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ABSTRACT 

Arsenic contamination of groundwater and soils is a major global 

environmental challenge and poses a significant health risk to millions of people 

throughout the world. Both As(III) and As(V) are carcinogens, but As(III) is more 

toxic and more mobile. Thus, oxidation of As(III) to As(V) is an effective way to 

reduce As toxicity. As(III) oxidation by Mn-oxides has been extensively studied in the 

laboratory, however, the oxidation/sorption kinetics and mechanisms of As(III) under 

natural heterogeneous environments remains unclear. As(III) and Fe(II) coexist in 

many As contaminated environments and the presence of Fe(II) can influence the 

behavior of As(III) on Mn oxides. In this study, As(III) oxidation by a poorly-

crystalline phyllomanganate (δ-MnO2) in the presence and absence of dissolved Fe(II) 

was investigated using stirred-flow and batch experiments. The solids after reaction 

are characterized by X-ray absorption spectroscopy (XAS), Mössbauer spectroscopy 

and transmission electron microscope coupled with energy-dispersive X-ray 

spectroscopy (TEM-EDS). Results showed that in the presence of Fe(II), As(III) 

oxidation was inhibited due to the competitive oxidation of Fe(II) as well as the 

formation of Fe(III)-(hydr)oxides on the δ-MnO2 surface. However, the sorption of 

As(III), As(V) and Mn(II) increased, since the newly formed Fe(III)-(hydr)oxides 

provided additional sorption sites. XAS analysis revealed that at low Fe(II) 

concentration, As(V) was the predominant As species on the solid phase, while at high 

Fe(II) concentration, both As(III) and As(V) were sorbed on the solid phase. As 

preferred to bind with the newly formed Fe(III)-(hydr)oxides through a bidentate 



 xvi 

binuclear corner-sharing complex. Fe(III)-(hydr)oxides formed during Fe(II) oxidation 

by δ-MnO2 were predominantly ferrihydrite and goethite as well as a small amount of 

lepidocrocite. The adsorbed As can be desorbed from the Fe/Mn-oxides surface, to 

some extent, and more As(III) is desorbed than As(V), due to the weaker binding of 

As(III) with Fe/Mn-oxides. This study suggests that the oxidation of As(III) by δ-

MnO2 in the presence of Fe(II) is very complex, involving several simultaneous 

reactions. A comprehensive understanding of the As(III) oxidation and As sorption on 

Mn-oxides as impacted by Fe(II) is essential and will provide significant information 

that can be used to better predict the toxicity and mobility of As in the environment as 

well as to develop strategies for remediation of As-contaminated waters and soils.  
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Chapter 1 

INTRODUCTION 

1.1 Arsenic Problem Worldwide 

Arsenic (As) is a ubiquitous contaminant in soil and water environments due to 

natural geologic processes and anthropogenic inputs. It ranks 20th in natural 

abundance, comprising about 0.00005% of the Earth’s crust, 14th in seawater and 12th 

in the human body (Mandal and Suzuki, 2002; Woolson, 1975). As has been used in 

medicine, agriculture, electronics, wood processing, livestock, industry and metallurgy 

(Mandal and Suzuki, 2002; Nriagu, 1990). As contamination of groundwater and soil 

is a worldwide problem and threatens the health of millions of people. Arsenic 

pollution has been reported recently in many countries such as the United States, 

China, Chile, Bangladesh, Taiwan, Mexico, Argentina, Poland, Canada, Hungary, 

New Zealand, Japan and India (Mohan and Pittman, 2007). One of the most serious 

instances is in Bangladesh, where people are extensively exposed to drinking water 

contaminated with high As concentrations. Over the past few decades, the health of 

humans, farm animals, wildlife, microorganisms, and some plants in the U.S. have 

been jeopardized by As contaminated soil and water.  It is estimated that the “average” 

human in the U.S., Canada, and the UK consumes between 53 and 63 micrograms of 

As per day (Abernathy, 2001). Long-term human exposure to As in drinking water can 

result in bladder, lung, skin, and kidney cancer as well as pigmentation changes, skin 

thickening (hyperkeratosis), neurological disorders, muscular weakness, loss of 

appetite, and nausea. This differs from acute poisoning, which typically causes 
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vomiting, esophageal and abdominal pain, and bloody “rice water” diarrhea (Mohan 

and Pittman, 2007).  

The World Health Organization (WHO) provisional guideline of 10 μg/L (ppb) 

has been adopted as the drinking water standard. However, many countries have 

retained the earlier WHO guideline of 50 μg/L as their standard or as an interim target 

including Bangladesh and China. On October 31, 2001 the United States 

Environmental Protection Agency (USEPA) announced that it was lowering the 

maximum contaminant level (MCL) for As in drinking water from 50 μg/L to 10 μg/L, 

and all water systems must comply by January 2006 (USEPA, 2001). Recent data 

show there is still an unacceptable level of risk at the EPA’s newly adopted 10 μg/L 

MCL. It has been shown that the consumption of only 3 μg/L of As creates a risk of 

bladder and lung cancer in 4 to 10 people per 10,000 people, which indicates the new 

MCL may still be too high (Christen, 2001). This exceeds EPA’s maximum acceptable 

level of risk of 1 in 1,000,000 people by 1000-fold. While the regulations governing 

As contamination in waters are well defined, the regulatory cleanup goals for 

remediation of contaminated soils are still under development and may vary greatly 

among countries, states, and land uses (Miretzky and Cirelli, 2010). For example, the 

regulatory limits set by the Ministry of Environment in Canada for As contamination 

in agricultural, industrial, and residential soils are 25, 50, and 25 mg/kg, respectively, 

whereas the current soil cleanup goals set by the Florida Department of Environmental 

Protection for As in residential and industrial soils are 0.80 and 3.7 mg/kg, 

respectively (Miretzky and Cirelli, 2010). 
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1.2 Sources and Cycles of Arsenic in the Environment 

Reducing and controlling As contamination is challenging since it enters the 

environment through both natural and anthropogenic sources. Rocks can contain high 

concentrations of As, and thus As can be released into groundwater and soils through 

the weathering of rocks. Anthropogenic sources of As contribute to As contamination 

of groundwater, water, soil and atmosphere. Once As enters the environment, it cycles 

between the groundwater, water, soil and atmosphere, contaminating the earth’s 

resources.  

1.2.1 Natural Sources 

A portion of As contamination in soil and aqueous environments is due to 

natural sources, with weathering of As -containing rocks being the main source, 

releasing 45,000 metric tons per year (Tamaki and Frankenberger, 1992). Arsenic 

naturally occurs in over 200 different mineral forms, of which approximately 60% are 

arsenates, 20% sulfides and sulfosalts and the remaining 20% includes arsenides, 

arsenites, oxides, silicates and elemental As (Mandal and Suzuki, 2002). But only 

certain of these are commonly encountered in significant amounts (Table 1.1). Mineral 

distribution depends on the parent rock composition and the extent of weathering that 

has occurred.  The concentration of As in sedimentary and igneous rocks ranges from 

0.1 to 2,000 mg/kg (ppm). Sedimentary rocks have a mean As concentration of 13 

mg/kg in shales and 25 mg/kg in coal, while igneous rocks have a lower mean 

concentration of 1.5 mg/kg (Sparks et al., 2007). Metamorphic rocks contain less As, 

ranging from 0.4 to 18 mg/kg As. While As is mainly released into soil and aqueous 

environments through the weathering of rocks, it is also deposited into the atmosphere 
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by volcanic and geyser activities (Smith et al., 1998). Volcanic activity and other 

natural sources of As contamination account for over half of As’s atmospheric flow.   

1.2.2 Anthropogenic Sources 

Even though As causes serious human health problems, it is used in many 

sectors, including agriculture, metallurgy, electronic, industry, livestock, and medicine. 

The major use of As in agriculture is as pesticides, insecticides, herbicides, defoliants, 

wood preservatives, tree debarking and soil sterilants (Mandal and Suzuki, 2002). 

Major industrial sources of As include commercial wastes (40%), coal ash (22%) and 

atmospheric fallout from the production of steel (13%) (Smith et al., 1998). These uses 

of As greatly contribute to As contamination of soil, groundwater and air. 

Anthropogenic sources release approximately 24,000 tons of As per year into the 

atmosphere, while natural sources only release about 8,000 tons of As per year into the 

atmosphere (Kirk, 2003).  

The primary sources of As introduction into the environment in Delaware are 

pesticides, poultry litter, and historical tanneries.  An organic As compound known as 

Roxarsone is incorporated into poultry feeds to control Coccidiosis, increase growth 

rate, improve feed utilization, enhance pigmentation, and may be effective in 

suppressing Salmonella (Alpharma, 1999).  Most of the As is excreted by the chicken 

and is incorporated into poultry litter, a mixture of bedding material and manure.  The 

use of poultry litter as an agricultural soil amendment has been an ongoing process for 

many years on the Delmarva Peninsula, and can cause an increased level of As in soil.  
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Table 1.1 Major arsenic minerals occurring in nature (WHO, 2001). 

Mineral Composition Occurrence 

Native arsenic  As Hydrothermal veins 

Proustite Ag3AsS3 
Generally one of the late Ag minerals in the 

sequence of primary deposition 

Rammelsbergite  NiAs2 Commonly in mesothermal vein deposits 

Safflorite  (Co,Fe)As2 Generally in mesothermal vein deposits 

Seligmannite PbCuAsS3 Occurs in hydrothermal veins 

Smaltite CoAs2 – 

Niccolite NiAs2 Vein deposits and norites 

Realgar  AsS 
Vein deposits, often associated with orpiment, 

clays and limestones, also deposits from hot springs 

Orpiment  As2S3 
Hydrothermal veins, hot springs, volcanic 

sublimation product 

Cobaltite CoAsS High-temperature deposits, metamorphic rocks 

Arsenopyrite  FeAsS 
The most abundant As mineral, dominantly mineral 

veins 

Tennantite (Cu,Fe)12As4S13 Hydrothermal veins 

Enargite  Cu3AsS4 Hydrothermal veins 

Arsenolite As2O3 
Secondary mineral formed by oxidation of 

arsenopyrite, native arsenic and other As minerals 

Claudetite  As2O3 
Secondary mineral formed by oxidation of realgar, 

arsenopyrite and other As minerals 

Scorodite  FeAsO4·2H2O Secondary mineral 

Annabergite  (Ni,Co)3(AsO4)2·8H2O Secondary mineral 

Hoernesite  Mg3(AsO4)2·8H2O Secondary mineral, smelter wastes 

Haematolite (Mn,Mg)4Al(AsO4)(OH)8 – 

Conichalcite  CaCu(AsO4)(OH) Secondary mineral 

Adamite Zn2(OH)(AsO4) Secondary mineral 

Domeykite  Cu3As 
Found in vein and replacement deposits formed at 

moderate temperatures 

Loellingite  FeAs2 Found in mesothermal vein deposits 

Pharmacosiderite Fe3(AsO4)2(OH)3·5H2O 
Oxidation product of arsenopyrite and other As 

minerals 
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1.2.3. Environmental Cycles 

Understanding As cycling between water, soil, air and biota is essential to 

better predict the fate and transport of As in the environment. Figure 1.1 shows the 

simplified comprehensive As cycling in the lithosphere, hydrosphere, biosphere and 

atmosphere with the main As transfers shown by bolder arrows.  

As discussed previously, As enters the environment from both natural and 

anthropogenic sources. As enters soil, sediment and rock through the use of pesticides, 

wood preservatives, feed additives, fossil fuels, and industrial and municipal wastes. 

Once As enters these environments it is mostly found in inorganic forms, and several 

processes dictate where it will travel. For example, microbes can increase the rate of 

As release from oxide ores into the environment by catalyzing the oxidation of sulfide 

to sulfate and ferrous to ferric iron (Tamaki and Frankenberger, 1992). Arsenic may be 

released from soil to water when phosphate effectively competes for adsorption sites, 

displacing As into solution (Bhumbla and Keefer, 1994). Microbes methylate 

inorganic As species to form methylarsenic compounds such as CH3AsO(OH)2, 

(CH3)2AsH, and (CH3)3As, which may either remain in the soil or volatilize into the 

atmosphere (Sadqi, 1997; Smith et al., 1998). Arsenic is more mobile in coarser 

textured soils than finer textured soils due to adsorption phenomena (Smith et al., 

1998). Although As is mobile, it accumulates rapidly in soil because depletion by 

plant uptake, leaching, methylation and erosion occur at slower rates than deposition 

(Smith et al., 1998). 

After As enters the soil, it may enter water, where it will either remain, 

volatilize, or be consumed by biota. From the atmosphere, As may enter the water or 

soil through atmospheric fallout or be consumed by biota. The As consumed by biota 

may cycle back to the water, soil, or atmosphere. When As enters the environment due 
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to mining, smelting, volcanoes, fossil fuels, and wastes, it travels directly to the water 

and atmosphere, where it cycles through the lithosphere, hydrosphere, biosphere and 

atmosphere.  

 

 

 

Figure 1.1 Simplified comprehensive As cycling (Kirk, 2003). 

1.3 Arsenic Chemistry and Toxicity 

1.3.1 General Chemistry 

As a metalloid, period four, group V element, arsenic is located beneath 

nitrogen and phosphorus in the periodic table. The electron configuration for neutral 



 8 

arsenic is [Ar]3d
10

4s
2
4px

1
4py

1
4pz

1
, a state that supplies up to five valence electrons for 

participation in chemical bonding and empty p orbitals for electron occupation. 

Although As is chemically similar to P in its acid-base properties and affinity for 

mineral surfaces, it may volatilize from soil through biological transformations while 

P cannot (Scott and Morgan, 1995; Smith et al., 1998). Secondly, As differs from P by 

exhibiting higher mobility and is found in multiple oxidation states (Scott and 

Morgan, 1995; Smith et al., 1998).  

Arsenic exists in the −3, 0, +3 and +5 oxidation states. Environmental forms 

include arsenious acids (H3AsO3, H2AsO3
−
, HAsO3

2−
), arsenic acids (H3AsO4, 

H2AsO4
−
, HAsO4

2−
), arsenites, arsenates, methylarsenic acid, dimethylarsinic acid, 

arsine, etc. (Mohan and Pittman, 2007). Two forms are common in natural waters: 

arsenite (AsO3
3−

) and arsenate (AsO4
3−

), referred to as As(III) and As(V). As(III) is a 

hard acid and preferentially complexes with oxides and nitrogen. Conversely, As (V) 

behaves like a soft acid, forming complexes with sulfides (Mohan and Pittman, 2007; 

Bodek et al., 1998). Figure 1.2 shows the pKa values for arsenous acid and arsenic 

acid.  

Redox potential (Eh) and pH control arsenic speciation. The Eh-pH diagram of 

arsenic is shown in Figure 1.3. As(V) species predominate and are stable in oxygen 

rich aerobic environments. As(III) species predominate in moderately reducing 

anaerobic environments such as groundwater (Bodek et al., 1998). H2ASO4
−
 

dominates at low pH (less than about pH 6.9) in oxidizing conditions. At higher pH, 

HAsO4
2−

 is dominant (H3AsO4 and AsO4
3−

 may be present in strong acid or base 

conditions, respectively). Under reducing conditions at pH < 9.2, the uncharged 

H3AsO4 predominates.  
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Figure 1.2 The pKa values for arsenous acid and arsenic acid (Mohan and Pittman, 

2007). 

 

Figure 1.3 The Eh–pH diagram for arsenic at 25ºC and 101.3 kPa (Mohan and 

Pittman, 2007). 



 10 

1.3.2 Arsenic Toxicity and Mobility 

The oxidation state determines As toxicity, bioavailability, and mobility. In 

general, As(III) is 25–60 times more toxic than As(V) and more mobile (Miretzky and 

Cirelli, 2010). As(III) inhibits more than 200 different enzymes (Abernathy et al., 

1999). It can form strong bonds with sulfhydryl and can alter protein structure, leading 

to disruptions of metabolic processes (Gochfeld, 1997). The binding of As(III) 

compounds with sulfhydryl groups has the potential to influence cellular glucose 

uptake, gluconeogenesis, fatty acid oxidation, and the production of glutathione 

(Gardner, 2009). Alternatively, the toxic effects of As(V) are due to its tendency to 

compete with phosphate in cells. Since there is a chemical similarity between 

phosphate compounds and As(V) compounds, As(V) may be substituted for PO4 in 

vital compounds or reactions important to human health.  Although As(V) does not 

interact directly with DNA, indirect effects of As(V) may create an alteration of gene 

expression via disruption of DNA methylation, inhibition of DNA repair, oxidation 

stress, or altered modulation of signal transduction pathways (Gamble et al., 2005; 

Cohen et al., 2006). 

The mobility of As in terrestrial environments is generally determined by the 

extent to which it is adsorbed on mineral surfaces. Metal oxides tend to be the primary 

sorbents of As in the environment, especially the oxides of iron (Fe) and aluminum 

(Al) (Arai et al., 2001; Dixit and Hering, 2003). Mn-oxides can also sorb As to some 

extent (Foster et al., 2003; Manning et al., 2002; Parikh et al., 2008). Although metal 

oxides are generally thought to bind As(V) more readily than As(III), the extent to 

which each species is sorbed depends greatly on pH. For example, As(V) sorption by 

Fe-oxides is greater at acidic pH values, whereas As(III) sorption by Fe -oxides is 



 11 

greater at basic pH values (Dixit and Hering, 2003; Raven et al., 1998). Although As 

sorption is pH dependent, As(III) is generally regarded as  more mobile than As(V).  

1.4 Manganese Oxides in the Environment 

Manganese (Mn) oxides are commonly found in a wide variety of geological 

settings. They are ubiquitous in soils and sediments and participate in various 

chemical reactions, such as adsorption, surface precipitation and redox reactions, that 

affect groundwater and soil composition (Post, 1999). Although Mn oxides exist in 

much smaller amounts in the natural environments compared to ion oxides and 

aluminum oxides, they are very reactive. Owing to their small particle size and large 

surface area, Mn oxides are potent adsorbents and scavengers of heavy metals and 

other trace elements, therefore playing pivotal roles in the transport and fate of 

metal/metalloid contaminants in both terrestrial and aquatic environments (Nelson and 

Lion, 2003).   

In the environment, Mn exists in three oxidation states: +2, +3, and +4. The 

presence of multiple Mn oxidation states, in part, leads to the occurrence of a wide 

variety of Mn-oxide minerals in the environment (Post, 1999). Mn(IV)-oxides can be 

divided into two structural classes: tunneled structure and layered structure. The basic 

building block for both structures is the MnO6 octahedron. In tunneled structures (i.e. 

tectomanganates), MnO6 octahedra share both edges and corners (Figure 1.4 a), while 

in layered structures (i.e. phyllomanganates), MnO6 octahedra are arranged in sheets 

by sharing edges (Figure 1.4 b, c, and d) (Doxin and White, 2002). It is important to 

understand the structure of Mn oxides, especially as it relates to the reactivity. 
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Figure 1.4 Schematic representations of: A) hollandite, a 2x2 tectomanganate, B) 

lithiophorite, a phyllomanganate with alternating layers of MnO6 

octahedra (blue) and (Al/Li)(OH)6 octahedra (green), C) Na birnessite 

with unstructured hydrated Na
+
 in interlayers (red) to balance the 

negative charge of Mn octahedral layers (blue), and D) top view of one 

Mn octahedral sheet in hexagonal birnessite with vacancy sites (Dixon 

and White, 2002). 

The most commonly identified Mn oxide minerals in soils are birnessites. 

Birnessite group minerals are layered type Mn(III, IV) oxides of variable unit cell 

symmetry, sheet stacking order, and crystallinity that are commonly encountered in 

soils and sediments (Post, 1999). However, within the birnessite group the structure 

could vary. It was pointed out that natural birnessites become less crystalline as the 
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concentration of Mn
3+

 in their structures decreases (Villalobos and Sposito, 2005). 

Triclinic birnessite contains the maximum amount of Mn
3+

 substitution, about one-

fourth of the octahedra, and has no cation vacancies, whereas δ-MnO2 exhibits no 

Mn
3+

 substitution but has several mol percent of cation vacancies. Well crystallized 

hexagonal birnessite has about 10% Mn
3+

 substitution and about 16% cation vacancies 

that bind interlayer Mn
2+

 and Mn
3+

. However, many Mn-oxides observed in nature are 

poorly-crystalline and are not able to be identified (Post, 1999).  

Microorganisms, especially bacteria, but also fungi, are known to catalyze the 

oxidation of Mn(II) and the formation of Mn(III,IV) oxide minerals. Biological Mn(II) 

oxidation is generally fast relative to abiotic Mn(II) oxidation processes, including 

surface-catalyzed reactions, suggesting that biological Mn(II) oxidation dominates in 

the environment (Tebo et al., 2004). A number of investigations at specific field sites 

have shown that biological processes are responsible for Mn(II) oxidation at those 

locations. For these reasons, the majority of naturally occurring environmental Mn 

oxides are believed to be derived either directly from biogenic Mn(II) oxidation 

processes or from the subsequent alteration of biogenic oxides (Tebo et al., 2004).  

1.5 As(III) Oxidation by Mn-oxides 

Due to its toxicity even at low concentrations, As contamination of 

groundwaters and soils is one of the most important environmental problems 

worldwide. In the last few decades, a number of studies were devoted to As adsorption 

on natural or synthetic iron (Fe) and aluminum (Al) oxides, which play a major role in 

arsenic speciation in the environment and are often used as adsorbents for water 

treatment purposes. However, adsorption methods usually fail in lowering the more 

toxic and mobile As(III) concentrations to acceptable levels, for As(III) is less 
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effectively absorbed by Fe or Al oxides than As(V) (Deschamps and Ciminelli, 2005). 

Thus, transformation of As(III) to As(V) is of importance in considering remediation 

of As contaminated waters. Although Mn oxides have not been studied anywhere near 

the extent that Fe and Al oxides have been, Mn oxides are powerful oxidizing agents 

and have shown their efficiency in oxidizing As(III) to As(V) (Manning et al., 2002; 

Scott and Mogan, 1995; Nelson and Lion, 2003; Mohan and Pittman, 2007). Among 

natural and synthetic Mn oxides, their efficiencies for As(III) oxidation could vary 

greatly due to structural differences. For example, Mn oxides with layered structures 

are more reactive than other types of Mn oxides (Manning et al., 2002; Scott and 

Mogan, 1995). Also, different Mn(IV)/Mn(III) proportions in triclinic and hexagonal 

birnessites are expected to affect their redox potentials. Vacancies may prove to be 

highly reactive sites promoting high denticity inner-sphere complex formation, 

whereas a completely occupied sheet (as in triclinic birnessite) may show lower 

denticity or predominantly involve outer-sphere processes at interlayer sites 

(Villalobos et al., 2003).  

Synthetic birnessite has been extensively investigated because it is 

representative of many naturally occurring manganese oxide materials (Manning et al., 

2002). The Na
+
 and K

+
 substituted birnessites are phyllomanganates, possessing 

layered sheet structures with edge-sharing Mn octahedra. These materials have been 

described as nearly vacancy-free layers of Mn octahedra influenced by Jahn-Teller 

distortion when Mn(III) substitutes for Mn(IV). The chemical formula for sodium 

birnessite has been given as Na0.333(Mn0.7224
+
Mn0.2223

+
Mn0.0552

+
)O2 (Manning et al., 

2002), indicating a partial negative charge per unit cell. For simplicity, the birnessite 

chemical formula will be simplified to MnO2 in this paper. Elucidation of the chemical 
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mechanisms of As(III) heterogeneous oxidation by birnessite have advanced over time 

(Scott and Mogan, 1995; Nesbitt et al., 1998). Oxidation of As(III) by synthetic 

birnessite is coupled with the reductive dissolution of the MnO2 surface and results in 

the release of both As(V) and Mn(II) to solution at low pH (Scott and Mogan, 1995). 

The net stoichiometry of the reaction is 

MnO2 + H3AsO3 + H
+
 → Mn

2+
 + H2AsO4ˉ + H2O                                          (1) 

Previous work by Nesbitt et al. (1998), using X-ray photoelectron spectroscopy 

(XPS), has shown that the oxidation of As(III) by the synthetic 7 Å birnessite surface 

proceeds by a two-step pathway with an electron transfer at a time, involving the 

reduction of Mn(IV) to Mn(III),   

2MnO2 + H3AsO3 + H2O → 2MnOOH* + H2AsO4ˉ + H
+
                              (2) 

where MnOOH* is a Mn(III) intermediate reaction product. The reaction in 

equation (2) is followed by the reaction of As(III) with MnOOH*,  

2MnOOH* + H3AsO3 + 3H
+
 → 2Mn

2+
 + H2AsO4ˉ+ 3H2O                             (3) 

However, there is more than one pathway that can produce Mn(II) from the 

oxidation of As(III) by MnO2. Some studies (Luther and Popp, 2002) show that 

As(III) oxidation occurs as a two electron transfer to MnO2, without the formation of a 

Mn(III) intermediate. This two electron transfer process can be presented using 

equation (1). 

More recent work by Lafferty et al. (2010 a and b), using a stirred-flow 

technique, X-ray absorption spectroscopy (XAS) and X-ray diffraction (XRD), has 

shown that the Mn(III) in the δ-MnO2 structure during As(III) oxidation is formed by 

conproportionation of sorbed Mn(II) and Mn(IV) in the mineral structure.  
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1.6 As Sorption on Fe-oxides 

Iron hydroxides such as goethite and ferrihydrite, commonly found in soils, 

greatly influence the mobility of As (Aguilar et al., 2007). Two principal processes are 

responsible for As geochemistry in soils in the presence of iron compounds: 

adsorption of As(V) and As(III) on iron hydroxides and precipitation of secondary 

phases such as iron arsenates. The most common iron oxides are ferrihydrite (β-

FeOOH), lepidocrocite (γ-FeOOH), goethite (α-FeOOH), and hematite (α-Fe2O3), 

with goethite and hematite the most stable ones. Conversion of ferrihydrite to goethite 

or to other crystalline iron oxide phases may occur gradually over time (Pedersen et 

al., 2006) affecting arsenic adsorption/desorption as the density of adsorption sites 

diminishes with crystallization (Fuller et al., 1993).  

Under oxidizing conditions, As(V) in soil is retained in the solid phases by 

interaction with Fe(III) oxy-hydroxide coatings on soil particles (Bose and Sharma, 

2002). Several types of interactions have been reported: As(V) adsorption on 

amorphous iron hydroxide (Pierce and Moore, 1980 and 1982), As(V) adsorption on 

ferrihydrite (Paige et al., 1997; Manning et al., 1998; Raven et al., 1998), and co-

precipitation of As(III) and As(V) with iron oxy-hydroxide (Manning et al., 1998; 

Ford, 2002). The mechanism involved in the adsorption of As species onto iron 

oxides, including poorly crystalline oxides such as ferrihydrite, is the replacement of 

OH2 and OH
−
 for the anionic As species in the coordination spheres of surface 

structural Fe atoms, resulting in monodentate, bidentate, mononuclear, or binuclear 

bridging complexes (Jain et al., 1999; Goldberg, 1986; Raven et al., 1998). The ligand 

exchange mechanism has been confirmed by extended x-ray absorption fine structure 

(EXAFS) and infrared (IR) spectroscopic techniques (Sun and Doner, 1996; Fendorf 

et al., 1997; Waychunas et al., 1993).  
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Several authors have reported that As(V) binds strongly to Fe(III) oxide 

minerals under fully oxidized conditions, as an inner-sphere complex, probably 

predominately as a bidentate, binuclear surface complex (Sun and Doner, 1996; 

Fendorf et al., 1997; Sherman and Randall, 2003; Fukushi and Sverjensky, 2007; 

Waychunas et al., 1996). In this case, competition between arsenate and phosphate 

ions for sorption sites on iron oxides can be a significant factor in decreasing As(V) 

adsorption (O’Day, 2006; Sarkar et al., 2007). Fendorf et al.(1997) reported that 

adsorption of As(V) on goethite occurs as a monodentate complex at low coverage, 

bidentate complex at intermediate coverage, and bidentate complexes, including 

binuclear bridging complexes at high coverage. A change in the environmental 

conditions to reducing ones, such as flooding, leads to the dissolution of iron oxide 

coatings causing release of As(III), As(V), and Fe(II). 

Under reducing soil conditions, As(III) in soil is associated with sulfides, with 

arsenopyrite (FeAsS) being the most common, plus realgar (AsS), enargite (CuAsS4), 

and orpiment (As2S3) (Bose and Sharma, 2002). Once exposed to the atmosphere by 

natural or anthropogenic activities, arsenopyrite is oxidized releasing As(III), SO4
2−

, 

and Fe(II). As(III) can be oxidized to As(V) and Fe(II) to Fe(III) by reactions 

bacterially mediated (Lloyd and Oremland, 2006).  

The adsorption of As(V) and As(III) anions (AsO4
3−

 and AsO3
3−

) on iron 

hydroxides depends also on pH, being higher at pH 4–6, below the pH of zero point of 

charge (pHZPC) where the oxides are positively charged (pHZPC of magnetite is 6.5, 

goethite is 6.8, hematite is 6.7) (Gimenez et al., 2007). Under acidic conditions the 

protonation of mineral surfaces favors the adsorption of As(V) poly-anions H2AsO4
−
 

or HAsO4
2−

, while As(III) remains soluble under such conditions as arsenious acid 
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H3AsO3 (Sun and Doner, 1998). Instead, under alkaline conditions, As(III) is adsorbed 

on iron oxides surfaces. Near neutral pH, As(V) and As(III) both adsorb at the surface 

of hydrous iron oxides and crystalline iron oxides via the formation of strong inner 

sphere surface complexes (Morin and Calas, 2006). It has been reported that As(III) 

adsorbs through a mix of inner and outer sphere surface complexes (Goldberg and 

Johnston, 2001), and bidentate binuclear inner sphere complexes (Manning et al., 

1998), however, a bidentate mononuclear complex of As(III) with hematite and 

ferrihydrite was also reported (Ona-Nguema et al., 2005). 

1.7 Effects of Fe(II) on As(III) Oxidation 

The oxidation of As(III) is an important process in the natural cycling of As. 

Previous studies have demonstrated rapid oxidation of As(III) by Mn oxides which 

produces the less toxic and less mobile As(V) that can be sorbed on mineral surfaces. 

However, the presence of other mineral surfaces, bacteria, organic matter, and ions in 

solution can serve to influence As(III) oxidation. In natural conditions, arsenic in 

alluvial sediments is often associated with Fe oxides and can be mobilized by the 

reductive dissolution of Fe oxides. Thus, arsenic contaminated groundwater is often 

associated with the occurrence of elevated concentrations of dissolved Fe
2+

 (He and 

Hering, 2009). Some water wells in Bangladesh, one of the most As contaminated 

countries, often contain 0~30 mg/L Fe
2+

 and up to 1 mg/L As(III) (Han et al., 2011). 

Since Mn oxides are also effective oxidants for Fe
2+

, reaction of Fe
2+

 and MnO2 

results in the formation of the solids Fe(OH)3 and FeOOH (He and Hering, 2009). We 

could expect that the presence of Fe
2+

 will substantially alter the behavior of As on 

Mn-oxides in the following ways: i) Fe
2+

 can be oxidized by Mn oxides and thus could 

compete with As(III) in terms of oxidation by the Mn oxides; ii) the newly formed 
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Fe(III) oxides, as a result of the oxidation process, could scavenge As and thus have 

the potential to sequester As on the mineral phases.    

Although a lot of previous studies have focused on As immobilization by 

reductive dissolution of Fe oxides and As(III) oxidation by Mn oxides, few studies 

have focused on systems containing both Mn and Fe, where the competitive effects 

could profoundly affect As behavior. Such systems better represent the natural 

environment. Zhang et al. (2007) used a novel Fe-Mn binary oxide adsorbent to 

remove As from water and showed that this synthetic adsorbent had high As(III) 

removal efficiency. In this Fe-Mn oxide, Mn oxide was dominant for oxidizing As(III) 

to As(V), while iron oxide was dominant for adsorbing the formed As(V). The effect 

of amendment with synthetic birnessite on As sequestration in a sediment suspension 

was examined in the absence and presence of Fe
2+

 by He et al. (2009). This study 

shows that in the absence of Fe
2+

, the extent of As(III) oxidation to As(V) increased 

with increasing birnessite amendment, but As sequestration was not increased. In the 

presence of Fe
2+

, however, As sequestration did increase with increasing birnessite 

amendment. A study by Choi et al. (2009) also showed increasing As sorption by Mn 

bearing sediments in the presence of Fe
2+

. It is noted that in the presence of dissolved 

Fe
2+

, the precipitation of Fe(III) hydrous oxide phases will be an effective mechanism 

for As scavenging only if there exists sufficient dissolved oxygen in groundwater to 

oxidize Fe. Once the aqueous oxidative capacity is exhausted, dissolved Fe
2+

 may 

compete with As(III) for the limited abiotic oxidation supplied by sediment Mn-

bearing phases. 
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1.8 Research Rationale and Objectives 

Arsenic contamination of groundwater and soils is a major global 

environmental challenge and poses a significant health risk to millions of people 

throughout the world. Both As(III) and As(V) are carcinogens, but As(III) is more 

toxic and more mobile. Thus, oxidation of As(III) to As(V) is an effective way to 

reduce As toxicity. Mn-oxides are the strongest oxidizing agents other than O2 and 

facilitate the rapid transformation of As(III) to As(V). As(III) oxidation by Mn-oxides 

has been extensively studied in the laboratory, however, the oxidation/sorption kinetics 

and mechanisms of As(III) under natural heterogeneous environments remains unclear.  

As(III) and Fe(II) coexist in many anoxic As contaminated environments. 

Some water wells in Bangladesh, one of the most As contaminated countries, often 

contain 0~30 mg/L Fe(II) and up to 1 mg/L As(III). The presence of Fe(II) could 

affect As(III) oxidation by Mn oxides in the following ways: (1) Fe(II) can be oxidized 

by Mn oxides and thus could compete with As(III) in terms of oxidation by the Mn 

oxides; (2) the newly formed Fe(III)-(hydr)oxides, as a result of the oxidation process, 

could scavenge As and thus have the potential to sequester As on the mineral phases. 

Although a lot of previous studies have focused on As immobilization by reductive 

dissolution of Fe-oxides and As(III) oxidation by Mn-oxides, few studies have focused 

on systems containing both Mn and Fe, where the competitive effects could 

profoundly affect As behavior. Such systems better represent the natural environment. 

Thus, a comprehensive understanding of As(III) oxidation and As sorption on Mn-

oxides as impacted by Fe(II) is essential and will provide significant information that 

can be used to better predict the fate and toxicity of As in the environment as well as a 

possible way to solve the As contamination of soils and groundwater. 
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The major goal of this study is to provide insights into the complex process of 

As(III) oxidation by poorly crystalline hexagonal birnessite in the presence of 

dissolved Fe(II) and the impacts that Fe(II) has on As fate, transport and 

transformations in the environment. Two core objectives are crucial to achieve this 

goal: 

(1) To examine the kinetics and mechanisms of As(III) oxidation and As 

sorption on poorly crystalline hexagonal birnessite in the presence of dissolved Fe(II). 

(2) To determine the mobility of As sorbed on poorly crystalline hexagonal 

birnessite and newly formed Fe(III)-(hydr)oxides.  
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Chapter 2 

THE EFFECTS OF IRON(II) ON ARSENIC OXIDATION AND SORPTION 

ON MANGANESE OXIDES: RESULTS FROM STIRRED-FLOW AND 

KINETIC EXPERIMENTS 

  

ABSTRACT 

 

The oxidation of arsenite (As(III)) by manganese (Mn) oxides is an important 

process in the natural cycling of arsenic (As) in the environment. Previous studies 

have demonstrated rapid oxidation of As(III) by Mn oxides which produces the less 

toxic and less mobile arsenate (As(V)) that can be sorbed on mineral surfaces. Under 

natural conditions, the presence of other ions, such as Fe(II), can influence the 

behavior of As(III) on Mn oxides. However, very few studies have focused on the 

effects of Fe(II) on the redox and sorption processes. In this study, As(III) oxidation 

by a poorly-crystalline phyllomanganate (δ-MnO2) in the presence and absence of 

dissolved Fe(II) was investigated using stirred-flow and batch experiments. 

Chemically synthetic δ-MnO2 was reacted with four influent solutions, containing the 

same As(III) concentration but different Fe(II) concentrations, at pH 6. The results 

show an initial rapid As(III) oxidation by δ-MnO2, which is followed by an 

appreciably slow reaction after 8 hours. In the presence of Fe(II), As(III) oxidation is 

inhibited due to the competitive oxidation of Fe(II) as well as the formation of Fe(III)-

(hydr)oxides on the δ-MnO2 surface. However, the sorption of As(III), As(V) and 
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Mn(II) are increased, for the newly formed Fe(III)-(hydr)oxides provide additional 

sorption sites. This study suggests that the competitive oxidation of Fe(II) and 

consequently the precipitation of Fe(III) compounds on the δ-MnO2 surface play an 

important role in As(III) oxidation and As sequestration. Understanding these 

processes would be helpful in developing in situ strategies for remediation of As-

contaminated waters and soils.  

 

2.1 Introduction 

Arsenic (As) contamination in soils, sediments, and water from natural and 

anthropogenic sources pose environmental and human health risks. The predominate 

species of As in soil and aquatic environments are arsenite (As(III)) and arsenate 

(As(V)). As(V) is the most stable species under aerobic conditions and exists as 

deprotonated oxyanions of arsenic acid (H2AsO4ˉ and HAsO4
2
ˉ ), while As(III) is 

always electrically neutral, and primarily exists as the uncharged molecule H3AsO3 

when the pH is below 9. As(III) is known to be more mobile in soil and sediment 

environments due to being weakly bound to mineral surfaces, and is more toxic than 

As(V), since it binds to sulfhydryl groups, impairing the function of many proteins 

(Jiang et al., 2009 ). Therefore, the transformation of As(III) to As(V) not only 

decreases the toxicity of As, but also enhances As removal from drinking water and 

sequestration to soils and sediments.  

In environmental settings, manganese (Mn) oxide minerals commonly occur as 

coatings and fine-grained aggregates with large surface areas and exert chemical 

influences far out of proportion to their prevalence (Post, 1999; Ginder-Vogel et al., 

2009). Manganese oxides minerals act as potent sorbents of heavy metals and 
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nutrients, serving as natural sinks for environmental contaminants. More importantly, 

they are powerful oxidants and play a critical role in the transformation of As(III) to 

As(V) under natural conditions (Scott and Morgan, 1995; Nesbitt et al., 1998; 

Tournassat et al., 2002; Yang et al., 2005). The oxidation process by Mn-oxides is 

quite rapid, compared to the direct oxidation of aqueous As(III) by molecular oxygen 

with a half-life around a year (Eary and Schramke, 1990). The reactivity of Mn-oxide 

minerals varies with their mineralogy. It has been found that layered Mn-oxide 

minerals, such as phyllomanganates, are more reactive than other types of Mn-oxides 

(Oscarson et al., 1983; Chiu and Hering, 2000; Manning et al., 2002). The most 

reactive Mn-oxides have a great potential in terms of As(III) oxidation even when 

present in small quantities. There is evidence that a large number of Mn-oxides found 

in surface environments are poorly crystalline and of biogenic origin (Tebo et al., 

2004; Shiller and Stephens, 2005). Also, these poorly crystalline biogenic Mn-oxides 

may be among the most reactive Mn-oxides in the environment (Tebo et al., 2004). It 

is important to understand the reactivity of poorly crystalline Mn-oxides, as it relates 

to As speciation, not only because of their higher reactivity but also because of their 

abundance in the environment.  

Under natural conditions, various ions may coexist with As(III). However their 

impact on the As (III) oxidation process has attracted less attention. Power et al. 

(2005) found that the competitive sorption of Zn(II) on the birnessite surface 

decreased the As(III) oxidation rates under all reaction conditions and this inhibition 

became more pronounced when Zn(II) was pre-sorbed onto the birnessite surface as 

opposed to when it was added simultaneously with As(III). Parikh et al. (2010) 

reported that initial reaction rates of As(III) oxidation by hydrous Mn-oxides (δ-
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MnO2) are reduced when high phosphate concentrations strongly passivate δ-MnO2 

and reduce As(III) interactions with the mineral surface. Naturally occurring As in 

soils and sediments is often associated with Fe-oxides and, hence, As can be mobilized 

by the reductive dissolution of the carrier phase (Herbel and Fendorf, 2006; He and 

Hering, 2009). Thus, co-occurrence of elevated concentrations of As(III) and Fe(II) 

are often observed under moderately reducing conditions (Nickson et al. 2000; Swartz 

et al. 2004). There is a report that in Bangladesh, one of the most arsenic contaminated 

countries, some water wells contains 0-30 mg/L Fe(II) and up to 1 mg/L As(III) 

(Nickson et al., 1998). As(III) and Fe(II) may also coexist in aerobic conditions. Acid 

mine drainage (AMD), which is caused by the biological oxidation of sulfidic 

materials, frequently contains sulfate, As(III) and/or As(V), along with much higher 

concentrations of dissolved Fe(II) and/or Fe(III) (Wang et al., 2003; Han et al., 2011).  

Unlike other ions such as Zn(II) and phosphate, Fe(II) could also be oxidized 

by Mn-oxides, and thus can compete with As(III). The reaction of Fe(II) with Mn-

oxides results in the formation of solid Fe(III)-(hydr)oxides on Mn-oxide surfaces 

(Postma and Appelo, 2000), which may cause surface passivation and inhibit further 

oxidation of As(III) and Fe(II). Also, the newly formed Fe(III)-(hydr)oxides could 

adsorb both As(III) and As(V) in solution due to the high affinity of As(III) and As(V) 

to Fe-oxides (Dixit and Hering, 2003; He and Hering, 2009; Han et al., 2011). 

Therefore, the presence of Fe(II) could substantially alter As(III) oxidation on Mn-

oxides, however, the effect of Fe(II) has not been elucidated to date. The aim of this 

study is to explore the extent to which dissolved Fe(II) could affect the oxidation of 

As(III) by Mn-oxides and the mechanism involved in this process. To achieve this 

goal, the following stirred-flow experiments were conducted: (1) oxidation of As(III) 
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and Fe(II) individually by δ-MnO2; (2) oxidation of As(III) and Fe(II) simultaneously 

by δ-MnO2 under different Fe(II) concentrations; and (3) Oxidation of As(III) first by 

δ-MnO2 and then addition of Fe(II) at different time periods. A unique benefit of the 

stirred-flow technique is that reaction products are removed from the reactor, thus 

limiting potential reactions between products and the mineral surface being studied.  

In addition, quantification of the initial rates of environmental reactions at the 

mineral/water interface is a fundamental prerequisite to determining reaction 

mechanisms and contaminant transport modeling and predicting environmental risk. 

Many important mineral surface processes (e.g., adsorption, oxidation-reduction, 

precipitation) are characterized by a rapid initial reaction on time scales of 

milliseconds to minutes in which a significant portion of the reaction process may 

occur (Scheidegger and Sparks, 1996; Ginder-Vogel et al., 2009). In this study, we are 

also interested in knowing how Fe(II) could affect the initial As(III) oxidation rate by 

δ-MnO2. Therefore, batch kinetic experiments (up to 30min) were performed under 

different Fe(II) additions to quantify initial As(III) oxidation rates. Knowledge of 

these initial reaction rates is critical to determining chemical kinetic rate constants and 

reaction mechanisms, both of which are required to fully understand environmental 

chemical processes involving As. 

 

2.2 Methods and Materials 

2.2.1 Chemicals 

All chemicals used in this study met or exceeded American Chemical Society 

standards. 18.2 MΩ deionized (DI) water was used for all solutions. NaAsO2 and 

FeSO4·7H2O were used as sources of As(III) and Fe(II), respectively. As(III) stock 
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solution (100 mmol/L) was stored at 4 ºC and prepared every month. Fe(II) solution 

was freshly prepared every time in the glove box and the DI water used to make the 

Fe(II) solution was degased, using nitrogen gas, for 2 hours before use.  

2.2.2 δ-MnO2 Synthesis 

δ-MnO2,  a poorly-crystalline, phyllomanganate, was used in the studies 

presented here because of its high reactivity as well as its similarities to biogenic Mn-

oxides (Villalobos et al., 2003). δ-MnO2 is a form of hexagonal birnessite with a low 

degree of stacking of phyllomanganate sheets (Drits et al., 1997; Silvester et al., 

1997). δ-MnO2 was synthesized by drop wise addition of a 100 mL solution 

containing 11.29 g Mn(NO3)2·4H2O to a 100 mL solution containing 2.4 g NaOH and 

4.74 g KMnO4, corresponding to a final Mn(II):Mn(VII):OH ratio of 3:2:4 (Morgan 

and Stumm, 1964). After adding Mn(II) to the basic permanganate solution, the 

resulting suspension was stirred overnight (at least 12 hours) to allow complete 

conproportionation of Mn(II) and Mn(VII) to Mn(IV). Following synthesis, δ-MnO2 

was centrifuged at 10,000 RCF for 15 min, then the supernatant was removed and 

replaced with 18.2 MΩ deionized (DI) water. This wash step was repeated 6 times. 

Following washing, δ-MnO2 was transferred to a polypropylene bottle, resuspended in 

DI water, and stored at 4 ºC prior to use in experiments. Experiments were conducted 

using δ-MnO2 within a month of synthesis. Characterization of synthetic δ-MnO2 is 

provided in Appendix A.  

2.2.3 Stirred-flow Experiments 

The stirred-flow system is shown in Figure 2.1. The reactor is a modified 

version of the stirred-flow reactor described by Wielinga et al. (2001). The chamber 
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volume is 12.0 mL. All stirred-flow reactions were conducted by pumping a solution 

of As(III) or Fe(II) or both in a 0.01 M NaNO3 background electrolyte buffered at a 

certain pH at a rate of 1.0 mL/min into a stirred-flow chamber containing 2.0 g/L δ-

MnO2. For reactions involving Fe(II), nitrogen gas was pumped into the solution to 

maintain anoxic conditions. All suspensions in the reaction chamber were mixed at 

100 rpm via a magnetic stir bar. Effluent solutions were filtered with a 0.22 μm pore 

size filter and then collected by a fraction collector. Effluent solutions which contained 

Fe(II) were immediately transferred into a glove box until analysis, and all other 

solutions were stored at 4 º C in the dark until analysis. All stirred-flow experiments 

were conducted at least in duplicate.  

 

 

 

Figure 2.1 Schematic illustration of the stirred-flow experiments (Strawn and 

Sparks, 2000). 
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2.2.4 Kinetic Experiments 

All kinetic experiments were conducted under batch conditions using 500 mL 

of reaction solution, which was prepared in 0.01 mol/L NaNO3 (or NaF) background 

electrolyte buffered at a particular pH. The reaction was then initiated by adding a 

certain amount of HMO stock solution to achieve a HMO concentration of 0.1 g/L. All 

reaction mixtures were stirred at 200 rpm via a magnetic stir bar and for those 

containing Fe(II), nitrogen gas was pumped during reaction to maintain anoxic 

conditions. The reaction was sampled every 15 seconds for the first 2 minutes, every 1 

minute from 2 to 10 minutes and then every 5 minutes until 30 minutes by removal of 

2 mL of the reaction mixture using a syringe. Within 2 second of removal, the reaction 

mixture was filtered through a 0.2 μm polypropylene syringe filter to quench the 

reaction. The filtered solutions which contained Fe(II) were immediately transferred 

into a glove box until analysis, and all other solutions were stored at 4 º C in the dark 

until analysis. All kinetic experiments were conducted at least in triplicate.  

2.2.5 Determination of Metal Concentrations 

As(III) and As(V) were quantified by liquid chromatography inductively 

coupled plasma mass spectrometry (LC-ICP-MS). As(III) and As(V) were separated 

using a Phenomenex Prodigy 5 μm ODS-3 100 Å (150 x 4.6) column with a flow rate 

of 1 mL/min, using a 10 μm sample injection before quantification by LC-ICP-MS. 

The mobile phase consisted of 5% methanol in 5 mM tetra-butyl ammonium 

hydroxide, and the pH was adjusted to 5.9 using malonic acid (final concentration of 

about 3 mM). Arsenic species separated by LC were directly introduced via a 

nebulizer into an Agilent 7500ce inductively coupled plasma mass spectrometer 

operated in helium mode. Fe(II) concentration was determined by the ferrozine 
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method (Stookey, 1970). In order to eliminate the interference of Fe(III) in Fe(II) 

measurements, 0.05 mol/L NaF was added to mask Fe(III) in Fe(II) determination. 

Total Fe was determined by reducing total Fe(III) to Fe(II) and then Fe(II) was 

measured by the ferrozine method without addition of NaF solution. The Fe(III) 

content in the liquid solution was obtained by difference. Mn(II) concentration was 

quantified by inductively coupled plasma optical emission spectrometry (ICP-OES), 

where 5 mL of sample were acidified using 1% (w/v) nitric acid mixed with 0.5% 

(w/v) hydrochloric  acid. The amount of As sorbed during the reaction was determined 

by calculating the difference between the mass of As (μmol) introduced into the 

reactor and the mass of As (μmol) removed from the reactor over time (more details 

please see Appendix B).  

 

2.3 Results and Discussion 

2.3.1 Oxidation of As(III) and Fe(II) Individually by δ-MnO2 

As(III) Oxidation by δ-MnO2. The reaction shows a similar pattern at both 

pH 3 (Fig 2.2 a) and 6 (Fig 2.2 b). As(V) appears immediately in the effluent solution 

and reaches a maximum within 2 hours, indicating a fast initial oxidation rate of 

As(III) by δ- MnO2. After that the As(V) concentration starts to decrease and 

gradually reaches equilibrium. The decrease of As(V) in the effluent is due to both the 

decreased As(III) oxidation rate, producing less As(V), and the sorption of As(V) onto 

δ-MnO2 surface. Changes in Mn(II) concentration in the effluent resembles As(V). It 

reaches a maximum in a few hours and then decreases. However, Mn(II) appears 

relatively late in the effluent, compared to As(V). This late appearance could be 

attributed to either the complete retention of Mn(II) by δ-MnO2, or the formation of a  
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Figure 2.2 Concentrations (μmol/L) of As(III), As(V) and Mn(II) in the effluent of a 

stirred-flow experiment where 100 μmol/L As(III) was reacted with 2 g/L 

δ-MnO2 for 48 hours at (a) pH 3 and (b) pH 6. 



 38 

Mn(III) intermediate early in the reaction process (Nesbitt et al., 1998; Lafferty et al., 

2010a), since no Mn(II) is produced when Mn(IV) is reduced to Mn(III). At both pHs, 

there are two clear As(III) oxidation phases, a fast oxidation phase in the first few 

hours followed by a gradual decrease in the oxidation process. During the fast 

oxidation phase, no As(III) is detected in the effluent. After that, As(III) starts to 

appear as the oxidation rate decreases and finally reaches equilibrium. As(III) appears 

at 3.6 h at pH 3 , which is about 5 hours earlier than what occurs at pH 6, indicating  a 

higher As(III) oxidation rate by δ-MnO2 at the higher pH. 

The two-phase As(III) oxidation by Mn-oxides has been observed previously 

(Scott and Morgan, 1995; Manning et al., 2002; Tournassat et al., 2002; Parikh et al., 

2008 and 2010; Ginder-Vogel et al., 2009; Lafferty et al., 2010a) and was attributed to 

surface passivation of Mn-oxides (Manning et al., 2002; Tournassat et al., 2002; 

Parikh et al., 2010; Lafferty et al., 2010a). Three possible causes could contribute to 

the passivation of the Mn-oxides surface. First is the sorption of Mn(II) and As(V). 

The reaction of As(III) with Mn-oxides produces Mn(II) and As(V). Typically, Mn(II) 

and As(V) are not released into solution in stoichiometric amounts during the reaction, 

indicating that some of the Mn(II) and As(V) are re-adsorbed onto the Mn-oxide 

surface (Scott and Morgan, 1995; Lafferty et al., 2010a). The sorption is thought to 

occur at the reactive sites where As(III) is oxidized, thus blocking the potential sites 

for further As(III) oxidation. A possible second reason could be the formation of a 

Mn-As precipitate. Under certain reaction conditions, a Mn(II)-As(V) precipitate that 

compositionally resembles the mineral krautite (Mn
II
HAs

V
O4·H2O) has been observed 

during As(III) oxidation by birnessite. This precipitate could also block the reactive 

site for As(III) oxidation (Tournassat et al., 2002). Third is the formation of a Mn(III)  
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Figure 2.3 Concentrations (μmol/L) of Fe(II) and Mn(II) in the effluent from a 

stirred-flow experiment reacting 100 μmol/L Fe(II) with 2 g/L δ-MnO2 

for 48 hours at (a) pH 3 and (b) pH 6. 
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intermediate. Studies have shown that As(III) oxidation by birnessite proceeds in two 

discrete electron transfers, where one electron was transfered from Mn(IV) at first, 

involving the reduction of Mn(IV) to Mn(III), and then another one electron was 

transfered from either Mn(IV) or Mn(III) (Nesbitt et al., 1998). The formation of a 

Mn(III) intermediate could contribute to Mn-oxide passivation because Mn(III) sites 

are thought to be less reactive than Mn(IV) sites on the Mn-oxide surface (Chiu and 

Hering, 2000; Zhu et al., 2009; Lafferty et al., 2010a). 

Fe(II) Oxidation by δ-MnO2. Fe(II) can be readily oxidized by δ-MnO2 at 

both pH 3 (Fig 2.3 a) and 6 (Fig 2.3 b), however, the reaction rate varies at different 

pHs. At pH 3, Fe(II) appears in the effluent after 0.5 h of the reaction, while at pH 6 

Fe(II) appears after 8 h. The delayed appearance of Fe(II) indicates a faster oxidation 

rate at higher pH. Similar to As(III) oxidation, the oxidation of Fe(II) by δ-MnO2 

shows a two-phase trend, a fast initial oxidation followed by a decrease in oxidation 

rate, indicating passivation of δ-MnO2 surface also exists during Fe(II) oxidation. The 

reaction of Fe(II) with Mn-oxides can result in the formation of solid Fe(OH)3 and 

FeOOH (Postma and Appelo, 2000), and also release Mn(II) to solution. Therefore, 

the sorption of Mn(II) and the formation of Fe(III)-(hydr)oxides can both cause the 

surface passivation of δ-MnO2 by blocking reactive sites on the δ-MnO2 surface. 

2.3.2 Oxidation of As(III) and Fe(II) Simultaneously by δ-MnO2 

In order to investigate the effects of Fe(II) on As(III) oxidation by δ-MnO2, 

stirred-flow experiments were conducted using influent solutions containing 100 

μmol/L As(III) and simultaneously adding 100, 200, or 1000 μmol/L Fe(II) to react 

with 2 g/L δ-MnO2 at both pH 3 and 6. Due to the similarity of reactions at both pHs, 

results are shown only at pH 6.  
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Effects of Fe(II) on As(III) Oxidation. As(III) oxidation by δ-MnO2 was 

strongly influenced by the addition of Fe(II) (Fig 2.4 and Fig 2.5 a).  In the absence of 

Fe(II) (Fig 2.4 a), no As(III) appears in the effluent during the initial 8 hours, 

indicating that all As(III) introduced into the reactor is oxidized to As(V) or sorbed 

onto the δ-MnO2 surface. In the presence of Fe(II), As(III) appears earlier in the 

effluent. Compared to 8 hours with no Fe(II) addition, As(III) appears after 2.3 hours 

with 100 μmol/L of Fe(II) addition (Fig 2.4 b), 0.8 hours with 200 μmol/L of Fe(II) 

addition (Fig 2.4 c), and As(III) appears almost immediately with 1000 μmol/L of 

Fe(II) addition (Fig 2.4 d). The higher the concentration of added Fe(II), the earlier the 

As(III) appears in the effluent, which suggests that the As(III) oxidation rate is 

lowered in the presence of Fe(II). This decreased As(III) oxidation rate could be 

explained by two reasons: (1) since δ-MnO2 can also effectively oxidize Fe(II) (Fig 

2.3),  Fe(II) may compete with As(III) for oxidation by sorbing on some of the 

reactive sites on δ-MnO2 surface, thus lowering the As(III) oxidation rate; (2) the 

reaction of Fe(II) and δ-MnO2 could result in the formation of solid Fe(III)-

(hydr)oxides (Postma and Appelo, 2000) on the δ-MnO2 surface, blocking some of the 

reactive sites, therefore decreasing the As(III) oxidation rate. Furthermore, the finding 

that the final As(III) concentration in the effluent increases with increasing Fe(II) 

addition (Fig 2.5 a), except for the 1000 μmol/L Fe(II) addition, shows that less 

As(III) is oxidized by δ-MnO2 in the presence of Fe(II). This also indicates the 

inhibitive impact that Fe(II) has on As(III) oxidation, either through competing with 

As(III) or the formation of sorbed Fe(III)-(hydr)oxides. Some previous studies also 

observed a decrease in As(III) oxidation rate by Mn-oxides when other ions were 

present. Power et al. (2005) confirmed competitive sorption of Zn(II) on birnessite 
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Figure 2.4 Concentrations (μmol/L) of As(III), As(V), Mn(II) and Fe(II) in the effluent of a stirred-flow experiment 

reacting 2g/L δ-MnO2 with simultaneously (a) 100 μmol/L As(III) and no Fe(II); (b) 100 μmol/L As(III) and 

100 μmol/L Fe(II); (c) 100 μmol/L As(III) and 200 μmol/L Fe(II) and (d) 100 μmol/L As(III) and 1000 μmol/L 

Fe(II), at pH 6 for 48 hours. 
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Figure 2.5 (a) As(III) and (b) As(V) concentrations in effluents of stirred-flow 

experiments reacting 2g/L δ-MnO2 with 100 μmol/L As(III) and 0, 100, 

200, or 1000 μmol/L Fe(II) simultaneously at pH 6 for 48 hours. 
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decreased the oxidation rate of As(III). Choi et al. (2009) assumed competition 

between Fe(II) and As(III) for sorption sites on manganese oxides further blocked the 

oxidation rate of As(III). Parikh et al. (2010) showed a reduced As(III) oxidation in 

the presence of phosphate (PO4
3-

) caused by competitive adsorption between As(III) 

and PO4
3-

. He also reported a decrease in As(III) oxidation when goethite (α-FeOOH) 

was present, resulting from the competition between δ-MnO2 and α-FeOOH for 

As(III). Han et al. (2011) found that the removal rate of As(III) significantly decreased 

with an increasing ratio of Fe(II):As(III) from 1/64:1 to 1:1. He also pointed out that 

the presence of As(III) significantly inhibited the oxidation of Fe(II) by MnO2 

significantly as well.   

Effects of Fe(II) on As Sequestration. The concentration of As(V) in the 

effluent decreases with increasing Fe(II) addition (Fig 2.5 b). This decreased As(V) 

concentration could be attributed to two reasons: (1) less As(V) is produced with 

Fe(II) addition; (2) more As(V) is sorbed with Fe(II) addition. The first reason is 

confirmed in the last section since less As(III) is oxidized as more Fe(II) added. The 

second reason can be proved by noting that the decrease in As(V) concentration in the 

effluent is more pronounced than the increase of As(III) concentration in the effluent 

(Fig 2.5 a). Also, we calculated the total As (both As(III) and As(V)) sorption amounts 

at different Fe(II) addition (Fig 2.6). The results show that as more Fe(II) is added, 

more As is sorbed on the solid phase due to more Fe(III)-(hydr)oxides being formed, 

providing additional sorption sites for both As(III) and As(V). He and Hering (2009) 

confirmed that As(III) and As(V) predominantly adsorbed on the freshly formed 

Fe(III) precipitates when Fe(II) is added in the presence of birnessite. Chio et al. 

(2009) also showed that in the presence of dissolved Fe(II), the precipitation of Fe(III)  
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Figure 2.6 (a) Calculated amount of As sorption (nmol) in stirred-flow experiments 

where 2 g/L δ-MnO2 was reacted with 100 μmol/L As(III) and 0, 100, 

200, or 1000 μmol/L Fe(II) simultaneously at pH 6 for 48 hours; (b) Plot 

of (a) for the first 4 hours. 
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hydrous oxides was an effective mechanism for As scavenging from groundwater if 

there exists sufficient oxidants to oxidize Fe(II). In some environments, oxygen is 

available as the oxidant for Fe(II) and microbial mediation can be important in 

catalyzing this reaction (Roberts et al. 2004; Berg et al. 2006). Native manganese 

oxides in soils and sediments can also serve as the oxidants for Fe(II). This 

enhancement in Fe(II) oxidation could be an effective strategy for augmenting the 

natural attenuation of As.  

Effects of Fe(II) on Mn(II) Sequestration. Apart from As(III) and As(V), we 

are also interested in the changes of Mn(II) concentration in the effluent. The Mn(II) 

concentration reaches a maximum after a few hours of reaction, and this maximum  

value increases as more Fe(II) is added to the system (Fig 2.4). After 24 hours, the 

concentration of Mn(II) remains stable, and the final concentration of Mn(II) in the 

effluent decreases with increasing Fe(II) addition. This suggests more Mn(II) is re-

sorbed onto the newly formed Fe(III)-(hydr)oxides.  

2.3.3 Oxidation of As(III) by δ-MnO2 with Fe(II) Added at Different Times 

In order to fully investigate the effects of Fe(II) on the As(III) oxidation by δ-

MnO2 over time, since the oxidation rate is decreasing as δ-MnO2 becomes passivated, 

100 μmol/L Fe(II) was introduced into the reaction of 100 μmol/L As(III) with 2 g/L 

δ-MnO2 at different times (4, 10 and 24 hours) at pH 6. The reason why 4, 10 and 24 

hours were chosen is that during the As(III) oxidation by δ-MnO2 (Fig 2.2 b), 

maximum As(V) appeared at 4 hours, As(III) starts to appears in solution at about 10 

hours, which is the changing point from rapid As(III) oxidation to a slower oxidation 

rate, and after 24 hours, the whole system reaches a steady state, where the change in 

concentration of As(III), As(V) and Mn(II) with time are negligible. The results show  
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Figure 2.7 Concentrations (μmol/L) of As(III), As(V), Mn(II) and Fe(II) in the effluent from a stirred-flow experiment 

where 2g/L δ-MnO2 reacts with 100 μmol/L As(III) first and then 100 μmol/L Fe(II) is added to the influent 

solution at (a) 0 hour (simultaneously); (b) 4 hours; (c) 10 hours and (d) 24 hours, at pH 6. 
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that immediately after Fe(II) is introduced to the system at each time point, there is a 

dramatic increase in Mn(II) as well as a marked drop in As(V) in the effluent (Fig 2.7 

b, c and d). The boost in Mn(II) can be attributed to the readily oxidation of Fe(II) by 

δ-MnO2, releasing a large amount of additional Mn(II) to the solution. The 

concentration jump in Mn(II) is about the same value (~ 40 μmol/L), regardless of 

when Fe(II) is added to the system. This is different from our expectation that as δ-

MnO2 becomes passivated with time, the oxidation rate of Fe(II) by δ-MnO2 should 

decrease from 4 hours to 24 hours. Thus, the concentration jump of Mn(II) would be 

less pronounced at 24 hour compared to 10 or 4 hours. We have shown that the very 

initial oxidation rate of Fe(II) by δ-MnO2 is independent of the surface passivation of 

δ-MnO2 during As(III) oxidation, which suggests that the initial rapid Fe(II) oxidation 

might occur at certain reactive sites that are not blocked by the oxidation of As(III). 

The large drop in As(V) right after Fe(II) is added could be the result of the formation 

of Fe(III)-(hydr)oxides, which provides extra sorption sites for As(V). This result also 

confirms that the sorption of As(V) on the newly formed Fe(III)-(hydr)oxides takes 

place as soon as As(III) is oxidized to As(V). Interestingly, when Fe(II) is involved in 

the reaction, the concentration of As(III) in the effluent doesn’t increase as expected, 

but rather As(III) decreases (not that obvious in Fig 2.7 b) and then increases. Once 

Fe(II) is added to the system, there are two contradictory effects on As(III). One is the 

competitive oxidation of Fe(II), which causes As(III) to increase; the other one is the 

sorption of As(III) on the newly formed Fe(III)-(hydr)oxides, resulting in a decrease in 

As(III). The decrease in As(III) concentration after Fe(II) is added could be the result 

of the sorption effect, which outcompetes the competitive effect. 
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2.3.4 Initial As(III) Oxidation Rate by δ-MnO2 in the Presence of Fe(II) 

In order to investigate how the initial As(III) oxidation rate changes when 

Fe(II) is present, batch kinetic experiments were conducted under different Fe(II) 

additions and the As(III) depletion rates were quantified (Fig 2.8). The oxidation of 

As(III) by δ-MnO2 proceeds very rapidly and follows first-order kinetics nicely (Fig 

2.8). When no Fe(II) is present (Fig 2.8 a), As(III) concentration decreases to 60% of 

the initial value within 15 seconds and As(V) appears immediately in the solution after 

reaction starts. As(III) concentration continues to decrease while As(V) increases over 

the course of 30 minutes reaction. Similar to many environmental redox reactions, this 

reaction exhibits biphasic kinetics. The depletion of As(III) is fast in the first couple of 

minutes and then slows down after 5 minutes. Therefore, two sets of apparent first-

order rate constants were calculated using data from either the initial (0 to 60 second, 

shown in Fig 2.8) or final (10 to 30 minute) portion of the reaction. Under all reaction 

conditions, the rate constants after 10 minutes are approximately 1/10 of the rate 

constants within 1 minute as a result of surface passivation of δ-MnO2 (Table 2.1).  

As discussed in the previous sections, when Fe(II) is present, the depletion of 

As(III) in solution could be ascribed to two factors. First, As(III) is oxidized by δ-

MnO2 to As(V). Second, As(III) is sorbed on the produced Fe(III)-(hydr)oxide 

products as Fe(II) is oxidized by δ-MnO2. In order to differentiate the two effects, 

batch kinetic experiments were performed in two background electrolyte solutions, 

NaNO3 and NaF. For reactions in the NaNO3 solutions, the As(III) depletion rate can 

be considered as the summation of As(III) oxidation by δ-MnO2 and As(III) sorption 

by the Fe(III)-(hydr)oxides products. For reactions in NaF solutions, the As(III)  
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Figure 2.8 Concentrations (μmol/L) of As(III) and As(V) determined from batch 

kinetic experiments, reacting  0.1 g/L δ-MnO2 with (a) 100 μmol/L 

As(III); (b) 100 μmol/L As(III) and 100 μmol/L Fe(II); (c) 100 μmol/L 

As(III) and 200 μmol/L Fe(II); (d) 100 μmol/L As(III) and 1000 μmol/L 

Fe(II); (e) 100 μmol/L As(III) and 100 μmol/L Fe(II); (f) 100 μmol/L 

As(III) and 200 μmol/L Fe(II); (g) 100 μmol/L As(III) and 1000 μmol/L 

Fe(II), at pH 6. Reactions (a), (b), (c) and (d) were conducted in 0.01 

mol/L NaNO3 background electrolyte, while reactions (e), (f) and (g) 

were conducted in 0.01 mol/L NaF background electrolyte. Plots to the 

right are the corresponding first-order As(III) depletion rates within 60 

seconds.  
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depletion is due only to As(III) oxidation by δ-MnO2, since F
–
 would complex with 

the produced Fe
3+

 to form soluble FeF6
3–

 in solution, and thus prevent the formation of 

Fe(III)-(hydr)oxides. The initial As(III) oxidation rate by δ-MnO2 decreases when 

Fe(II) is added to the system and the more Fe(II) that is added, the slower the As(III) 

oxidation rate (Table 2.1, reaction a, e,f and g). This result proves the competitive 

oxidation between As(III) and Fe(II),  which also agrees with the results from the 

stirred-flow experiments. The As(III) depletion rates of reactions in NaNO3 solutions 

are higher than those of reactions in NaF solutions (Table 2.1, reaction b vs. e, c vs. f 

and d vs. g), indicating that some amount of As(III) is sorbed by the produced Fe(III)-

(hydr)oxides. This effect is even more obvious at the highest Fe(II) concentration 

(Table 2.1, reaction d vs. g) and is also shown in Figure 2.8 d, where both As(III) and 

As(V) concentrations are much lower than those in Figure 2.8 g. 

Table 2.1 Apparent first-order rate constants of As(III) depletion, determined by 

linear regression analysis of data from batch kinetic experiments. All reactions were 

conducted at pH 6 with 0.1 g/L δ-MnO2 and 0.01 mol/L NaNO3 or NaF. 

Reaction Conditions 
≤ 1 min 

 
≥ 10 min 

k (s
-1

) R
2
 k (s

-1
) R

2
 

a. 100 μmol/L As(III), NaNO3 1.3 x 10
-2

 1.00  1.3 x 10
-3

 1.00 

b. 100 μmol/L As(III) + 100 μmol/L Fe(II), NaNO3 6.5 x 10
-3

 0.94  9.0 x 10
-4

 0.99 

c. 100 μmol/L As(III) + 200 μmol/L Fe(II), NaNO3 3.0 x 10
-3

 0.99  3.0 x 10
-4

 0.99 

d. 100 μmol/L As(III) + 1000 μmol/L Fe(II), NaNO3 7.5 x 10
-3

 0.87  5.0 x 10
-5

 0.83 

e. 100 μmol/L As(III) + 100 μmol/L Fe(II), NaF 4.2 x 10
-3

 0.99  5.0 x 10
-4

 0.98 

f. 100 μmol/L As(III) + 200 μmol/L Fe(II), NaF 1.4 x 10
-3

 0.99  2.0 x 10
-4

 0.99 

g. 100 μmol/L As(III) + 1000 μmol/L Fe(II), NaF 1.1 x 10
-3

 0.92  2.0 x 10
-5

 1.00 
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Figure 2.9 Concentrations (μmol/L) of total As, As(III) plus As(V), determined 

from batch kinetic experiments, reacting  0.1 g/L δ-MnO2 with (a) 100 

μmol/L As(III); (b) 100 μmol/L As(III) and 100 μmol/L Fe(II); (c) 100 

μmol/L As(III) and 200 μmol/L Fe(II); (d) 100 μmol/L As(III) and 1000 

μmol/L Fe(II); (e) 100 μmol/L As(III) and 100 μmol/L Fe(II); (f) 100 

μmol/L As(III) and 200 μmol/L Fe(II); (g) 100 μmol/L As(III) and 1000 

μmol/L Fe(II), at pH 6. Reactions (a), (b), (c) and (d) were conducted in 

0.01 mol/L NaNO3 background electrolyte, while reactions (e), (f) and (g) 

were conducted in 0.01 mol/L NaF background electrolyte.   

Total As concentration is also observed during the reaction (Fig 2.9). When 

Fe(II) is absent (Fig 2.9, set a), total As concentration is quite constant over the course 

of the reaction, however, total As concentration (about 85 μmol/L) is lower than the 

initial value of 100 μmol/L. This might be the reason that some As is sorbed on δ-

MnO2. For reactions in NaF solutions (Fig 2.9, set e, f and g), since there is no 
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formation of Fe(III)-(hydr)oxides, total As concentration doesn’t change with Fe(II) 

addition. For reactions in NaNO3 solutions (Fig 2.9, set b, c and d), total As 

concentration decreases over the course of reaction as more Fe(III)-(hydr)oxides are 

formed. Also, the more Fe(II) that is added, the lower the total As concentration in 

solution, suggesting that the newly formed Fe(III)-(hydr)oxides provide additional 

sorption sites for both As(III) and As(V). The results are consistent with our stirred-

flow experiments as well as some previous studies (He and Hering, 2009; Chio et al. 

2009).   

 

2.4 Conclusions 

The oxidation of As(III) via Mn-oxides is an important process for natural As 

cycling and for developing in situ strategies for remediation of As-contaminated 

waters and soils. The present study shows that both As(III) and Fe(II) can be 

efficiently oxidized by δ-MnO2. Both oxidation reactions are rapid initially, followed 

by a decrease in oxidation rates as a result of the surface passivation of δ-MnO2. 

As(III) oxidation is inhibited in the presence of Fe(II), due to both the competitive 

oxidation of Fe(II) and the formation of Fe(III)-(hydr)oxides on the δ-MnO2 surface. 

The Fe(III) precipitate products also play an important role in the sorption of As(III) 

and As(V). As the amount of added Fe(II) (simultaneously) increased, less As(III) is 

oxidized, but the total sorption of both As(III) and As(V) increases as well as more 

sorption of Mn(II). These results demonstrate a possible remediation strategy for 

increasing As removal through addition of Mn-oxides and Fe(II) (or Fe-oxides) to As 

contaminated waters and soils.  
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Chapter 3 

THE EFFECTS OF IRON(II) ON ARSENIC OXIDATION AND SORPTION 

ON MANGANESE OXIDES: RESULTS FROM SPECTROSCOPY STUDIES 

 

ABSTRACT 

 

The redox state and speciation of metalloid arsenic (As) determine its toxicity 

and mobility. Knowledge of biogeochemical processes influencing the As redox state 

is therefore necessary to understand and predict its environmental behavior. Many 

previous studies examined As(III) oxidation by various Mn-oxides, but few were 

focused on the environmental influences (e.g. co-existing ions) on such process. Here 

we investigated the mechanisms of As(III) oxidation by a poorly crystalline hexagonal 

birnessite (δ-MnO2) in the presence of Fe(II) using X-ray absorption spectroscopy 

(XAS), Mössbauer spectroscopy and transmission electron microscopy coupled with 

energy-dispersive X-ray spectroscopy (TEM-EDS). As K-edge XANES analysis 

revealed that at low Fe(II) concentration, As(V) was the predominant As species on 

the solid phase, while at high Fe(II) concentration, both As(III) and As(V) were sorbed 

on the solid phase. As K-edge EXAFS analysis showed an increasing As-Mn/Fe 

distance over time, indicating As prefers to bind with the newly formed Fe(III)-

(hydr)oxides. As adsorbed on Fe(III)-(hydr)oxides as a bidentate binuclear corner-

sharing complex. Both Mössbauer and TEM-EDS study demonstrated that the Fe(III)-

(hydr)oxides formed during Fe(II) oxidation by δ-MnO2 were predominantly 
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ferrihydrite and goethite. However, Fe EXAFS analysis also suggested the formation 

of a small amount of lepidocrocite. The Mn K-edge XANES data indicated that As(III) 

and Fe(II) oxidation occurs as a two electron transfer with δ-MnO2 and the observed 

Mn(III) is due to conproportionation of sorbed Mn(II) with Mn(IV) on δ-MnO2. This 

study reveals that the mechanisms of As(III) oxidation by δ-MnO2 in the presence of 

Fe(II) are very complex, involving many simultaneous reactions, and the formation of 

Fe(III)-(hydr)oxides plays a very important role in reducing As mobility. 

 

3.1 Introduction 

Arsenic (As) is a toxic element, which is widespread in soils and groundwater 

as a result of human activities and natural geologic occurrence (Nordstrom, 2002; 

Frankenberger, 2002). The maximum As concentration level in drinking water is set at 

10 ppb by both the U.S. Environmental Protection Agency (EPA) and the World 

Health Organization (WHO) (Mohan and Pittman, 2007). The fate and transport of As 

in the environment are greatly dependent on speciation and sorption to minerals. 

Under most natural conditions, As is primarily present in inorganic forms and exists in 

two predominant species: arsenate (As(V)) and arsenite (As(III)), with As(III) being 

more toxic, soluble and mobile than As(V). Hence, the transformation of As(III) to 

As(V) is essential in both the natural cycling of As and in developing remediation 

technologies for As removal from water and soils.  

Manganese (Mn) oxide minerals have important environmental chemistry 

applications, for they readily oxidize many reduced toxic metals, such as As(III) 

(Manning et al., 2002; Tournassat et al., 2002; Lafferty et al., 2010 a and b). The 

mechanisms of As(III) oxidation by Mn-oxides can be quite complex, involving 
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several reactions simultaneously. For example, As(III) oxidation by birnessite (MnO2) 

produces As(V) and Mn(II), and then both As(V) and Mn(II) can be adsorbed by 

MnO2. A previous study by Manning et al. (2002), using extended X-ray absorption 

fine structure (EXAFS) spectroscopy, showed that the As(V)-MnO2 complex formed 

after As(III) oxidation was a bidentate binuclear corner-sharing (bridged) complex 

occurring at MnO2 edges and interlayer domains, with a coordination number near 2 

and an As(V)–Mn interatomic distance of 3.22 Å. A study by Foster et al. (2003) also 

confirmed a As(V)–Mn bidentate binuclear adsorption complex but with a shorter 

distance at 3.16 Å. A more recent study by Lafferty et al. (2010b) found a possible 

monodentate mononuclear As(V)-Mn complex with a As(V)–Mn interatomic distance 

of 3.48 Å, in addition to the bidentate binuclear As(V)-Mn complex. They also 

showed that the binding complex between As(V) and MnO2 changed with time as the 

As(III) oxidation proceeded.  

However, in natural systems, As never exists alone. As is often associated with 

iron (Fe) oxides and, hence, can be mobilized by the reductive dissolution of the 

carrier phases (Herbel and Fendorf, 2006; He and Hering, 2009). Therefore, the co-

occurrence of elevated concentrations of As and Fe(II) are often observed under 

moderately reducing conditions (Nickson et al., 2000; Swartz et al., 2004). Mn-oxides 

are also effective oxidants for Fe(II) and the reaction with Mn-oxides results in the 

formation of secondary solid Fe(III)-(hydr)oxides. Thus, the transformation reactions 

of As(III) to As(V) by Mn-oxides and the resulting sorption of As might be altered due 

to the presence of Fe(II). Previous studies showed that As was strongly sorbed by Fe-

oxides and hydroxides such as ferrihydrite, goethite, lepidocrocite, maghemite, and 

hematite (Waychunas et al., 1993 and 1995; Fendorf et al., 1997; Jain et al., 1999; 
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Sherman and Rondall, 2003; Georges et al., 2005). Based on EXAFS spectroscopy, 

Waychunas et al. (1993) found the dominate As-Fe complex on goethite was a 

bidentate binuclear corner-sharing complex, yielding an As-Fe distance near 3.26 Å. 

Fendorf et al. (1997) interpreted their EXAFS data as indicating three surface As-Fe 

complexes: a monodentate mononuclear corner sharing complex with an As-Fe 

distance of 3.6 Å, a bidentate binuclear corner-sharing complex with two As-Fe 

distances near 3.25 Å and a bidentate mononuclear edge-sharing complex with a 

single As-Fe distance of 2.83 ~ 2.85 Å. Fendorf et al. (1997) proposed that the relative 

importance of each complex depended on the degree of surface loading. Farquhar et 

al. (2002) obtained EXAFS data for As(V) sorption on goethite and lepidocrocite and 

found peaks near 2.93 Å and 3.30 ~ 3.31 Å, which were attributed to bidentate 

mononuclear and bidentate binuclear complexes, respectively.  

In the previous study (Chapter 2), As(III) oxidation and As sorption by a 

synthetic poorly crystalline Mn-oxide (δ-MnO2) in the absence and presence of Fe(II) 

were investigated using stirred-flow experiments. The results showed a decrease in 

As(III) oxidation but an increase in As sorption. In this study, the solid phases taken 

from stirred-flow experiments were analyzed using X-ray Absorption Spectroscopy 

(XAS). The aim of this study is to: (1) determine the As speciation on solid phases; (2) 

characterize As(III) oxidation and As binding mechanisms by δ-MnO2 in the presence 

of Fe(II); and (3) identify the composition of Fe(III)-(hydr)oxides that formed during 

Fe(II) oxidation by δ-MnO2. Understanding the mechanisms of As(III) oxidation by 

Mn-oxides as influenced by Fe(II) and the sorption of As onto solid phases at the 

molecular level are of critical importance in predicting the fate and transport of As in 

the environment.  
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3.2 Methods and Materials 

3.2.1 Chemicals 

All chemicals used in this study met or exceeded American Chemical Society 

standards. 18.2 MΩ deionized (DI) water was used for all solutions. NaAsO2 and 

FeSO4·7H2O were used as sources of As(III) and Fe(II), respectively. As(III) stock 

solution (100 mmol/L) was stored at 4 ºC and prepared every month. Fe(II) solution 

was freshly prepared every time in the glove box and the DI water used to make the 

Fe(II) solution was degased, using nitrogen gas, for 2 hours before use.  

3.2.2 Synthesis of Minerals 

δ-MnO2,  a poorly-crystalline, phyllomanganate, was used in the studies 

presented here because of its high reactivity as well as its similarities to biogenic Mn-

oxides (Villalobos et al., 2003). δ-MnO2 is a form of hexagonal birnessite with a low 

degree of stacking of phyllomanganate sheets (Drits et al., 1997; Silvester et al., 

1997). δ-MnO2 was synthesized by drop wise addition of a 100 mL solution 

containing 11.29 g Mn(NO3)2·4H2O to a 100 mL solution containing 2.4 g NaOH and 

4.74 g KMnO4, corresponding to a final Mn(II):Mn(VII):OH ratio of 3:2:4 (Morgan 

and Stumm, 1964). After adding Mn(II) to the basic permanganate solution, the 

resulting suspension was stirred overnight (at least 12 hours) to allow complete 

conproportionation of Mn(II) and Mn(VII) to Mn(IV). Following synthesis, δ-MnO2 

was centrifuged at 10,000 RCF for 15 min, then the supernatant was removed and 

replaced with 18.2 MΩ deionized (DI) water. This wash step was repeated 6 times. 

Following washing, δ-MnO2 was transferred to a polypropylene bottle, resuspended in 

DI water, and stored at 4 ºC prior to use in experiments. Experiments were conducted 
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using δ-MnO2 within a month of synthesis. Characterization of synthetic δ-MnO2 is 

provided in Appendix A.  

Two-line ferrihydrite was synthesized using a procedure adapted from 

Schwertmann and Cornell (1991). Ferric sulfate, Fe2(SO4)3·5H2O, was used as the 

source of the ferric ion. Briefly, the Fe(III) solution was prepared by dissolving 

Fe2(SO4)3·5H2O in deionized water. The pH of the solution was raised to ~7.5 in about 

5 min using a 1M NaOH solution and maintained at that pH for 1 h with the slurry 

vigorously agitated. The solid was washed five times with deionized water and then 

freeze dried.  

Ferric arsenate (FeAsO4·4-7H2O) was synthetized using the method described 

by Jia et al. (2006). Briefly, a mixture of 0.02 M As(V) (Na2HAsO4·7H2O) and 0.02 

M Fe(III) (Fe2(SO4)3·5H2O) was adjusted from an initial pH 1.3 to pH 1.8 with 1M 

NaOH solution and maintained at that pH for 1 h. The solid product was then 

separated by filtration, washed with deionized water and freeze dried.  

3.2.3 XAS Analysis 

Sample Preparation. As(III) oxidation on δ-MnO2 in the presence of Fe(III) 

was investigated using the same stirred-flow protocol and reaction conditions 

described in Chapter 3. In order to monitor changes occurring in the solid phase during 

As(III) oxidation on δ-MnO2 in the presence of Fe(II), the reaction was stopped and 

the solid phase collected for analysis after 0.5, 4, 10, 24, and 48 h of reaction (Fig 3.1). 

During As(III) oxidation by δ-MnO2 in the presence of Fe(II), As sorption was 

greatest at 0.5 hours, while maximum As(V) appeared in the effluent after 4 hours of 

reaction. Fe(II) appeared in the effluent at 10 hours; at 24 hours, the whole system 

reached a steady state, where the change in concentration of As(III), As(V), Fe(II) and 
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Mn(II) with time was negligible. At 48 hours, the stirred-flow reaction process was 

stopped. To stop the reaction, influent solution was removed, and the suspension in the 

reaction chamber was immediately filtered (0.22 µm) to remove any background 

electrolyte, Mn(II), Fe(II) and As not bound to δ-MnO2. After filtration, the residual 

wet paste was immediately covered by Kapton tape and stored under anoxic 

conditions for less than 3 days prior to spectroscopic analysis.    

To monitor changes occurring in the solid phase during As(III) oxidation by δ-

MnO2 under different addition amounts of added Fe(II), solid phases were collected at 

48 hours after reacting 2g/L δ-MnO2 with 100 μmol/L As(III) and simultaneously, 0, 

100, 200, or 1000 μmol/L Fe(II) at pH 6. To stop the reaction, influent solution was 

removed, and the suspension in the reaction chamber was immediately filtered (0.22 

µm) to remove any background electrolyte, and Mn(II), Fe(II) and As not bound to δ-

MnO2. After filtration, the residual wet paste was immediately covered with Kapton 

tape and stored under anoxic conditions for less than 3 days prior to spectroscopic 

analysis.   

An As(V)-δ-MnO2 sorption standard was prepared by reacting 100 µmol/L 

As(V) with 2 g/L δ-MnO2 at pH 6 for 48 h in the same background electrolyte used in 

the stirred-flow reactions. As(V)- and As(III)-ferrihydrite sorption standards were 

prepared by reacting 100 µmol/L As(V) and 100 µmol/L As(III), respectively, with 2 

g/L ferrihydrite at pH 6 for 48 h in the same background electrolyte used in the stirred-

flow studies. An Fe(II)-δ-MnO2 standard was prepared by reacting 100 µmol/L Fe(II) 

with 2 g/L δ-MnO2 at pH 6 for 48 h in the same background electrolyte used in the 

stirred-flow studies. All standards were filtered, and the residual wet paste was 

immediately covered with Kapton tape and stored under anoxic conditions, for less 
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than 3 days before spectroscopic analysis. 

Data Collection. Extended X-ray absorption fine structure (EXAFS) and X-

ray absorption near edge (XANES) spectroscopic data for the stirred-flow samples 

were collected at beamline 4-1 and beamline 4-3 at the Stanford Synchrotron 

Radiation Lightsource (SSRL). The electron storage ring operates at 3.0 GeV with a 

current ranging from 100 to 90 mA. The monochromator consisted of two parallel Si-

(220) crystals with a vertical entrance slit separation of 0.5 mm. As (11.9 keV), Mn 

 

 

 

Figure 3.1 Vertical lines represent five stirred-flow reaction  points of As(III) 

oxidation by δ-MnO2 in the presence of Fe(II) (2 g/L δ-MnO2 reacted 

with 100 µmol/L As(III) and 100 µmol/L Fe(II) at pH 6). Each reaction 

was stopped at the time indicated at the top of the graph (0.5, 4, 10, 24, 

48 hours), at which point all remaining solid was collected for 

spectroscopic analysis. 
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 (6.5 keV) and Fe (7.1 keV) K-edge EXAFS/XANES spectra were collected. All 

samples were oriented at 45° to the incident beam and a Lytle detector was used to 

collect As, Fe and Mn spectra in fluorescence mode. The monochromator crystals 

were detuned by 30 % for As, 40 % for Fe and 50% for Mn in I0 to reject higher order 

harmonics. A 3-path length germanium (Ge) filter for As or Mn filter for Fe or 

chromium (Cr) filter for Mn, and Sollier slits were used for signal optimization and 

removal of elastically scattered radiation. The monochromator angle was calibrated to 

the As(V) K-edge (11.874  keV) using diluted Na2HAs
V
O4 as a standard (10% 

Na2HAs
V
O4 with 90% boron nitride) or to the Fe(0) K-edge (7.112 keV ) using a Fe 

metal foil or to the Mn(0) K-edge (6.539 keV) using a Mn metal foil. These standards 

were monitored in transmission mode simultaneous to sample collection to check for 

potential shifts in their respective K-edges. Multiple scans were collected at room 

temperature for each sample to improve the signal-to-noise ratio for data analysis.  

For reference samples, EXAFS and XANES spectroscopic data were collected 

at beamline X-11A at the National Synchrotron Light Source (NSLS) at Brookhaven 

National Laboratory. The electron storage ring operates at 2.8 GeV with a current 

ranging from 300 to 150 mA. The monochromator consisted of two parallel Si-(111) 

crystals with a vertical entrance slit separation of 0.5 mm. As (11.9 keV) and Fe (7.1 

keV) K-edge EXAFS spectra were collected using the same procedures as stated 

earlier.  

Data Analysis. The As K-edge EXAFS data were analyzed by shell-by-shell 

fitting of the Fourier transformed EXAFS spectra (k-range 3 to 13 Å
-1

, r -range 0.8 to 

4 Å) using the SixPACK (Webb, 2005 ) interface to IFEFFIT (Newville, 2001). The 

theoretical scattering paths were calculated using the FEFF 7.2 code (Ankudinov and 
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Rehr, 1997). Flinkite (Mn3(OH)4AsO4) was used as a structural model for As(V) 

sorbed on δ-MnO2. Scorodite (FeAsO4·H2O) and tooeleite 

(Fe6(AsO3)4SO4(OH)4·4H2O) were used as structural models for As(V) and As(III) 

sorbed on Fe-oxides (Morin et al., 2008; Wang et al., 2008). In the As EXAFS fitting, 

we considered As–O and As–Fe/Mn single scattering (SS) paths and one multiple 

scattering (MS) path (triangular As-O-O) within the AsO4 tetrahedron or AsO3 

pyramid. The degeneracy of the As-O-O MS path was fixed to the theoretical value of 

12 for As(V) and 6 for As(III).  

Linear combination fitting (LCF) was performed on the Mn XANES spectra 

over the range of 6.4 to 6.6 keV and Fe EXAFS spectra over the k-range of 3 to 12 Å
-1

 

using SixPACK’s least square fitting module, which is a graphical interface for 

IFEFFIT’s minimization function (Newville, 2001). For Mn XANES, three reference 

standards, δ-Mn
IV

O2, Mn2
III

O3 and Mn
II
SO4, were used for LCF. For Fe EXAFS, a set 

of reference spectra were used for LCF, including 2-line ferrihydrite, goethite, 

lepidocrocite, hematite, magnetite and synthetic ferric arsenate. Both shell-by-shell 

fitting and linear combination fitting were optimized by minimizing reduced σ
2
 

(Newville et al., 1995). 

3.2.4 Mössbauer Analysis 

Mössbauer spectra were collected at variable temperatures using ~50 mCi 

(1.85 MBq) 
57

Co/Rh single-line thin sources. The velocity transducer (MVT-1000; 

WissEL) was operated in the constant-acceleration mode (23 Hz, ± 10 mm/sec). Data 

were acquired on 1,024 channels and then folded to 512 channels to give a flat 

background and a zero-velocity position corresponding to the center shift (CS or δ) of 

a metallic-Fe foil at room temperature. Calibration spectra were obtained with a 20 μm 
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thick α-Fe foil (Amersham, England) placed in exactly the same position as the 

samples to minimize any geometry error. The transmitted radiations were recorded 

with the Ar-Kr proportional counters.    

3.2.5 TEM Analysis 

TEM analysis was performed on a Philips CM 300 FEG (field emission gun) 

operating at 297 kV, equipped with an Oxford EDS (Energy-dispersive X-ray 

spectroscopy) detector. The spatial resolution of the CM 300 is 0.2 nm. Digital images 

were acquired using a 1024 x 1024 pixel CCD camera mounted on a Gatan GIF 200 

electron energy-loss spectrometer. Powdered samples were suspended in DI water, 

and a drop of suspension was applied to a holey-carbon support film on a 200-mesh 

copper grid. 

 

3.3 Results and Discussion 

3.3.1 As Speciation and Binding Mechanisms over Time during As(III) 

Oxidation by δ-MnO2 in the Presence of Fe(II)  

As K-edge XANES first derivative spectra (Fig 3.2a) show only As(V) 

associated with solid phase during As(III) oxidation by δ-MnO2 in the presence of 

Fe(II) when the As(III) to Fe(II) ratio is 1:1. Previous studies have found that during 

As(III) oxidation by birnessite, As is bound to the solid phase only as As(V) with no 

evidence of As(III) (Lafferty et al., 2010b; Tournassat et al., 2002; Manning et al., 

2002). We also tested the potential for synchrotron radiation induced redox change of 

As by comparing multiple rapid XANES scans performed on the same sample 

location, but no beam induced redox change was observed.  
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Figure 3.2 (a) Arsenic K-edge derivative XANES; (b) As K-edge EXAFS; and (c) Fourier transformed EXAFS of δ-

MnO2 (2 mg/L) reacted with 100 μmol/L As(III) and 100 μmol/L Fe(II), simultaneously, at pH 6 in a stirred-

flow reactor for 0.5, 4, 10, 24, and 48 h. XAS data are presented as solid lines, and fits are presented as dashed 

lines (fit data are provided in Table 3.1). Sorption standards of As(V) on δ-MnO2, As(V) on ferrihydrite, and 

As(III) on ferrihydrite were used.  
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Table 3.1 Structural parameters derived from shell-by-shell fits to k
3
-weighted As EXAFS data of δ-MnO2 (2 mg/L) 

reacted with 100 μmol/L As(III) and 100 μmol/L Fe(II), simultaneously, at pH 6 in a stirred-flow reactor for 0.5, 4, 10, 24, 

and 48 h. Fitting parameters for sorption standards of As(V) on δ-MnO2 and As(V) on ferrihydrite (Fh), as well as a 

standard of a synthetic ferric arsenate precipitate were also provided. 

 

Sample 
As-O 

 
As-O-O 

 
As-Mn/Fe 

 ΔE0 S0
2
 R factor 

CN R σ
2
 

 
CN R σ

2
 

 
CN R σ

2
 

 
0.5 hr 4.32 1.69 0.002 

 
12 3.07 0.009 

 
1.43 3.20 0.005 

 
6.93 0.98 0.0164 

4 hr 4.16 1.69 0.001 
 

12 3.09 0.008 
 

1.59 3.31 0.009 
 

6.32 0.94 0.0169 

10 hr 4.12 1.69 0.002 
 

12 3.09 0.011 
 

1.17 3.33 0.002 
 

6.77 0.93 0.0156 

24 hr 4.01 1.69 0.002 
 

12 3.11 0.008 
 

1.46 3.32 0.006 
 

6.89 0.91 0.0176 

48 hr 4.31 1.69 0.002 
 

12 3.09 0.002 
 

2.03 3.33 0.010 
 

6.66 0.95 0.0138 

Standards 
               

As(V)-δ-MnO2 3.97 1.69 0.002 
 

12 3.08 0.005 
 

0.52 3.21 0.005 
 

6.44 0.97 0.0167 

As(V)-Fh 4.55 1.69 0.002 
 

12 3.09 0.010 
 

0.92 3.29 0.006 
 

5.30 0.91 0.0097 

Ferric arsenate 4.38 1.69 0.002 
 

12 3.11 0.003 
 

1.79 3.33 0.003 
 

6.33 0.98 0.0086 

 

Note: CN, coordination number, uncertainty for As-O is ± 0.2-0.47, for As-Mn/Fe is ± 0.24-0.97, CNAs-O-O  is fixed to 12; 

R(Å), interatomic distance, uncertainty for As-O is ± 0.002-0.003, for As-Mn/Fe is ± 0.02-0.04; σ
2
, Debye-Waller factor, 

uncertainty for As-O is ± 0.001, for As-Mn/Fe is ± 0.001-0.01; ΔE0 (eV), difference between experimentally determined 

threshold energy and the FEFF calculated threshold energy, uncertainty is ± 0.4-1.0; S0
2
, amplitude reduction factor, 

uncertainty is ± 0.06-0.23; R factor, goodness of fit, R=∑(data-fit)
2
/∑data

2
.
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Shell-by-shell fits of the As EXAFS spectra indicate a first shell As-O distance 

of 1.69 Å exclusively (Table 3.1). An As-O bond distance of 1.69 Å is consistent with 

findings of As(V) bound on phyllomanganates (Manning et al., 2002; Lafferty et al., 

2010b; Foster et al., 2003) and is similar to As(V) bound on Fe-oxides (Fendorf et al., 

1997; Waychunas et al., 1993). As K-edge EXAFS spectra exhibit a single major 

frequency (Fig 3.2b) which is due to the presence of four oxygen atoms surrounding 

As in tetrahedral coordination (Foster et al., 2003). This major frequency produces the 

predominant feature in the Fourier transformed data, an As-O peak at about 1.3 Å (R + 

∆R) (Fig 3.2c). Aside from the As-O shell, an As-Mn/Fe distance at 3.20 Å ~ 3.33 Å 

was found, which is in good agreement with previous studies of As(V) bound to 

Mn/Fe-oxides, and is attributed to a bidentate binuclear corner-sharing (
2
C) complex 

with Mn/Fe-oxides (Manning et al., 2002; Manceau et al., 2003; Fendorf et al., 1997; 

Waychunas et al., 1993). In some studies, several second As-Mn/Fe shells were found 

between 2.6 Å and 3.6 Å. An As-Mn distance at ~2.7 Å and an As-Fe distance at 

~2.85 Å were attributed to the formation of a bidentate mononuclear edge-sharing (
2
E) 

complex, and peaks at ~3.5 Å for As-Mn and ~3.6 Å for As-Fe were attributed to a 

monodentate corner-sharing (
1
V) complex (Lafferty et al., 2010b; Fendorf et al., 

1997). However, in this study, no evidence of such bidentate edge-sharing (
2
E) 

complex is found possibly due to the addition of a As-O multiple scattering path to our 

fits. Arguments have been presented that peaks near ~2.85 Å result from As-O 

multiple scattering but not from As-Fe backscatters (Sherman and Randall, 2003; 

Waychunas et al., 2005). Additionally, according to density functional theory 

calculations by Sherman and Randall (2003), the bidentate corner-sharing (
2
C) 

complex is predicted to be substantially (55 kJ/mol) more favored energetically over 
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the hypothetical edge-sharing bidentate (
2
E) complex and the monodentate corner-

sharing (
1
V) complex is very unstable. These points also explain why we didn’t 

observe bidentate edge-sharing (
2
E) and monodentate corner-sharing (

1
V) complexes 

in our system.  

During As(III) oxidation by δ-MnO2 in the presence of Fe(II), interestingly an 

increased As-Mn/Fe distance with time is observed (Table 3.1). In the beginning half 

hour, the As-Mn/Fe distance is 3.20 Å, which is very close to the As-Mn distance 

(3.21 Å) of our As(V)-δ-MnO2 adsorption standard, indicating that at this stage, As 

binds mainly to the δ-MnO2 surface. At 4 hours of reaction, the As-Mn/Fe distance 

increases dramatically to 3.31 Å, suggesting that the As binding structure changes 

greatly. This As-Mn/Fe distance of 3.31 Å is much longer than a regular As-Mn 

distance from 3.13 to 3.21 Å (Manning et al., 2002; Lafferty et al., 2010b), but is 

closer to an As-Fe distance (3.29 Å) in our adsorption standard of As(V) on 

ferrihydrite. During 0.5 to 4 hours, more As(III) as well as Fe(II) are oxidized by δ-

MnO2, Fe(III)-(hydr)oxides start to form and build up. The released As(V) can either 

be sorbed on the δ-MnO2 surface or on the newly formed Fe(III)-(hydr)oxide surface. 

It is known that Fe-oxides generally have larger sorption capacity and higher affinity 

for As than Mn-oxides, thus at this stage, As prefers to bind with Fe, resulting in the 

marked increased of the As-Mn/Fe distance. During 4 to 10 hours, as oxidation is 

proceding, the As-Mn/Fe distance keeps increasing and after 10 hours, the As-Mn/Fe 

distance is stable at 3.33 Å. This As-Mn/Fe distance (3.33 Å) is longer than the 

reported As-Fe distance (3.25 to 3.30 Å) for As(V) adsorption samples on various Fe-

oxides (Waychunas et al., 1993; Fendorf et al., 1997; Sherman and Randall, 2003; 

Voegelin et al., 2007), which implies there might be other As binding mechanisms 
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besides adsorption. A synthetic ferric arsenate was then used as a standard material in 

this study in order to identify the possible occurrence of a surface precipitate of As(V) 

and Fe(III), since some research has shown that a ferric arsenate surface precipitate 

formed during As adsorption on ferrihydrite (Jia et al., 2006). Ferric arsenate, a 

precursor to scorodite formation, naturally occurs in sea-floor hydrothermal vents 

(Rancourt et al., 2001), acid mine drain-age precipitates (Carlson et al., 2002), and 

mine tailings (Langmuir et al., 1999; Paktunc et al., 2003). Shell-by-shell fitting 

(Table 4.1) revealed that the As-Fe distance for ferric arsenate at 3.33 Å is in very 

good agreement with the As-Mn/Fe distance after 10 hours of reaction in our system. 

This coincidence suggests that we might have As(V) and Fe(III) precipitates (e.g. 

ferric arsenate) formed rather than As(V) adsorption onto Fe(III)-(hydr)oxides, 

although additional evidence is needed. It was also pointed out previously that surface 

precipitation of ferric arsenate involved an initial complexation of the arsenate iron on 

Fe-oxides and was favored with increasing sorbate concentration. Consequently, 

surface precipitation was generally a slow process (Jia et al., 2006; Carlson et al., 

2002). This explains why we didn’t see a large As-Mn/Fe distance (e.g. 3.33 Å) at the 

very beginning of the reaction, but rather after a few hours of reaction. 

3.3.2 As Speciation and Binding Mechanisms during As(III) Oxidation by δ-

MnO2 with Different Fe(II) Additions  

As K-edge XANES first derivative spectra (Fig 3.3a) show that only As(V) 

was associated with the solid phase during As(III) oxidation when Fe(II) was absent or 

at a low concentration (As(III) : Fe(II) = 1:1). However, when high concentrations of 

Fe(II) were present (As(III) : Fe(II) = 1:2 or 1:10), both As(III) and As(V) were found 

to associate with the solid phase. Also, we found As(III) intensity increased as Fe(II) 
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concentration increased, meaning that the more Fe(II) we added into the system the 

more As(III) was bound to the solid phase. Previous studies have shown that during 

As(III) oxidation by Mn-oxides, As(V) is the only species bound to the solid phase, 

for As(III) is readily oxidized to As(V) once it binds to Mn-oxides (Lafferty et al., 

2010b; Tournassat et al., 2002; Manning et al., 2002). Therefore, the As(III) we found 

on the solid phase should be associated only with the Fe(III) -(hydr)oxides that formed 

during Fe(II) oxidation by δ-MnO2.  

Shell-by-shell fits of the As EXAFS spectra indicate the first shell As-O 

distance increased from 1.69 Å to 1.72 Å with increasing Fe(II) addition and the 

corresponding coordination number decreased from 4.3 to 3.6 (Table 3.2). This is due 

to the association of As(III) with the solid phase at higher Fe(II) additions. Compared 

to As
V
O4 tetrahedral geometry, which yields a first shell As-O distance of ~1.69 Å and 

a coordination number around 4, the As
III

O3 pyramid geometry yields a first shell As-

O distance of ~1.79 Å and a coordination number around 3 (Hohmann et al., 2011). 

The shell-by-shell fits predict an average As binding environment, therefore, we 

would expect a longer As-O distance and a higher coordination number in samples 

containing both As(III) and As(V) than those samples having only As(V). Besides the 

As-O shell, only one second As-Mn/Fe shell is found between 3.19 Å to 3.35 Å with a 

coordination number about 2, indicating As forms a bidentate binuclear corner-sharing 

(
2
C) complex on the solid phase. In the presence of Fe(II), the As-Mn/Fe distance 

(3.33~3.35 Å) is much greater than the As-Mn distance (3.21 Å) in the As(V) 

adsorption standard on δ-MnO2, but is close to the As-Fe distance of As 

adsorption/precipitation standards on Fe(III) -(hydr)oxides. This suggests that most of 

the As is bound with Fe(III) -(hydr)oxides either through adsorption or precipitation.
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Figure 3.3 (a) Arsenic K-edge derivative XANES; (b) As K-edge EXAFS; and (c) Fourier transformed EXAFS of δ-

MnO2 (2 mg/L) reacted with 100 μmol/L As(III) and 0 μmol/L, 100 μmol/L, 200 μmol/L, and 1000 μmol/L 

Fe(II), respectively, in a stirred-flow reactor at pH 6 for 48 h. XAS data are presented as solid lines, and fits are 

presented as dashed lines (fit data are provided in Table 3.2). Sorption standards of As(V) and As(III) on 

ferrihydrite were used.  



 77 

Table 3.2 Structural parameters derived from shell-by-shell fits to k
3
-weighted As EXAFS data of δ-MnO2 (2 mg/L) 

reacted with 100 μmol/L As(III) and 0 μmol/L, 100 μmol/L, 200 μmol/L, and 1000 μmol/L Fe(II), respectively, in a stirred-

flow reactor at pH 6 for 48 h. Fitting parameters for sorption standards of As(V) on δ-MnO2, As(V) on ferrihydrite (Fh) and 

As(III) on ferrihydrite, as well as a precipitation standard of synthetic ferric arsenate were also provided. 

 

Sample 
As-O 

 
As-O-O 

 
As-Mn/Fe 

 ΔE0 S0
2
 R factor 

CN R σ
2
 

 
CN R σ

2
 

 
CN R σ

2
 

 
As(III) 4.29 1.69 0.002 

 
12 3.07 0.001 

 
0.69 3.19 0.002 

 
6.57 0.99 0.0195 

As(III):Fe(II)=1:1 4.31 1.69 0.002 
 

12 3.09 0.002 
 

2.03 3.33 0.010 
 

6.66 0.95 0.0138 

As(III):Fe(II)=1:2 4.06 1.71 0.004 
 

12 3.11 0.001 
 

2.21 3.33 0.013 
 

4.50 0.88 0.0175 

As(III):Fe(II)=1:10 3.60 1.72 0.004 
 

12 3.15 0.010 
 

2.12 3.35 0.007 
 

4.89 0.84 0.0154 

Standards 
               

As(V)-δ-MnO2 3.97 1.69 0.002 
 

12 3.08 0.005 
 

0.52 3.21 0.005 
 

6.44 0.97 0.0167 

As(V)-Fh 4.55 1.69 0.002 
 

12 3.09 0.010 
 

0.92 3.29 0.006 
 

5.30 0.91 0.0097 

As(III)-Fh 2.96 1.79 0.004 
 

6 3.20 0.007 
 

1.05 3.35 0.006 
 

9.05 0.91 0.0146 

Ferric arsenate 4.38 1.69 0.002 
 

12 3.11 0.003 
 

1.79 3.33 0.003 
 

6.33 0.98 0.0086 

 

Note: CN, coordination number, uncertainty for As-O is ± 0.1-0.5, for As-Mn/Fe is ± 0.35-1.02, for As-O-O  is fixed; R(Å), 

interatomic distance, uncertainty for As-O is ± 0.002-0.006, for As-Mn/Fe is ± 0.01-0.04; σ
2
, Debye-Waller factor, 

uncertainty for As-O is ± 0.001-0.002, for As-Mn/Fe is ± 0.002-0.01; ΔE0 (eV), difference between experimentally 

determined threshold energy and the FEFF calculated threshold energy, uncertainty is ± 0.2-1.3; S0
2
, amplitude reduction 

factor, uncertainty is ± 0.06-0.23; R factor, goodness of fit, R=∑(data-fit)
2
/∑data

2
.  
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In the sample with the highest Fe(III) concentration (As(III):Fe(II)=1:10), an observed 

As-Mn/Fe distance at 3.35 Å is in good agreement with the As-Fe distance of the 

As(III) adsorption standard on ferrihydrite. This indicates that although the presence 

of a high concentration of Fe(II) inhibits As(III) oxidation, a large amount of As(III) is 

not released to the solution but sorbed on newly formed Fe(III)-(hydr)oxides.  

3.3.3 Fe(III)-(hydr)oxides Formed during Fe(II) Oxidation by δ-MnO2 

Fe K-edge XANES first derivative spectra (Fig. 3.4 a) show that most of the Fe 

exists as Fe(III) (peak at ~7128 eV) in the solid phase, but a small amount of Fe(II) 

(peak at ~7124 eV) is observed in samples containing Fe(II) as well as in samples 

having high Fe(II) concentrations (As(III):Fe(II)=1:10 or 1:2). Similar to As(III), we 

assume no Fe(II) is bound to δ-MnO2, for Fe(II) can be readily oxidized once it binds 

to δ-MnO2. Thus, the Fe(II) we found on the solid phase should be associated only 

with the Fe(III) -(hydr)oxides that formed during the Fe(II) oxidation by δ-MnO2. We 

also tested the potential for synchrotron radiation induced redox change of Fe by 

comparing multiple rapid XANES scans performed on the same sample location, but 

no beam induced redox change was observed.  

Linear combination fitting (LCF) of Fe K-edge EXAFS spectra were 

conducted using five common Fe (hydr)oxides standards, including ferrihydrite, 

goethite, lepidocrocite, hematite and magnetite. Besides, a As(V)-Fe(III) precipitate 

standard, ferric arsenate, was also included in the fitting when As(III) is present. LCF 

reveals that when As(III) is absent, the oxidation products of Fe(II) on δ-MnO2 consist 

of 54% ferrihydrite, 25% goethite and 21% lepidocrocite (Table 3.3). This result is 

consistent with previous studies that found ferrihydrite was the predominant mineral 

formed by abiotic Fe(II) oxidation during a pH range of 5 to 8 with lesser amounts of
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Figure 3.4 (a) Fe K-edge derivative XANES; (b) Fe K-edge EXAFS; and (c) Fourier transformed EXAFS of δ-MnO2 (2 

mg/L) reacted with 100 μmol/L Fe(II) alone, 100 μmol/L As(III) and 100 μmol/L, 200 μmol/L, and 1000 

μmol/L Fe(II), respectively, in a stirred-flow reactor at pH 6 for 48 h. XAS data are presented as solid lines, 

and fits are presented as dashed lines (fit data are showed in Table 3.3). 
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Table 3.3 Mineralogical composition of Fe(III)-(hydr)oxides derived from linear 

combination fits to k
3
-weighted Fe EXAFS data of δ-MnO2 (2 mg/L) reacted with 100 

μmol/L Fe(II) alone, and 100 μmol/L As(III) and 100 μmol/L, 200 μmol/L, and 1000 

μmol/L Fe(II), respectively, in a stirred-flow reactor at pH 6 for 48 h.  

Sample 
Standards  

R factor 

Ferrihydrite Goethite Ferric arsenate Lepidocrocite 

 
Fe(II)  54.2 ± 3.7 % 25.0 ± 3.2 % - 20.8 ± 1.4 % 

 

0.04363 

As(III):Fe(II)=1:1 43.9 ± 4.3% - 56.1 ± 2.5% - 

 

0.05488 

As(III):Fe(II)=1:2 60.1 ± 2.7% - 38.2 ± 2.7% 1.7 ± 3.9% 

 

0.07378 

As(III):Fe(II)=1:10 62.3 ± 2.7% - 21.5 ± 2.6% 16.2 ± 3.8% 

 

0.06097 

 

Note: R factor, goodness of fit, R=∑(data-fit)
2
/∑data

2
. 

 

 

goethite, lepidocrocite, schwertmannite and green rusts (Cornell and Schwertmann, 

2003; Kappler and Straub, 2005; Hohmann et al., 2011; Burgos et al., 2012). It was 

also pointed out previously that abiotic Fe(II) oxidation leads in many cases to 

precipitation of amorphous or poorly crystalline Fe(III)-bearing phases (Cornell and 

Schwertmann, 2003 ), whereas bio-mineral formation by Fe(II)-oxidizing bacteria has 

been shown to produce not only poorly crystalline ferrihydrite-type solids, but also 

crystalline phases such as goethite, hematite, and magnetite (Hohmann et al., 2011).  

Mössbauer spectroscopy analysis of the same sample (Fig. 3.5 a) confirms that Fe(II) 

oxidation by δ-MnO2 produces ferrihydrite and goethite. Both a ferrihydrite doublet 

and a goethite sextet are found at 77 K. However, the goethite sextet seems to be more 

pronounced than the ferrihydrite doublet, which suggests that the solid contains more 

goethite. Compared to the Fe EXAFS study, the increased goethite fraction in 

Mössbauer analysis can be explained by the aging of ferrihydrite. Transformation of
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Figure 3.5 Mössbauer spectra at variable temperatures of δ-MnO2 (2 mg/L) reacted with (a) 100 μmol/L Fe(II) alone; (b) 

100 μmol/L As(III) and 100 μmol/L Fe(II); (c) 100 μmol/L As(III) and 1000 μmol/L Fe(II), at pH 6 for 48 h; 

and (d) synthetic ferric arsenate.      
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ferrihydrite to more crystalline Fe oxides such as goethite, lepidocrocite and hematite 

are widely documented (Cornell and Schwertmann, 2003; Hansel et al., 2003 and 2004; 

Yang et al., 2010; Boland et al., 2013 and 2014). It is possible that ferrihydrite in our 

sample is partially transformed to goethite due to longer transporting and waiting time 

before Mössbauer analysis. Transmission electron microscopy (TEM) analysis of the 

Fe(II) oxidation products by δ-MnO2 observes at least two different phases of Fe-

oxides (Fig. 3.6), and one of them agrees well with the ferrihydrite observed by 

previous studies (Kukkadapu et al., 2003; Michel et al., 2007; Wang et al., 2013). It 

shows uniform morphology, poor crystallinity and irregular shaped particle aggregates 

with a size of about 5 to 10 nm (Fig. 3.6 b). Some of the crystallites also exhibit lattice 

fringes. The other Fe-oxide observed is more tightly packed and some of the particles 

show a rod like shape. Although a goethite like Fe oxide is not found in this sample, 

we do observe a needle shaped Fe oxide formed in the sample containing 1000 μmol/L 

Fe(II) with 100 μmol/L As(III) (Fig. 3.8 c). Therefore, TEM analysis confirms both 

the EXAFS and Mössbauer studies that Fe(II) oxidation by δ-MnO2 results in the 

formation of ferrihydrite and goethite. The TEM analysis is also coupled with energy-

dispersive X-ray spectroscopy (EDS) to characterize the elemental composition of the 

sample (Fig. 3.7). It shows the Fe-oxides formed during Fe(II) oxidation and the 

reacted δ-MnO2 are very pure. Neither Mn substitution into the Fe-oxide structure nor 

Fe substitution into Mn-oxide structure is found.  

When As(III) is oxidized simultaneously with Fe(II), the LCF of the Fe 

EXAFS spectra shows the composition of the oxidation product changes greatly. 

Although ferrihydrite is still a main component, goethite is excluded, but ferric 

arsenate becomes an important component. One thing should be pointed out that  
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Figure 3.6 Transmission electron micrographs of δ-MnO2 (2 mg/L) reacted with 100 

μmol/L Fe(II) after 48 hours at pH 6. (a) Reacted δ-MnO2 and two 

produced Fe-oxides; (b) detail of the Fe-oxide 1; (c) detail of the Fe-

oxide 2; (d) detail of the Mn-oxide (reacted δ-MnO2).  
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Figure 3.7 (a), (b) and (c) EDS spectra of Fe-oxide 1, Fe-oxide 2, and Mn-oxide 

shown in Fig 3.5 a, respectively.  



 85 

among the six Fe mineral standards we used in the fitting, only one showed As 

binding with Fe. No As adsorption standard is included. However, due to the 

similarity among the EXAFS spectra for As adsorbed on ferrihydrite and goethite, and 

As co-precipitated with Fe(III) (Cancès et al., 2005; Paktunc et al., 2008; Hohmann et 

al., 2011), the ferric arsenate standard could be considered as a model representing As 

association with Fe either through precipitation or though adsorption. In a sample 

containing equal amounts of Fe(II) and As(III), LCF shows about 56% of the 

oxidation product is ferric arsenate, indicating that more than half of the Fe(III) 

(hydr)oxides are associated with As, while in the sample containing Fe(II):As(III) = 

10:1, 21% of the oxidation product is ferric arsenate, indicating that less than one 

quarter of the Fe(III) (hydr)oxides are associated with As. The decreasing fraction of 

ferric arsenate with increasing Fe(II) concentration is reasonable, since more Fe(III) 

(hydr)oxides are formed but As remains the same amount. Mössbauer analysis shows 

that ferric arsenate exhibits a doublet spectrum until temperature decreases to below 

10 K, however, the spectrum of the sample containing Fe(II):As(III) = 1:1 or 10:1 

collapses to a sextet at a temperature higher than 10 K, suggesting that both of them 

are free of ferric arsenate (Fig. 3.5 b, c and d). In addition, TEM-EDS analysis of the 

sample with Fe(II):As(III) = 1:1 or 10:1 demonstrates that the produced Fe(III) 

(hydr)oxides have a Fe/As from 2 to 5 (Fig. 3.9 a, b and c), which is different from 

ferric arsenate that has a Fe/As=1 (Fig. 3.9 d). Although As EXAFS data indicate a 

ferric arsenate like precipitate might be formed when As(III) oxidized simultaneously 

with Fe(II) by δ-MnO2, this is not supported by Mössbauer and TEM-EDS study. 

However, formation of a As(V)-Fe(III) precipitate other than ferric arsenate is not 

precluded. 
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Figure 3.8 Transmission electron micrographs of (a) and (b) Fe-oxides produced in 

reaction of δ-MnO2 (2 mg/L) with 100 μmol/L As(III) and 100 μmol/L 

Fe(II) for 48 hours at pH 6; (c) Fe-oxides produced in reaction of δ-MnO2 

(2 mg/L) with 100 μmol/L As(III) and 1000 μmol/L Fe(II) for 48 hours at 

pH 6; (d) Synthetic ferric arsenate.  
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Figure 3.9 (a), (b), (c) and (d) EDS spectra of minerals shown in Fig 3.7 a, b, c and d, 

respectively.  
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3.3.4 Mn Speciation Over Time during As(III) Oxidation by δ-MnO2 in the 

Presence of Fe(II)  

Although unreacted δ-MnO2 has neither Mn(II) nor Mn(III) in its structure, the 

amount of Mn(II) and Mn(III) appear to increase as As(III) oxidation proceed. From 

Mn XANES spectra (Fig. 3.10), one can see shoulders starting to build up at 6552.5 

eV (Mn
II
 peak) and 6556 eV (Mn

III
 peak) after 4 hours of reaction. Linear combination 

fits of the data (Table 3.4) shows that Mn(II) appears at the very beginning of the 

reaction and increases to a maximum of 12.7 % at 4 hours. However, in the first 4 

hours of the reaction, which is the fast oxidation stage, no Mn(III) is detected in δ-

MnO2. This suggests that no Mn(III) is formed during the first 4 hours of reaction. At 

this stage, Mn(IV) was reduced directly to Mn(II) when As(III) was oxidized. Mn(III) 

appears after 10 hours of reaction and reaches a maximum of 23.5 % at 48 hours. 

There are two possible mechanisms for the formation of Mn(III) during As(III) 

oxidation by δ- MnO2. First, Mn(III) could be formed directly through Mn(IV) 

oxidation of As(III) (Eq. 1).  

2MnO2 + H3AsO3 + H2O → 2MnOOH + H2AsO4ˉ + H
+
                                  (1) 

Although this process does not occur in the first 4 h of reaction in this study (18), it 

has been reported previously for As(III) oxidation by birnessite (Nesbitt et al., 1998; 

Tournassat et al., 2005). Another possible pathway for Mn(III) formation is through 

conproportionation of Mn(II) sorbed at Mn(IV) sites on the δ-MnO2 surface (Webb et 

al., 2005; Perez-Benito, 2002). In this conproportionation reaction, Mn(II) is oxidized, 

Mn(IV) is reduced, and the resulting product is Mn(III) (Eq. 2).  

MnO2 + Mn
2+

 + 2H2O → 2Mn
3+

 + 4OHˉ                                                          (2) 

This conproportionation reaction very well explains our findings that no 

Mn(III) is observed in the first 4 hours and during 10 to 48 hours, when Mn(III) 
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accumulates in δ-MnO2, the Mn(II) fraction decreases by contrast. Therefore, it is 

reasonable to conclude that As(III) oxidation occurs as a two electron transfer with δ-

MnO2 and does not proceed through a Mn(III) intermediate. 

 

 

 
 

Figure 3.10 Mn K-edge XANES Spectra of δ-MnO2 (2 mg/L) reacted with 100 

μmol/L As(III) and 100 μmol/L Fe(II), simultaneously, at pH 6 in a 

stirred-flow reactor for 0.5, 4, 10, 24, and 48 h. Three standards, δ-

Mn
IV

O2, Mn2
III

O3 and Mn
II
SO4, were used.  
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Table 3.4 Mn(II), Mn(III) and Mn(IV) composition derived from linear 

combination fits to Mn K-edge XANES data of δ-MnO2 (2 mg/L) reacted with 100 

μmol/L As(III) and 100 μmol/L Fe(II), simultaneously, at pH 6 in a stirred-flow 

reactor for 0.5, 4, 10, 24, and 48 h. Three standards, δ-Mn
IV

O2, Mn2
III

O3 and Mn
II
SO4, 

were used.  

Sample Mn(IV) Mn(III) Mn(II) Energy Shift (eV) R factor 

0.5 h 92.1 ± 0.3 % - 7.9 ± 0.1% -0.56 0.0057 

4 h 87.3 ± 0.4 % - 12.7 ± 0.3% -0.14 0.0113 

10 h 85.3 ± 0.3 % 2.3 ± 0.4 % 12.4 ± 0.1% -1.78 0.0116 

24 h 84.0 ± 0.4 % 7.2 ± 0.4 % 8.7 ± 0.1% -2.06 0.0136 

48 h 68.3 ± 0.5 % 23.5 ± 0.6 % 8.2 ± 0.2 % -2.11 0.0032 

  

Note: R factor, goodness of fit, R=∑(data-fit)
2
/∑data

2
.  

 

 

3.3.5 Proposed As(III) Oxidation Mechanisms in the Presence of Fe(II) 

The mechanisms of As(III) oxidation by δ-MnO2 in the presence of Fe(II) are 

quite complicated, involving many simultaneous forward reactions and subsequent 

back reactions. Also, the mechanisms depend on the specific conditions, such as pH, 

or As(III) to Fe(II) ratio. Based on the stirred-flow experiments and XAS analysis, 

three key steps could be involved:   

 1
st
 Step: As(III) and Fe(II) are adsorbed onto the δ-MnO2 surface where they 

are immediately oxidized into As(V) and Fe(III), respectively, and Mn(II) is 

released to solution. Competition for active sites on δ-MnO2 exists between 

As(III) and Fe(II).  
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 2
nd

 Step: Fe(III) precipitates as ferrihydrite and goethite like Fe(III)-

(hydr)oxides on thr δ-MnO2 surface, causing surface passivation, which lowers 

the oxidation rates of both As(III) and Fe(II).  

 3
rd

 Step: The newly formed ferrihydrite-like Fe(III)-(hydr)oxides effectively 

adsorb large amounts of As(III),  As(V), Mn(II) or even Fe(II) from solution.  

These steps shown above can occur simultaneously and other steps are also 

possible, such as As(V) and Mn(II) adsorption on the δ-MnO2 surface.  

 

3.4 Conclusions 

The oxidation of As(III) to As(V) by Mn-oxides is an effective pathway to 

reduce As toxicity and mobility in the environment. The present study showed, in the 

presence of Fe(II), As(III) oxidation and As sorption by δ-MnO2 was greatly affected, 

with the mechanisms depending largely on Fe(II) concentration. At low Fe(II) 

concentration, only As(V) was found to associate with the solid phase, while at high 

Fe(II) concentration, both As(III) and As(V) were sorbed on the solid phase. The 

formation of ferrihydrite and goethite were observed when Fe(II) was oxidized by δ-

MnO2. As adsorption on the newly formed Fe(III)-(hydr)oxides occurred via a 

bidentate binuclear corner-sharing complex. The Fe(III)-(hydr)oxides formed during 

Fe(II) oxidation were mainly composed of ferrihydrite and minor fractions of goethite 

and lepidocrocite. As As(III) and Fe(II) may coexist under varying conditions, a 

mechanistic understanding of the impact of Fe(II) on As(III) oxidation and sorption 

behavior is crucial in predicting As toxicity and mobility in the environment and in 

developing new remediation techniques for As contaminated soil and water.  
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Chapter 4 

DESORPTION OF ARSENIC FROM δ-MnO2: STIRRED-FLOW 

EXPERIMENTS AND X-RAY ABSORPTION SPECTROSCOPY 

 

ABSTRACT 

 

Arsenic (As) mobility in the environment is greatly affected by its oxidation 

state and the degree to which it is sorbed on metal oxide surfaces. Manganese (Mn) 

and iron (Fe) oxides are ubiquitous solids in terrestrial systems and have high sorptive 

capacities for many trace metals, including arsenic. Although numerous studies have 

characterized the effects of As adsorption/desorption onto Fe and Mn oxides 

individually, the fate of arsenic within mixed systems representative of natural 

environments has not been completely resolved. In this study, As(III) is initially 

reacted with a poorly crystalline phyllomanganate (δ-MnO2) in the presence of Fe(II), 

prior to desorption. This initial reaction results in the sorption of both As(III) and 

As(V) on mixed Fe/Mn-oxides surfaces. A desorption study was carried out using two 

environmentally significant ions, phosphate (PO4
3-

) and calcium (Ca
2+

). Both a stirred-

flow technique and X-ray absorption spectroscopy (XAS) analysis were used to 

investigate As desorption behavior. Results show that when As(III):Fe(II)=1:1 in the 

initial reaction, only As(V) was desorbed, agreeing with a previous study showing that 

As(III) is not associated with the Fe/Mn-oxides. When As(III):Fe(II)=1:10 in the 

initial reaction, both As(III) and As(V) can be desorbed from the Fe/Mn-oxide surface 
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and more As(III) is desorbed than As(V). Neither of the desorbents used in this study 

completely removes As(III) or As(V) from the Fe/Mn-oxides surface. However, the 

As desorption fraction decreases with increasing Fe(II) concentration in the initial 

reactions.  

 

4.1 Introduction 

Elevated levels of arsenic can be widely present in the environment as a result 

of mineral weathering and dissolution, geothermal activity, and numerous 

anthropogenic sources including mine wastes, coal ash, and arsenical pesticides, 

posing a severe health threat to millions of people worldwide (Smith et al., 1998; 

Manning et al., 1998; Mandal and Suzuki, 2002; Lafferty et al., 2011). In the 

environment, arsenic primarily exists in an organic form and in two oxidation states, 

As(III) and As(V), which together likely represent more than 99% of total arsenic in 

soils, sediments and waters (Ryu et al., 2002; Gao et al, 2013). Arsenate generally 

predominates in oxygenated waters, whereas arsenite can be prevalent in suboxic 

groundwater (Mohan and Pittman, 2007). The latter is considered more mobile and 

more toxic in natural environments (Zhu et al., 2009; Parikh et al., 2010). Below pH 9, 

As(III) appears predominately in its fully protonated form (H3AsO3), while at 

circumneutral pH values, As(V) occurs as a mixture of H2AsO4ˉ and HAsO4
2-

 (Sadiq, 

1997; Lafferty et al., 2011). 

The mobility of arsenic in the environment is governed largely by its chemical 

speciation, as well as mineral-surface interactions (Manning et al., 1998; Lafferty et al., 

2011). Adsorption or coprecipitation with metal oxides, particularly Fe-(hydr)oxides, 

is an important process controlling the fate and transport of arsenic in natural aquatic 
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systems due to their abundance in the environment and high affinity for arsenic 

species (Manning et al., 1998; Silva et al., 2012; Neupane et al., 2014). The molecular-

scale adsorption mechanisms of arsenate and arsenite on a range of natural and 

synthetic minerals (e.g., metal oxides) have been extensively investigated using 

macroscopic and spectroscopic techniques including synchrotron X-ray absorption and 

FTIR spectroscopies (Sun and Doner, 1996; Fendorf et al., 1997; Raven et al., 1998; 

Goldberg and Johnston, 2001; Farquhar et al., 2002; Dixit and Hering, 2003). 

According to these studies, both arsenate and arsenite are strongly adsorbed on 

polyvalent metal (hydr)oxide surfaces, forming predominantly inner-sphere surface 

complexes by ligand exchange reactions resulting in either monodentate or binuclear 

bidentate complexes depending on surface loading and solution chemistry. Only a few 

prior studies reported that arsenite forms both inner-sphere and outer-sphere surface 

complexes on ferric (hydr)oxide surfaces (Goldberg and Johnston, 2001; Catalano et 

al., 2008). 

Currently, there are three widely accepted mechanisms for arsenic release in 

sediments and soils: (1) oxidation of arsenic rich sulfide materials, (2) reductive 

dissolution of iron oxides and concurrent release of adsorbed arsenic, and (3) 

competitive adsorption/desorption (Luxton et al., 2008). Of these proposed 

mechanisms competitive adsorption/desorption has received the least amount of 

attention. Sorption/desorption is a dynamic process, which is determined by a number 

of geochemical factors, including pH, structural changes in the solid phases, and the 

presence of competing ions (Smith, 1999; Dong et al., 2012). The presence of other 

naturally occurring ions in waters may compete for sorption sites on the mineral 

surface and thereby affects the stability and mobility of adsorbed arsenic species 
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(Antelo, 2005; Dong et al., 2012; Gao et al., 2014). Previous research has indicated 

that individual anion species exhibit widely different affinities for mineral surface sites. 

For example, Goh and Lim (2005) reported that the capabilities of common anions to 

increase arsenic mobility in subsurface environments follows the order: phosphate > 

carbonate > sulfate ≈ chloride.  

Phosphate (PO4
3-

) is one of the most common anions in groundwater, with 

concentrations ranging from 0 to 5 mg/L, owing to the use of phosphate fertilizers 

(Oinam et al., 2011). Phosphate is particularly effective at competing with arsenate for 

sorption sites due to their similarities in coordination geometry and geochemical 

behavior (Goh and Lim, 2005; Silva et al., 2012; Dong et al., 2012). Calcium is one of 

the dominant cations in both groundwater and soil solutions (Cowan et al., 1991). It 

has been reported that calcium (Ca
2+

) can compete with many metals for sorption sites 

on soil mineral surfaces (Cowan et al., 1991; Ridley et al., 1999; Lafferty et al., 2011). 

Therefore, identifying the effects of phosphate and calcium on arsenic desorption is 

essential to understand the arsenic mobility in the environment.  

In the previous study (Chapter 2 and 3), both As(III) and As(V) sorption on δ-

MnO2 increased in the presence of Fe(II), due to the formation of Fe(III)-(hydr)oxides. 

Although arsenic removal increases with increasing Fe(II) addition, the stability and 

mobility of the adsorbed arsenic remains unknown. The purpose of this study is to 

investigate the arsenic desorption behavior from δ-MnO2
 
and the produced Fe(III)-

(hydr)oxides. We aim to determine to what extent an anion (PO4
3-

), and a cation (Ca
2+

), 

both of which are commonly found in the environment, are able to desorb As from δ-

MnO2
 
and the produced Fe(III)-(hydr)oxides.   
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4.2 Methods and Materials 

4.2.1 Chemicals 

All chemicals used in this study met or exceeded American Chemical Society 

standards. 18.2 MΩ deionized (DI) water was used for all solutions. NaAsO2 and 

FeSO4·7H2O were used as sources of As(III) and Fe(II), respectively. As(III) stock 

solution (100 mmol/L) was stored at 4 ºC and prepared every month. Fe(II) solution 

was freshly prepared every time in the glove box and the DI water used to make the 

Fe(II) solution was degased, using nitrogen gas, for 2 hours before use. Ca
2+

 and PO4
3-

 

desorptive solutions were made by dissolving certain amounts of NaH2PO4 and CaCl2 

in DI water, respectively.    

4.2.2 Synthesis of Minerals 

δ-MnO2,  a poorly-crystalline, phyllomanganate, was used in the studies 

presented here because of its high reactivity as well as its similarities to biogenic Mn-

oxides (Villalobos et al., 2003). δ-MnO2 is a form of hexagonal birnessite with a low 

degree of stacking of phyllomanganate sheets (Drits et al., 1997; Silvester et al., 

1997). δ-MnO2 was synthesized by drop wise addition of a 100 mL solution 

containing 11.29 g Mn(NO3)2·4H2O to a 100 mL solution containing 2.4 g NaOH and 

4.74 g KMnO4, corresponding to a final Mn(II):Mn(VII):OH ratio of 3:2:4 (Morgan 

and Stumm, 1964). After adding Mn(II) to the basic permanganate solution, the 

resulting suspension was stirred overnight (at least 12 hours) to allow complete 

conproportionation of Mn(II) and Mn(VII) to Mn(IV). Following synthesis, δ-MnO2 

was centrifuged at 10,000 RCF for 15 min, then the supernatant was removed and 

replaced with 18.2 MΩ deionized (DI) water. This wash step was repeated 6 times. 

Following washing, δ-MnO2 was transferred to a polypropylene bottle, resuspended in 
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DI water, and stored at 4 ºC prior to use in experiments. Experiments were conducted 

using δ-MnO2 within a month of synthesis. Characterization of synthetic δ-MnO2 is 

provided in Appendix A.  

Two-line ferrihydrite was synthesized using a procedure adapted from 

Schwertmann and Cornell (1991). Ferric sulfate, Fe2(SO4)3·5H2O, was used as the 

source of the ferric ion. Briefly, the Fe(III) solution was prepared by dissolving 

Fe2(SO4)3·5H2O in deionized water. The pH of the solution was raised to ~7.5 in about 

5 min using a 1M NaOH solution and maintained at that pH for 1 h with the slurry 

vigorously agitated. The solid was washed five times with deionized water and then 

freeze dried.  

Ferric arsenate (FeAsO4·4-7H2O) was synthesized using the method described 

by Jia et al. (2006). Briefly, a mixture of 0.02 M As(V) (Na2HAsO4·7H2O) and 0.02 

M Fe(III) (Fe2(SO4)3·5H2O) was adjusted from an initial pH 1.3 to pH 1.8 with 1M 

NaOH solution and maintained at that pH for 1 h. The solid product was then 

separated by filtration, washed with deionized water and freeze dried.  

4.2.3 Stirred-flow Experiments 

Stirred flow experiments were conducted using the same apparatus as 

described previously in Chapter 2 (Fig 2.1). The reactor is a modified version of the 

stirred-flow reactor described by Wielinga et al. (2001). The chamber volume is 12.0 

mL. All stirred-flow reactions were conducted by pumping a solution of As(III) and 

Fe(II) in a 0.01 mol/L NaNO3 background electrolyte buffered at a certain pH at a rate 

of 1.0 mL/min into a stirred-flow chamber containing 2.0 g/L δ-MnO2. For reactions 

involving Fe(II), nitrogen gas was pumped into the solution to maintain anoxic 

conditions. All suspensions in the reaction chamber were mixed at 100 rpm via a 
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magnetic stir bar. Effluent solutions were filtered with a 0.22 μm pore size filter and 

then collected by a fraction collector. Effluent solutions which contained Fe(II) were 

immediately transferred into a glove box until analysis, and all other solutions were 

stored at 4 º C in the dark until analysis. All stirred-flow experiments were conducted 

at least in duplicate.  

In all desorption reactions, 2 g/L δ-MnO2 was reacted with 100 μmol/L As(III) 

and 100 or 1000 μmol/L Fe(II) at pH 6 for 36 hours to ensure enough amounts of  

As(III) oxidation and As sorption on solid phase, followed immediately by reaction 

with a desorptive solution. Three desorptive solutions were used, including (1) 0.01 

mol/L NaNO3 background electrolyte alone, (2) 100 μmol/L calcium chloride in 

background electrolyte, and (3) 100 μmol/L sodium phosphate in background 

electrolyte. Prior to experiments, all desorptive solutions were adjusted to pH 6 with 

HCl and NaOH and pumped with nitrogen gas for 4 hours to maintain anoxic 

conditions. Background electrolyte was introduced into the stirred flow reactor 

(containing δ-MnO2) for at least 2 hours at a rate of 1 mL/min prior to each 

experiment. In each reaction, As(III) oxidation was stopped after 36 hours by 

introducing the desorptive solution into the reactor, thus beginning the desorption 

phase of the reaction. Changing the influent solution from As(III) and Fe(II) solution 

to the desorbent solution took less than 5 seconds, and thus flow of solution into the 

reactor was effectively constant throughout each experiment (oxidation followed by 

desorption). A plot showing the full data, As(III) and Fe(II) oxidation followed by 

desorption from one experiment is presented in Figure 4.1. 
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Figure 4.1 As(III), As(V), Mn(II) and Fe(II) concentrations from one replicate of 

100 μmol/L As(III) oxidation by 2 g/L δ-MnO2 in the presence of 100 

μmol/L Fe(II) for 36 hours at pH 6, followed by desorption by 100 

μmol/L sodium phosphate in a background electrolyte for another 24 

hours, starting from 36 h to 60 h in the plot. 

4.2.4 XAS Analysis 

X-ray absorption spectroscopic analysis was performed on reacted δ-MnO2 

after 36 hours oxidation followed by 24 hours desorption. When the reaction was 

completed, the suspension in the reaction chamber was immediately filtered (0.22 µm) 

to remove any background electrolyte, and Mn(II), Fe(II) and As not bound to δ-

MnO2. After filtration, the residual wet paste was immediately covered with Kapton 

tape and stored under anoxic conditions for less than 3 days prior to spectroscopic 

analysis.   
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An As(V)-δ-MnO2 sorption standard was prepared by reacting 100 µmol/L 

As(V) with 2 g/L δ-MnO2 at pH 6 for 48 h in the same background electrolyte used in 

the stirred-flow reactions. As(V)- and As(III)-ferrihydrite sorption standards were 

prepared by reacting 100 µmol/L As(V) and 100 µmol/L As(III), respectively, with 2 

g/L ferrihydrite at pH 6 for 48 h in the same background electrolyte used in the stirred-

flow studies. An Fe(II)-δ-MnO2 standard was prepared by reacting 100 µmol/L Fe(II) 

with 2 g/L δ-MnO2 at pH 6 for 48 h in the same background electrolyte used in the 

stirred-flow studies. All standards were filtered, and the residual wet paste was 

immediately covered with Kapton tape and stored under anoxic conditions, for less 

than 3 days before spectroscopic analysis. 

Extended X-ray absorption fine structure (EXAFS) and X-ray absorption near 

edge (XANES) spectroscopic data for As were collected at the National Synchrotron 

Light Source (Brookhaven National Laboratory) on beamline X-11A. The electron 

storage ring operates at 2.8 GeV with a current ranging from 300 to 150 mA. The 

monochromator consisted of two parallel Si-(111) crystals with a vertical entrance slit 

separation of 0.5 mm. As (11.9 keV) K-edge EXAFS spectra were collected. All 

samples were oriented at 45° to the incident beam and a Lytle detector was used to 

collect As spectra in fluorescence mode. The monochromator angle was calibrated to 

the As(V) K-edge (11.874  keV) using diluted Na2HAs
V
O4 as a standard (10% 

Na2HAs
V
O4 with 90% boron nitride). This standard was monitored in transmission 

mode simultaneous to sample collection to check for potential shifts in their respective 

K-edges. Multiple scans were collected at room temperature for each sample to 

improve the signal-to-noise ratio for data analysis.  
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EXAFS and XANES spectroscopic data for Fe were collected at beamline 4-1 

at the Stanford Synchrotron Radiation Lightsource (SSRL). The electron storage ring 

operates at 3.0 GeV with a current ranging from 100 to 90 mA. The monochromator 

consisted of two parallel Si-(220) crystals with a vertical entrance slit separation of 0.5 

mm. Fe (7.1 keV) K-edge EXAFS spectra were collected in fluorescence mode. The 

monochromator crystals were detuned 40 % for Fe in I0 to reject higher order 

harmonics. A 3-path length Mn filter was used, and Sollier slits were used for signal 

optimization and removal of elastically scattered radiation. The monochromator angle 

was calibrated to the Fe(0) K-edge (7.112 keV ) using a Fe metal foil. This standard 

was monitored in transmission mode simultaneous to sample collection to check for 

potential shifts in their respective K-edges. Multiple scans were collected at room 

temperature for each sample to improve the signal-to-noise ratio for data analysis. 

For data analysis, As K-edge EXAFS data were analyzed by shell-by-shell 

fitting of the Fourier transformed EXAFS spectra (k-range 3 to 13 Å
-1

, r -range 0.8 to 

4 Å) using the SixPACK (Webb, 2005 ) interface to IFEFFIT (Newville, 2001). The 

theoretical scattering paths were calculated using the FEFF 7.2 code (Ankudinov and 

Rehr, 1997). Flinkite (Mn3(OH)4AsO4) was used as a structural model for As(V) 

sorbed on δ-MnO2. Scorodite (FeAsO4·H2O) and tooeleite 

(Fe6(AsO3)4SO4(OH)4·4H2O) were used as structural models for As(V) and As(III) 

sorbed on Fe-oxides (Morin et al., 2008; Wang et al., 2008). In the As EXAFS fitting, 

we considered As–O and As–Fe/Mn single scattering (SS) paths and one multiple 

scattering (MS) path (triangular As-O-O) within the AsO4 tetrahedron or AsO3 

pyramid. The degeneracy of the As-O-O MS path was fixed to the theoretical value of 

12 for As(V) and 6 for As(III).  
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Linear combination fitting (LCF) was performed on the Fe EXAFS spectra 

over the k-range of 3 to 12 Å
-1

 using SixPACK’s least square fitting module, which is 

a graphical interface for IFEFFIT’s minimization function (Newville, 2001). A set of 

reference spectra were used for LCF, including 2-line ferrihydrite, goethite, 

lepidocrocite, hematite, magnetite and synthetic ferric arsenate. Both shell-by-shell 

fitting and linear combination fitting were optimized by minimizing reduced σ
2
 

(Newville et al., 1995). 

4.2.5 Determination of Metal Concentrations 

As(III) and As(V) were quantified by liquid chromatography inductively 

coupled plasma mass spectrometry (LC-ICP-MS). As(III) and As(V) were separated 

using a Phenomenex Prodigy 5 μm ODS-3 100 Å (150 x 4.6) column with a flow rate 

of 1 mL/min, using a 10 μm sample injection before quantification by LC-ICP-MS. 

The mobile phase consisted of 5% methanol in 5 mM tetra-butyl ammonium 

hydroxide, and the pH was adjusted to 5.9 using malonic acid (final concentration of 

about 3 mM). Arsenic species separated by LC were directly introduced via a 

nebulizer into an Agilent 7500ce inductively coupled plasma mass spectrometer 

operated in helium mode. Fe(II) concentration was determined by the ferrozine 

method (Stookey, 1970). In order to eliminate the interference of Fe(III) in Fe(II) 

measurements, 0.05 mol/L NaF was added to mask Fe(III) in Fe(II) determination. 

Total Fe was determined by reducing total Fe(III) to Fe(II) and then Fe(II) was 

measured by the ferrozine method without addition of NaF solution. The Fe(III) 

content in the liquid solution was obtained by difference. Mn, Ca, and P 

concentrations were quantified by inductively coupled plasma optical emission 

spectrometry (ICP-OES), where 5 mL of sample were acidified using 1% (w/v) nitric 
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acid mixed with 0.5% (w/v) hydrochloric  acid. The amount of As sorbed/desorbed 

during the reaction was determined by calculating the difference between the mass of 

As (μmol) introduced into the reactor and the mass of As (μmol) removed from the 

reactor over time (more details please see Appendix B).  

 

4.3 Results and Discussion 

4.3.1 As(III) Oxidation and Sorption 

All desorption experiments in this study are preceded by reaction of 100 

μmol/L As(III) oxidation by 2 g/L δ-MnO2 in the presence of either 100 or 1000 

μmol/L Fe(II) for 36 hours at pH 6. Two Fe(II) concentrations were used in order to 

investigate As mobility under different As(III) to Fe(II) ratios, 1 to 1 and 1 to 10, in 

the initial oxidation reactions. To better understand the desorption process, we 

summarize As(III) oxidation and sorption behaviors from the results of stirred-flow 

experiments and spectroscopic analysis (Chapter 2 and 3). This initial reaction among 

As(III), Fe(II) and δ-MnO2 involves three key steps: (1) As(III) and Fe(II) are 

adsorbed onto the δ-MnO2 surface where they are immediately oxidized into As(V) 

and Fe(III), respectively, and Mn(II) is released to solution. Competition for active 

sites on δ-MnO2 exists between As(III) and Fe(II); (2) Fe(III) precipitates as 

ferrihydrite and goethite like Fe(III)-(hydr)oxides on the δ-MnO2 surface, causing 

surface passivation, which lowers the oxidation rates of both As(III) and Fe(II); and (3) 

the remaining As(III), As(V), Mn(II) and Fe(II) are partially adsorbed onto the 

produced Fe(III)-(hydr)oxides. Also, some As(V) and Mn(II) can be adsorbed on δ-the 

MnO2 surface. The oxidation of As(III) and Fe(II) proceedes in two distinct phases, a 

fast oxidation phase during the initial few hours followed by a slow oxidation phase 
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due to the surface passivation of δ-MnO2. After 24 hours, the reaction reaches a steady 

state phase, where concentrations of all metals in solution stay constant. Therefore, 36 

hours after reaction was chosen as the starting point for our desorption study (Fig. 4.1).  

4.3.2 As(III) Desorption 

When the As(III) to Fe(II) ratio is 1 to 1 in the initial reaction, As(III) 

concentration in solution follows the dilution curve very well, no matter what 

desorptive was used (Fig. 4.2). This suggests that no As(III) was desorbed from the 

solid phase using any of the three desorptives, which agrees with previous findings in 

Chapter 3 that no As(III) is adsorbed on the solid phase during As(III) oxidation by δ-

MnO2 in the presence of Fe(II) when the As(III) to Fe(II) ratio is 1 to 1. Besides, As 

K-edge XANES analysis also proves that no As(III) is found to be associated with the 

solid phase after 24 hours of desorption (Fig. 4.4 a).  

When the As(III) to Fe(II) ratio was 1 to 10 in the initial reaction, As(III) was 

found to be desorbed from the solid phase (Fig. 4.3). Among the three desorptives, 

PO4
3-

  desorbed the most As(III), 20.56 μmol, followed by Ca
2+

, which desorbed 16.55 

μmol As(III), and the background electrolyte (BE) desorbed the least As(III), 13.52 

μmol (Table 4.1). This trend was also supported by the As XANES spectra (Fig. 4.4 a), 

where the As(III) peak intensity decreased in the order of BE > Ca > P. In spite of the 

desorptive, As(III) desorption was greater than As(V) desorption (Table 4.1), which 

can be ascribed: (1) in the presence of high Fe(II) concentrations, most of the As(III) 

is adsorbed in the unoxidized form on the produced Fe(III)-(hydr)oxides, since a large 

amount of Fe(II) competes with As(III) for the limited amount of δ-MnO2;  and (2) 

although As(III) can adsorb to a greater extent on iron oxides than As(V) (Raven et al., 

1998; Dixit and Hering, 2003; Herbel and Fendorf, 2006), a substantial portion of 
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As(III) is bound in weak complexes (Goldberg and Johnston, 2001; Catalano et al., 

2007), leading to extensive desorption upon a change in solute conditions (Ying et al., 

2012). Although a large amount of As(III) is desorbed from the solid phases, some 

As(III) remained on the solids after 24 hours of desorption, since the As(III) peak was 

observed in the XANES spectra (Fig. 4.4 a). Also, from EXAFS fitting results in 

Table 4.2, the relatively longer As-O distance ( > 1.69 Å) and lower coordination 

number ( < 4) are both indications of the presence of As(III)  in the solids after 

desorption.  

 

Table 4.1 The amount (μmol) of As(III), As(V), Fe(II) and Mn(II) desorbed by 

Ca
2+

, PO4
3-

, and background electrolyte (BE) for 24 hours after 100 μmol/L As(III) 

oxidation by 2 g/L δ-MnO2 in the presence of either 100 or 1000 μmol/L Fe(II) for 36 

hours at pH 6. 

Metals 

Desorption Amount (μmol) 

As(III):Fe(II)=1:1 
 

As(III):Fe(II)=1:10 

BE Ca
2+

 PO4
3-

 
 

BE Ca
2+

 PO4
3-

 

As(III) - - - 
 

13.52 16.55 20.56 

As(V) 2.40 3.12 8.98 
 

4.70 6.32 14.53 

Mn(II) 4.45 8.53 4.07 
 

11.91 21.78 12.76 

Fe(II) - - - 
 

9.19 13.27 9.70 

% of As desorbed 11.8% 15.4% 44.3% 
 

11.1% 14.0% 21.4% 

 

Note: The total As sorbed (As(III) and As(V)) calculated from previous stirred-flow 

experiments are 20.26 μmol and 163.63 μmol for reaction of 100 μmol/L As(III) 

oxidation by 2 g/L δ-MnO2 in the presence of either 100 or 1000 μmol/L Fe(II), 

respectively. The percent of As desorbed is calculated as the quantity of As desorbed  

divided by the quantity of As sorbed.  
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4.3.3 As(V) Desorption 

Desorption of As(V) from the solid phase was observed for both initial 

reactions, with either As(III):Fe(II)=1:1 or 1:10 (Fig. 4.2 and 4.3). For all three 

desorptivrd, more As(V) was desorbed using an initial reaction with 

As(III):Fe(II)=1:10  (Table 4.1), for more Fe(III)-(hydr)oxides are formed in initial 

reaction with As(III):Fe(II)=1:10 so that more As(V) is adsorbed to the solids. Similar 

to As(III) desorption, PO4
3-

 desorbs the most amount of As(V), about 2 to 4 times as 

the amounts desorbed by Ca
2+

 or the background electrolyte (Table 4.1). Due to 

similarities in acid dissociation constants and coordination geometry, phosphate 

(pKa1=2.1, pKa2=7.2 and pKa3=12.3) behaves much like arsenate (pKa1=2.2, pKa2=6.9 

and pKa3=11.4) (Silva et al., 2012). It has been reported that phosphate could desorb 

arsenate more readily and more efficiently from metal oxide minerals, compared to 

other ions such as carbonate, silicate, calcium, magnesium, potassium and sodium etc. 

(Luxton et al., 2008; Lafferty et al., 2011; Silva et al., 2012; Neupane et al., 2014). As 

a percentage of total As, 44.3 % of the sorbed As can be desorbed by PO4
3-

 when the 

As(III):Fe(II)=1:1 in the initial reaction, while only 21.4 % of the sorbed As can be 

desorbed by PO4
3-

 when the As(III):Fe(II)=1:10 in the initial reaction. A desorption 

study by Lafferty et al. (2011) showed that roughly 67% of the sorbed As was 

mobilized from the δ-MnO2 surface after 24 hours of desorption by PO4
3-

. Compared 

with the As desorption fractions in the current study, more As tends to be sequestrated 

on the solid phase in the presence of Fe(II)/Fe(III)-(hydr)oxides and the fraction of 

desorbed As decreases as the Fe(II) to As(III) ratio increases. This indicates that As 

sorbed on the Fe(III)-(hydr)oxides surface is less mobile than As sorbed on the δ-

MnO2 surface.  
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Figure 4.2 As(III), As(V), Fe(II) and Mn(II) desorbed by Ca
2+

, PO4
3-

, and background electrolyte (BE) after 100 μmol/L 

As(III) oxidation by 2 g/L δ-MnO2 in the presence of 100 μmol/L Fe(II) for 36 hours at pH 6. The data points 

on each graph are normalized by the initial concentration at the beginning of desorption. As(III) oxidation data 

prior to desorption are not shown and data shown are the first 12 h of 24 h desorption experiments. 
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Figure 4.3 As(III), As(V), Fe(II) and Mn(II) desorbed by Ca
2+

, PO4
3-

, and background electrolyte (BE) after 100 μmol/L 

As(III) oxidation by 2 g/L δ-MnO2 in the presence of 1000 μmol/L Fe(II) for 36 hours at pH 6. The data points 

on each graph are normalized by the initial concentration at the beginning of desorption. As(III) oxidation data 

prior to desorption are not shown and data shown are the first 12 h of 24 h desorption experiments. 
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Figure 4.4  (a) Arsenic K-edge derivative XANES; (b) As K-edge EXAFS; and (c) Fourier transformed EXAFS of 

desorption by Ca
2+

, PO4
3-

, and background electrolyte (BE) for 24 hours after 100 μmol/L As(III) oxidation by 

2 g/L δ-MnO2 in the presence of either 100 or 1000 μmol/L Fe(II) for 36 hours at pH 6. XAS data are 

presented as solid lines, and fits are presented as dashed lines.  
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Table 4.2 Structural parameters derived from shell-by-shell fits to k
3
-weighted As EXAFS data of 100 μmol/L As(III) 

oxidation by 2 g/L δ-MnO2 in the presence of either 100 or 1000 μmol/L Fe(II) for 36 hours at pH 6, and then desorbed by 

Ca
2+

, PO4
3-

, and background electrolyte (BE) for 24 hours. Fitting parameters for sorption standards of As(V) on δ-MnO2, 

As(III) and As(V) on ferrihydrite (Fh), as well as a standard of a synthetic ferric arsenate precipitate was also provided.  

 

Sample Desorbent 
As-O 

 
As-O-O 

 
As-Mn/Fe 

 ΔEo So
2
 R factor 

CN R σ
2
   CN R σ

2
   CN R σ

2
   

As(III):Fe(II)=1:1 

BE 4.00 1.69 0.003 
 

12 3.12 0.007 
 

1.92 3.32 0.011 
 

5.88 0.97 0.0118 

Ca
2+

 3.99 1.69 0.003 
 

12 3.12 0.008 
 

1.90 3.32 0.011 
 

5.57 0.95 0.0133 

PO4
3-

 4.03 1.69 0.003   12 3.11 0.011   1.35 3.33 0.007   5.72 0.91 0.0112 

As(III):Fe(II)=1:10 

BE 3.55 1.71 0.004 
 

12 3.11 0.008 
 

1.92 3.32 0.009 
 

4.68 0.92 0.0159 

Ca
2+

 3.69 1.71 0.004 
 

12 3.12 0.012 
 

1.98 3.32 0.011 
 

3.82 0.91 0.0163 

PO4
3-

 3.84 1.71 0.003   12 3.12 0.007   1.34 3.31 0.009   4.08 0.92 0.0162 

Standards 

As(V)-δ-MnO2 3.97 1.69 0.002   12 3.08 0.005   0.52 3.21 0.005   6.44 0.97 0.0167 

As(V)-Fh 4.55 1.69 0.002 
 

12 3.09 0.010 
 

0.92 3.29 0.006 
 

5.30 0.91 0.0097 

As(III)-Fh 2.96 1.79 0.004 
 

6 3.20 0.007 
 

1.05 3.35 0.006 
 

9.05 0.91 0.0146 

Ferric Arsenate 4.38 1.69 0.002   12 3.11 0.003   1.79 3.33 0.003   6.33 0.98 0.0086 

 

Note: CN, coordination number, uncertainty for As-O is ± 0.1-0.47, for As-Mn/Fe is ± 0.18-0.54, CNAs-O-O  is fixed to 12; 

R(Å), interatomic distance, uncertainty for As-O is ± 0.002-0.003, for As-Mn/Fe is ± 0.01-0.03; σ
2
, Debye-Waller factor, 

uncertainty for As-O is ± 0.001-0.002, for As-Mn/Fe is ± 0.001-0.013; ΔE0 (eV), difference between experimentally 

determined threshold energy and the FEFF calculated threshold energy, uncertainty is ± 0.3-2.1; S0
2
, amplitude reduction 

factor, uncertainty is ± 0.02-0.15; R factor, goodness of fit, R=∑(data-fit)
2
/∑data

2
. 
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Shell-by-shell fits of the As EXAFS spectra of solids after 24 hours desorption 

showed that only one second As-Fe/Mn shell was found between 3.31 Å and 3.33 Å, 

with coordination number about 2. These distances and coordination numbers are in 

good agreement with a As bidentate binuclear corner-sharing complex on Fe oxides 

(Fendorf et al., 1997; Waychunas et al., 1993; Manning et al., 2002; Manceau et al., 

2003) as well as a As(V)-Fe(III) precipitate (e.g. ferric arsenate), suggesting that the 

un-desorbed As is either in a precipitate phase or in the form of a bidentate binuclear 

complex on Fe(III)-(hydr)oxides. A previous study by Sherman and Randall (2003) 

using density functional theory calculations showed the bidentate binuclear complex 

was more favored energetically and more stable than the monodentate complex. It was 

also observed that As in monodentate complexes with iron oxides was more readily 

desorbed compared with that in bidentate complexes, which was due to the weaker 

binding strength of the Fe-As bond in the monodentate complexes (Grossl et al., 1997). 

Both of these also explains why the bidentate binuclear complex is the dominate 

species after desorption.    

4.3.4 Mn(II) Desorption 

Desorption of Mn(II) from the solid phase was observed in both initial 

reactions, with either As(III):Fe(II)=1:1 or 1:10 (Fig. 4.2 and 4.3). For all three 

desorptives, more Mn(II) was desorbed from an initial reaction with 

As(III):Fe(II)=1:10 than the other one (Table 4.1), since more δ-MnO2 is reduced in 

the presence of higher Fe(II) concentration, resulting in more Mn(II) adsorbed to the 

solids. Of the three desorptives used in this study, Ca
2+

 is expected to react with 

sorption sites on Fe/Mn-oxides most similar to Mn(II). It has been reported that Ca
2+

 

can compete with many transition metals for sorption sites on metal oxides surfaces 
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(Cowan et al., 1991; Ridley et al., 1999; Lafferty et al., 2011). Lafferty et al. (2011) 

postulated that Ca
2+

 could bind in triple corner sharing complexes at the vacancy sites 

of δ-MnO2, which is the primary location of Mn(II) sorption on δ-MnO2. Similar to 

previous studies, we found that Ca2+  desorbed the most Mn(II), twice as much as the 

amount desorbed by PO43- or the background electrolyte for both initial reactions 

with either As(III):Fe(II)=1:1 or 1:10 (Table 4.1).  

4.3.5 Fe(II) Desorption and Fe(III)-(hydr)oxides after Desorption 

When the As(III) to Fe(II) ratio is 1 to 1 in the initial reaction, the Fe(II) 

concentration in solution followed the dilution curve very well, no matter what 

desorptive was used (Fig. 4.2). This suggests that no Fe(II) is desorbed from the solid 

phase using any of the three desorptives, which agrees with our previous finding in 

Chapter 3 that no Fe(II) is adsorbed on the solid phase during As(III) oxidation by δ-

MnO2 in the presence of Fe(II) when the As(III) to Fe(II) ratio is 1 to 1. Besides, Fe 

K-edge XANES analysis also proved that no Fe(II) was found to be associated with 

the solid phases after 24 hours of desorption (Fig. 4.5 a). When the As(III) to Fe(II) 

ratio was 1 to 10 in the initial reaction, Fe(II) was desorbed from the solid phase (Fig. 

4.3). Similar to Mn(II) desorption, Ca
2+

 desorbed the largest amount of Fe(II), 13.27 

μmol, since Ca
2+

 reaction with sorption sites on Fe/Mn-oxides was most similar to 

Fe(II). PO4
3-

 and the background electrolyte desorbed almost equal amounts of Fe(II), 

9.7 and 9.19 μmol, respectively (Table 4.1). For all three desorptives,  Fe(II) peaks 

were observed in the Fe XANES spectra (Fig 4.5 a), meaning that there were still  

amounts of Fe(II) associated with the solid phases after 24 hours of desorption.  

Fe K-edge EXAFS spectra of the solid phases after 24 hours desorption were 

also analyzed by linear combination fitting in order to investigate the composition of 
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Figure 4.5  (a) Fe K-edge derivative XANES; (b) Fe K-edge EXAFS; and (c) Fourier transformed EXAFS of desorption 

by Ca
2+

, PO4
3-

, and background electrolyte (BE) for 24 hours after 100 μmol/L As(III) oxidation by 2 g/L δ-

MnO2 in the presence of either 100 or 1000 μmol/L Fe(II) for 36 hours at pH 6. XAS data are presented as 

solid lines, and fits are presented as dashed lines.  
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Table 4.3 Mineralogical composition of Fe(III)-(hydr)oxides derived from linear 

combination fits to k
3
-weighted Fe EXAFS data of 100 μmol/L As(III) oxidation by 2 

g/L δ-MnO2 in the presence of either 100 or 1000 μmol/L Fe(II) for 36 hours at pH 6, 

and then desorbed by Ca
2+

, PO4
3-

, and background electrolyte (BE) for 24 hours.    

Sample Desorbent 
Standards 

R factor 
Ferric Arsenate Ferrihydrite Goethite Lepidocrocite 

As(III):Fe(II)=1:1 

BE 51.6 ± 2.8 % 42.3 ± 3.2 % 6.1 ± 0.9 % - 0.0789 

Ca
2+

 43.7 ± 4.1 % 46.8 ± 2.3 % 5.3 ± 2.0 % 4.2 ± 0.9 % 0.0714 

PO4
3-

 41.2 ± 2.1 % 47.3 ± 1.8 % 7.0 ± 1.4 % 4.5 ± 0.5 % 0.0593 

As(III):Fe(II)=1:10 

BE 23.1 ± 1.1 % 60.3 ± 4.3 % 8.3 ± 0.7 % 8.3 ± 1.3 % 0.0452 

Ca
2+

 21.3 ± 1.7 % 58.1 ± 2.8 % 10.7 ± 0.9 % 9.9 ± 1.2 % 0.0507 

PO4
3-

 16.3 ± 1.3 % 60.8 ± 3.5 % 17.1 ± 1.6 % 5.8 ± 0.4 % 0.0463 

 

Note: R factor, goodness of fit, R=∑(data-fit)
2
/∑data

2
. 

 

 

the Fe(III)-(hydr)oxides. The fitting results are shown in Table 4.3 and data fits are 

plotted in Figure 4.5 b. The mineralogical composition of the solids before desorption 

was presented in Chapter 3 (Table 3.3). Four major Fe(III)-(hydr)oxides were found in 

the solids after desorption, including ferric arsenate, ferrihydrite, goethite and 

lepidocrocite, which are the same as our previous results. For the initial reaction with 

As(III):Fe(II)=1:1, the ferric arsenate fraction decreased from 56.1 % before 

desorption to 41.2 ~ 51.6 % after desorption, while the fractions of ferrihydrite, 

goethite and lepidocrocite increased slightly. This indicates that the As associated with 

Fe(III) (hydr)oxides during the initial reaction was not immobile and could be partially 

dissolved during the desorption reaction, resulting in the release of As. For the initial 

reaction with As(III):Fe(II)=1:10, the fraction of each Fe(III)-(hydr)oxide does not 

change much after desorption.  
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4.4 Conclusions 

The mobility of As in the environment is governed largely by its chemical 

speciation, as well as mineral-surface interactions. As adsorbs to a wide range of 

minerals, including Fe, Al and Mn oxides. The current study examined the competitive 

sorption/desorption between As and two environmental significant ions (Ca
2+

 and 

PO4
3-

) from a mixed Fe/Mn-oxides surface. This study showed that As can be 

desorbed from the Fe/Mn-oxides surface, to some extent, under all conditions studied. 

Even the background electrolyte (Na
+
) was able to desorb As to some degree, 

indicating that a portion of As sorbed on Fe/Mn-oxides is potentially quite mobile in 

the environment. More As(III) was desorbed than As(V), due to the weaker binding of 

As(III) with Fe/Mn-oxides. Although some sorbed As can be desorbed from the 

Fe/Mn-oxides surface, there is still a certain amount of As that was not desorbed under 

any of the conditions studied. Thus, if As comes in contact with Mn and Fe oxides in 

nature, these minerals could potentially decrease As availability and mobility by 

oxidation of As(III) and sorption of both As(III) and As(V). This study emphasizes the 

importance of understanding competitive effects of co-existing ions when predicting 

As mobility in the environment.  
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Appendix A 

Characterization of δ-MnO2 

The following characteristics of synthetic δ-MnO2 were conducted by Brandon 

Lafferty in previous publications (Lafferty et al., 2010 a and b). The average oxidation 

state of Mn in the δ-MnO2 structure used in these experiments was determined, by 

oxalate titration (Villalobos et al., 2003), to be 3.95. The point of zero charge (PZC) of 

δ-MnO2 is 1.85 using the prolonged salt titration method (PST) appropriate for Mn-

oxides as outlined by Tan et al. (2008). X-ray diffraction (XRD) confirmed that the 

only product of the synthesis was poorly -crystalline δ-MnO2. The surface area of δ-

MnO2 was 273.5 m
2
, using BET analysis in which air-dried δ-MnO2 was purged with 

a dry He atmosphere at room temperature (~25 
o
C) for 16 hours to remove as much 

water as possible without heating the mineral. An average δ-MnO2 particle size of 450 

nm was determined by dynamic light scattering (Zetasizer Nano Series, Malvern 

Instruments Ltd). High-resolution transmission electron microscopy (HRTEM) further 

showed that δ-MnO2 had few small crystalline domains surrounded by poorly-

crystalline (i.e. TEM amorphous) material, all of which were aggregated together into 

larger particles that varied in size (Figure A.1).  
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Figure A.6 Transmission electron micrographs of synthetic δ-MnO2. 
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Appendix B 

Arsenic Sorption Calculation 

The flow rate used for all stirred-flow reactions in this study was 1 mL/min, 

and the concentration of reactants when each reaction started (i.e. t=0) was zero. Thus, 

when  a reactant was introduced into the stirred –flow reactor, a certain time was 

required before the reactant concentration in the reactor reached equilibrium (i.e. 

concentration of a reactant entering the reactor equaled the concentration of that same 

reactant leaving the reactor, assuming no retention of that reactant in the stirred-flow 

reactor). For example, in this study, when 100 µmol/L As(III) was  introduced to the 

stirred-flow reactor (chamber volume = 12 ml), about 1.1 hours was required for the 

concentration of total As flowing out of the reactor to equal 100 µmol/L (assuming no 

As sorption).   

In order to calculate the amount of As sorbed during stirred-flow reactions, a 

dilution curve was calculated for each experiment, representing the amount of As 

expected in the reactor effluent over time. Equation A1 was used to calculate dilution 

curves (Bar-Tal et al., 1990), where Cout is the concentration of As leaving the reactor 

(mol/m3), Cin is the concentration of As introduced into the reactor (mol/m3), and t is 

time (min). The variable q in equation A1 represents the flow rate (m3/min) divided 

by the volume of the reactor (m3), in the experiments conducted for this research, q= 

0.083 

Cout= Cin [1 – exp (- q t)]                                                                           (A1) 
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In order to calculate the amount of As sorbed/desorbed during stirred flow 

reactions, the integral of the area between the dilution curve and the curve 

representing the total amount of As removed from the reactor (solid line and dots, 

respectively, in Figure A.2 and Figure A.3) was determined.   

 

 

 
 

Figure A.7 The concentration (μmol/L) of As in the effluent of a stirred-flow 

experiment reacting 2 g/L δ-MnO2 with 100 µmol/L As(III) flowing at 1 

mL/min for 48 hours. Also shown is the calculated dilution curve 

representing the concentration (μmol/L) of As expected in stirred-flow 

reactor effluent if no sorption occurs. 
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Figure A.8 The concentration (μmol/L) of As(V) in the effluent of a stirred-flow 

experiment reacting 2 g/L δ-MnO2 with 100 µmol/L As(III) and 100 

µmol/L Fe(II) flowing at 1 mL/min for 36 hours, prior to desorption by 

background electrolyte for 24 hours (only desorption part is shown). Also 

shown is the calculated dilution curve representing the concentration 

(μmol/L) of As(V) expected in stirred-flow reactor effluent if no 

desorption occurs. 

 

0

10

20

30

40

50

0 4 8 12 16 20 24

C
o

n
ce

n
tr

at
io

n
 (
μ

m
o

l/
L)

 

Time (h) 

Dilution Curve

As(V)



 131 

Appendix C 

Characterization of Ferric Arsenate 

Ferric arsenate (FeAsO4·4-7H2O) used in this study was synthesized using the 

method described by Jia et al. (2006). Ferric arsenate is a precursor to scorodite 

(FeAsO4·H2O) formation. Terms such as amorphous scorodite, poorly crystalline 

scorodite and poorly crystalline ferric arsenate were used to describe ferric arsenate in 

previous publications (Demopoulos et al., 1995; Langmuir et al., 1999, 2006; Jia et al., 

2006 ). Natural occurrences of ferric arsenate-like compounds were reported from a 

sea-floor hydrothermal vent (Rancourt et al., 2001), acid mine drain-age precipitates 

(Carlson et al., 2002), and mine tailings (Langmuir et al., 1999; Paktunc et al., 2003).  

The As K-edge EXAFS spectrum of synthesized ferric arsenate is shown in 

Figure A.4. A characteristic feature of the ferric arsenate precipitates is the presence of 

a subtle double-hump feature at about 4 Å and 5 Å of the broadened first oscillation, 

which is analogous to that of the amorphous ferric arsenate observed in gold mine 

tailings (Paktunc et al., 2003, 2004). Furthermore, a subtle oscillation feature present 

in scorodite at about 10.5 Å does not exist in ferric arsenate, which is similar to that 

observed in the ferric arsenate reported by Paktunc et al. (2003). Shell-by-shell fitting 

of this synthetic ferric arsenate (Table 4.1) gives an As-Fe distance at 3.33 Å with a 

coordination number of 1.79, which is in good agreement with previous studies that 

reported the As-Fe distance of ferric arsenate is from 3.30 Å to 3.33 Å and the 

coordination number varies from 1.8 to 2.8 (Paktunc et al., 2003, 2008; Chen et al., 

2009). The binding structure of ferric arsenate is similar to samples of As sorbed on 
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Fe-oxides and a scorodite mineral. However, the As-Fe distance for the adsorption 

sample is often shorter (3.25 Å to 3.30 Å), while the As-Fe distance for crystalline 

scorodite is longer (3.33 Å to 3.36 Å) and with much higher coordination numbers of 

about 4 (Paktunc et al., 2008; Chen et al., 2009).  

 

 

Figure A.9 As K-edge EXAFS spectrum of synthesized ferric arsenate. 

 
 

Figure A.10 Transmission electron micrographs of synthetic ferric arsenate. 
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Transmission electron microscopy (TEM) (Figure A.5) further shows this 

synthetic ferric arsenate is quite amorphous. Particles in the ferric arsenate have 

irregular shapes with somewhat rounded outlines. These particles appear to aggregate 

into clusters varying in size from about 10 to 100 nm.  

 

 
 

Figure A.11 Structural models envisioned for ferric arsenate. (a) A single chain 

formed by corner linkage of FeO6 octahedra and AsO4 tetrahedra; (b) A 

single chain composed of FeO6 octahedra and AsO4 tetrahedra (Paktunc 

et al., 2008). 

A postulated ferric arsenate structure by Paktunc et al. (2008) is shown in 

Figure A.6, which is analogous to the butlerite (FeSO4(OH)·2H2O) structure.  

 

 

  



 134 

REFERENCES 

 

Bar-Tal, A., S. Feigenbaum, D.L. Sparks, and J.D. Pesek. 1990. Analyses of 

adsorption kinetics using a stirred-flow chamber: I. Theory and critical tests. Soil 

Sci. Soc. Am. J. 54: 1273-1278. 

 

Carlson, L.; Bigham, J. M.; Schwertmann, U.; Kyek, A.; Wagner, F. 2002. Scavenging 

of As from mine drainage by schwertmannite and ferrihydrite: a comparison with 

synthetic analogues. Environ. Sci. Technol. 36: 1712 -1719. 

 

Chen, N., Jiang, D. T., Cutler, J., Kotzer, T., Jia, Y. F., Demopoulos, G. P. and 

Rowson, J. W. 2009. Structural characterization of poorly-crystalline scorodite, 

iron(III)-arsenate co-precipitates and uranium mill neutralized raffinate solids 

using X-ray absorption fine structure spectroscopy. Geochim. Cosmochim. Acta 

73: 3260–3276. 

 

Lafferty, B., M. Ginder-Vogel and D.L. Sparks. 2010 a. Arsenite oxidation by a poorly 

crystalline manganese-oxide 1. Stirred-flow experiments. Environ. Sci. Technol. 

44: 8460-8466. 

 

Lafferty, B., M. Ginder-Vogel, M. Zhu, K.J.T. Livi and D.L. Sparks. 2010 b. Arsenite 

oxidation by a poorly crystalline manganese-oxide 2.Results from X-ray 

absorption spectroscopy and X-ray diffraction. Environ. Sci. Technol. 44: 8467–

8472.  

 

Langmuir, D., Mahoney, J., MacDonald, A. and Rowson, J. 1999. Predicting arsenic 

concentrations in the porewaters of buried uranium mill tailings. Geochim. 

Cosmochim. Acta. 63: 3379–3394. 

 

Paktunc A. D., Foster A. and Laflamme J. 2003. Speciation and characterization of 

arsenic in Ketza River Mine tailings using X-ray absorption spectroscopy.Environ. 

Sci. Technol.37, 2067–2074. 

 

Paktunc D., Foster A., Heald S. and Laflamme G. 2004. Speciation and 

characterization of arsenic in gold ores and cyanidation tailings using X-ray 

absorption spectroscopy. Geochim. Cosmochim. Acta68, 969–983. 

 

Paktunc, D., Dutrizac J., and Gertsman, V. 2008. Synthesis and phase transformations 

involving scorodite, ferric arsenate and arsenical ferrihydrite: implications for 

arsenic mobility. Geo-chim. Cosmochim. Acta72: 2649–2672. 

 

Rancourt, D. G., Fortin, D., Pichler, T., Thibault, P. J., Lamarche, G., Morris, R. V. 

and Mercier, P. H. J. 2001. Mineralogy of a natural As-rich hydrous ferric oxide 



 135 

coprecipitate formed by mixing of hydrothermal fluid and seawater: implications 

regarding surface complexation and color banding in ferrihy-drite deposits.Am. 

Mineral. 86: 834–851. 

 

Tan, W. F., S. J. Lu, F. Liu, X.-H. Feng, J.-Z. He, and L.K. Koopal. 2008. 

Determination of the point-of-zero charge of manganese oxides with different 

methods including an improved salt titration method. Soil Sci. 173: 277-286. 

 

Villalobos, M., B. Toner, J. Bargar, and G. Sposito. 2003. Characterization of the 

manganese oxide produced by Pseudomonas putida  strain MnB1. Geochim. 

Cosmochim. Acta 67: 2649 -2662. 

 


