2 Effect of Sulfate Concentration 

 Experiments were conducted to investigate the effect of sulfate concentration on 

selenium removal by FeS. Initial concentrations of 1 and 10 mM of sulfate were added to batch 

reactors containing 1 g/L of FeS at pH 8. Figure 8.5(a) shows the amounts of Se(IV) removed 

per mass of FeS as a function of Se(IV) concentration in the liquid as affected by total sulfate 

concentration and a Langmuir model is fitted to the data. Figure 8.5(b) presents the same data 

but it is fitted with the Freundlich model. These figures show that sulfate concentration of 1 and 

10 mM had a negligible effect on removal of Se(IV) on FeS. Table 8.3 shows the model 

parameters that were obtained by nonlinear least square regression. The goodness of fit 

parameters (GFP) shows that the Langmuir model provides the better fit than does the 

Freundlich model. The BET model was not fitted to this data, because there was no indication in 

the data that BET-like behavior was occurring.   
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Figure 8.5 Effect of sulfate on solid-phase concentration of Se(IV) on FeS with (a) the 
Langmuir and (b) Freundlich models (lines) fitted to data (symbols). 
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Table 8.3 Summary of model parameters for Se(IV) removal as affected by sulfate. 
SO4

2- 

(mM) 

Langmuir Freundlich 

b (L/mol) 
qmax 

(µmol/g) 
SSR GFP 

Kf 

(µmol1-1/n·L1/n/g) 
n SSR GFP 

0 0.046±0.058 1555±198 2.8±105 0.16 588±162 7.19±2.16 5.1±105 0.17 

1 0.024±0.014 1541±114 8.1±104 0.09 432±157 5.68±1.73 1.0±105 0.11 

10 0.031±0.026 1498±173 1.8±105 0.13 495±147 6.43±1.87 9.0±105 0.19 

 

 Figure 8.6 shows that there is little effect of sulfate on the amount of Se(VI) removed, 

although there is some indication that the higher level of sulfate resulted in increased Se(VI) 

removal when the concentrations of Se(VI) in solution were at intermediate levels. 
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Figure 8.6 Effect of sulfate on solid-phase concentration of Se(VI) on FeS. 
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8.3.2 Stability of Selenium-Contacted Mackinawite 

8.3.2.1 XPS Investigation of Pure Mackinawite 

 Surface characterization by XPS was conducted for mackinawite in suspensions with a 

range of pH (pH 4, 8, 10) before contact with selenium(IV, VI). Table 8.4 summarizes the fitting 

parameters of the Fe 2p3/2, S 2p, and O 1s spectra that were obtained. Figures 8.7, 8.8 and 8.9 

show the Fe 2p3/2, S 2p, and O 1s XPS spectra, respectively, of pure mackinawite at pH 4, 8, and 

10. Figure 8.7 shows that Fe 2p3/2 spectra for all pH samples had a long left tail, which indicates 

the presence of additional species beyond Fe(II)-S, such as Fe(II)-O, Fe(III)-S, and Fe(III)-O. 

The presence of Fe(II)-O could be the result of surface hydroxylation (228). The presence of 

some Fe(III)-O species could originate from oxidation of Fe(II) by exposure to air during sample 

transfer prior to XPS analysis. Figure 8.8 shows the S 2 p spectra, which indicates the existence 

of polysulfides in addition to sulfide and there is no substantial difference in their intensities. The 

O 1s spectra (Figure 8.9) shows an increase in intensity of the peak associated with H2O and a 

decrease in the intensity of the peak associated with OH- as pH increases. This is probably the 

result of dissociation of H2O that is observed at lower pH. A similar pattern was seen for the 

peak associated with O2-, which also decreased with increasing pH. Although this peak is 

associated with the structural oxygen of Fe(III)-oxyhydroxides, there is no substantial change 

observed in the intensities of Fe(III)-O peak in the Fe 2p XPS spectra. 
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Table 8.4. Binding energies (BE), full width at half maximum 
(FWHM), and area percentage for peaks in the Fe 2p3/2, S 2p, and O 
1s XPS spectra of mackinawite before contact with selenium at 
various pH (4, 8, 10).  
Samples BE 

(eV) 
FHWM 
(eV) 

Area 
(%) 

Chemical states 

Fe 2p3/2     
pH 4 706.1 0.69 12.5 Fe(II)-S 

706.8 0.82 21.3 Fe(II)-S 
707.6 0.96 20.6 Fe(II)-O 

 708.5 0.94 10.4 Fe(III)-S 
 709.5 1.16 16.3 Fe(III)-S 
 711.0 1.77 18.9 Fe(III)-O 
     
pH 8 706.0 0.46 9.07 Fe(II)-S 
 706.4 0.52 13.8 Fe(II)-S 
 706.9 0.72 18.7 Fe(II)-S 
 707.7 1.02 19.8 Fe(II)-O 
 708.9 1.29 15.0 Fe(III)-S 
 710.1 1.71 15.2 Fe(III)-O 
 711.9 2.44 8.23 Fe(III)-O 
     
pH 10 705.9 0.67 13.2 Fe(II)-S 
 706.5 0.86 20.6 Fe(II)-S 
 707.4 1.16 22.4 Fe(II)-O 
 708.6 1.28 15.2 Fe(III)-S 
 709.7 1.30 13.1 Fe(III)-S 
 710.8 1.51 10.9 Fe(III)-O 
 712.4 1.66 4.62 Fe(III)-O 
S 2p     
pH 4 161.2 0.72 25.4 S2- 
 161.7 0.63 22.8 S2- 
 162.2 0.49 12.9 S2- 
 162.6 0.51 12.1 Sn

2- 
 163.2 1.26 26.8 Sn

2- 
     
pH 8 161.4 0.63 18.1 S2- 
 162.1 0.85 42.6 S2- 
 163.1 1.19 39.3 Sn

2- 
     
pH 10 160.9 0.53 17.7 S2- 
 161.4 0.53 19.9 S2- 
 161.9 0.64 23.2 S2- 
 162.5 0.79 20.8 Sn

2- 
 163.1 1.14 18.4 Sn

2- 
O 1s     
pH 4 529.5 1.03 25.7 O2- 
 530.9 1.51 48.6 OH- 
 532.1 1.57 25.7 H2O 
     
pH 8 529.6 0.94 21.9 O2- 
 531.1 1.46 47.1 OH- 
 532.2 1.75 31.0 H2O 
     
pH 10 529.3 0.86 19.5 O2- 
 530.4 1.11 27.8 OH- 
 531.3 1.48 52.7 H2O 
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Figure 8.7 High resolution Fe 2p3/2 XPS spectra for mackinawite (1 g/L) before contact with 
selenium at various pH (4, 8, 10). 
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Figure 8.8 High resolution S 2p XPS spectra of mackinawite (1 g/L) before contact with 
selenium at various pH (4, 8, 10).  
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Figure 8.9 High resolution O 1s XPS spectra of mackinawite (1 g/L) before contact with 
selenium at various pH (4, 8, 10). 
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8.3.2.2 Se(IV)-Contacted FeS 

 Figure 8.10 shows results of experiments on the stability of Se(IV)-contacted FeS over 

a range of pH. The pH was initially adjusted to near pH 10 and then lowered in a series of steps. 

Nearly complete removal was observed for all pH values below about pH 9. As pH was raised, 

there was no release of Se(IV), even near pH 10. Retention of Se(IV) after pH was raised to near 

pH 10 indicates that stronger bonds between Se(IV) and mackinawite were formed at the lower 

pH. However, it is also possible that the time of the experiments resulted in formation of stronger 

bonds, rather than the effects of lower pH.  
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Figure 8.10 Effect of pH on removal of Se(IV) (16.6 µM) by FeS (1 g/L) as pH was 
decreased from pH 10 and subsequently was increased. 
  

 The possible mechanisms of surface reactions between Se(IV) and FeS were elucidated 

using XPS analysis on the samples of FeS before contact with selenium and after contact at pH 

10(i) and pH 4(a.a.t). When selenium sorbs to a surface that does not contain iron, the width and 
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intensity of the selenium peak in the Se 3d spectra depends on the extent of sorption and the 

redox state of selenium. However, when selenium sorbs to a surface that contains iron, the Se 3d 

spectra can be affected by interference caused by the Fe 3d spectra. For the pH 4(a.a.t) sample 

shown in Figure 8.11, the center of the Se 3d peak was located at a higher bonding energy than 

the pH 10(i) sample, which is evidence that the pH 4(a.a.t) sample was more reduced. Such a shift 

was shown in Section 7, where the Se 3d peak of Se(IV)-contacted mackinawite was located at 

higher bonding energy after undergoing reduction. Thus, reduction of Se(IV) is more likely to 

have occurred on the pH 4(a.a.t) sample than on the pH 10(i) sample. 
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Figure 8.11 High resolution Se 3d XPS spectra for FeS before and after contact with Se(IV) 
(16.6 µM) at pH 10(i) and pH 4(a.a.t). 
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Figure 8.12 shows the Fe 2p3/2 spectra for samples collected at pH 10(i) and pH 4(a.a.t). 

The increase in the intensity of the Fe(III)-O peak at pH 4(a.a.t) compared to pH 10(i) is evidence 

that more iron is oxidized at pH 4, which is consistent with increased Se(IV) reduction at the 

lower pH. As shown in Figure 8.13, oxidation of surface S species was observed in samples at 

both pH, as indicated by the occurrence of elemental sulfur (So), which suggests that both Fe and 

S can reduce Se(IV). However, this peak is much larger in the pH 4(a.a.t) sample, suggesting that 

more reduction of Se(IV) occurred at lower pH. Therefore, at low pH, the surface-bound Fe and 

S can act effectively as sorbents/reactants, resulting in reduction of Se(IV) to electron-rich 

chemical forms that could subsequently react with the surface of mackinawite to form strong 

bonds between reduced species of Se(IV) and the surface, or surface precipitates such as FeSe or 

FeSe2. This hypothesis is indirectly supported by the observation that surface Se(IV) was not 

released to solution at any pH, after the sample was adjusted to pH 4 (Figure 8.10).           
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Figure 8.12 High resolution Fe 2p3/2 XPS spectra for FeS reacted with Se(IV) (15.2 µM) at 
(a) pH 10(i) and (b) pH 4(a.a.t).  
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Figure 8.13 High resolution S 2p XPS spectra for FeS reacted with Se(IV) (15.2 µM) at (a) 
pH 10(i) and (b) pH 4(a.a.t).  
 

8.3.2.3 Se(VI)-Contacted FeS 

 Figure 8.14 shows results of experiments on the stability of Se(VI)-contacted FeS. For 

these experiments, pH was initially adjusted to near pH 4, raised in a series of steps, and then 

decreased in a series of steps to near pH 4. Removal of Se(VI) decreased as pH increased with a 

minimum near pH 6. Removals increased above pH 6 with nearly complete removal observed 
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near pH 8 and above. No Se(VI) was released when pH was decreased. This indicates that strong 

bonds were formed by reaction between selenium and the FeS, possibly including redox 

reactions. Such reactions were observed in mixtures of Se(VI) and pyrite (Section 6). Both Se(IV) 

and Se(VI) are stable after contact with FeS when pH is optimal and sufficient time is allowed 

for surface reactions.   
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Figure 8.14 Effect of pH on removal of Se(VI) (16.6 µM) by FeS (1 g/L) as pH was 
increased from near pH 4 and subsequently was decreased. 
 

 Figure 8.15 shows the Se 3d XPS spectra for FeS before and after contact with Se(VI). 

The pH 10(a.b.t) sample shows shift of the main peak to higher binding energy, compared to FeS 

that had not contacted Se(VI). This indicates that Se(VI) was reduced to forms such as Se(IV), 

Se(0), Se(-I), or Se(-II) by reaction with the FeS surface. These more reduced species may be 

more tightly bound to the surface or may form insoluble solid phases distinct from FeS. Such 

transformations would explain the behavior observed in the stability experiments. Unlike the pH 

10(a.b.t) sample, the Se 3d spectra of pH 4(i) and 6(a.b.t) samples looks similar to that of pure FeS, 
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which indicates that there was negligible reduction of Se(VI). This behavior is in contrast to 

what was observed for mixtures of Se(IV) and FeS at pH 4(i), although comparable high 

removals are observed.  
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Figure 8.15 High resolution Se 3d XPS spectra for FeS before and after contact with Se(VI) 
(16.6 µM) at pH 4(i), 6(a.b.t), and 10(a.b.t). 
  

 Figure 8.16 shows that a little more oxidation of the surface Fe species was observed in 

pH 10(a.b.t) samples than other pH samples, presumably associated with reduction of Se(VI). In 

accordance with results of Fe 2p3/2 spectra, the surface S species at pH 10(a.b.t) underwent more 

oxidation, with increased intensity of polysulfides species (Figure 8.17). Therefore, Se(VI) 

reduction occurs mostly at pH 10(a.b.t) and is coupled with the oxidation of the surface Fe and S 

species.     
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Figure 8.16 High resolution Fe 2p3/2 XPS spectra for FeS reacted with Se(VI) (15.2 µM) at 
(a) pH 4(i) and (b) pH 6(a.b.t) and (c) pH 10(a.b.t) as pH increased for sorption.  
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Figure 8.17 High resolution S 2p XPS spectra for FeS reacted with Se(VI) (15.2 µM) at (a) 
pH 4(i) and (b) pH 6(a.b.t) and (c) pH 10(a.b.t) as pH increased for sorption.  
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9. SORPTION OF ARSENIC(III) AND ARSENIC(V) TO SYNTHETIC PYRITE 

(FeS2) AND MACKINAWITE (FeS): SPECTROSCOPIC INVESTIGATIONS 

XPS analysis of pyrite after contact with arsenic(III,V) showed evidence of reduction of 

arsenic accompanied by oxidation of surface Fe and S. Various oxidation states of arsenic (i.e., 

As(V), As(III), As(II), As(I) for As(III)-contacted pyrite, As(III) and As(V) for As(V)-contacted 

pyrite) were observed in the As 3d5/2 spectra for pyrite reacted with As(III, V), which indicates 

reaction of As(III) and As(V) on the pyrite surface. Simultaneously, the surface Fe and S species 

were oxidized over contact time, but the extent of oxidation of surface Fe were larger than 

surface S. The O 1s spectra for pyrite after contact with As(III) and As(V) indicated that there 

were no important changes in O 1s peaks, but a new peak with a longer tail at higher binding 

energies near 540 eV was observed only for As(III)-contacted pyrite. Similarly to pyrite, 

mackinawite contacted with As(III) and As(V) showed evidence of reduction of arsenic in the As 

3d5/2 spectra.  Various oxidation states such as As(V), As(III), As(II), As(I) were observed for 

As(III)-contacted mackinawite , but only As(V) and As(III) were observed for As(V)-contacted 

mackinawite. This reduction reaction resulted in oxidation of the surface Fe and S species. The O 

1s spectra of mackinawite reacted with As(III) and As(V) showed the relationship between the 

H2O peak and the OH- peak, where the peak for OH- increased by dissociation of H2O over time.  

9.1 Introduction 

  Arsenic concentrations in drinking water have been regulated for protection of public 

health in the U.S. since 1942. The standard of 50 μg/L was the maximum contaminant level 

(MCL) for total arsenic in drinking water for over 50 years. Epidemiological evidence of arsenic 

carcinogenicity was taken as evidence that this standard might not be sufficiently protective of 

human health. The cancer risk from arsenic in drinking water at the 50-μg/L level is estimated to 
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be 200 times the acceptable level of 10-4 specified by EPA (15). Therefore, EPA promulgated a 

new health-based enforceable MCL of 10 μg/L and a non-enforceable maximum contaminant 

level goal (MCLG) of 0.0 μg/L (16). However, this standard might also need to be revised by 

regulatory agencies, because significant biological effects of As at less than the current EPA 

MCL of 10 ppb on the innate immune system has recently been observed in a mouse model of 

exposure (17). It has also been suggested that those who have a weakened immune system can 

be easily infected by the H1N1 flu that has recently been found in Mexico (18).   

 The two primary oxidation states of arsenic that are of importance in natural waters are 

the +V oxidation state (arsenate or arsenic acid) and the +III oxidation state (arsenite or 

arsenious acid) (19, 20). Arsenic acid has pKa values at 2.20, 6.97 and 11.53 while arsenous acid 

has pKa values of 9.22, 12.13, and 13.40. Therefore, at pH 7, As(V) will exist primarily as 

negatively charged species and As(III) will exist primarily as an uncharged specie. Under 

oxidizing conditions, arsenate is predicted to be the stable form, while under reducing conditions, 

arsenite becomes the stable form. At pH 7, H3AsO3 and HAsO4
2- will have equal activities at pe 

= 0.22 (equilibrium data from Vink (1996)) (21). Co-precipitation and sorption methods have 

been widely used to remove arsenic from water. For instance, arsenic readily precipitates as a 

sulfide (22) or co-precipitates with metal sulfides (19). The available thermodynamic data 

indicate that the presence of sulfide should result in the effective precipitation and removal of 

arsenic. Kim et al. (2000) reported that both As(V) and As(III) are quickly converted to insoluble 

arsenic sulfide precipitate when sulfides are present (23). Packed beds of ferrous sulfide and the 

addition of hydrogen sulfide or sodium sulfide have been used in removal processes (24, 25). 

Blakey (1984) investigated the behavior and attenuation of arsenical waste co-disposed with 

domestic solid wastes (26). Results of this study indicated that under strongly reducing 

conditions in the presence of hydrogen sulfide, the iron present in the solution precipitates as 
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iron sulfide. The arsenic present is either co-precipitated with iron sulfide or is reduced to the 

arsenic sulfide directly, particularly at about pH 7. Attenuation of arsenic by a factor of 10 was 

obtained. However, under mildly reducing conditions, where hydrogen sulfide is absent, the 

presence of soluble ferrous iron had little effect on the mobility of the more toxic reduced As(III) 

ion.  

 One of the least soluble arsenic solids is arsenopyrite (FeAsS). This is the primary 

mineral form of arsenic and it is believed to have been formed geologically under conditions of 

high temperature and pressure (30). However, arsenopyrite has also been reported to be formed 

in natural sediments and water treatment sludges under less extreme conditions (31-33). 

Vlassopoulos et al. (1999) reported that arsenic was immobilized in a tidal marsh groundwater 

by coprecipitation with iron sulfide and formation of arsenopyrite (31). Rittle (1995) reported 

formation of arsenopyrite from As(III) in sediment microorganisms in which sulfide was formed 

by microbial sulfate reduction (32). Heinrich and Eadington (1986) describe a pathway for 

formation of arsenopyrite at low temperatures by reaction of As(III) and Fe(II) with Sn2+ (33). 

Even if formation of arsenopyrite is difficult, it may be possible to form arsenian pyrite 

(Fe(S,As)2) (30), which may approach the low solubility of arsenopyrite.    

 An attractive sorption method for arsenic is to apply iron sulfides (i.e., pyrite (FeS2) and 

mackinawite (FeS)) as reactants/adsorbents. Recent research has demonstrated that pyrite can 

adsorb arsenic and produce new solid phases such as arsenian pyrite (Fe(S,As)2) and 

arsenopyrite (FeAsS) (30, 39, 40, 260). Zouboulis et al. (1993) observed that arsenic (As(III,V)) 

can be successfully adsorbed to pyrite and that optimal pH ranges for arsenic removal were 7-10 

for As(III) and 3-9 for As(V) (34). Equilibrium was observed to occur within 10 minutes. 

Farquhar et al. (2002) evaluated As(III,V) sorption onto ground natural pyrite (size < 32 µm) and 

FeS (mackinawite) and investigated surface complex structures using As K-edge X-ray 
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absorption spectroscopy (XAS) (35). They observed that at low As(III,V) concentration, outer-

sphere surface complex structures were observed, whereas at high As(III,V) concentration, 

arsenic sulfide precipitates were formed. Bostick et al. (2004) investigated As(III) sorption to 

FeS and FeS2 in slightly sulfidic solution (39). Surface analysis by XANES showed that 

increased residence time led to the formation of both a bidentate arsenite complex and stable 

arsenic sulfide complexes such as arsenopyrite (FeAsS). They interpreted their results as the 

formation of an insoluble solid phase by surface reactions that continue to remove arsenic to 

lower levels. Therefore, the interaction of arsenic with iron sulfides may regulate arsenic solution 

concentration in reducing environments and should be considered an adsorption/reaction process, 

not solely an adsorption process.    

 The purpose of this study is to evaluate surface reactions between arsenic(III,V) and 

iron sulfides (pyrite and mackinawite) by identifying chemical states of As(III) and As(V) on the 

surface, as well as identifying the surface Fe and S species. These results can provide important 

information on mechanisms of arsenic removal by iron sulfides that can help attain the final goal 

of producing stabile final solid products that can be safely disposed to a landfill.  

9.2 Materials and Methods 

9.2.1 Materials 

 All reagents were prepared using reagent grade chemicals or better and synthetic water 

samples were prepared by dissolving chemicals into deionized/deoxygenated (DI/DO) water. In 

order to produce DI/DO water, nanopure water (resistance > 18.3 MΩ) was first acquired by a 

Barnstead Nanopure filter system and then purged with N2 gas (purity > 99.99 %) for at least 2 

hours in the laboratory. Finally, the purged water was equilibrated overnight with the gas (5% H2 

and 95% N2) in an anaerobic chamber. NaAsO2 (Sigma-Aldrich) and Na2HAsO4·7H2O (Sigma-

Aldrich) were used for As(III) and As(V) sorption experiments. Pyrite (FeS2) and mackinawite 
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(FeS) were used as adsorbent/reactants for arsenic removal and stabilization. Methods for 

synthesis of pyrite and mackinawite were described in Sections 5 and 7, respectively. All parts of 

the sorption/reaction experiments were conducted in an anaerobic chamber, except for solid 

surface analyses.    

9.2.2 Sorption/Reaction Experiments 

 All sorption/reaction experiments were performed using batch systems at ambient 

temperature in an anaerobic chamber. All reactor vessels (20 mL) contained 1 g/L of solid 

suspension and 3.3 mM As(III) or As(V) solution at pH 8. They were mixed using an end-over-

end rotary mixer until specified sampling time (1, 15, 30 day), when the sample was filtered 

using 0.02-µm anodisc membrane filter (Whatmann). In order to analyze the solid surface, the 

disc containing the wet solid sample was moved to a labeled petri-dish, which was dried and 

stored in an anaerobic chamber until XPS and SEM-EDS analyses.    

 9.2.3 Spectroscopic Analyses 

 The surfaces of solid samples contacted with As(III) and As(V) for various times were 

analyzed using spectroscopic techniques such as X-ray photoelectron spectroscopy (XPS) and 

scanning electron microscopy (SEM) with energy dispersive spectrometry (EDS). The XPS 

spectra for oxidation states of the surface Fe and S species and solid-phase As(III) or As(V) were 

obtained using a Kratos Axis Ultra Imaging X-ray photoelectron spectrometer with a 

monochromatized Al Kα (1253.6 eV) source operated at 200 W. Survey scans were recorded 

with pass energy of 80 eV, while high resolution spectra of Fe 2p, O 1s, S 2p, and As 3d levels 

used 20 eV. To calibrate charge effect, the spectra peak of C 1s at 284.5 ± 0.1 eV was used as 

reference. The high resolution spectra of Fe 2p, O 1s, S 2p, and As 3d were fitted using a 

program (XPSPEAK41) with Gaussian Lorentzian function through background-subtraction 
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corrections using a Shirley-type optimization. 

 The secondary SEM images and EDS analysis for solid samples were obtained using a 

JEOL JSM 6400 equipped with a PGT EDS system. The pretreatment method and analysis 

procedure were described in detail in Section 5.     

9.3 Results and Discussion 

9.3.1 Spectroscopic Investigation of As-Contacted Pyrite 

Figures 9.1 and 9.2 show the As 3d XPS spectra of pyrite after contact with As(III) and 

As(V), respectively. For As(III)-contacted pyrite, there are peaks for four different As oxidation 

states, including As(I)-O, As(II)-O, As(III)-O, and As(V)-O at biding energies of 43.6~43.9, 

44.0~44.3, 44.4~44.8, and 45.0~45.7 eV, respectively (Figure 9.1). The surprising observation is 

that species that are more reduced and more oxidized than As(III) are observed on the same 

samples. Peaks associated with more oxidized forms (As(V)-O) increased with increasing 

contact times. After contact with As(V), pyrite displayed peaks associated two different 

oxidation states of arsenic. Peaks associated with As(V)-O were observed at binding energy of 

44.1~44.9 and peaks associated with As(III)-O were observed at 45.2~46.6 eV. The peak 

associated with As(III) at day 30 was higher than at day 1 by a factor of 1.5, although there was a 

decrease in peak height at 15 day. These results suggest that As(V) was being reduced to As(III) 

during the 30-day period of reaction. Some evidence exists that may help identify some of 

surface species and surface reactions.  

There are conflicting results reported in the literature regarding sorption of As(III) or 

As(V) on pyrite. For instance, Farquhar et al. (2002) demonstrated with As K-edge EXAFS 

spectroscopy that the interaction of As(III) or As(V) with pyrite at pH 5.5-6.5 resulted in arsenic 

being coordinated to four oxygen atoms (As-O: 0.169-0.176 nm) in the first coordination shell, 

and coordinated with two sulfur (~0.31 nm) and three iron atoms (0.34-0.35 nm) in the second 
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shell. This suggests interactions via outer-sphere complexation, because the distances for the As-

S and As-Fe bonds are longer than for As-O (35). In contrast, Bostick et al. (2003) indentified 

other products of surface reaction between As(III) and pyrite at pH 4 (39). They used EXAFS to 

conclude that arsenopyrite (FeAsS) or a similar compound was present. This was based on 

measurements of As-Fe and As-S bond lengths of about 0.24 nm, which is similar to those found 

in arsenopyrite. They also reported that As-O bonds were not detected, which was taken to 

indicate that the arsenic compounds had oxidized the surface and had formed reduced arsenic 

compounds that did not contain oxygen. Since they had insufficient high-quality data to 

characterize the As-S and As-Fe features, the presence and identity of surface precipitates could 

not be determined (39). Table 9.1 summarizes the fitting parameters of As 3d5/2 XPS spectra for 

pyrites reacted with As(III) and As(V) at pH 8 as a function of reaction times.  

Table 9.1 Binding energies (BE), full width at half maximum 
(FWHM), and area percentage for peaks in the As 3d5/2 XPS spectra 
of pyrite contacted with As(III) and As(V) for various times.  
Sample Contact time 

(days) 
BE 
(eV) 

FHWM 
(eV) 

Area 
(%) 

Chemical states 

Pyrite+As(III) 1 43.6 0.52 8.3 As(I)-O 
 44.0 0.44 19.6 As(II)-O 
 44.4 0.46 25.8 As(III)-O 
  44.8 0.42 21.1 As(III)-O 
  45.2 0.44 16.7 As(V)-O 
  45.6 0.53 8.6 As(V)-O 
 15 43.6 0.49 9.6 As(I)-O 
 44.0 0.51 19.5 As(II)-O 
 44.5 0.57 26.9 As(III)-O 
  45.0 0.72 28.3 As(V)-O 
  45.7 0.95 15.6 As(V)-O 
 30 43.9 0.59 10.5 As(I)-O 
 44.3 0.47 19.4 As(II)-O 
 44.7 0.47 20.7 As(III)-O 
  45.1 0.67 34.1 As(V)-O 
  45.7 0.75 15.2 As(V)-O 
      
Pyrite+As(V) 1 44.7 1.09 19.0 As(III)-O 
 45.2 0.50 9.7 As(V)-O 
 45.9 0.91 39.5 As(V)-O 
  46.5 0.95 31.7 As(V)-O 
 15 44.5 1.03 16.7 As(III)-O 
  45.3 0.72 28.2 As(V)-O 
  46.0 0.98 55.1 As(V)-O 
 30 44.1 0.83 11.5 As(III)-O 
  44.9 0.67 17.4 As(III)-O 
  45.6 0.74 34.3 As(V)-O 
  46.1 0.63 23.8 As(V)-O 
  46.6 0.59 12.8 As(V)-O 
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Figure 9.1 High resolution As 3d5/2 XPS spectra of synthetic pyrite (1 g/L) reacted with 3.3 
mM As(III) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days.  
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Figure 9.2 High resolution As 3d5/2 XPS spectra of synthetic pyrite (1 g/L) reacted with 3.3 
mM As(V) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days.  
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  Figures 9.3 and 9.4 show the Fe 2p3/2 XPS spectra of pyrite after contact with As(III) 

and As(V), respectively. The spectra for synthetic pyrite before contact with As (Figure 6.7 in 

Section 6) shows three major peaks that are centered at 706.8, 708.3 and 710.4 eV and these 

peaks are assigned to Fe(II)-S, Fe(III)-S and Fe(III)-O, respectively. Since there is limited 

oxidation of pyrite before contact with arsenic, the Fe(II)-S peak is much higher than the others. 

However, after contact with As(III) and As(V) the spectra changes. Peaks associated with 

Fe(III)-S and Fe(III)-O increase in intensity and are found at higher bonding energy, which 

indicates that surface-bound iron species were oxidized. Therefore, it appears that the reduction 

of As(III) and As(V) is associated with the oxidation of Fe(II). Figures 9.5 and 9.6 show the S 2p 

XPS spectra of pyrite after contact with As(III) and As(V), respectively. Prior to contact with 

arsenic, the S 2p3/2 and S 2p1/2 spectra contained two main peaks, which were centered at 162.8 

and 164 eV with 1.2 eV energy separation (Figure 6.9 in Section 6). These peaks were assigned 

to S2
2- species, although a minor peak associated with SO4

2- was observed at higher binding 

energy. After contact with As(III), there were no important changes in the S 2p spectra. However, 

after contact with As(V), the spectra developed a long tail at binding energy near 169 eV. This 

indicated that a small amount of SO4
2- was present, which is evidence that sulfur on the surface 

may be oxidized in connection with reduction of As(V). 

 Analysis of the O 1s spectra can provide important information about the types of oxide 

phases that develop on pyrite surfaces after reaction with inorganic contaminants (261). In 

general, O 1s peaks associated with metal oxides and other components such as oxide, hydroxyl, 

and surface water are expected to have binding energies in the range from 529.5 to 533 eV (262).  

Figures 9.7 and 9.8 show the O 1s spectra for pyrite contacted with As(III) and As(V), 

respectively. There are no important changes in O 1s peaks before and after contact with As(III) 

or As(V). However, Figure 9.9 shows the O 1s spectra over a wider range of binding energy and 
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indicates that a new peak is being formed with a binding energy near 540 eV. This peak is 

observed only for As(III)-contacted pyrite. There are no peaks for oxygen in any other solids that 

have been reported at this binding energy, nor is it assigned to the main peak of another element 

(262). Knipe et al. (1995) said that the anomalous peak near 540 eV might be caused by 

adsorption of electrically isolated water clusters through hydrogen bonding (262). Bonnissel-

Gissinger et al. (1998) reported that extra peaks in the O 1s spectra were observed at 535 ± 0.1 

eV or 537.6 ± 0.1 eV as pyrite was oxidized by oxygen and formed islands of iron (hydr)oxides 

on the pyrite surface (263).  

  

Table 9.2 Binding energies (BE), full width at half maximum (FWHM), and area 
percentage for peaks in the Fe 2p3/2 XPS spectra of pyrite contacted with As(III) and 
As(V) for various times.  
Sample Contact time 

(days) 
BE 
(eV) 

FHWM 
(eV) 

Area 
(%) 

Chemical states 

Pyrite 0 706.8 0.86 72.4 Fe(II)-S 
708.3 1.66 14.2 Fe(III)-S 
710.4 2.09 13.4 Fe(III)-O 

      
Pyrite+As(III) 1 706.9 0.94 31.6 Fe(II)-S 

708.4 1.51 6.41 Fe(III)-S 
710.0 1.79 25.8 Fe(III)-O 

 711.2 1.90 28.9 Fe(III)-O 
 712.8 1.50 7.22 Fe(III)-O 

15 706.8 1.01 28.0 Fe(II)-S 
708.3 1.16 2.64 Fe(III)-S 
710.2 1.54 38.0 Fe(III)-O 

 711.3 1.05 17.7 Fe(III)-O 
 712.4 1.42 13.6 Fe(III)-O 

30 706.8 0.95 29.6 Fe(II)-S 
709.3 2.29 20.3 Fe(III)-S 
710.5 1.56 27.1 Fe(III)-O 

  711.6 1.44 13.7 Fe(III)-O 
  713.2 1.85 9.21 Fe(III)-O 
      
Pyrite+As(V) 1 706.8 0.95 53.6 Fe(II)-S 

708.3 1.45 10.6 Fe(III)-S 
709.9 1.69 21.1 Fe(III)-O 

 711.4 2.10 14.7 Fe(III)-O 
15 706.6 1.09 44.1 Fe(II)-S 

709.1 1.84 15.8 Fe(III)-S 
710.3 1.27 17.3 Fe(III)-O 

 711.4 1.71 16.5 Fe(III)-O 
 713.0 1.79 6.07 Fe(III)-O 

30 706.5 0.90 48.2 Fe(II)-S 
708.4 1.95 16.8 Fe(III)-S 
710.1 2.08 25.5 Fe(III)-O 

  712.3 2.74 9.41 Fe(III)-O 
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Table 9.3 Binding energies (BE), full width at half maximum (FWHM), and area 
percentage for peaks in the S 2p XPS spectra of pyrite contacted with As(III) and 
As(V) for various times. 
Sample Contact time 

(days) 
BE 
(eV) 

FHWM 
 (eV) 

Area 
(%) 

Chemical states 

Pyrite 0 162.8 0.87 64.7 S2
2- 

164.0 0.95 33.5 S2
2- 

      
Pyrite+As(III) 1 162.9 0.91 65.4 S2- 
  164.1 1.00 32.7 S2

2- 
  168.9 0.85 1.83 SO4

2- 
 15 162.7 0.91 55.3 S2- 
  163.9 1.25 40.0 S2

2- 
  169.0 1.76 4.59 SO4

2- 
 30 162.8 1.05 60.4 S2- 
  164.0 1.23 36.8 S2

2- 
  169.4 0.73 2.77 SO4

2- 
      
Pyrite+As(V) 1 162.8 0.91 42.1 S2

2- 
  

 
164.1 1.37 41.3 S2

2- 
169.1 1.80 16.6 SO4

2- 
15 

 
162.8 0.90 68.1 S2

2- 
164.0 0.95 31.9 S2

2- 
30 162.7 0.91 61.5 S2

2- 
163.9 1.09 34.7 S2

2- 
  169.1 1.25 3.75 SO4

2- 
 

Table 9.4 Binding energies (BE), full width at half maximum (FWHM), and area 
percentage for peaks in the O 1s XPS spectra of pyrite contacted with As(III) and 
As(V) for various times.  
Sample Contact time 

(days) 
BE 
(eV) 

FHWM 
(eV) 

Area 
(%) 

Chemical states 

Pyrite 0 530.0 1.01 25.5 O2- 
531.1 1.10 38.0 OH- 
531.8 1.17 36.4 H2O 

      
Pyrite+As(III) 1 530.0 0.75 23.7 O2- 
  530.6 0.81 39.8 OH- 
  531.3 1.05 36.4 H2O 
 15 530.0 0.92 26.3 O2- 
  530.9 0.99 36.7 OH- 
  531.7 1.29 36.8 H2O 
 30 529.9 0.86 32.4 O2- 
  

 
530.6 0.80 40.8 OH- 

 531.3 0.92 26.7 H2O 
     
Pyrite+As(V) 1 529.6 1.07 25.9 O2- 
  530.6 1.04 46.1 OH- 
  531.4 1.01 28.0 H2O 
 15 530.0 0.82 40.9 O2- 
  530.6 0.73 35.4 OH- 
  531.2 0.82 23.7 H2O 
 30 

 
529.8 0.84 23.2 O2- 

 530.6 0.89 36.3 OH- 
 531.5 1.16 40.4 H2O 
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Figure 9.3 High resolution Fe 2p3/2 XPS spectra for synthetic pyrite (1 g/L) reacted with 3.3 
mM As(III) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days. 
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Figure 9.4 High resolution Fe 2p3/2 XPS spectra for synthetic pyrite (1 g/L) reacted with 3.3 
mM As(V) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days. 
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Figure 9.5 High resolution S 2p XPS spectra for synthetic pyrite (1 g/L) reacted with 3.3 
mM As(III) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days. 
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Figure 9.6 High resolution S 2p XPS spectra for synthetic pyrite (1 g/L) reacted with 3.3 
mM As(V) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days. 
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Figure 9.7 High resolution O 1s XPS spectra for pyrite reacted with 3.3 mM As(III) at pH 8 
for various times: (a) 1 day, (b) 15 days, (c) 30 days. 
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Figure 9.8 High resolution O 1s XPS spectra for pyrite reacted with 3.3 mM As(V) at pH 8 
for various times: (a) 1 day, (b) 15 days, (c) 30 days. 
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Figure 9.9 The O 1s XPS spectra for pyrite reacted with As(III) (3.3 mM) at pH 8 and 
various reaction times (1, 15, 30 days).  
 

9.3.2 SEM-EDS Investigation for As-Contacted Pyrites 

 Figures 9.10 and 9.11 show the secondary SEM images and EDS results for pyrites 

contacted with arsenic for 1, 15, and 30 days. Pyrite showed a changed morphology after contact 

with As(III) for 15 days, where earthworm-like thin particles covered the pyrite surface (Figure 

9.10(b)). The changed morphology was kept in the 30-day sample (Figure 9.10(c)), but the 

changes were not as severe as in the 15-day sample. This suggests that surface reactions between 

As(III) and pyrite may change the morphology of pyrite. However, EDS analysis indicated that 

there were no substantial changes in elemental composition. For As(V)-contacted pyrites 

(Figures 9.11(a), 9.11(b), 9.11(c)), a bundle of thin particles were present after 1 day and sheet-

like thin plates developed on the pyrite surface at longer contact times. The occurrence of 

different particles may be also related to surface reactions between As(V) and the pyrite surface. 

EDS analysis indicated that there were no considerable changes in elemental composition of the 

surface.    



225 

 

  

keV

C
ou

nt
s

0

100

200

300

400

500

600

700

C

O
As

S

Au

Pd

Fe

Fe
Au As

(a) 1 day

(b) 15 days

keV

Co
un

ts

0

100

200

300

400

500

600

700

C

O As

S

Pd

Au

Fe

Fe Au As

(b) 15 days

keV

Co
un

ts

0

200

400

600

800

C

As

Au

S

Pd

Fe

Fe
Au As

(c) 30 days

 

 

Figure 9.10 Secondary SEM images and EDS analysis of pyrites after contact with As(III) 
(3.3 mM) as a function of reaction times: (a) 1 day, (b) 15 day, (c) 30 days.   
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Figure 9.11 Secondary SEM images and EDS analysis of pyrites after contact with As(V) 
(3.3mM) as a function of reaction times: (a) 1 day, (b) 15 day, (c) 30 days.   
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9.3.3 Spectroscopic Analyses of As-Contacted FeS 

 Figures 9.12 and 9.13 show the As 3d5/2 XPS spectra of mackinawite reacted with 

As(III) or As(V) for various times. For As(III)-contacted mackinawite (Figure 9.12), the As 3d5/2 

spectra include peaks associated with various oxidation states of arsenic such as As(I), As(II), 

As(III), and As(V). The relative peak areas for a reduced specie (As(II)) increased by a factor of 

1.7 in the 30-day sample compared to the 1-day sample, while the peaks associated with an 

oxidized specie (As(V)) increased by a factor of 2.4. The relative peak area for As(III) increased 

over the same time period by a factor of 2.8 (Table 9.5). These results indicate that As(III) was 

undergoing simultaneous oxidation and reduction reactions on the pyrite surface, but there was a 

trend to production of more reduced species over time.  

 For As(V)-contacted mackinawite, peaks associated with As(V) and As(III) are the 

major components of the As 3d5/2 spectra. As(V) sorbed on mackinawite represented 35.1 %, 

21.4 %, and 25.9% of surface arsenic after contact for 1, 15 and 30 days, respectively. However, 

the relative peak area for As(III) in the 15-day sample decreased somewhat compared to that for 

the 1-day sample, but increased again in the 30-day sample. This might be associated with 

chemical changes in the surface-bound Fe and S species. Consequently, the results discussed 

above suggest that there are surface reactions between As(III, V) and the mackinawite surface.  

  



228 

 

  

In
te

ns
ity

 (a
rb

itr
ar

y 
un

its
)

Binding Energy (eV)

404244464850

(a) 1 day
As 3d

(b) 15 days

(c) 30 days

As(I)-O

As(II)-O

As(III)-O
As(V)-O

As(II)-O

As(III)-O

As(V)-O

As(II)-O

As(III)-O

As(V)-O

 

Figure 9.12 High resolution As 3d5/2 XPS spectra of synthetic pyrite (1 g/L) reacted with 3.3 
mM As(III) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days.  
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Figure 9.13 High resolution As 3d5/2 XPS spectra of synthetic pyrite (1 g/L) reacted with 3.3 
mM As(V) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days.  
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Table 9.5 Binding energies (BE), full width at half maximum 
(FWHM), and area percentage for peaks in the As 3d5/2 XPS spectra 
of mackinawite contacted with As(III) and As(V) for various times.  
Sample Contact time 

(days) 
BE 
(eV) 

FHWM 
(eV) 

Area 
(%) 

Chemical states 

FeS+As(III) 1 43.6 0.52 19.1 As(I)-O 
 44.0 0.46 18.6 As(II)-O 
 44.5 0.46 18.5 As(III)-O 
  45.0 0.62 24.9 As(V)-O 
  45.7 0.53 13.0 As(V)-O 
      
 15 44.0 0.61 29.0 As(II)-O 
 44.3 0.48 18.4 As(III)-O 
 44.7 0.45 29.9 As(III)-O 
  45.1 0.17 16.2 As(V)-O 
  45.4 0.53 16.2 As(V)-O 
      
 30 44.0 0.92 32.4 As(II)-O 
 44.5 0.55 26.1 As(III)-O 
 44.9 0.53 26.1 As(III)-O 
  45.5 0.63 15.5 As(V)-O 
      
FeS+As(V) 1 44.8 0.89 35.1 As(III)-O 
 45.3 0.62 34.1 As(V)-O 
 45.8 0.52 18.5 As(V)-O 
  46.3 0.57 12.3 As(V)-O 
      
 15 44.6 0.55 21.4 As(III)-O 
 45.1 0.62 39.8 As(V)-O 
 45.7 0.49 24.5 As(V)-O 
  46.1 0.49 14.3 As(V)-O 
 
 30 44.6 0.63 25.9 As(III)-O 
 45.1 0.47 28.7 As(V)-O 
 45.5 0.33 18.2 As(V)-O 
  45.9 0.59 27.1 As(V)-O 

 

 Figure 9.14 shows the Fe 2p3/2 XPS spectra of mackinawite after contact with As(III) 

for various times. There are four major peaks for Fe(II)-S, Fe(II)-O, Fe(III)-S, Fe(III)-O at 

706.0~706.9, 707.1~707.8, 708.0~709.7, 709.8~713.3 eV, respectively. The relative peak area 

for Fe(III)-S and Fe(III)-O species increased with time, while the relative peak area related to 

Fe(II)-S and Fe(II)-O species decreased indicating the oxidation of iron surface sites. Also, 

Figure 9.15 shows the Fe 2p3/2 XPS spectra for As(V) contacted with mackinawite for various 

times. The spectra for As(V)-contacted mackinawite present four major peaks, which are similar 

to those observed for As(III)-contacted mackinawite. Longer contact times resulted in larger 

peaks for Fe(III)-S and Fe(III)-O. In particular, the Fe(III)-O peaks at 710.3~712.3 eV are 
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attributed to Fe(III) hydr(oxides) and the peak at 713.3 eV may be due to an Fe(III) multiplet 

structure (263). 

  Figure 9.16 shows the S 2p XPS spectra for mackinawite reacted with As(III) for 

various times. The major component of the S 2p spectra is located at ~161.9 eV and this peak is 

assigned to sulfide (S2-) in mackinawite. However, more components are required to fit the high 

energy tail, so polysulfides (Sn
2-) and elemental sulfur (So) are included as sulfur species. A peak 

for SO4
2- in the S 2p spectra is observed at 168.4 eV in samples that had reacted for 30 days. 

Figure 9.17 shows the S 2p XPS spectra for mackinawite reacted with As(V) for various times. 

For mackinawite reacted with As(V) for 1 and 15 days, the S 2p spectra are decomposed by four 

multiplets associated with S2- and singlet or doublet associated with Sn
2-. The spectra for 

mackinawite reacted for 30 days differs in that it includes peaks associated with elemental sulfur 

(So), which is needed to the fit the high energy tail. Therefore, the oxidations of surface Fe and S 

species are associated with reductions of As(III) and As(V). Tables 9.6 and 9.7 summarize 

binding energies (BE), peak full width at half maximum (FWHM), peak area percentage for Fe 

2p3/2 and S 2p photoelectron spectra of mackinawite contacted with As(III) and As(V) for various 

times. 
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Figure 9.14 High resolution Fe 2p3/2 XPS spectra of synthetic mackinawite (1 g/L) reacted 
with 3.3 mM As(III) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days. 
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Figure 9.15 High resolution Fe 2p3/2 XPS spectra of synthetic mackinawite (1 g/L) reacted 
with 3.3 mM As(V) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days. 
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Figure 9.16 High resolution S 2p XPS spectra of synthetic mackinawite (1 g/L) reacted with 
3.3 mM As(III) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days. 
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Figure 9.17 High resolution S 2p XPS spectra of synthetic mackinawite (1g/L) reacted with 
3.3 mM As(V) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days. 
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Table 9.6 Binding energies (BE), peak full width at half maximum (FWHM), 
peak area percentage for Fe 2p3/2 photoelectron spectra of mackinawite contacted 
with As(III) and As(V) for various times.  
Sample Time 

 

χ2 BE (eV) FHWM (eV) Area (%) Chemical states 
Mackinawite 0  0.49 706.0 0.46 9.07 Fe(II)-S 

706.4 0.52 13.8 Fe(II)-S 
706.9 0.72 18.7 Fe(II)-S 
707.7 1.02 19.8 Fe(II)-O 
708.9 1.29 15.0 Fe(III)-S 
710.1 1.71 15.2 Fe(III)-O 
711.9 2.44 8.23 Fe(III)-O 

       
Mackinawite+As(IIII) 1  0.63 706.2 1.43 14.3 Fe(II)-S 

707.1 1.07 16.9 Fe(II)-O 
707.8 0.72 10.8 Fe(II)-O 
708.4 0.67 12.8 Fe(III)-S 
709.2 1.03 17.7 Fe(III)-S 
710.2 1.36 13.9 Fe(III)-O 
711.7 2.08 13.3 Fe(III)-O 

15  0.56 706.6 1.63 9.9 Fe(II)-S 
707.5 1.05 14.1 Fe(II)-O 
708.4 1.06 14.6 Fe(III)-S 
709.1 1.28 13.2 Fe(III)-S 
709.8 1.53 11.1 Fe(III)-O 
710.5 2.12 15.3 Fe(III)-O 
712.6 4.35 21.6 Fe(III)-O 

30  0.75 706.6 1.11 8.8 Fe(II)-S 
707.3 0.78 12.3 Fe(II)-O 
708.0 0.84 17.4 Fe(III)-S 
708.6 0.81 9.8 Fe(III)-S 
709.1 0.98 14.0 Fe(III)-S 
709.8 1.45 17.7 Fe(III)-O 
711.0 2.82 19.9 Fe(III)-O 

       
Mackinawite+As(V) 1 0.72 706.3 0.98 7.6 Fe(II)-S 

707.9 1.22 24.3 Fe(III)-S 
708.4 0.44 5.6 Fe(III)-S 
709.0 0.69 16.8 Fe(III)-S 
709.6 0.78 18.4 Fe(III)-S 
710.4 0.93 15.6 Fe(III)-O 
711.1 1.07 11.8 Fe(III)-O 

15 1.03 708.4 1.19 26.4 Fe(III)-S 
709.0 0.41 6.03 Fe(III)-S 
709.6 0.74 17.5 Fe(III)-S 
710.3 0.87 20.6 Fe(III)-O 
711.0 0.84 18.2 Fe(III)-O 
711.7 0.62 6.5 Fe(III)-O 
712.3 0.58 4.8 Fe(III)-O 

30 0.47 708.0 1.41 6.83 Fe(III)-S 
708.8 1.45 28.6 Fe(III)-S 
709.7 1.52 20.3 Fe(III)-S 
710.3 1.22 17.2 Fe(III)-O 
711.1 1.03 13.7 Fe(III)-O 
712.2 0.93 6.9 Fe(III)-O 
713.3 1.61 6.4 Fe(III)-O 
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Table 9.7 Binding energies (BE), peak full width at half maximum (FWHM), peak 
area percentage for S 2p photoelectron spectra of mackinawite contacted with 
As(III) and As(V) for various times. 
Sample Contact time 

(days ) 

 

 

χ2 BE (eV) FHWM (eV) Area (%) Chemical states 

Mackinawite 0 0.46 161.4 0.63 18.1 S2- 
   162.1 0.85 42.6 S2- 
   163.1 1.19 39.3 Sn

2- 
       
Mackinawite+As(III) 1 0.78 161.3 0.54 27.7 S2- 

161.9 0.67 30.0 S2- 
162.6 0.65 22.7 S2- 
163.1 0.69 13.2 Sn

2- 
164.1 0.44 6.40 So 

15 0.64 161.2 0.43 9.20 S2- 
161.9 1.34 65.0 S2- 
162.7 0.26 5.80 S2- 
163.5 0.62 10.7 Sn

2- 
165.3 0.66 9.20 So 

30 0.47 161.5 0.89 36.9 S2- 
162.1 0.61 12.6 S2- 
162.7 0.20 5.70 S2- 
163.2 0.74 18.3 Sn

2- 
164.9 1.56 12.4 So 

 168.4 1.46 14.0 SO4
2- 

       
Mackinawite+As(V) 1 0.60 161.4 0.68 36.3 S2- 
 161.7 0.21 7.30 S2- 
 162.2 0.45 15.5 S2- 
 162.8 0.80 35.8 S2- 
 163.8 0.50 5.20 Sn

2- 
 15 0.74 161.3 0.67 37.9 S2- 
 162.0 0.63 25.6 S2- 
 162.4 0.28 10.6 S2- 
 163.0 0.52 16.5 Sn

2- 
 163.4 0.51 9.40 Sn

2- 
 30 0.87 161.5 1.30 31.9 S2- 
   161.9 0.37 7.90 S2- 
   162.4 0.74 19.9 S2- 
   163.0 0.96 32.7 Sn

2- 
   164.1 0.50 7.60 So 
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 Figures 9.18 and 9.19 display O 1s XPS spectra of mackinawite reacted with As(III) 

and As(V) for various times. All spectra were fitted to three peaks, associated with oxide oxygen 

(O2-), structural hydroxide (OH-), and attached water (H2O) at 529.5~529.8, 530.1~530.9, and 

531.1~531.9 eV, respectively. The O 1s spectra of mackinawite reacted with As(III) shows that 

the peaks for H2O decrease over time, while the OH- peak and O2- peak increase (Figure 9.18). 

The increase of the OH- peak over time may be due to dissociation of the adsorbed water and 

combination of protons (H+) produced by disassociation of H2O and O2- that was produced by 

reduction of O2 by mackinawite when O2 is present (229, 230). When the Fe(II) surface species 

are oxidized by O2 or As(III), the Fe(III) surface species that are formed can develop into Fe(III) 

oxyhydroxides that include both OH- and O2-. The growth of Fe(III)-oxyhydroxide surface 

species coincided with the increase of peaks for OH- and O2-. For mackinawite reacted with 

As(V), the O 1s XPS spectra indicate that the peak area for H2O increases somewhat from day 1 

to day 15, but decreases at 30 day by a factor of 6.6 compared to day 15. The peak for OH- 

increases gradually over time and the peak for O2- decreases from day 1 to day 15, but increases 

at 30 day back to a value (18.7 %) that is close to the value observed at day 1 (19.0 %). The O 1s 

spectra is consistent with the Fe 2p3/2 spectra of mackinawite with As(V) (Figure 9.15), in that 

both indicate the reduction of As(V) to As(III) by the surface Fe(II) sites that results in the 

formation of Fe(III) hydroxide surface species that include both OH- and O2-. 
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Figure 9.18 High resolution O 1s XPS spectra for pyrite reacted with 3.3 mM As(III) at pH 
8 for various times: (a) 1 day, (b) 15 days, (c) 30 days. 
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Figure 9.19 High resolution O 1s XPS spectra for pyrite reacted with 3.3 mM As(V) at pH 
8 for various times: (a) 1 day, (b) 15 days, (c) 30 days. 
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Table 9.8 Binding energies (BE), peak fill width at half maximum (FWHM), peak 
area percentage for O 1s photoelectron spectra of mackinawite contacted with 
As(III) and As(V) over contact time. 
Sample Contact time  

 

BE (eV) FHWM (eV) Area (%) Chemical states 
Mackinawite 0 529.6 0.94 21.9 O2- 
  531.1 1.46 47.1 OH- 
  532.2 1.75 31.0 H2O 
      
Mackinawite+As(III) 1 529.8 0.85 30.6 O2- 
  530.5 0.88 34.3 OH- 
  531.3 1.17 35.1 H2O 
 15 529.8 0.97 35.6 O2- 
  530.5 0.74 34.9 OH- 
  531.1 0.79 29.5 H2O 
 30 529.8 1.15 45.7 O2- 
  530.7 0.88 40.4 OH- 
  531.4 0.71 13.8 H2O 
      
Mackinawite+As(V) 1 529.5 0.99 19.0 O2- 
  530.2 0.85 35.4 OH- 
  530.7 0.80 30.8 OH- 
  531.5 0.99 14.8 H2O 
 15 529.5 0.68 11.4 O2- 
  530.1 0.65 31.2 OH- 
  530.6 0.78 38.1 OH- 
  531.4 1.14 19.2 H2O 
 30 529.5 0.98 18.7 O2- 
  530.3 0.93 50.8 OH- 
  530.9 0.97 26.7 OH- 
  531.9 0.86 3.90 H2O 
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10. SORPTION OF ARSENIC(III) AND ARSENIC(V) TO PYRITE (FeS2): 

KINETICS, EXTENT OF REMOVAL, STABILITY 

Experiments on arsenic removal by pyrite showed that removal of As(V) from solution 

was faster than removal of As(III). This indicates that As(III) and As(V) are interacting 

differently with the pyrite surface. The extent of removal of both As(III) and As(V) were more 

accurately described by the Langmuir adsorption model than the Freundlich adsorption model. 

This supports the hypothesis that all surface sites on pyrite have similar affinities for arsenic 

species and that there is a maximum removal capacity. Removal of As(III) was observed to 

increase as pH increased across the range investigated (pH 7 – pH 10). However, an optimum pH 

in the range between pH 8 and pH 9 was observed for removal of As(V). Sulfate had little effect 

on removal of As(III) or As(V) at the concentrations investigated (0, 1, 10 mM). There were 

small decreases in the amount of arsenic removed at the highest concentration of sulfate and the 

effect was more apparent with As(V) than with As(III). Stability tests for mixtures of As(III) and 

pyrite showed low removal at low pH, increasing removal as pH was increased and moderate 

stability, i.e. moderate levels of release as pH was decreased, but the concentrations did not 

return to levels observed initially in the experiment. Stability of mixtures of As(V) and pyrite 

showed similar behavior except low removals were observed initially at high pH, removals 

increased as pH decreased and moderate to high levels of stability were observed as pH was 

raised back to the initial values.  

10.1 Introduction 

 The most common adsorbent for removing arsenic from water is iron oxy-hydroxide. 

However, when it is disposed to an anoxic landfill, ferric iron can be reduced to ferrous iron, 

thereby destroying the solid phase that had been retaining the arsenic compounds, which results 
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in their release to solution. In addition, ripening of iron oxy-hydroxide solids from high surface 

area amorphous solid phases to lower surface area crystalline phases could also result in 

releasing arsenic because arsenic removal is via surface adsorption and not by formation of 

precipitated arsenic-containing solid phase (43). Furthermore, As(V) can be reduced to As(III), 

which is less strongly bound to the remaining iron hydroxide sites. Since these residuals are not 

always stable, some type of treatment should be developed before disposal. Barnett (1992) 

reported that the behavior of arsenic in engineered systems such as landfills and water 

distribution systems is probably influenced by many factors operative in natural systems (46). 

Conceptually, the mobility of arsenic below a landfill would be controlled by the redox condition 

of the groundwater in a manner analogous to natural waters (44). Arsenic would be expected to 

be immobile in the oxic zone because of adsorption onto ferric (oxy)hydroxides. However, it 

could become mobile upon the onset of moderately reducing conditions which would result in 

reductive dissolution of ferric oxy-hydroxides. It could become immobile again, if more strongly 

reducing conditions developed and sulfide solid phases were generated. In laboratory leaching 

tests with concentrated arsenic wastes (concentrations from <1 to 121 g/wet kg), arsenic was 

most mobile at neutral pH under mildly reducing conditions and least mobile under neutral pH 

and strongly reducing conditions, possibly the result of sulfide precipitation (26).  

 Thus, the solubility and mobility of arsenic is significantly increased under reducing 

conditions found in landfills. White and Sevee (1999) reported that landfills in southern New 

Hampshire contribute to the mobilization of arsenic by generating soluble total organic carbon, 

which creates and sustains the reductive dissolution mechanism responsible for the release of 

arsenic to the groundwater (47). Welch (1999) indicated that synthetic organic compounds can 

lead to reductive dissolution of iron oxide and arsenic release (48). Laboratory experiments by 

Ahmann (1997) showed that significant arsenic mobilization from contaminated sediments by 
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microbial arsenic reduction (45). Moore et al. (1998) reported that total interstitial arsenic in 

sediments increased from less than 20 mg/kg of soil in the oxidized zone to > 550 mg/kg in the 

reduced zone, indicative of the dissolution of iron and manganese (oxy)hydroxides (49).   

 An attractive treatment method for arsenic removal is to apply pyrites (FeS2) as a 

reactant/adsorbent. Zouboulis et al. (1993) investigated the application of pyrite as a sorbent for 

arsenic (34). The pyrite that was used was a byproduct/solid waste from an industrial process and 

had a median diameter of 11 µM and a specific surface area of 4.7 m2/g. Removal of As(V) was 

optimal at pH 3-9, while removal of As(III) was optimal at pH 7-10. Equilibrium was observed 

to occur within 10 minutes. Using the data presented in that paper, linear partition coefficients 

can be calculated that are in the range between 100 – 200 L/kg. Farquhar et al. (2002) 

investigated sorption of arsenic onto ground natural pyrite (size < 32 µm) and FeS (mackinawite) 

(35). The data presented could be used to calculate linear sorption coefficients of 32 and 41 L/kg 

for As(III) and As(V), respectively, on pyrite and 1340 and 420 L/kg for As(III) and As(V), 

respectively, on FeS. Differences in partition coefficients between Farquhar et al. (2002) and 

Zouboulis et al. (1993) could be due to differences in pyrite size (34). Others have reported 

successful removal of arsenic by adsorption/reaction with FeS (36, 37). Pyrite (FeS2) is a 

naturally occurring mineral that often contains impurities such as arsenic(38). The fact that these 

minerals have existed for geologic time periods attests to their stability.  

 The objectives of this study are 1) to investigate the surface reactions between 

As(III)/As(V) and pyrite as a function of contact time and 2) to determine the stability of 

As(III)/As(V)-contacted pyrites as pH is changed. This motivated by need to better understand 

arsenic immobilization in order to prevent its release to the environment under reducing 

conditions. Thus, this study can be expected to contribute to the design of stabilization processes 

for residuals from treatment systems that remove arsenic from water.  
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10.2 Materials and Method 

10.2.1 Sorption/Reaction Experiments 

 Kinetic experiments for removal of As(III) or As(V) were performed at pH 8 in 20-mL 

reaction vessels. To start a kinetic test, the pyrite slurry and arsenic stock solution were added to 

the reaction vessels to reach concentrations of 1 g/L pyrite and 13.3 μM As. Acid (0.5 M HCl)  

or base (0.5 M NaOH) were added to adjust the pH. The reaction vessels were mixed by an end-

over-end rotary mixer until specified sampling time (10, 30, 60, 120, 180, 240, 420, 660, 1000, 

1440 minutes). Approximately ten milliliters of suspension were sampled and filtered using 0.02-

μm anodisc membrane filters. All samples were stored until AAS analysis in an anaerobic 

chamber, in order to avoid arsenic oxidation and pH change.  

 Removal tests at pH 7, 8, 9, and 10 were conducted to evaluate the ability of pyrite to 

remove As(III) and As(V). A suspension of pyrite was mixed with a sufficient amount of 2000-

mg/L arsenic stock solution to provide the desired initial arsenic concentration and a pyrite 

concentration of 1 g/L. The desired pH was adjusted using 0.5 M HCl or 0.5 M NaOH. The 

procedures of mixing and filtration followed the methods used in the kinetic experiments. 

Experiments to determine the effect of sulfate on arsenic removal were conducted similarly at 

pH 8 and at three sulfate concentrations (0, 1, 10 mM). In order to describe nonlinear removal 

patterns, two adsorption models (Langmuir and Freundlich) were applied to the experimental 

data. The Langmuir model, is shown in Equation 11.1. 

 maxq bCq =
1 + bC

 (10.1) 

where q is the concentration of arsenic on the solid (μmol/g), qmax is maximum concentration of 

arsenic on the solid (i.e., maximum sorption capacity, μmol/g), b is the Langmuir parameter 

(L/μmol). The Freundlich model is shown in Equation 10.2. 
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 1/n
fq = k C  (10.2) 

where kf (μmol1-1/n·L1/n/g) and n are parameters in the Freundlich model. Coefficients in the 

Langmuir and Freundlich equations were determined by non-linear least-squares regression 

using MATLAB® with its embedded function “nlinfit”  

10.2.2 Stability of As-Contacted Pyrites 

 To investigate the stability of As(III) and As(V) sorbed on pyrite, the experimental 

method described by Bostick and Fendorf (2003) was followed (39). This method measures the 

effect of pH on stability of solid-phase As(III) and As(V) by decreasing and increasing pH with 1 

or 2 M solutions of HCl or NaOH. A 1-g/L pyrite suspension was adjusted to about pH 4 for 

As(III) and to about pH 10 for As(V). Then, the target compound (As(III) or As(V)) was added 

to achieve an arsenic concentration of 15.2 μM in the aqueous phase. Then, pH was adjusted to 

series of different values and the system was allowed to react for 30 minutes at each pH before 

sampling. Samples will be identified with the following nomenclature to simplify the discussion. 

For As(III), “pH 4(i)” will stand for the initial sample at pH 4 and the sample at pH 10 after base 

titration pH will be named the “pH 10(a.b.t)” sample. For As(V), the initial sample at pH 10 and 

the sample at pH 4 after acid titration will be named “pH 10(i)” and “pH 4(a.a.t)”. The sample at pH 

7 after base titration that had previously been in contact with a solution at pH 4 will be named 

“pH 7(a.b.t)”. While being sampling, the suspensions were filtered using 0.02-μm anodisc 

membrane filters. This procedure was repeated until the pH reached the highest or lowest point 

desired. The filtered samples were stored before AAS analysis in an anaerobic chamber to 

prevent any change in the oxidation state of arsenic. The chamber contained an atmosphere of 5% 

H2 and 95% N2.  
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10.2.3 Measurements 

 The technique for arsenic analysis was based on Standard Method 3114C, which is a 

continuous hydride generation/atomic absorption spectrometer (HGAAS) method (264). It was 

modified to be conducted with a model Solar M6 atomic absorption spectrometer with model 

V90 continuous hydride generator manufactured by Thermo Elemental. It was also modified to 

speciate arsenic between As(III) and total arsenic (As(III) + As(V)) based on the relative 

reactivities of As(III) and As(V) with borohydride at different pH (191). At low pH, both As(III) 

and As(V) can be reduced by sodium borohydride to arsine gas. However, at moderate pH, only 

As(III) is reduced. Therefore, As(III) was measured by mixing a sample flow of 7 mL/min with 

an equal flow of phosphate buffer (0.2 M NaH2HPO4) and a 3.5 mL/min flow of sodium 

borohydride. The arsine gas was removed from the solution by purging with a 250 mL/min flow 

of argon and it was transferred to the flame AA where its concentration was determined by 

comparison with standard responses. Total arsenic was determined by a similar procedure, but 

the buffer flow was replaced with a flow of strong acid (5 M HCl). The concentration of As(V) 

was determined as the difference between the total arsenic concentration and the As(III) 

concentration.  

10.3 Results and Discussion 

10.3.1 Kinetics 

 Figure 10.1 shows the results of kinetic experiments on removal of As(III) and As(V) 

by pyrite at pH 8. The rates of As(III) and As(V) uptake were different with As(V) being nearly 

completely removed within 30 minutes, while 95 % of As(III) was removed after 180 minutes. 

However, after 600 minutes, As(III) was nearly completely removed. In order to evaluate kinetic 

effects (how rapidly q increased) separately from equilibrium effects (how high q would become 
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after a sufficiently long time), a general kinetic model for sorption was used. Equation 10.3 

combines the rate equation for this model with the material balance for a batch reactor.  

 ( )max
dq =k q - q
dt

 (10.3) 

where q (μmol/g) is the amount sorbed, t (min) is time, qmax is the maximum value of q that 

would occur if a sufficiently long react time were allowed, and k (min-1) is the rate constant for 

sorption. However, true chemical equilibrium was not achieved during these experiments, 

because surface reactions between target contaminants and the pyrite surface were probably 

continuing to occur throughout the removal experiments. Equation 10.3 can be modified to 

describe experimental data in which two different removal process appear to occur at different 

rates. Equations 10.4 and 10.5 describe the biphasic model that was introduced in Section 3.   

 ,max( )f
f f f

dq
k q q

dt
= −  (10.4) 

 ,max( )s
s s s

dq k q q
dt

= −  (10.5) 

where qf, qs, kf, ks, qf,max, qs,max are concentrations of adsorbate on the solid, removal rate 

coefficients, maximum concentration on the solid for fast-reacting sites and for slow-reacting 

sites, respectively. All coefficients were obtained by nonlinear regression using MATLAB® with 

its embedded functions “nlinfit and ode23s”. The structure of models with fast and slow 

processes that are described by similar equations and coefficients would make it difficult for a 

normal regression routine to determine both sets of coefficients at the same time. Therefore, a 

sequential approach was used in which coefficients for the “slow” process were obtained and 

then they were used in another regression to determine values for “fast” coefficients. This 

process continued until a satisfactory fit was obtained.    

 Table 10.1 shows the parameters of the kinetic model for As(III) and As(V) sorption on 
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pyrite at pH 8 that were obtained by nonlinear regression. The kinetic model provides good fits 

to experimental data as shown by the low values of the goodness of fit parameter (GFP). The 

sorption rate constants (kf) for fast-reacting sites were higher for As(III) than for As(V), but they 

have very large confidence limits, which are often larger than the value of parameter. This is 

caused by the fact that there are few data points during the early stages of the reaction, where the 

fast-reacting sites would be filled, so it is very difficult to determine the exact value of the 

coefficients. The rate constant (ks) for slow-reacting sites for As(III) was lower than for As(V) by 

a factor of 13.5. This difference is due to differences in rates of reaction with the surface.   
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Figure 10.1 Removal of As(III) and As(V) by pyrite as a function of time at pH 8. Initial 
concentrations of As(III) and As(V) were 13.6 and 20.9 µM, respectively. 

  



250 

 

  

Table 10.1 Calculated parameters of the sorption kinetic model for As(III) 
and As(V) uptake by pyrite at pH 8. 

Arsenic 

species 

Parameters 

kf (min-1) ks (min-1) qf (μmol/g) qs(μmol/g) *GFP 

As(III) 145 ± 80.4 0.02 ± 0.03 6.0 ± 1.7 7.4 ± 2.2 0.05 

As(V) 120 ± 461 0.27 ± 7.9 18 ± 5.7 2.9 ± 5.5 0.03 

* Goodness of fit parameter (GFP) = 
/( 2)SSR n

q
−

where SSR is sum of squared residual, n is the number 

of data points, q is average value of the concentration of As on pyrite  

 

10.3.2 Nonlinear Removal Patterns 

10.3.2.1 Effect of pH 

 Figures 10.2 and 10.3 show the results of experiments using pyrite at four different pH 

values to remove As(III) or As(V), respectively. The symbols represent the measured data and 

the lines represent the Langmuir (Figures 10.2(a) and 10.3(a)) and Freundlich (Figures 10.2(b) 

and 10.3(b)) models fitted to the data. Tables 10.2 and 10.3 show the parameters of the Langmuir 

and Freundlich models obtained by non-linear regression. This procedure chooses parameters to 

minimize the goodness of fit parameters (GFP) and this parameter can be used to compare how 

well each model fits the data. The Langmuir model generally provided the best fit to the data for 

As(III) removal, as indicated by it having the lowest GFP for three out of four data sets (Table 

10.2). Maximum sorption capacities (qmax) and Langmuir parameters (b) generally increased with 

higher pH. This result was in good agreement with those reported by Bostick et al. (39). The 

Langmuir model was generally better able to fit the data for As(V) removal, with a lower GFP 

for three of the four data sets (Table 10.3). The maximum adsorption capacity (qmax) tended 

toward a maximum around pH 8 to pH 9. There was no evidence of a relationship like a BET 

model, which would indicate the existence of surface reactions such as surface precipitation. 

However, these experiments were conducted with only 24 hours of contact time. If longer 

contact time were allowed, BET-like behavior might occur.  
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Figure 10.2 Measured concentrations of As(III) on pyrite (symbols) as function of 
concentration in water with (a) Langmuir and (b) Freundlich models (lines) fitted to data 
at various pH.   
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Figure 10.3 Measured concentrations of As(V) on pyrite (symbols) as function of 
concentration in water with Langmuir model (lines) fitted to data at various pH.   
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Table 10.2 As(III) adsorption model parameters. 

pH 
Langmuir Freundlich 

b 
(L/µmol) 

qmax 
(µmol/g) GFP Kf 

(µmol1-1/n·L1/n/g) n GFP 

7 0.24 ± 0.22 107 ± 13.7 0.17 36.3 ± 12.0 5.2 ± 1.6 0.16 
8 0.059 ± 0.026 133 ± 9.9 0.09 32.9 ± 17.1 4.4 ± 1.7 0.19 
9 0.046 ± 0.026 153 ± 17.3 0.13 31.8 ± 12.5 3.9 ± 1.1 0.15 

10 0.084 ± 0.056 268 ± 27.4 0.12 68.5 ± 35.4 4.3 ± 1.8 0.22 

  

Table 10.3 As(V) adsorption model parameters. 

pH 
Langmuir Freundlich 

b 
(L/µmol) 

qmax 
(µmol/g) GFP Kf 

(µmol1-1/n·L1/n/g) n GFP 

7 0.12 ± 0.11 149 ± 22.5 0.21 47.4 ± 10.6 5.0 ± 1.0 0.11 
8 0.20 ± 0.14 168 ± 17.7 0.14 63.6 ± 19.1 5.9 ± 1.9 0.16 
9 0.16 ± 0.07 172 ± 14.1 0.11 55.6 ± 16.3 5.0 ± 1.4 0.15 

10 0.29 ± 0.11 120 ± 6.56 0.07 48.5 ± 20.2 6.3 ± 3.1 0.21 
 

10.3.2.2 Effect of Sulfate Concentration 

 Figures 10.4 and 10.5 show results of experiments to determine the effect of a 

competing ion (sulfate) on removal by pyrite of As(III) or As(V) , respectively. Tables 10.4 and 

10.5 present values of model parameters fitted to the data. The Langmuir model provided a much 

better fit to experimental data than the Freundlich model as shown by lower values of GFP for all 

data sets. Sulfate at 1 mM concentration had a negligible effect on removal of As(III) or As(V) 

by pyrite and it had a small effect at 10 mM with the effect being more apparent with As(V) than 

with As(III). 

Table 10.4 As(III) adsorption model parameters as affected by sulfate. 
SO4

2- 
(mM) 

Langmuir Freundlich 
b 

(L/µmol) 
qmax 

(µmol/g) GFP Kf 
(µmol1-1/n·L1/n/g) n GFP 

0 0.059±0.026 133±9.9 0.09 32.9±17.1 4.4±1.7 0.19 
1 0.067±0.022 133±9.3 0.08 26.9±12.4 3.6±1.1 0.18 

10 0.038±0.014 129±9.2 0.07 24.9±14.3 3.6±1.4 0.15 

 

Table 10.5 As(V) adsorption model parameters as affected by sulfate. 
SO4

2- 
(mM) 

Langmuir Freundlich 
b 

(L/µmol) 
qmax 

(µmol/g) GFP Kf 
(µmol1-1/n·L1/n/g) n GFP 

0 0.20±0.14 168±17.7 0.14 63.6±19.1 5.9±1.9 0.16 
1 0.19±0.13 160±15.7 0.13 61.3±17.2 6.1±1.9 0.16 

10 0.30±0.12 146±6.20 0.06 48.8±20.4 5.3±2.0 0.15 
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Figure 10.4 Measured concentrations of As(III) on pyrite (symbols) as function of 
concentarion in water in water with (a) Langmuir and (b) Freundlich models (lines) fitted 
to data at various concentrations of sulfate.  
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Figure 10.5 Measured concentration of As(V) on pyrite (symbols) as function of 
concentration inwater with (a) Langmuir and (b) Freundlich models (lines) fitted to data at 
various concentrations of sulfate. 
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10.3.3 Stability of As-Contacted Pyrites 

10.3.3.1 As(III)-Contacted Pyrite 

 Figure 10.6 shows that as pH is raised from pH 4, sorption of As(III) increases with a 

steep sorption edge in the pH range between 6 and 8. At high pH, nearly 100% removal of As(III) 

is achieved, while at acidic pH values (pH 4 – pH 6) only 20% removal is observed. Hysteresis 

was observed, which indicates that strong bonds are formed between As(III) and the pyrite 

surface at high pH that are not easily broken when pH is reduced. Therefore, stabilization of 

As(III) sorbed on pyrite could be expected at high pH. These results are well in agreement with 

those studied by Bostick et al. (2003) (39).   
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Figure 10.6 Effect of pH on removal of As(III) (15.2 µM) by pyrite (1 g/L) as pH was 
increased from pH 4 to pH 10 and subsequently was decreased. 
 

 Figure 10.7 shows SEM images of pyrites reacted with As(III) at initial pH 4 (pH 4(i)) 

and pH 10 after base titration (pH 10(a.b.t)). As compared to pyrite after synthesis, particles of 

pyrite at pH 4 are relatively intact, but at pH 10 large parts of the particles appear to be broken, 
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possibly due to oxidative dissolution that can occur at basic pH. However, the EDS results 

indicate that there are little differences in elemental composition.   
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Figure 10.7 Secondary SEM images and EDS results for pyrite after contact with 15.2 µM 
As(III) at (a) pH 4(i) and (b) pH 10(a.b.t).  
 

 Oxidation states of As(III) on pyrite as well as the surface Fe and S species were 

evaluated by a XPS study. Figure 10.8 shows the As 3d XPS spectra of pH 4(i) and pH 10(a.b.t). 

The initial As(III) concentration (15.2 µM) was low, so the XPS spectra included only small 

peaks associated with As(III) near 44.4 eV for both pH samples. Peaks associated with Fe 

species also appear in Figure 10.8 near 52~55 eV and they are much higher than the peaks 

associated with As due to the much larger concentration of Fe on the surface compared to As.   
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There is no significant change in Fe 2p3/2 (Figure 10.9) and S 2p spectra (Figure 10.10), 

compared to pure pyrite contacted at same pH (Section 6). Samples before and after contact with 

As(III) showed more oxidation at pH 10 than at pH 4. However, results of experiments to 

measure stability (Figure 10.6), indicated that strong bonds between As(III) and the pyrite 

surface could be expected to form at high pH. However, there is no clear evidence of the surface 

reactions leading to formation of surface precipitates. As shown in Figure 10.11, the peaks for 

H2O and O2- in the O 1s XPS spectra increased as pH increased from 4 and 10, while the relative 

OH- peak decreased. Table 10.6 summarizes all fitting parameters of the Fe 2p, S 2p, O 1s 

spectra for pH 4(i) and pH 10(a.b.t). The data presented includes binding energy (eV), full width at 

half maximum (FWHM), and relative area (%) for various peaks. 
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Figure 10.8 High resolution As 3d XPS spectra for pyrite after contact with As(III) (15.2 
µM) at (a) pH 4(i) and (b) pH 10(a.b.t). 
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Figure 10.9 High resolution Fe 2p3/2 XPS spectra for pyrite after contact with As(III) (15.2 
µM) at (a) pH 4(i) and (b) pH 10(a.b.t). 



260 

 

  

In
te

ns
ity

 (a
rb

itr
ar

y 
un

its
)

Binding Energy (eV)

158160162164166168170172174

(a) pH 4(i)

 (b) pH 10(a.b.t)

S 2pS2
2-

SO4
2-

S2
2-

SO4
2-

 

Figure 10.10 High resolution S 2p XPS spectra for pyrite after contact with As(III) (15.2 
µM) at (a) pH 4(i) and (b) pH 10(a.b.t). 
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Figure 10.11 High resolution O 1s XPS spectra for pyrite after contact with As(III) (15.2 
µM) at (a) pH 4(i) and (b) pH 10(a.b.t).  
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Table 10.6 Binding energies (BE), full width at half maximum 
(FWHM), and area percentage for peaks in the Fe 2p3/2, S 2p, and O 
1s XPS spectra of pyrite after contact with As(III) (15.2 µM) at pH 4(i) 
and pH 10(a.b.t).   
Samples BE 

(eV) 
FHWM 
(eV) 

Area 
(%) 

Chemical states 

Fe 2p3/2     
pH 4(i) 706.5 0.91 74.4 Fe(II)-S 

707.9 1.53 11.1 Fe(II)-O 
710.0 2.16 14.5 Fe(III)-S 

pH 10(a.b.t) 706.4 0.89 17.9 Fe(II)-S 
 709.3 1.05 20.5 Fe(III)-S 
 710.1 1.01 20.7 Fe(III)-O 
 710.9 1.28 24.9 Fe(III)-O 
 712.1 1.60 15.9 Fe(III)-O 
S 2p     
pH 4(i) 162.6 0.98 68.9 S2

2- 
 163.8 0.94 31.1 S2

2- 
pH 10(a.b.t) 162.4 0.96 50.2 S2

2- 
 163.6 1.12 30.6 S2

2- 
 168.8 1.54 19.1 SO4

2- 
O 1s     
pH 4(i) 529.8 1.23 23.3 O2- 
 530.9 1.19 45.3 OH- 
 531.7 1.19 31.4 H2O 
pH 10(a.b.t) 529.3 0.87 30.9 O2- 
 530.3 1.05 27.7 OH- 
 531.3 1.27 41.4 H2O 

 

10.3.3.2 As(V)-Contacted Pyrite 

 In order to investigate the stability of As(V) sorbed on pyrite, a 1-g/L suspension of 

pyrite containing 15.2 µM As(V) was adjusted to approximately pH 10 and then the pH was 

adjusted down and then back up. Results of arsenic analyses at each step of the experiment are 

shown in Figure 10.12. Near pH 10, removal of As(V) was the lowest observed (30%), but as pH 

decreased, removals gradually increased. However, a small decrease in removal was observed 

near pH 4. The trends of the As(V) removal curves were similar to those observed for As(V) on 

iron (hydr)oxides or pyrite (34, 217). As pH increased to near pH 10, some As(V) was released, 

but the amount retained on the pyrite was much greater than the amount removed initially at pH 

10. The hysteresis in these curves indicates that strong bonds are formed between As(V) and the 

pyrite surface at lower pH and that they are not easily reversed when pH is raised. The formation 

of these strong bond is responsible for the stability of As(V)-contacted pyrite.  
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Figure 10.12 Effect of pH on removal of As(V) (15.2 µM) by pyrite (1 g/L) as pH was 
decreased from pH 10 and subsequently was increased. 
 

 To determine more detailed information on surface reaction mechanisms, XPS and 

SEM-EDS analyses were performed. Figure 10.13 shows SEM images of pyrites reacted with 

As(V) at pH 10 (pH 10(i)), at pH 4 (pH 4(a.a.t)) after pH was decreased from pH 10, and at pH 7 

(pH 7(a.b.t)) after pH had been decreased to pH 4 and then raised to pH 7. Changes in the pyrite 

surface on the pH 10(i) sample were observed. Irregularly shaped particles of pyrite were 

observed, presumably due to oxidative dissolution at high pH. However, the pH 4(a.a.t) sample had 

particles that were typically shaped, in spite of the fact that the sample was initially at pH 10. 

This might be caused by low pH that dissolved irregularly shaped particles. A similar 

observation was made for pyrites reacted with Se(IV) at pH 10 and 4 (Section 6). As pH was 

raised back to basic pH, however, the pH 7(a.b.t) sample begins to present the fractured pyrite. The 

EDS analysis did not show any difference in elemental composition for As(V)-contacted pyrites 

at pH 10, 4, and 7.   
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Figure 10.13 Secondary images of SEM and EDS analysis for pyrite after contact with 
As(V) (15.2 µM) at (a) pH 10(i) (b) pH 4(a.a.t), and (c) pH 7(a.b.t). 
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To evaluate oxidation states of As(V) on pH 10(i), pH 4(a.a.t), and pH 7(a.b.t) samples, the As 

3d XPS spectra were obtained as shown in Figure 10.14. The peaks for As(V) were not obtained 

clearly due to insufficient concentrations of As(V), so that the identification of different 

oxidation states of As species is difficult. However, the As 3d peaks for the pH 4(a.a.t) sample as 

pH decreased and pH 7(a.b.t) sample as pH increased show peaks over a broad range of binding 

energies between 42 and 45 eV (Figure 10.14, expanded view). This is indicative of the presence 

of reduced As(V) species such as As(III), As(II), and As(I). In addition, the Fe 2p3/2 (Figure 10.15) 

and the S 2p spectra (Figure 10.16) for As(V)-contacted pyrite ware similar to those for As(III)-

contacted pyrite, although the amounts of As sorbed on pyrite at pH 10 and 4 are different. As 

pH was raised back to pH 7, both the Fe 2p spectra and S 2p spectra display oxidation of the 

surface Fe and S species as indicated by increasing peaks associated with Fe(III)-S, Fe(III)-O, 

Sn
2-, So, and SO4

2-. However, pyrite at pH 8 that was not contacted with arsenic did not present 

substantial oxidation of the surface Fe and S species (Section 6). This fact suggests that 

oxidation of surface Fe and S species on pyrite at pH 7 is associated with surface reactions 

between As(V) and the pyrite surface. These reactions could be associated with additional 

removals of As(V) at pH 7 (Figure 10.12). Figure 10.17 indicates that as pH decreased from pH 

10 to pH 4, the peaks associated with H2O and O2- decreased, while the peaks associated with 

OH- increased, presumably due to dissociation of H2O on the surface and combination of protons 

(H+) with and O2- that is produced by reduction of O2 by pyrite.    

  



266 

 

  

 

 

Binding Energy (eV)

3040506070

In
te

ns
ity

 (c
ou

nt
s)

0

100

200

300

400

500

pH 10(i) sample
pH 4(a.a.t) sample
pH 7(a.b.t) sample

343638404244464850
40

60

80

100

120

140

As(V)
45.0 eV

As 3d

 
 
 
Figure 10.14 High resolution As 3d XPS spectra for pyrite after contact with As(V) (15.2 
µM) at (a) pH 10(i), (b) pH 4(a.a.t), and (c) pH 7(a.b.t). Expanded view shows XPS spectra at 
binding energy between 36 and 48 eV. 
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Figure 10.15 High resolution Fe 2p3/2 XPS spectra for pyrite after contact with As(V) (15.2 
µM) at (a) pH 10(i), (b) pH 4(a.a.t), and (c) pH 10(a.b.t).  
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Figure 10.16 High resolution S 2p XPS spectra for pyrite after contact with As(V) (15.2 
µM) at (a) pH 10(i), (b) pH 4(a.a.t), and (c) pH 7(a.b.t).  
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Figure 10.17 High resolution O 1s XPS spectra for pyrite after contact with As(V) (15.2 
µM) at (a) pH 10(i), (b) pH 4(a.a.t), and (c) pH 7(a.b.t).   
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Table 10.7 Binding energies (BE), full width at half maximum 
(FWHM), and area percentage for peaks in the Fe 2p3/2, S 2p, and O 
1s XPS spectra of pyrite after contact with As(V) (15.2 µM) at (a) pH 
10(i), pH 4(a.c.t), and pH 7(a.b.t).  
Samples BE 

(eV) 
FHWM 
(eV) 

Area 
(%) 

Chemical states 

Fe 2p3/2     
pH 10(i) 706.4 1.55 30.3 Fe(II)-S 

708.4 0.62 4.2 Fe(III)-S 
709.2 0.19 2.7 Fe(III)-S 

 710.0 1.04 23.8 Fe(III)-O 
 711.1 1.47 32.1 Fe(III)-O 
 712.7 0.89 6.8 Fe(III)-O 
pH 4(a.a.t) 706.4 0.87 63.3 Fe(II)-S 
 707.6 1.47 14.1 Fe(II)-O 
 710.1 2.78 22.5 Fe(III)-O 
pH 7(a.b.t) 706.1 0.85 22.7 Fe(II)-S 
 706.7 1.03 14.6 Fe(II)-S 
 708.1 1.31 21.4 Fe(III)-S 
 709.9 1.59 20.0 Fe(III)-S 
 711.2 1.61 13.0 Fe(III)-O 
 712.6 1.54 8.2 Fe(III)-O 
S 2p     
pH 10(i) 162.6 1.57 50.7 S2- 
 163.9 1.12 17.5 S2- 
 165.6 0.43 3.14 So 
 169.1 3.23 28.7 SO4

2- 
pH 4(a.a.t) 162.5 0.96 69.5 S2- 
 163.7 0.91 30.5 S2- 
pH 7(a.b.t) 162.2 0.97 33.9 S2- 
 163.3 1.05 27.3 S2- 
 164.1 1.05 21.6 Sn

2- 
 165.3 1.17 9.14 So 
 168.8 1.96 7.98 SO4

2- 
O 1s     
pH 10(i) 529.5 0.92 30.4 O2- 
 530.4 1.03 28.1 OH- 
 531.5 1.32 41.5 H2O 
pH 4(a.a.t) 529.5 1.19 25.2 O2- 
 530.6 1.20 34.8 OH- 
 531.5 1.39 40.0 H2O 
pH 7(a.b.t) 529.3 0.95 12.6 O2- 
 530.4 1.03 14.9 OH- 
 531.2 1.17 33.8 H2O 
 532.4 1.65 28.6 H2O 
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11. SORPTION OF ARSENIC(III) AND ARSENIC(V) TO MACKINAWITE (FeS): 

KINETICS, EXTENT OF REMOVAL, STABILITY 

Removals of As(III) and As(V) by FeS were fast with half lives that were less than 10 

minutes. This indicates that removals of As(III) and As(V) on FeS are probably limited by 

external transport of the soluble compound to the surface of the solid. Removal of As(V) was 

faster than that of As(III), with nearly complete removal observed at the first sampling time (10 

minutes). The effect of pH on the extent of removal of As(III) by FeS was moderate with highest 

removals occurring at intermediate pH (pH 8, pH 9). Sulfate inhibited removal of As(III), but 

there was little difference between the effect of 1 mM and 10 mM sulfate, except at the highest 

concentrations of As(III). There was a strong effect of pH on removal of As(V), with greater 

removals observed at lower pH. Sulfate reduced removal of As(V) at higher concentrations of 

As(V), but showed a smaller effect at lower concentrations. Stability tests with As(III) and FeS 

showed low removal at high pH, increasing removal as pH was decreased, and nearly complete 

stability (no contaminant release) as pH was raised back to initial values. Similar behavior was 

observed for mixtures of As(V) and FeS, but the levels of stability were moderate to high. 

Surface analysis of mixtures of arsenic and FeS showed some evidence of change in redox state, 

which indicates that the high levels of stability are due to formation of strong bonds by redox 

reactions.   

11.1 Introduction 

 Efficient water management at thermo-electric power plants is becoming increasingly 

important in the U.S. Electric power production is a major user of water in the U.S., accounting 

for almost 40 % of fresh water withdrawals in 2000 (1). Increases in projected demands for 

electrical power will tend to increase water use in the future. Much of the projected increase in 
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demand is expected in areas that are already facing water shortages, so the problem will be 

additionally difficult to solve. One important area for improved water management at power 

plants is that of wastewaters from ash and scrubber ponds. These waters can be contaminated 

with toxic compounds such as arsenic, selenium and mercury as well as high concentrations of 

calcium and sulfate and must be treated before discharge (3). A variety of techniques can be 

applied to removing arsenic from ash and scrubber pond waters. Probably the most commonly 

applied treatment method is adsorption onto iron oxy-hydroxides (5, 6), which is sometimes 

called coprecipitation. However, the presence of high concentrations of sulfate observed in 

scrubber waters would substantially reduce removals by adsorption. 

 A major source of arsenic-contaminated wastes will be residuals from treatment 

processes that use iron oxy-hydroxides. Robins (1992) questioned the long term stability of the 

(oxy)hydroxide-arsenic solid material (43). He has demonstrated that arsenic removal is via 

adsorption and not by formation of a precipitated arsenic-containing solid phase. Therefore, 

ripening of the (oxy)hydroxide solids after disposal could result in reduced surface area that 

would cause arsenic to be released. Arsenic could also be released under moderately reducing 

environments where Fe(III) in the (oxy)hydroxides could be reduced to soluble Fe(II), dissolving 

the solid phase and releasing the sorbed arsenic. Moderately reducing conditions are found in 

most landfills due to high concentrations of dissolved organic carbon and bacteria, which often 

results in reduction of As(V) and release of As(III), which is less strongly bound (26, 44, 45).  

 Although adsorption can be reasonably used to describe the mechanism of arsenic 

removal from solution, it does not completely describe the interaction of arsenic with iron sulfide 

and disulfides. Bostick et al. (2004) have shown that substantial arsenic removal occurs in the 

first 30 minutes after contact with FeS and FeS2, but that soluble arsenic concentrations continue 

to decrease for as long as 100 hours (39). This is much longer than would be needed for 
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equilibration with the surface of a non-porous solid phase if adsorption were the only reaction 

occurring. They interpret the slow removal as the result of surface reactions that form a series of 

more insoluble solid phases that continue to remove arsenic to lower levels. Surface analysis by 

XANES showed that the initial solid phase was similar to arsenopyrite, which is a very insoluble 

solid phase and a major form of arsenic in nature (39). Therefore, the interaction of arsenic with 

iron sulfide and disulfide should be considered to be an adsorption/reaction process, not solely 

an adsorption process. Wolthers et al. (2005) exhibited that As(III) sorption to disordered 

mackinawite is explained by a Freundlich isotherm and is not strongly pH-dependent (40). A X-

ray absorption spectroscopy (XAS) study showed that both As(III) and As(V) form outer-sphere 

complexes at the surface of mackinawite (40). This result is in accordance with those reported by 

Farquhar et al. (2002) and indicates that both As(III) and As(V) at pH 5.5-6.5 coordinate to four 

oxygen atoms (As-O: 1.69-1.76 Å) in the first coordination shell, and that they coordinate with 

two sulfur (~3.1 Å) and three iron atoms (3.4-3.5 Å) in the second shell. This suggests 

interactions via outer-sphere complexation, because the distances for the As-S and As-Fe bonds 

are longer than that for As-O. (35). However, this result was obtained under experimental 

conditions of low arsenic concentration and pH in the range 5.5 – 6.5 and when pH was lowered 

to pH 4.0, arsenic was coprecipitated with mackinawite. The formation of precipitates is affected 

by arsenic concentration as well as pH. For example, a poorly crystalline arsenic sulfide (As2S3) 

was formed at high As(III) and As(V) concentrations and low pH (35). A similar result was 

obtained when pyrite reacted with arsenic at acidic pH and As2S3 and As4S4-like precipitates 

were observed to form (41). Gallegos et al. (2008) studied the removal of As(III) using nano-

particulate mackinawite with the help of surface analysis techniques, including XAS and XRD 

(42). They found that sorption mechanisms of As(III) are very different under different solution 

conditions, such as initial As(III) concentration or pH. For instance, when mackinawite was 



274 

 

  

reacted with 5 × 10-4 M As(III) at basic pH (5, 7, 9), a realgar-like solid phase was indentified 

and showed that As(III) was being reduced. This identification was made by XRD and XAS, 

which indicated arsenic coordination environments in which arsenic was bound to sulfur (As-S: 

~2.26 Å) and to arsenic (As-As: ~2.54 Å). At lower As(III) concentration (5 × 10-5 M), the 

realgar-like solid phase was observed below pH 5, while only adsorption of As(III) without the 

occurrence of reduction-mediated precipitation was observed at basic pH. Therefore, it was 

demonstrated that whether As(III) sorbed to mackinawite or precipitated via surface reactions is 

strongly affected by environmental conditions. This could be the reason why discrepant results 

are frequently reported in the literature, even when conditions are similar.  

 The purposes of this study are to investigate the effect of various conditions (time, pH, 

competing ion (sulfate)) on removal of arsenic by mackinawite, and to evaluate the stability of 

mixtures of mackinawite and arsenic as affected by pH change. By doing so, the optimum 

condition and sorption mechanism are determined to provide crucial information on safe disposal 

of arsenic-treated solid wastes in landfill. 

11.2 Materials and Methods 

11.2.1 Sorption/Reaction Experiments 

 Kinetic experiments on removal of As(III) or As(V) were performed by using 1g/L 

suspensions of FeS at pH 8 in 20-mL reaction vessels. To start a kinetic test, FeS slurry and 

arsenic stock solution were added to the reaction vessels to reach concentrations of 1 g/L of 

solids and 13.3 μM As. Acid (0.5 M HCl) or base (0.5 M NaOH) were added to adjust the pH. 

The reaction vessels were mixed on a shaker at 2000 rpm until specified sampling time. Samples 

of approximately 10 mL were taken and filtered using 0.2-μm membrane filters after 10, 30, 60, 

120, 180, 240, 420, 660, 1000, 1440 minutes of reaction. All samples were stored in an anaerobic 

chamber to avoid arsenic oxidation until analysis by hydride generation atomic absorption 
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spectrometry (HGAAS). Removal tests at pH 7, 8, 9, and 10 were conducted to evaluate the 

ability of FeS to remove As(III) and As(V). A suspension of FeS was mixed with a sufficient 

amount of 2000 mg/L arsenic stock solution to provide the desired initial arsenic concentration 

and a FeS concentration of 1 g/L. The desired pH was adjusted using 0.5 M HCl or 0.5 M NaOH. 

The reaction vessels were mixed at 200 rpm on rotary shaker for 24 hours. All samples were 

filtered using 0.2-μm membrane filters and were stored in an anaerobic chamber until analysis by 

HGAAS. Experiments to determine the effect of sulfate on arsenic removal were conducted 

similarly at pH 8 and at three sulfate concentrations (0, 1, 10 mM). Coefficients in the Langmuir, 

Freundlich, and BET models were determined by non-linear least-squares regression using 

MATLAB® with its embedded function “nlinfit”  

11.2.2 Stability of As-Contacted FeS 

 A series of experiments to measure the effect of pH on removal of As(III) and As(V) by 

FeS were conducted using a similar procedure as was used for pyrite suspensions. Suspensions 

containing 1 g/L of FeS were adjusted to initially to achieve a pH of about pH 10, before adding 

As(III) or As(V) to create an arsenic concentration of 15.2 μM. Then pH was reduced by 

addition of 1 or 2 M HCl to achieve a set of desired pH values and then 1.0 M NaOH was added 

to raise the pH to a number of values with the highest being near pH 10. After each pH 

adjustment, the system was allowed to react for 30 minutes, before removing 10-mL samples 

that were filtered through 0.02-μm anodisc membrane filters. Samples will be identified with the 

following nomenclature to simplify the discussion. The initial sample at pH 10 will be named the 

“pH 10(i)” sample, the sample at pH 4 after acid titration will be named the “pH 4(a.a.t)” sample, 

and the final sample obtained at pH 10 after the titrations will be named the “pH 10(f)” sample. 

The filtered samples and the filter disk including wet solids were stored in the anaerobic 

chamber until analysis by AAS (solutions) and XPS (solids).  
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11.3 Results and Discussion 

11.3.1 Kinetics 

 Figure 11.1 shows the results of kinetic experiments and model predictions on removal 

of As(III) and As(V) by FeS at pH 8. The rates of As(III) and As(V) uptake were different with 

As(V) being nearly completely removed within 10 minutes, while 96 % of As(III) was removed 

after 180 minutes. However, after 6.6 hours, As(III) was nearly completely removed. As 

discussed in Section 10, a general kinetic model (Equation 11.1) was modified to describe rapid 

and slower removal (Equations 11.2 and 11.3).  

 max( )dq k q q
dt

= −  (11.1) 

 ,max( )f
f f f

dq
k q q

dt
= −  (11.2) 

 ,max( )s
s s s

dq k q q
dt

= −  (11.3) 

 This kinetic model is based on the assumption that there are two types of surface sites 

that account for biphasic kinetic behavior, i.e. initial fast removal and subsequent slow removal. 

Table 11.1 displays all of parameters calculated by nonlinear regression using MATLAB® with 

its embedded functions “nlinfit” and ode23s”. A sequential approach was used in determining 

values of coefficients, in which values for “slow” coefficients were initially obtained and then 

they were used in subsequent regression to search values for “fast” coefficients. This was 

continued until a satisfactory fit was obtained. The rate coefficients (kf and ks) for As(V) sorption 

have very large confidence limits because As(V) sorption was so fast that complete removal was 

reached in minutes which provided very little data to define values of kinetic coefficients.  

However, the model fit the data well, as indicated by a low value of the goodness-of-fit 

parameter. Unlike As(V) sorption, when As(III) is removed, the rate coefficient for fast-reacting 
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sites has a larger confidence interval than for slow-reacting sites. Removal of As(III) shows more 

biphasic behavior than As(V) as indicated by its larger surface concentration associated with 

slow-reacting sites (qs,max).   
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Figure 11.1 Removal of As(III) and As(V) by FeS as a function of time at pH 8. Initial 
concentrations of As(III) and As(V) were 13.3 μM and dose of FeS was 1 g/L.  
 

 

Table 11.1 Calculated parameters for kinetic model of As(III) and As(V) uptake by FeS at pH 
8. 

Arsenic 

species 

Parameters 

kf (min-1) ks (min-1) qf (μmol/g) qs(μmol/g) *GFP 

As(III) 2.8×105±1.3×106   0.01 ± 0.1  11.3±3.6 1.9 ± 5.5 0.01 

As(V) 2.1×103±1.8×1010  4.1×10-4±0.6 13.2 ± 4.3 0.2 ± 2.3 0.002 

* Goodness of fit parameter (GFP) = 
/( 2)SSR n

q
−

where SSR is sum of squared residual, n is the number of data 

points, q is average value of the amount of As sorbed per amount of pyrite  
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11.3.2 Nonlinear Removal Patterns 

11.3.2.1 Effect of pH 

 Figure 11.2 shows the results of removal experiments conducted with As(III) and FeS at 

four different pH values. The symbols represent the measured data and the lines represent 

Langmuir, Freundlich, and BET equations that were fitted to the data. Table 11.2 summarizes all 

parameters calculated by nonlinear regression using MATLAB®. The Langmuir and Freundlich 

equations were presented in Section 10 as Equations 11.1 and 11.2, respectively. Figure 11.2(c) 

shows lines that are predictions made by the BET equation with coefficients that were fitted to 

the data. The BET equation is shown in Equation 11.4: 

 
max

( ) 1 ( 1)s
s

q ACq
CC C A
C

=
 

− + − 
 

 
(11.4) 

where q is the concentration of arsenic on the solid (μmol/g); qmax is the concentration of arsenic 

on the solid at a monolayer coverage, (μmol/g); C is the concentration of arsenic in solution 

(μmol/L); A is adsorption energy parameter (A/Cs corresponds to b in the Langmuir model); and 

Cs is saturation concentration in solution (μmol/L). These equations are usually used to describe 

results of equilibrium adsorption experiments. However, use of this equation to fit the data does 

not imply that equilibrium was achieved nor that adsorption is the only process occurring during 

the experiment. Classic isotherm models (Langmuir, Freundlich, BET) were not very effective in 

correlating data on removal of As(III) because of the irregularly shaped relationships between 

solid phase concentration and liquid phase concentration. The inability of the models to describe 

systems in which surface reactions are probably occurring is not surprising. Figure 11.3 shows 

the experimental data at lower concentrations. There were little differences in the extent of As(III) 

removal between pH 7 and pH 9, while there were somewhat larger differences between pH 8 
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and pH 10.  

Table 11.2 Parameters of models describing removal of As(III) by FeS as affected 
by pH.  

 pH 
Models pH 7 pH 8 pH 9 pH 10 

Langmuir     
b (L/μmol) 1.4×10-3±1.6×10-3 9.3×10-4±2.3×10-3 4.8×10-4±1.0×10-3 3.3×10-6±1.2×10-3 

qmax (μmol/g) 1.1×103 ± 0.78× 103 2.3×103±5.1×103 3.9×103±7.79×103 3.1×105±1.2×108 
GFP 0.14 0.20 0.08 0.17 

Freundlich     
kf (µmol1-1/n·L1/n/g) 3.25±3.0 3.10±3.69 2.48±1.46 0.48±0.64 

n 1.23±0.26 1.11±0.28 1.07±0.13 0.88±0.18 
GFP 0.14 0.20 0.08 0.16 
BET     

A 5.9±4.4 4.4±5.6 3.4±2.4 0.45±1.98 
qmax (μmol/g) 556±242 1.0×103±9.0×102 1.1×103±0.6×102 3.8×103±1.6×104 

GFP 0.13 0.20 0.08 0.15 
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Figure 11.2 Measured concentrations of As(III) on FeS as function of concentration in 
water with (a) Langmuir, (b) Freundlich, (c) BET equations (lines) fitted to data (symbols) 
at various pH. 
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Figure 11.2 Continued. 
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Figure 11.3 Measured concentrations of As(III) on FeS as a function of concentration in 
water for various pH using data at lower concentrations. 
 

 Figure 11.4 show results of removal experiments conducted with As(V) and FeS. Figure 

11.4(a) shows a Langmuir equation (line) fitted to the data (symbols) with normal axes and an 

inset with a logarithmic y-axis used to better display low values. Figure 11.4(b) shows the fit of 

the Freundlich equation and Figure 11.4(c) shows the fit of the BET equation. Table 11.3 shows 

the values of model parameters that were calculated by non-linear regression and used to 

generate the lines in Figure 11.4. The Freundlich model was generally better able to fit the data 

as shown by its lower GFP. The maximum solid-phase concentration for As(V) on FeS tended to 

increase with lower pH. Models were not very effective in correlating data of solid-phase 

concentration as a function of liquid phase concentration, because the data did not show behavior 

that is typical of systems that have achieved adsorption equilibrium. 
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Table 11.3 Parameters of models describing removal of As(V) by FeS as 
affected by pH. 

 pH 
Models pH 7 pH 8 pH 9 pH 10 

Langmuir     
b (L/μmol) 2.4×10-5±0.12 2.5×10-6±2.4×10-3 0.002±0.003 4.3×10-5±7.8×104 

qmax (μmol/g) 2.2×106±1.1×1010 8.0×105±8.0×108 75.5±46.5 1.1×103±1.9×104 
GFP 0.56 0.23 0.20 0.19 

Freundlich     
kf (µmol1-1/n·L1/n/g) 11.6±13.9 0.52±0.84 0.98±0.76 0.04±0.06 

n 0.56±0.18 0.79±0.99 1.68±0.37 0.97±0.26 
GFP 0.32 0.18 0.14 0.19 

BET     
A 0.36±237.6 0.04±3.91 13.1±9.8 2.7±2.8 

qmax (μmol/g) 2.8×106±1.7×108 7.6×104±6.7×106 36.2±8.2 36.2±21.4 
GFP 0.55 0.20 0.17 0.19 
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Figure 11.4 Measured concentrations of As(V) on FeS as function of concentration in water 
with (a) Langmuir, (b) Freundlich, (c) BET equations (lines) fitted to data (symbols) at 
various pH. 
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Figure 11.4 Continued. 
 

11.3.2.2 Effect of Sulfate Concentration 

 Figure 11.5 show results of experiments to determine the effect of a competing ion 

(sulfate) on removal of As(III) by FeS. Figures 11.5(a), 11.5(b), and 11.5(c) show Langmuir, 

Freundlich, and BET equations fitted to the data, respectively. Table 11.3 presents values of 
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model parameters fitted to the data. When 1 or 10 mM of sulfate concentration was added, the 

amount of As(III) removal by FeS decreased.   
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Figure 11.5 Measured concentrations of As(III) on FeS as function of concentration in 
water with (a) Langmuir, (b) Freundlich, and (c) BET equations (lines) fitted to data 
(symbols) at various concentrations of sulfate. 
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Figure 11.5 Continued. 
 

 Figure 11.6 show results of experiments to determine the effect of a competing ion 

(sulfate) on removal of As(V) by FeS. Figures 11.6(a), 11.6(b), and 11.6(c) show Langmuir, 

Freundlich, and BET equations fitted to the data, respectively. Table 11.4 presents values of 

model parameters fitted to the data. Better fits to the data were obtained with the Langmuir 

equation, as shown by lower values of GFP. Lower amounts of As(V) were removed when 

sulfate was present at 1 or 10 mM.  
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Figure 11.6 Measured concentrations of As(V) on FeS as function of concentration in water 
with (a) Langmuir, (b) Freundlich, and (c) BET equations (lines) fitted to data (symbols) at 
various concentrations of sulfate. 
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Figure 11.6 Continued. 
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Table 11.4 Parameters of models describing removal of As(III) by FeS as affected by sulfate concentration. 

SO4
2- 

(mM) 

Langmuir Freundlich BET 
b 

(L/μmol) 
qmax 

(μmol/g) GFP Kf 
(μmol1-1/n·L1/n/g) n GFP qmax 

(μmol/g) a GFP 

0 9.3×10-4±2.3×10-3 2.3×103±5.1×103 0.20 3.10±3.69 1.11±0.28 0.20 1.0×103±9.0×102 4.4±5.6 0.20 

1 1.3×10-6±1.6×10-3 8.4×105±9.9×108 0.20 0.15 ± 0.17 0.73 ± 0.11 0.10 5.3×103±2.7×106 0.03±1.1 0.12 

10 2.4×10-6±1.3×10-3 3.5×105±1.9×108 0.19 0.19 ± 0.28 0.79 ± 0.16 0.15 3.3×104±1.2×106 0.04±1.4 0.12 

 

Table 11.5 Parameters for models describing removal of As(V) by FeS as affected by sulfate concentration. 

SO4
2- 

(mM) 
Langmuir Freundlich BET 

b 
(L/μmol) 

qmax 
(μmol/g) GFP Kf 

(μmol1-1/n·L1/n/g) n GFP qmax 

(μmol/g) a GFP 

0 2.5×10-6±2.4×10-3 8.0×105±8.0×108 0.23 0.52 ± 0.84 0.79 ± 0.99 0.18 7.6×104±6.7×106  0.04±3.91 0.20 

1 0.002±0.007 787±960  0.41 3.61 ± 7.26 1.27 ± 0.59 0.44 457 ± 356 7.93 ± 11.4 0.41 

10 0.002±0.005 577± 423 0.24 3.62 ± 5.59 1.36 ± 0.52 0.28 334 ± 152 8.86 ± 8.34 0.25 
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11.3.3 Stability of As-Contacted FeS 

11.3.3.1 As(III)-Contacted FeS 

 Stability experiments were conducted by first contacting FeS with solutions of As(III)/ 

As(V) and providing time for reactions to occur between arsenic and the solid surface. Then the 

solution pH was changed in a series of steps and the concentration of As(III)/As(V) was 

measured in the aqueous phase after 30 minutes reaction. The extent of release of As(III)/As(V) 

as pH changed was used as a measure of the stability of the combination of arsenic and FeS. The 

initial pH was chosen as the value where the best removal of As(III) or As(V) had been observed, 

so that high loadings would be obtained initially. Figure 11.7 shows that as pH decreased from 

an initial value near pH 10, As(III) removal by mackinawite (FeS) increased as pH was 

decreased from pH 10 with nearly complete removal observed for pH less than about pH 6.5.  

This result is in contrast to what has been reported for As(III) removal by troilite (FeS), where 

higher removals occurred above pH 5 and very little As(III) was removed below pH 5 (39). 

However, experiments on As(III) sorption by synthetic mackinawite (FeS) that were performed 

by Gallegos (2007), showed a comparable sorption trend with our results (42). The difference in 

As(III) sorption edges may be caused by higher solubility of synthetic mackinawite than troilite 

(42). At low pH, the dissolved sulfide from mackinawite can react with soluble As(III) to form 

As-S precipitates, resulting in higher As(III) removal. Hysteresis was observed in the 

sorption/desorption curves when pH was raised from pH 4. Little arsenic was released as pH was 

raised, indicating that strong bonds were formed between As(III) and the surface at low pH that 

were not be broken when pH was raised.     
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Figure 11.7 Effect of pH on removal of As(III) (15.2 µM) by FeS (1 g/L) as pH was 
decreased from pH 10 to pH 4 and then increased back to pH 10. 
 

  To investigate reaction mechanisms affecting the stability of As(III)-contacted FeS, the 

oxidation states of the surface-bound Fe and S were analyzed through Fe 2p3/2 and S 2p spectra 

obtained by XPS. Figure 11.8 shows the As 3d XPS spectra of FeS after contact with As(III) at 

pH 10(i) and pH 4(a.a.t). The As 3d spectra was not useful in determining oxidation state of As, 

because the solid-phase As concentration was too low. Nonetheless, a minimal arsenic peak was 

centered at the binding energy near 44.3 eV, which is representative of As(III). In addition, a 

large peak associated with Fe 3p was observed near 55 eV.  

The Fe 2p3/2 XPS spectra (Figure 11.9) shows that more oxidation of the surface-bound 

Fe was observed in the pH 4(a.a.t) sample than in the pH 10(i) sample as shown by he peak area for 

Fe(III)-O being larger by a factor of 2.4. Analogous to the XPS results for the Fe 2p3/2 spectra, 

the S 2p spectra of the pH 4(a.a.t) sample exhibited evidence for more oxidation of the surface S 

species, as indicated by the presence of a peak associated with elemental sulfur (So) that was not 
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observed in the spectra for the pH 10(i) sample (Figure 11.10). Based on the results of XPS 

analysis and the stability test (Figure 11.3), high removal of As(III) at pH 4 may be the result of 

redox reaction in which surface species are oxidized and As(III) is reduced, leading to formation 

of strongly bound surface species that are not easily released to solution as pH is changed. 

Binding Energy (eV)

35404550556065

In
te

ns
ity

 (c
ou

nt
s)

0

200

400

600

800

1000

1200

1400

pH 10(i)

pH 4(a.a.t)

44.3 eV

As 3d

As(III)

 
 
Figure 11.8 High resolution As 3d XPS spectra for FeS after contact with As(III)(15.2 µM) 
at (a) pH 10(i) and (b) pH 4(a.a.t). 
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Figure 11.9 High resolution Fe 2p3/2 XPS spectra for FeS reacted with As(III) (15.2 µM) at 
(a) pH 10(i) and (b) pH 4(a.a.t).  
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Figure 11.10 High resolution S 2p XPS spectra for FeS reacted with As(III) (15.2 µM) at (a) 
pH 10(i)and (b) pH 4(a.a.t).  
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Table 11.6 Binding energies (BE), full width at half maximum 
(FWHM), and area percentage for peaks in the Fe 2p3/2 and S 2p XPS 
spectra of FeS after contact with As(III) at pH 10(i) and pH 4(a.a.t).  
Samples BE 

(eV) 
FHWM 
(eV) 

Area 
(%) 

Chemical states 

Fe 2p3/2     
pH 10(i) 705.8 0.81 14.5 Fe(II)-S 

706.4 0.71 15.5 Fe(II)-S 
706.9 0.76 15.8 Fe(II)-S 

 707.5 0.85 14.1 Fe(II)-O 
 708.2 1.06 11.4 Fe(III)-S 
 709.2 1.50 14.3 Fe(III)-S 
 710.7 2.41 14.4 Fe(III)-O 
pH 4(a.a.t) 706.3 0.84 13.1 Fe(II)-S 
 707.0 0.72 12.6 Fe(II)-S 
 707.6 0.80 13.5 Fe(II)-O 
 708.3 1.01 12.1 Fe(III)-S 
 709.2 1.27 14.1 Fe(III)-S 
 710.4 1.71 17.9 Fe(III)-O 
 712.0 2.75 16.5 Fe(III)-O 
S 2p     
pH 10(i) 160.7 0.55 10.9 S2- 
 161.2 0.59 20.7 S2- 
 161.7 0.73 25.6 S2- 
 162.4 0.93 24.1 S2- 
 163.2 1.48 18.6 Sn

2- 
pH 4(a.a.t) 161.0 0.66 19.1 S2- 
 161.6 0.72 25.0 S2- 
 162.2 0.84 23.6 S2- 
 162.9 1.00 23.3 S2- 
 163.9 1.23 8.9 Sn

2- 
 

11.3.3.2 As(V)-contacted FeS 

  A 1 g/L of suspension of FeS containing 15.2 µM As(V) was initially adjusted to near 

pH 10 and then titrated with acid to near pH 4 and then with base to above pH 10. Figure 11.11 

shows that removal of As(V) initially was low (20%) at pH 10, but as pH decreased, the 

removals gradually increased to about 80% near pH 4. This could be caused by formation of 

strongly bound surface species as pH decreased. The trend of As(V) removal shown in Figure 

11.11 for decreasing pH was similar to that observed for As(V) on iron (hydr)oxides or pyrite (34, 

217). As pH was increased back to the initial pH, arsenic was released to the solution between 

pH 5 and pH 7 and then additional removal occurred above pH 7. It is difficult to explain this 

behavior simply, but it is possible that surface reactions occurred that produced new compounds 

that determined arsenic binding as pH was increased. For example, at low pH, As(V) might be 
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reduced to As(III) by FeS along with oxidation of Fe or S, resulting in the formation of SO4
2- and 

Fe(III). Formation of Fe(III) could lead to formation of sulfate green rust (GR-SO4) or other 

oxidized products. If this occurred, interaction of arsenic with the GR-SO4 surface could be 

important in determining soluble arsenic concentrations. Surface characterization using XPS 

might be able to provide evidence to evaluate this hypothesis.   
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Figure 11.11 Effect of pH on removal of As(V) (15.2 µM) by FeS (1 g/L) as pH was 
decreased from pH 10 to pH 4 and then increased back to pH 10. 
 

 The solids in samples at pH 10(i) and pH 4(a.a.t) were analyzed using XPS. Figure 11.12 

shows the As 3d XPS spectra of FeS reacted with As(V) at pH 4(a.a.t), pH 10(i), and pH 10(f). As 

shown in the As 3d spectra of As(III)-contacted FeS (Figure 11.8), the spectra for As(V)-

contacted FeS also exhibited a relatively large Fe 3p peaks near 55 eV. All of the peaks in the As 

3d XPS spectra are of low intensity relative to Fe 3p peaks, because the As loading on solids was 

low, so determination of arsenic species on the surface is difficult. However, we can recognize 

that the main peaks of the As 3d spectra for the pH 10(i) and pH 4(a.a.t) are located near 46 eV, 
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which is representative of As(V), although there is a minor shift of As(V) peak to lower binding 

energy in the pH 4(a.a.t) sample. In the case of pH 10(f) sample, the occurrence of species that are 

more reduced than As(V) could not be totally ruled out, because a weak peak was observed at 

43.77 eV, which is assigned to As(III). The additional removal of As(V) as pH increased could be 

explained by sorption of As(V) onto newly formed surface species or onto patches of oxidized 

products of FeS, such as GR-SO4 or iron (hydro)oxides. To confirm this hypothesis, the Fe 2p3/2 

and S 2p XPS spectra were obtained and evaluated.  

 Figure 11.13 indicated that surface Fe species on the three samples had not undergone 

appreciable surface oxidation, compared to pure FeS at pH 4 and 10. In contrast to the Fe 2p3/2 

spectra, the S 2p spectra shows that the surface S species had experienced surface oxidation 

whenever pH was changed (Figure 11.14). Although removal of As(V) was initially low at pH 10, 

a peak associated with elemental sulfur (So) was present and is evidence of surface oxidation.  

This suggests that surface S species are acting as sorbent/reactant for As(V), rather than the 

surface Fe species. Moreover, the extent of the surface S oxidation increased at lower pH, where 

removal of As(V) increased strongly. In addition to showing increased removal of As(V), the pH 

10(f) sample exhibited more oxidation of surface-bound S, as indicated by peaks associated with 

polysulfides (Sn
2-) and elemental sulfur (So) showing higher intensity. These results may be 

attributed not only to the simple chemical reaction between As(V) and the surface, but to the 

complicated interactions between As(V) itself or forms of reduced As and the FeS surface. It is 

possible that removal of As(V) is due at least in part to reaction of arsenic with newly formed 

surface species containing iron and sulfur.      

 



297 

 

  

.     

In
te

ns
ity

 (C
ou

nt
s)

-100

0

100

200

300

400

500

600

Binding Energy (eV)

35404550556065

In
te

ns
ity

 (C
ou

nt
s)

0

20

40

60

80

100

(a) pH 4(a.a.t)

(b) pH 10(i)

(c) pH 10(f) 

46.01 eV

43.77 eV

As(V)

As(III)

As 3d

 

Figure 11.12 High resolution As 3d XPS spectra for pyrite after contact with As(V) (15.2 
µM) at (a) pH 4(a.a.t), (b) pH 10(i), and (c) pH 10(f).  
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Figure 11.13 High resolution Fe 2p3/2 XPS spectra for pyrite after contact with As(V) (15.2 
µM) at (a) pH 10(i), (b) pH 4(a.a.t), and (c) pH 10(f).  
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(c) pH 10 (as pH increased)
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Figure 11.14 High resolution S 2p XPS spectra for pyrite after contact with As(V) (15.2 
µM) at (a) pH 10(i), (b) pH 4(a.a.t), and (c) pH 10(f).  
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Table 11.7 Binding energies (BE), full width at half maximum 
(FWHM), and area percentage for peaks in the Fe 2p3/2 and S 2p XPS 
spectra for pyrite after contact with As(V) (15.2 µM) at pH 10(i), pH 
4(a.a.t), and pH 10(f). 
Samples BE (eV) FHWM (eV) Area (%) Chemical states 
Fe 2p3/2     
pH 10(i) 705.3 0.54 6.7 Fe(II)-S 

705.8 0.58 12.7 Fe(II)-S 
706.3 0.69 15.9 Fe(II)-S 

 706.9 0.85 14.9 Fe(II)-S 
 707.8 1.14 16.5 Fe(II)-O 
 708.9 1.48 14.7 Fe(III)-S 
 710.6 2.71 18.6 Fe(III)-O 

 
pH 4(a.a.t) 705.9 0.84 12.6 Fe(II)-S 
 706.6 0.82 17.7 Fe(II)-S 
 707.3 0.89 14.5 Fe(II)-O 
 708.1 1.13 15.0 Fe(III)-S 
 709.3 1.35 17.1 Fe(III)-S 
 710.5 1.68 13.9 Fe(III)-O 
 711.8 2.29 9.11 Fe(III)-O 

 
pH 10(f) 705.2 0.62 5.4 Fe(II)-S 
 705.8 0.66 11.9 Fe(II)-S 
 706.4 0.88 18.2 Fe(II)-S 
 707.2 1.18 21.3 Fe(II)-O 
 708.3 1.41 19.6 Fe(III)-S 
 709.5 1.90 20.8 Fe(III)-S 
 711.2 0.56 2.9 Fe(III)-O 
S 2p     
pH 10(i) 160.9 0.89 30.3 S2- 
 161.5 0.69 20.8 S2- 
 162.1 0.71 18.7 S2- 
 162.7 0.71 17.1 S2- 
 163.5 0.86 8.7 Sn

2- 
 164.5 0.93 4.5 So 

 
pH 4(a.a.t) 160.6 0.40 6.8 S2- 
 161.2 0.55 20.1 S2- 
 161.7 0.61 19.5 S2- 
 162.2 0.74 21.9 S2- 
 162.9 1.01 25.1 S2- 
 164.1 1.07 6.6 So 

 
pH 10(f) 160.2 0.47 9.5 S2- 
 160.7 0.55 13.8 S2- 
 161.4 0.92 32.6 S2- 
 162.4 0.91 23.3 S2- 
 163.5 0.75 5.8 Sn

2- 
 164.8 3.30 14.9 So 

 

  



301 

 

  

12. SORPTION OF MERCURY(II) TO ADSORBENTS/REACTANTS:  

1. PYRITE (FeS2)   

Kinetics of removal of mercury was very rapid at lower ratios of mercury/pyrite.  

Concentrations of mercury in solution were below detection limits within 10 minutes. A 

mercury/pyrite ratio of 25 was necessary to obtain measurable concentrations. This behavior 

indicates that the kinetics were similar to what would be expected if external transport controls.. 

Maximum loadings of mercury typically exceeded 6 mmol/g and in some cases exceeded 20 

mmol/g. These loading mean that the mass of mercury removed exceeded the mass of pyrite 

present. The pH of the solution did not appear to have a major effect on the extent of removal. 

However, there was a substantial amount of variability within the results of experiments at 

different pH. Exceptionally high removals of mercury could be the result of surface reactions and 

differences in removal could be the result of how fast these reactions occur at different pH. If 

experiments were conducted over longer time periods that would allow for initiation of surface 

reactions in all systems, then these differences would tend to decrease. Sulfate was observed to 

have little effect on removal of mercury by pyrite over the concentration range that was 

investigated (0 – 10 mM). XPS analysis of pyrite after contact with Hg(II) after 30 days showed 

evidence of Hg(II) reduction to Hg(I), coupled with oxidation of surface Fe(II) species, but no 

evidence of changes in oxidation state of surface sulfur was observed. Stability tests for mixtures 

of Hg and pyrite were conducted at two initial concentrations of Hg(II). Nearly complete 

removal (>98%) was observed in all samples when the initial concentration was low. XPS 

analysis provided some evidence of mercury reduction and iron oxidation on the surface. When 

the initial concentration was high, low removal was observed at low pH, high removal at pH in 

the range pH 4 – pH 6, and moderate removal at higher pH. Good stability was observed when 

pH was reduced. XPS analysis showed evidence of mercury reduction and good evidence of iron 
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oxidation and formation of sulfur species that support formation of precipitates such as HgS or 

Hg2S.    

12.1 Introduction 

 Increased concern is being shown for contamination of mercury in surface water, 

groundwater, and soils because it is highly toxic, non-biodegradable, and can exist in various 

forms even at very low concentrations. Exposure to high levels of metallic, inorganic or organic 

mercury can cause impairment of pulmonary and kidney function, inhibition of enzyme activity 

and cell damage (72). Furthermore, EPA has determined that mercury is a possible carcinogen. 

Mercury contamination in water and the atmosphere is usually caused by anthropogenic activity 

such as discharges from industrial operations such as sulfide ore roasting and manufacture of 

electrical and electronics materials, paints, fungicides, chlorine, pharmaceuticals, and pulp and 

paper. Furthermore, mercury release due to the increased use of coal in thermo-electric power 

plants is becoming a serious problem in the U.S., accounting for approximately 1 % of the total 

global mercury emissions (44-75 tons/yr) (86, 265, 266). This high level of emission is driving 

more stringent effluent discharge criteria. Elemental mercury (Hgo), oxidized mercury (Hg+ or 

Hg2+), and particulate mercury are the three forms of mercury that are usually released from 

power plants (266). Under anoxic conditions, mercury can be methylated by the mediation of 

sulfate reducing bacteria (SRB). Methyl mercury (MeHg) can be a serious hazard to fish, 

because it is poisonous and it accumulates in their tissues. Therefore, to avoid formation of 

methylated mercury, appropriate pretreatment is required to remove mercury before the 

discharges are released into the environment. In addition, elemental mercury (Hg(0)) can be 

formed by biological action, but it is expected to volatilize if it is produced (76, 77). Under 

reducing conditions, soluble complexes such as Hg(HS)2, HgS2H-, HgS2
2- are primarily formed, 

whereas under oxic conditions, Hg(II) tends to form soluble complexes with chloride or 



303 

 

  

hydroxide, or solid phases such as HgCl2(s) or Hg(OH)2(s) (76, 78). 

 Oxides and hydroxides have been widely used to remove Hg(II) by adsorption (92, 267, 

268). However, their sorption capacities are lower than that of iron sulfides. For example, 

mercury loadings on biogenic FeS particles were found to be as high as 0.66 Hg/g FeS (0.29 

mole/mole) and if Hg(II) reacts with iron sulfides, formation of HgS could lead to much lower 

mercury concentrations in solution (84, 87, 88, 92). According to Pearson’s hard and soft acid-

base theory, it is generally known that Hg(II) has a high affinity for ligands containing reduced 

sulfur, because Hg(II) is a soft Lewis acid that will react strongly with a soft Lewis base, such as 

a thiol functional groups (269). So, the formation of insoluble solid phase (HgS) with sulfide has 

been the basis for the most common treatment method for removing mercury from industrial 

wastewaters, such as those at chlor-alkali plants (85, 270). It can typically achieve effluent 

concentrations in the range between 10 and 100 µg/L. X-ray photoelectron spectroscopy (XPS) 

studies on interactions between Hg(II) and pyrite demonstrated that high sorption is caused by 

the formation of weakly or strongly bound species including Hg-chloro and Hg-sulfhydryl 

complexes rather than HgS(s) (11, 92-94). Bower et al (2008) conducted experiments on removal 

of Hg(II) by pyrite in batch and column systems (11). XPS analyses indicated that during aging 

over two weeks at low pH, an ordered monolayer of mono-dentate Hg-Cl complexes was formed 

on the pyrite surface. In studies with columns packed with mixtures of pyrite and pure quartz 

sand, a great retardation of Hg(II) was observed, although the system was exposed to oxygen 

(11). More recently, mesoporous silica molecular sieves functionalized with thiol/mercaptan or 

sulfur impregnated activated carbons also have been used to enhance removal of Hg(II) from 

water (83, 271-273). Moreover, the fact that Hg(II) has a strong affinity towards S, N, and O has 

driven development of chelating resins with those elements in functional groups (265, 274).  

 Although many researchers have shown that iron sulfides contacted with Hg(II) can 
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lead to stable solid phases, they are only focusing on estimation of sorption capacity of the 

adsorbent for Hg(II) (12, 92-94). In this study, mechanisms for surface reaction based on 

spectroscopic analysis will be presented to better understand Hg sorption on and reaction with 

iron sulfides.  

12.2 Materials and Method 

12.2.1 Materials 

 All reagents were prepared by dissolving chemicals with analytical-grade quality or 

better into deionized/deoxygenated (DI/DO) water. HgCl2 (Sigma-Aldrich) was used to prepare 

the mercury stock solution and its concentration was below 1.3 mM to avoid HgO(s) precipitation 

at basic pH. Prior to conducting experiments, all experimental supplies were equilibrated with 

the atmosphere in an anaerobic chamber (5 % H2/95 % N2). Pyrite was synthesized by mixing 

equal volumes of two solutions: 0.1 M ferric chloride (FeCl3·6H2O) and 0.2 M sodium 

hydrosulfide (NaHS·xH2O). The detailed procedure for pyrite synthesis was discussed in Section 

5. The pH was measured using a pH meter (Thermo Scientific) calibrated with three pH standard 

buffer solutions (pH 4, 7, 10). The specified pH was maintained with pH buffers such as MOPS 

(4-morpholinepropanesufunic acid), boric acid, and CAPS (3-cyclohexylaminon-1-propane-

sulfonic acid). 

12.2.2 Kinetics 

 Three tests were conducted at pH 7 with three different initial concentrations of 

mercury and doses of pyrite (100 µM Hg with 1 g/L FeS2; 250 µM Hg with 0.5 g/L FeS2; 500 

µM Hg with 0.2 g/L FeS2). Pyrite suspensions in 0.02 M MOPS were prepared in the 250 ml 

reaction vessels. Reactions were initiated by adding Hg(II) standard solution in pyrite suspension. 

The suspension was mixed by an end-over-end rotary mixer until specified sampling time. A 10-
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mL aliquot was sampled from the suspension at reaction times of 2, 5, 10, 15, 20, 30, 40, 60, 90, 

120, 180, 240, 360, 720, 1440 min. The samples were immediately filtered using 0.02-μm 

anodisc membrane filters and the filtrates were stored in an anaerobic chamber until analysis. 

The percentage of Hg(II) removed was calculated by the following equation: 

 initial specific time

initial

(Hg - Hg )
% Hg sorbed = 100

Hg
×  (12.1) 

where Hginitial and Hgspecified time are concentrations of mercury initially and at a specific sampling 

time.  

12.2.3 Sorption/Reaction Experiments  

 Removal tests for mercury removal by pyrite were conducted in a similar manner, but 

were adjusted with higher Hg/pyrite ratios to account for the high affinity of mercury for the 

pyrite surface. A pyrite dose of 0.15 g/L was used with five initial concentrations of mercury (50, 

100, 250, 500, and 1000 µM). A 24 hour reaction time was used and pH was maintained by 0.02 

M buffer solutions (pH 7 and pH 8 with MOPS; pH 9 with Borate; pH 10 with CAPS). 

Experiments to determine the effect of sulfate on mercury removal were conducted similarly at 

pH 8 and at three sulfate concentrations (0, 1, 10 mM). 

12.2.4 Stability of Hg(II)-Contacted Pyrite 

 A series of experiments to evaluate the effect of pH on removal of Hg(II) by pyrite were 

conducted using similar procedures as used for selenium and arsenic (Sections 6 and 11). Since 

chloride ion can affect the sorption behavior of Hg(II) by formation of soluble complexes, HNO3 

was used as an acid to adjust pH. A 1-g/L suspension of pyrite was initially adjusted to the initial 

pH value and was allowed to equilibrate for 30 minutes. Then, Hg(II) stock solution was added 

to the suspension to create mercury concentrations of either 6.48 μM (low [Hg(II)]/[pyrite]) or 1 
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mM (high [Hg(II)]/[pyrite]). For low [Hg]/[pyrite], pH was initially adjusted to pH 3.4 and the 

system was allowed to react for 30 minutes before taking samples of the liquid and solid phases. 

The suspension was then titrated with base in a series of steps until pH 10 was reached. The 

suspension was then titrated with acid in a series of steps that stopped near pH 3.4. After 30 

minutes at each pH, samples were taken and filtered. The filtered solutions were analyzed by 

AAS for Hg(II) concentration. The filtered wet solids from samples at pH 3.4 (initial sample) 

and pH 10 were used for surface analysis (SEM, EDS, XPS). Herein, samples will be indentified 

with the following nomenclature to simplify the discussion. The initial sample at pH 3.4 will be 

named the “pH 3.4(i)” sample and the sample at pH 10 after base titration will be named the “pH 

10(a.b.t)” sample. Another stability test was conducted at high [Hg(II)]/[pyrite] in a similar way, 

but the initial pH was pH 2.4. The nomenclature of samples were named by similar pattern at 

low [Hg(II)]/[pyrite]. All samples were stored before spectroscopic analysis and AAS 

measurement in an anaerobic chamber to prevent any change in the oxidation state of mercury.  

12.2.5 Spectroscopic Analyses 

 The solid surfaces were characterized by spectroscopic techniques including scanning 

electron microscopy (SEM) equipped with an energy dispersive spectrometer (EDS) and X-ray 

photoelectron spectroscopy (XPS). The morphologies of pyrite particles reacted with Hg(II) 

were analyzed using SEM (JEOL JSM-6400) and the elemental composition of the pyrite surface 

was determined by SEM-EDS. Prior to SEM analysis, the solid samples were coated with Pd/Au 

through a vacuum-sputtering technique to reduce surface electrical charge. The secondary SEM 

images were collected at a working distance 39 or 15 mm under an acceleration voltage of 15 kV 

and a magnification range of 10 to 300,000×. Elements (Fe, S, O, Hg, Pd, Au) were chosen by 

EDS analysis program (Spirit V.107). The oxidation states of pyrite after contact with Hg(II) as 

well as surface Hg were investigated using a Kratos Axis Ultra Imaging XPS with a 
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monochromatic Al Kα X-rays. The narrow scans for Fe 2p, O 1s, C 1s, S 2p and Hg 4f were 

recorded with pass energy of 40 or 20 eV. The charge effect was corrected using the spectra peak 

of C 1s at 284.5 ± 0.1 eV as reference. All peaks were fitted using a XPSPEAK41 fitting 

program with Gausssian Lorentzian function through background-subtraction corrections using a 

Shirley-type optimization.  

12.2.6 Measurement of Aqueous Concentration 

 A Cold Vapor Atomic Absorption Spectrometry method was adopted for use to analyze 

mercury. It was similar to that used for analysis of arsenic, but the VP90 “T” cell was replaced 

with a 15 cm quartz cell. Mercury was reduced by borohydride (1% NaBH4 in 0.05% NaOH) to 

the elemental form and was removed by purging. The following parameters were used during 

analysis: wavelength of 253.7 nm, band pass of 0.5 nm, lamp current of 75%, measurement 

number of 4, measurement time of 4 s, background correction is off, stabilization time of 60 s, 

baseline delay time of 60 s, carrier gas flow of 240 mL/min. The average recovery (accuracy) 

was 102.5 % and the relative standard deviation (precision) was 0.56 %. The average method 

detection limit (MDL) for mercury was 0.002 µM.  

12.3 Results and Discussion 

12.3.1 Kinetics  

 Figure 12.1 shows the effect of contact time on Hg(II) (100, 250, 500 µM) removal by 

pyrite (0.2, 0.5, 1 g/L). At low mercury/pyrite ratios (100 µmol/g, 500 µmol/g), very fast 

removals were observed with concentrations below detection limits within 5 minutes whereas at 

the higher mercury/pyrite ratio (2500 µmol/g) a biphasic sorption behavior was observed and 

nearly complete removal occurred after 180 minutes. In addition, the effects of kinetics (how fast 
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q increased) and equilibrium (how high q would become after a sufficiently long time) were 

described using a general model that assumed sorption phenomenon occurred at two types of 

sites (fast-reacting sites and slow-reacting sites). The kinetic model equations and solving 

routines were described in Sections 10 and 11. Table 12.1 displays all of model parameters that 

were calculated by nonlinear regression. At all mercury/pyrite ratios, the values of sorption 

parameters associated with fast-reacting sites (kf, qf,max) were much larger than the coefficients 

for slow-reacting sites, except the values of qf,max and qs,max at high Hg/pyrite (2500 µmol/g) were 

about the same. This indicates that the biphasic kinetic behavior was more evident at higher 

mercury/pyrite ratio (2500 µmol/g). This behavior can be caused by fast external transport and 

slow subsequent surface reaction.      
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Figure 12.1 Removal of Hg(II) as a function of time at pH 7 (initial concentration = 100, 
250, 500 µM, pyrite dose = 1, 0.5, 0.2 g/L).  
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Table 12.1 Calculated parameters of the kinetic model for Hg(II) uptake by pyrite at 
pH 7. 

[Hg(II)]/pyrite dose 
Parameters 

kf (min-1) ks (min-1) qf,max (μmol/g) qs,max(μmol/g) *GFP 
100 µmol/g 150±1.3×107  1.79±7.5 ×103 497±82 3.0±83  0.001 

500 µmol/ g 147±5.2×104   0.15±11.5  1.2×103±2.0×102  19.0±232  0.002 

2500 µmol/g 1.0×106±1.0×107     0.04±0.05 1.4×103±5.0×102 1.1×103±3.0×103 0.02 

* Goodness of fit parameter (GFP) = /( 2)SSR n
q

− where SSR is sum of squared residual, n is the number of data points, 

q is average value of the concentration of As on pyrite  

 

12.3.2 Nonlinear Removal Patterns 

12.3.2.1 Effect of pH 

 Figure 12.2 shows results of experiments to characterize removal of mercury by pyrite 

over a range of pH values. Table 12.2 provides all of the parameters for the Langmuir, 

Freundlich and BET models that were calculated by nonlinear regression. Based on values of 

GFP (goodness of fit parameters), the BET model provided the best fits to experimental data at 

pH 9 and 10. The ability of the BET model to fit the data indicates that surface reactions between 

Hg(II) and the pyrite surface were important in these systems. However, the data at pH 7 and pH 

8 was better described by Freundlich isotherm, as indicated by GFP values. Other studies have 

reported that the maximum sorption capacity of pyrite for Hg(II) varied with solution conditions. 

For example, Bower (2008) found that sorption maxima were 6.1 µmol/g, 9.9 µmol/g, and 17.4 

µmol/g at pH 4.1, 6.4 and 10.4, while Behra (2001) reported a maximum value above 10 µmol/g 

at pH > 4 (11, 92). However, much greater sorption was observed in this study, by at least two 

orders of magnitude. In addition, the optimum pH range was observed to different. Bower (2008) 

and Behra (2001) found that increased removal occurred at higher pH, while lower pH was to 

give higher removal in this study (11, 92). This discrepancy regarding sorption capacity and 

optimum pH range might be caused by the different origin of pyrite. Bower and Behra used 
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pyrite that was a natural mineral and it could have lower surface area and more impurities. 

Natural pyrite has been reported to contain about 3 % impurities, mostly silica (11, 92).         
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Figure 12.2 Measured concentrations of Hg(II) on pyrite as function of concentration in 
water with (a) Langmuir, (b) Freundlich, (c) BET models (lines) fitted to data (symbols) at 
various pH. 
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Figure 12.2 Continued. 
 

Table 12.2 Parameters of models describing removal of Hg(II) by pyrite as 
affected by pH.  

 pH 
Models pH 7 pH 8 pH 9 pH 10 

Langmuir     
b (L/μmol) 5.6×10-

 

0.02±0.06 3.5×10-3±6.22 5.7×10-3±2.9×10-

 
qmax (μmol/g) 6.5×103 ± 1.8× 

 

2.8×103±1.7×103 1.8×103±9.3×102 2.5×103±4.0×102 
GFP 0.48 0.28 0.64 0.23 

Freundlich     
kf (µmol1-1/n·L1/n/g) 152±133 569±365 587±513 96.1±71.9 

n 1.74±0.49 4.12±1.86 8.64±11.7 2.12±0.57 
GFP 0.26 0.11 0.21 0.18 
BET     

A 17.6±10.2 172±449 844±156 28.2±9.2 
qmax (μmol/g) 4.5×103±1.0×103 1.9×103±5.0×102 1.8×104±2.8×104 1.4×103±1.0×102 

GFP 0.38 0.21 0.17 0.07 

  

12.3.2.2 Effect of Sulfate Concentrations 

 Figure 12.3 shows results of experiments to determine the effect of sulfate (1, 10 mM) 

on removal of mercury by pyrite at pH 8. Sulfate appears to have a little effect on mercury 

removal at lower aqueous-phase concentrations of mercury. However, the amount of mercury 
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removed per unit mass of pyrite in the presence of 10 mM sulfate continues to increase with 

increasing aqueous concentration of Hg. This indicates that the presence of higher concentrations 

of sulfate promote Hg removal, possibly by forming surface compounds that are mixtures of 

pyrite, mercury, and sulfate. However, the pyrite surface that reacted with mercury might be 

heterogeneous, including sulfate green rust (Fe4
IIFe2

III(OH)12(SO4)), iron (hydr)oxides, or other 

surface precipitates. Such species could be formed by redox reactions, but it cannot be assured. 

To confirm the identity of any solid products formed on the surface, additional surface analyses 

are required.   
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Figure 12.3 Measured concentrations of Hg(II) on pyrite as function of concentration in 
water with (a) Langmuir, (b) Freundlich, and (c) BET models (lines) fitted to data 
(symbols) at various concentrations of sulfate. 
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Figure 12.3 Continued. 
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Table 12.3 Parameters of models describing removal of As(III) by FeS as affected by sulfate 
concentration. 

SO4
2- 

(mM) 

Langmuir Freundlich BET 

b 

(L/μmol) 

qmax 

(μmol/g) 
GFP 

Kf 

(μmol1-1/n·L1/n/g) 
n GFP 

qmax 

(μmol/g) 
a GFP 

0 0.02±0.06 2.8×103±1.7×103 0.28 569±365 4.12±1.86 0.11 1.9×103±5.0×102 172±449 0.21 

1 4.0×10-3±1.6×10-3 3.9×103±2.4×103 0.38 113 ± 179 1.97 ± 1.05 0.25 2.2×103±9.0×102 18.7±26.

 

0.25 

10 5.8×10-4±3.2×10-3 1.6×104±7.5×104 0.26 22.1 ± 77.2 1.21 ± 0.85 0.24 4.7×103±5.4×103 4.27±10.

 

0.26 

 

12.3.3 Surface Characterization for Hg(II)-Contacted Pyrite 

12.3.3.1 XPS Study 

 Figure 12.4 shows the Hg 4f XPS spectra for pyrite after contacted with Hg(II) for 

various times. The Hg 4f spectra were fitted with two peaks (Hg 4f7/2 and 4f5/2) separated by a 

spin orbit splitting of 4.0 eV. The binding energy of the Hg 4f7/2 peak was observed to be 

centered in the range from 100.5 to 100.7 eV, which is attributed to the peaks associated with 

Hg(II) and Hg(I) (92). This can be compared to the binding energy for elemental mercury that is 

between 99.2 and 99.8 eV. Therefore, it is possible that a conversion occurred, but it is unlikely 

that it was reduced to Hg(0). In addition, Ehrhardt et al. (2000) reported that the broadening of 

Hg 4f7/2 peaks is associated with the existence of a multiplicity of sorption sites (93). Since 

Figure 12.4 shows that the 4f7/2 peak becomes broader at longer times, this may indicate that 

different sites are being formed. Ehrhardt et al. (2000) also reported that Hg 4f peaks caused by 

Fe(III) oxyhydroxides are centered at 103.8 eV (93). However, such peaks are not shown in 

Figure 12.4, even though the Fe 2p3/2 spectra showed the presence of Fe(III)-O peaks after 

contact with Hg(II) (Figure 12.5). 
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Figure 12.4 High resolution Hg 4f XPS spectra for synthetic pyrite (1 g/L) reacted with 200 
μM Hg(II) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days. 
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 Figure 12.5 shows the Fe 2p3/2 XPS spectra for pyrite after contact with Hg(II) for 

various times. After contact with Hg(II), the Fe 2p3/2 spectra comes to have more peaks at higher 

binding energies and these peaks represent Fe(III)-S and Fe(III)-O species. In addition, the 

intensities of those peaks increase with reaction time. The formation of these Fe(III) species is 

probably caused by reactions between surface Fe(II) and Hg(II) ions that would produce reduced 

species such as Hg(I). The Hg 4f spectra showed a peak that could include Hg(I) (Figure 12.4). 

The Fe(III)-O species produced on the surface could exist as Fe(III) oxyhydroxides and 

differential charge effects could occur due to the formation of heterogeneous surfaces. The 

confirmation of these charge effects is important, because these Fe(III) species play an important 

role in catalyzing oxidation processes (references given in Behra et al. 2001) (275). Behra et al. 

(2001) provided the evidence for existence of charge effects on a pyrite surface after contact with 

Hg(II) through the investigation of O 1s XPS spectrum (92).  

 Figure 12.6 shows S 2p spectra of pyrite after contact with Hg(II) for various times.  

These spectra were fitted with a single doublet (S 2p1/2 and S 2p3/2) separated by 1.2 eV that 

represents an S2
2- species. Contact with Hg(II) does not appear to cause any important changes in 

oxidation state of sulfur sites on pyrite, which is in agreement with the results obtained by others 

(94). These results indicate that sulfur on the surface does not participate in redox reactions of 

Hg(II) sorbed onto pyrite during the 30-day contact time.    
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Figure 12.5 High resolution Fe 2p3/2 XPS spectra for synthetic pyrite (1 g/L) reacted with 
200 μM Hg(II) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days.  
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Figure 12.6 High resolution S 2p XPS spectra for synthetic pyrite (1 g/L) reacted with 200 
μM Hg(II) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days. 
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 Figure 12.7 shows the O 1s XPS spectra for pyrite after contact with solutions of Hg(II) 

for various times. The O 1s spectra display three peaks located at approximately 531.0, 531.5, 

532.6 eV, corresponding to O2-, OH- and molecular H2O environments, respectively. Ehrhardt et 

al. (2000) showed that in addition to the H2O peak at 532.6 eV, there is an extra peak located 

near 535.0 eV that is caused by the sorption of water molecules onto isolated islands of Fe(III) 

oxyhydroxide, which results in a differential charge effect (93). However, Figure 12.6 does not 

show those peaks at any contact time. These results indicate that even though Fe(III) species are 

observed, the formation of isolated islands of Fe(III) oxyhydroxide overlayer on the pyrite 

surface could be neglected. Tables 12.4 – 12.6 show the binding energies (BE), full width at half 

maximum (FWHM), and relative area for peaks in the Hg 4f7/2, Fe 2p3/2 and O 1s XPS spectra of 

pyrite contacted with Hg(II) for various times.  

Table 12.4 Binding energies (BE), peak full width at half maximum (FWHM), 
peak area percentage for Hg 4f7/2 XPS spectra of pyrite contacted with Hg(II) for 
various times and for reference materials. 
Samples Contact time (days)  χ2 BE (eV) FHWM (eV) Chemical states 

Pyrite+Hg(II) 1 3.90 100.7 0.97 Hg(I)/Hg(II) 
 15 3.90 100.5 1.37 Hg(I)/Hg(II) 
 30 3.91 100.7 1.16 Hg(I)/Hg(II) 
Hg(0) - - 99.2 ~ 99.8 - Hg(0)(276, 277) 
Hg2Cl2 - - 100.8 ~ 101.0 - Hg(I)(276, 277) 
HgS - - 100.0 ~ 100.9 - Hg(II)(94, 276) 
HgCl2 - - 100.8 ~ 101.6 - Hg(II)(276) 
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Table 12.5 Binding energies (BE), full width at half maximum (FWHM), 
and area percentage for peaks in the Fe 2p3/2 XPS spectra of pyrite 
contacted with Hg(II) for various times. 
Sample Contact time (day) 

 

 

 

 

 

BE (eV) 

 

FHWM (eV) 

 

Area (%) 

 

Chemical 

 
Pyrite 0 706.8 0.86 72.4 Fe(II)-S 

708.3 1.66 14.2 Fe(III)-S 
710.4 2.09 13.4 Fe(III)-O 

      
Pyrite + Hg(II) 1 706.7 0.89 50.1 Fe(II)-S 
  708.2 1.04 7.4 Fe(II)-O 

  709.8 1.62 20.2 Fe(III)-S 
  711.1 1.72 14.1 Fe(III)-O 
  712.8 2.19 8.1 Fe(III)-O 

 15 706.8 0.74 41.2 Fe(II)-S 
  708.3 1.71 15.2 Fe(II)-O 
  709.8 1.22 16.4 Fe(III)-S 
  711.1 1.70 22.3 Fe(III)-O 
  712.8 1.26 4.9 Fe(III)-O 

 30 706.8 0.84 26.9 Fe(II)-S 
 709.9 1.66 27.5 Fe(III)-S 
 710.9 1.25 20.5 Fe(III)-O 
 712.0 1.26 16.9 Fe(III)-O 
 713.3 1.26 7.92 Fe(III)-O 

 

Table 12.6 Binding energies (BE), full width at half maximum (FWHM), 
and area percentage for peaks in the O 1s spectra of pyrite contacted with 
Hg(II) for various times. 
Sample Contact time (day) 

 

 

 

 

 

BE (eV) 

 

FHWM (eV) 

 

Area (%) 

 

Chemical 

 
Pyrite 0 530.0 1.01 25.5 O2- 

531.1 1.10 38.0 OH- 
531.8 1.17 36.4 H2O 

      
Pyrite + Hg(II) 1 529.6 0.66 22.7 O2- 
  530.2 0.80 25.2 OH- 
  531.3 1.47 51.9 H2O 
 15 529.3 0.65 25.1 O2- 

  530.0 0.85 34.8 OH- 
  531.1 1.35 40.0 H2O 

 30 529.8 0.76 33.9 O2- 
  530.5 0.85 30.5 OH- 
  531.4 1.03 35.6 H2O 
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Figure 12.7 High resolution O 1s XPS spectra (Al Kα) for synthetic pyrite (1 g/L) reacted 
with 200 μM Hg(II) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days. 



322 

 

  

12.3.3.2 SEM Study 

 Figure 12.8 shows the secondary SEM images and EDS results for pyrites reacted with 

Hg(II) for 1, 15, and 30 days. There were not substantial changes in the morphology of pyrite at 

1 and 15 days, but at 30 days, agglomerated particles of pyrites were formed and some of 

particles were observed to be fractured. This could be caused by reactions between Hg(II) and 

the pyrite surface that lead to formation of other solid phases. The EDS analysis reveals that 

elemental composition (Fe, S, Hg) of the surface was not changed substantially with contact time.  
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Figure 12.8 Secondary images of SEM and EDS results for pyrites contacted with Hg(II) at 
various times: (a) 1 day, (b) 15 days, and (c) 30 days. 
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Figure 12.8 Continued. 
 

12.3.4 Stability of Hg(II)-Contacted Pyrite 

12.3.4.1 Low Molar Ratio of [Hg(II)]/[FeS2]  

  Figure 12.9 shows results of stability experiments for mixtures of Hg(II) and pyrite 

that were conducted over a range of pH. Hg(II) was nearly completely removed at all pH values 

tested. As pH decreased back to initial pH value, no release of mercury into solution was 

observed, probably due to formation of strong bonds between mercury and the pyrite surface or 

formation of other stable precipitates. Behra et al. (2001) suggested that the following 

mechanism can lead to formation of elemental mercury and mercury sulfide precipitates in 

systems with Hg(II) and pyrite (92). 

 2+ o 2+ 2- +
2(s) 2 4FeS 7Hg 8H O 7Hg + Fe + 2SO + 16H+ + →

 (12.2) 

 2+ o 2+ 2- +
2(s) 2 (s) 4FeS 4Hg 4H O 3Hg + HgS Fe + SO + 8H+ + → +

 (12.3) 

 2+ o 2+ 2- +
2(s) 2 2 (s) 4FeS 4Hg 4H O 2Hg + Hg S Fe + SO + 8H+ + → +

 (12.4) 

The surface of Hg(II)-contacted pyrites formed at pH 3.4 and pH 10 were analyzed by 

SEM and XPS to investigate the feasibility of surface precipitation leading to compounds such as 

HgS(s) or Hg2S(s). Figure 12.10 shows SEM images of Hg(II)-contacted pyrites at pH 3.4 and 10, 
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respectively. For samples contacted only at pH 3.4, there are no important changes on the surface 

of Hg(II)-contacted pyrite. However, the pyrite that was exposed to a series of solutions with 

different pH, ending at pH 10, shows the presence of small, thin particles on the pyrite surface. 

XPS analysis was conducted on these samples in order to identify the chemical states of mercury 

in them.  

pH

3 4 5 6 7 8 9 10 11

%
 H

g(
II)

 s
or

be
d

90

92

94

96

98

100

pH increasing
pH decreasing

 

Figure 12.9 Effect of pH change on the stability of Hg(II)-contacted pyrite: [Hg(II)]o=6.48 
μM, solid loading = 1 g/L, contact time = 30 minutes, pH was first increased from pH 3.4 to 
pH 10 and then decreased to pH 3.4. 
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Figure 12.10 Secondary SEM images of synthetic pyrite reacted with Hg(II) (6.48 μM) at 
(a) pH 3.4(i) and (b) pH 10(a.b.t). 
 

 Figure 12.11 shows the Hg 4f spectra of Hg(II)-contacted pyrites at pH 3.4(i) and pH 

10(a.b.t). For Hg(II)-contacted pyrite at pH 3.4, the peaks of Hg 4f5/2 and Hg 4f7/2 are centered at 

104.8 eV and 106.6 eV, respectively, and the value of FWHM (full width at half maximum) for 

Hg 4f7/2 peak is 1.28 eV. Since the Hg 4f7/2 peak lies in the range of binding energies between 

99.5 eV and 101.8 eV, reduced forms of mercury such as Hg(I) could be present on the surface, 

because peaks associated with Hg(II) and Hg(I) contribute to the Hg 4f7/2 spectra near 100.7±0.1 

eV. This is similar to results obtained previously for Hg(II)-contacted pyrite at pH 8, which also 

show peaks that could include contributions from (Hg(I)). However, the spectra for pH 10(a.b.t) 

sample show a broader (larger FWHM) Hg 4f7/2 peak compared to that of the pH 3.4(i) sample. 

This broadness could be the result of peaks in the Hg 4f7/2 spectra between 99.2 and 100 eV that 

are caused by the presence of more Hg(0) as well as Hg(I). Therefore, the broader peak supports 

the possible formation of surface precipitates such as Hg2S(s) by Reaction (12.4). 
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Figure 12.11 High resolution Hg 4f XPS spectra for pyrite after contact with Hg(II) (6.48 
μM) at (a) pH 3.4(i) and (b) pH 10(a.b.t). 
  

 Figure 12.12 shows the Fe 2p3/2 spectra of Hg(II)-contacted pyrite at pH 3.4 and pH 10. 

High levels of oxidation of Fe sorption sites was observed only for pyrite reacted with Hg(II) at 

pH 10. In this sample, the intensity of the high energy tail increased due to the contributions of 

the peak associated with Fe(III)-O (Table 12.7). This could be caused by the oxidation of Fe sites 

that occurs concurrently with the reduction of Hg(II), although Fe could also be oxidized by 

other compounds. 
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 Figure 12.13 shows the S 2p spectra of the pH 3.4(i) sample and the pH 10(a.b.t) sample. 

There are no major changes in the S 2p3/2 and S 2p1/2 peaks, compared to S 2p spectra for pure 

pyrite (Section 6). This suggests that it is unlikely that the surface sulfur sites are involved in 

redox reactions with Hg(II).  

  

Table 12.7 Binding energies (BE), full width at half maximum (FWHM), 
and area percentage for peaks in the Fe 2p3/2 XPS spectra of the pH 3.4(i) 
sample and the pH 10(a.b.t) sample. 
Spectra pH BE (eV) 

 

FHWM (eV) 

 

Area (%) 

 

Chemical 

 
Fe 2p3/2 3.4(i) 706.8 0.85 84.8 Fe(II)-S 
  708.4 1.36 15.2 Fe(II)-O 
 10(a.b.t) 706.8 0.80 28.1 Fe(II)-S 

  708.3 1.15 10.2 Fe(III)-S 
  709.9 1.18 28.8 Fe(III)-S 
  711.1 1.05 22.2 Fe(III)-O 
  712.1 1.18 10.8 Fe(III)-O 

S 2p      
 3.4(i) 162.9 0.83 64.5 S2

2- 
  164.1 0.95 35.5 S2

2- 
 10(a.b.t) 162.8 1.04 66.5 S2

2- 
  164.1 0.97 27.4 S2

2- 
  169.2 1.57 6.09 SO4

2- 
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Figure 12.12 High resolution Fe 2p3/2 XPS spectra for pyrite after contact with Hg(II) (6.48 
µM) at (a) pH 3.4(i) and (b) pH 10(a.b.t). 
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Figure 12.13 High resolution Fe 2p3/2 XPS spectra for pyrite after contact with Hg(II) (6.48 
µM) at (a) pH 3.4(i) and (b) pH 10(a.b.t). 
 

12.3.4.2 High Molar Ratio of Hg(II) to Pyrite 

 Figure 12.14 shows the results of stability experiments conducted with mixtures of 

Hg(II) and pyrite conducted over a range of pH. These experiments were conducted at higher 

concentration of Hg(II) (1 mM) than the experiments discussed previously (6.48 µM). The 

results are similar in the two experiments, but experiments with the higher Hg(II) concentrations 

show a more pronounced increase in removal when pH was increased above the lowest value.  
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Furthermore, although removals were high as pH was decreased, they were not near 100%. 

However, there was no release of mercury as pH was decreased. This suggests that relatively 

insoluble species were formed by reaction of mercury and pyrite at pH 10. As indicated by 

Equations 2-4, formation of precipitates such as HgS(s) or Hg2S(s) could explain the observed 

behavior. To verify these mechanisms, SEM and XPS analyses were performed. Figure 12.15 

shows the results of secondary SEM images for pyrite reacted with Hg(II) at pH 2.4 and pH 10. 

These images show that there are no specific changes in the morphology of pyrite.   
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Figure 12.14 Effect of pH change on stability of Hg(II)-contacted pyrite: [Hg(II)]o=1 mM, 
solid loading = 1 g/L, contact time = 30 minutes, pH was first increased from pH 2.4 to pH 
10 and then decreased to pH 3.0. 
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Figure 12.15 Secondary SEM images of pyrite after contact with Hg(II) (1.0 mM) at (a) pH 
2.4(i) and (b) pH 10(a.b.t). 
   

Figure 12.16 shows the Hg 4f XPS spectra for pyrite after contact with Hg(II) (1 mM) 

at (a) pH 2.4(i) and (b) pH 10(a.b.t) . The peaks of Hg 4f5/2 and Hg 4f7/2 are centered between 104.5 

and 104.8 eV and between 100.5 and 100.7 eV, respectively. These values are in good agreement 

with those reported in the literature (92, 93). Furthermore, the FHWM values of Hg 4f7/2 are 

between 1.02 and 1.08 eV, which are in accordance with the previous results by others. The Hg 

4f7/2 peaks covered binding energies between 99.5 eV and 101.5 eV, so it is possible that peaks 

for Hg(I) were present, in addition to peaks for Hg(II).    

 Figure 12.17 shows the results of Fe 2p3/2 XPS spectra for pyrite reacted with Hg(II) (1 

mM) at pH 2.4 and pH 10. The pH 2.4(i) sample has peaks associated with three different Fe 

species (Fe(II)-S, Fe(III)-S, Fe(III)-O) that are located at 706.7, 709.3, and 710.5 eV, r espectively.  

It also shows the peak associated with Fe(III)-O species at a higher intensity than observed for 

pure pyrite at pH 4. For the pH 10(a.b.t) sample, however, only oxidized forms of Fe such as 

Fe(III)-S and Fe(III)-O are observed, whereas the spectra for pure pyrite at pH 10 has a dominant 

peak associated with reduced iron, Fe(II)-S (32.4 %), as well as peaks associated with oxidized 

forms. The difference in the extent of Fe oxidation in the samples at different pH could be caused 

by different amounts of Hg(II) on the surface that would result in different extents of surface 
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reaction, or by other reactions that oxidize surface Fe.  

 Figure 12.18 shows the S 2p XPS spectra for pyrite after contact with Hg(II) at (a) pH 

2.4(i) and (b) pH 10(a.b.t). The pH 10(a.b.t) sample had previously contacted solutions at lower pH. 

For the pH 2.4(i) sample, there were no important changes in chemical states for surface sulfur 

species, compared to pure pyrite at pH 4. However, the pH 10(a.b.t) sample shows the presence of 

different sulfur species (S(-II), S(-I), S(0), S(+VI)) that could be produced by surface 

disproportionation reactions of the sulfur surface sites. Similar reactions have been observed 

pyrite reduces Cr(VI) (228) or Se(IV) (Section 5). If Hg(II) is reduced by pyrite, the surface S(-I) 

specie could be oxidized to thiosulfate (S2O3
2-) along with the oxidation of the surface Fe(II) to 

Fe(III). Subsequently, the thiosulfate ions could disproportionate into elemental sulfur (So) and 

tetrathionate (S4O6
2-). Finally, tetrathionate can be oxidized to sulfate ions when Hg(II) is 

reduced. Production of monosulfide ions (S(-II)) could be associated with disproportionation of 

pyrite to monosulfide and polysulfide as shown in Equation (13.5) (229).  

 3FeS2(pyrite)  → ≡Fe(III)2S3 + ≡Fe(II)S3 (12.5) 

where “≡” indicates a surface species, ≡Fe(III)2S3 and ≡Fe(II)S3 indicate monosulfide bonded to 

Fe(III) and polysulfide (S3
2-) bonded to Fe(II). At higher pH, the presence of thiosulfates, sulfates 

and sulfites also could be caused by the oxidative dissolution of pyrite (92). However, the 

occurrence of S(-II) can also be explained by Reactions (12.3) and (12.4), and thereby the 

presence of S(-II) supports the idea that HgS(s) or Hg2S(s) are being formed. This was also 

indicated by Hg 4f peaks (Figure 12.16) that show the potential for existence of Hg(I). 

 In summary, the pyrite reacted with higher concentrations of Hg(II) at pH 10 produces a 

stable solid that shows no release of Hg(II) as pH was changed. This stability could be the result 

of formation of precipitates (HgS(s) or Hg2S(s)) as indicate by XPS analysis.  
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Table 12.8 Binding energies (BE), full width at half maximum (FWHM), 
and area percentage for peaks in the Fe 2p3/2 XPS spectra of pyrite after 
contact with Hg(II) (1 mM) at pH 2.4(i) and pH 10(a.b.t). 
Samples pH sample BE (eV) 

 

FHWM (eV) 

 

Area (%) 

 

Chemical 

 
Fe 2p3/2      
 2.4(i) 706.7 0.91 67.4 Fe(II)-S 
  709.3 0.98 4.93 Fe(II)-O 
  710.5 1.58 27.6 Fe(III)-O 

 10(a.b.t) 708.8 0.60 8.40 Fe(III)-S 
  709.5 0.99 25.4 Fe(III)-S 
  710.4 1.42 34.1 Fe(III)-O 
  711.5 2.22 32.0 Fe(III)-O 

S 2p      
 2.4(i) 162.7 1.09 81.7 S2

2- 
  163.9 0.65 18.3 S2

2- 
 10(a.b.t) 161.5 0.81 18.2 S2- 
  162.4 1.08 52.9 S2

2- 
  163.5 1.22 15.9 S2

2- 
  166.3 1.00 2.33 So 
  168.4 1.64 10.6 SO4

2- 
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Figure 12.16 High resolution Hg 4f XPS spectra for pyrite after contact with Hg(II) (1 mM) 
at (a) pH 2.4(i) and (b) pH 10(a.b.t). 
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Figure 12.17 High resolution Fe 2p3/2 XPS spectra for pyrite after contact with Hg(II) (1 
mM) at (a) pH 2.4(i) and (b) pH 10(a.b.t). 
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Figure 12.18 High resolution S 2p XPS spectra for pyrite after contact with Hg(II) (1 mM) 
at (a) pH 2.4(i) and (b) pH 10(a.b.t). 
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13. SORPTION OF MERCURY(II) TO ADSORBENTS/REACTANTS: 

2. MACKINAWITE (FeS) 

 Removal of Hg(II) by FeS was observed to be rapid. At an initial concentration of 500 

μM, complete removal occurred within 10 minutes. At higher initial concentrations, more time 

was required to achieve greater than 99 % removal. Removal experiments were conducted to 

evaluate the ability of FeS to remove Hg(II) over a period of 24 hours. The amounts of Hg(II) 

removed per mass FeS were high and were a function of the concentration of Hg(II) in solution 

at the end of the experiment. Loadings in excess of 50 mmol/g were observed in several 

experiments. Concentrations of Fe(II) in solution were measured in some experiments to provide 

information on the mechanism of removal. The concentration of iron released to the solutions 

remained relatively low, typically below 3 μM. This would present less than 1 % of the Hg(II) 

removed, so a simple exchange of Hg(II) for Fe(II) in the solid (FeS) does not explain the results. 

Fe(II) must remain as a solid phase, either by precipitation as a hydroxide or as a mixed Fe-Hg 

solid phase that contains hydroxide or another anion such as chloride. The removal pattern for 

Hg(II) by FeS differs depends on pH. Data for the experiments conducted at pH 10 show a 

relationship for solid phase concentration and liquid phase concentration that is best described by 

a BET model. This indicates that when concentrations are high enough, Hg(II) on the surface 

reacts to produce other solids that increase the amount of Hg(II) that can be removed from the 

liquid phase. The removal patterns at lower pH values were better described by the Langmuir 

model. However, BET-like behavior might have been observed at lower pH values if longer 

reaction times were evaluated. Sulfate tended to increase the amounts of Hg(II) removed by FeS, 

but the effect was not large. This might be caused by sulfate ions being incorporated into mixed 

Hg-Fe solid phases. Removal of sulfate from solution was observed, but the amounts were much 

lower than the increased amount of Hg(II) that was removed in the presence of sulfate. The 
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results of XPS analysis for mackinawites contacted with Hg(II) for a period of 30 days shows the 

presence of Hg(I) in addition to Hg(II), as well as oxidized iron and sulfur species. Stability tests 

for mixtures of Hg(II) and FeS were conducted at two initial Hg(II) concentrations. At low initial 

concentration, results showed good removals were observed for all pH and good stability. XPS 

showed reduction of Hg(II) to Hg(I) coupled with some evidence of oxidation of the surface Fe 

and S species. At high initial concentration of Hg(II), high removals were observed under all 

conditions and high levels of stability were measured. XPS analysis indicated similar patterns in 

oxidation state of Hg, along with oxidation of Fe and S. 

13.1 Introduction 

 Mercury has been considered to be a global contaminant of significant concern for 

centuries due to its high toxicity and bioaccumulation via the aquatic food chain, which seriously 

affects natural ecosystems and the heath of humans. Historically, the first mercury-related 

disaster occurred in the mid 1950s at Minamata, which is a city located in Japan on the coast of 

the Yatsushiro Sea. More than a few hundred people died as a result of dumping 27 tons of 

mercury compounds into Minamata Bay (69). Exposure to high levels of mercury can cause 

inhibition of enzyme activity, cell damage, impairment of pulmonary function and kidney 

performance, chest pain, and damage to the central nerve system (12, 71). Also, trace quantities 

of mercury may accumulate in the biosphere, so that many ecologists and health authorities have 

paid considerable attention to this problem. Mercury contamination occurs due to releases from 

anthropogenic and natural sources including chloro-alkali plants, mining and smelting activities, 

coal-fired power plants, electrical and electronic manufacturing plants, and a variety of 

incinerator facilities (72, 73). Among them, coal-fired power plants and incinerator facilities are 

the major source, constituting 77 % of anthropogenic Hg emissions in the United States and 

emitting 120 ton of Hg per year (74). Removal of inorganic Hg from emissions is a crucial 
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process because in aquatic ecosystems, most inorganic Hg is transformed to methylmercury 

(MeHg), which leads to highly elevated concentrations in aquatic fish and wildlife (75).  

 Inorganic mercury exists in the aqueous environment primarily as divalent mercury 

(Hg(II)), however, the zero-valent state can also exist under some conditions (76, 77). However, 

formation of Hg(0) is slow without biological action and it is expected to volatilize if it is 

produced (76, 77). Under reducing conditions, the primary soluble complexes are those formed 

with sulfide (Hg(HS)2, HgS2H-, HgS2
2-) and insoluble solids are formed depending on various 

solution conditions (e.g., pH, [Hg]/[sulfide]). Under oxic conditions, on the other hand, mercury 

tends to complex with hydroxide (Hg2+, Hg(OH)+, Hg(OH)2(aq)), chloride (HgClOH(aq), HgCl2(aq), 

HgCl3
-), and sulfate (HgSO4) (76, 78, 79). In particular, in oxic seawater, mercury-chloro 

complexes (HgCl4
2-, HgCl-, HgCl2

o, HgCl+) are dominant, because chloride ion concentration is 

much higher than the concentrations of other halide ions, although other mercury-halide 

complexes are present (80). In such an environment, the concentrations of mercury-hydroxide 

complexes are not appreciable, because the pH of sea water is about 8. Many earlier studies 

reported that the maximum adsorption of Hg(II) by a variety of adsorbents (SiO2, bentonite, 

goethite) was observed below pH 5, but in the presence of Cl- ion, the extent of Hg(II) 

adsorption is considerably reduced because a lager fraction of mercury is present as HgCl2 (81).  

 Hg(II) is a “soft” Lewis acid that is preferentially bonded with “soft” Lewis bases.  

Since the thiol functional group is a soft base, sulfur-containing chemicals have been widely 

used to remove mercury (82, 83). For the same reason, mercury forms a very insoluble solid with 

sulfide (76, 77, 84, 85). However, there are problems associated with controlling the sulfide dose 

in treatment processes. If excess sulfide is added, then soluble Hg-S complexes are formed and 

the effluent concentrations of soluble mercury increases (86). In general, the solubility of Hg-

sulfide solid phases depends on pH and sulfide concentration. At low pH and low sulfide 
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concentration, formation of insoluble mercuric sulfide solid phase (HgS) is preferred, whereas 

soluble Hg-S complexes occur at high pH and high sulfide concentrations (79).   

 A way of avoiding the problems that occur in precipitation processes that use soluble 

reagents is to dose with large particles of iron sulfide, which gradually dissolve to produce the 

needed sulfide (76). If smaller particles are added, the removal mechanism will include sorption 

and surface reaction. Nano-scale iron sulfide particles have been produced microbially or 

abiotically and applied to removal of mercury (37, 70, 87, 88). Particle sizes around 2-5 nm and 

specific surface areas of 280-500 m2/g have been reported (88). Evidence for the production of 

solid phase products via surface reaction is found in the decrease in soluble mercury 

concentration with time (1 to 24 hr) that becomes more pronounced as the surface concentration 

is increased (87). Other metals besides Hg were shown to be removed by biogenic FeS (87, 88). 

Chemical synthesis of nano-sized FeS has also been reported (89, 90). Others have also reported 

that iron sulfides are good reagents for removing mercury from solution (10-12, 70, 84, 91-93). 

For example, Liu et al. (2008) investigated interactions between aqueous Hg(II) and FeS in batch 

sorption experiments and found that the maximum removal capacity at lower pH was 

approximately 0.75 mol Hg(II)/mol FeS. They also used X-ray power diffraction (XRPD) to 

identify the major products as metacinnabar, cinnabar, and mercury iron sulfide (10).    

The goals of this work are to investigate the kinetics and extent of removal of Hg(II) by 

synthetic mackinawite (FeS) as affected by pH and competing ion (sulfate), to determine the 

stability of mackinawite combined with Hg(II), and to evaluate the solid phases to better 

understand the chemical changes that occur in order to improve stability. To understand what 

chemical changes occur when target compounds interact with the surfaces of solids and affect 

stability, the solid surfaces are characterized with X-ray photoelectron spectroscopy (XPS). XPS 

provides information on the chemical structures that exist on the surface in terms of oxidation 
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state of individual elements and the element pairs that are present. If solids are sufficiently stable, 

they can be disposed to the environment without concern for subsequent release and 

environmental contamination.    

13.2 Materials and Method 

13.2.1 Materials 

 All materials and chemicals applied in this study were used as in experiments on 

removal of Hg(II) by pyrite that were described in Section 12, except that mackinawite was used 

instead of pyrite. The method for synthesis of mackinawite was described in Section 7.    

13.2.2 Kinetic Experiments 

 A standard stock solution of mercury was prepared using HgCl2. Experiments were 

conducted at pH 8 with three different initial concentrations of mercury (500, 1000, 1250 μM) in 

the presence of 0.05 g/L FeS. To avoid formation of HgO(s), the mercury stock solution did not 

exceed a concentration of 1300 μM. A kinetic test was initiated by mixing a FeS slurry and the 

mercury stock solution in 20-mL vials to achieve concentrations of 0.05 g/L FeS and 500, 1000, 

1250 μM Hg. Acid (0.5 M HNO3) or base (0.5 M NaOH) were added to adjust the pH. The 

reaction vessels were mixed with an end-over-end rotator until the specified sampling time (10, 

30, 60, 150, 210, 330, 510, 750, 1440 min). Approximately 10 mL of suspension were removed 

and filtered using 0.02-μm anodisc membrane filters. All samples were stored prior to AAS 

analysis in an anaerobic chamber filled with 5% H2/95% N2 in order to avoid oxidation of 

mercury and changes in pH.    

13.2.3 Sorption/Reaction Experiments 

 Tests for removal of mercury by suspension of FeS were conducted in a similar manner 
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as the previous experiments that evaluated removal of Hg(II) by suspensions of pyrite (Section 

13). However, the concentration of FeS was adjusted to account for the higher affinity of 

mercury for the FeS surface. A FeS dose of 0.05 g/L was used with ten initial concentrations of 

mercury (33 to 826 µmol Hg/L) and four values of pH (pH 7, 8, 9, 10). A 24-hour reaction time 

was used and pH was adjusted by 0.5 M HNO3 or 0.5 M NaOH. Similar experiments were 

conducted to determine the effect of sulfate on mercury removal and they were conducted at pH 

8 and at three sulfate concentrations (0, 1, 10 mM).  

13.2.4 Stability of Hg(II)-Contacted FeS 

 This experiment was conducted using the same procedure followed for suspensions of 

pyrite (Section 13), but suspensions of mackinawite (FeS) were used instead. In this system, 

“stability” is measured by the ability of Hg(II) to resist release into the aqueous phase after 

removal to the surface of mackinawite. Stability experiments were conducted by first contacting 

mackinawite with a solution of Hg(II) and allowing the Hg(II) to be removed and to react with 

the mackinawite surface. Then the solution pH was changed in a series of steps and the 

concentration of mercury in the aqueous phase measured. The extent of release of mercury as pH 

was changed is a measure of the stability of the combination of mackinawite and Hg(II). At low 

molar ratio of mercury to iron sulfide ([Hg(II)]/[FeS]), the pH of the suspension was initially 

adjusted to pH 10.5 and then lowered to pH 3.5 in a series of steps, and subsequently raised back 

to near the initial pH value. Here, samples will be identified with the following nomenclature to 

simplify the discussion. The initial sample at pH 10.5 will be named the “pH 10(i)” sample and 

the sample at pH 3.5 after acid titration will be named the “pH 3.5(a.a.t)” sample. Another stability 

test was conducted at high [Hg(II)]/[FeS] in a similar way, but the initial pH was pH 10. Also, 

the pattern of nomenclature for samples at high [Hg(II)]/[FeS] is similar to that for samples at 

low [Hg(II)]/[FeS].             
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13.3 Results and Discussion 

13.3.1 Kinetics  

 Figure 13.1 shows the percentage of Hg(II) removed by FeS as a function of time. The 

experiments were conducted with a solid concentration of 0.05 g/L and different initial 

concentrations of Hg(II) (500, 1000, 1250 μM). The experiment conducted with an initial 

concentration of 500 μM Hg(II) was observed to reach complete removal most rapidly and did so 

within 10 minutes. Experiments conducted with other initial concentrations required longer 

reaction times to reach more than 99 % removal. In order to evaluate kinetic effects (how fast q 

increased) and equilibrium effects (how high q becomes after a sufficiently long time), a general 

kinetic model was used and its parameters were calculated by nonlinear regression. All of the 

details of the kinetic model were discussed in Sections 3 and 10-12. The key hypothesis of the 

kinetic model is that sorption occurs at two types of sites, i.e., fast-reacting sites and slow-

reacting sites. This allows the model to better describe a biphasic removal kinetics, which can 

occur when removal is affected by rapid external mass transfer followed by slower surface 

reactions. As shown in Table 13.1, the experiment with low initial concentration (500 µM) shows 

that all kinetic parameters associated with fast-reacting sites have larger values than those for 

slow-reacting sites, because removal by fast mass transfer to solid surface is predominant. As 

initial concentration increases, however, a biphasic sorption behavior was apparent, probably due 

to chemical interactions between mercury and the mackinawite surface. This resulted in lowering 

the rate coefficient (ks) for slow-reacting sites by a factor of 2 and 4, compared to those at 500 

and 1000 µM initial concentrations, and increasing the maximum solid phase concentration 

(qs,max) by three orders of magnitude.  

 To investigate the possibility that FeS dissolved and HgS(s) precipitated, the 

concentration of total Fe in solution was measured. Figure 13.1 shows the value of total Fe 
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concentration measured in samples contacted with Hg(II). The blanks were filtered solutions of 

0.05-g/L FeS stock solution that was adjusted to pH 8 but did not receive additions of Hg(II). 

Figure 13.1 shows that the values of total Fe released are less than about 0.5 % of total amount 

of Fe added as FeS (569 μM). The amount of Fe released to solution is too small to explain the 

amounts of mercury removed (500, 1000, 1250 μM), if the removal is due to precipitation of 

Hg(II) and solubilization of Fe(II). However, Hg(II) could precipitate as HgS and release Fe(II) 

that reacts to form another solid phase such as Fe(OH)2 at pH 8. Jeong et al. (12) proposed that 

resorption of the released Fe(II) by surface complexation at low initial Hg(II) concentration and 

formation of surface or bulk-precipitation of iron (hydr)oxides by large amounts of the released 

Fe(II) at high initial Hg(II) concentration could be responsible for decrease of dissolved Fe(II) 

concentration in solution.    

Table 13.1 Calculated parameters of the kinetic model for Hg(II) uptake by FeS at pH 
8. 

Initial Hg 

Concentration (µM) 

Parameters 

kf (min-1) ks (min-1) qf,max (μmol/g) qs,max(μmol/g) *GFP 
500 1.4×103±5.1×103  0.02±0.01 9.9×103±0.9 7.3±1.3  0.0001 

1000 81.7±46.3   0.01±0.01  1.8×104±1.2×102  1.9×103±2.2×102   0.009 

1250 4.3×1011±2.0×1011     0.005±0.004 2.3×104±6.0×102 1.3×103±2.3×102 0.007 

* Goodness of fit parameter (GFP) = /( 2)SSR n
q

− where SSR is sum of squared residual, n is the number of data points, 

q is average value of the concentration of Hg on pyrite  
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Figure 13.1 Percentage removal of Hg(II) and concentration of total Fe released as a 
function of time at pH 8 for three initial Hg(II) concentrations. 

 

13.3.2 Nonlinear Removal Patterns 

13.3.2.1 Effect of pH  

 Figure 13.2 shows the solid phase concentration of Hg(II) removed per mass on FeS at 

pH 7, 8, 9, 10. These experiments were conducted with a concentration of FeS of 0.005 g/L and a 

contact time of 24 hours. The method of presentation is similar to that used to describe 

equilibrium sorption isotherms, but in this case there is no intention to imply that equilibrium has 

been reached. The hard/soft acid/base theory indicates that Hg(II) would be strongly attracted to 

sulfide and likely to form soluble complexes, surface complexes, surface precipitates such as (Fe, 

Hg)S(s) and separate solid phases, such as cinnabar (HgS) or metacinnabar (β-HgS). These forms 

of HgS would be produced by substitution of Fe(II) in FeS by Hg(II), which is consistent with a 

soft Lewis acid strongly reacting with soft Lewis base. Jeong et al. (12) suggested several 

reaction mechanisms leading to strong bonds, including formation of precipitates (Equations 
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13.1,13.2) or surface complexes (Equation 13.3), when the molar ratio of Hg(II) to FeS(s) is less 

than 1. 

 (s) 1- (s)FeS + Hg(II) [Fe ,Hg ]S + Fe(II)x xx x→  (13.1) 

 (s) (s)FeS Hg(II) HgS + Fe(II)+ →  (13.2) 

 FeS + Hg(II) FeS-Hg(II)≡ → ≡  (13.3) 

The tendency of Hg(II) to form surface complexes and solid phases with sulfide could 

lead to relationships between concentration of Hg(II) on solid phase and concentration of Hg(II) 

in aqueous phase shown in Figure 13.2 that have the appearance of a BET isotherm. However, 

the relationships between solid phase concentration and aqueous phase concentration that are 

presented here are not equilibrium relationships, so they are not isotherms. The results obtained 

at pH 10, show behavior that is similar to a BET isotherm (Figure 13.2(a)). However, not all 

results that have been obtained follow the shape of a BET isotherm. At pH 7, 8, and 9, Hg(II) 

sorption behavior seems to follow a relationship that is similar to a Langmuir isotherm, although 

there is a decrease in solid phase concentration at higher aqueous phase concentrations that is not 

consistent with a Langmuir isotherm. The Langmuir-like behavior is also evident in data 

obtained at lower concentrations, which is shown in Figure 13.2(b).  

 Other hypotheses are required to explain the observed behavior. Above pH 7, Fe(II) that 

is released from FeS by exchange with Hg(II) may precipitate as ferrous hydroxide (Fe(OH)2) 

and this solid could accumulate on the surface of FeS. This would reduce the area available for 

removal of Hg(II) from solution. How this mechanism would result in the observed behavior is 

not clear. The experiment conducted at pH 10 gave results that are similar to those that would be 

predicted by a BET isotherm (Figure 13.2(a)) and this can be interpreted as the result of 

adsorption followed by surface precipitation. Behra et al. (92) and Bonnissel-Gissinger et al. 

(263) observed that the surface of pyrite was oxidized under basic conditions (pH ≥ 10) and was 



347 

 

  

covered by Fe(III) oxyhydroxides that can also serve sorption sites for Hg(II). Similar behavior 

was observed on the surface of pure FeS at pH 10 before contact with any contaminant (Section 

8). FeS could undergo oxidative dissolution and form Fe(III) oxyhydroxides that provide 

additional sorption sites for Hg(II) removal. Alternatively, other surface reactions could lead to 

formation of HgS(s) and Fe(OH)2 or mixed solid phases containing Hg(II), Fe(II), S(-II) and other 

anions such as hydroxide or chloride.  
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Figure 13.2 Measured concentrations of Hg(II) on FeS as functions of concentration in 
water for various pH: (a) at all Hg concentrations and (b) at lower Hg concentrations.  
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Figure 13.2 Continued.  
 

13.3.2.2 Effect of Sulfate Concentrations 

 Figure 13.3 shows the effect of sulfate (1, 10 mM) on solid phase concentration of 

Hg(II) at pH 8. These results were obtained from batch experiments with a solid concentration of 

0.005 g/L and 24-hour contact time. The same behavior is shown in the presence of sulfate as in 

its absence. The solid phase concentrations of Hg(II) increase and then decrease with liquid-

phase concentration of Hg(II). The solid-phase concentrations are slightly higher when sulfate is 

present. One explanation for the positive effect of sulfate, is that mixed solid phases are being 

formed after removal of Hg(II) from solution. If Hg(II) were the only compound being removed 

from solution, then the surface would develop a positive charge, which would limit the amount 

of Hg(II) removed. This could be balanced by release of positive charge by release of Fe(II). 

However, the amount of iron released was not sufficient to balance charge of the amount of 

mercury transferred to the solid (Equation 13.1). Another way to balance charge would be for a 

negatively charged ion to be removed from solution. Sulfate could act as such an anion and could 
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sorb onto the surface and become incorporated into a mixed mercury-iron-sulfide-sulfate solid 

phase. 
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Figure 13.3 Amounts of Hg(II) removed per mass of solid (FeS) as functions of 
concentration of Hg(II) in water as affected by sulfate concentration (0, 1, and 10 mM) at 
pH 8. 
 

 An alternative mechanism for the positive effect of sulfate is formation of a mixed 

Fe(II)-Fe(III)-OH-SO4 solid phases called green rust (Fe4
IIFe2

III(OH)12(SO4)). This mechanism 

could be initiated by formation of a Hg-rich sulfide and release of Fe(II) as suggested by Jeong 

et al. (12) (Reactions 13.1 and 13.2). The next step would be oxidation of Fe(II) to Fe(III) and 

reduction of Hg(I) or Hg(0). The final step would be formation of green rust 

(Fe4
IIFe2

III(OH)12(SO4)). There is evidence available to document the redox reaction that 

produces Fe(III) by reaction of pyrite with Hg(II) (Section 12).  
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13.3.3 Spectroscopic Investigations of Hg(II)-Contacted FeS 

 Figure 13.4 shows the Hg 4f XPS spectra of mackinawite reacted with Hg(II) for 

different times (1, 15, 30 days). The Hg 4f spectra is composed of two peaks (Hg 4f7/2 and Hg 

4f5/2) separated by a spin orbit splitting of about 4.0 eV. The Hg 4f7/2 peaks are centered at 

binding energy between 100.4 eV to 100. 7 eV, which is where peaks associated with Hg(II) and 

Hg(I) species would be located (276). Hg(0) species are usually observed at binding energies 

between 99.2 and 99.8 eV, which is located in the lower energy tail of the Hg 4f7/2 spectra (276, 

277). Therefore, Figure 13.4 indicates that Hg(II) and Hg(I) species are present, but Hg(0) is not 

present when mackinawite is allowed to react with Hg(II) for 30 days.   

 Figure 13.5 shows the Fe 2p3/2 XPS spectra of mackinawite reacted with Hg(II) for 1, 

15, and 30 days. After 1 day, peaks associated with three different Fe species (Fe(II)-S, F(III)-S, 

Fe(III)-O) were observed. However, the intensity of peaks associated with Fe(III) species 

increased with reaction time, while those of Fe(II)-S species decreased. This oxidation of iron 

sorption sites could be related to reduction of Hg(II) to Hg(I) or to reduction of other chemicals.   

 Figure 13.6 shows the S 2p XPS spectra of mackinawite reacted with Hg(II) for 

different times. Oxidation of S(-II) species is not observed in the S 2p spectra until 15 days of 

reaction. At 30 days, peaks associated with products of reaction of S(-II), such as polysulfides 

(Sn
2-) appear. Tables 13.2 – 13.4 summarize data for binding energies (BE), peak full width at 

half maximum (FWHM), peak area percentage for Hg 4f7/2, Fe 2p3/2, and S 2p spectra of FeS 

contacted with Hg(II) for different times. 
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Figure 13.4 High resolution Hg 4f XPS spectra for FeS (1 g/L) reacted with Hg(II) (200 
μM) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days. 
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Figure 13.5 High resolution Fe 2p3/2 XPS spectra for FeS (1 g/L) reacted with Hg(II) (200 
μM) at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days.   
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Figure 13.6 High resolution S 2p XPS spectra for FeS (1 g/L) reacted with Hg(II) (200 μM) 
at pH 8 for various times: (a) 1 day, (b) 15 days, (c) 30 days.   
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Table 13.2 Binding energies (BE), peak full width at half maximum (FWHM), 
peak area percentage for Hg 4f7/2 XPS spectra of FeS contacted with Hg(II) for 
various times and for reference materials. 
Samples Contact time (days)  χ2 BE (eV) FHWM (eV) Chemical states 

Mackinawite+Hg(II) 1 2.57 100.6 1.53 Hg(I)/Hg(II) 
 15 2.57 100.7 2.07 Hg(I)/Hg(II) 
 30 2.58 100.4 1.61 Hg(I)/Hg(II) 
Hg(0) - - 99.2 ~ 99.8 - Hg(0) 
Hg2Cl2 - - 100.8 ~ 101.0 - Hg(I) 
HgS - - 100.0 ~ 100.9 - Hg(II) 
HgCl2 - - 100.8 ~ 101.6 - Hg(II) 

 

Table 13.3 Binding energies (BE), peak full width at half maximum (FWHM), 
peak area percentage for Fe 2p3/2 XPS spectra of FeS contacted with Hg(II) for 
various times. 
Sample Contact time 

   

χ2 BE (eV) FHWM (eV) Area (%) Chemical states 
Mackinawite 0 0.49 706.0 0.46 9.07 Fe(II)-S 

706.4 0.52 13.8 Fe(II)-S 
706.9 0.72 18.7 Fe(II)-S 
707.7 1.02 19.8 Fe(II)-O 
708.8 1.29 15.0 Fe(III)-S 
710.1 1.71 15.2 Fe(III)-O 
711.8 2.44 8.23 Fe(III)-O 

Mackinawite+Hg(II) 1 0.70 706.8 0.81 7.90 Fe(II)-S 
708.1 1.07 19.6 Fe(III)-S 
709.2 1.24 31.6 Fe(III)-S 
710.3 0.99 23.4 Fe(III)-O 
710.9 0.41 6.14 Fe(III)-O 
711.6 0.48 7.10 Fe(III)-O 
712.0 0.23 3.85 Fe(III)-O 

 

 

 

15 0.54 707.1 1.14 8.51 Fe(II)-S 
708.3 1.26 19.7 Fe(III)-S 
709.2 0.83 14.1 Fe(III)-S 
710.1 1.08 21.8 Fe(III)-O 
710.9 1.25 18.3 Fe(III)-O 
712.1 1.37 13.5 Fe(III)-O 
713.5 1.29 3.98 Fe(III)-O 

30 1.02 707.7 0.78 16.3 Fe(II)-O 
708.5 0.62 7.95 Fe(III)-S 
709.4 1.13 11.7 Fe(III)-S 
710.9 0.89 21.3 Fe(III)-O 
711.6 0.64 12.9 Fe(III)-O 
712.3 0.47 6.69 Fe(III)-O 
713.0 1.13 23.0 Fe(III)-O 
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Table 13.4 Binding energies (BE), peak full width at half maximum (FWHM), 
peak area percentage for S 2p XPS spectra of FeS contacted with Hg(II) for 
various times. 
Sample Contact time 

 

χ2 BE (eV) FHWM (eV) Area (%) Chemical states 

Mackinawite 0 0.46 161.4 0.63 18.1 S2- 
   162.1 0.85 42.6 S2- 
   163.1 1.19 39.3 Sn

2- 
Mackinawite+Hg(II) 1 0.76 161.1 1.16 72.2 S2- 

161.8 0.43 13.6 S2- 
161.2 0.27 7.22 S2- 
162.4 0.26 6.95 S2- 

 15 0.99 161.2 0.46 38.5 S2- 
161.7 0.48 31.2 S2- 
162.5 0.47 22.4 S2- 
162.8 0.47 7.85 Sn

2- 
 30 0.96 161.2 0.66 24.0 S2- 

161.8 0.33 17.2 S2- 
162.2 0.41 26.3 S2- 
162.9 0.82 32.6 Sn

2- 

 

13.3.4 Stability of Hg(II)-Contacted Mackinawite 

13.3.4.1 Low Molar Ratio of [Hg]/[FeS] 

 Figure 13.7 shows the results of stability experiments for Hg(II)-contacted mackinawite 

in which release of Hg was measured over a range of pH. Removal of Hg(II) was high (>98%) 

but increased as pH decreased from the initial value and resulted in nearly complete removal 

below pH 7. When pH was raised back to the initial pH value, no release of Hg(II) to the solution 

was observed, indicating that strong chemical interactions between Hg(II) and the mackinawite 

surface had occurred. Based on previous XPS results for mackinawite reacted with Hg(II) at 

various times, the spectra associated with Fe, S and Hg were collected, revealing that a mixture 

of iron-sulfur-mercury was present on the mackinawite surface. Thus reactions described by 

Equations (13.1) and (13.3) could be important, but reaction described by Equation (13.2) could 

not be totally neglected because Fe(II) can resorb on the HgS(s) surface. Jeong et al. (12) show by 

XRD analysis that mackinawite after contact with Hg(II) forms metacinnabar (β-HgS). However, 

greater reductive degradation of hexachloroethane was observed with the metacinnabar phase 
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formed in the mackinawite suspension than with pure metacinnabar (278). Therefore, whatever 

the surface reaction pathways, mercury appears to be bound to stable solid phases by strong 

bonds so that it is not easily released to solution as pH changes.            
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Figure 13.7 Effect of pH on removal of Hg(II) (6.48 µM) by FeS (1 g/L) as pH was 
decreased from pH 10.5 and subsequently increased. 
 

 Figure 13.8 shows the Hg 4f XPS spectra of pH 10.5(i) and pH 3.5(a.a.t). The peaks of the 

Hg 4f spectra associated with Hg(II) and Hg(I) for both samples were centered at binding 

energies between 100.2 and 100.5 eV. A peak associated with Hg(0) would appear in the low 

energy tail of the Hg 4f7/2 spectra between 99.2 and 99.8 eV. Therefore, Hg(II) and Hg(I) species, 

rather than Hg(0), are present on the surface of mackinawite after 30 days of contact time.   

 Figure 13.9 shows the Fe 2p3/2 XPS spectra for pH 10.5(i) and pH 3.5(a.a.t) samples. All 

peaks associated with Fe(II)-S components were small or not present at all, while the relative 

intensity of peaks associated with oxidized forms of iron (Fe(III)-S and Fe(III)-O) increased, 

compared to pure mackinawite at pH 10 and pH 4 (Section 8). The oxidation of surface Fe might 
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be caused by redox reactions with Hg(II) or with other chemicals.  

 Figure 13.10 shows the S 2p XPS spectra for pH 10.5(i) and pH 3.5(a.a.t) samples. Both 

spectra show the presence of oxidized components of sulfur (Sn
2-, So, SO4

2-) as well as S(-II). The 

oxidation of S(-II) could be caused by oxidative dissolution without reaction with Hg(II), as 

indicated by the presence of polysulfides (Sn
2-) in spectra for pure mackinawite at pH 4 and 10 

(Section 8). However, the continued presence of S(-II) indicates the potential to form precipitates 

such as (Fe,Hg)S or HgS.  

Table 13.5 Binding energies (BE), full width at half maximum (FWHM), 
and area percentage for peaks in the Fe 2p3/2 and S 2p XPS spectra of 
mackinawite at pH 10.5(i) and pH 3.5(a.a.t). 
Spectra pH BE (eV) FHWM (eV) Area (%) Chemical states 
Fe 2p3/2      
 10.5 706.5 0.45 3.62 Fe(II)-S 
  707.4 0.85 8.22 Fe(II)-O 

  708.3 1.68 37.1 Fe(III)-S 
  709.5 1.46 27.6 Fe(III)-S 
  711.7 2.18 23.3 Fe(III)-O 
 3.5 707.3 1.62 14.7 Fe(II)-O 
  708.3 1.23 34.8 Fe(III)-S 
  709.2 0.91 19.6 Fe(III)-S 
  710.2 1.49 28.7 Fe(III)-O 
  711.5 0.44 2.12 Fe(III)-O 

S 2p      
 10.5 160.9 1.50 42.4 S2- 
  161.8 0.43 16.8 S2- 
  162.6 0.64 12.0 S2- 
  163.6 0.39 5.98 Sn

2- 
  165.4 1.47 6.73 So 
  167.4 1.05 8.55 SO4

2- 
  168.5 1.34 7.47 SO4

2- 
 3.5 160.4 3.17 47.3 S2- 
  161.3 1.52 18.6 S2- 
  162.5 0.87 12.5 S2- 
  163.6 0.72 5.77 Sn

2- 
  167.7 3.22 15.8 SO4

2- 
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Figure 13.8 High resolution Hg 4f XPS spectra for mackinawite after contact with Hg(II) 
(6.48 μM) at (a) pH 10.5(i) and (b) pH 3.5(a.a.t).  
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Figure 13.9 High resolution Fe 2p3/2 XPS spectra for mackinawite after contact with Hg(II) 
(6.48 µM) at (a) pH 10.5(i) and (b) pH 3.5(a.a.t). 
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Figure 13.10 High resolution S 2p XPS spectra for mackinawite after contact with Hg(II) 
(6.48 µM) at (a) pH 10.5(i) and (b) pH 3.5(a.a.t). 
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13.3.4.2 High Molar Ratio of [Hg]/[FeS] 

 Figure 13.11 shows how pH affects release of Hg(II) from FeS. Additional Hg(II) was 

removed as pH decreased from the initial value, but good removal of Hg(II) (>99%) was 

observed for all conditions. Furthermore, as pH increased, there was no release of Hg(II) to 

solution, indicating that mercury was strongly bound. This could be caused by formation of 

mixed iron-mercury sulfide precipitates such as (Fe, Hg)S(s), or HgS(s) or strong surface 

complexes (≡FeS-Hg(II)). Formation of such solid-phase products could be responsible for the 

stability of Hg(II) in contact with FeS.    
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Figure 13.11 Effect of pH on removal of Hg(II) (1.0 mM) by FeS (1 g/L) as pH decreased 
from pH 10 and subsequently increased.  
 

 Figure 13.12 shows the Hg 4f spectra for pH 10(i) and pH 3.5(a.a.t) samples. The Hg 4f7/2 

peaks of both samples are centered at 100.2 eV and FHWM values for their peaks are about 0.98 

eV. This indicates the presence of Hg(II) or Hg(I) species. Also, the highly symmetric shape of 

the Hg 4f7/2 peaks indicates that other Hg species (e.g., Hg(0)) are not present, even though low 



362 

 

  

energy tails of the Hg 4f7/2 peaks covers the binding energies (99.2 to 99.8 eV) associated with 

Hg(0).  

 Figure 13.13 shows XPS results for Fe 2p3/2 spectra of pH 10(i) and pH 3.5(a.a.t). Both 

spectra show that peaks associated with oxidized forms of Fe such as Fe(III)-S and Fe(III)-O are 

important. Oxidation of surface Fe could occur by redox reactions with Hg(II) or with other 

chemicals.  

 Figure 13.14 shows S 2p spectra for Hg(II)-contacted FeS at pH 10 and pH 3.5. Both 

spectra show the presence of oxidized species such as polysulfides (Sn
2-) or elemental sulfur (So) 

in addition to S(-II). However, S(-II) species contribute more to the overall intensity of the S 2p 

spectra, so it is more likely that they react with Hg(II) to form precipitates or surface complexes. 

Jeong et al. (12) suggested an alternative theoretical mechanism for the formation of discrete 

precipitates of HgS(s) through a disproportionation reaction with elemental sulfur. 

 2- +
2 (s) 4

4 4 1 8S(0) Hg(II) H O HgS SO H
3 3 3 3

+ + → + +  (13.4) 

However, the formation of discrete HgS(s) by the reaction described by Equation (13.4) could not 

be substantial, because the relative peaks for So in spectra of the pH 10 and pH 3.5 samples 

account for only 8.1 % and 7.8 % of total peak area (Table 13.5).      
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Figure 13.12 High resolution Hg 4f XPS spectra for mackinawite after contact with Hg(II) 
(1 mM) at (a) pH 10(i) and (b) pH 3.5(a.a.t).   
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Figure 13.13 High resolution Fe 2p3/2 XPS spectra for mackinawite after contact with 
Hg(II) (1 mM) at (a) pH 10(i) and (b) pH 3.5(a.a.t).   
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Figure 13.14 High resolution S 2p XPS spectra for mackinawite after contact with Hg(II) (1 
mM) at (a) pH 10(i) and (b) pH 3.5(a.a.t). 
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Table 13.6 Binding energies (BE), full width at half maximum 
(FWHM), and area percentage for peaks in the Fe 2p3/2 XPS spectra of 
mackinawite after contact with Hg(II) at (a) pH 10.5(i) and (b) pH 
3.5(a.a.t). 
Spectra pH BE (eV) FHWM (eV) Area (%) Chemical States 

 
Fe 2p3/2      
 10 707.2 0.53 5.60 Fe(II)-S 
  707.6 0.47 8.53 Fe(II)-O 

  708.2 0.96 28.0 Fe(III)-S 
  709.1 1.23 36.8 Fe(III)-S 
  709.9 0.56 5.85 Fe(III)-S 
  710.7 1.37 15.1 Fe(III)-O 
 3.5 707.9 1.42 9.52 Fe(II)-O 
  708.4 0.93 18.9 Fe(III)-S 
  708.9 0.56 7.71 Fe(III)-S 
  709.6 1.17 39.5 Fe(III)-S 
  710.7 1.37 24.3 Fe(III)-O 

S 2p      
 10 161.1 0.76 19.2 S2- 
  161.6 0.98 26.3 S2- 
  162.5 1.34 28.0 S2- 
  164.2 1.42 4.04 Sn

2- 
  165.4 2.68 8.10 So 
  167.8 1.35 14.4 SO4

2- 
 3.5 161.6 0.79 38.2 S2- 
  162.6 1.24 32.4 S2- 
  163.3 1.18 10.0 Sn

2- 
  165.9 0.66 7.82 So 
  167.5 0.99 11.4 SO4

2- 
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14. CONCLUSIONS 

14.1 Summary and Overall Merits 

This study was performed with two types of batch reactor systems. One was for arsenic 

removal from solution using synthesized nanoporous titania adsorbents (NTAs) and the other one 

was for removal of As, Hg, Se using synthesized nano-particulate iron sulfides as 

adsorbent/reactants. For NTAs, the research work was aimed at enhancing adsorption capacity 

for arsenic compared to conventional adsorbents, and this was believed possible because NTAs 

have highly regular mesoporosity with high surface areas containing a large number of surface 

functional groups that more strongly attract arsenic.  

In Section 3, a highly ordered mesoporous silica solid phase (SBA-15) that can 

incorporate reactive titania sorption sites and mesoporous titania (MT) were successfully 

synthesized. Titania was incorporated into the mesoporous silica at various levels and these 

NTAs were identified as Ti(x)-SBA-15, where “x” represents the mass fraction of titania. Ti(25)-

SBA-15 had a greater maximum sorption capacity for As(III) than did Ti(15,35)-SBA-15 as 

determined by fitting the Langmuir isotherm to obtain qmax (μmol/g). Arsenic uptake by NTAs 

was very fast and followed a bi-phasic sorption pattern, where sorption was fast for the first 10 

minutes, and then slowed and was almost completed within 200 minutes of contact. Distinct 

sorption maxima for As(III) removal were observed between pH 8 and pH 11 for MT and 

between pH 4 and pH 7 for Ti(25)-SBA-15. The amount of As(V) adsorbed generally decreased as 

pH increased.        

In Section 4, a surface complexation model (SCM) based on the diffuse layer model 

(DLM) was used to predict arsenic adsorption envelopes by NTAs under various environmental 

conditions. Arsenic adsorption envelopes showed that the optimal pH range for As(III) removal 

was between pH 4 and pH 7 for Ti(25)-SBA-15 and between pH 8 and 11 for MT. Maximum 
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removal efficiencies for As(V) by Ti(25)-SBA-15 was observed to be near pH 4 and the maximum 

for MT was in the pH range between pH 4 and pH 7. However, at environmental pH (near pH 7 

to pH 8) the extent of removal of As(III) and As(V) by MT was relatively greater than that by 

Ti(25)-SBA-15. Surface complexation modeling for As(III,V) adsorption by NTAs demonstrated 

the role of mono- and bidentate surface complexes in arsenic adsorption. 

This research work using iron sulfides aimed to provide fundamental information on the 

behavior of target contaminants (As, Se, Hg) with novel adsorbent/reactants (FeS, FeS2) as well 

as to develop techniques to form the adsorbent/reactants as nano-sized particles. These 

contaminants are important ones in ash and scrubber pond waters. This information will provide 

the basis for development of treatment processes for ash and scrubber pond effluents that will be 

effective in removing contaminants and will produce residuals that are stable (low leachability) 

when disposed to environment. Furthermore, the information will contribute to the knowledge 

base on the fate and transport of the target contaminants in the natural environment and in 

engineered environments such as ash and scrubber ponds. Based on the results of this study, 

information was developed on the effects of important variables (contact time, pH, reagent dose, 

and competing ion (sulfate)) on the ability of the novel adsorbent/reactants to initially remove 

target contaminants.  

In Sections 5 and 6, pyrite as nano-scale particles (below 500 nm) was successfully 

synthesized and applied to remove selenium (Se(IV), Se(VI)) from solution. The sulfur sites on 

the pyrite were found to play an important role in reducing Se(IV) to a variety of reduced species 

(Se(0), Se(-I), Se(-II)), but this was not true for Se(VI). The un-oxidized Fe on the pyrite surface 

was found to react with reduced forms of Se to form surface precipitates (FeSe or FeSe2) or other 

strongly bound surface complexes. The extent of removal of selenium (Se(IV), Se(VI)) by pyrite 

was affected by sulfate concentration at high concentrations of selenium in the aqueous phase 
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and at high pH. The mixture of pyrite and Se(IV) was found to be highly stable when pH was 

changed, but there was little stability observed for Se(VI). Therefore, it can be concluded that 

pyrite can remove Se(IV) and Se(VI) at intermediate concentrations in the presence of sulfate 

and  that after contact with pyrite, selenium resists release to solution as pH is changed.  

In Sections 7 and 8, nanoparticulate mackinawite was successfully synthesized and 

removed Se(IV) more rapidly from solution than Se(VI). After contact with mackinawite for 30 

days, the surface Fe and S sites contributed to reduce Se(IV), but there was little evidence of 

reduction of Se(VI). Removal of Se(IV) by mackinawite was more extensive than removal of 

Se(VI) and removal patterns for both depended on pH. Unlike what was observed for pyrite, 

sulfate (1, 10 mM) had little effect on removals of Se(IV) and Se(VI) by mackinawite, but there 

was some indication that sulfate promoted removal of Se(VI) at intermediate concentrations. 

Stability tests for mixtures of Se(IV) and FeS showed nearly complete removal at all but the high 

initial pH, i.e. high stability. Stability tests for mixtures of Se(VI) and mackinawite showed 

moderate removal at high pH, a minimum removal near pH 6 and nearly complete removal at 

high pH. Very high stability was observed with negligible release as pH decreased. Therefore, 

mackinawite appears to be a good adsorbent/reactant for removal of selenium because it can 

promote higher removal of selenium even in the presence of sulfate and because it shows high 

levels of stability when pH changes.    

In Section 9, XPS analysis of pyrite and mackinawite after contact with arsenic (As(III), 

As(V)) for 30 days showed evidence of reduction of arsenic accompanied by oxidation of the 

surface Fe and S. Regardless of adsorbent type, various oxidation states (i.e., As(V), As(III), 

As(II), As(I) for As(III)-contacted solids, As(III) and As(V) for As(V)-contacted solids) were 

observed in the As 3d5/2 spectra. The results suggest that there are surface reactions between 

arsenic and the surface of the solids (pyrite, mackinawite).    
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In Section 10, experiments showed that removal of As(V) from solution by pyrite was 

faster than removal of As(III), indicating that As(III) and As(V) are interacting differently with 

the pyrite surface. Removal of As(III) was observed to increase as pH increased across the range 

investigated (pH 7 – pH 10), whereas an optimum pH in the range between pH 8 and pH 9 was 

observed for removal of As(V). Sulfate had little effect on removal of As(III) or As(V) at the 

concentrations investigated (1, 10 mM), but there were small decreases in the amount of arsenic 

removed at the highest concentration of sulfate and the effect was more apparent with As(V) than 

with As(III).  Stability tests for mixtures of As(III) and pyrite showed low removal at low pH, 

increasing removal as pH was increased and moderate stability, i.e. moderate levels of release as 

pH was decreased, but the concentrations did not return to levels observed initially in the 

experiment. Stability of mixtures of As(V) and pyrite showed similar behavior except low 

removals were observed initially at high pH, removals increased as pH decreased and moderate 

to high levels of stability were observed as pH was raised back to the initial values. Therefore, 

pyrite could be expected to be a moderately effective adsorbent/reactant for removal of arsenic in 

terms of stability of the product, but inhibition of sulfate was moderate at given experimental 

conditions. 

In Section 11, removals of arsenic (As(III), As(V)) by mackinawite were fast with half 

lives that were less than 10 minutes, indicating that the removals are probably limited by external 

transport of the soluble compound to the surface of the solid. However, removal of As(V) was 

faster than that of As(III). The effect of pH on the extent of removal of As(III) by mackinawite 

was moderate with highest removals occurring at intermediate pH (pH 8, pH 9), whereas there 

was strong effect of pH on removal of As(V), with greater removals observed at lower pH. 

Sulfate inhibited removal of As(III), but there was little difference between the effect of 1 mM 

and 10 mM sulfate. Removal of As(V) was reduced by sulfate at higher concentrations of As(V), 
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but showed a smaller effect at lower concentrations. Stability tests with arsenic (As(III), As(V)) 

and FeS showed nearly complete stability (no contaminant release) for As(III) and moderate to 

high stability for As(V), probably due to formation of strong bonds by redox reactions.       

In Section 12, kinetics of removal of mercury by pyrite was observed to be very rapid 

and maximum loadings of mercury typically exceeded 6 mmol/g and in some cases exceeded 20 

mmol/g. These loadings mean that the mass of mercury removed exceeded the mass of pyrite 

present. The pH of the solution did not appear to have a major effect on the extent of removal. 

However, there was a substantial amount of variability within the results of experiments at 

different pH. Exceptionally high removals of mercury could be the result of surface reactions and 

differences in removal could be the result of how fast these reactions occur at different pH. 

Sulfate was observed to have little effect on removal of mercury by pyrite over the concentration 

range that was investigated (0 – 10 mM). XPS analysis of pyrite after contact with Hg(II) for 30 

days showed evidence of Hg(II) reduction to Hg(I), coupled with oxidation of surface Fe(II) 

species, but no evidence of changes in oxidation state of surface sulfur was observed. Stability 

tests for mixtures of Hg and pyrite were conducted at two initial concentrations of Hg(II). Nearly 

complete removal (>98%) was observed in all samples when the initial concentration was low. 

XPS analysis provided some evidence of mercury reduction and iron oxidation on the surface. 

When the initial concentration was high, low removal was observed at low pH, high removal at 

pH in the range pH 4 – pH 6, and moderate removal at higher pH. Good stability was observed 

when pH was reduced. XPS analysis showed evidence of mercury reduction and good evidence 

of iron oxidation and formation of sulfur species.  These observations support the hypothesis 

that precipitates such as HgS or Hg2S were formed. Therefore, pyrite appears to be a good 

adsorbent/reactant to remove Hg(II) from solution due to its high loading, small pH effect, low 

level of sulfate inhibition, and good stability.  
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In Section 13, removal of Hg(II) by FeS was observed to be rapid. At an initial 

concentration of 500 μM, complete removal occurred within 10 minutes. At higher initial 

concentrations, more time was required to achieve greater than 99 % removal. The removal 

pattern for Hg(II) by FeS differs depending on pH. The removal experiment conducted at pH 10 

showed a relationship for solid phase concentration and liquid phase concentration that is best 

described by a BET model. This indicates that when concentrations are high enough, Hg(II) on 

the surface reacts to produce other solids that increase the amount of Hg(II) that can be removed 

from the liquid phase. Sulfate tended to increase the amounts of Hg(II) removed by FeS, but the 

effect was not large. This might be caused by sulfate ions being incorporated into mixed Hg-Fe 

solid phases. The results of XPS analysis for mackinawites contacted with Hg(II) for a period of 

30 days shows the presence of Hg(I) in addition to Hg(II), as well as oxidized iron and sulfur 

species. Stability tests for mixtures of Hg(II) and FeS were conducted at two initial Hg(II) 

concentrations. At low initial concentration, results showed good removals were observed for all 

pH and good stability. XPS showed reduction of Hg(II) to Hg(I) coupled with some evidence of 

oxidation of the surface Fe and S species. At high initial concentration of Hg(II), high removals 

were observed under all conditions and high levels of stability were measured. XPS analysis 

indicated similar patterns in oxidation state of Hg, along with oxidation of Fe and S. Therefore, 

mackinawite appears to be a good reactant/adsorbent to remove Hg(II) because the mackinawite 

has high removal, no inhibition by sulfate and good stability.   

Consequently, this study provides data on the behavior of the target contaminants (As, 

Se, Hg) in a novel treatment system that can be employed to control effluents from ash and 

scrubber pond waters. Development of such technologies will be of benefit to a wide range of 

power plants where these elements have been identified as contaminants of concern in ash and 

scrubber waters. The technologies that were evaluated in this study have distinct advantages over 
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more conventional treatment methods in that they are not expected to be strongly affected by the 

presence of competing ions such as sulfate and they will produce residuals that will continue to 

contain the contaminants when disposed in landfills.   

14.2 Recommendations 

14.2.1 Nanoporous Titania Adsorbents  

Arsenic removal by NTAs was satisfactorily characterized using a batch experimental 

system. However, more extended work is required to evaluate the capacity and applicability of 

NTAs in natural or engineered systems. First, the highest priority is to enhance the cost and 

production yield of NTAs through novel synthesis methods (e.g., sonochemistry-based synthesis). 

Second, the adsorption capacity of NTAs in columns under various experimental conditions 

should be evaluated. Third, the regenerability of NTAs using various approaches (e.g., NaOH or 

ultrasonic-assisted desorption) should be evaluated to meet the needs of long-term performance. 

Finally, models should be developed to describe performance of NTAs in batch and column 

systems under a variety of environmental factors.  

14.2.2 Nano-particulate Iron Sulfides  

Nano-particulate iron sulfides (pyrite (FeS2) and mackinawite (FeS)) were shown to be 

good adsorbent/reactants for removals of contaminants (As, Se, Hg) found in ash and scrubber 

pond waters at power plants. However, more extended and detailed studies are required to 

provide accurate information about sorption behavior and stability of final residuals. However, 

the first task should be to evaluate a variety of synthesis methods in order to reduce the aging 

time of particles to a few minutes. The optimized synthesis methods would produce more 

economical adsorbent/reactants. Based on the results of this study, removals of contaminants (As, 

Se, Hg) by iron sulfides proceed via surface reactions that lead to formation of stable solid 
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phases. Therefore, the extent of removal and stability of products should be strongly affected by 

environmental factors such as contact time, ratio of contaminants/solids, and pH. Thus, as a 

second task, experiments to determine the extent of removal should be conducted as functions of 

time and at various ratios of contaminants/solids. Third, as the above tasks are being worked on, 

application of a variety of reductants such as borohydride or Sn(II) should be evaluated to see if 

they can promote surface reactions that bring about rapid formation of stable surface precipitates 

or strong surface complexes. Fourth, the identification of final residuals is needed to provide the 

accurate reaction pathways by comparing reference solids using surface analysis techniques, 

including XANES (X-ray absorption near edge structure), EXAFS (Extended X-ray absorption 

fine structure), or XRD (X-ray diffraction). Finally, additional testing of the stability (or 

leachability) of the final residuals should be conducted with exposure to the atmosphere. The 

final residuals would probably be disposed in landfills, so they could come in contact with 

oxygen, resulting in change of oxidation status of components on the solid surface or structural 

elements of solids.         
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APPENDIX 

1. Computer Program (MATLAB®) to Predict Adsorption Rates of Target Compounds by 

Nanostructured Adsorbent Media Using Adsorption Kinetic Model 

 

% This coding is for calculating adsorption rate constants and maximum amounts adsorbed on 

two types of surfaces (fast-reacting sites and slow-reacting sites) in order to separate kinetic 

effects (how rapidly q increases) from equilibrium effects (how high q becomes after a 

sufficiently long time).   

 
global coeff_global 
coeff_global=[100 94 0.01 99.9]; 
data = load('data_name.txt'); 
  
t = data(:,1); 
q = data(:,2); 
  
%parameters: k_f, q_f_max, k_s, q_s_eq 
% fit sequentially in pairs, first slow coeffiicents, then fast,then 
slow, 
% etc. until converge 
% to fit slow coefficients: 
options=statset('Robust', 'on'); 
  
coeff_guess_s= coeff_global(3:4); 
[coeff_s,r,j]=nlinfit(t, q ,@kinetics_fs_calc_s,coeff_guess_s, options); 
ci_s=nlparci(coeff_s,r,j); 
coeff_global(3:4)=coeff_s; 
  
% temp 
coeff_global 
'finish slow' 
% end temp 
  
% to fit fast coefficients 
coeff_guess_f=coeff_global(1:2); 
[coeff_f,r,j]=nlinfit(t, q ,@kinetics_fs_calc_f,coeff_guess_f, options); 
ci_f=nlparci(coeff_f,r,j); 
coeff_global(1:2)=coeff_f; 
  
coeff=coeff_global; 
[tout, qout]=ode23s(@kinetics_fs,[0 t(end)], [0 0],[],coeff); 
qmod=qout(:,1)+qout(:,2); 
hold off 
plot(tout, qmod); 
hold on 
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plot(t,q,'o') 
  
% temp 
coeff_global 
% end temp 
  
% calculate the sum of square error (Numerical Solution - Truncation 
Error Expected) 
SSE = 0; 
for i = 1:size(t,1) 
    % numerically calculate y_model corresponding to observation time t 
    for j = 1:size(tout,1)-1 
        if tout(j,1)<=t(i) && tout(j+1,1)>t(i) 
            x1 = tout(j,1); 
            x2 = tout(j+1,1); 
            y1 = qmod(j,1); 
            y2 = qmod(j+1,1); 
            break; 
        end 
    end 
    y_model = linear_interpolation(x1,y1,x2,y2,t(i)); 
    SSE = SSE + (y_model - q(i))^2; 
End 
% calculate value of GFP (goodness of fit parameter) 
GFP = sqrt(SSE/(size(t,1)-2))/mean(q) 
 
 

%  This coding is for calculating coefficients at slow-reacting sites 

function qmod=kinetics_fs_calc_s(coeff_s,t) 
global coeff_global 
coeff(1:2)=coeff_global(1:2); 
coeff(3:4)=coeff_s; 
[tout, qout]=ode23s(@kinetics_fs,t,[0 0],[],coeff); 
qmod=qout(:,1)+qout(:,2); 
 

 

% This code is for calculating coefficients at fast-reacting sites 

function qmod=kinetics_fs_calc_f(coeff_f,t) 
global coeff_global 
coeff(1:2)=coeff_f; 
coeff(3:4)=coeff_global(3:4); 
[tout, qout]=ode23s(@kinetics_fs,t,[0 0],[],coeff); 
qmod=qout(:,1)+qout(:,2); 
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% This code is for solving kinetic equations associated with slow- and fast-reacting sites.   

function dqdt=kinetics_fs(t,q,coeff) 
% q(1) is q_fast, q(2) is q_slow 
k_f=coeff(1); 
q_f_max=coeff(2); 
k_s=coeff(3); 
q_s_eq=coeff(4); 
dqdt(1)=k_f*(q_f_max - q(1)); 
dqdt(2)=k_s*(q_s_eq - q(2)); 
dqdt=dqdt'; 
 

% This code is related to linear interpolation to calculate sum of squared residual. 

function y = linear_interpolation(x1,y1,x2,y2,x) 
 y = (y2-y1)/(x2-x1)*(x-x1) + y1; 
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2. Computer Program (MATLAB®) to Predict Adsorption Equilibrium Isotherm of Target 

Compounds by Nanostructured Adsorbent Media Using Adsorption Equilibrium Models 

 

% this coding is for non-linear regression of adsorption data using Langmuir isotherm and 

calculating Langmuir’s coefficients with 95 % confidence level. 

[ced, qed] = initvar('data.txt'); 
[beta,r,j]=nlinfit(ced,qed,@Langmuir,[1000 0.001]); 
betaci = nlparci(beta, r, j); 
  
ced_min = min(ced); 
ced_max = max(ced); 
xplot = [ced_min:(ced_max-ced_min)/2000:ced_max]; 
qmod = (beta(1)*beta(2)*xplot)./(1+beta(2)*xplot); 
figure, plot(ced, qed, 'o'); hold on; plot(xplot, qmod); 
  
% calculate the sum of square error (Numerical Solution - Truncation 
Error 
% Expected) 
SSE = 0; 
xplot = xplot' 
qmod = qmod' 
for i = 1:size(ced,2) 
    % numerically calculate y_model corresponding to observation time t 
    for j = 1:size(xplot,1)-1 
        if xplot(j,1)<=ced(i) && xplot(j+1,1)>ced(i) 
            x1 = xplot(j,1); 
            x2 = xplot(j+1,1); 
            y1 = qmod(j,1); 
            y2 = qmod(j+1,1); 
            break; 
        end 
    end 
    y_model = linear_interpolation(x1,y1,x2,y2,ced(i)); 
    SSE = SSE + (y_model - qed(i))^2; 
end 
GOF = sqrt(SSE/(size(ced,2)-2))/mean(qed) 
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% Function of Langmuir model 

function qe=Langmuir(beta,ced) 
qmax=beta(1); 
b=beta(2); 
qe=(qmax*b*ced)./(1+b*ced); 
 

% This coding is for non-linear regression of adsorption data using Freundlich isotherm and 

calculating Freundlich’s coefficients with 95 % confidence level. 

[ced, qed] = initvar('data.txt'); 
[beta,r,j]=nlinfit(ced,qed,@Freundlich,[0.15 0.7]); 
betaci = nlparci(beta, r, j); 
  
ced_min = min(ced); 
ced_max = max(ced); 
xplot = [ced_min:(ced_max-ced_min)/2000:ced_max]; 
qmod = beta(1)*xplot.^(1/beta(2)); 
figure, plot(ced, qed, 'o'); hold on; plot(xplot, qmod); 
  
% calculate the sum of square error (Numerical Solution - Truncation 
Error 
% Expected) 
SSE = 0; 
xplot = xplot' 
qmod = qmod' 
for i = 1:size(ced,2) 
    % numerically calculate y_model corresponding to observation time t 
    for j = 1:size(xplot,1)-1 
        if xplot(j,1)<=ced(i) && xplot(j+1,1)>ced(i) 
            x1 = xplot(j,1); 
            x2 = xplot(j+1,1); 
            y1 = qmod(j,1); 
            y2 = qmod(j+1,1); 
            break; 
        end 
    end 
    y_model = linear_interpolation(x1,y1,x2,y2,ced(i)); 
    SSE = SSE + (y_model - qed(i))^2; 
end 
GOF = sqrt(SSE/(size(ced,2)-2))/mean(qed) 
 

% Function of Freundlich model 

function qe=Freundlich(beta,ced) 
k=beta(1); 
n=beta(2); 
qe=k*ced.^(1/n); 
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% This coding is for non-linear regression of adsorption data using BET isotherm and 

calculating BET’s coefficients with 95 % confidence level. 

[ced, qed] = initvar('data.txt'); 
[beta,r,j]=nlinfit(ced,qed,@BET,[200 500]); 
betaci = nlparci(beta, r, j); 
cs=2000; 
ced_min = min(ced); 
ced_max = max(ced); 
xplot = [ced_min:(ced_max-ced_min)/2000:ced_max]; 
qmod = (beta(2)*beta(1)*xplot)./((cs-xplot).*(1+(beta(1)-
1)*(xplot/cs))); 
figure, plot(ced, qed, 'o'); hold on; plot(xplot, qmod); 
  
% calculate the sum of square error (Numerical Solution - Truncation 
Error 
% Expected) 
SSE = 0; 
xplot = xplot' 
qmod = qmod' 
for i = 1:size(ced,2) 
    % numerically calculate y_model corresponding to observation time t 
    for j = 1:size(xplot,1)-1 
        if xplot(j,1)<=ced(i) && xplot(j+1,1)>ced(i) 
            x1 = xplot(j,1); 
            x2 = xplot(j+1,1); 
            y1 = qmod(j,1); 
            y2 = qmod(j+1,1); 
            break; 
        end 
    end 
    y_model = linear_interpolation(x1,y1,x2,y2,ced(i)); 
    SSE = SSE + (y_model - qed(i))^2; 
end 
GOF = sqrt(SSE/(size(ced,2)-2))/mean(qed) 
 

% Function of BET Model 

function qe=BET(beta,ced) 
cs=2000; 
A=beta(1); 
qmax=beta(2); 
qe=(qmax*A*ced)./((cs-ced).*(1+(A-1)*(ced/cs))); 
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% Definition of “initvar” used in nonlinear regression of adsorption isotherm data 

%% denifinition of initvar 
function [ce_data, qe_data] = initvar(filename); 
%INITVAR initialize variable for the use of ILINFIT 
%   [CE_DATA, QE_DATA] = INITVAR(FILENAME) Filepath is the name of  
%   the dataset for the use of ILINFIT. INITVAR returns the dataset. 
% 
%   Example: 
%       [ced, qed] =initvar('pisotherm_mt4.txt'); 
%       [beta,r,j]=nlinfit(ced,qed,@qe_Pisotherm,[308 0.013]); 
% 
%   See also, NLINFIT, QE_PISOTHERM 
data1=load(filename); 
  
ce_data=data1(:,1); 
ce_data=ce_data'; 
qe_data=data1(:,2); 
qe_data=qe_data'; 
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