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ABSTRACT 

Narayan Bhandari 

Doctor of Philosophy 

Temple University 2013 

Doctoral Advisory Committee Chair: Dr. Daniel R Strongin 

 

Anthropogenic activities and natural processes over time have led to the release of 

toxic heavy metal contaminants into the environment. As a consequence, there is an 

increasing number of illnesses caused by the exposure of humans to heavy metals and 

metalloids. The dissertation work presented here focused on the synthesis, 

characterization, and understanding of the surface chemistry, as well as the photo-

reactivity, of a variety of iron (oxyhydr)oxide  nano-materials that have relevance for the 

remediation of heavy metal contaminants, such as arsenic and chromium in aqueous 

environments. The research focused on the photo-induced reductive dissolution of a 

nano-dimensioned iron oxyhydroxide, ferrihydrite, in the presence of oxalate, the photo-

induced arsenite oxidation, and the simultaneous redox transformation of arsenite and 

chromate in the presence of ferrihydrite and another environmentally relevant iron 

oxyhydroxide, goethite. 

The photo-reductive dissolution of ferrihydrite (using simulated solar radiation) in 

the presence of oxalic acid was investigated with surface sensitive in situ and ex situ 

techniques that included attenuated total reflectance Fourier transform infrared 

spectroscopy. Ferrihydrite at a solution pH of 4.5 exhibited an induction period where the 

rate of Fe(II) release was limited by a low concentration of adsorbed oxalate due to the 
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site-blocking of carbonate that was intrinsic to the surface of the ferrihydrite starting 

material. The photo-induced decarboxylation of adsorbed oxalate also ultimately led to 

the appearance of carbonate reaction product (distinct from carbonate intrinsic to the 

starting material) on the surface. Ferrihydrite that was prepared under carbonate free 

condition showed a rapid release of Fe(II) upon irradiation and no induction period was 

observed.  

Arsenite [As(III)] oxidation in the presence of ferrihydrite and goethite was also 

investigated. Ferrihydrite or goethite when exposed to As(III) in the dark led to no 

change in the oxidation state of As(III) reactant.  However, exposure of As(III) in the 

presence of ferrihydrite or goethite to simulated solar light resulted in the oxidation of 

As(III) and a reduction of surface Fe(III) leading to an overall increase in the total As 

removal. At a solution pH of 5, this conversion of As(III) to As(V) on ferrihydrite 

resulted in the partitioning of a stoichiometric amount of Fe(II) into the aqueous phase 

and the majority of the As(V) product remained bound to the ferrihydrite surface. In 

contrast, the As(III)/goethite system showed a different photochemical behavior in the 

absence or presence of dissolved oxygen. Under oxic conditions, in contrast to 

ferrihydrite, the majority of the As(V) product was in the aqueous phase and the relative 

amount of aqueous Fe(II) was significantly less than in the ferrihydrite circumstance. 

Experimental observations suggested that in the oxic environment, Fe(II) on the goethite 

surface was heterogeneously oxidized to Fe(III) by dissolved oxygen resulting in the 

formation of reactive oxygen species that led to the further oxidation of As(III) in 

solution. Similarly, various experimental investigations were conducted to test the 

simultaneous removal of As(III) and Cr(VI) from solution. Our results suggested that a 
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surface mediated spontaneous electron transfer between As(III) and Cr(VI) occurred in 

the presence of Fe- and Al-(oxy)hydroxides. Both infrared and x-ray absorption 

spectroscopies were conducted to get more insight into the charge transfer reaction and 

mechanism of electron transfer reaction. 

In summary, the research discussed here should help to understand the details of 

oxidation/reduction reactions occurring at mineral-water interfaces. Perhaps more 

importantly, the methodologies discussed in this disseration could potentially be novel 

and eco-friendly approaches for arsenite as well as hexavalent chromium remediation.  
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                                                            CHAPTER 1 
 

 
INTRODUCTION 

 
 
 

                                                1.1 Overview 

 

The natural cycling of various elements present in the Earth’s environment is 

driven by redox processes. For example, cycling of nutrients such as of carbon, nitrogen, 

sulfur, phosphorus and iron as well as trace elements and contaminants such as arsenic, 

chromium, mercury and uranium are affected by redox processes occurring in the natural 

environment. In fact, the energy needed to sustain life is provided by various redox 

processes occurring in living organisms. Being the second most abundant and redox 

active metal on the Earth’s surface, iron plays a very important role in environmental 

biogeochemistry of various species.1, 2 The oxidized form of iron [Fe(III)] is only soluble 

under extremely acidic conditions, and often presents itself in mineralized form. Its redox 

counterpart, ferrous iron [Fe(II)], is unstable and is readily oxidized to Fe(III). Therefore, 

aqueous Fe(II) is considered as a strong reducing agent. Fe(III)-bearing minerals can be 

present in ranges of sizes from nanometer to micron, dimensions with varying stability 

and surface properties. One of the iron bearing mineral families that is abundant in the 

Earth’s environment is iron (oxyhydr)oxide. Some of the widely present and extensively 

studied members are ferrihydrite [Fe8.2O8.5(OH)7.4·3H2O],3, 4 goethite [�-FeO(OH)], 

lepidocrocite [�-FeO(OH)] and hematite (�-Fe2O3).2 Their ubiquity in natural 

environments, unique surface properties and redox activities have made the iron 
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oxyhydroxdes the subject of a vast number of scientific studies in energy, medicine and 

environmental applications.5-7 As iron oxyhydroxide minerals generally appear in the 

environment with as small (nano to micrometer diameter/length) particles with high 

specific surface areas and appreciable affinities for the binding of toxic species, they have 

been in the focus for the remediation of environmental contaminants that include As and 

Cr.8, 9 Under certain conditions, however, Fe(III)-(oxyhydr)oxides can be reduced 

abiotically or biotically (e.g., by sulfide, ascorbate, citrate or by dissimilatory iron-

reducing bacteria),10-12 thereby releasing potentially harmful species that may have been 

adsorbed onto mineral surface. Indeed, (reductive) dissolution (such as weathering of Fe- 

mineral) is considered one of the principal reasons for the release of contaminants 

(arsenic, chromium etc) into the ground water. Reduction of Fe(III)-minerals could 

produce soluble Fe(II) and a wide range of secondary minerals such as siderite (FeCO3), 

ferrihydrite, magnetite (Fe3O4) and green rusts.1, 3, 4  Aqueous phase or solid-state Fe(II) 

can act as a powerful reductant in anoxic environment and it could drive oxidation 

reactions, for example As(III) oxidation, in the presence of dissolved oxygen.13-16 

Therefore, the dissolution of iron(III) (oxyhydr)oxides can play an important role in the 

cycling of iron in natural waters, which is coupled to the dynamics of many other 

chemical compounds in the environment. Thus, a mechanistic understanding of these 

redox processes occurring at the mineral-water interface is important for predicting and 

protecting water quality and/or nutrients dynamics in the environment. Despite the 

significant interest, there is still a considerable knowledge gap in understanding of the 

mechanism of how electron transfer occurs between adsorbates at the mineral/water 

interface. A goal of the research presented in this thesis is to help bridge this gap by using 
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model systems of near surface and subsurface Earth environments. In particular the thesis 

will focus on the interaction of iron oxyhydroxide with organic reductants such as oxalate 

and redox active environmental contaminants that include arsenic and chromium. Such 

studies will not only increase our understanding of redox reactions at the mineral-water 

interface, but that such studies will open up opportunities for the development of 

contaminant remediation/sequestration strategies.  

 

1.2 Photo-induced Reductive Dissolution of Iron Oxides 

 

Iron is an essential element for all organisms and it is the 4th most abundant 

element in the Earth’s crust. It is interesting then that despite its high abundance, 

phytoplankton’s primary productivity may be limited by the amount of bioavailable iron 

present in the seawater.17, 18 One reason for the low bioavailability of iron in natural 

environments is that the metal is largely found in its thermodynamically most stable 

oxidation state of Fe(III), which is relatively insoluble at circumneutral pH.17 Thus, any 

mechanism that results in the dissolution of ferric-iron-bearing oxides to soluble ferrous 

iron in aqueous systems plays an important role in the formation of bioavailable iron.19 

However, as stated above, the (reductive) dissolution of naturally occurring iron oxides 

could result in the release of various species (including toxic ones) initially sorbed onto 

the mineral surface.  

The conversion of ferric iron into labile and bioavailable ferrous iron can be 

considerably enhanced in many chemical environments by photo-reductive mechanisms. 

20, 21 Day, night and seasonal variations in the concentration of ferrous and ferric iron in 
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aquatic environments emphasizes the role of solar radiation on the reductive dissolution 

of iron (especially in environments rich in organics and (oxy)hydroxides.22-24 Therefore, 

solar light induced Fe(III)-mineral dissolution reactions, at least in part, in the presence of 

natural organic plays a significant role making ferrous iron bioavailable as a 

micronutrients to support the life on the Earth. 

The reductive dissolution of Fe(III)-bearing minerals occurs in the presence of 

strong reducing agents such as ascorbic acid, citric acid (in dark) or by the photo-induced 

mechanism in the presence of  (weak or mild) organic or inorganic reducing agents such 

as oxalate, nitrate.10, 25 Only a small amount of Fe(III) mineral dissolution has been 

experimentally observed 26 in the absence of acid even if the mineral is exposed to light. 

In general, the rate of reductive dissolution of Fe(III) oxide in the presence of  a reducing 

organic ligand  is at least an order of magnitude faster compared to non-reductive 

dissolution mechanisms (e.g., proton-promoted or ligand-promoted thermal dissolution) 

or to the rate of dissolution in the presence of light without organic reductant.19  

There has been a significant interest in understanding the mechanism for the 

photo-induced reductive dissolution of the iron oxide minerals.  Based on the electronic 

structure of the iron oxide mineral, Sherman27 has proposed a thermodynamic model of 

photochemical reduction processes. It was suggested that light absorption by 

semiconducting iron oxides mineral results in the formation of a hole (h+) in the O2p 

states of the conduction band together with an electron in the Fe(3d) states that make up 

the valence band. The electron generated in the conduction band can reduce Fe(III) to 

Fe(II)  and valence-band hole can oxidize O(-II) to O(-I). The reduced Fe(II) releases 

from the surface and reduced oxygen can combine with a hole in the valence band and 
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produce peroxide. However, this process is believed to be limited by efficient 

recombination of photogenerated electrons and holes within the bulk.28 Photo-induced 

reductive dissolution of  Fe(III)-minerals in the presence of reducing organic ligands 

(such as oxalate) is enabled by light-induced ligand-to-metal charge transfer excitations 

(LMCT) either within the semiconducting bulk or directly at the surface.19,26, 29 Organic 

carboxylic acids, such as oxalic acid [(COOH)2, a focus of this thesis], facilitates the 

dissolution of iron (oxy)hydroxide upon adsorption in the presence of light.  Based on 

prior research that has generally relied on inferences from kinetic measurements, Siffert 

et al. and Sulzberger et al. have proposed two possible mechanisms for the photo-

reductive dissolution of iron (oxy)hydroxide in the presence of organic ligands such as 

oxalate.19, 30 In the first, oxalate derived surface complexes absorb light resulting in an 

electronically excited state that is followed by charge transfer resulting in the reduction of 

Fe(III) and the oxidation of oxalate. In a second scenario, bulk iron acts as a 

chromophore and takes part in the heterogeneous photoredox reaction.  It is proposed that 

either mechanistic case results in the formation of reduced iron, CO2 and the radical 

species, CO2
�–.19 Since the conclusions drawn from these prior studies are largely based 

on the ex situ analysis or the kinetic measurements, the exact nature of the dissolution 

process or information regarding the reaction intermediates are still largely unknown. 

Using in situ techniques as well as Density Functional Theory calculation, we present 

mechanistic details of the photo-dissolution process in Chapter 3 of this thesis. The fate 

of various products and their effect on the photo-dissolution process as it relates to 

environmental remediation are discussed. 
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1.3 Arsenic in the Environment 
 
 

Arsenic is a metalloid ranked 20th in abundance in the Earth’s crust and 12th in the 

human body.31 Although arsenic (As) has some beneficial medical or industrial uses,32, 33 

it is a toxic element and is classified as a Group I human carcinogen. Some have even 

suggested that the words “arsenic” and “poison” have become almost synonymous.34 The 

physiological mechanism of arsenic genotoxicity is not yet fully understood, but it is 

suspected to be a result of the ability of arsenic to inhibit DNA replication or the function 

of repair enzymes.35 The attack of mitochondrial enzymes by arsenic compounds which 

results in impaired tissue respiration is also suggested to be related to arsenic cellular 

toxicity. No matter what the mechanism of arsenic toxicity, it is well accepted that 

arsenic can cause skin cancers, cardiovascular and kidney diseases and other various 

health complications. 35-37 

Arsenic (especially arsenate) behaves like phosphorus when present in soil and 

natural water sources, however it is more mobile than phosphorus and can undergo 

changes in its oxidation states.38 Arsenic contamination in groundwater is widely 

recognized as a global health problem. Over 150 million people in more than 70 countries 

are affected by a high level of arsenic in drinking water including the United States.39-41 

One major geographic area that suffers from arsenic poisoning is Southern Asia, where 

millions of people consume drinking water with arsenic concentrations that exceed the 

maximum contamination level (<10µg/liter) recommended by the World Health 

Organization (WHO).39 High arsenic concentrations in the natural environment originate 

from various natural processes like geothermal sources,42, 43 weathering of As-bearing 
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minerals,40, 43, 44 microbial activities 45 or as a result of anthropogenic activities.40, 44, 46-48 

Figure 1.1 summarizes the principal routes of natural arsenic recycling in the 

environment.34  

In the natural environment As can exist in a range of oxidation states and be 

bound to both inorganic and organic ligands. However, in aqueous media, inorganic 

arsenic mostly occurs as the oxyanions of As(III) and As(V); arsenite and arsenate 

respectively. Aqueous arsenite [As(III)] [pKa1=9.2] occurs as a neutral species (H3AsO3) 

while arsenate [pKa1 =2.2, pKa2 =6.9, pKa3 = 11.5] mainly occurs as doubly (H2AsO4
-) 

and singly (HAsO4
2-) protonated species in most natural environments.49 Of the two 

oxyanions of As, arsenite predominately occurs at a circumneutral pH and is 25-60 times 

more toxic than arsenate.50 Recently it has been shown that the dermal uptake of As(III) 

in the human body is 29 times faster than As(V) indicating that even dermal exposure 

could be detrimental to human health, which was initially considered to be a minor 

exposure route.51 Since arsenite mostly exists as a neutral oxyacid at circumneutral pH, it 

does not readily sorb onto mineral surface and hence is a highly mobile species in the 

environment. Arsenate As(V), on the other hand, largely exists as an oxyanion in aqueous 

media and readily adsorbs onto a range of mineral surfaces. While both species form 

inner-sphere complexes on iron oxyhydroxide surfaces arsenate typically shows a 

stronger binding.52-54  

Various remediation methodologies have been developed to mitigate the alarming 

situation of arsenic contamination.38, 41, 55-59 Since As(V) is generally less mobile, As 

immobilization can be enhanced by the oxidation of As(III) to As(V).60 In this context, 

oxidation of As(III) has two major advantages of decreasing the toxicity and  maximizing 
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the adsorption of the metalloid. Various treatment methods have been studied for the 

oxidation of As(III): ozone oxidation,61 Fenton reaction,62 UV/TiO2,63 H2O2,64 and 

oxidation by manganese oxides.65 Among the many oxidation methods that have 

relevance to the conversion of As(III) to As(V), the photo catalytic oxidation (PCO) of 

As(III) has received considerable attention as a more advanced approach. The photo-

oxidation of As(III) in the presence of  dissolved  Fe(II), Fe(III), and citrate has also been 

suggested,66, 67 however an optimal ratio of aqueous Fe and citrate needs to be 

continuously maintained for effective removal.67  

Other photochemical conversion schemes relevant to the oxidation of As(III)  

involve UV-ferrioxalate,68 UV-peroxydisulfate ions 69 and vacuum–UV lamp radiation 

(185 and 254nm).70 All these strategies show promise, however, they all require a 

separate adsorbent for the complete removal of the relevant reactants and products and/or 

need a cumbersome technology to apply the strategy. Of the various PCO methods, TiO2 

assisted As(III) oxidation has been extensively studied in the past decade.63   

TiO2 photo-catalysis is commonly applied for the photodegradation/detoxification 

of a wide range of aqueous and gas phase pollutants.71 Due to its low cost, stability 

against photocorrosion, and biological and chemical inertness TiO2 has been widely used 

in photocatalysis.71, 72 In particular, photo-catalytic As(III) oxidation by the TiO2 system 

has been well studied and  documented.73, 74, 75  
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 Figure 1.1:  Natural cycling of As. Reprinted with permission from reference 34  
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However, a major drawback of the TiO2 (band gap ~3.2 eV, requires light source 

wavelength < 380 nm) system is that a very small portion of solar radiation (3–5%) is 

able to activate the material and drive chemical reactions.76 Therefore to maximize the 

activity of the system an artifical lighting (e.g., UV lamp) is necessary. Furthermore, 

TiO2 photocatalysis requires the use of coagulants for the complete removal of both the 

aqueous As species and TiO2 particles,77 since the oxidized arsenite still very toxic to 

human health.  

In contrast to TiO2, iron (oxyhydr)oxides have a relatively narrow band gap (2.2-

2.8 eV) and therefore can make use of a larger fraction of the solar spectrum.27, 78 In 

addition, iron oxides are ubiquitous, cheap and generally have a high affinity for many 

contaminants. One disadvantage though is that iron oxide particles often undergo a 

dissolution process in the presence of light and reductant known as photo-corrosion. The 

individual adsorption of arsenite and arsenate on iron (oxyhydr)oxide has been the 

subject of many prior studies.34, 38, 40 The use of these materials, however, to facilitate the 

conversion of As(III) to As(V) has to the best of our knowledge not been pursued. 

Therefore, one of the goals of this study is to understand whether iron oxide 

semiconducting materials are capable of oxidizing As(III) in the presence of light. 

Another fundamental aspect of this study is to understand the fate of arsenic and Fe-

(oxyhydr)oxide minerals when subjected to solar radiation. The aqueous concentration, 

mobility, and cycling of arsenic has been suggested to be impacted by its sorption to and 

desorption from naturally occurring Fe-(oxyhydr)oxide surfaces in the environment.35 

However, the photochemistry of this system relevant to near surface aqueous 
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environment where As is in equilibrium with natural iron oxides has not been explored. 

Results presented in this thesis address this photochemistry for the first time. 

 

 

1.4 Chromium in the Environment 

 

Chromium is a steel-gray colored metallic element abundant in many natural 

environments that include water, soil and soil sediment. It is the 21st most common 

element present in the Earth’s crust.79 In nature it is generally present in an inorganic 

form and common oxidation states of natural chromium are trivalent chromium [Cr(III)] 

and hexavalent chromium [Cr(VI)]. Cr(VI) is acutely toxic, mutagenic, pervasive and is a 

confirmed human carcinogen.80, 81 On the contrary, Cr(III) is an essential nutrient in 

animal physiology and plays an important role in glucose and lipid metabolism.82 Some 

recent reports have revealed that 38% of municipal sources of drinking water in 

California have detectable levels of Cr(VI)83 making Cr(VI) remediation an area of 

interest. 

Generally, Cr compounds are released into the natural environment by improper 

disposal, sewage release, mine leaching, spills occurring at metal processing and wood 

preserving facilities, and through pigmentation and leather tanning processes.81, 84, 85 Cr 

[especially Cr(VI)] is designated by the U.S. Environmental Protection Agency (USEPA) 

as a priority pollutant due to its ability to cause genetic mutations and cancer. It is 

suggested that Cr(VI) appears to be readily taken up by cells because it is a tetrahedral 

anion (chromate) that mimics phosphate and sulfate salts that are taken up into cells via 
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active transport systems. Chromate is also shown to be capable of causing damage to 

DNA as well as catalyzing generation oxygen radicals.86  

There are various techniques currently in use for Cr(VI) sequestration and 

remediation.87  A leading technology involves the reduction of Cr(VI) to less mobile and 

less harmful Cr(III) compounds.88 Cr(III) forms sparingly soluble precipitates [Cr(OH)3] 

in the pH range of ~6-11.5.  Therefore, reduction of Cr(VI) species results in the general 

immobilization of Cr. A recent literature review by Barrera-Diaz  et al. has summarized 

currently used Cr(VI) reduction methodologies.88  

As discussed above, the oxidation of As(III) to As(V) also significantly reduces 

its toxicity and mobility. Therefore, processes involving the redox transformations of 

Cr(VI) and As(III) in the environment have been proposed to be some of the most 

efficient methods to immobilize/detoxify these toxic species.89 Although there has been a 

growing interest in the development of remediation of these species, an approach of 

coupling the redox properties of both species so that the oxidation of As(III) to As(V) 

occurs concomitantly with the reduction of Cr(VI) to Cr(III) has not been pursued to date. 

Based on the standard half-cell redox potentials [given below equation (1), (2) and (3)] of 

As(III) oxidation and Cr(VI) reduction in acidic condition in aqueous solution,89, 90 

                              HCrO4
- + 7H+ + 2e- = Cr3+ + 4H2O                                                    1                       

                                                     E0
1 = 1.38 VNHE 

                            H2AsO4
- + 3H+ + 2e- = HAsO2

- + 2 H2O                                             2               

                                                  E0
2 = 0.4 VNHE     
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                   2HCrO4
-   +  3HAsO2

- + 5H+   =  2Cr3+ + H2AsO4
-   +2H2O                           3             

                                               E0 = E0
1 - E0

2 =  0.98 VNHE 

 it is thermodynamically feasible that As(III)/Cr(VI) redox chemistry can be coupled 

which will help to detoxify both species at the same time. These contaminants are widely 

present in almost all EPA and DOE (superfund) waste sites.91-93 In addition, the removal 

of organic and inorganic toxic species including As(III) and Cr(VI) via adsorption on 

synthetic and naturally occurring minerals (such as iron oxides, aluminum oxides) has 

been an area of intense study, but there is still a considerable knowledge gap in the 

understanding of how these mineral surfaces can facilitate the coupled redox 

transformation of two species. In Chapter 6, results are presented that will show a novel 

green approach for the simultaneous remediation of both As(III) and Cr(VI) through 

surface mediated redox chemistry. The mechanistic detail of this mineral assisted coupled 

electron transfer between As(III) and Cr(VI) and the environmental implication for this 

reaction are discussed. 

 

1.5 Dissertation Outline 

The main objective of the work described in this dissertation is to investigate the 

photochemistry of iron oxyhydroxides toward the redox transformation of organic 

reductants such as oxalate and metal(loid) contaminants that include arsenic and 

chromium. More importantly, this study investigates and presents results that could 

potentially lead to green approaches to the remediation of arsenic and hexavalent 
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chromium in aqueous systems. Chapter 2 gives a description of the materials 

(ferrihydrite, goethite and lepidocrocite) synthesis, sample preparation, and overview of 

the analytical techniques used to carry out the experimental studies. Chapter 3 describes 

the photo-dissolution of the ferrihydrite mineral in the presence of the environmentally 

relevant organic reductant, oxalate. Chapter 4 provides insight into the photochemistry of 

arsenite [As(III)] in the presence of ferrihydrite. Chapter 5 presents a comparision of the 

photo-induced oxidation As(III) in the presence of ferrihydrite vs goethite in which 

mechanistic details of the mineral-phase-dependent As(III) photochemistry are discussed. 

Chapter 6 addresses the mineral surface assisted simultaneous redox transformation of 

As(III) and Cr(VI). Finally in Chapter 7, an overall summary of the thesis is given.  
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CHAPTER 2 

EXPERIMENTAL TECHNIQUES 

 

2.1 Materials 

All chemicals used were either analytical or research grade and purchased from 

either Sigma Aldrich or Fisher Scientific. Nitrogen, argon, air and oxygen gas tanks were 

purchased from Airgas (pre-purified quality). All water used was deionized and purified 

using a Barnstead Nanopure II system (~18 MΩ cm-1). To obtain dissolved CO2 and or 

O2 free conditions in batch experiments (Chapters 3, 4 and 5), solutions or suspensions 

containing or interacting with O2 or CO2 were sparged with N2 gas for at least 30 minutes 

prior to onset of experiments and a positive pressure of N2 gas was maintained to ensure 

anoxic reaction conditions.  

 

2.2 Mineral Synthesis 

2.2.1 Ferrihydrite 

Ferrihydrite (Fe8.2O8.5(OH)7.4·3H2O) used in this study was of the 2-line variety, a 

label that loosely refers to the number of broad Bragg peaks associated with its 

diffraction pattern.1 Ferrihydrite nanoparticles were prepared in two forms: standard 

(Chapters 3, 4, 5 and 6) and CO2/carbonate free (Chapter 3) using a modified version of 

the method developed by Cornell and Schwartzman.1  To prepare standard ferrihydrite 
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materials, 1 M NaOH or KOH was added to 0.1 M solution of FeCl3 or Fe(NO3)3·9H2O 

with constant stirring until the pH reached 7.5, which resulted in a blood-red suspension. 

The suspension was dialyzed with de-ionized water (18 M� cm-1) for 4-5 days to remove 

counter ions, then centrifuged and air-dried.  Carbonate free ferrihydrite was prepared 

following a similar procedure, but CO2-free DI water was used to prepare materials and 

reagents and the reaction was performed under N2 atmosphere. The synthetic ferrihydrite 

nano-materials were characterized by using attenuated total reflection Fourier transfer 

infrared spectroscopy (ATR-FTIR), Brunauer-Emmett-Teller (BET) surface area 

measurement, X-ray diffraction (XRD) and Transmission electron microscopy (TEM). 

Brief discussions of these techniques are presented in the following sections. The average 

BET surface area measurements of ferrihydrite used in experiments discussed in this 

dissertation yielded values of 320 ±20 m2/g, consistent with reported literature values.2 

TEM and XRD data confirmed that the size and crystallinity of the synthesized 

ferrihydrite was consistent with what was expected for 2-line ferrihydrite.3 A TEM image 

of synthesized 2-line ferrihydrite is presented in the appendix. A photograph of 

synthesized mineral powders is presented in Figure 2.1. 

 

2.2.2 Goethite 

Goethite (�-FeOOH) particles (nano-sized) were synthesized according to the 

method developed by Anschutz and Penn.4 To preapare goethite mineral, 1L of 0.4799 M 

NaHCO3 was added (at a rate of 4.58 mL/min) to a continuously stirred 1L solution of 

0.4000 M Fe(NO3)3·9H2O.  
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Figure 2.1: Photographs of synthetic mineral powders used in this study. 
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The resulting suspension was micro-waved in Nalgene bottles until boiling occurred. 

Immediately after boiling, the suspension was cooled to ~20°C in an ice bath. After 

cooling, the suspension was dialyzed with deionized water (18 MΩ cm-1) for 4-5 days to 

remove counter ions. After dialysis, the pH of the suspension was raised to 12 by using 5 

M NaOH which resulted in a deep maroon suspension. The suspension was heated at 

90°C for 24 h in an air tight glass bottle, after which a deep orange precipitate had 

formed. Finally, the resulting suspension was dialyzed for 3 days, centrifuged, dried and 

stored at room temperature (see Figure 2.1 for a photograph of mineral powder). BET 

surface area measurements of synthesized goethite yielded average values of 146±10 

m2/g. TEM, XRD and IR characterization data showed that the size and crystallinity of 

the synthesized dry solids were consistent with goethite nano-rods.4 See appendix for IR 

data and Chapter 5 for TEM and XRD analysis. 

 

2.2.3 Lepidocrocite 

Lepidocrocite (�-FeOOH) used in Chapter 6 of this dissertation was synthesized 

by following the method developed by Cornell and Schwartzman.5 More specifically, 500 

ml of 0.06 FeCl2 solution was precipitated by using concentrated NaOH solution at pH 

~7 and resulting suspension was sparged with air (pre-purified grade) at the rate of 200 

ml min-1
 at pH 7 with constant stirring for 3 hours. The resulting suspension was dialyzed 

with deionized water (18 MΩ cm-1) for 4-5 days to remove counter ions, then centrifuged 

and air-dried. BET surface area measurements of synthesized lepidocrocite yielded 

average values of 115±7 m2/g. TEM, IR and XRD analysis data confirmed that the 
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synthesized materials showed no measurable impurities.5 A photograph of mineral 

powder is presented in Figure 2.1. 

 

2.3 In Situ ATR-FTIR 

ATR-FTIR is one of the most surface-sensitive analytical techniques and is a 

method of choice for an in situ measurement of the chemical reactions occurring at a 

mineral-water interface. ATR uses the property of total internal reflection which occurs 

when a beam of electromagnetic radiation passes through dense medium (ATR crystals) 

to a rare medium (sample) at an incident angle higher than the critical angle. When 

electromagnetic radiation undergoes total internal reflection, an evanescent wave extends 

into the less dense medium. The depth of penetration, dp (equation 2.1), is defined as the 

distance from the ATR crystal at which the intensity of the evanescent wave equals e-1 

times (~37% of initial intensity of the wave) the that value at the surface. In practical 

terms, it is a rough estimate of the distance sampled.  

 

                                                            2.1 

                                                 

where dp refers to the penetration depth, � is the angle of incidence, and n21 is the ratio of 

the refractive indices of the less dense and dense medium respectively.6 

In situ as well as ex situ ATR-FTIR measurements were performed using a Smart 

Orbit ATR (Thermo Scientific) diamond accessory and a Nicolet 6700 spectrometer 
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(Thermo Scientific) equipped with a DTGS detector. As shown in the schematic (Figure 

2.2), the Smart Orbit ATR diamond accessory consists of many components. Various 

mirrors and lenses direct infrared light beam to the diamond where total internal 

reflection occurs and subsequently the beam is directed into the DTGS detector. As 

shown in the Figure 2.2 (top), during total internal reflection, some of the evanescent 

beam penetrates into the sample and gets reflected back to the detector. 

 In situ ATR-FTIR experiments were carried out by first drying a film of 

ferrihydrite (~1 mg) 7 on the diamond ATR element in a N2 environment. A Teflon flow 

cell (volume capacity ~2 ml) that surrounded the dry film allowed the passage of an 

aqueous solution of interest over the sample at a desired flow rate. A schematic showing 

the design of the in situ ATR-FTIR experiment is given in Figure 2.3. In addition, a 

snapshot taken while conducting an in situ ATR-FTIR experiment is shown in Figure 2.4. 

In the photo-dissolution study presented in Chapter 3 and photo induced oxidation of 

arsenite presented in Chapters 4 and 6, the pH of the solution used during flow studies 

was maintained at 4.5 and 5, respectively.  In Chapter 3, a flowing reaction solution was 

not employed and these experiments are referred to as “static.”  During static studies, no 

attempt was made to keep the pH constant, and the measured pH after 5 hours of light 

irradiation was found to be ~7. In all the FTIR experiments, spectra were collected as a 

single beam (resolution 4 cm-1) of 80 or 100 co-added scans and this spectrum was 

referenced against appropriate backgrounds or controls. 
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Figure 2.2: Schematic of a Golden Gate ATR accessory (not drawn to scale) with a 

sample mounted on top. Typically the infrared beam enters the optics box from the right, 

reflects off of two mirrors, and is focused by a lens (not shown) into the diamond crytal.   
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Figure 2.3: Schematic diagram of experimental setup for in-situ ATR-FTIR photo 

irradiation flow experiments. 
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Figure 2.4: A picture showing various components of in-situ ATR-FTIR photo 

irradiation flow experiments. 
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2.4 X-ray Photoelectron Spectroscopy 

XPS is another surface sensitive analytical tool, which provides elemental 

analysis, oxidation state of the element from approximately the first few nm of a sample 

surface. XPS is based on the photoelectric effect. Each atom in the sample of interest has 

core electrons with characteristic binding energies. When an X-ray beam irradiates the 

sample surface, the X-ray photon is absorbed by the core electron when it matches the 

binding energy of the atom. If the photon energy is large enough, the core electron will be 

ejected from the parent atom and this process is called the photoelectric effect (see Figure 

2.5 for schematic representation). By using suitable detector, the energy of the ejected 

electron can be measured and the electron binding energy can be determined if the 

incident photon energy and work function are known (equation 2.2).  

                                                                                                        2.2                              

Where Eb is the binding energy of the electron, h� is the incident photon energy, Ek is the 

kinetic energy of the ejected electron, and φ  is the work function of analyser. 

  X-ray photoelectron spectroscopic analysis was performed by using an 

unchromatized Mg K� X-ray source (1253.6 eV) and a hemispherical electron energy 

analyzer operating at a pass energy of 50 eV in a vacuum chamber with a base pressure 

of 1 x10-9 torr.8 All energies were referenced to the sample Fermi level and the energy 

positions were calibrated by using a series of reference metal samples.  
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Figure 2.5: Schematic representation of core shell processes generating x-ray 

photoelectrons. 
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Air dried samples of interest were fixed on double sided conductive carbon tape and 

degassed for 1 h at pressure of 1x10-4 torr. After this degassing process, samples were 

introduced into the main chamber and data was collected 

 

2.5 X-ray Absorption Spectroscopy 

X-ray absorption spectroscopy (XAS) is a one of the most powerful surface 

sensitive techniques for the determination of local geometric and/or electronic structure 

of matter. One of the beauties of this technique is that the samples can be in the gas, 

liquid or in solid states. When X-ray radiation is absorbed by an atom/ion on a sample, 

the oscillating electric field associated with X-ray interacts with the electrons bound in an 

atom. The electromagnetic radiation could be scattered by these electrons or it can excite 

electrons if absorbed by atom. The absorption occurs when the energy of the incident 

photons (E) is just sufficient to cause excitation of a core electron of the absorbing atom 

to higher un-filled or half-filled orbitals (e.g, s � p, or s � d), non bound states or into 

the continuum, i.e. to produce a photoelectron (Figure 2.5).9 Thus, the energies of the 

absorbed radiation at these edges correspond to the binding energies (E0) of electrons in 

the K, L, M, shells of the absorbing elements/ions. As shown in Figure 2.6, an X-ray 

absorption spectrum is generally divided into 3 regions: 1) pre-edge (~ E < E0) , 2) X-ray 

absorption near edge structure (XANES) (~ E = E0  to E0+50 eV), and 3) extended X-ray 

absorption fine structure (EXAFS) (~ E = E0+50 to E0+1000 eV).10, 11  
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Figure 2.6: The K-shell absorption edge of chromium (from CaCrO4). Various 

adsorption regions (pre-edge, XANES, and EXAFS) are marked with arrows. 
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The feature in the pre-edge region, for example seen in Figure 2.6, is due to 

transition of an electron from the 1s to 3d level, which is allowed in a tetrahedral 

complex of Cr(VI).12 In the XANES region, the transition of an electron from core shells 

to the non bound state or lower continuum level occurs. Therefore the photoelectron 

generated in this region generally has low kinetic energy (E- E0). But, the energy of 

ejected photoelectron in EXAFS region, E- E0, is relatively large (compared to XANES 

regions). Therefore, the photoelectrons ejected in the XANES region experience strong 

multiple scatterings by neighboring atoms compared to that in the EXAFS region (mainly 

single scattering).13  The XANES analysis, therefore, can give details about the electronic 

structure and the local arrangement of atoms around the absorbing atom compared to 

EXAFS.9 Since the purpose of the use of XAS measurements in our experiments is to 

determine the redox state of heavy metal(loid)s (Chapters 4, 5 and 6), because of its 

sensitivity for oxidation state and local environment, collected data in pre-edge (Chapter 

6) and XANES (Chapters 4, 5 and 6) region(s) were analyzed. 

As mentioned, the absorption of very high energy X-ray results in photoelectron 

ejection, leaving behind a highly excited core-hole state. The excited core-hole state can 

undergo relaxation via a variety of mechanisms, with the two most important being 

emission of an Auger electron and X-ray fluorescence.13 In our instrumental analysis,  

arsenic or chromium K-edge XANES spectra were collected at beamline X19A at the 

National Synchrotron Light Source, Brookhaven National Laboratory, in fluorescence 

mode using a passivated implanted planar silicon detector.  The Si(111) double-crystal 

monochromator was calibrated using an arsenic reference, and was detuned by 30% for 

data collection to minimize harmonic contributions.  Particular care was taken to avoid 
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any potential beam-induced oxidation of arsenite.  XANES spectra for an arsenite-sorbed 

ferrihydrite sample were repeatedly collected over a duration of 30 minutes with no 

evidence of arsenic oxidation.  For collection of subsequent XANES spectra, the X-ray 

beam was positioned in a portion of the sample that had not previously been exposed to 

the X-ray beam.   

The photo-irradiated arsenite-ferrihydrite suspension, arsenite- and arsenate-

sorbed ferrihydrite control samples were individually centrifuged, washed with DI wtaer, 

dried and loaded into slots in Lucite holders, sealed with Kapton tape, and mounted at 45o 

relative to the incident X-ray beam.  XANES spectra were also collected for arsenite and 

arsenate aqueous reference solutions.  A linear function was fitted to the pre-edge region 

and subtracted from the raw XANES spectra. Single-point normalization at 11.915 keV 

was used, corresponding to the initial rise in a weak oscillation present in all spectra.  

While arsenite sorbed ferrihydrite samples (discussed in Chapter 4) were analyzed by 

XANES spectroscopy without any beam induced oxidation, similar analysis of the As-

reacted goethite samples (Chapter 5) underwent partial oxidation to As(V) upon exposure 

to the synchrotron beam over the time scale of the several minutes needed to collect a 

spectrum. Beam-induced oxidation of As(III) has been reported in previous studies.14 To 

avoid this experimental artifact we used quick-scanning X-ray absorption spectroscopy 

(Q-XAS) as implemented at beamline X18B at the National Synchrotron Light Source. 

Details regarding the Q-XAS technique developed at X18B have been described 

elsewhere.15, 16 Continuous, cam-driven scanning of the channel-cut Si (111) 

monochromator allowed collection of a full XAS spectrum in as little as 100 ms.  We 

used a slower scanning rate in our work to achieve better signal from the dilute samples. 
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Individual XANES scans were obtained in approximately 1 s, and we collected scans 

continuously for 30-sec intervals. This allowed comparison of successive XANES spectra 

immediately upon opening the X-ray photon shutter to the sample. Comparison of 

individual scans from As(III)-reacted goethite control samples revealed no evidence of 

any oxidation for these experimental conditions.  This test was repeated several times for 

As(III) and As(V) control samples and aqueous As(III) and As(V) reference samples, 

revealing no changes in any of the spectra over the duration of the brief scan sequence.  

Thus, we can rule out beam-induced oxidation in these Q-XAS measurements. The 

monochromator was calibrated by assigning the first peak in the derivative of the aqueous 

As(III) reference sample spectrum an energy value of 11867 eV. The photo-irradiated 

As(III)-goethite suspension and the As(III)- and As(V)-sorbed goethite control samples 

(prepared in the dark) were individually centrifuged, washed once with pH 5 deionized 

water, dried and loaded into Lucite sample holders and sealed with Kapton tape.  Arsenic 

K-edge Q-XAS data were collected as described above.  After confirming that individual 

scans within the 30 s sequence were identical, 8-9 scans were averaged to reduce noise.  

Spectra for reference samples were collected before and after the sorption samples to 

confirm no change in monochromator calibration.  A linear pre-edge background was 

subtracted, and the XANES spectra were normalized using a single post-edge point 

(11915 eV) as described above. Data presented in Chapter 6 were also collected in Q-

XAS mode (for As K-edge and Cr K-edge) and sample preparation and data collection 

were similar to above.  
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2.6 X-ray Diffraction 

XRD was used to characterize the structural phase distribution of synthetic 

minerals as well as reaction products. When X-rays scatter from crystalline materials they 

create a diffraction pattern based on the crystal structure of the material. The diffraction 

of X-rays from a crystalline solid can be described by Bragg’s law. 

                               2d sin� = n �                                                                                   2.3                                                                    

where d is the distance between atomic layers of the crystalline material, n is any 

integer (order), and � is the wavelength of the X-ray source.  

Powder XRD patterns discussed in Chapters 3, 4, 5 and 6 were collected by using 

a Bruker AXS KAPPA APEXII Diffractometer and molybdenum X-ray source. Mo K� 

radiation used for the experiment was emitted from a Mo anode during bombardment of 

the anode by 50 kV electrons at a current of 30 mA. A charged couple device (CCD) area 

detector was used which collected 2� data from 0-50° in 4 images collected for 180 sec 

each. The Mo anode was a convenient choice, since Mo K� X-rays avoided the Fe 

fluorescence that is associated with Cu K� radiation for Fe rich samples.  Cu K� radiation 

was used for non-Fe containing powder samples. A few milligrams of powder samples 

(synthetic minerals or dried powder of reaction products) were loaded into boron rich 

silica capillary tubes (Charles Supper, 0.7mm diameter) and X-ray diffractograms were 

collected. 
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2.7 Electron Microscopy 

2.7.1 Transmission Electron Microscopy 

A Transmission Electron Microscope (TEM) utilizes energetic electrons to 

provide morphologic, compositional and crystallographic information of samples. It can 

produce a very high-resolution image of the sample from the interaction when the beam 

of electron passes through the sample under vacuum condition. TEM images of the 

synthetic iron oxyhydoxides materials were collected at beam energy of 120 kV with a 

JEOL JEM 1400 Transmission Electron Microscope. A picture of the TEM instrument 

located in Department of Chemistry at Temple University is presented in Figure 2.7 

 

2.7.2 Energy Dispersive Spectroscopy 

Energy Dispersive Spectroscopy (EDS) is an elemental anaysis technique for the 

obtainment of chemical information of the solid sample. It utilizes the X-ray emitted from 

the solid sample when high energy electron beam interacts with it. Generally very small 

spot size of electron beam can be achieved. Therefore local chemical information can be 

obtained with very high precision. X-rays from different elements can quantitatively 

determine their relative abundance. This method of sample analysis was utilized to create 

the map of elemental distribution of arsenic and chromium discussed in Chapter 6. 
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Figure 2.7: A picture of JEOL JEM 1400 Transmission Electron Microscope located at 

Temple University 
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Figure 2.8: A picture showing light source batch reactor used in photoirradiated batch 

experiments. 
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2.8 Simulated Solar Light Source 

Photo irradiation batch experiments discussed in Chapters 3, 4, 5 and 6 utilized a 

beam of light emitted from a 900 W high-pressure xenon lamp (Schoeffel Instruments, 

Westwood, NJ) solar simulator.17 A pyrex filter was used during all photochemical 

experiments as a high pass (ultraviolet A, 315-400 nm) filter18 and a constant reaction 

temperature of 25±2 °C was maintained during experimentation. A picture showing light 

source (including batch reactor) used in photoirradiated batch experiments is presented in 

the Figure 2.8. The incident radiation was analyzed using a BRC111A High Speed CCD 

Spectrometer (B & W TEK, Inc.), and a maximum light output was observed at a 

wavelength of ~570 nm. A plot of the spectral output of light source is presented in the 

Figure 2.9. The average intensity of light (UVA+Visible) impinging on the reaction 

vessel was ~1,450 Wm-2 (in the case of batch experiments) which is slightly higher than 

the maximum global irradiance of natural sunlight, ~1,050 Wm–2.19  

Some of the photo irradiation experiments described in Chapters; 3, 4 and 6 

utilized in situ ATR-FTIR spectroscopy to monitor the photochemistry of oxalate, 

arsenite and chromate. For those experiments, a 4.5 m long fiber optic (Fiber Bundle 

Focusing Assemblies, Newport), was used to guide the light from the source lamp to the 

IR reactor cell as shown in Fig. 2.4. The intensity of the incident light in those IR 

experiments was significantly less (15 Wm-2) compared to batch experiments. 
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Figure 2.9: A plot of the emission spectrum of the lamp (after passing through pyrex 

glass filter) used in this study. 
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2.9 Batch Reactions 

Geochemical batch experiments were conducted in Pyrex reactor vessel of 

volume capacity 300 ml. A picture taken while conducting a phtotochemical batch 

experiment is presented in Figure 2.8. 50 mg of dry synthetic mineral was suspended in 

DI water and sonicated for 5-10 minutes to obtain well suspended particles. An 

appropriate volume of analyte (such as oxalate, arsenite, arsenate, chromite, chromate 

etc.) was added from stock solution to the suspension and the solution pH was maintained 

at 4, 5 or 7 until the completion of experimentation using an auto-titrator (718 STAT 

Titrino, Metrohm Switzerland) and 0.1 M NaOH or HCl. In each batch experiment, 2.5 

mM NaCl was used as background electrolyte. The suspension was allowed to equilibrate 

for a period of 24 h in the dark and then exposed to light. Additional specific batch 

experimental procedures are given in the respective chapters. 

  Anoxic batch studies were conducted by bubbling N2 gas (high purity, Airgas) 

though the solution of interest for one hour prior to irradiation, and a constant N2 

environment was maintained in the reactor headspace throughout the experiment.  All 

other experiments were performed in solutions that were exposed to the ambient 

atmosphere and hence contained dissolved oxygen and CO2. Typically 1 mL samples 

were collected at intervals of 30 min or 1 hour. Collected samples were centrifuged and 

filtered through a Millipore filter (0.2 microns) and Fe(II), oxalate, arsenate and  

chromate were determined using various analytical procedures (such as UV-Vis 

spectroscopy and Ion Chromatography). To prevent the redox transformation of soluble 

species samples were analyzed immediately after collection. 
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2.10 Dissolved Iron Estimation 

In all photo irradiation/dark batch experiments, the amount of dissolved iron 

[specifically as Fe(II)] was estimated by using ferrozine assay.20 The ferrozene molecule 

selectively binds to ferrous ions forming a complex which will absorb visible light with 

maximum at ~560 nm. In the case of total dissolved iron [Fe(III)+Fe(II)] estimation,  

filtered samples were reacted with 1 mM ascorbic acid to reduce the soluble Fe(III) and 

standard procedure of ferrozine assay was used to determine the total dissolved Fe. To 

quantify the amount of Fe(II) present at various stage of experimentation, a 5 point 

calibration curve was generated using ferrous ammonium sulphate salt within the range 

of 100 nM to 400 µM.  

 

2.11 Ion Chromatography (IC) 

Ion chromatography is a form of liquid chromatography which allows separation 

of ions or polar molecules based on their charges. IC was used to detect the dissolved 

arsenate (Chapter 4, 5 and 6) and chromate (Chapter 6). 1 ml of filtered aliquots of 

respected samples were injected to ion chromatograph (IC, Dionex ICS-1000), with 

detection limit of 5 	M, which was equipped with a Dionex IonPacAS22 (4 mm ×250 

mm) analytical column and a conductivity detector. The eluent used was a mixture of 4.5 

mM Na2CO3 and 1.4 mM NaHCO3 solutions. The amount of adsorbed As or Cr on 

mineral phases at a given reaction time was determined by subtracting the amount of 

aqueous phase species at that time from the initial concentration. The IC calibration for 
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As(V) and Cr(VI) was performed using standard aqueous solutions of Na2HAsO4 or 

Na2CrO4 in the concentration range of 5−1000 	M. This IC method only could measure 

the solution concentration of arsenate and chromate. Arsenite or chromite concentrations 

were therefore determined after a solution of interest was oxidized to arsenate or 

chromate. For arsenite quantification, aliquots were oxidized with Fenton reagents 

(hydrogen peroxide in the presence of 100 	M Fe(II) and 24 hours of reaction time). 

Similarly, to determine the chromite concentration, aliquout was oxidized with potassium 

permagnate. Calibration plot for arsenate determination is presented in the appendix. 

 

2.12 Computational methods 

 

Quantum chemical geometry optimization and vibrational frequency calculations 

of adsorbed oxalate in iron clusters were performed using density functional theory 

(DFT) with the program Gaussian 03 E.01 21 at the B3LYP/6-31G** 22, 23, 24 level of 

theory.  Model clusters, Fe2H12O8, containing two octahedrally-coordinated Fe atoms 

connected via two Fe-(OH)-Fe linkages were used to represent the ferrihydrite particle 

surface. Previous studies in our laboratory7, 25, 26 show that calculated vibrational 

frequencies of different adsorbates (sulphite, carbonate and ascorbate,) on these Fe-

hydroxide dimers can correlate well with observed experimental IR frequencies of these 

adsorbates on ferrihydrite. Minima on the potential energy surfaces were located from 

potential energy minimization calculations on the entire system where no symmetry or 

geometrical constraints were allowed.  To account for solvation effects, six H2O 
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molecules were incorporated in the cluster. Calculated frequencies were corrected by a 

scaling factor of 0.9613 27, 28 and compared with experimentally observed frequencies. 

First few pages of output file for mononuclear bidentate surface structure calculation are 

presented in the appendix.  
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CHAPTER 3 

 

PHOTODISSOLUTION OF FERRIHYDRITE IN THE PRESENCE OF OXALIC 
ACID: AN IN SITU ATR-FTIR/DFT STUDY 

 

 

(Note: Content of this Chapter is adapted from the publication “Narayan Bhandari, 

Douglas B. Hausner, James D. Kubicki and Daniel R. Strongin, Photodissolution of 

ferrihydrite in the presence of oxalic acid: An in situ ATR-FTIR/DFT study.  Langmuir, 

2010, 26, (21), 16246-1625” with permission) 

 

 

3.1 Introduction 

 

In this Chapter photo-dissolution of ferrihydrite in the presence of oxalate  will be 

discussed. The dissolution of ferric iron bearing oxide/oxyhydroxide phases in aqueous 

systems plays an important role in the formation of  soluble iron.1 However, reductive 

dissolution ferric iron-bearing oxide phases is even more important because of the 

liberation of soluble ferrous iron.  In general, the reductive dissolution of Fe(III) 

(hydr)oxides in the presence of  reductant is an order of magnitude faster than non-

reductive dissolution mechanisms (e.g., proton-promoted or ligand-promoted thermal 

dissolution). 1 The conversion of ferric iron into labile and bioavailable ferrous iron can 

be considerably enhanced in many chemical environments by photo-reductive 
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mechanisms.2,3 Day, night and seasonal variations in the concentration of ferrous and 

ferric iron in aquatic environments emphasizes the role of solar light in the reductive 

dissolution of iron (oxy)hydroxides.4, 5 

 Mineral phases interact with a wide range of aqueous phase species in natural 

environments. The presence or prevalence of these species can potentially vary 

significantly from location to location, though some, such as CO2/CO3
2-, will be found in 

nearly all systems exposed to ultraviolet radiation from the sun. The adsorption of species 

such as carbonate on mineral surfaces may facilitate or inhibit dissolution processes.6 

Recently it has been shown that nano-scale iron (oxy) hydroxide minerals exhibit 

particularly high reactivity toward CO2 gas in forming surface adsorbed carbonate 

species,7-9 indicating that minerals synthesized under ambient conditions in the laboratory 

may have significant amounts of adsorbed carbonate occupying reactive surface sites. If 

the extent of surface occupation by such species is significant, then the ability of other 

reactive ligands to compete for surface adsorption sites becomes a relevant issue.  In this 

investigation the effect of carbonate/CO2 on the photo-induced dissolution of ferrihydrite 

in the presence of oxalate was studied.   

            A novel aspect of this investigation is that the photo-dissolution chemistry was 

monitored in situ with ATR-FTIR technique. Numerous studies within the literature using 

in situ IR demonstrate its ability to elucidate molecular level processes occurring on 

mineral surfaces.10-15 To the best of our knowledge, this contribution presents the first in 

situ IR data of the photo-dissolution of ferrihydrite nano-particles in the presence of 

oxalate. Building on prior work, we present research that investigates the surface 

chemistry of oxalate on the iron oxyhydroxide ferrihydrite, with ATR-FTIR, density 
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functional theory calculations and batch geochemical reaction measurements.  The in situ 

ATR-FTIR results coupled with DFT calculations, allowed us to infer the structure of 

adsorbed oxalate on ferrihydrite and the resulting reaction products upon irradiation. 

Results presented in this Chapter add to current understanding of the photoinduced 

dissolution of iron (oxyhydr)oxides in the presence of oxalate. Results show that the 

photodissolution of ubiquitous ferrihydrite exhibited an induction period where the rate 

of Fe(II) release was limited by a low concentration of adsorbed oxalate due to the site-

blocking of carbonate that was intrinsic to the surface of the ferrihydrite starting material. 

Oxalate displaced this initial carbonate over time, and the dissolution rate showed a 

corresponding increase. In addition, for the first time, we have shown that the light-

induced decarboxylation of adsorbed oxalate ultimately leads to the formation of surface 

carbonate reaction product (distinct from carbonate intrinsic to the starting material) on 

the surface. 

3.2 Results 

 

3.2.1 ATR-FTIR study of oxalate in solution and on ferrihydrite in the absence of light 

Figure 3.1 shows the ATR-FTIR spectrum of an aqueous (5 mM) sodium oxalate 

solution at pH 4.5.  The spectrum of aqueous oxalate displays two strong modes at 1307 

and 1570 cm-1 that are associated with the symmetric [νs(C-O)] and asymmetric [νa(C-

O)] stretching modes, respectively.10-12 , 15 Oxalic acid (H2Ox) has a pKa1 and pKa2 of 0.97 

and 3.57, respectively,11 indicating that the deprotonated species, Ox2-, is the predominant 

solution phase species at pH 4.5 and above. The point group of the gaseous oxalate ion 
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(Ox2-) is D2h, but upon solvation its symmetry has been suggested to be lowered to 

D2d,16,17 but aqueous oxalate still yields two IR active modes at 1570 and 1307 cm-1 12 

(Fig 3.1). The calculated νs(C-O) and νa(C-O) vibrational frequencies of oxalate and the 

difference (
cm-1) between the calculated and experimentally determined frequencies are 

compared in Table 3.1(a). Figure 3.2 shows the time dependent evolution of adsorbed 

oxalate modes when 5 mM oxalate was flowed over normal ferrihydrite at pH 4.5. In this 

Figure the bottom spectrum is associated with ferrihydrite that has not yet been exposed 

to aqueous oxalate. Note that the modes near 1355 and 1475 cm-1 are associated with 

surface carbonate that adsorbs during the synthesis of the mineral.18 These modes 

decrease upon exposure to oxalate and after a 30 min. exposure these bands are no longer 

apparent. In contrast  the  modes attributable to adsorbed oxalate,11 which are located 

near 1708 cm-1 [νs(C=O)], 1668 cm-1 [νa(C=O)], 1280 cm-1 [νa(C-O)] and 1414 cm-1 

[νs(C-O)+ν(C-C) combination mode], increase in spectral intensity over the 30 min 

exposure time.   

In addition, vibrational modes at 1308 and 1610 cm-1, which arise from hydrogen 

bonded oxalate associated with the ferrihydrite surface, grow in over this same time 

frame. A closer inspection of the data also shows that the positions of the oxalate 

vibrational bands shift as the exposure time increases and the oxalate coverage increases.  

For example, the νs(C-O)+ν(C-C) combination mode is located at 1437 cm-1 after a 5 min 

exposure to oxalate and its absorbance maximum shifts to 1415 cm-1 over a period of 30 

min. in peak position of [νs(C-O)+ν(C-C) (combination mode)] during 30 minutes of 

flow study.   
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Figure 3.1: ATR-FTIR spectrum of an aqueous solution of 5 mM oxalate and 5 mM 

NaCl at pH 4.5.  
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Table 3.1: (a) Comparisons of observed frequencies of aqueous phase and outer sphere 

oxalate at the ferrihydrite/water interface and calculated frequencies (cm-1) for the 

geometry-optimized oxalate-Fe2H24O14 model clusters. (b) Comparisons of observed 

frequencies of inner/outer sphere oxalate at the ferrihydrite/water interface and calculated 

frequencies (cm-1) for the geometry-optimized oxalate-Fe2 H24O14 model clusters��

Difference between calculated and observed frequencies is given in parentheses. 

(a) 
Modes νs(C-O) νa(C-O) 
ν 

Observed 1307 1570 263 Aqueous 

phase Calculated 1289(-18) 1572(3) 283 

Observed 1308 1610 302 Outer 

sphere Calculated 1287(-21) 1591(-19) 304 

 
(b) 

Calculated frequencies (cm-1)  

Modes 

Observed       
Frequencies (cm-1) 

BNBD MNMD MNBD 

νa(C-O) 1280 1305 (25) 1239 (-41) 1280 (0) 

νs(C-O)+ν(C-C) 1412 1443 (31) 1383 (-29) 1399 (-13) 

νa(C=O) 1668 1570 (-98) 1597 (-71) 1674 (6) 

νs(C=O) 1708 1683 (-25) 1680 (-28) 1687 (-21) 

R2 NA 0.984 0.947 0.996 

Slope NA 0.806 0.772 0.986 

Intercept NA 273.62 328.12 13.87 

Standard 

deviation 
NA 

54.34 

 

62.75 

 

14.67 
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Figure 3.2: Time dependent spectra of adsorbed oxalate on normal ferrihydrite (5 mM 

oxalate, pH 4.5, 5 mM NaCl, flow 30 ml/h). (a) Spectrum of normal ferrihydrite before 

exposure to oxalate, and after a (b) 5 min, (c) 10 min, (d) 20 min, and (e) 30 min  

exposure to oxalate flow. Dashed lines near 1475 and 1355 cm-1 indicate the peak 

position of adsorbed carbonate species. The remaining two dotted lines indicate the shift. 

The spectra are offset for clarity. 
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The reason for this shift could be due to oxalate adsorbing on different binding 

sites on the ferrihydrite surface, a surface coverage effect, or lateral interactions between 

carbonate and oxalate that are ultimately eliminated due to the displacement of surface 

adsorbed carbonate. We favor the former possibility, since after the 30 min exposure the 

asymmetry of the νs(C-O)+ν(C-C) mode does suggest that more than one type of 

adsorded oxalate species contributes to the spectral intensity.  We will, however, return to 

a discussion of these two possibilities later. We summarize our assignments in Table 3.1b 

in view of assignments made in prior research for oxalate on environmentally relevant 

metal oxide and metal (oxy)hydroxide mineral phases.10-12, 15 

For comparison, in situ ATR-FTIR experiments were performed at a higher pH of 

8.5, keeping all other experimental conditions the same.  For these particular experiments 

(see Figure 3.3) two types of ferrihydrite were used: carbonate free ferrihydrite (spectrum 

a) and normal ferrihydrite (spectrum b).  Spectrum c in Figure 3.3 exhibits the ATR-FTIR 

spectrum of normal ferrihydrite that had been exposed to oxalate at a solution pH of 8.5.  

The data shows that a relatively small amount of oxalate is adsorbed on the normal 

ferrihydrite (compared to adsorption at pH 4.5), as evidenced by a small peak at 1430 cm-

1 (see spectrum c).  The dominant features at 1475 and 1355 cm-1 are due to the carbonate 

that is intrinsic to the normal ferrihydrite.  In contrast, the carbonate free ferrihydrite 

sorbed an amount of oxalate in 5 min that was similar to the amount adsorbed at pH 4.5 

by normal ferrihydrite in 30 min (spectrum d).  
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Figure 3.3 ATR-FTIR spectra of (a) carbonate free ferrihydrite, (b) normal ferrihydrite, 

(c) after normal ferrihydrite is exposed to oxalate at pH 8.5, and (d) after carbonate free 

ferrihydrite is exposed to oxalate at pH 8.5.  Oxalate adsorption on normal ferrihydrite is 

suppressed due to the presence of adsorbed carbonate.  In contrast, carbonate free 

ferrihydrite shows a significant amount of adsorbed oxalate in 5 minutes of exposure at 

pH 8.5. 
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Experiments were carried out to understand whether the presence of adsorbed 

carbonate interferes with the oxalate adsorption process. Figure 3.4 shows ATR-FTIR 

spectra of carbonate free ferrihydrite individually exposed to equimolar (5 mM of each) 

amounts of aqueous carbonate and oxalate at pH 8.5 (spectrum a) and 4.5 (spectrum b) in 

the absence of light. The data indicates that in presence of aqueous carbonate at pH 4.5 

the intensity of adsorbed oxalate is greatly reduced (compared to when carbonate is not 

present in solution) and associated peak positions exhibit significant shifts (e.g. from 

1212 to 1230cm-1). Carbonate species also adsorb under these conditions, evidenced by 

the relatively weak peaks at 1355 and 1475 cm-1.  In contrast, exposure of ferrihydrite to 

a equimolar amount of aqueous carbonate and oxalate at pH 8.5 results in the absence of 

surface-adsorbed oxalate and presence of significant surface carbonate.     

 

3.2.2 DFT vibrational frequency calculation and identification of surface species 

To obtain a better understanding of the coordination geometry of the adsorbed 

oxalate complexes at the ferrihydrite/water interface infrared vibrational frequency were 

calculated from theory. Specifically, vibrational frequencies were calculated for three 

different possible inner-sphere binding geometries for oxalate: a) Mononuclear bidentate 

(MNBD), b) Mononuclear monodentate (MNMD), and c) Binuclear bidentate (BNBD).11, 

15,19 These adsorption geometries are depicted in Figure 3.5 (a to c).  DFT calculations 

associated with these structures yield four distinct IR modes within the region of 1200-

1800 cm-1.  
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Figure 3.4 ATR-FTIR spectra of ferrihydrite that has been exposed to equimolar 

amounts of aqueous carbonate and oxalate (5mM). Ferrihydrite after exposure to 

carbonate and oxalate at (a) pH 8.5 and (b) pH 4.5. At pH 4.5 oxalate adsorption 

predominates (1287 and 1430 cm-1 modes) while at pH 8.5 adsorbed carbonate (1355 and 

1475 cm-1 modes) preferentially adsorbs on ferrihydrite. 
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Figure 3.5 Optimized oxalate surface complex geometries on Fe2H24O14 model clusters: 

(a) Mononuclear monodentate (MNMD), (b) Binuclear bidentate (BNBD), (c) 

Mononuclear bidentate (MNBD), and (d) outer-sphere/hydrogen bonded. Geometries 

were optimized at the B3LYP/6–31G** level using Gaussian 03. Graphics created with 

Cerius2 (Accelrys Inc., SanDiego, CA).Green atoms are oxygen, gray atoms are carbon, 

red atoms are hydrogen, and brown atoms are iron. 
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Figure 3.6 Linear regression plots that compare experimentally determined to calculated 

vibrational frequences for the different geometries shown in Figure 3.5. On the basis of 

this analysis as well as other parameter presented in the Table 3.1b, the most probable 

coordination geometry of adsorbed oxalate on ferrihydrite surface is MNBD. 
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Table 3.1 displays the calculated vibrational frequencies associated with these complexes 

and the experimentally observed IR frequencies within the region of 1200 to 1800 cm-1.  

Figure 3.6 displays a plot of experimental versus calculated frequencies for the three 

different adsorption geometries. Calculated vibrational mode frequencies for the MNMD 

and BNBD configurations show significant deviations (as high as 98 cm-1) from the 

closest experimentally observed modes. The MNBD has the strongest correlation [based 

on the R2 value, slope, intercept and standard deviation analysis, see Table 3.1(b)] with 

experimental frequencies as compared to the correlations found for the other two binding 

geometries, MNMD and BNBD. We infer from a comparison of DFT calculations and 

experimentally determined vibrational modes listed in Table 3.1(b) (plotted in Figure 3.6) 

that adsorbed oxalate adopts a MNBD binding configuration on the ferrihydrite surface. 

These ATR-FTIR results, interpreted in view of DFT calculations, are in agreement with 

prior studies that have investigated the binding of oxalate on other metal oxide/hydroxide 

mineral phases.10, 15, 19 

While the calculated frequencies for the (MNBD) inner-sphere complex explain 

the four strong experimentally determined modes at 1280, 1412, 1668, and 1708 cm-1, 

two other modes at 1308 and 1610 cm-1 are not accounted for by this binding geometry.  

Axe and Persson who investigated the oxalate-geothite system assigned these two peaks 

(near 1582 and 1308 cm-1 in oxalate–geothite system) to H-bonded (or outer-sphere) 

oxalate interacting with the surface hydroxyl groups of goethite 11. This assignment was 

based on the differences observed in experimentally determined IR spectra for the 

adsorbed layer that was collected at low and high pH.  Our DFT calculation associated 

with a H-bonded oxalate species on a Fe-O cluster supports this assignment.  A schematic 
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of the binding geometry used for this specific calculation is shown in Figure 3.5(d) and a 

comparison of the calculated and observed frequencies is presented in Table 3.1(a). We 

also infer from calculation and experiment that an outer sphere or H-bonded oxalate 

contributes to the oxalate/ferrihydrite vibrational spectrum. Specifically, the wavenumber 

difference between the calculated νa(C-O) and νs(C-O) mode for H-bonded oxalate is 304 

cm-1 (see Table 3.1), close to the experimental difference of 302 cm-1 between the 1610 

and 1308 cm-1 modes that contribute to the vibrational spectrum of oxalate on 

ferrihydrite. We point out that the oxalate adsorption results presented above do suggest 

that there may be more than one type of oxalate species bound on the ferrihdyrite surface.  

For comparison to the DFT calculations we have chosen the modes positions that 

dominate the vibrational spectrum obtained at saturation coverage [Figure 3.2 (e)]. 

 

3.2.3 In-situ ATR-FTIR of oxalate on ferrihydrite in the presence of light 

 

3.2.3.1 Irradiation of oxalate/ferrihydrite under static conditions 

In situ experiments were carried out to investigate the surface chemistry of 

oxalate on ferrihydrite during irradiation with simulated solar light. Spectra shown in 

Figure 3.7 are time dependent spectra of adsorbed oxalate on ferrihydrite.  The data were 

obtained after a 5 mM oxalate solution that was flowed for 5 minutes (30 ml/h) over the 

mineral, after which time the flow was stopped and vibrational data was obtained.   
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Figure 3.7: ATR-FTIR spectra recorded during the photodissolution of ferrihydrite in the 

presence of oxalate (5 mM) and light as a function of time.  The experiment was carried 

out in a static mode (non-flow conditions). The bottom spectrum was collected before 

irradiation of light (0 minute) and subsequent spectra were collected at 15, 30, 60 and 120 

minutes of light exposure. Vertical dashed lines indicate the peak positions associated 

with adsorbed carbonate species and the dotted lines are associated with adsorbed oxalate 

[the νs(C-O)+ν(C-C) combination mode]. 
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The bottom spectrum (0 min.) was obtained in the absence of light and shows 

intense modes at 1285, 1429, 1610, 1668, 1709 cm-1 as well as small contributions at 

1475 and 1355 cm-1; the latter modes being attributed to surface carbonate.  After 15 min. 

of light exposure the intensity of all the modes assigned to adsorbed oxalate increased 

significantly and modes located at 1475/1355 cm-1 decreased slightly (but not 

completely).  Furthermore, the mode originally at 1430 shifted to 1420 cm-1 during the 

first ~15 min. of irradiation.  With increasing exposure time to light the position of this 

mode shifts back towards higher wavenumber and modes near 1285, 1610, 1668, and 

1708 start to decrease as  modes attributable to adsorbed carbonate at 1475 and 1355 cm-1 

start to increase.  In this study, no attempt was made to maintain a constant pH, and after 

5 h of irradiation the final solution pH was measured to be ~7. This observation further 

indicates that the carbonate formed after photolysis is a stable surface complex at pH~7 

which cannot be easily displaced by oxalate.  While data is not shown, the flowing of 5 

mM NaCl (pH 7) over the ferrihydrite after irradiation resulted in no significant loss of 

intensity for the 1475/1355 peak pair, suggesting that these vibrational modes arise from 

inner sphere carbonate.  

 

3.2.3.2 Irradiation of oxalate/ferrihydrite under flow conditions  

Figure 3.8 displays experimental results for photodissolution ATR-FTIR 

experiments on ferrihydrite, where a 5 mM oxalate solution (5 mM NaCl at pH 4.5) was 

flowed over  ferrihydrite in the dark until the system equilibrated (successive spectra 

showed no change) after which the mineral sample was irradiated. Over the course of the 

irradiation, at least two experimental observations can be made.  First, peaks attributable 
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to surface carbonate increase during irradiation (at 1475 and 1355 cm-1) during the 120 

min exposure to radiation. Second, there is a continuous loss in intensity of the oxalate 

derived modes (noticeable near 1432 cm-1 and 1285 cm-1).  We note that during these 

experiments a significant mass loss is believed to have occurred, based on an analysis of 

the loss of intensity of Fe-O stretching modes near 570 cm-1 (not shown).  During control 

experiments (in dark), no shift and/or measureable intensity change indicative of mass 

loss occurred after attaining equilibrium. 

 

3.2.3.3 Irradiation of an oxalate monolayer on ferrihydrite  

In addition to the above experiments where 5 mM of oxalate was maintained in 

the aqueous phase, experiments were carried that investigated an adsorbed monolayer of 

oxalate (no solution phase oxalate) on the ferrihydrite surface at pH 4.5. These 

experiments eliminated the possibility of oxalate adsorption from solution so that the 

behavior of the oxalate monolayer could be better isolated for study.  Figure 3.9 shows 

that in the absence of solution phase oxalate modes assigned to oxalate decrease with 

time over the 180 min irradiation time.  During the first 90 min of irradiation the spectral 

peak maxima of the oxalate associated with the νs(C-O)+ν(C-C) combination mode shifts 

from 1412 cm-1 to 1430 cm-1.  This shift occurs alongside an increase in carbonate 

product that is associated with the 1475 and 1355 cm-1 features.3, 18, 20  The contribution of 

the surface carbonate product to the vibrational spectra is greater than what was observed 

in the pH 4.5 flow experiments (Figure 3.8), since the displacement of surface oxalate by 

the adsorption of solution phase oxalate is not a possibility in these experiments. 



 

�

74 

 

Figure 3.8: ATR-FTIR spectra recorded during the photodissolution of normal 

ferrihydrite at pH 4.5 in the presence of flowing oxalate as a function of time.   The 

bottom spectrum was collected before irradiation of light (0 minute) and subsequent 

spectra were collected at 15, 30, 60 and 120 minutes of light exposure. The dotted lines 

indicate the peak position of carbonate species adsorbed to ferrihydrite surface after 

photolysis and the two dashed lines indicate the peak positions of modes associated with 

adsorbed oxalate. 
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Figure 3.9: ATR-FTIR time dependent spectra showing the photolysis of an adsorbed 

oxalate monolayer on ferrihydrite in pH 4.5 water. Bottom spectrum (0 min) was 

collected before exposure to light and subsequent spectra were collected at 45, 90 and 

180 min. of light exposure. 
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Oxalate decomposition is complete after 180 min of irradiation. The disappearance of all 

vibrational modes associated with oxalate suggests that both oxalate species that are 

thought to populate the ferrihydrite surface are photoactive and presumably participate in 

the photodissolution process.   Also of note is that the absorbance associated with the H-

bonded (outer-sphere complex) species (characterized by the 1308 cm-1 mode) also 

decreases upon irradiation. This experimental observation suggests that either the H-

bonded species converts to an inner-sphere complex or it desorbs from the mineral 

surface during irradiation. 

 

3.2.4 Ferrihydrite photodissolution/photolysis batch study 

  Figure 3.10 shows results for the amount of Fe(II) release that occurs during  

batch dissolution experiments of ferrihydrite in the presence and  absence of light with 5 

mM oxalate in solution at pH 4.5 (anoxic conditions). As expected, the rate of light 

induced reductive dissolution was significantly higher than ligand-only promoted 

dissolution (no light), consistent with the results of previous investigations.21, 22 Based on 

a linear regression analysis of the dissolution data associated with normal ferrihydrite for 

the first 30 min, the dissolution rate is calculated to be 6.7 x 10-5 mM/s.  A similar 

analysis of the first 30 min of the data associated with carbonate free ferrihydrite shows a 

dissolution rate during the first 30 min of 1.7 x 10-4 mM/min, which is about 2.5 times 

greater than the dissolution rate associated with normal ferrihydrite.  There is a 

significant increase in the dissolution rate of normal ferrihydrite after this initial period.   
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Figure 3.10: Dissolved Fe(II) production during the oxalate induced dissolution of 

carbonate free ferrihydrite in presence of light (filled triangles), normal ferrihydrite in the 

presence of light (open circles), in the absence of light (filled circles) at pH 4.5.Also 

shown is photodissolution data for normal ferrihydrite at pH 8.5 (filled diamonds). All 

experiments were carried out in an oxygen free environment. In the case of carbonate-

free ferrihydrite, Fe (II) release starts as soon as light exposure begins, but normal 

ferrihydrite exhibits an induction period where the amount of Fe(II) is suppressed. At pH 

8.5 normal ferrihydrite shows no appreciable photoreductive dissolution. 

 

 



 

�

78 

 

 

 

 

Figure 3.11: Time dependent Fe(II) release during the photolysis of an oxalate 

monolayer adsorbed on ferrihydrite surface (open circles) at a solution pH of 4.5.  A 

control experiment (in the absence of light) also is shown in the figure (filled circles). 
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Specifically, after the first 30 min, the dissolution rate associated with normal and 

carbonate free ferrihydrite are within 15% of each other (9.5 x 10-5 mM/min and 1.1 x 10-

4 mM/min, respectively).  Photodissolution data also is shown at a solution pH of 8.5 for 

normal ferrihydrite. The amount of dissolution in this instance is exceedingly low and, 

within experimental error, it is close to the dissolution rate of normal ferrihydrite at pH 4 

in the absence of light. 

Figure 3.11 displays the amount of Fe(II) release as a function of time during the 

exposure of a oxalate monolayer on ferrihydrite at pH 4.5 to light (complementary to the 

ATR-IR derived data shown in Figure 3.9).  In contrast to the photodissolution of normal 

ferrihydrite where oxalate is present in solution, photolysis of the oxalate monolayer 

(with no solution oxalate) does not show an induction period at early reaction times.  

Instead Fe(II) release occurs with a highest rate for the oxalate monolayer circumstance 

immediately upon exposure to light.  Albeit, the amount of Fe(II) release in the 

monolayer case is orders of magnitude less than when oxalate is present in solution.   

 

 

3.3 Discussion 

 

    Our experimental results suggest that binding of oxalate to the ferrihydrite surface 

is significantly affected by the initial composition of the ferrihydrite surface.  For 

example, analysis of the vibrational data exhibited in Figure 3.2 shows that at a solution 

pH of 4.5 oxalate displaces the majority of surface carbonate (associated with the initial 

synthesized ferrihydrite sample) in 30 min. as evidenced by the evolution of adsorbed 
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oxalate modes at 1280, 1308, 1415 (shifts from 1437 to 1415), 1610, 1668 and 1708 cm-1 

and the concomitant loss of carbonate derived modes at 1475 and 1355 cm-1. This 

experimental observation suggests that oxalate and carbonate compete for similar surface 

binding sites on the ferrihydrite surface.  The ability of oxalate to out compete carbonate 

for surface binding at pH 4.5 also is supported by the data in Figure 3.4 which shows that 

the exposure of ferrihydrite to an equimolar solution concentration of oxalate and 

carbonate results in a surface that exhibits primarily adsorbed oxalate.  If ferrihydrite is 

exposed to a solution with a similar concentration of oxalate and carbonate at pH 8.5, 

carbonate becomes the primary adsorbed species.  Reported value of pKa1 and pKa2 of 

carbonic acid are ~ 5.831 and 8.922 respectively. 23  At a solution pH of 4.5 HCO3
- and 

Ox2- will be the dominant solution phase anions.  The reported point of zero charge 

(PZC) of ferrihydrite is 7.97 24, 25 suggesting on purely electrostatic grounds that the 

adsorption of Ox2- may be favored over HCO3
- on the positively charged mineral surface 

at pH 4.5.  Such a simple electrostatic explanation is not entirely satisfactory, however, 

since at pH 8.5 where the surface presumably has a negative charge, carbonate dominates 

the adsorption process, suggesting that at least at this higher pH, strong and direct binding 

to surface binding sites is a necessity for adsorption.  It is possible, however, that the PZC 

of carbonate-free ferrihydrite is higher than that of normal ferrihydrite, based on prior 

studies that have shown carbonate can lower the PZC of iron oxyhydroxides.26 Hence, 

carbonate-free ferrihydrite may still be positively charged at pH 8.5, although this is 

speculation that needs to be supported by future experimentation. 

Both our in-situ infrared and kinetic results suggest that the surface chemistry of 

carbonate on ferrihydrite plays a significant role in the photodissolution process in the 
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presence of oxalate. Perhaps one of the most revealing experimental observations comes 

from the photodissolution batch reaction data shown in Figure 3.10.  These data show 

that there is a reduced photodissolution rate for the first ∼30 min of reaction in case of 

normal ferrihydrite compared to that rate associated with carbonate free ferrihydrite over 

the same time window. We believe this increased dissolution rate associated with 

carbonate-free ferrihdyrite is due to the increased rate of oxalate adsorption in the 

absence of surface carbonate. If carbonate is initially present on ferrihydrite the kinetics 

of oxalate adsorption is initially slower as carbonate is displaced from the ferrihydrite 

surface at pH 4.5.   This contention is supported by ATR-FTIR data shown in Fig.3.2 

which shows the buildup of oxalate on ferrihydrite and the loss of surface carbonate over 

the first 30 min of exposure to solution phase oxalate.  At a pH of 8.5 the 

photodissolution rate of normal ferrihydrite is insignificant and we attribute this at least 

in part to the presence of surface adsorbed carbonate that cannot be displaced by oxalate 

at this higher pH.  In situ ATR-FTIR data supports this suggestion by showing that a 

negligible amount of oxalate adsorbs on normal ferrihydrite after the mineral is exposed 

to an oxalate solution for 30 min (see Fig. 3.3).  If, however, carbonate-free ferrihydrite is 

used, in situ ATR-FTIR shows that after only a 5 min. exposure to oxalate the surface 

concentration of this species is similar to the amount that adsorbs on normal ferrihydrite 

after a 30 min. oxalate exposure at pH 4.5. 

The presence of a ubiquitous surface bound species such as carbonate may be 

relevant to prior studies that investigated the photodissolution of iron (oxyhydr)oxides. 

Prior studies of the photodissolution of hematite, 21 hematite and goethite 21 and (nano and 

micro rods) goethite 22 in the presence of oxalate all showed that initial dissolution rate 
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that was lower than the rate observed at longer reaction times.  Sulzberger et al. proposed 

that the initial slower rate of dissolution that was  followed by an increase in dissolution 

rate could be due to the autocatalytic effect of the   Fe(II) photoproduct on the thermal 

dissolution of  the mineral, resulting in the formation of dissolved Fe(III)-oxalate 

complexes, which were postulated to be photoactive.21   If this was the only reason for the 

slow initial kinetics that we experimentally observed for ferrihydrite, then the dissolution 

kinetics of normal and carbonate free ferrihydrite should be similar.  We, however, 

experimentally observe a much higher photodissolution rate for carbonate free 

ferrihydrite at early times.  We speculate, based on our results, that the presence of 

species such as carbonate on the initial mineral surface may at least in part be a reason for 

the slower initial photodissolution kinetics that have been observed in earlier studies. 

Further support for the photodissolution induction period at pH 4.5 being due to 

oxalate build-up via carbonate displacement is obtained from an analysis of data in 

Figure 3.11.  In this circumstance, an oxalate monolayer is first prepared on ferrihydrite 

before irradiation by exposing normal ferrihydrite to oxalate for 30 min.  ATR-FTIR 

shows that after such an exposure the ferrihydrite surface is covered by an oxalate 

monolayer.  In this circumstance the highest rate of photodissolution occurs immediately 

after the oxalate monolayer/mineral system is exposed to light.  Hence, there is no 

induction period associated with the photodissolution process if the ferrihydrite surface is 

first covered with oxalate. Under the experimental conditions used in these experiments, 

there is no solution phase oxalate, so that the decreasing rate of photodissolution for this 

system after about 20 min. can be attributed at least in part to the decreasing 

concentration of oxalate during the irradiation process.  Analysis of this specific data also 
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addresses another issue concerning the composition and reactivity of the oxalate 

monolayer. Specifically, ATR-FTIR has shown that oxalate appears to adopt two distinct 

binding sites on the ferrihdyrite surface (see Fig. 3.2). These contributions are exhibited 

in the data as a spectral shoulder at 1430 cm-1 and a more prominent contribution at 1412 

cm-1.  Based on data in Figure 3.2, oxalate associated with the 1430 cm-1 mode is more 

significant at low coverage while oxalate exhibiting the mode at 1412 cm-1 dominates at 

the higher coverage.  Data in Figure 3.9 demonstrates that the oxalate derived modes are 

completely eliminated after an irradiation time of 180 min, indicating that both oxalate 

species are photoactive and contribute to the photodissolution process.  Discriminating 

between the binding details for the two proposed species will need to wait until a firm 

understanding of the ferrihydrite surface structure is developed through experiment and 

theory.  

The photodissolution data shown in Figure 3.10 also shows that the rate of 

photodissolution (proportional to the slope of the curve) shows a continuous decrease 

over the 400 min. of reaction.  This decrease is independent of the history of the 

ferrihydrite sample; that is both normal and carbonate-free ferrihydrite show the same 

behavior.  Over this 400 min of reaction, the mass of the ferrihydrite particle decreases by 

about 20%, which certainly plays a role in this decrease.  We also suspect that the slow 

build up of carbonate product on the surface of the ferrihydrite particles (see Figure 3.8) 

also contributes to the decrease.  We surmise that the rate of carbonate production on the 

surface occurs at a faster rate than the displacement of this product by the adsorption of 

oxalate from solution.  Unfortunately, distinguishing the relative contribution of mass 



 

�

84 

loss due to dissolution and the blocking of surface sites by carbonate product is not 

possible from the data. 

In closing we discuss our results further in the context of prior research that has 

proposed the following pathway for the reductive dissolution of the iron oxyhydroxide 

goethite.  In the presence of light and oxalate under deaerated conditions the following 

set of elementary reaction steps have been proposed. 

 

>FeIIIOH2
+   + C2O4 

2- � > FeIII C2O4
-   + H2O                        1 

>FeIII C2O4
-  + hv  � > FeII C2O4

-*                                    2 

>Fe II C2O4
-* � > FeII + CO2 + CO2

�
 
–                   3 

  CO2
�

 
–  + Fe III aq � CO2 + FeII                   4 

After formation of the Fe(III)-oxalate surface complex (eqn.1), light absorption 

followed by ligand-to-metal charge transfer results in the reduction of structural Fe(III) to 

Fe(II) (eqn. 2) and the formation of CO2 + CO2
�

 
– products (eqn. 3).  The radical CO2

�
 
– 

either reacts with dissolved oxygen or surface/dissolved Fe(III) species to form Fe(II) and 

CO2  (equation 4).  In the context of this reaction sequence, our experimental 

observations suggest that CO2
�

 
– or both CO2

�
 
–  and CO2 react to form  carbonate surface 

complexes with  surface Fe(III).   

Whether the carbonate product is bound on the same iron center(s) where oxalate 

was adsorbed initially cannot be determined from our results. However, such a 

circumstance might suggest that iron atoms rather than those associated with initial 

oxalate binding might be released during photodissolution, via a shuttling of electrons 

through the bulk of the mineral.  Recently, Yanima et al. showed that interfacial electron 
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transfer reactions at one surface face can couple with another surface face via current 

flow through the crystal bulk especially in low band gap semiconductors like iron 

oxy/hydroxides. 27 Reported values for the band gaps of 2-line ferrihydrite and hematite 

are ~2 eV, 27-29 suggesting that similar processes may be operative on a mineral such as 

ferrihydrite. 

 

3.4 Summary and Environmental Implications 

ATR-FTIR study of oxalate adsorption onto ferrihydrite along with DFT based 

cluster calculation suggest that at pH 4.5, adsorbed oxalate adopted a mononuclear 

bidentate (MNBD) binding geometry. In the absence of light, no discernible amount of 

oxalate induced reductive dissolution of ferrihydrite was observed but upon irradiation, 

this process of reductive dissolution was significant. Oxalate induced photodissolution of 

ferrihydrite with adsorbed carbonate at pH 4.5  exhibited an induction period where the 

rate of Fe(II) release was limited by a low concentration of adsorbed oxalate due to the 

site-blocking of carbonate that was intrinsic to the surface of the starting material. 

Oxalate displaced this initial carbonate over time and the dissolution rate showed a 

corresponding increase. In contrast, adsorption of oxalate as well as the initial 

photodissolution process on ferrihydrite that was prepared in CO2 free environment was 

faster relative to normal ferrihydrite. Irradiation of oxalate/ferrihydrite at pH 4.5 also 

ultimately led to the appearance of carbonate reaction product on the surface and this 

surface bound product presumably hindered the overall dissolution process at long 

reaction times. As mentioned in the Chapter 1, Fe-containing minerals such as 

oxides/oxyhydroxides are commonly used to remove toxic substances from the natural 
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environments30 and we showed here that these nonmaterials prepared in ambient 

atmosphere may contain appreciable amount of carbonate on them. Carbonate is believed 

to be a well known competitive inhibitor for the adsorption of many aqueous species, 

such as toxic species containing arsenic (As), Lead (Pb), Uranium (U) etc.31 In this 

context, it is suggested that special attention should be paid during the preparation of iron 

(oxy)hydroxide material and use of  contaminant free (like ubiquitous carbonate) 

nanomaterial may be highly efficient to remove the potentially danger species from 

natural environments. 
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CHAPTER 4 

PHOTO-INDUCED OXIDATION OF ARSENITE TO ARSENATE ON 

FERRIHYDRITE  

(Note: Content of this Chapter is reprinted from the publication “Narayan Bhandari, 

Richard J. Reeder and Daniel R. Strongin, Photo-induced oxidation of arsenite to arsenate 

on ferrihydrite. Environ. Sci. Technol., 2011, 45, 2783–2789” with permission) 

 

 

4.1 Introduction 

 

In this chapter photochemical oxidation of one of the very toxic and mobile 

species, arsenite [As(III)] to less toxic and mobile species arsenate [As(V)] in the 

presence of iron oxyhydrioxides, specifically ferrihydrite, is discussed. As discussed in 

Chapter 1, iron (oxyhydr)oxide minerals  have been used extensively for the 

sequestration of heavy metal and metalloids from the contaminated sites. Of the various 

iron oxyhydroxides, ferrihydrite, because of the high surface area and high surface 

reactivity, is an effective material for the sequestration of many transition metals and 

metalloids [e.g., arsenite As(III) and arsentate (As(V)] in environmental settings.1, 2 

Although the adsorption of As(III) and/or As(V) on iron (oxy)hydroxides has been the 

subject of many prior studies, the use of these materials to facilitate the photochemical 

conversion of As(III) to As(V) has to the best of our knowledge not been pursued. We do 
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mention however that ultraviolet light treated aqueous solutions containing Fe(II) and/or 

Fe(III) in the presence of organic complexing agents like oxalate 3 and citrate 4  have 

been studied in the context of As(III) oxidation, and photochemical oxidation of As(III) 

to As(V) on TiO2 has been the focus of prior studies.5 In this Chapter, we will show that 

the irradiation of aqueous suspensions of ferrihydrite in the presence of As(III) with 

simulated solar light facilitates the conversion of this very toxic and mobile arsenic 

oxyanion to less toxic and less mobile As(V). Results presented in this Chapter also show 

that the majority of the reaction products remains bound to the ferrihydrite surface and an 

overall efficiency of total arsenic removal can be enhanced significantly. In particular, 

exposing the As(III) containing ferrihydrite suspension to simulated solar radiation can 

improve the arsenic removal efficiency by ~60%. The photochemical reaction, however, 

shows the characteristics of a self-terminating reaction; there is a significant suppression 

of this redox chemistry before 10% of the total iron making up the ferrihydrite partitions 

into solution as ferrous iron. The self-terminating behavior exhibited by this 

photochemical arsenite/ferrihydrite system is likely due to the passivation of the 

ferrihydrite surface by the strongly bound arsenate product. 

 

4.2 Results and Discussion 

 

4.2.1 In situ ATR-FTIR photoirradiation 

 In situ experiments were carried out that investigated the surface chemistry of 

As(III) on ferrihydrite surface during irradiation. Figure 4.1 displays ATR-FTIR 

experimental spectra obtained before and during the irradiation of ferrihydrite thin film 
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under constant flow conditions (~30 ml/h) with a solution composition of 0.41 mM 

As(III) [sodium arsenite] and 5 mM NaCl at pH 5. Under these flow conditions the 

solution composition with regard to As(III) and pH was presumed to remain constant 

during the course of the experiments. The bottom spectrum was obtained after 

ferrihydrite thin film was exposed to the flowing solution for 24 h under dark conditions 

and the remaining spectra were collected after various light exposure times as mentioned 

in the figure caption.  The ATR-FTIR spectrum (at given frequency range) obtained 

under dark conditions shows a vibrational mode at ~770 cm-1 that is associated with 

adsorbed As(III) onto iron oxides.6 After 0.5 h of light exposure, two new IR modes near 

805 and 876 cm-1 start to grow in intensity and these modes are associated with arsenate 

[As[V)] adsorbed onto iron oxides, consistent with assignments in prior reports.6, 7 This 

experimental observation indicates that As(III) has been oxidized to As(V) during this 0.5 

h exposure to light.  Modes associated with arsenate show a continuous increase in 

intensity until 7-8 h of irradiation, after which the As(V) derived modes remain relatively 

constant. However there has been constant concentration of As(III) in the aqueous phase. 

Based on this observation, we surmise that after 7-8 h of light exposure the ferrihydrite 

surface becomes saturated with As(V) and it is no longer photo active at least to the 

measurable extent. A further examination of the data shown in Figure 4.1 shows that the 

absorbance of the As(V)-derived modes after 8 h of light exposure are greater than those 

associated with As(III) prior to irradiation. We believe that this increase in absorbance 

over the 0 to 8 h exposure is due at least in part to an increasing amount of adsorbed 

arsenate. 
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Figure 4.1: ATR-FTIR spectra showing As(III) oxidation during the photo irradiation of  

ferrihydrite in the presence of flowing As(III) (0.41mM ) as a function of time.  The 

bottom spectrum was collected after a 24 h exposure to the As(III), but before exposure 

to light.  Subsequent spectra were collected after a 0.5, 1, 2, 3, 4, 5, 6, 7 and 8 h of light 

exposure (as indicated by arrow). Vertical dashed lines at 876 and 805 cm-1 indicate the 

peak positions associated with adsorbed arsenate and the dashed line at 770 cm-1 is 

associated with adsorbed As(III). In the Figure inset, spectra a and b are difference 

spectra.  Spectrum a and b were obtained by subtracting a clean ferrihydrite spectrum 

form an As(III) on ferrihydrite spectrum prior to irradiation and from a spectrum obtained 

after an 8 h exposure to light, respectively. Vertical lines at 1360 and 1475 cm-1 indicate 

the peak positions of vibrational modes associated with adsorbed carbonate on 

ferrihydrite.   
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We will quantify this increase later when we discuss our kinetic measurements, 

but we point out that quantifying the concentrations of the two species by IR is 

complicated by differences in the absorption cross sections of As(III) and As(V).6  

Furthermore, changes in the surface composition and structure of the ferrihydrite may 

play a role in at least partially controlling the surface coverage of As(III) and As(V). The 

inset to Figure 4.1 exhibits difference spectra that emphasize changes in the surface 

concentration of carbonate, which is an intrinsic contaminant on ferrihydrite that has been 

exposed to carbonate either in solution or gaseous carbon dioxide in the ambient 

atmosphere.8  The difference spectra (spectrum of interest minus clean ferrihydrite in pH 

5 water) show that there is a decrease in the carbonate concentration (i.e., appear as 

“negative” absorptions) after ferrihydrite is exposed to 0.41 mM As(III)for 24 h 

(spectrum a in inset) and there is an additional loss of carbonate during the exposure to 

light (spectrum b in inset).  Hence, it may be the case that additional sites for As(III) or 

As(V) adsorption become available as carbonate is lost from the surface. 

The flowing of As(III) solution during data acquisition should largely preclude 

the possibility of the readsorption of As(V) from solution, if some fraction of As(V) 

formed on ferrihydrite during irradiation partitions into the aqueous phase. To further rule 

out the possibility of As(V) readsorption from solution we investigated the 

photoreactivity of an adsorbed monolayer of As(III) on ferrihydrite surface at pH 5. 
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Figure 4.2: ATR-FTIR time dependent spectra showing the photooxidation of an 

preadsorbed As(III) on ferrihydrite in 5 mM NaCl at pH 5 [no aqueous As(III)]. The 

bottom spectrum was collected before As(III)/ferrihydrite was exposed to light.  

Subsequent spectra were collected after 0.5, 1, 2, 3, 4, 5, 6, and 7 h exposure to light. 

Vertical solid lines indicate the peak positions associated with adsorbed As(V) and 

dashed line is associated with adsorbed As(III). For these experiments, ferrihydrite was 

exposed to 0.41 mM As(III) at pH 5 for 24 h and then the flowing As(III)-bearing 

solution was replaced with a flowing solution containing only 5 mM NaCl at the same 

pH. 
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ATR-FTIR results for this experiment are presented in Figure 4.2.  The time-0 spectrum 

(no light exposure) shows mode intensity at 770 cm-1, characteristic of adsorbed As(III).  

As the irradiation time increases from 0 to 7 h modes at 805 and 876 cm-1 appear that 

increase in intensity during the irradiation.  The transformation from adsorbed As(III)to 

arsenate is largely complete after 7 h.  A comparison of the time-0 spectra in Figure 4.1 

and Figure 4.2 shows that similar amounts of As(III) are present based on the absorbance 

peak maximum of the 770 cm-1 spectral feature for each experiment.  However, after 7 h 

of irradiation the maximum of the 805 cm-1 peak associated with As(V) is greater when 

As(III) is present in the solution flowing over the ferrihydrite. We interpret this result as 

suggesting that if As(III) is present in the aqueous solution during irradiation it is capable 

of adsorbing and undergoing oxidation to As(V). This experimental observation brings up 

the possibility that adsorption sites become available on ferrihydrite during the irradiation 

and these can further adsorb As(III) and facilitate its oxidation to arsenate.   

 

4.2.2 Batch studies and XANES analysis of ferrihydrite after reaction 

 In addition to the ATR-FTIR experiments that probed the nature of the surface 

complexes on ferrihydrite, batch reactions were carried out to quantify the amount of 

As(III) oxidation as well as the nature of the aqueous and surface-bound product. As 

mentioned in the Chapter 2, ferrihydrite samples used for the batch reaction were first  

equilibrated with either 0.41 mM As(III) or As(V) for 24 h.  Figure 4.3 plots the amount 

of As adsorbed on ferrihydrite as a function of time after this pre-equilibration period.  

Time-zero on this plot is associated with the amount of As(III) (filled and open triangles) 

or As(V) (filled squares) that adsorbs onto ferrihydrite after the 24 h equilibration.   
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Figure 4.3: Amount of As adsorbed on Ferrihydrite as a function of time in the absence 

of light (filled triangle) and in the presence of light (open triangle) in a 0.25 g L-1 

Ferrihydrite suspension at pH 5 with an initial As(III)addition of 1.64 mol kg-1.   Arsenic 

adsorbed on Ferrihydrite at time-zero on this plot is representative of the amount of 

adsorbed arsenic containing species that adsorbed on Ferrihydrite after the mineral was 

individually exposed to either 0.41 mM of As(III)(open and filled triangle) or arsenate 

(filled square) for 24 h under dark conditions. The remaining data points show the 

amount of adsorbed arsenic containing species on the Ferrihydrite during the exposure to 

light and in the dark. For each plot, error bars represent one standard deviation from the 

average value of three individual experiments. 
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 The experimental results show that total amount of As adsorbed to ferrihydrite is 

enhanced significantly in the presence of light. Specifically, the total amount of As 

adsorbed to ferrihydrite during an 8 h exposure to light was 1.22 ± 0.03 mol kg-1, which 

is ~60% higher than the amount of As (0.77 ± 0.02 mol kg-1) that adsorbs when 

ferrihydrite is exposed to the same amount of As(III) in the dark. This amount of As 

adsorbed on ferrihydrite in the presence of light [primarily As(V)] is slightly higher than 

the amount of As [in the form of As(V)] that adsorbs on ferrihydrite when the mineral is 

exposed to 0.41 mM  As(V) in the dark (i.e., 1.13 mol kg-1).  We speculate that the 

increased adsorption of arsenic containing oxyanions during irradiation is in part due to 

the concomitant loss of carbonate shown by the ATR-FTIR results.  The loss of carbonate 

may result in an increased amount of adsorbed As(III) on ferrihydrite that can then be 

oxidized to As(V) in the presence of light.  

Based on ATR-FTIR the majority of the As-bearing species that was adsorbed on 

ferrihydrite during irradiation was As(V). However, to better quantify the relative surface 

concentration of As(V) and As(III) after irradiation, a XANES analysis was carried out 

on ferrihydrite that was exposed to 0.41 mM As(III) and irradiated for 8 h.  XANES 

spectra were also collected for control samples to characterize the adsorbed layer on 

ferrihydrite that resulted from the individual exposure of the mineral to As(III) and 

As(V). Figure 4.4 exhibits these XANES data and shows that ferrihydrite samples that 

were individually exposed to As(III) and As(V) exhibit well-resolved edge structures.  
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Figure 4.4: Normalized arsenic K-edge XANES spectra recorded for As(III)(dotted line) 

and arsenate (dashed line) adsorbed on to Ferrihydrite in the dark, and for photo-

irradiated Ferrihydrite/As(III)(solid line). In the inset, the linear combination fit (gray 

solid line) is compared to the experimental spectrum (dotted line) for the light-exposed 

As(III)treated Ferrihydrite (see text).  The linear combination fit shows 75-80% arsenate 

and 20-25% arsenite, respectively, after 8 h exposure to light.  
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The energy difference between the absorption maxima associated with the two surface 

species is ∼3.7 eV, which is consistent with edge positions for As(III) and As(V) 

coordinated to oxygen, respectively.9 An analysis of photo-irradiated As(III)-treated 

ferrihydrite indicates the presence of both As(V) and As(III). A least-squares linear 

combination fit of the XANES spectrum, using the As(III)- and As(V)-treated ferrihydrite 

spectra, showed that the adsorbed monolayer consisted of 75-80% As(V) and 25-20% 

As(III).  Hence, this XANES analysis shows that even after 8 h of irradiation there is still 

As(III) on the ferrihydrite surface. Interestingly, we observe only about ~5-10 	M of 

As(V) in solution after 8 h of irradiation. Control experiments show no As(V)  in solution 

if the initial As(III)/ferrihydrite system is kept in the dark or aqueous As(III) is exposed 

to light in the absence of ferrihydrite. These batch reaction results, taken along with the 

ATR-FTIR results, suggest that the vast majority of the As(V)  product remains bound to 

the ferrihydrite surface and does not partition to any large degree into the solution phase.  

Figure 4.5 shows the concentration of aqueous ferrous iron as a function of time 

during the photo-induced oxidation of As(III).  The data show that during the irradiation 

of ferrihydrite in the presence of As(III), there is a release of ferrous iron into solution, 

presumably due to the reduction of ferric iron in ferrihydrite to soluble ferrous iron 

during the concomitant oxidation of As(III) to As(V).  Data shown in the plot also reveal 

that there is an insignificant release of soluble Fe(II) when ferrihydrite is irradiated in the 

absence of As(III), consistent with the lack of a reductant in this circumstance. Also 

shown is an As(III)/ferrihydrite control experiment carried out in the dark, and under this 

condition there also is an insignificant amount of Fe(II)  release into solution.  
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We also carried out an experiment where ferrihydrite was first equilibrated with 

As(V) for 24 h. This pretreatment results in what we believe is a saturation surface 

coverage of As(V) on ferrihydrite (i.e., no more As(V)  can be adsorbed under these 

conditions). The resulting ferrihydrite with adsorbed As(V)  was washed and resuspended 

in 0.41 mM As(III). Irradiation of this sample led to an insignificant amount of Fe(II) 

release into solution. Hence, the adsorbed layer of As(V)  inhibited any adsorption of 

As(III) and essentially did not allow any photochemistry to occur. This result also 

supports our contention that the formation of an adsorbed layer of As(V) product after 

∼6-8 h of irradiation of ferrihydrite in an As(III) solution inhibits any further oxidation of 

As(III). We surmise that the plateau in the ferrous iron versus time plot that begins near 6 

h is where the ferrihydrite surface becomes saturated with arsenate.  Supporting this 

contention is the data presented in Figure 4.1 which shows that the amount of As(V) that 

adsorbs to ferrihydrite also reaches a maximum near 6 h.  Based on an analysis of the 

mass of the ferrihydrite before and after ∼8 h light exposure, only about 10% of the 

ferrihydrite mass underwent dissolution. A similar self-terminating behavior has been 

observed during the oxidation of As(III)to As(V) on birnessite (MnO2). Similar to the 

As(III)/Ferrihydrite system, it was proposed in the As(III)/birnessite system that the 

stability of the adsorbed arsenate product layer led to the inhibition of As(III)adsorption 

from solution and its oxidation. 10 Figure 4.5 also shows results from experiments that 

determined the amount of ferrous iron released into solution from ferrihydrite with a pre-

adsorbed As(III) in pH 5 water (complements ATR-FTIR results in Figure 4.2).  Data 

plotted in Figure 4.5 show that the amount of ferrous iron released is less than when 

As(III) is present in solution. 
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Figure 4.5: Concentration of soluble Fe(II) produced during the photo irradiation of an 

arsenite/Ferrihydrite suspension after 24 h of equilibrium (referred to on the plot as 0 

time) in the dark (open square). Open triangles represent the amount of soluble Fe(II) 

produced when Ferrihydrite with adsorbed As(III)was exposed to light in pH 5 water (no 

solution phase As(III)was present).  The inset to the figure shows expanded views of data 

points corresponding to open circles, filled triangles, and filled squares.  Open circles are 

associated with the irradiation of Ferrihydrite in the absence of either adsorbed or 

solution phase arsenic bearing species (control experiment). Filled triangles are 

associated with the amount of soluble ferrous iron resulting from the exposure of 

Ferrihydrite to 0.41 mM As(III)under dark conditions. Finally, the filled squares are 

associated with Ferrihydrite that has a saturated layer of adsorbed arsenate and has been 

exposed to light in the presence of solution phase arsenite.  
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After 6 h of irradiation of the preadsorbed As(III) leads to ∼177 µM of ferrous 

iron resides in solution, compared to ∼365µM of ferrous iron when As(III) is present in 

the solution initially. Our ATR-FTIR and batch chemistry results show that the initial 

surface coverage of As(III) on both these surfaces is similar.  Hence, if As(III) is present 

in solution during the irradiation there is an additional amount of As(III) that adsorbs and  

oxidizes (presumably in a concerted manner) and results in additional ferrous iron release 

(i.e., ∼188 µM). If we analyze Figure 4.3 further we find that the additional amount of 

arsenic adsorption that parallels the additional iron release is 88 	M. Hence the ferrous 

iron to arsenate product concentration ratio is ∼2.1:1. We can also further infer from 

Figure 4.3 that ~63% of the total arsenic on ferrihydrite after 8 h of irradiation is due to 

the oxidation of the initial adsorbed As(III) that is present prior to irradiation. A similar 

analysis [considering only 75-80% of surface species as As(V)] for the total amount of 

ferrous and As(III) oxidation during 8 h of irradiation when aqueous As(III) is present 

yields a ferrous iron to arsenate product concentration ratio of ∼1.8-1.9:1.  This ratio is 

close to the ratio of 2:1 that might be expected if the one electron reduction of 2 ferric 

iron atoms is required to oxidize one As(III) to As(V). We mention that a prior study 

experimentally observed a phase transformation of ferrihydrite to goethite and 

lepidocrocite (observed by XRD) when the iron oxyhydroxide  was exposed to aqueous 

Fe(II) species at a neutral pH.11 As shown in Figure 4.6, XRD analysis of synthetic 

ferrihydrite initial material and photo-irradiated end products of our samples showed no 

evidence for any other mineral phases but ferrihydrite. Since other iron oxyhydroxides 

mineral phases such as goethite, lepidocrocite and hematite have significantly lower 

arsenic uptake capacity compared to that of ferrihydrite, no discernible changes in the As 
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uptake during experiment also suggest that the majority of mineral phases to be 

ferrihydrite. Our experimental observations taken as a whole support a surface picture 

that includes the direct oxidation of surface-bound As(III) and the concomitant reduction 

of Fe(III). Similar to the conjecture we made in Chapter 3, we suggest the possibility that 

the iron binding the As(III) need not be the metal species that are reduced and desorb 

from the surface. Shuttling of electrons through the bulk of the mineral is a process 

believed to occur in low band gap semiconductors like iron (oxyhydr)oxides 12 and hence 

the ferric iron that is reduced to ferrous iron may not be directly participating in the 

binding of the As(III) reactant.  We emphasize, however, that the vast majority of the 

ferrous iron that does form during As(III) oxidation partitions into solution (considering 

the experimentally determined aqueous ferrous to As(V) product concentration ratio is 

close to 2:1), suggesting that this reduced iron species primarily forms at the outer 

surface of ferrihydrite.  

 

4.3 Environmental Implications 

 

Generally, arsenic removal from contaminated water is achieved in two steps that 

are 1) the oxidation of As(III) to As(V) and 2) the adsorption of the As(V) to a suitable 

adsorbent.4 The use of photoactive TiO2 (with UV light) to facilitate the oxidation of 

As(III) to As(V), for example, requires a post treatment in which both As(V) and TiO2 

must be removed from water.13  Other methods rely solely on the efficient aqueous 

oxidation of As(III).  For example,  potassium ferrate [K2FeO4:Fe(VI)] has been reported 

as an excellent oxidant for As(III), but it is expensive and commercially unavailable.13  
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Figure 4.6: XRD patterns of synthetic 2 line ferrihydrite (a) and ferrihydrite that was 

exposed to light and As(III) for 8 hours (b). The photo irradiated arsenite-ferrihydrite 

suspension sample was centrifuged, washed once with pH 5, 5 mM NaCl solution and air 

dried. XRD patterns before and after reaction was similar and did not indicate any phases 

other than ferrihydrite. The small feature at ~ 10˚ is associated with the sample holder. 
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  Finding both an inexpensive and efficient As(III) oxidation method coupled with 

toxic product removal is still an elusive goal. Our results suggest that As(III) can be 

oxidized on ferrihydrite in the presence of visible light and the product sorbs to the 

photoactive solid. In addition, total As removal efficiency (after light exposure) can be 

enhanced significantly with no harmful reaction products. In all remedial processes, the 

proper storage and disposal of arsenic contaminated sludge becomes a relevant issue. 

Prior studies have shown that arsenic bearing ferrihydrite appears to be stable for many 

years at a slightly acidic pH and oxidizing conditions.14 Considering the present 

limitations of various As(III) oxidation processes, we believe that our study which shows 

that the irradiation of ferrihydrite in the presence of As(III)results in arsenate strongly 

adsorbed to ferrihydrite may be a potential method for the removal of arsenic, due to its 

dual functions as an oxidant (in presence of light) and sorbent. 
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CHAPTER 5 

PHOTO-INDUCED OXIDATION OF ARSENITE TO ARSENATE IN THE 

PRESENCE OF GOETHITE 

(Note: Content of this Chapter is adapted from the publication “Narayan Bhandari, 

Richard J. Reeder and Daniel R. Strongin, Photoinduced oxidation of arsenite to arsenate 

in the presence of goethite. Environ. Sci. Technol., 2012, 46 (15), 8044-8051” with 

permission) 

 

 

5.1 Introduction 

 

 

In Chapter 4 we demonstrated that simulated solar light can facilitate the 

oxidation of arsenite [As(III)] to arsenate [As(V)] in the presence of ferrihydrite. We 

showed that As(III) oxidation occurred on ferrihydrite in the presence of simulated solar 

radiation until the mineral surface became saturated with surface-bound As(V) product 

and that the details of the As(III) oxidation process were similar under anoxic and oxic 

solution conditions.   

In the this Chapter we discuss our results that extend the investigation of 

photoinduced As(III) oxidation on iron oxyhydroxides to another environmentally 

relevant mineral, goethite. As discussed in Chapter 4, we did not observe noticeable 
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ferrihydrite mineral phase transformation to more stable phases such as goethite during 

exposure to [AsIII)] reactant, Fe(II) product, and light. However, in the presence of 

Fe(II) in an anoxic environment ferrihydrite has been shown to be transformed into 

goethite or other more stable iron oxyhydroxides phases.1-3 In addition, a prior study has 

showed that goethite in contact with dissolved Fe(II) showed the highest redox activity 

compared to other Fe(III)-(oxy)hydroxides.4 Therefore it is of interest to understand the 

As(III) photochemistry in the presence of goethite. Prior studies that have investigated 

As(III) adsorption and oxidation on goethite under dark conditions showed that a small 

amount of oxidation occurred at extended reaction times (~20 days),5 but no evidence of 

As(III) oxidation was observed for the first few days.6 To our knowledge there are no 

prior studies that have investigated the photochemical reactions of As(III) in the presence 

of goethite.  

A goal of study focused on in this chapter was to compare the photochemical 

behavior of goethite and ferrihydrite with regard to As(III) oxidation under a range of 

experimental conditions. Specifically, we present results that compare the oxidation of 

As(III) on goethite to As(III) on ferrihydrite in the presence of light at different solution 

pH values, and under both anoxic and oxic solutions. It will be shown that under specific 

reaction conditions the details of As(III) oxidation on goethite in the presence of 

simulated solar light are different than those for As(III) oxidation chemistry on 

ferrihydrite. We believe that the results bring forward important mechanistic details that 

help to explain how the redox chemistry underlying As(III) oxidation can vary on two 

different iron oxyhydroxides.  
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5.2 Results and discussion 

 

5.2.1 Characterization  

BET surface area measurements of synthesized goethite yielded an average value 

of 146±10 m2/g. Transmission electron microscopy (TEM), Infrared spectroscopy (IR) 

and X-ray diffraction (XRD) data showed that the size and crystallinity of the synthesized 

dry solids were consistent with what was expected for goethite nano-rods.7 

 

5.2.2 As(III) oxidation in goethite suspensions containing dissolved oxygen  

Geochemical batch reactions were carried out to quantify the amount of As(III) 

oxidation as well as the nature of the aqueous and surface-bound products formed on 

goethite during irradiation. Figure 5.1(a) plots the amount of total As adsorbed on 

goethite as a function of irradiation time after the 24 h period in which goethite was 

exposed to As(III) in the dark.  For example, time-zero on this plot is associated with the 

amount of As(III) (triangles) that adsorbs on goethite after this 24 h equilibration period 

(i.e., no irradiation).  The experimental data show that the total amount of As adsorbed to 

goethite is enhanced noticeably in the presence of light. In addition we also 

experimentally observed aqueous Fe(II) and As(V) products.  Figure 5.1(b) plots the 

concentration of aqueous Fe(II) and As(V) as a function of time during the irradiation of 

an As(III)/goethite suspension.  
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Figure 5. 1: (a) Amount of As adsorbed on goethite as a function of time in the presence 

of light (open triangle) in a 0.25 g L-1 goethite suspension at pH 5 with an initial 0.25 mM 

As(III) concentration. The amount of arsenic adsorption at time-zero on this plot is 

representative of the amount of adsorbed As(III) after aqueous As(III) was equilibrated 

with goethite in the dark for 24 h.  No As(V) product forms during this equilibration in 

the dark. Filled circles represent the amount of As(V) adsorbed in a similar time frame 

with an initial As(V) concentration of 0.250 mM under dark conditions. (b) 

Concentration of aqueous phase Fe(II) (open triangles) and As(V) (open circles) in 

solution during the photo irradiation process used for (a). Control studies (in absence of 

light) showed no Fe(II) (filled triangle) or As(V) (filled square) in solution. All of the 

experiments utilized reaction solutions that contained dissolved O2  
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Figure 5.2: Normalized As K-edge Q-XAS (XANES) spectra recorded for As(III) and 

As(V) adsorbed on goethite (Gt) in the dark, and for photoirradiated As(III)/goethite for 

the given light exposure time as indicated in the figure.  
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We presume that the aqueous ferrous iron product is due to the reduction of ferric iron 

associated with the goethite during the oxidation of As(III) to As(V) since no measurable 

amount of Fe(II) was observed when a goethite suspension was exposed to light in the 

absence of aqueous As(III). 

Similarly, the distribution of adsorbed As species on the goethite solid after 

irradiation was obtained from XANES analysis.  Figure 5.2 exhibits As K-edge XANES 

spectra for goethite that was exposed to As(III) in the dark for 24 h and then exposed to 

light for 2, 5, and 12 h.  Also included is reference data for goethite that was exposed to 

As(III) and As(V) for 24 h in dark conditions. The XANES spectra of the goethite 

samples that were individually exposed to As(III) and As(V), but not exposed to the light 

source, exhibit well-resolved edge structures characteristic of the As(III) and As(V) 

oxidation states, respectively.  Specifically, the energy difference between the absorption 

maxima associated with the two surface species is ∼3.7 eV, which is consistent with edge 

positions for As(III)  and As(V) coordinated to oxygen, respectively.8 We point out that 

by using the Q-XAS method (discussed in experimental section, Chapter 2), which 

permits individual XANES spectra to be collected in ~1 s, we were able to avoid any 

beam-induced oxidation state changes of the As, as demonstrated by testing reference 

samples. The similarity of the As(V)/goethite reference and light exposed As(III)/goethite 

XANES data lead to the conclusion that As(V) is the predominant As-bearing species 

adsorbed on the goethite surface when a As(III)-equilibrated goethite suspension is 

exposed to light. More importantly, the goethite surface becomes saturated with As(V) 

even in 2 hrs of light exposure. In the absence of light, no oxidation of As(III) to As(V) is 

observed to occur in the presence of goethite. 
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Table 5.1: Redox Speciation of As species to the solid phase as well as in aqueous 
solution in various experiments as indicated in table.  
 

Aqueous phase Solid phase  

Experiments As(III) 
% 

As(V) 

% 

As(III) 

% 

As(V) 

% 

As(III) mol/kg 
(µ mole/m2) 

As(V) mol/kg 

(µ mole/m2) 

Fe(II)/
As(V) 
ratio 

Gt+As(V) dark c 66 C 34 C 0.34 (2.32) - 

Gt+As(III) dark 72 c 28 c 0.28 (1.91) C - 

Gt+As(III) light 18 45 C 37 C 0.37 (2.53) 0.21 

Gt+As(III) light 
(anoxic) 

55 7 C 38 C 0.37 (2.53) 1.73* 

Fh+As(V) dark c 31 C 69 C 1.12 ( 3.39) - 

Fh+As(III) dark 53 c 47 c 0.77 ( 2.33) C - 

Fh+As(III) light 23 2 19 56 0.25 ( 0.75) 0.98 ( 3.09) 1.90±0.
1 

Fh+As(III) light 
(anoxic) 

24 1 20 55 0.25 (0.75) 0.97 (3.12) 1.93** 

 

cConcentration below detection limit.  

* See text for the details. 

**Assuming ~80% of total As species are As(V) on the surface.  

Gt and Fh indicate goethite and ferrihydrite, respectively.  All experiments were 

conducted in ambient (oxic) condition at pH 5 otherwise mentioned. The initial 

concentrations of As in Gt and Fh experiments were 250 and 410 µM respectively and all 

light experiments data were at 8 h of light exposure in either case.  Data associated with 

ferrihydrite were obtained from Chapter 4. 
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Total As uptake data onto the goethite surface at various experimental conditions 

are presented in Table 5.1. Data presented in Figure 5.1, taken together with results from 

XANES, indicate that the total amount of As(V) adsorbed on goethite during a 12 h light 

exposure (in the presence of As(III)) is 0.37 mol of As kg-1
 of goethite (see Table 5.1).  

This loading is ~30% higher than the amount of As (0.28 mol kg-1) that adsorbed 

immediately after the goethite was equilibrated with As(III) for 24 h under dark 

conditions.  Furthermore, the amount of As(V) adsorbed on goethite in the presence of 

light is higher than the amount of As (filled circle, Fig. 5.1a) that adsorbs on goethite 

when the mineral is exposed to 0.25 mM As(V) in the dark (i.e., 0.34 mol kg-1). Taking 

into account the surface area of the goethite, the surface coverage of As(III) was 1.91 

	mole/m2  before light exposure and the coverage of the As(V) product after irradiation 

was 2.53 	mole/m2. These values are reasonably consistent with prior studies at similar 

solution conditions that investigated As(III)/As(V) adsorption on goethite.9  

As discussed in Chapter 4, a similar increase in As(V) loading in the presence of 

light was also experimentally observed for ferrihydrite that was exposed to As(III) in the 

presence of light. In the ferrihydrite study (Chapter 4), the increase in As(V) coverage 

was attributed at least in part to the creation of adsorption sites for As(V) due to the 

removal of surface carbonate contamination during irradiation from the oxyhydroxide 

surface. Prior studies have often suggested that iron oxyhydroxide nano particles 

prepared in/exposed to the ambient atmosphere leads to the formation of surface 

carbonate10 (and references therein), and hence, some  carbonate is expected to be present 

on the goethite used in this study.  
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Figure 5.3: Transmission electron microscope (TEM) image of goethite (nanorods) 

before (left) and after light reaction (right) in the presence of As(III). Individual particles 

are ~100 nm in length and ~10-15 nm in width. The similarity of the images suggests that 

there is no clear indication of a phase change or secondary mineralization due to the 

As(III) oxidation reaction in the presence of light. 
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Figure 5.4: XRD pattern of synthetic goethite nanorods before exposing to As(III) and 

light (Gt)  and after exposing to As(III) and light for 12 h. The comparison suggests that 

there is no measurable difference between the two samples. Hence, there is no evidence 

for the presence of other iron oxides phases or secondary Fe-minerals. 
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Another possibility is that in the presence of aqueous Fe(II) an As-bearing ternary surface 

complex forms on the mineral surface,11, 12 or new structural phases form during the 

irradiation of the goethite surface in the presence of As(III).  While we cannot rule out 

such scenarios, TEM images and XRD data presented in the Figure 5.3 and 5.4 that was 

obtained before and after irradiation do not show any evidence of large-scale structural 

changes.  The absence of significant structural changes, however, is consistent with prior 

research that has shown no evidence for goethite phase changes when the mineral was 

exposed to Fe(II)13, 14 and/or secondary Fe mineral formation under the simultaneous 

presence of As(III) and Fe(II) in the dark.11 

 

5.2.3 Reaction stoichiometry and effect of solution pH  

It is useful at this point to compare the relative amounts of aqueous Fe(II) and 

As(V) products that was formed during the irradiation of goethite in the presence of 

As(III).  The amount of aqueous Fe(II) for a given irradiation time can be determined 

from data in Figure 5.1b while the total amount of As(V) product is equal to the sum of 

adsorbed and aqueous As(V), which can be determined from the data in Figure 5.1a and 

5.1b, respectively. Using the data associated with a 12 h irradiation time the we 

determine the ratio of aqueous Fe(II) to As(V) product (including both aqueous and 

surface bound) at pH 5 to be ~ 0.2. We believe this is an interesting result when viewed 

alongside results discussed in Chapter 4 where we found that the aqueous Fe(II) to As(V) 

concentration ratio during the irradiation of a ferrihydrite suspension in the presence of 

As(III) was ~2:1, a stoichiometry consistent with the following redox reaction: 
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    2> FeIIIOOH(s) + HAsO2 + 3H+  �   2FeII
(aq) + H2AsO4

-
(ad) + 2H2O  

  

where > denotes a surface site.  In the ferrihydrite case (Chapter 4), Fe(II) products 

primarily partitioned into the aqueous phase and the vast majority of the As(V) products 

remained adsorbed on the ferrihydrite surface. In contrast, with goethite as the reacting 

surface, we experimentally observe significantly less aqueous Fe(II) and a higher fraction 

of the As(V) products (~60% of total As(V) product) in solution.  One possibility for the 

lower aqueous Fe(II) to As(V) product ratio observed in the goethite experiments may be 

that the produced ferrous iron is rapidly oxidized to ferric iron after partitioning into 

solution via a homogeneous oxidation reaction with dissolved oxygen. This possibility is 

deemed unlikely, however, since as already mentioned the irradiation of the 

As(III)/ferrihydrite system does give a ~2:1 ratio, suggesting that the homogeneous 

oxidation of aqueous Fe(II) by dissolved oxygen is relatively slow under our 

experimental conditions, consistent with prior research.15 

 The reduced relative amount of aqueous Fe(II) (compared to As(V) 

product) in the goethite circumstance at least in part results from a surface mediated 

process that couples the electron transfer from adsorbed As(III) to dioxygen in the 

presence of light. Indeed, the role of the semiconducting properties of iron 

(oxyhydr)oxides in coupling redox reactions at the mineral/water interface have been 

highlighted in recent research.16 
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Figure 5.5: (a) Experimental results showing the loss of Fe(II) from solution at pH 5 

under oxic and dark conditions (i.e., oxidation to Fe(III)) with no mineral (triangles), in 

the presence of ferrihydrite (circles), and in the presence of goethite (squares), as a 

function of reaction time. (b) Log[Fe(II)]/[Fe(II)]0 versus time plot using experimental 

data (symbols) and fitted values (lines) for oxidation of dissolved Fe(II) in (a). Pseudo 

first order rate constant values (see text) are taken to be the negative of the slope of each 

fitted line in (b) after normalizing to surface area. Experimental conditions: Fe(II) = 0.16 

mM, NaCl = 2.5 mM and goethite or ferrihydrte loading 0.25g/L.  
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Figure 5.6: Fe(II) sorption on nano-goethite (open squares) and 2-line ferrihydrite (filled 

circles) as a function of pH. Conditions: Fe(II)= 0.16 mM, NaCl = 2.5 mM and goethite 

loading 1.75 g/L and ferrihydrite loading 0.77 g/L.  The experiment was carried out by 

monitoring the loss of Fe(II) from solution as the solution pH was raised from ~3 to 9.5 

under anoxic conditions.  
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The details of the process, however, should be consistent with our experimental 

observation that at pH 5, the amount of aqueous Fe(II) generated during the 

photochemical oxidation of As(III) in the presence ferrihydrite is relatively insensitive to 

the presence of dissolved oxygen. Both experimental and theoretical studies have shown 

that Fe(II) oxidation on an iron oxide surface (at circumneutral pH) occurs more rapidly 

than the homogeneous oxidation of aqueous Fe(II).8, 15, 17-19 

 We speculate that the difference in the aqueous Fe(II) yield for the 

goethite and ferrihydrite systems is likely due to differences in the kinetics of surface 

Fe(II) oxidation by dissolved oxygen on the two surfaces. To test this possibility we 

individually exposed goethite and ferrihydrite to 0.16 mM Fe(II) in the presence of 

dissolved oxygen at pH 5 and measured the concentration of aqueous Fe(II) over a 3 h 

period. As shown in Figure 5.5 (a), our experimental results showed that after 3 h, the 

ratio of the aqueous Fe(II) concentration to the initial concentration of Fe(II) (i.e., 

[Fe(II)]/Fe(II)]0) was ~ 0.5 and 0.8, for goethite and ferrihydrite, respectively. We 

attribute the greater loss of Fe(II) from solution in the case of goethite primarily to faster 

heterogeneous Fe(II) oxidation kinetics (homogenous Fe(II) oxidation was relatively 

slow under these conditions).  

While the retention of Fe(II) on the sample surfaces is expected to contribute to 

Fe(II) removal from solution, it is not believed to be a primary contributor.  We base this 

assertion on results from Fe(II) sorption envelope experiments in which both minerals 

were individually exposed to aqueous Fe(II) under anoxic conditions and Fe(II) uptake on 

the mineral surface was determined as a function of pH. As shown in Figure 5.6, our 
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results show that, in contrast to goethite, ferrihydrite only shows a considerable amount 

of net Fe(II) sorption at pH values > 6.5 (good agreement with prior studies for Fe(II) 

sorption on goethite13, 20, 21 and ferrihydrite 21).  It is important to bring forward that the 

current understanding of the interaction of Fe(II) with ferric bearing minerals involves an 

oxidative adsorption step with spontaneous electron transfer to lattice Fe(III),14, 16, 22-24 

which leads to the formation of Fe(II) spatially removed from the adsorption step, and a 

pH dependent desorption step of this reduced species. Hence, while little change is 

observed in the aqueous Fe(II) concentration in the presence of ferrihydrite (~2% loss 

from solution) there may exist a rapid equilibrium between aqueous Fe(II) and the ferric 

bearing mineral so that in essence there is oxidative adsorption of Fe(II) and subsequent 

desorption of Fe(II) from a spatially removed region of the lattice.  In such a reaction 

sequence there is no net adsorption or redox chemistry and this reaction sequence would 

not play a direct role in As(III) oxidation in the absence of dissolved oxygen.8  

  In the presence of dissolved oxygen, electron transfer to dioxygen might be 

expected to compete with Fe(II) desorption. Such a competition would also be expected 

to be occurring on the goethite surface during the heterogeneous oxidation of Fe(II) by 

dissolved oxygen. With regard to the reduction of dioxygen, prior work has suggested 

that the heterogeneous reduction of Fe(II) on ferric iron hydroxide is a function of the 

sorbed Fe(II) concentration and likely proceeds via spatially removed sites that 

accommodate Fe(II) oxidative adsorption and dioxygen reduction8, 15, 17-19 and which are 

electrically connected by the semiconductor material. It is likely that the higher rate of 

heterogeneous oxidation of Fe(II) on goethite than on ferrihydrite is due to a higher 
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concentration of sorbed Fe(II) (supported by data in Fig. 5.6 for anoxic conditions) at a 

given aqueous Fe(II) concentration that can undergo redox chemistry with dioxygen.  

While the details of the surface process are not entirely understood, we can state 

that based on data in Figure 5.5(b) (ln[Fe(II)]/[Fe(II)]o vs. time plot) that the surface area 

normalized pseudo first order rate constant 8, 15, 17-19 associated with heterogeneous Fe(II) 

oxidation by dissolved oxygen in the presence of goethite and ferrihydrite is 1.9x 10-6  

and 2.02 x 10-7 L s-1 m-2
  respectively. We again infer from this result that in large part the 

reduced amount of aqueous Fe(II) during the photoinduced oxidation of As(III) in the 

presence of goethite is due to a more rapid heterogeneous oxidation rate of Fe(II) 

(relative to ferrihydrite).     

Since the Fe(II) sorption/retention onto iron oxyhydroxides is a pH dependent 

process, we investigated the amount of aqueous Fe(II) and aqueous As(V) product during 

the irradiation of As(III)/goethite as a function of pH.  Figure 5.7(a) and 5.7(b) plots the 

aqueous Fe(II) and As(V), respectively, as a function of irradiation time at a solution pH 

of 4, 5, and 7. These data show that the amount of Fe(II) released during the 

photochemical oxidation of As(III) on goethite is highest at pH 4 and lowest at pH 7, 

although at the latter pH the homogeneous oxidation of any aqueous Fe(II) by dissolved 

oxygen is expected to be significant.   
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Figure 5.7: Concentration of aqueous (a) Fe(II) and (b) aqueous As(V) during the photo 

irradiation of a 0.25 g L-1 goethite suspension with an initial 0.250 mM As(III) 

concentration at pH 4 (open diamonds), pH 5 (open hexagons) and pH 7 (open triangles) 

in the presence of dissolved O2. Control studies (in absence of light) at these pHs showed 

no measurable amounts of aqueous Fe(II) or As(V). For comparison, data associated with 

pH 5 are re-plotted from Figure 5.1.  
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Figure 5.8: Aqueous phase concentration of (a) Fe(II) and (b) As(V) as a function of  

irradiation time for a 0.25 g L-1 goethite suspension with an initial 0.250 mM As(III) 

addition under anoxic conditions at pH 4 (open diamond), at pH 5 (open hexagon), and at 

pH 7 (open triangle). For oxic conditions, see Figure 5.7. The irradiation of the 

As(III)/goethite suspension under oxic conditions at pH 4, 5 and 7 led to a more 

significant amount of As(III) oxidation.   
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A comparison of results for pH 4 and 5 show a higher amount of aqueous Fe(II), but a 

somewhat lower amount of aqueous As(V).  The increased amount of aqueous Fe(II) at 

pH 4 is likely due to the lesser sorption onto the mineral surface at this lower pH.  

Furthermore, the lower yield of As(V) at the lower pH may be suggesting that at least 

some fraction of the As(V) product is coupled with the heterogeneous oxidation of Fe(II) 

at the goethite surface.  

We associate this lower yield of solution phase As(V) to a decrease in the total 

As(V) product and not to a change in As-surface loading, since an analysis of all our data 

shows that As surface loading does not change significantly with pH: 0.38, 0.37 and 0.32 

mol As/kg at pH 4, 5, and 7, respectively.  Also, after 12 h of reaction we determined 

based on the surface loading and data presented in Figure 5.7 that the ratios of aqueous 

Fe(II) to As(V) product (total of aqueous and surface bound) at pH 4, 5 and 7 were ~ 0.5, 

0.2 and 0.05, respectively.  

 

5.2.4 The role of oxygen   

To better understand the role of dissolved oxygen we carried out As(III) oxidation 

reactions in goethite suspensions in the absence of dissolved oxygen. Figure 5.8 (a) and 

5.8 (b) display the solution concentration of aqueous Fe(II) and aqueous As(V) as a 

function of time during the As(III) oxidation process in the absence of dissolved oxygen 

at pH 4, 5 and 7.  Inspection of the data shows not unexpectedly that under anoxic 

conditions, the amount of aqueous Fe(II) at any pH is greater than the amount present in 

solution under oxic conditions at the same pH (Fig 5.7) at a given reaction time.  
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Figure 5.9: As 3d XPS spectra of goethite that had been exposed to As(III) in the 

presence of light (top) for 12 h and after exposure to As(III) in the dark (bottom). Both 

experiments were conducted under anoxic condition at pH ~5. The peak positions at ~ 

44.3 eV and ~ 46.5 eV agree well with literature values for As(III) and As(V), 

repsectively.2,3 
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Inspection of the anoxic reaction data also shows that after 12 h of irradiation the 

amount of aqueous Fe(II) associated with the pH 4 reaction is  1.8 times higher than the 

amount present at pH 5, and 6.3 times higher than the amount of aqueous Fe(II) when the 

reaction occurs at pH 7.  The amount of solution phase As(V) product at these pH values, 

however, are similar over the course of the irradiation.  It is believed that this particular 

observation suggests that the rate of As(V) product formation is fairly similar at each pH.   

Also, the As-surface loadings (primarily As(V) Fig. 5.9 for pH 5) under anoxic 

conditions were similar to the values obtained under oxic conditions (0.38, 0.37 and 0.32 

mole of As/kg of goethite for pH 4, 5 and 7, respectively).  Therefore, the reduced 

amount of aqueous Fe(II) at higher pH conditions ( i.e., pH 5 and 7) compared to the 

amount at pH 4 under anoxic conditions is likely due to the increased retention of iron 

product on the goethite surface at the higher pH (see Figure 5.6). It is interesting now to 

determine the aqueous Fe(II) to As(V) concentration ratio at pH 5 under anoxic 

conditions.  Based on the data presented in Figure 5.6, it is estimated that 20% of the 

ferrous iron generated during the photochemical As(III) oxidation reaction at pH 5 

remains on the goethite surface. If all the Fe(II) was released into solution then the 

solution concentration of ferrous iron would be ~175 µM. The total As(V) product 

concentration under anoxic conditions (taking into account both surface adsorbed and 

solution phase As(V) after 12 h of light exposure would be ~105 µM (if all As(V) 

partitioned into solution). Under anoxic conditions we therefore estimate the Fe(II)/As(V) 

ratio to be ~1.7 at pH 5.  This value is much closer to the stoichiometric ratio of 2 and 

significantly higher than the ratio of 0.2 associated with oxic conditions at pH 5 where 

the heterogeneous oxidation of Fe(II) by dioxygen is likely occurring. Similarly, we 
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estimate that the ratio of Fe(II)/As(V) at pH 4 to be 1.93 (under anoxic condition and 

considering no Fe(II) sorption) which is even closer to the expected stoichiometric ratio 

of 2. Therefore, these results strongly suggest that under anoxic conditions there is a 

significant amount of Fe(II) retention at elevated pH (such as at pH 5 and above) which is 

ultimately affecting the measured Fe(II)/As(V) ratios. 

Comparison of the data in Figure 5.7 and 5.8 shows that in general the rate of 

aqueous As(V) formation is significantly greater for oxic conditions then for anoxic 

conditions at any given pH.  Analysis of the data for pH 5, for example, shows that the 

rate of aqueous As(V) formation at a 2 h irradiation time under oxic and anoxic 

conditions is 12.4 x 10-5  M s-1 m-2 and 1.4 x 10-5  M s-1 m-2, respectively. We suspect that 

under oxic conditions the oxidation of Fe(II) on goethite and reduction of O2 to form 

reactive oxygen species (e.g., H2O2 and ultimately OH�) facilitates As(III) oxidation by 

Fe(II)-mediated Fenton-like reactions 8,15,25 during the photo-induced As(III) oxidation 

process and is the reason for the higher yield of solution phase As(V) product.  Whether 

in our study the oxidation of As(III) to As(V) occurs on the goethite surface cannot be 

discerned from our experimental data, although under anoxic conditions, one might 

expect As(III) oxidation to be primarily a surface process.  The photo-induced oxidation 

of As(III) on ferrihydrite under anoxic or oxic conditions does not result in a significant 

amount of aqueous As(V) product in the presence or absence of dissolved oxygen (see 

Table 5.1).  
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Figure 5.10: Aqueous phase As(V) produced during the photo irradiation of an 

As(III)/ferrihydrite suspension after the ferrihydrite was equilibrated with aqueous 

As(III) for 24 h at pH 5 (circles) under oxic and dark conditions. For comparison, also 

shown is the amount of aqueous As(V) produced (squares) when an As(III)/goethite 

suspension was irradiated under similar conditions (reproduced from Figure 5.8). 
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Figure 5.11: Concentration of aqueous phase As(V) produced during the photo-

irradiation of an As(III)/goethite suspension after 24 h of equilibration with As(III) at pH 

7(triangle) under dark conditions. Also shown is the amount of aqueous As(V) produced 

(circles) when 0.2 mM of aqueous Fe(III) with 0.25 mM As(III) was exposed to light at 

pH 7 under aerated condition. 
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Figure 5.12: Surface area normalized total As adsorption and As(III) oxidation on 

synthetic goethite and ferrihydrite at pH 5. (A) Total As adsorption when As(III) is 

equilibrated with the solid in the dark, (B) total As adsorption when As(V) is equilibrated 

with the solid in the dark, (C) total As adsorption when each mineral was first 

equilibrated with As(III) and then was exposed to light for 8h and (D) total As(III) 

oxidation in C. The light intensity was ~1450 W/m2 for both experiments, 0.25 mM 

As(III) was used in the case of goethite, and 0.410 mM As(III) in the case of ferrihydrite. 

 

 

0

1

2

3

4

5

A B C D

µ 
M

ol
es

 o
f A

s/
m

2

Ferrihydrite
Goethite

 



 

�

137 

For example, in the As(III)/ferrihydrite circumstance the rate of aqueous As(V) 

product formation at 2 h of irradiation is 6.73 x 10-6 M s-1 m-2, compared to an aqueous 

As(V) product formation rate of 12.4 x 10-5  M s-1 m-2 in the case of As(III)/goethite at an 

irradiation time of 2 h (determined from data in Fig. 5.10) under oxic conditions. This 

might suggest that the relatively high yield of aqueous phase As(V) in the goethite 

circumstance is due to the oxidation of As(III) in the aqueous phase. It is conceivable that 

aqueous or adsorbed ferric iron formed from Fe(II)-mediated Fenton-like reactions in the 

goethite circumstance could also contribute to As(III) oxidation.  We conducted an 

experiment where we irradiated a solution containing only aqueous Fe(III) and As(III) 

and experimentally observed As(V) product (see Figure 5.11).    

The increased amount of heterogeneous Fe(II) oxidation on goethite that occurs 

under oxic conditions enhances the amount of As(III) oxidation by reactive oxygen 

species in the solution phase when compared to ferrihydrite. In addition, as shown in 

Figure S9, the photochemical reduction of thus produced Fe(III) and the concurrent 

oxidation of As(III) are also expected to contribute to the formation of aqueous phase 

As(V) in comparison to the ferrihydrite system. It is interesting to consider the relative 

insensitivity of the photo-induced As(III) in the presence of ferrihydrite at pH 5. A prior 

study has recently shown that  As(III) oxidation (non-photochemical) does not occur in 

the presence of aqueous Fe(II) and ferrihydrite at neutral pH  under anoxic conditions but 

happens rapidly when the system is exposed to dissolved oxygen.8 We speculate that at 

neutral pH the Fe(II) sorption on ferrihydrite is relatively high (compared to pH 5: Fig. 

5.6) and the oxidation of Fe(II) plays a more significant role in the redox chemistry of 

As(III) oxidation than at pH 5.   
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5.3 Summary and Environmental Implication 

 Results from various experiments presented in this chapter show that the irradiation 

of arsenite/goethite under conditions where dissolved oxygen was present in solution led 

to the presence of arsenate [As(V)] product adsorbed on goethite and in solution.  Under 

anoxic conditions (absence of dissolved oxygen) As(III) oxidation occurred, but the 

As(V) product was largely restricted to the goethite surface.  In this circumstance, 

however, there was a significant amount of ferrous iron release, in stark contrast to the 

As(III) oxidation reaction in the presence of dissolved oxygen.  Results suggested that in 

the oxic environment ferrous iron, which formed via the photo-induced oxidation of 

As(III) in the presence of goethite, was heterogeneously oxidized to ferric iron by 

dissolved oxygen.  It is likely that aqueous reactive oxygen species formed during this 

process led to the further oxidation of As(III) in solution.  A comparative study between 

the arsenite photochemistry in the presence of ferrihydrite (Chapter 4) and goethite (this 

study) showed that at pH 5 and 2 h of light exposure the instantaneous rate of aqueous 

phase As(V) formation in the presence of goethite (12.4 x 10-5  M s-1 m-2 ) was 

significantly faster than in the presence of ferrihydrite (6.73 x 10-6 M s-1 m-2). This result 

suggests that the increased rate of ferrous iron oxidation in the presence of goethite and 

dissolved oxygen was the primary reason for the higher As(III) oxidation rate when 

compared to the As(III)/ferrihydrite system. The surface area normalized As adsorption 

and oxidation on goethite and ferrihydrite are presented in Figure 5.12 for an 8 h 

exposure to light at a solution pH of 5 (in the presence of dissolved oxygen). The 

comparison shows that while the goethite surface is more efficient for As(III) oxidation 

(5.3 µmoles/m2 compared to 2.6 µmoles/m2), ferrihydrite shows a higher surface 
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concentration of adsorbed As(V) after the 8 h exposure to light (3.84 compared to 2.51 

µmoles/m2).  Based on these recent experimental results, it is believed that the use of iron 

(oxy)hydroxide surfaces in the presence of light might complement current technologies 

that require the use of UV light and also need to separate adsorbent and coagulant.   
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 CHAPTER 6 

 

COUPLED REDOX TRANSFORMATION OF CHROMATE AND ARSENITE IN 

THE PRESENCE OF IRON OXIDES 

 

6.1 Introduction 

 

Remediation schemes that are capable of reducing chromate [Cr(VI)] to chromite 

[Cr(III)] and oxidizing arsenite [As(III)] to arsenate [As(V)] is an important area of 

research.  The conversion of Cr(VI) to Cr(III) has been accomplished in a variety of ways 

that include the use of zero valent iron,1 Fe(II),2 iron sulphide,3 Fe(III)-oxalate/citrate 

with UV irradiation,4 and by the use of iron oxyhydroxides5 in the presence of light. In 

the past few decades, Cr(VI) reduction by Fe(II) has been particularly well studied at a 

broad range of experimental conditions by various authors.2, 6, 7 Generally, these studies 

concluded that reduction of Cr(VI) by Fe(II) is efficient and the resulting formation of 

Fe-Cr minerals is an additional advantage, since it aids in the removal of the reaction 

products. 

In Chapters 4 and 5, we have demonstrated that solar (simulated) light facilitated 

the redox transformation of As(III) to As(V) in the presence of iron (oxy)hydroxides that 

included ferrihydrite and goethite. In those prior studies, As(III) oxidation on 

ferrihydrite/goethite in the presence of light resulted in the simultaneous release of Fe(II) 
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into solution. A goal of this study was to determine whether the exposure of a solution 

containing both As(III) and Cr(VI) and iron oxyhydroxide resulted in the formation of 

As(V) and Cr(III).  The simultaneous oxidation of As(III) and reduction of Cr(VI) has 

environmental relevance, since As and Cr contamination are often found together in 

various contaminated sites.8-10 While we are unaware of other studies that have 

investigated the possibility of coupling As(III) oxidation and Cr(VI) reduction on a 

mineral surface, we point out that the simultaneous oxidation of As(III) and reduction of 

Cr(VI) have been shown in an ice matrix 11 and even by micro-organisms.12 

In this Chapter we present results addressing the redox chemistry that occurred in 

solutions containing both Cr(VI) and As(III) and three different iron (oxyhydr)oxide 

minerals: ferrihydrite, goethite, and lepidocrocite in the presence and absence of light. 

Oxidation states of the adsorbed species before, during, and after exposure to Cr, As, and 

light (or in dark) were studied with in situ attenuated total reflection Fourier transform 

infrared spectroscopy (ATR-FTIR). X-ray absorption spectroscopy (XAS) and X-ray 

photoelectron spectroscopy (XPS) were also used to determine the chemical speciation of 

the Cr and As species on the mineral surfaces.  Results show that simultaneous presence 

of  As(III), Cr(VI) and iron oxyhydroxides, even under dark condition, results in the 

oxidation of As(III) to As(V) and the reduction of Cr(VI) to Cr(III).  In the absence of 

iron (oxyhydr)oxide this redox chemistry does not occur under our experimental 

conditions. In addition, the surface mediated redox chemistry is shown to be enhanced by 

simulated solar light. Our results also suggest that at least a fraction of the As(V) and 

Cr(III) product resulted from the redox coupling of adsorbed As(III) and Cr(VI) on the 

iron (oxyhydro)xides surface. 
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6.2 Results and Discussion 

6.2.1 As(III)-Cr(VI) redox reaction under dark condition 

6.2.1.1 In situ ATR-FTIR study 

In situ ATR-FTIR spectroscopic experiments were carried out to investigate the 

redox reaction of As(III) and Cr(VI) in the presence of ferrihydrite. Figure 6.1 displays 

ATR-FTIR spectra obtained when Cr(VI)-laden ferrihydrite was exposed to aqueous 

As(III) at pH 5 under continuous flow conditions. The top spectrum (a) was obtained 

after ferrihydrite was exposed to a flowing solution of 0.25 mM Cr(VI) for 12 h under 

dark conditions. Spectra (b), (c), (d), (e) and (f) were obtained after exposing the sample 

to As(III) (0.25 mM) [no aqueous phase Cr(VI)] for 15, 40, 60, 90 and 120 min 

respectively. The vibrational modes associated with spectrum (a) located near 924, 870, 

830 and 770 cm-1 are in agreement with the mode positions of Cr(VI) adsorbed on iron 

(oxy)hydroxides.13, 14 Similarly vibrational modes of adsorbed As(V) (~810 and 876 cm-

1) and As(III)(~770 cm-1) on ferrihydrite have been reported previously.15 Though, 

vibrational modes due to adsorbed Cr(VI) interfere with adsorbed As species, the 

progress of the redox reaction, however, could still be monitored by following the 

intensity of the ~924 cm-1 mode position that was solely due to adsorbed Cr(VI). As 

shown in Figure 6.1, first exposing ferrihydrite to aqueous Cr(VI) and then to a solution 

containing only As(III) decreased the intensity of ~924 cm-1 peak, suggesting that either 

Cr(VI) is being displaced by As(III) or reduced to Cr(III). While there is a possibility of 

competition between the adsorption of Cr(VI) and As(III) species for the same surface 

site, the appearance of vibrational modes near 810 and 876 cm-1 suggest the presence 
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Figure 6.1: In Situ ATR-FTIR spectra showing various changes when Cr(VI) laden 

ferrihydrite was exposed to flowing As(III) (0.25 mM) solution under dark condition. The 

spectrum (a) was collected after a 12 h exposure to the 0.25mM Cr(VI) solution at pH 5 

in dark. The spectra (b), (c), (d), (e) and (f) were collected at 15, 40, 60, 90 and 120 min 

of As(III) exposure. Spectra are offset for clarity. 
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of As(V) species presumably due to oxidation of As(III). Control experiments that 

exposed ferrihydrite to either Cr(VI) or As(III) in the dark, showed no significant changes 

in the intensity of Cr(VI) or As(III) associated vibration modes, and thus, the 

disappearance of Cr(VI) and appearance of As(V) in the Figure 6.1 could be indicative of 

simultaneous redox transformation of Cr(VI) and As(III). Although, this reaction is 

thermodynamically spontaneous in aqueous solution, it is kinetically hindered in the 

homogenous aqueous media.11 Hence, we contend that the mineral (ferrihydrite, in this 

case) surface is necessary (or act as catalyst) for this electron transfer reaction to occur. 

6.2.1.2 Geochemical batch studies in the dark 

To get quantitative information regarding this As(III)-Cr(VI) redox chemistry, 

batch reactions under dark conditions were performed. Initially, As(III) and Cr(VI) were 

exposed to the mineral suspension for 12 h at pH 5 and aqueous-phase/solid-state 

products were analyzed individually. Based on an analysis of solution phase species, 

there was no evidence for redox transformations under dark condition. For example, only 

As(III) and Cr(VI) [no measurable quantities of As(V) and/or Cr(III)] species were found 

to be present in the aqueous phase. However, some of the As(III) and Cr(VI) species 

were found to be lost from the aqueous phase due to the adsorption onto the mineral 

surface. At given experimental conditions, the amount of As and Cr species adsorbed to 

the ferrihydrite surface were found to be 0.56 ± 0.03 and 0.31 ± 0.02 mol/kg respectively. 

At equilibrium, more As(III) was found to be adsorbed onto the surface compared to 

Cr(VI) [As(III):Cr(VI) mole ratio ~1.9:1]. 
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Figure 6.2: Normalized Cr K-edge XANES spectra recorded for Cr(VI) and Cr(III) 

adsorbed on to ferrihydrite at pH 5 in the dark, and for ferrihydrite/As(III)-Cr(VI) 

suspension that was equilibrated for 12 h under dark condition at pH 5. Fh denotes 

ferrihydrite. 
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More As(III) retention on the surface is due the fact that ferrihydrite surface has more 

affinity for As(III) than for Cr(VI) at our experimental conditions.16 To asses the valence 

state of As and Cr on the ferrihydrite surface, As-QXAS and Cr K-edge XANES 

spectroscopy was carried out on ferrihydrite that had been exposed to As(III) and Cr(VI) 

in the dark along with individual controls. Figure 6.2 exhibits Cr K-edge XANES data for 

ferrihydrite that was exposed to As(III) and Cr(VI) and other ferrihydrite samples which 

were exposed to aqueous Cr(III) or Cr(VI) individually. A prominent pre-edge feature 

(characteristic of the CrO4
2-) at ~ 5930 eV is present in the XANES data for ferrihydrite 

that had been exposed to Cr(VI) under dark conditions, consistent with the presence of 

adsorbed CrO4
2-. 17  This feature is absent in the spectrum of ferrihydrite that had been 

exposed to solution containing As(III) and Cr(VI), and instead this spectrum is similar to 

the Cr(III) adsorbed ferrihydrite reference spectrum. These data suggest that Cr(VI) is 

reduced to Cr(III) during exposure to As(III) in the presence of ferrihydrite. Similarly, 

Figure 6.3 exhibits As-QXAS data collected for ferrihydrite/As(III)-Cr(VI) suspension 

along with individual controls either As(III) or As(V) adsorbed ferrihydrite. As shown in 

Fig. 6.3, all of the ferrihydrite samples exhibit well-resolved As(III) and or As(V) edge 

structures,18 however, a least-squares linear combination fit of the data shows a surface 

distribution of As species in the As(III)-Cr(VI) exposed ferrihydrite sample. In particular, 

an analysis (not shown) suggests that the majority of the adsorbed As species are As(V) 

(80 ± 5 %) at pH 5. Therefore, these results also support the fact that ferrihydrite 

facilitates the simultaneous conversion of adsorbed As(III) to As(V) and Cr(VI) to 

Cr(III). 
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Figure 6.3: Normalized As K-edge QXAS (XANES) spectra recorded for controls 

[As(III) or As(V) only adsorbed ferrihydrite in the dark], and for As(III)  and Cr(VI) 

reacted ferrihydrite samples at pH 5 under dark condition. Fh denotes ferrihydrite. 
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6.2.2 Effect of simulated solar light on As(III)-Cr(VI) redox reaction 

6.2.2.1 In situ ATR-FTIR study 

 In situ ATR-FTIR spectroscopy was carried out to investigate the effect of light 

on the redox reaction of As(III) and Cr(VI) on the ferrihydrite surface. Figure 6.4 

displays ATR-FTIR results obtained during a photochemical reaction of As(III) and 

Cr(VI) on the ferrihydrite surface under continuous flow conditions. The top spectrum (a) 

was obtained after ferrihydrite was exposed to a flowing solution of 0.25 mM Cr(VI) for 

12 h under dark conditions. Spectra (b) and (c) were obtained after starting the flow of 

As(III) (0.25 mM) solution for 5 and 30 min., respectively. The remaining three spectra, 

(d), (e) and (f) were obtained after irradiation times of 5, 20, and 30 min. respectively. As 

discussed before, the vibrational modes associated with spectrum (a) located near 924, 

870, 830 and 770 cm-1 are assigned to mode positions of Cr(VI) adsorbed on iron (oxy 

hydr)oxides.13, 14 Similarly vibrational modes of adsorbed As(V) (~ 810 and 876 cm-1) 

and As(III) (~770 cm-1) on ferrihydrite were assigned previously.15 As discussed 

previously (Fig 6.1), the slight decrease in mode intensity of Cr(VI) [vib. mode ~ 924 cm-

1] in spectra (b) and (c) of  Figure 6.4 may be due to the reduction and/or displacement of 

Cr(VI) by As(III) in dark. However, as soon as the sample is exposed to light (within 30 

mins) these mode positions were largely eliminated (see spectra d, e and f) and the 

surface became covered with As(V) species as suggested by vibrational modes near 810 

and 876 cm-1. Control studies of ferrihydrite exposed only to Cr(VI), (conducted in the 

presence of light) [see appendix], showed no significant changes in the intensity of 

Cr(VI) modes after attaining equilibrium. 
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Figure 6.4: ATR-FTIR spectra showing Cr(VI) reduction and As(III) oxidation during 

the photo irradiation of Ferrihydrite in the presence of flowing As(III) (0.25 mM) and 

adsorbed Cr(VI) a function of time. The spectrum (a) spectrum was collected after a 12 h 

exposure to the 0.25mM Cr(VI) solution at pH 5 in dark. The spectra (b) and (c) were 

collected at 5 and 30 min after replacing Cr(VI) solution with 0.25mM As(III) (no Cr(VI) 

in solution) solution at pH 5 in dark. Similarly spectra (d), (e) and (f) were collected at 5, 

20 and 30 min after exposing to light while under continuous flow of As(III) solution  (30 

ml/h). Spectra are offset for clarity. 
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If we compare this results with the result presented in Figure 6.1, it is clear that visible 

light does enhance the kinetics of the As(III)-Cr(VI) redox reaction presumably by 

facilitating the electron transfer process. 

 

6.2.2.2 Photo-irradiated batch reactions 

Quantitative batch experiments were carried out to investigate the photochemical 

effect of As(III) and Cr(VI) redox reaction on ferrihydrite. Initially, As(III) and Cr(VI) 

were added to the mineral suspension and equilibrated for 12 h in the dark. As mentioned 

in section 6.2.1.2, while there was no measurable redox chemistry under dark conditions 

in the aqueous phase, the irradiation of the ferrihydrite suspension containing both As(III) 

and Cr(VI) led to significant changes in the composition of the solution.  In particular, 

irradiation of a solution initially containing As(III) and Cr(VI) led to the formation of 

aqueous As(V) product. Figure 6.5 plots the aqueous phase concentration of Cr(VI) and 

As(V) in the presence of ferrihydrite as a function of the light exposure time at pH 5. 

Control experiments performed in the absence of ferrihydrite, but in the presence of light 

showed neither measurable Cr(VI) loss from solution nor the presence of As(V) in the 

aqueous phase (Fig 6.5). We note that time 0.2 h on the plot refers to the Cr(VI) 

concentration in the aqueous phase immediately after the 12 h equilibration period in the 

dark. An inspection of the data shows that there was a continuous loss of Cr(VI) from 

solution and an concomitant increase in the concentration of aqueous As(V) product 

during the exposure of the system to light. 
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Figure 6.5: Concentration of remaining aqueous Cr(VI) species (top) and produced 

aqueous As(V) during the photo irradiation of a 0.25 g L-1 ferrihydrite with an initial 

addition of 0.250 mM As(III) and 0.1 mM Cr(VI) solution at pH 5 (open circle).Control 

studies in absence of mineral but presence of light (open diamond).Time zero (top) is 

associated with initial amount of Cr (VI) added and time 0.2 h is associated amount of Cr 

(VI) remained in the solution after 12 h of equilibrium but before exposing to light. All 

other data were obtained at given time of light exposure. 
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Similar to dark reaction products shown in Figures 6.2 and 6.3, an XAS analysis 

of photo-reacted solid end products suggest that Cr(VI) is reduced to Cr(III) and As(III) 

is oxidized to As(V) during the 8 h exposure of the As(III)/Cr(VI)/ferrihydrite system to 

light (not shown). Although in situ ATR-FTIR results suggested that there is no Cr(VI) 

reduction when Cr(VI) adsorbed ferrihydrite is exposed to light for extended period of 

time, we further conducted X-ray photoelectron spectroscopy (XPS) experiments to 

ensure that the irradiation of a solution containing ferrihydrite and aqueous Cr(VI) [in the 

absence of As(III)] does not lead to the formation of adsorbed Cr(III) product (see Figure 

6.6). XPS data presented in Figure 6.6 shows that Cr(VI) adsorbed ferrihydrite that was 

exposed to light exhibits a Cr 3p3/2 peak at 579.4 eV, which is consistent with the 

presence of adsorbed Cr(VI).1, 3, 19  Overall, these results show that the ferrihydrite 

surface facilitates the conversion of As(III) to As(V) and Cr(VI) to Cr(III) even in the 

absence of light and visible light has a beneficial effect on the kinetics of this redox 

reaction. 

While all the data discussed support As(III)-Cr(VI) redox transformation, no 

measurable amount of aqueous phase Cr(III) was observed during any of the 

experiments, suggesting that majority of Cr(III) product partitioned onto the iron 

oxyhydroxide surface or precipitated from solution as a Cr(III) or Cr(III)-Fe bearing 

minerals. To evaluate the possibility of mineralized Cr(III) phases, XRD was  carried out 

on post-reaction samples (see Figure 6.7).  No discernible differences, however, were 

observed between pure ferrihydrite and reaction product. Considering the relatively high 

detection limit of XRD (~5% by wt), we further conducted elemental mapping of reaction 

products. The objective of this experiment was to look for the elemental distribution 
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Figure 6.6: XPS spectra of Cr(VI) adsorbed Ferrihydrite (a), Cr(VI) adsorbed 

ferrihydrite exposed to light and Cr(III) adsorbed ferrihydrite (c) in Cr2p regions. All 

experiments were conducted in at pH ~5. 
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pattern. A localized Cr distribution would suggest the mineralized Cr and/or surface 

precipitates. However, as shown in Figure 6.8, a relatively homogenous distribution of Cr 

or As elemental distribution suggest that Cr(III) was more likely adsorbed on the surface.  

To assess the possibility of surface sorption of Cr(III) products, the maximum 

loadings of Cr(III) on ferrihydrite at pH 5 in the presence and in the absence of As(V) 

under dark condition were determined. Our results suggest that 280 mmoles of Cr(III) 

adsorbed per kg of ferrihydrite (70 % of the initial amount of Cr species used in this 

study).  However, in the two component As(V) and Cr(III) sorption experiments, the 

amount of Cr(III) that could be adsorbed onto ferrihydrite was found to be sensitive to the 

amount of As(V) that coexisted in solution. For example, we found that Cr(III) loading 

was significantly higher (400 mmoles/kg) in the presence of 1000 mmoles per kg of 

As(V)  compared to 280 mmoles/kg in the absence of As(V) (see figure 6.9). Hence, 

these results suggest that majority of the Cr(III) product formed during the irradiation of 

the Cr(VI)/As(III)-ferrihydrite system could be accommodated on the ferrihydrite surface 

as surface adsorbate. This observation is reasonable considering prior studies that have 

shown increased amount of cation sorption onto a mineral surface in the presence of 

adsorbed anions as a result of electrostatic forces and/or ternary complex formation.20, 21  
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Figure 6.7: XRD patterns of synthetic 2 line ferrihydrite (Fh), Cr(III) adsorbed Fh 

[Fh/Cr(III)] and light exposed As(III)-Cr(VI)-Fh suspension. The small feature at ~ 10˚ is 

associated with the sample holder. Fh denotes ferrihydrite. 
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Figure 6.8: Selected area TEM image (black and white) of As(III)-Cr(VI)-Fh suspension 

after 8 h of light exposure and corresponding elemental maps of  Fe, As and Cr as 

indicated in the figure. 
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Figure 6.9: Bar diagrams showing amount of Cr(III) adsorbed onto Fh in the absence of 

aqueous phase As(V) (grey bar) and in the  presence of 1000 mmoles/kg of As(V) (black 

bar). Experimental conditions: 0.25g/L of ferrihydrite, 400 mmoles/kg of Cr(III) initial 

loading, pH 5 and under dark condition. 
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6.2.3 Comparison of As(III)-Cr(VI) redox reaction among iron oxyhydroxides 

Additional geochemical batch experiments with two other iron (oxy)hydroxides, 

goethite and lepidocrocite, were conducted to compare the photochemical behavior of 

different iron oxyhydroxides toward the redox transformations of Cr(VI) and As(III) in 

the presence of light. The data presented in Figure 6.10 show that the individual exposure 

of goethite and lepidocrocite to light in the presence of aqueous Cr(VI) and As(III) led to 

a decrease in the amount of aqueous Cr(VI) and an increase in As(V) product.  Selected 

Cr 2p XPS data for goethite and lepidocrocite that was exposed to light in the presence of 

As(III) and Cr(VI) along with controls are shown in Figure 6.11. The appearance of a Cr 

2p3/2 peak at 576.7 and the absence of peak intensity ~579.4 eV for the photo irradiated (8 

h) goethite and lepidocrocite indicate that Cr(III) was the primary adsorbed Cr-bearing 

reaction product resulting from exposure to light.1, 3, 19 These results suggest that similar 

to the Cr(VI)/As(III)/ferrihydrite system, Cr(VI) can be reduced on goethite and 

lepidocrocite suspension in the presence of As(III) and  light. 

Although all of the iron (oxyhydr)oxides studied were capable of reducing Cr(VI) 

and oxidizing As(III) in the presence of light, the kinetics of the transformations were 

mineral dependent. Accounting for the surface area of respective phases (see Chapter 2), 

the amount of Cr(VI) reduced per unit surface area is calculated to be ~1.2,  2.2, and 1.6 

µmoles of Cr(VI)/m2 at pH 5 for ferrihydrite, goethite and lepidocrocite, respectively. 
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Figure 6.10: Concentration profile of Cr(VI) (top) and As(V) (bottom) during the photo 

irradiation of a 0.25 g L-1 ferrihydrite (filled triangles), goethite (filled circles) and 

lepidococite (open squares) with an initial addition of 0.250 mM As(III) and 0.1 mM 

Cr(VI) solution at pH 5 as indicated in figure. Time zero (top) is associated with initial 

amount of Cr (VI) added and time 0.2 h is associated amount of Cr (VI) remained in the 

solution after 24 h of equilibrium but before exposing to light. All other data were 

obtained at given time of light exposure. Data associated to Ferrihydrite samples were 

replotted from Figure 6.5 for comparison. 
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Figure 6.11: XPS spectra of Cr(III) adsorbed on goethite  (a), photo-irradiated  As(III)-

Cr(VI) exposed goethite (b) and lepidocrocite (c) suspensions as well as Cr(VI) adsorbed 

goethite (d) in Cr2p region. All experiments, photo irradiation as well as adsorption in 

dark, were conducted in at pH ~5 with 0.1 mM starting concentration of Cr species. 
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In Chapter 5, we showed that the goethite surface is more efficient for the photoinduced 

oxidation of As(III) than ferrihydrite due to the differences in kinetics of heterogeneous 

oxidation of Fe(II). We suspect then that this difference in rate of Cr(VI) reduction results 

in large part is due to the differences in surface properties of ferrihydrite and goethite. 

 

6.2.4 Reaction mechanism and stoichiometry 

As discussed in previous Chapters, the photo irradiation of As(III) in the presence 

of ferrihydrite/goethite leads to the production of Fe(II) and this ferrous iron is expected 

to serve as a strong reducing agent for Cr(VI) reduction.2, 6 However, a measurable 

amount of aqueous Fe(II) was not observed during irradiation of ferrihydrite in solution 

containing both As(III) and Cr(VI). We did observe a small amount of Fe (II) (after 

reducing with ascorbic acid) in filtered samples at the end of irradiation experiments, 

suggesting that some of the Fe(II) became oxidized in solution presumably due to Cr(VI) 

reduction. However, relatively large pore sized filters (compared to particle size) used 

and the strong reducing nature of ascorbic acid, we are unable to confirm the sources of 

Fe(II).  Based on fast kinetics of Cr(VI) reduction by Fe(II),2, 6 we assume that either 

Fe(II) products, as a result of photo induced As(III) oxidation, were responsible for 

Cr(VI) reduction at least in the aqueous phase. However, as shown in Fig. 6.1, 6.2 and 

6.3, experiments conducted under dark conditions clearly indicate that ferrihydrite 

facilitates the redox transformation of As(III) and Cr(VI) since there is no redox reaction 

of either As(III) [see Chapter 4 ] or Cr(VI) when exposed to ferrihydrite individually. 

To obtain more insight into As(III)-Cr(VI) redox chemistry, the following 

experiments were conducted: in one set of experiments, ferrihydrite was equilibrated with 
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aqueous As(III) alone for 12 h and then exposed to Cr(VI) and in the second type of 

experiment the order of exposure was reversed.  Irradiation of the sample was initiated 

after the second aqueous phase component was introduced.  As shown in Figure 6.12 

there is an increased rate of Cr(VI) reduction when it is equilibrated first (open triangles). 

In other words, Cr(VI) disappeared quickly from the suspension when majorities of those 

species were present on the surface. This observation implies that redox process is 

efficient when the majority of the donor and accepter are present as adsorbed species on 

the surface. A reason for this may be due to ease of electron transfer through the crystal 

bulk.  

Often referred to as the proximity effect,22, 23 charge transfer via the conduction 

band of the mineral surface has been invoked to explain fundamental phenomena such as 

metal sulfide oxidation24 or the interaction of Fe(II) with Fe(III)-iron mineral surface.25, 26 

The obseravation of As(III)-Cr(VI) redox trasformation in the presence of ferrihydrite 

under dark condition suggests that coupled electron transfer between surface adsorbed 

As(III) and Cr(VI) species which might have occured due to proximity effects. However, 

in a recent study of As(III)-Cr(VI) redox transformation under icy conditions, it is 

suggested that the electron transfer process could take place within in the grain boundary 

of ice because of the elevated concentrations of As(III), Cr(VI) (concentration effect).11 

And, it is, in general, apparent that the mineral surface can also concentrate species via 

the adsorption process.27 Therefore, in addition to proximity effect, a concentration effect 

might be operative in As(III)/Cr(VI)/ferrihydrite system since As(III) and Cr(VI) 

oxyanions compete for the same surface site and adsorption of oxyanions onto mineral 

surface results into proton co-adsorption.28, 29 
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In order to get more insight into the electron transfer process, synthetic bayerite 

mineral [�-Al(OH)3],30 an insulating material, was exposed to Cr(VI) and As(III) for 12 h 

and reaction product was analyzed by XAS. A presumption here is that if the proximity 

effect is the only electron transfer mechanism operating in As(III)/Cr(VI)/ferrihydrite 

system, such a electron transfer process should largely be eliminated in this case. As 

shown in Figure 6.13 Cr-K edge XANES spectra suggest that there was a significant 

amount of Cr(VI) reduction ~75 % of total Cr(VI) adsorbed. Similarly, As K-edge 

XANES (Figure 6.14) analysis showed that most of the adsorbed As(III) species oxidized 

to As(V). In addition, semi-quantitative batch measurements were conducted to confirm 

this observation. Briefly, after exposing As(III) and Cr(VI) to bayerite at pH 5 for 12 h, 

the suspension was centrifuged and resuspended in DI water and pH of suspension was 

quickly raised to 12 to desorb As(V) products (if any). As (V) adsorption envelope with 

pH showed least amount of As (V) adsorption at pH > 11.30 Ion chromatographic analysis 

results showed a discernible amount of As(V) [~45 ± 5 µM] present in the aqueous phase 

suggesting that there is a redox reaction between co-adsorbed As(III) and Cr(VI) onto 

bayerite mineral surface. We note here that the total As and Cr species adsorbed onto the 

bayerite mineral surface, however, was significantly smaller [0.08 ± 0.01 mol of As and 

0.17 ± 0.2 mol of Cr per kg of bayerite respectively] than that in the ferrihydrite case (see 

section 6.2.1.2). If we compare this quantity to that obtained for ferrihydrite, the Cr(VI) 

reduction yield in ferrihydrite system is 2.5 times higher than that on bayerite. 
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Figure 6.12: Concentration profile of remaining aqueous Cr(VI) showing the photo 

induced reduction kinetics of Cr(VI)-As(III)-Fh suspension when Cr(VI) is added at 

different time at pH 5 as indicated in figure. Total amount of analytes and Fh are identical 

in all experiments. Time zero is associated with initial amount of Cr (VI) added and time 

0.2 h is associated with amount of Cr (VI) remained in the solution just before exposing 

to light and all other data were obtained at given time of light exposure. 
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Figures 6.13: Normalized Cr K-edge XANES spectra recorded for Cr(VI) (a) or Cr(III) 

(b) adsorbed bayerite at pH 5 in the dark, and for bayerite/As(III)-Cr(VI) (c) suspension 

that was equilibrated for 12 h under dark condition at pH 5. Least square fitting analysis 

(not shown) showed that ~75 % of the total Cr(VI) adsorbed was reduced to Cr(III).  
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Figures 6.14: Normalized As K-edge Q-XAS (XANES) spectra recorded for As(III) 

[black line] or As(V) [grey line] adsorbed bayerite at pH 5 in the dark, and for 

bayerite/As(III)-Cr(VI) [dotted grey line] suspension that was equilibrated for 12 h under 

dark condition at pH 5. 
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This quantitative comparison suggests that As(III)-Cr(VI) redox reaction proceeds 

more efficiently on the ferrihydrite surface. Moreover, the results associated with bayerite 

indicate that some fraction of As(III)-Cr(VI) redox transformation occurred in 

ferrihydrite suspension may have resulted due the concentration effect imposed by the 

mineral surface. Hence, both electron transfer mechanisms (proximity and concentration 

effect) are likely to be operative in the As(III)/Cr(VI)/ferrihydrite system. The 

quantitative information of each mechanism, however, may not be apparent from our 

results and further studies are necessary to have complete understanding of this electron 

transfer processes. 

Based on the XAS surface analysis and geochemical batch data associated with 

ferrihydrite, we found that the concentration ratio of As(V) produced to that of Cr(VI) 

reduced is ~1.61:1 at pH 5 in the presence of light. This calculated ratio is slightly higher 

than the theoretical ratio of 1.50:1 as suggested by following redox reaction. 11 

 

2HCrO4
- + 3HAsO2 + 5H+  

�   2Cr + 3H2AsO4
- + 2H2O 

 

We mention that Fe(III) products in the presence of light as well as other reactive 

pathways outlined by various authors 31, 32 could oxidize As(III) which would increase the 

As(V) concentration. In addition, photo-catalytic Cr(III) oxidation in the presence of 

dissolved Fe(III) has been shown to occur.33 Therefore, we measured the As(V)/Cr(VI) 

ratio under dark conditions [Figures 6.2 and 6.3 (considering 80% As(III) oxidation)] and 

it was found to be 1.45:1, which is very close to the theoretical ratio of 1.50:1. We 
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believe that the closer value (i.e., to theoretical ratio) under dark condition may be due to 

the absence of secondary reactions 33 that occurred in the presence of light. Therefore, we 

suggest that the stoichiometry of As(III)-Cr(VI) redox reaction in the presence of 

ferrihydrite is reasonably close to the theoretical ratio of 1.5:1. 

 

6.3 Summary and Environmental Implications 

Results presented in this Chapter demonstrate that in the presence semiconducting 

minerals such as iron oxides, the electron transfer between the two toxic species As(III) 

and Cr(VI) can be facilitated simultaneously under dark conditions. However, similar 

experiments conducted in the presence of an insulating mineral [bayerite] also showed a 

partial redox transformation of those species.  In addition, experiments conducted in the 

presence of simulated solar radiation showed faster kinetics and more As(V) and Cr(III) 

product yield. Although light irradiation greatly enhanced the redox speciation of As(III) 

and Cr(VI) in the presence of iron oxyhydroxides, no measurable amount of Fe(II) 

reduction was observed. We argue that the results discussed in this Chapter imply that (1) 

active adsorption sites of mineral surface such as iron oxides or Al- oxides could elevate 

the concentration of As(III), Cr(VI) and H+ on mineral surface that could result into 

charge transfer reaction between them and (2) there could be redox coupling between two 

adsorbed species via charge transfer through the bulk (proximity effect) in the presence 

of semiconducting materials such as ferrihydrite. Nevertheless, we believe that this redox 

chemistry is very important because it reduces the eco-toxicity and mobility of those 

toxic species which have been found to be present in atmospheric water, soil, 
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groundwater, and industrial wastewater. For example, the USEPA estimates that Cr and 

As are the two major heavy metal(loid)s present in most superfund sites. As shown here, 

surface adsorption is a primary condition necessary for redox transformation to occur.  

This method may find applications near surface as well as subsurface environments. 

Since, there are no harmful by-products formed; it could potentially be a green approach 

to environmental remediation. We further note that the removal of organic and inorganic 

species via adsorption on synthetic and naturally occurring minerals (such as iron oxides) 

has been an area of intense study, but there is still a considerable knowledge gap in the 

understanding of how these mineral surfaces can facilitate the coupled redox 

transformation of two species. Thus, it is expected that results discussed here will help to 

understand the fundamental principles in the oxidation/reduction chemistry associated 

with mineral/water interfaces which could potentially open a new avenue for 

simultaneous remediation of multiple species. Finally, we believe that this approach of 

environmental remediation by changing redox speciation of multiple species is just 

emerging and that many important opportunities are waiting to be investigated 
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CHAPTER 7 

Overall Summary 

Iron oxide minerals are ubiquitous in nature and redox transformations of 

naturally occurring iron bearing minerals are associated with the dynamics of nutrients as 

well as contaminants in the natural environments. To understand the mechanistic details 

of iron oxide redox chemistry in the context of photo dissolution, in situ ATR-FTIR as 

well as geochemical batch techniques were used to investigate the dissolution chemistry 

of ferrihydrite in the presence of an environmentally relevant reductant, oxalate. Results 

presented in Chapter 3 indicate that the photo reductive dissolution of ferrihydrite 

depends upon the mineral history and reaction conditions. Carbonate or surface-adsorbed 

anions are displaced during oxalate adsorption, but the rate of adsorption during this 

initial reaction phase occurs at a slower rate than on the contaminant free surface. 

Irradiation of the adsorbed oxalate forms surface carbonate product in parallel with an 

electron transfer process that results in soluble Fe(II). Based on prior studies and our 

results, it is suggested that the reduction of Fe(III) can occur spatially removed (i.e. 

multiple nearest neighbor distances away) from the carbonate formation reaction. At a pH 

close to 4.5, carbonate product can be displaced by solution phase oxalate and the cycle 

of adsorption, photo-induced decomposition, and Fe(II) release is continued. At a pH 

near 8.5, however, carbonate product is not efficiently displaced by solution phase 

oxalate and the photo-dissolution process is suppressed. 

In Chapters 4 and 5, it was shown that the exposure of solutions containing 

As(III) and iron oxyhydroxide (such as ferrihydrite and goethite) to solar radiation 
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resulted in the transformation of As(III) to surface bound As(V) as well as the formation 

of aqueous phase Fe(II). Under specific reaction conditions, however, the details of the 

photo-induced As(III) oxidation on goethite were different than that on ferrihydrite. 

Specifically, the aqueous Fe(II):As(V) product concentration ratio during the irradiation 

of a ferrihydrite suspension in the presence of As(III) was ~2:1, while the same product 

ratio in the goethite case was significantly lower (<0.2). The significant decrease of the 

Fe(II):As(V) product ratio in the goethite case was largely due to the generation of 

reactive oxygen species via the heterogeneous oxidation of Fe(II) on the mineral surface 

by dissolved oxygen. A similar process in the ferrihydrite case was found to be present, 

but the kinetics of the process were slow compared to the goethite case. It is believed that 

these results bring forward important mechanistic details that help to explain how the 

redox chemistry underlying As(III) oxidation can vary on two different iron 

oxyhydroxides. 

In Chapter 6, results were presented that determine the fate and chemical 

speciation of Cr and As species in the presence of Fe or Al-oxides under the dark as well 

as in presence of light. Our results indicate that co-adsorption of As(III) and Cr(VI) onto 

mineral (Fe or Al oxides) surface (even under dark conditions) could result in the redox 

transformation of those species. In addition, this surface mediated redox chemistry is 

shown to be enhanced by simulated solar light. Although further studies are necessary to 

have a complete understanding of the mechanistic details of charge transfer processes, we 

have shown that proximity as well as concentration effect pathways might be operative 

on iron (oxyhydro)xides substrates.  The latter concentration effect is suggested to occur 

exclusively on insulated Al-oxide surfaces. In the context of environmental remediation 
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this result is very important since it can easily be applied to clean up those contaminants 

in near surface as well as subsurface environments. 

In closing, it is emphasized that there are millions of people still affected by toxic 

levels of metal(loid)s (such as As and Cr ) across the United States as well as around the 

globe. It is hoped that results from this research will expand our current understanding of 

redox reactions occurring at mineral water interface as well as providing a scientific 

framework for the further development of Cr and/or As remediation methods to be 

applied at contaminated sites especially at DOE and EPA sites. 
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Appendix 

 

 

 

 

Figure: Transmission electron microscope (TEM) image of synthetic 2-line ferrihydrite 
used in this study 
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Figure: ATR–FTIR spectrum of synthetic nano sized goethite in the region of 500-1100 

cm-1 region. The vibrational modes indicated in the figure match those presented for 

goethite in the literature. 
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Figure: A plot of As(V) concentration (from standard solutions of Na2HAsO4) versus the 

concentration of As(V)* that was formed via the oxidation of standard solutions of 

arsenite by excess H2O2 (in the presence of  dissolved Fe(II)).  
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     Figure: TEM image of synthetic lepidocrocite. 
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Figure: In Situ ATR-FTIR spectra collected during photoirradiation of adsorbed Cr(VI) 

onto ferrihydrite (Fh) under flowing DI water at pH 5. The top spectrum was obtained 

after ferrihydrite film was exposed under flowing solution of 0.25 mM Cr(VI) for 

overnight in dark condition and other two spectra were collected at 40 and 120 minutes of 

light exposure under DI water. Slight decrease in intensity is due to the desorption of 

some of the Cr(VI) species after replacing Cr(VI) solution with DI water. 
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 O                    2    B2       1    A1 

 Fe                   3    B3       2    A2       1    D1       0 

 O                    4    B4       3    A3       2    D2       0 

 O                    2    B5       1    A4       4    D3       0 

 O                    4    B6       3    A5       2    D4       0 

 H                    7    B7       4    A6       3    D5       0 

 O                    4    B8       3    A7       2    D6       0 

 H                    9    B9       4    A8       3    D7       0 

 O                    2    B10      1    A9       4    D8       0 

 H                    11   B11      2    A10      1    D9       0 

 O                    2    B12      1    A11      4    D10      0 

 H                    13   B13      2    A12      1    D11      0 

 O                    2    B14      1    A13      4    D12      0 

 H                    15   B15      2    A14      1    D13      0 

 H                    7    B16      4    A15      3    D14      0 

 H                    13   B17      2    A16      1    D15      0 

 H                    11   B18      2    A17      1    D16      0 

 H                    6    B19      2    A18      1    D17      0 
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 H                    3    B20      2    A19      1    D18      0 

 C                    1    B21      4    A20      3    D19      0 

 C                    5    B22      4    A21      3    D20      0 

 O                    23   B23      5    A22      4    D21      0 

 O                    22   B24      1    A23      4    D22      0 

 H                    25   B25      22   A24      1    D23      0 

 O                    25   B26      22   A25      1    D24      0 

 H                    27   B27      25   A26      22   D25      0 

 H                    25   B28      22   A27      1    D26      0 

 O                    25   B29      22   A28      1    D27      0 

 H                    30   B30      25   A29      22   D28      0 

 H                    25   B31      22   A30      1    D29      0 

 O                    25   B32      22   A31      1    D30      0 

 H                    33   B33      25   A32      22   D31      0 

 O                    33   B34      25   A33      22   D32      0 

 H                    35   B35      33   A34      25   D33      0 

 H                    35   B36      33   A35      25   D34      0 

 H                    27   B37      25   A36      22   D35      0 

 O                    7    B38      4    A37      3    D36      0 

 H                    39   B39      7    A38      4    D37      0 

 O                    1    B40      22   A39      25   D38      0 

 H                    41   B41      1    A40      22   D39      0 

 H                    15   B42      2    A41      1    D40      0 

 H                    5    B43      4    A42      3    D41      0 
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 O                    5    B44      4    A43      3    D42      0 

 H                    45   B45      5    A44      4    D43      0 

       Variables: 

  B1                    2.53913                   

  B2                    2.08721                   

  B3                    2.06173                   

  B4                    1.99129                   

  B5                    1.83903                   

  B6                    2.1096                    

  B7                    0.96773                   

  B8                    1.8182                    

  B9                    0.96923                   

  B10                   2.06409                   

  B11                   0.89                      

  B12                   2.13112                   

  B13                   0.9                       

  B14                   1.81401                   

  B15                   0.96                      

  B16                   1.0098                    

  B17                   0.96554                   

  B18                   0.96755                   

  B19                   0.96919                   

  B20                   0.96637                   

  B21                   1.27484                   
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  B22                   1.28806                   

  B23                   1.23332                   

  B24                   1.24965                   

  B25                   1.84515                   

  B26                   2.74135                   

  B27                   0.96515                   

  B28                   1.96974                   

  B29                   2.85505                   

  B30                   0.97012                   

  B31                   2.83411                   

  B32                   2.83492                   

  B33                   0.97212                   

  B34                   2.70775                   

  B35                   0.98289                   

  B36                   0.96498                   

  B37                   1.78649                   

  B38                   2.6592                    

  B39                   0.96791                   

  B40                   1.69939                   

  B41                   0.96                      

  B42                   0.96                      

  B43                   2.                        

  B44                   2.76013                   

  B45                   0.96                      
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  A1                   71.11689                   

  A2                   90.93773                   

  A3                   92.8501                    

  A4                   69.58497                   

  A5                  179.17726                   

  A6                  106.88925                   

  A7                   77.0787                    

  A8                  117.19192                   

  A9                  114.59261                   

  A10                 110.89072                   

  A11                 107.14944                   

  A12                 126.64714                   

  A13                 137.99075                   

  A14                 144.                        

  A15                 115.96138                   

  A16                 112.93919                   

  A17                 108.4724                    

  A18                 103.91715                   

  A19                 125.80298                   

  A20                 111.12061                   

  A21                 120.28177                   

  A22                 126.3684                    

  A23                 125.63842                   

  A24                 105.43547                   
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  A25                 100.70958                   

  A26                 124.19967                   

  A27                 103.95012                   

  A28                 100.03122                   

  A29                  83.91019                   

  A30                  91.42046                   

  A31                  93.02796                   

  A32                  29.86679                   

  A33                  73.4242                    

  A34                 105.97495                   

  A35                 109.79566                   

  A36                 101.99209                   

  A37                 111.30936                   

  A38                 101.00829                   

  A39                 123.08964                   

  A40                 157.23791                   

  A41                 108.                        

  A42                 154.45231                   

  A43                 142.41801                   

  A44                  90.95416                   

  D1                  -47.56974                   

  D2                  130.0136                    

  D3                  -43.6666                    

  D4                 -129.87325                   
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  D5                   18.25055                   

  D6                 -104.04074                   

  D7                   33.59453                   

  D8                 -117.84047                   

  D9                   49.21352                   

  D10                 110.01639                   

  D11                  31.6446                    

  D12                  10.40624                   

  D13                 -87.4153                    

  D14                -101.44788                   

  D15                 169.97617                   

  D16                 166.94137                   

  D17                 163.92313                   

  D18                  78.87211                   

  D19                 108.58842                   

  D20                 -83.12661                   

  D21                -179.34387                   

  D22                 161.49768                   

  D23                -121.94982                   

  D24                -112.63408                   

  D25                -146.18442                   

  D26                 -37.56439                   

  D27                 -46.8049                    

  D28                 -91.14916                   
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  D29                  97.533                     

  D30                  77.38102                   

  D31                -135.59258                   

  D32                  86.7285                    

  D33                 -21.08876                   

  D34                  91.83282                   

  D35                 -10.91121                   

  D36                -118.54019                   

  D37                  43.16035                   

  D38                 -37.70856                   

  D39                  61.19895                   

  D40                  92.5847                    

  D41                  80.23079                   

  D42                  95.39812                   

  D43                 -24.60764                   

 GradGradGradGradGradGradGradGradGradGradGradGradGradGradGradGradGrad 

 

 

 


