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This dissertation studies the formation kinetics and thermodynamics of secondary Fe(II) 

precipitates during aqueous Fe(II) sorption onto Al and/or Si containing minerals under 

various lab-based anoxic model systems. In Chapter 2, sorption of Fe(II) in anoxic 

aqueous suspensions of γ-Al2O3, smectitic clay and amorphous silica was studied under 

various pH values. In Chapter 3 and 4, the impacts of As and organic compounds on Fe(II) 

sorption kinetics and mechanisms onto γ-Al2O3 and/or clay were investigated at pH 7.5. 

Uv-Vis spectroscopy and ICP-OES were employed to determine the aqueous 

concentrations of Fe, As and Si in the supernatants sampled during the macroscopic batch 

experiments, while the XAS was applied to characterize the solid-phase Fe and As 

sorption products. 

 The Fe(II)-Al(III)-LDH formed at pH ≥ 7.0 during Fe(II) sorption onto γ-Al2O3, 

and at pH 7.0 and 7.5 during Fe(II) sorption onto clay. The poorly crystalline 

trioctahedral Fe(II)-phyllosilicates formed at pH ≥ 7.5 during Fe(II) sorption onto 
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amorphous silica, and at pH 8.0 during Fe(II) sorption onto clay. Greater sorption rate 

and extent were observed with increasing pH. Significantly slower Fe(II) sorption 

kinetics in clay systems compared to γ-Al2O3 and SiO2 is due to the relatively low 

dissolution of substrate-derived Al and Si. 

 While As(III) did not interfere with the Fe(II)-Al(III)-LDH formation and Fe(II) 

sorption kinetics onto γ-Al2O3 at pH 7.5, the presence of As(V) slowed down the Fe(II)-

Al(III)-LDH formation at low As(V) concentrations, and fully shut it down at high As(V) 

concentrations, leading to the formation of Fe(II) surface complexes instead. The 

inhibitive effects of As(V) is attributed to the interference of adsorbed As(V) with the Al 

needed for Fe(II)-Al(III)-LDH formation. On the other hand, the presence of Fe(II) did 

not affect the sorption kinetics and mechanisms of As(III) onto γ-Al2O3, however 

enhanced As(V) sorption rate and extent and did not change the As(V) adsorption mode 

onto γ-Al2O3.    

 The presence of humic substances (HS) generally hindered the formation of 

Fe(II)-Al(III)-LDH during Fe(II) sorption onto γ-Al2O3 and clay substrates at pH 7.5. In 

Fe(II) reacted γ-Al2O3 systems, HS slowed down the formation kinetics of Fe(II)-Al(III)-

LDH precipitate. Larger inhibitive impacts of HS were observed when it cosorbed with 

Fe(II) onto γ-Al2O3 than when it pre-coated onto γ-Al2O3 before Fe(II) sorption. In Fe(II) 

reacted clay systems, humic acid (HA) coating on clay primarily altered the main Fe(II) 

sorption product from Fe(II)-Al(III)-LDH into poorly crystalline Fe(II)-phyllosilicate. 

The effects of HS on Fe(II) sorption onto mineral sorbents were associated with Al 

dissolution capability from mineral substrates, HS formation of organo-Al complexes and 
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HS masking on mineral surfaces limiting the Al and/or Si needed to form secondary Fe(II) 

precipitates. 

  The results from this work suggest substantial complexity in the composition and 

structure of Fe(II) sorption products, and the occurrence of which may represent 

significant pathways for Fe(II) sequestration under reducing geochemical environments. 

This work develops our understanding of the fate and transport of Fe(II) under anoxic and 

suboxic environments such as natural riparian soils and sediments. 
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Chapter 1: Introduction 

1.1 Background and Overview 

1.1.1 Occurrence of ferrous iron in suboxic and anoxic geochemical environments 

Iron (Fe) is the fourth most abundant element in the Earth’s crust and an essential nutrient 

for plants and microorganisms.1 The biogeochemical cycle of iron is closely correlated 

with the cycling of carbon, nitrogen, phosphorus and sulfur, and affects the fate of trace 

elements in aqueous geochemical environments.2 Ferrous iron refers to the divalent iron 

(Fe(II)) species, which is the reduced form of iron, and exists to a significant extent as 

aqueous dissolved species in the natural environment.2,3 In suboxic and anoxic soils and 

sediments, such as wetlands and riparian zone, Fe(II) is released to solution at mM level 

by microbially mediated reduction of Fe(III)-bearing minerals and dissolved Fe(III)-

organic complexes as alternative terminal electron acceptors.4,5  

The geochemical fate of released Fe(II) is at least partially controlled by sorption 

reactions at mineral-water interface. Previous studies focus on the Fe(II) sorption 

processes onto various Fe(III) based minerals.6–16 Interfacial Electron transfer between 

adsorbed Fe(II) and structural Fe(III) has been observed at iron oxide-water interfaces, 

resulting in modification of crystal morphology of Fe(III)-bearing minerals.7,8,11–14 In 

addition, Fe(II) plays a catalytic role in ferrihydrite conversion into more stable Fe(II) 

oxides.15,16 However, sorption mechanisms of aqueous Fe(II) onto mineral substrates 

without structural Fe are not well understood. A recent work demonstrated the formation 

of Fe(II)-Al(III) layered double hydroxides (LDHs) during mM level Fe(II) sorption onto 

Al-oxide at near neutral pH typical of anoxic soil conditions.17  



2 

 

 

 

 

1.1.2 Precipitates of Me(II) layered hydroxides as divalent ion sequestration 

pathway onto mineral substrates 

The secondary precipitates of Me(II)-hydroxide, Me(II)-Al(III)-LDH and Me(II)-

phyllosilicate formed during Me(II) sorption reactions onto mineral substrates. 17–31 

Several studies have shown the formation of Me(II)-Al(III)-LDH during divalent Ni, Co, 

Zn and Fe sorption onto Al-oxides and Al-bearing phyllosilicates at near neutral pH 

values in lab-based model systems.17–30 Additionally, the presence of Ni(II)-Al(III)-LDH 

and Zn(II)-Al(III)-LDH was also identified in contaminated whole soils.26,32–37 The 

formed LDH phases consist of brucite(Mg(OH)2)-like octahedral mixed metal-hydroxide 

layers showing net positive charge due to the partial substitution of divalent metal ions by 

trivalent Al ions, which is balanced by interlayer anions (Figure 1.1).38 Formation of 

LDH phases was observed within a reaction scale of minutes comparable to adsorption 

reactions, suggesting the formation of such phase is thermodynamically and kinetically 

favored under typical soil conditions.17,21,32,39,40 In addition, the solubility of Me(II)-

Al(III)-LDH precipitates is lower than that of pure Me(II)-hydroxides and surface metal 

complexes.22,24,26,41 

The formation of Me(II)-phyllosilicates has been reported during Me(II) sorption 

onto amorphous silica (SiO2) and quartz at near neutral to alkaline pH,20,42,43 or as a result 

of aging effects of Me(II)-Al(III)-LDH upon Me(II) sorption onto clay substrates which 

involves the substitution of interlayer anions by polymerized Si tetrahedral.19,26,40,44,45 

Compared with Me(II)-Al(III)-LDH, the phyllosilicate phase is thermodynamically more 

stable.26,45 Therefore, proper identification of the surface precipitate formation is of great 
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importance to understand the solubility, mobility and bioavailability of the divalent metal 

ions.  

Several key factors were identified in previous studies to determine the form and 

kinetic of Me(II) sorption products on mineral substrates, such as the type of mineral 

sorbents, pH, the presence of organic compounds and foreign metal(loid). The type of 

mineral substrates controls the solubility and availability of Al and Si required for 

Me(II)-Al(III)-LDH and/or Me(II)-phyllosilicate formation,19,21,28,32,39,40,44–46 and the 

abundance and reactivity of mineral surface sites that may compete with precipitation by 

forming mononuclear Me(II) adsorption complexes.25,27,47 The formation of Me(II)-

Al(III)-LDH phases is kinetically and thermodynamically favored with the presence of 

more soluble Al-containing minerals.21,39,46 The dissolved Si may stabilize the LDH 

structure by substituting interlayer anions, leading to the formation of phyllosilicate 

phases.19,42–45 In addition, the formation of Me(II) precipitates is promoted at higher 

pH.25,28 Furthermore, the presence of organic compounds has been shown to slow down 

or inhibit the Me(II)-Al(III)-LDH formation during Me(II) sorption onto Al-bearing 

substrates at neutral to alkaline pH, 31,48–51 and the presence of foreign metal cations may 

incorporate into the octahedral layer of LDH and modify its stability and solubility.34  

1.1.3 Secondary Fe(II) precipitate as main Fe(II) sorption mode 

Elzinga 2012 reported the formation of Fe(II)-Al(III)-LDH phases during reaction of 

Fe(II) with aluminum oxide at pH 7.5 at initial Fe(II) concentration from 1 mM to 3 mM 

under anoxic conditions.17 This finding implies that these phases may act as an important 

sink of Fe(II) under suboxic and anoxic geochemical environments, and potentially affect 

the fate of other chemical species. However, the formation kinetics, mechanisms and 



4 

 

 

 

 

thermodynamics of the Fe(II)-Al(III)-LDH phases and related secondary Fe(II) 

precipitate phases are not well understood. This work aims to study the key factors 

impacting Fe(II) layered hydroxides formation onto mineral substrates, and the 

interaction of other chemical elements with the Fe(II) sorptive reactions onto mineral 

sorbents.  

1.2 Motivation and Hypotheses 

The objective of this work is to improve our understanding of iron geochemistry under 

suboxic and anoxic environments, by investigating kinetics and mechanisms of aqueous 

Fe(II) sorption onto mineral sorbents under various reaction conditions. This work 

addresses the overall hypothesis that secondary Fe(II) precipitates such as Fe(II)-Al(III)-

LDH are overlooked secondary minerals in anoxic geochemical systems, and affect the 

cycling of Fe as well as the geochemical fate of other elements in the heterogeneous soil 

environments. The specific research hypotheses are: 

1. Secondary Fe(II) precipitates form extensively and rapidly during aqueous Fe(II) 

sorption onto clay and metal-oxide substrates under anoxic geochemical conditions. 

System pH, substrate type and reaction time control the type and stability of the 

formed precipitates. 

2. Arsenic interacts with iron(II) during cosorption onto Al-oxide by mutually 

changing sorption kinetics and mechanisms. The effects of arsenic during the 

cosorptive reaction depend on As speciation and concentration. 

3. The presence of humic substances limits the growth of Fe(II)-Al(III)-LDH under 

reaction conditions where the formation of such phase is originally favored. The 
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effects of humic substances vary by the type of mineral substrates, and composition, 

concentration and addition sequence of humic substances.  

1.3 Organization of the Dissertation 

In Chapter 2, the kinetics and formation of layered Fe(II) hydroxides upon aqueous Fe(II) 

sorption onto clay, Al-oxide and amorphous SiO2 substrates under various pH were 

studied. In Chapter 3, the interaction of As(III)/As(V) with Fe(II) during cosorption onto 

Al-oxide at pH 7.5 was examined. In Chapter 4, the effects of humic substances on Fe(II) 

sorption kinetics and mechanisms onto Al-oxide and clay at pH 7.5 were investigated.  

1.4 Acknowledgement of Previous Publications 

(1) The contents of Chapter 2 were previously published in the article Formation of 

layered Fe(II)-hydroxides during Fe(II) sorption onto clay and metal-oxide substrates, 

in volume 48, issue 9 of Environmental Science and Technology (2014). This work 

can be cited as: Zhu, Y.; Elzinga, E. J. Formation of layered Fe(II)-hydroxides during 

Fe(II) sorption onto clay and metal-oxide substrates. Environ. Sci. Technol. 2014, 48, 

4937−4945. The contents were reformatted in this thesis to meet the doctoral 

dissertation style guide of Rutgers University. 

(2) The contents of Chapter 3 were previously published in the article Macroscopic 

and spectroscopic assessment of the cosorption of Fe(II) with As(III) and As(V) on 

Al-oxide, in volume 49, issue 22 of Environmental Science and Technology (2015). 

This work can be cited as: Zhu, Y.; Elzinga, E. J. Macroscopic and spectroscopic 

assessment of the cosorption of Fe(II) with As(III) and As(V) on Al-oxide. Environ. 

Sci. Technol. 2015, 49, 13369−13377. The contents were reformatted in this thesis to 

meet the doctoral dissertation style guide of Rutgers University.  



6 

 

 

 

 

1.5 Figures 

 

Figure 1.1. Mineralogical structure of Me(II)-Al(III)-LDH 

Blue and yellow octahedra represent Me(II) and Al(III) cations in octahedral coordination, 

respectively. The green circles represent the anions intercalated in the interlayer to 

balance the net positive charge of the octahedral metal-hydroxide sheets. 
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Chapter 2: Formation of Layered Fe(II)-Hydroxides during Fe(II) Sorption onto 

Clay and Metal-Oxide Substrates 

Abstract 

Sorption of Fe(II) in anoxic aqueous suspensions of -Al2O3, smectitic clay and 

amorphous silica was studied as a function of pH (5.0-10.0) and reaction time (up to 110 

days), using batch experiments complemented with synchrotron X-ray absorption 

spectroscopic analyses. Formation of secondary Fe(II) precipitates was observed at pH > 

7 in all systems, with the rate of precipitation and the types of precipitates formed varying 

with pH and substrate type. Sorption of Fe(II) on -Al2O3 at pH ≥ 7.0 and onto clay at pH 

7.0 and 7.5 led to formation of Fe(II)-Al(III) layered double hydroxides, whereas poorly 

crystalline tri-octahedral Fe(II)-phyllosilicates formed in the amorphous SiO2 suspensions 

at pH > 7.5 and in the clay suspensions at pH 8.0. The rate and extent of Fe(II) sorption 

increased with pH, underscoring the importance of pH in regulating precipitate formation. 

Notably slower Fe(II) precipitation in the clay suspensions compared to -Al2O3 and SiO2 

is attributed to relatively low availability of substrate-derived Al and Si. Our findings 

demonstrate that sorbent type, pH and reaction time are important factors affecting 

precipitation of secondary Fe(II) minerals in anoxic environments, and suggest 

substantial complexity in the type and reactivity of Fe(II) sorption products that may 

form. 

2.1 Introduction 

Sorption reactions at mineral-water interfaces greatly impact metal speciation, mobility 

and bioavailability in aqueous geochemical systems such as soils and sediments, and 

have therefore attracted much attention in studies concerned with the environmental 
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behavior and fate of metal pollutants. Clay and metal-oxides are major sinks for metal 

sequestration able to sorb metals through various mechanisms including surface 

adsorption and precipitation reactions.17–22,40,41,46,52–54 Metal precipitation is considered a 

particularly effective way of removing metal ions from solution as it is capable of 

sequestering substantial quantities of metals in relatively stable form.18,19,21,22,40  

Recent studies have shown that Ni(II), Co(II), Zn(II) readily form secondary 

Me(II)-Al(III)-layered double hydroxide (LDH) precipitates during sorption with Al-

oxides and Al-bearing phyllosilicates at near-neutral pH values.18–30,40 These phases 

consist of metal cations arranged in tri-octahedral (brucite-type) metal-hydroxide sheets 

where partial substitution of Al(III) for Me(II) generates a net positive layer charge which 

is neutralized by interlayer anions.38 Precipitation of such phases has been observed 

during sorption of Ni(II), Zn(II) and Co(II) on various clay mineral and metal oxide 

surfaces in laboratory model systems,18–22,24,25,27–30,40 and recent research has identified 

Ni(II)-Al(III)-LDH and Zn(II)-Al(III)-LDH in field and laboratory contaminated whole 

soils,26,32–37 suggesting an important role for these phases in regulating Zn and Ni 

solubility and mobility in contaminated soils.  

Studies addressing the formation of Ni(II)-, Zn(II)-, and Co(II)-Al(III)-LDH 

phases during sorption onto Al-bearing mineral substrates have identified several key 

factors that determine the favorability and kinetics of precipitation and the composition of 

the resulting precipitate phases. The types of mineral sorbents present is of major 

importance, as these control the solubility and availability of Al required for Me(II)-

Al(III)-LDH precipitation,19,21,28,32,38–40,46 as well the availability and solubility of Si, 

which may stabilize the LDH structure by substituting for interlayer anions,19,44,45 and the 
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abundance and reactivity of mineral surface sites that may compete with Me(II)-Al(III)-

LDH precipitation by forming mononuclear Me(II) adsorption complexes.25,27,47 Solution 

pH, a “master variable” in a broad array of geochemical processes,2 plays a major role in 

controlling LDH precipitation as well, with formation of these phases promoted at higher 

pH values.25,28 Additional factors that have been demonstrated to impact LDH 

precipitation during metal sorption are the presence of dissolved organics, which may 

interfere with LDH formation,31,49 and the presence of foreign metal cations which may 

substitute in the octahedral sheets and modify LDH stability and solubility.34  

The current study focuses on the precipitation of Fe(II)-LDH phases, for which 

there have been far fewer studies compared to Ni(II), Zn(II) and Co(II). We recently 

demonstrated formation of Fe(II)-Al(III)-LDH during Fe(II) sorption onto Al-oxide at pH 

7.5 and mM level Fe(II) solution concentrations.17 Here, we studied the effect of pH and 

reaction time on the formation of these Fe(II) minerals, and assessed precipitation of 

related Fe(II) phases during sorption of Fe(II) onto clay and amorphous silica sorbents. 

The results of this study provide insights as to the importance of layered Fe(II) hydroxide 

phases in controlling Fe(II) solubility and reactivity in anoxic geochemical aqueous 

environments.  

2.2 Materials and Methods 

2.2.1 Mineral sorbents 

The sorbents used for this study were (i) -Al2O3 (Alfa Aesar, catalogue #39812); (ii) 

synthetic mica-montmorillonite, obtained as Syn-1 from the Clay Minerals Repository55; 

and (iii) amorphous silica (Alfa Aesar, catalogue # 42737). All three substrates had 

negligible structural Fe, allowing X-ray absorption spectroscopy (XAS) measurements of 
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sorbed Fe without interference. The -Al2O3 and amorphous SiO2 sorbents were used 

with no further treatment, while the clay was fractionated by sedimentation to obtain the 

< 1 µm size fraction, which was saturated with Na+, dialyzed to remove excess salts, and 

freeze dried. The N2-BET surface areas were 124.6 m2 g-1, 70.5 m2 g-1, and 84.2 m2 g-1 

for the clay, -Al2O3, and SiO2 sorbents, respectively.56  

2.2.2 Batch experiments 

All sorption experiments were conducted under strictly anoxic conditions using 

established protocols17 described in Appendix 1. Two main types of batch experiments 

were conducted: pH edge experiments, where the main variable was pH, and kinetic 

studies, characterizing effects of reaction time. Anoxic sorbent suspensions of 5.0 g L-1 

were prepared at pH 5-10, with pH stabilized using 50 mM MES (pKa=6.1), HEPES 

(pKa=7.5), EPPS (pKa=8.0) or CHES (pKa=9.5) buffer dissolved in the electrolyte. Ionic 

strength was set at 0.1 M with NaCl after accounting for the buffer speciation at the pH of 

interest and the addition of titrant NaOH. Following hydration (24 h), Fe(II) was 

introduced at an initial concentration of 2.7 mM through addition of acidified 1.0 M 

FeCl2 stock. Blank samples were run as well and consisted of identical solutions as used 

for the sorption samples but without mineral sorbent added. Samples for the pH edge 

experiments were collected after 1 week of reaction, while for the kinetic studies samples 

were taken regularly over the course of a 3 month time period. For the clay and 

amorphous SiO2 systems, control samples consisting of mineral suspensions with no 

Fe(II) added were run in parallel to the Fe(II)-spiked samples. Slight drifting of 

suspension pH (< 0.21 pH units) to lower values was observed in the pH 7.5 and 8.0 

sorption experiments, which exhibited the most extensive Fe(II) sorption. 
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Sampling of the -Al2O3 and SiO2 suspensions involved syringe filtration of 5.0 

mL suspension aliquots through a 0.22 µm nitrocellulose membrane inside the glovebox. 

Filtrates were collected in a polyethylene tube containing a small aliquot of concentrated 

HCl. Clay suspensions could not be filtered, and were centrifuged instead. A 5.0 mL 

suspension aliquot was sealed in an airtight centrifuge tube inside the glovebox and then 

taken outside for centrifugation at 122,823 g for 6 minutes. The centrifuged suspension 

was transferred back inside the glovebox where the supernatant was filtered through a 

0.22 µm nitrocellulose membrane. Supernatants were analyzed for dissolved Fe(II) using 

the ferrozine method,57 and sorption was calculated as the difference between the initial 

and remaining Fe(II) solution concentrations. Supernatants from the clay and SiO2 

experiments were further analyzed for dissolved silica by ICP-OES.  

2.2.3 XAS studies 

XAS samples were prepared with the same methods described above for the isotherm and 

kinetic samples, following the protocols of Elzinga.17 A total of 20 samples were 

analyzed, which differed in pH (6.5- 8.0), substrate type (-Al2O3, amorphous SiO2, clay, 

or no sorbent), and sorption time (2 h - 15 mo), while ionic strength (0.1 M total Na), the 

pH buffer concentration (50 mM), initial [Fe(II)] (2.7 mM), and the suspension density 

(5.0 g L-1) were equal for all samples. Details are described in Appendix 1.  

Synchrotron Fe K-edge (7112 eV) XAS spectra were recorded on beamline X-

11A of the National Synchrotron Light Source at Brookhaven National Laboratory, and 

beamline 12-BMB of the Advanced Photon Source at Argonne National Laboratory, 

using procedures described in Appendix 1. The following reference Fe compounds were 

analyzed as well: (1) goethite (-FeIIIOOH); (2) hematite (FeIII
2O3); (3) magnetite 
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(FeIII
2FeIIO4); (4) Fe(II)-Fe(III)-hydroxychloride green rust; (5) nikischerite  

(NaFeII
6Al3(SO4)2(OH)18(H2O)12); (6) white rust (-Fe(OH)2) and (7) aqueous Fe2+. 

EXAFS data processing and fitting were performed with WINXAS3.158 in conjunction 

with Feff 7.059 and ARTEMIS60. Wavelet transform (WT) analyses were performed using 

the Igor Pro script developed by Funke et al.61 Details on the reference compounds and 

EXAFS data analyses are provided in Appendix 1.  

2.3 Results and Discussion 

2.3.1 Macroscopic batch experiments 

Figure 2.1 presents the pH edges of Fe(II) sorption in the γ-Al2O3, clay, and amorphous 

SiO2 suspensions following 7 d of reaction, and compares these to the pH-dependent 

removal of aqueous Fe(II) in the blank samples, which contained no sorbent. Iron(II) 

sorption increases steeply at pH > 7 in the mineral suspensions, whereas in the control 

samples, removal of aqueous Fe(II) from solution occurs at pH > 8.2 but is negligible at 

lower  pH values (Figure 2.1). The 1.0-1.5 pH unit shift to lower values observed for the 

pH edges of γ-Al2O3, clay and SiO2 relative to the blank samples demonstrates the 

importance of the mineral sorbents in mediating Fe(II) removal from solution through 

sorption processes. 

Figure 2.2 shows the kinetics of Fe(II) sorption in the γ-Al2O3, clay, and 

amorphous SiO2 suspensions at pH 6.0-8.0 and reaction times up to 110 days. Sorption of 

Fe(II) in these systems increases with increasing pH consistent with the pH edge data of 

Figure 2.1. The kinetic sorption patterns vary distinctly with pH. At pH 6.0 and 6.5, the 

two lowest pH values studied here, Fe(II) sorption on all three sorbents reaches 

equilibrium relatively fast with no or minor further Fe(II) uptake occurring after the first 
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time point of sampling (≈1 h). At pH 7.5 and 8.0, the Fe(II) sorption kinetics are biphasic, 

with an initial step of rapid Fe(II) sorption during the first hours of reaction followed by a 

slower sorption stage continuing for days to weeks (Figure 2.2). At pH 7.0, the kinetic 

sorption trends differ for the three sorbents, with Fe(II) sorption in the γ-Al2O3 

suspension continuing for 6-8 weeks, while Fe(II) sorption on amorphous silica reaches 

equilibrium within hours (Figure 2.2). For the clay, Fe(II) sorption appears to achieve 

equilibrium within just a few days at pH 7.0 (Figure 2.2b); however, spectroscopic 

analysis of long-term samples (presented below) indicate slow Fe(II) sorption continuing 

for months in the clay suspension at this pH. Of note is that all Fe(II)-γAl2O3 systems 

presented in Figure 2.2 reach apparent equilibrium within the 100 day experimental 

reaction time frame, with solution [Fe(II)] stabilizing after approximately 15, 30, and 55 

days at pH 8.0, 7.5 and 7.0, respectively (Figure 2.2a). In contrast, Fe(II) sorption in the 

clay suspension is still ongoing after 72 days at both pH 7.5 and 8.0 (Figure 2.2b), while 

for amorphous SiO2, Fe(II) sorption stabilizes after approximately 10 days at pH 8.0, and 

after approximately 80 days at pH 7.5 (Figure 2.2c). The equilibration times of Fe(II) 

sorption at neutral to alkaline pH are thus controlled both by sorbent type and solution 

pH, with sorption equilibrium attained faster at higher pH values, and faster on γ-Al2O3 

and amorphous SiO2 than on the clay substrate at equivalent pH. 

The biphasic Fe(II) sorption kinetics observed at pH ≥ 7.0 (Figure 2.2) are quite 

common for metal sorption onto mineral phases,6,22,23,30,39,41,62–64 and attributed to initial 

fast metal adsorption to readily accessible surface sites, followed by a slow reaction stage 

which may involve diffusion, coordination to sites of lower reactivity, and/or 

precipitation.52 We have recently demonstrated precipitation of Fe(II)-Al(IIII)-layered 
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double hydroxides (LDHs) during Fe(II) sorption onto γ-Al2O3 at pH 7.5,17 suggesting 

that formation of  secondary Fe(II)-Al(III)-LDH or related phases may be involved in the 

slow continuous Fe(II) uptake observed at neutral and alkaline pH in the sorption systems 

characterized here. The influence of sorbent type, pH and reaction time on Fe(II) sorption 

products formed is assessed below based on results from Fe K-edge EXAFS 

spectroscopy.  

2.3.2 XAS data 

The EXAFS data of the sorption and reference samples are presented in Figure 2.3, with 

Figure 2.3a showing the raw and fitted k3-weighted χ functions and Figure 2.3b the radial 

structure functions (RSFs) obtained from Fourier transformation of the raw χ data. The 

EXAFS data fit results are summarized in Table 2.1. The Fe K near-edge spectra of the 

sorption samples (Figure A1.1) showed no evidence for the presence of Fe(III), which is 

consistent with our previous work,17 and rules out Fe(II) oxidation and precipitation of 

Fe(III) phases (e.g. green rust or Fe(III)-(hydr)oxides) under the experimental conditions 

and protocols applied here, as further confirmed by the EXAFS fitting results presented 

below. 

The EXAFS data of the sorption samples vary strongly with pH. For all samples, 

a peak is observed at ~1.6 Å (uncorrected for phase shift) in the RSFs (Figure 2.3b), 

representing the first-shell O ligands surrounding sorbed Fe. The shell is fitted with 5.2-

6.2 O atoms at a radial distance of 2.10-2.14 Å (Table 2.1), consistent with an octahedral 

arrangement of the O atoms around central Fe(II), as in the Fe(II)(aq), nikischerite, and β-

Fe(OH)2 reference compounds17,65–68 (Table 2.1). For the samples reacted at pH ≥ 7.0, a 

second peak is observed in the RSFs at ~2.8 Å (uncorrected for phase shift) which is due 
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to second-neighbor Fe backscatterers and indicates the formation of Fe(II) precipitates. 

The Fe(II) phases formed in the sorption samples are different from those formed in the 

blank samples, where precipitation of β-Fe(OH)2 occurs at pH > 8.2 (Figure 2.3; Table 

2.1) in agreement with thermodynamic calculations in MINEQL+69 predicting 

supersaturation of β-Fe(OH)2 at these pH values. The RSFs of the sorption samples 

reacted at pH ≤ 6.5 for the γ-Al2O3 substrate and pH < 7.0 for clay show no evidence for 

the presence of second-neighbor atomic backscatterers, suggesting formation of 

mononuclear Fe(II) adsorption complexes under these conditions (Figure 2.3b). The 

absence of second-shell Al and/or Si associated with the substrate surfaces may indicate 

formation of outer-sphere Fe(II) complexes, but may also be due to the difficulty of 

resolving the weak signal of (light) Al and Si given the relatively high noise level of the 

EXAFS data obtained for these low-loading samples (Figure 2.3), prohibiting assessment 

of the exact coordination of the Fe(II) surface complexes. 

The EXAFS data and fitting results of the Fe(II)-γAl2O3 sorption samples reacted 

at pH 7.0-8.0 (Figure 2.3, Table 2.1) show that Fe(II)-Al(III)-LDH is the main Fe(II) 

sorption product in these samples. The k3-weighted χ spectra of these sorption samples 

are remarkably similar to that of the nikischerite reference (Figure 2.3a; Figure A1.2), 

indicating that the Fe(II)-Al(III)-LDH phases formed have octahedral Fe(II) sheets that 

are structurally very similar to the nikischerite reference and vary little with pH. The 

second shell at R = 2.5 Å in the RSFs of these samples (Figure 2.3b) is fitted with Fe and 

Al neighbors located at a radial distance of 3.14 Å from central Fe (Table 2.1), in 

agreement with crystallographic data of nikischerite.66 This much shorter Fe-Fe distance 

in Fe(II)-Al(III)-LDH compared to β-Fe(OH)2 (R=3.26 Å; Table 2.1) is due to structural 
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contraction resulting from substitution of Al3+ for Fe2+ in the octahedral Fe(OH)2 sheets. 

The structure of Fe(II)-Al(III)-LDH is illustrated in Figure A1.3. 

Wavelet transform (WT) analyses of the second coordination shell of the sorption 

samples and Fe reference compounds are presented in Figure 2.4. The analyses 

successfully resolve the Al and Fe atoms in the second coordination shell of central Fe in 

Fe(II)-Al(III)-LDH, as shown by the two distinct k maxima at R = 2.5 Å in the WT plots 

of the Fe(II)-γAl2O3 sorption samples and the nikischerite reference (Figure 2.4a, d), with 

the lower k maximum representing (light) Al and the higher k representing (heavier) Fe 

second shell neighbors.61 In contrast, second shell scattering in -Fe(OH)2 and green rust, 

which are constituted of octahedral hydroxide sheets containing only Fe cations, is 

dominated by Fe neighbors, as demonstrated by the strong k maximum of 8-9 Å-1 at 

R=2.5 Å in the WT plots of these compounds (Figure 2.4b, c). A small scattering 

contribution with a lower k maximum is seen in the WT plot of green rust as well at a 

distance similar to that of Fe-Fe, (Figure 2.4c). The origin of this contribution is not clear; 

possible sources may include scattering from adsorbed salt ions or from interlayer water 

molecules coordinated to the surface by hydrogen bonding,70,71 but require further study. 

Despite this ambiguity, the distinct differences in the WT results of the Fe(II)-Al(III)-

LDH versus -Fe(OH)2 and green rust in terms of second shell composition (Figure 2.4) 

demonstrate the utility of WT analyses in distinguishing between these structurally 

comparable compounds and in assisting EXAFS data interpretation of the sorption 

samples.  

The EXAFS data of the Fe(II) sorption products formed in the amorphous SiO2 

suspensions at pH 7.5 and 8.0 (Figure 2.3, Table 2.1) demonstrate formation of Fe(II) 
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precipitates with a composition and structure different than the Fe(II)-Al(III)-LDH phases 

formed in the γ-Al2O3 suspensions, as expected given the absence in the SiO2 suspensions 

of Al3+ required to induce formation of Fe(II)-Al(III)-LDH. We rule out precipitation of 

β-Fe(OH)2 based on the Fe-Fe distance of 3.22-3.23 Å, which is notably shorter than in 

β-Fe(OH)2 (R=3.26 Å; Table 2.1). Moreover, WT analyses of the Fe(II)-SiO2 sorption 

spectra indicate the presence of two different types of second shell atomic neighbors in 

the second coordination sphere of central Fe(II) in the precipitates formed, which is 

inconsistent with Fe(OH)2 or green rust precipitation (Figure 2.4). In addition, the pH 7.5 

and 8.0 Fe(II)-SiO2 sorption samples exhibit distinct depletion of dissolved Si relative to 

control samples consisting of amorphous SiO2 suspensions that were identical to the 

sorption samples but without added Fe(II) (Figure A1.4), suggesting association of Si 

with the secondary Fe(II) phases formed. Combined, these observations lead us to 

conclude that precipitation of Fe(II)-phyllosilicate phases occurs in the pH 7.5 and 8.0 

Fe(II)-SiO2 sorption samples, with structural features similar to minnesotaite (a 2:1 

hydrous iron silicate) and greenalite (1:1). These ferrous phyllosilicates consist of brucitic 

Fe(OH)2 sheets coordinated to one or two tetrahedral Si sheets through corner-sharing 

linking of O atoms along the basal planes,72–74 to build tri-octahedral Fe(II)-

phyllosilicates where central Fe is surrounded by second neighbor Fe and Si at similar 

distance (Figure A1.3). The Fe-Fe and Fe-Si radial distances in minnesotaite and 

greenalite (3.20-3.23 Å and 3.30 Å, respectively,72–74) are similar to the distances 

observed in our sorption samples (Table 2.1), with a Fe-Fe distance contracted relative to 

β-Fe(OH)2 to adjust the octahedral and tetrahedral sheets in layer silicates.72,75,76 The 

Fe(II)-phyllosilicates present in the sorption samples are likely to be poorly crystalline 
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with partially polymerized Si tetrahedral layers, as has been suggested for the tri-

octahedral Co(II)- and Ni(II)-phyllosilicates formed during Co(II) and Ni(II) sorption 

onto amorphous SiO2 and quartz at near-neutral to alkaline pH.20,42,43 Due to the 

substantial error associated with the coordination numbers of second shell Fe and Si, the 

structure and composition of these Fe(II) phases are poorly constrained by the EXAFS 

data fitting results. 

The EXAFS results of the clay sorption samples suggest an important role of pH 

in controlling the type of secondary Fe(II) precipitates formed during reaction of Fe(II) 

with this substrate. The EXAFS data of the pH 7.5 and the 15-month pH 7.0 samples are 

similar, although not identical, to those of nikischerite and the Fe(II)-Al(III)-LDH phases 

formed during Fe(II) sorption onto γ-Al2O3 (Figure A1.2a; Table 2.1). Of note is the 

truncated oscillation at 7−8 Å-1 in the k3-weighted χ spectra of the pH 7.5 Fe(II)-clay 

sorption samples, which is also present in the nikischerite and the Fe(II)-γAl2O3 sorption 

spectra (Figure A1.2a), and has been identified as a signature feature for the presence of 

Al in the octahedral  MeII(OH)2 sheets formed by divalent Ni, Zn, Co, and Fe, allowing 

distinction of Me(II)−Al(III)−LDH precipitates from Me(II)(OH)2 and Me(II)-

phyllosilicate phases.17,21 Its presence in the pH 7.0 and 7.5 Fe(II)-clay sorption χ data 

thus demonstrates formation of Fe(II)-Al(III)-LDH in these samples. 

  The EXAFS data and fitting results of the pH 8.0 clay sorption samples point to 

the formation of Fe(II)-phyllosilicate with a structure very similar to the Fe(II)-

phyllosilicates formed in the amorphous SiO2 suspensions (Figure 2.3; Table 2.1; Figure 

A1.2b), and notably different from the Fe(II)-Al(III)-LDH phases formed in the clay 

suspensions at pH 7.0 and 7.5. Macroscopic evidence for the difference in Fe(II) sorption 
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products formed at pH 7.5 versus pH 8.0 is presented in Figure A1.4, which compares the 

concentration of dissolved silica in Fe(II)-clay sorption samples reacted at pH 7.5 and 8.0 

to those of control samples made up of suspensions identical to the sorption samples but 

without added Fe(II). At pH 8.0, distinct depletion of dissolved Si occurs in the Fe(II)-

clay suspension over the 15 d time period monitored, whereas dissolved Si in the pH 7.5 

Fe(II)-clay suspension increases similar to the control sample (Figure A1.4). These 

results demonstrate association of Si with the secondary Fe(II)-precipitates formed at pH 

8.0, consistent with Fe(II)-phyllosilicate formation. Based on these results, we conclude 

that the mechanism of Fe(II) sorption in the clay suspensions transitions from 

predominant formation of Fe(II)-Al(III)-LDH at pH 7.0 and 7.5 to precipitation of Fe(II)-

phyllosilicate at pH 8.0. 

2.3.3 Influence of precipitate formation on Fe(II) sorption trends 

The formation of secondary Fe(II) precipitates evident from the EXAFS data explains the 

pH and kinetic trends observed in the macroscopic data presented in Figures 2.1 and 2.2. 

Precipitation of Fe(II) phases is correlated to the steep increases in Fe(II) removal seen in 

the pH edges at pH > 7 (Figure 2.1), and these therefore in effect define the pH thresholds 

where Fe(II) precipitation commences during sorption. In the blank samples (with no 

sorbent present), Fe(II) precipitates as β-Fe(OH)2 at pH > 8.2 (Figure 2.1, 2.3). The 

higher solubility of β-Fe(OH)2 relative to Fe(II)-Al(III)-LDH and Fe(II)-phyllosilicates is 

reflected in the 1.0-1.5 pH unit shift to higher values of the pH edge of the blank samples 

compared to the other edges (Figure 2.1).  

Slow Fe(II) sorption observed in the kinetic experiments at pH >7 (Figure 2.2) 

can similarly be attributed to precipitation of secondary Fe(II) phases. This is well 
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illustrated by the data obtained at pH 7.0 for Fe(II) sorption onto γ-Al2O3, where 

continued Fe(II) sorption at reaction times beyond 1 d is accompanied by a distinct 

increase in the intensity of second shell scattering from Fe and Al neighbors (Figure 2.3b) 

consistent with a process of slow nucleation and precipitate growth. At pH 7.5 and 8.0, 

secondary Fe(II) precipitates dominate the Fe(II) speciation in the γ-Al2O3, clay, and 

amorphous SiO2 suspensions after sorption times as short as 1 d, so that additional 

precipitate growth over longer sorption times does not change the average Fe speciation 

and causes no further change in the Fe EXAFS (Figure 2.3). We note that, although 

precipitation of Fe(II)-Al(III)-LDH in the γ-Al2O3 suspensions continues over the course 

of several weeks, formation of these phases commences in the early stages of sorption as 

evidenced by the appearance of Fe(II)-Al(III)-LDH within 2 h at pH 7.5 (Figure 2.3), 

making Fe(II)-Al(III)-LDH precipitation a Fe(II) sorption process relevant to both short- 

and long-term reaction times in these samples. 

Sorbent type and pH represent major controls on the kinetics of Fe(II) 

precipitation. For all three sorbents, the kinetics of Fe(II) sorption at pH > 7 (where 

precipitation occurs) increase distinctly as pH is raised (Figure 2.2). However, the 

kinetics are much slower in the clay suspensions than in the γ-Al2O3 and amorphous SiO2 

suspensions of equivalent pH, with no evidence of sorption equilibrium attained in the 

Fe(II)-clay suspensions after 80 days, while the Fe(II)-γAl2O3 and Fe(II)-SiO2 samples do 

reach equilibrium in this time frame (Figure 2.2). At pH 7.0, Fe(II)-Al(III)-LDH 

precipitates are observed in the clay suspension only after 15 months of reaction, whereas 

nucleation of these phases occurs within 1 month in the pH 7.0 γ-Al2O3 sorption samples 

(Figure 2.3). Scheidegger et al.40 proposed that formation of Me(II)-Al(III)-LDH phases 
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during long-term metal sorption onto Al-bearing substrates is rate-limited by the 

dissolution of Al from the mineral sorbent. The slow kinetics of Fe(II)-Al(III)-LDH 

precipitation in the pH 7.0 and 7.5 clay suspensions relative to γ-Al2O3 thus suggest 

slower release of Al from the clay than from the γ-Al2O3 substrate at these pHs. 

Similarly, the slower kinetics of Fe(II)-phyllosilicate precipitation in the clay samples at 

pH 8.0 relative to the SiO2 suspensions of the same pH (Figure 2.2) may be attributed to 

much slower release of Si from the clay than from the amorphous SiO2 substrate. Factors 

controlling Al and Si solubility include the solubility product of the clay substrate, the 

rate and congruency of dissolution, as well as the abundant permanent charge sites on 

montmorillonite particles which may present an alternative sink for Al competing with 

incorporation of Al into growing LDH phases.39,40,46  

Comparison of the equilibrium Fe(II) solution concentrations attained at pH 7.5 

and pH 8.0 in the Fe(II)-γAl2O3 and Fe(II)-SiO2 systems shows that more Fe(II) sorption 

occurs in the amorphous SiO2 suspensions than in the γ-Al2O3 suspensions of equivalent 

pH (Figure 2.2). This implies that the Fe(II)-phyllosilicates formed in the presence of 

amorphous SiO2 maintain a lower Fe(II) solution concentration than the Fe(II)-Al(III)-

LDH phases formed in the γ-Al2O3 suspensions. This result agrees with thermodynamic 

studies of Ni(II)-phyllosilicate and Ni(II)-Al(III)-LDH precipitation in clay and metal-

oxide suspensions, which have shown that the solubility of Ni(II)-phyllosilicate is lower 

than that of Ni(II)-Al(III)-LDH.26,44,45,77 

The pH threshold required to induce Fe(II)-phyllosilicate formation in the SiO2 

suspensions occurs at slightly higher pH than the threshold of Fe(II)-Al(III)-LDH 

precipitation in the γ-Al2O3 samples (Figures 2.2, 2.3), demonstrating the importance of 



22 

 

 

 

 

pH as a control on occurring precipitation processes. This is particularly true for the 

Fe(II)-clay systems, where Fe(II) precipitation transitions from predominant formation of 

Fe(II)-Al(III)-LDH at pH 7.0 and 7.5 to formation of Fe(II)-phyllosilicates at pH 8.0 

(Figure 2.3, A1.2, A1.4). Previous studies have observed formation of Ni(II)-

phyllosilicate phases during long-term (> 6 months) Ni(II) sorption onto pyrophyllite (a 

2:1 clay) at pH 7.5, which was attributed to slow Si exchange and polymerization in the 

interlayer of Ni(II)-Al(III)-LDH phases,39,44,45,77 which are equivalent to the Fe(II)-

Al(III)-LDHs observed in the pH 7.0 and 7.5 clay suspensions (Figure 2.3). Slow 

interlayer silification of Fe(II)-Al(III)-LDH is likely to occur as well in the pH 7.0 and 

7.5 clay suspensions over sorption times longer than employed here. In the pH 8.0 clay 

suspensions, however, precipitation of Fe(II)-phyllosilicates occurs within days, and 

generates Fe(II) phases very similar to those formed in the Fe(II)-SiO2 sorption samples 

(Figure 2.3 and A1.2b), which suggests that these may contain no or little structural Al. 

Systematic investigation of the impact of Al substitution on the structure and EXAFS 

spectra of Fe(II)-phyllosilicates will be useful in resolving the role of Al in the 

precipitation of these phases during Fe(II)-clay interaction. Additional thermodynamic 

and kinetic studies are needed to quantify the influence of pH on the saturation state of 

the various Fe(II) precipitate phases, and to assess kinetic controls on their formation.  

2.3.4 Thermodynamic calculations 

The Fe(II)-γAl2O3 sorption experiments conducted at pH 7.0, 7.5 and 8.0 experiments all 

reach equilibrium in the 100 day time frame used in the experiments (Figure 2.2a). 

Moreover, the EXAFS results identify Fe(II)-Al(III)-LDH precipitates as the main Fe(II) 

sorption product after long-term sorption at all three pH values (Figure 2.3), suggesting 
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that these phases control the dissolved Fe(II) levels in these samples. The results of the 

Fe(II)-γAl2O3 sorption experiments therefore allow estimation of the solubility products 

(Ksp) of the Fe(II)-Al(III)-LDH phases formed. The EXAFS results (Figure 2.3, Table 

2.1) indicate that the Fe(II)-Al(III)-LDH phases in the γ-Al2O3 suspensions contain 

octahedral metal-hydroxide sheets very similar to those of nikischerite, having a 

Fe(II):Al(III) ratio of 2:1 (Figure A1.3b).17,66 Assuming that the positive structural charge 

of the mineral sheets is balanced by the dominant Cl- anions of the reaction electrolyte, 

the chemical formula of the precipitates is Fe(II)2/3Al(III)1/3(OH)2Cl1/3 . The aqueous 

chemical equilibrium of this phase can be expressed as: Fe(II)2/3Al(III)1/3(OH)2Cl1/3 (s)   ↔  

2/3 Fe2+
(aq) + 1/3 Al3+

(aq) +2 OH-
(aq) + 1/3 Cl-

(aq), yielding Ksp = (Fe2+)2/3 * (Al3+)1/3 * (OH-

)2 * (Cl-)1/3, where brackets denote ion activities. All concentrations required to calculate 

Ksp at given pH are known, except for dissolved Al3+, which was too low for detection by 

ICP-OES. Therefore, we calculated (Al3+) assuming it was set by equilibrium with 

gibbsite (-Al(OH)3) or bayerite (-Al(OH)3), which are the main Al-oxide phases 

formed during aging of (metastable) γ-Al2O3 in aqueous suspensions.78–80 Using the 

Davies equation to derive ion activities, Ksp values were calculated from the long-term 

(equilibrium) experimental data of the Fe(II)-γAl2O3 sorption experiments conducted at 

pH 7.0, 7.5 and 8.0 (details in section A1.9 of Appendix 1). The calculated values are 

very similar for the three experiments, yielding Ksp = 1.18*10-21, 1.20*10-21 and 1.26*10-

21 at pH 7.0, 7.5 and 8.0 when assuming gibbsite as the mineral phase controlling (Al3+), 

and Ksp = 2.35*10-21, 2.39*10-21 and 2.49*10-21 assuming bayerite controls (Al3+) (Table 

A1.1). This suggests that similar Fe(II)-Al(III)-LDH phases form at the three pHs, which 

is consistent with the EXAFS data, and that dissolved Al3+ is controlled by the same Al-
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oxide phase at all three pHs. Unfortunately, we were not able to make similar estimates 

of Ksp for the Fe(II)-phyllosilicates phases formed in the amorphous SiO2 samples 

because, as noted earlier, these phases are likely to be poorly crystalline and their 

structure cannot be deduced conclusively from the EXAFS data. We are currently 

conducting Fe(II)-Al(III)-LDH and Fe(II)-phyllosilicate synthesis experiments for more 

detailed analysis of the solubility products of these minerals. Comparisons of the Ksp 

values determined from these synthesis experiments and from sorption studies such as 

conducted here will be addressed in future work.  

2.4 Environmental Implications 

This study reports the formation of Fe(II)-Al(III)-LDH and Fe(II)-phyllosilicate phases as 

the main secondary precipitation products formed during Fe(II) sorption in anoxic 

suspensions of clay, Al-oxide and amorphous SiO2. The precipitation rate and the type of 

precipitates formed are controlled both by pH and the type of sorbent present, suggesting 

an important role of soil mineralogy in directing Fe(II) precipitation and the potential for 

considerable variability in the composition and structure of the secondary Fe(II) phases. 

The precipitation reactions characterized here may be of particular significance to the 

geochemistry of Fe(II) in anoxic and suboxic groundwaters and soils, where pH values 

typically are in the range 6.5-8.081,82 and reductive dissolution of Fe(III) may elevate 

aqueous Fe(II) concentrations to mM levels.4,5,83–85 Dissolution of Al and Si from 

common mineral phases including Al-oxide, silica and smectite clay, may induce 

precipitation of Fe(II)-Al(III)-LDH and Fe(II)-phyllosilicate phases under these 

conditions. The formation of these secondary Fe(II) precipitates may impact the solubility 

of Fe(II) in reducing environments. Furthermore, these Fe(II) phases may affect the fate 
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of trace metals through adsorption and co-precipitation reactions, and control Fe(II) redox 

reactivity towards redox sensitive compounds.86–89 Additional thermodynamic and kinetic 

studies are needed to assess and predict the formation of these phases in natural systems 

and their reactivity towards trace elements and pollutants. 
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2.5 Table and Figures 

 

aN is coordination number, R is interatomic radial distance and 2 is Debye-Waller factor. 

Details on fitting can be found in Appendix 1.  

 

Table 2.1.  Fe K-edge EXAFS fitting results of Fe(II) sorption and reference samples 

      atomic shella  

-Al2O3 sorption 

samples   Fe-O   Fe-Fe   Fe-Al 

pH time   Nb R(Å) Å   N R(Å) Å   N R(Å) Å

7.5 1 week   5.5 2.12 0.009  3.0 3.13 0.006  3.0 3.13 0.006 

8.0 1 week   5.5 2.12 0.009  3.0 3.14 0.005  3.0 3.14 0.005 

7.5 1 month   5.3 2.13 0.008  3.0 3.14 0.006  3.0 3.14 0.006 

8.0 1 month   5.2 2.12 0.008  3.0 3.14 0.006  3.0 3.14 0.006 

references                         

nikischerite   5.2 2.14 0.007   3.0 3.14 0.006   3.0 3.14 0.006 

Fe(OH)2   5.2 2.14 0.006   6.0 3.26 0.006         

green rust (chloride)   4.7 2.09 0.014   6.0 3.21 0.013         

aqueous Fe(II)  5.3 2.12 0.009         

no sorbent                         

10.0 1 week   5.3 2.14 0.008   6.0 3.26 0.008         

clay sorption samples                         

7.5 1 week   6.2 2.10 0.010  3.0 3.14 0.008  3.0 3.14 0.008 

7.5 1 month   5.8 2.10 0.010  3.0 3.14 0.007  3.0 3.14 0.007 

clay sorption samples   Fe-O    Fe-Fe    Fe-Si 

8.0 1 week   5.7 2.11 0.009  6.0 3.20 0.010  4.0 3.25 0.010 

8.0 1 month  5.5 2.10 0.010  6.0 3.20 0.010  3.9 3.25 0.010 

SiO2 sorption samples                         

7.5 1 week   5.2 2.10 0.010 

 

6.0 3.22 0.011   5.2 3.27 0.011 

8.0 1 week   5.3 2.12 0.013   6.0 3.23 0.012   4.0 3.31 0.012 
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Figure 2.1. Fe(II) sorption pH edges results 

Comparison of the pH edges of Fe(II) removal in anoxic γ-Al2O3, clay, and amorphous 

silica suspensions, and in experimental control samples containing no sorbent. Reaction 

time=7 days, [Fe(II)]0= 2.7 mM, solid/solution=5g L-1. 
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Figure 2.2. Fe(II) sorption kinetics results 

Kinetics of Fe(II) sorption in anoxic suspensions of (a) γ-Al2O3, (b) clay and (c) 

amorphous silica at pH 6.0, 6.5, 7.0, 7.5 and 8.0 during reaction times up to 110 days. 
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The solids concentration in the experiments was 5 g L-1, and the aqueous Fe(II) 

concentration was 2.7 mM.  

 

Figure 2.3. Fe K edge EXAFS data of sorption samples and references 

(a) k3-weighted  spectra and (b) corresponding radial structure functions (RSFs). Solid 

and dotted lines in (a) represent raw and fitted spectra, respectively. Dotted lines in (b) 

locate the atomic neighbors indicated. Data fitting results are summarized in Table 2.1.  
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Figure 2.4. Wavelet transform results of Fe(II) references and sorption samples 

Wavelet transform (WT) analyses of the second coordination shell (η=5.8, =1) for 

reference compounds: (a) nikischerite; (b) -Fe(OH)2; (c) green rust; and sorption 

samples: (d) Fe(II)-Al2O3 (pH 8.0); (e) Fe(II)-clay (pH 7.5); (f) Fe(II)-clay (pH 8.0); and 

(g) Fe(II)-amorphous silica (pH 8.0). All sorption samples were reacted for 1 month, 

except for the Fe(II)-SiO2 sample, which was reacted for 1 week.  

  

3.4

3.2

3.0

2.8

2.6

2.4

14121086420

2.4

2.6

2.8

3.0

3.2

3.4

0 2 4 6 8 10 12 14

3.4

3.2

3.0

2.8

2.6

2.4

14121086420

2.4

2.6

2.8

3.0

3.2

3.4

0 2 4 6 8 10 12 14

(a)

k (Å -1)

r 
(Å

)

3.4

3.2

3.0

2.8

2.6

2.4

14121086420

2.4

2.6

2.8

3.0

3.2

3.4

0 2 4 6 8 10 12 14

3.4

3.2

3.0

2.8

2.6

2.4

14121086420

2.4

2.6

2.8

3.0

3.2

3.4

0 2 4 6 8 10 12 14

3.4

3.2

3.0

2.8

2.6

2.4

14121086420

2.4

2.6

2.8

3.0

3.2

3.4

0 2 4 6 8 10 12 14

3.4

3.2

3.0

2.8

2.6

2.4

14121086420

2.4

2.6

2.8

3.0

3.2

3.4

0 2 4 6 8 10 12 14

3.4

3.2

3.0

2.8

2.6

2.4

14121086420

2.4

2.6

2.8

3.0

3.2

3.4

0 2 4 6 8 10 12 14

k (Å -1)

r 
(Å

)

k (Å -1)

r 
(Å

)

k (Å -1)

r 
(Å

)

k (Å -1)

r 
(Å

)

k (Å -1)

r 
(Å

)

k (Å -1)

r 
(Å

)

(b) (c)

(d) (e) (f) (g)



31 

 

 

 

 

Chapter 3: Macroscopic and Spectroscopic Assessment of the Cosorption of Fe(II) 

with As(III) and As(V) on Al-Oxide 

Abstract 

The co-sorption of Fe(II) with As(III) and As(V) in anoxic suspensions of γ-Al2O3 at pH 

7.5 was investigated with batch kinetic experiments and synchrotron EXAFS analyses. 

Single-sorbate results showed that Fe(II) formed secondary Fe(II)-Al(III)-layered double 

hydroxide (LDH) phases during reaction with the Al-oxide sorbent, whereas As(III) and 

As(V) formed inner-sphere surface complexes. The kinetics and mechanisms of Fe(II) 

and As(III) sorption were identical in dual-sorbate and single-sorbate experiments, 

indicating that the processes involved operate independently. In contrast, As(V) and Fe(II) 

interacted strongly during co-sorption. Fe(II) enhanced the rate and extent of As(V) 

removal from solution, but did not affect the mechanism of As(V) adsorption. Conversely, 

As(V) hindered the formation of Fe(II)-Al(III)-LDH, slowing down precipitation at low 

As(V) concentrations and preventing it at high concentrations. This was attributed to 

interference of adsorbed As(V) with the Al supply needed for Fe(II)-Al(III)-LDH 

precipitation, possibly combined with enhanced surface complexation of Fe(II) cations 

promoted by anionic As(V) surface species. No evidence was found for redox reactions 

between Fe(II) and As(V) or As(III), or precipitation of Fe-arsenic phases. These results 

improve our understanding of the geochemistry of Fe(II) and arsenic in reducing 

environments, and demonstrate the utility of mechanistic studies on geochemically 

complex model systems. 
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3.1 Introduction 

Sorption reactions at mineral-water interfaces have a profound impact on the solid-water 

partitioning of trace metal(loid)s and thus play an important role in controlling the 

mobility and fate of these species in soils and sediments.52 Various studies have shown 

the ability of Al-bearing mineral substrates to induce the precipitation of Me(II)-Al(III)-

layered double hydroxides (LDHs) during sorption of Ni(II), Zn(II) and Co(II) at near 

neutral pH values.18–30,40 Our recent work has demonstrated that aqueous Fe(II) also 

readily precipitates during interaction with mineral sorbents, forming Fe(II)-Al(III)-LDH 

phases and poorly crystalline Fe(II)-phyllosilicates during sorption in anoxic suspensions 

of Al-oxide, smectite clay, and amorphous silica at pH values > 7.17,90 The formation of 

such secondary Fe(II) phases may play an important role in determining Fe(II) 

sequestration and speciation in environments undergoing Fe(III) reduction, where 

concentrations of aqueous Fe(II) are elevated and pH values commonly are in the range 

6.5-8.0.4,5,81–85  

Reductive dissolution of Fe(III)-oxides not only leads to the build-up of high 

levels of aqueous Fe(II), but also releases trace metals and metalloids originally 

associated with these mineral sorbents.81,83,85,91,92 The presence of dissolved trace 

metal(loid)s may affect the formation of secondary Fe(II) phases during Fe(II) sorption, 

while, conversely, the formation of Fe(II) precipitates may influence the retention of the 

aqueous metal(loid) species, e.g. through co-precipitation, adsorption or redox reactions. 

Therefore, studies of the co-sorption of Fe(II) with common trace elements are needed to 

obtain a better understanding of the formation of secondary Fe(II) precipitates and their 

impacts on trace metal(loid) solubility and speciation in suboxic and anoxic environments.  
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The current study focuses on the co-sorption of Fe(II) with the arsenic species 

arsenite, As(III)  and arsenate, As(V), which are the dominant inorganic As species in 

groundwaters and soils,93 using a model Al-oxide as the mineral sorbent. Previous studies 

have demonstrated that both As(III) and As(V) are sorbed effectively on Al-oxide 

substrates, but that the sorption affinities and mechanisms differ between the two As 

redox states. Arsenate adsorbs more extensively on Al-oxide than does arsenite under 

equivalent conditions, and spectroscopic work has shown that As(V) predominantly 

forms inner-sphere complexes at the Al-oxide surface whereas As(III) forms a mixture of 

outer- and inner-sphere complexes.94–97 These differences in adsorption behavior may 

influence the impacts of these As species on the interaction of aqueous Fe(II) with Al-

oxide sorbents. 

Besides influencing the process of Fe(II)-Al(III)-LDH precipitation, the presence 

of arsenate and arsenite oxyanions may also affect the complexation of Fe(II) cations at 

the Al-oxide surface (i.e. Fe(II) adsorption). Results from past studies have indicated the 

potential of oxyanion co-sorbates for modifying metal adsorption through surface 

electrostatic effects and ternary complex formation.98–105 Additional processes of 

potential importance include the precipitation of secondary Fe(II)-arsenic phases, and 

redox reactions between sorbed Fe(II) and As. Clearly, the geochemical complexity of 

dual-sorbate Fe(II)-As systems is substantially higher than those of the corresponding 

single-sorbate systems. 

The objective of this study was to investigate the macroscopic and mechanistic 

aspects of the co-sorption of Fe(II) with As(III) and As(V) onto Al-oxide under anoxic 

conditions at pH 7.5. The experiments were conducted at conditions conducive to the 
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formation of Fe(II)-Al(III)-LDH in order to assess the impacts of As(III) and As(V) on 

the precipitation process, and to determine the influence of these secondary Fe(II) phases 

on As retention. Our results demonstrate notable differences in Fe(II) and arsenic 

sorption trends and mechanisms between single- and dual-sorbate systems, thus 

highlighting the need for mechanistic studies of model systems mimicking the 

complexity of natural environments. 

3.2 Experimental Section 

3.2.1 Experimental conditions and materials 

All experiments were conducted under strictly anoxic conditions using a glovebox filled 

with 95% N2(g) and 5% H2(g), and equipped with Pd catalyst to scrub the atmosphere off 

trace O2(g). The anoxic protocols employed here are described in detail in our previous 

studies.17,90 An anoxic stock solution of 1.0 M Fe(II) was prepared by dissolving 

FeCl2∙4H2O (Fisher Scientific, Cat. No. I90-500) in anoxic 0.1 M HCl and filtering the 

resulting solute through a 0.22 μm nitrocellulose membrane. Anoxic As(III) and As(V) 

stock solutions of 0.1 M were prepared from NaAsO2 (Fisher Scientific, Cat. No. S225I-

100) and Na2HAsO4∙7H2O (Sigma-Aldrich, Cat. No. 455857) salts, respectively. The 

mineral sorbent used in this study was -Al2O3 (Alfa Aesar, Cat. No. 39812), with a 

specific surface area measured as 70.5 m2 g-1 using the N2-BET method.  

3.2.2 Batch sorption studies 

Sorption experiments were conducted with anoxic 5.0 g -Al2O3 L
-1 suspensions 

maintained at pH 7.5 with 50 mM HEPES dissolved in the electrolyte background. The 

ionic strength was set at 0.1 M with NaCl after accounting for the buffer speciation and 

the addition of titrant NaOH. 
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Kinetic experiments were performed in a total of 9 batches comprised of 5 single-

sorbate and 4 dual-sorbate systems. For the single-sorbate experiments, -Al2O3 

suspensions were spiked with either Fe(II) (1 mM), As(III) (0.25 mM) or As(V) (0.10 

mM, 0.25 mM or 0.50 mM). In the dual-sorbate systems, Fe(II) (1 mM) was added to the 

-Al2O3 suspensions simultaneously with either As(III) or As(V) at the same 

concentrations as used for the single-sorbate experiments. Aqueous speciation 

calculations using Mineql+69 showed that the speciation of aqueous Fe(II) is dominated 

by non-complexed Fe2+
(aq) (97.8 %) with a minor component of FeCl+

(aq) (2.2 %), 

whereas aqueous As(III) consists of 97.9 % H3AsO3
0

(aq) and 2.1 % H2AsO3
-
(aq), and 

aqueous As(V) consists of  88.2 % HAsO4
2-

(aq) and 11.8 % H2AsO4
-
(aq). 

The reaction vessels were wrapped in aluminum foil to prevent light exposure, 

and sealed in three zip-lock bags inside the glovebox to prevent accidental exposure to O2 

during equilibration. The containers were sampled regularly over the course of 9 months 

to monitor the sorption of Fe(II), As(III) and As(V). Sampling involved retrieval of a 5 

mL suspension aliquot which was filtered through a 0.22 μm nitrocellulose membrane 

inside the glovebox. The filtrates were acidified with 125 μL of 37 % HCl, and analyzed 

for the concentration of dissolved Fe(II) with the ferrozine method,57 and/or for the 

concentration of aqueous arsenic using ICP-OES. Ion sorption was calculated as the 

difference between the initial and final solution concentrations.  

Speciation calculations using the solubility product (Ksp) of symplesite 

(FeII
3(AsVO4)2∙8H2O) reported by Johnston and Singer106 indicated that the initial 

solutions of the dual-sorbate experiments with As(V) were oversaturated with respect to 

this phase. The saturation state of the equilibrated solutions, however, could not be 
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assessed, because the aqueous As(V) concentrations were below the detection limit of 

ICP-OES. Catalano et al.107 showed that the Ksp value used in the thermodynamic 

calculations may under-predict symplesite solubility in dilute solutes such as used here. 

We therefore experimentally assessed the potential of Fe(II)-As(V) precipitation in our 

systems, in two ways. First, we prepared blank samples that lacked -Al2O3 but were 

otherwise identical to the ternary sorption examples. The solutions were filtered through 

0.22 µm nitrocellulose membranes and analyzed. No removal of aqueous Fe(II) or As(V) 

was observed. Secondly, the XAS data of the sorption samples were compared to those of 

a synthetic Fe(II)-As(V) precipitate (details in the 3.3 Results section), and to those of 

symplesite as reported in Jönsson and Sherman.108 These comparisons showed no 

evidence for Fe(II)-As(V) precipitation as discussed in the Results section below.  

3.2.3 XAS studies 

Samples for X-ray absorption spectroscopy (XAS) analysis were prepared under the same 

conditions and with the same methods as for the kinetic experiments described above, 

using sample volumes of 50 mL to obtain enough paste for XAS analysis. Both single-

sorbate and dual-sorbate samples were prepared, at equilibration times varying from 1 

day to 9 months. The anoxic protocols used for XAS sample preparation and transport 

were described previously.90 

Besides the sorption samples, the following reference compounds were analyzed 

as well: (1) aqueous Fe(II); (2) nikischerite (NaFeII
6Al3(SO4)2(OH)18(H2O)12); (3) 

aqueous As(III); (4) aqueous As(V); and (5) a synthetic Fe(II)-As(V) precipitate. The 

Fe(II)(aq) and nikischerite references are described in Zhu and Elzinga,90 while the 

aqueous As(III) and As(V) standards were prepared as solutions of 10 mM NaAsO2 and 
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Na2HAsO4∙7H2O dissolved in DDI water. The Fe(II)-As(V) precipitate was prepared per 

the protocol of symplesite synthesis of Jönsson and Sherman.108 Powder X-ray diffraction 

analysis of the mineral product showed broad diffraction peaks indicative of a poorly 

crystalline solid (not shown). XAS analyses confirmed that the local coordination 

environments of Fe and As in the solid resembled those of symplesite, as described in 

more detail in Appendix 2.  

Synchrotron Fe K-edge (7112 eV) and As K-edge (11,867 eV) spectra were 

recorded on beamline X-11A of the National Synchrotron Light Source at Brookhaven 

National Laboratory, and beamline 12-BMB of the Advanced Photon Source at Argonne 

National Laboratory. The data were collected at room temperature in fluorescence mode 

using a Si(111) monochromator detuned by 40 % for Fe scans and by 25 % for As scans 

to suppress higher order harmonics. Fe foil and Au foil (LIII-edge 11,919 eV) were used 

for energy calibration of the Fe and As K-edges, respectively. The possibility of beam 

damage of the Fe(II) sorption samples during analysis was checked by comparing the 

normalized spectra of the first and last scan of each sample, as in Elzinga17. No damage 

was observed. EXAFS data processing and fitting were performed with WINXAS 3.1,58  

combined with Feff 7.0 59 and ARTEMIS60. Details of the EXAFS data fitting routines 

used for the sorption and reference samples are described in Appendix 2.  

3.3 Results 

3.3.1 Batch kinetic studies 

Figure 3.1 compares the kinetics of sorption of Fe(II) (1 mM) in the absence and presence 

of As(III) (0.25 mM) and As(V) (0.10, 0.25 and 0.50 mM). Consistent with our earlier 

studies,17,90 the Fe(II) sorption kinetics in the single-sorbate experiment are biphasic, with 
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fast uptake during the first hours of reaction followed by a slower sorption stage that 

continues until equilibrium is reached after ~30 days (Figure 3.1). Effects of arsenic 

depend on As oxidation state and concentration. The presence of 0.25 mM As(III) does 

not discernibly affect the kinetics and extent of Fe(II) sorption, indicating that As(III) has 

little impact on Fe(II) retention even at this relatively high concentration (Figure 3.1a). 

The presence of As(V), in contrast, noticeably changes the kinetics of Fe(II) sorption, 

although the extent of sorption is relatively unaffected with 75-85 % of Fe(II) ultimately 

removed under all conditions (Figure 3.1b). The kinetic impacts of As(V) vary with 

concentration. At the two lower As(V) additions (0.10 mM and 0.25 mM), the Fe(II) 

sorption kinetics slow down relative to the binary Fe(II)/γ-Al2O3 system, with the time 

required to attain apparent equilibrium increasing to 100 days in the presence of 0.10 

mM As(V), and to 240 days in the presence of 0.25 mM As(V). At the highest level of 

As(V) addition (0.50 mM), on the other hand, Fe(II) sorption reaches equilibrium on a 

similar time scale as for the binary system, stabilizing within the first month of reaction 

(Figure 3.1b). 

 Figure 3.2 compares the sorption kinetics of As(III) and As(V) in the presence 

and absence of Fe(II). The retention of As(III) is not influenced by Fe(II), as shown by 

the similarity of the As(III) kinetic sorption patterns in the binary As(III)/γ-Al2O3 and 

ternary As(III)/Fe(II)/γ-Al2O3 suspensions (Figure 3.2a). This finding resembles the 

results of Figure 3.1a showing that As(III) does not affect the sorption of Fe(II). 

Combined, these observations suggest that the processes controlling the removal of 

aqueous Fe(II) and As(III) in the ternary samples are neither competitive nor synergistic, 

but operate independently under the conditions investigated here. 
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Contrariwise, the presence of Fe(II) enhances both the rate and extent of As(V) 

sorption relative to the binary As(V)/γ-Al2O3 systems, mediating rapid and essentially 

complete removal of As(V) from solution (Figure 3.2b-d). This promotive effect of Fe(II) 

on the sorption of As(V) contrasts with the inhibitive effect of As(V) on the sorption of 

Fe(II) at [As(V)]=0.10 and 0.25 mM (Figure 3.1b). These opposite impacts of co-sorption 

demonstrate the complexity of ternary sorption systems, where interactions between 

multiple processes complicate prediction of net outcomes.98–105 Overall, the kinetic data 

presented in Figures 3.1 and 3.2 indicate that the arsenic oxidation state and 

concentration are important factors in regulating As impacts on Fe(II) sorption behavior 

on Al-oxide, and that the influence of Fe(II) on the sorption of arsenic depends on the As 

oxidation state. The mechanisms behind these macroscopic sorption trends are addressed 

below based on EXAFS spectroscopic results. 

3.3.2 Fe K-edge EXAFS data 

Figure 3.3 presents the Fe K-edge EXAFS data of the binary and ternary Fe(II) sorption 

samples and Fe reference compounds, with Figure 3.3a showing the raw and fitted k3-

weighted χ spectra, and Figure 3.3b the corresponding radial structure functions (RSFs) 

obtained from Fourier transforming the raw χ data. The fit results are summarized in 

Table A2.1.  

The Fe EXAFS spectra of the sorption samples vary with reaction time, As 

oxidation state, and As concentration (Figure 3.3), indicating that these variables 

influence the speciation of sorbed Fe. The Fourier transforms of all samples exhibit a 

peak at ~1.6 Å (uncorrected for phase shift), which is due to backscattering from first-

shell O ligands. This shell is fitted with 4.8-6.0 O atoms at a radial distance of 2.08-2.12 
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Å (Table A2.1). These results indicate that sorbed Fe is present in the divalent form and 

in octahedral coordination with first-shell O, as in the reference compounds Fe(II)(aq) 

and nikischerite.17,66–68,90 The persistence of Fe(II) as the predominant Fe species in the 

ternary systems indicates that redox reactions between Fe(II) and As(V) or As(III) co-

sorbates do not occur to a significant extent. 

 The RSFs of the binary Fe(II)/-Al2O3 sorption samples exhibit a second shell at 

~2.8 Å (uncorrected for phase shift) (Figure 3.3b), which is due to backscattering from 

second-neighbor Fe/Al and thus indicates the formation of Fe(II) precipitates. The k3-

weighted χ spectra (Figure 3.3a) and fit results (Table A2.1) of these samples closely 

resemble those of the nikischerite reference (Figure 3.3a), identifying the precipitate 

formed as a Fe(II)-Al(III)-layered double hydroxide (LDH). These findings are consistent 

with our previous studies showing Fe(II)-Al(III)-LDH as the main Fe(II) sorption product 

of the interaction of Fe(II) with Al-oxide and clay substrates under similar conditions as 

used here.17,90 These Fe(II) phases consist of brucitic Fe(OH)2 layers in which 1/3 of 

Fe(II) has been substituted with Al(III), generating a positive structural layer charge that 

is neutralized by interlayer Cl- anions derived from the background electrolyte.17,66 In line 

with our previous results,17,90 precipitation of Fe(II)-Al(III)-LDH occurs rapidly in the 

binary experiments, with clear evidence for the presence of these phases after 2 h (Figure 

3.3, spectrum b).  

The Fe EXAFS results of the ternary samples show that Fe(II)-Al(III)-LDH 

precipitation occurs in the presence of As as well (Figure 3.3), but that the rate and extent 

of precipitation are modified in dependence of the As oxidation state and concentration. 

In the system containing As(III), precipitation of Fe(II)-Al(III)-LDH occurs on a similar 
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time scale as in the binary Fe(II)/γ-Al2O3 system, with Fe(II)-Al(III)-LDH observed after 

1 day (Figure 3.3 spectrum d). The apparent lack of interference of As(III) with the 

precipitation of Fe(II)-Al(III)-LDH is consistent with the macroscopic data of Figures 

3.1a and 3.2a which similarly suggest that the sorption of Fe(II) and As(III) are mutually 

independent under the current experimental conditions. 

 In contrast to As(III), the presence of As(V) interferes with the precipitation of 

Fe(II)-Al(III)-LDH. This is demonstrated by spectra f-p in Figure 3.3, which were 

collected for the 1 d, 6 d, 35 d, and 8-9 mo samples of the ternary samples containing 

0.10, 0.25 and 0.50 mM As(V). These data show that after 1 day of reaction, none of the 

ternary samples contain Fe(II)-Al(III)-LDH (Figure 3.3, spectra f, i, m). This contrasts 

with the As(V)-free Fe(II)/γ-Al2O3 system where formation of Fe(II)-Al(III)-LDH occurs 

within 2 hours (Figure 3.3, spectrum b). Precipitation of Fe(II)-Al(III)-LDH does 

ultimately occur as well in the ternary samples with 0.10 and 0.25 mM As(V), with 

evidence for the presence of these phases visible after 6 d and 35 d, respectively (Figure 

3.3). In the ternary system containing 0.50 mM As(V), however, there is no evidence for 

precipitation of Fe(II)-Al(III)-LDH even after 8 months of reaction (Figure 3.3, spectrum 

p; Table A2.1). Use of the Fe EXAFS results for identification of the mode of Fe(II) 

sorption in this system is limited by the lack of well-defined scattering contributions from 

atomic neighbors beyond first-shell O (Figure 3.3b, spectra m-p). We do, however, note 

the dissimilarity of the Fe XAS data of this system to those of the reference Fe(II)-As(V) 

precipitate (spectrum r in Figure 3.3), and those of crystalline symplesite reported by 

Jönsson and Sherman.108 This suggests that formation of secondary Fe(II)-As(V) phases 

is not a major process. Constraints on the mechanisms of Fe(II) retention in this system 
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are discussed below based on the combined Fe and As EXAFS spectroscopic data and the 

macroscopic sorption trends. 

3.3.3 As K-edge EXAFS data 

The As EXAFS data of sorption samples and reference compounds are displayed in 

Figure 3.4, and the fit results are presented in Table A2.2. Only the 6-day sorption 

samples are shown, because no changes were observed in the As XAS data over the 

course of the experiment (Figure A2.4-A2.7). The k3-weighted χ spectra are dominated 

by the sinusoidal oscillations resulting from the backscattering of first-shell O neighbors 

(Figure 3.4a). The radial distance of first-shell O is fitted at 1.68 Å for the As(V) samples, 

and at 1.78-1.79 Å for the As(III) samples (Table A2.2), which are values consistent with 

the As(III)-O and As(V)-O coordination observed in previous XAS studies.e.g. 94,105,107–112 

There are no differences in the As(III)-O and As(V)-O coordination of the ternary and 

binary samples (Table A2.2). This indicates that the valence states of these arsenic 

species do not change during co-sorption with Fe(II), an observation that is consistent 

with the Fe EXAFS results which similarly demonstrated the absence of redox reactions 

between Fe(II) and As(III) or As(V) (Figure 3.3; Table A2.1).  

The RSFs of the As(III) and As(V) sorption samples (Figure 3.4b) show a second 

coordination shell at ~3.0 Å (uncorrected for phase shift). This shell was fitted with Al 

atomic neighbors located at a radial distance of 3.13-3.15 Å for the As(V) samples, and 

3.22-3.25 Å for the As(III) samples (Table A2.2). These results are consistent with 

previous XAS studies of As(III) and As(V) adsorption on Al-oxide substrates,e.g. 

94,105,109,112 and indicate the formation of inner-sphere bidentate binuclear complexes for 

both As(III) and As(V) at the -Al2O3 surface. 
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We note the strong similarity of the As(III) and As(V) XAS spectra and fit results 

obtained for the binary (i.e. As(III)/γ-Al2O3 and As(V)/γ-Al2O3) and the corresponding 

ternary sorption samples (Figures 3.4 and A2.9; Table A2.2). This indicates that any 

differences in the As(III) and As(V) speciation between the binary and ternary systems 

are minor. This is particularly noteworthy for the As(V) systems, where effects of Fe(II) 

on As sorption are strong (Figure 3.2), and therefore mechanistic differences in As(V) 

retention between binary and ternary samples might be expected. We note that the As(V) 

XAS data of the ternary systems do not resemble those of the reference Fe(II)-As(V) 

precipitate (spectrum e in Figure 3.4), and that the data fits are inconsistent with 

precipitation of symplesite (Table A2.2). Instead, the As(V) XAS data of the binary 

As(V)/γ-Al2O3 and ternary Fe(II)/As(V)/γ-Al2O3 systems are essentially identical (Figure 

3.4; Table A2.2), as illustrated particularly well by the overlay of the As(V) χ spectra 

presented in Figure A2.9d. These results indicate that Fe(II) has no noticeable impact on 

the mode of As retention in our experimental systems, with As(III) and As(V) adsorbed 

as inner-sphere bidentate binuclear complexes at the Al-oxide surface in both the 

presence and absence of Fe(II).  

3.4 Discussion 

3.4.1 Mechanisms of Fe(II) and As(III) cosorption 

The combined macroscopic and spectroscopic data presented here suggest that As(III) 

and Fe(II) react independently with the γ-Al2O3 substrate, as indicated by the identical 

results obtained for the ternary and binary sorption systems in terms of the rate, extent 

and mechanisms of Fe(II) and As(III) sorption (Figures 3.1-3.4; Tables A2.1 and A2.2). 

The XAS results demonstrate that As(III) coordinates as inner-sphere adsorption 
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complexes at the γ-Al2O3 surface, while Fe(II) forms secondary Fe(II)-Al(III)-LDH 

precipitates with Al(III) supplied by partial dissolution of the Al-oxide sorbent.  

The absence of a discernable effect of Fe(II) on the adsorption of As(III) at the γ-

Al2O3 surface indicates that the secondary Fe(II)-Al(III)-LDH precipitates formed in the 

ternary samples do not represent a significant sink for As(III) compared to the γ-Al2O3 

surface. This is likely at least in part due to the relatively small amount of Fe(II) (1.0 mM) 

in the system compared to Al (98 mM), limiting the potential of Fe(II)-Al(III)-LDH to act 

as a quantitatively important sorbent relative to the γ-Al2O3 substrate. An additional 

consideration is that Fe(II)-Al(III)-LDH may not have a particularly high affinity for 

sorption of As(III). The surface of Fe(II)-Al(III)-LDH is dominated by positively charged 

basal surfaces,17,66 whereas the dominant aqueous As(III) species in our experimental 

systems is charge-neutral H3AsO3
0

(aq).
 The absence of favorable electrostatic interactions 

between H3AsO3
0

(aq) and Fe(II)-Al(III)-LDH may limit the adsorption of aqueous As(III) 

onto this secondary Fe(II) phase, especially in the presence of the relatively high 

concentration of Cl- anions provided by the 0.10 M NaCl background electrolyte. Studies 

addressing the affinity and mechanisms of As(III) interaction with Fe(II)-Al(III)-LDH are 

needed to assess the potential of this Fe(II) mineral phase to act as a sink of As(III). 

The dominant mode of Fe(II) sorption in the ternary Fe(II)/As(III)/-Al2O3 

systems is the formation of Fe(II)-Al(III)-LDH phases (Figure 3.3). However, in view of 

the relatively high solution pH and the fact that some Fe(II) remains in solution (Figure 

3.1), adsorption of Fe(II) to the γ-Al2O3 surface is expected to occur as well.17,90 

Assuming that the resulting Fe(II) surface complexes are inner-sphere, as observed for 

the divalent metals Zn(II) and Pb(II),41,46 the Al-oxide surface charge is expected to 
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increase (i.e. become more positive) in the presence of aqueous Fe(II). Since the 

adsorption of As(III) is not sensitive to this presumed change in the surface charge of the 

mineral sorbent (Figure 3.2a), we infer that the As(III) surface complexes are charge-

neutral. This conclusion is consistent with the predominant occurrence of aqueous As(III) 

as the (uncharged) As(OH)3
0

(aq) species in our systems, and is supported by the 

electrophoretic mobility measurements of Arai et al.94, who demonstrated that the surface 

charge of γ-Al2O3 is not modified by As(III) adsorption. Verification of this argument 

will require studies characterizing the mononuclear adsorption complexes formed by 

Fe(II) at the Al-oxide surface. 

A final point we make from the Fe(II)-As(III) co-sorption results is that the As(III) 

surface complexes do not appear to affect the availability of sorbent-derived Al for 

formation of Fe(II)-Al(III)-LDH. We have previously proposed that the slow stage of 

Fe(II) sorption, which occurs between 1-30 days under the current conditions (Figure 3.1), 

is due to ongoing precipitation of Fe(II)-Al(III)-LDH, and is rate-controlled by the 

dissolution of the Al-oxide sorbent supplying the Al needed for LDH precipitation, 

consistent with the conclusions from other studies.17,39,40,46,90 The identical kinetics of 

Fe(II) sorption in the absence and presence of As(III) (Figure 3.1a) therefore indicate that 

the release of Al from the surface is not affected by adsorbed As(III).  This suggests that 

the interaction of As(III) with the Al-oxide surface is insufficiently strong to interfere 

with Al-oxide dissolution.  

3.4.2 Mechanisms of Fe(II) and As(V) cosorption 

The experiments conducted with As(V) and Fe(II) demonstrate distinctly different 

sorption behavior of both species in ternary versus binary systems, indicating interactions 
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between the two during co-sorption. The presence of Fe(II) strongly increases the 

sorption of As(V) (Figure 3.2). However, the As XAS data indicate that the mode of 

As(V) retention is not noticeably modified by the presence of Fe(II) (Figure 3.4, A2.9; 

Table A2.2). We therefore exclude formation of Fe(II)-As(V) precipitates and sorption of 

As(V) onto secondary Fe(II)-Al(III)-LDH phases as significant drivers of the observed 

enhancement of As(V) sorption in the presence of Fe(II). Instead, the current results 

suggest surface electrostatic effects as a plausible cause for the increase in As(V) sorption 

in the ternary experiments. In this scenario, the Al-oxide surface becomes more positively 

charged due to inner-sphere complexation of Fe(II) cations, and this promotes additional 

sorption of anionic As(V) (relative to the binary As(V)/-Al2O3 system) by lowering the 

electrostatic barrier for ion approach. The dominant aqueous As(V) in our experimental 

systems is anionic HAsO4
2-

(aq), and the electrophoretic mobility studies of Arai et al.94 

indicate that the inner-sphere adsorption complexes of As(V) at the Al-oxide surface 

carry negative charge. The electrostatics of the As(V)/-Al2O3 surface interaction thus 

favor increased As(V) adsorption mediated by inner-sphere surface complexation of 

Fe(II). As noted above, the inner-sphere coordination of Fe(II) cations and the consequent 

increase in Al-oxide surface charge remains to be confirmed, but is consistent with the 

mechanisms of Zn(II) and Pb(II) adsorption onto γ-Al2O3.
28,41  

Besides electrostatic effects, direct interactions between adsorbed Fe(II) and As(V) 

surface complexes may occur as well. Such interactions lead to the formation of ternary 

surface complexes exhibiting chemical or physical bonds between adsorbed Fe(II) and 

As(V) that increase the stability of sorption of both species. Ternary complexes have 

been observed in IR studies of the co-sorption of oxyanions like phosphate, sulfate and 
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carbonate with various divalent metals (including Fe(II)) on Fe(III)-oxide substrates,98–

104,113–115 and have been suggested to occur during co-sorption of Co(II) and Se(IV) (as 

the selenite oxyanion SeO3
2-) onto γ-Al2O3.

116,117 If similar As(V)-Fe(II) ternary surface 

complexes are formed to a significant extent in our systems, they do not induce a major 

change in the interaction of As(V) with the Al-oxide surface, as shown by the As EXAFS 

data (Figure 3.4; Table A2.2). This suggests that they are either ligand-bridged (i.e. 

arranged as γAl2O3-As(V)-Fe(II)) or involve lateral interactions between adsorbed Fe(II) 

and As(V). Unfortunately, EXAFS spectroscopy is relatively insensitive towards 

detection of small numbers of second-neighbor atomic scatterers, especially if the 

coordination is relatively disordered, making identification and characterization of 

ternary surface complexes difficult with this technique.98 Application of IR 

measurements would be useful in resolving the potential importance of ternary 

complexes in these systems. 

The sorption of Fe(II) is slower in the ternary experiments with the two lower 

As(V) (0.10 and 0.25 mM) than in the binary Fe(II)/γ-Al2O3 experiment (Figure 3.1b), 

although the main mode of Fe(II) retention in the ternary systems remains the 

precipitation of Fe(II)-Al(III)-LDH (Figure 3.3). The Fe EXAFS data demonstrate that 

As(V) noticeably slows down the formation of secondary Fe(II)-Al(III)-LDH (Figure 3.3; 

Table A2.1), explaining the slower rate of Fe(II) sorption observed macroscopically. 

These results resemble those of Boyle-Wright et al.117, who similarly observed that the 

precipitation of Co(II)-Al(III)-LDH during Co(II) interaction with γ-Al2O3 is hindered by 

the presence of Se(IV), a strongly sorbing oxyanion, as a co-sorbate. The inhibitive effect 

of As(V) on LDH precipitation may result from: (i) interaction of As(V) with growing 



48 

 

 

 

 

Fe(II)-Al(III)-LDH crystallites slowing down their growth; or (ii) interference of As(V) 

with the release of Al from the Al-oxide sorbent limiting the supply of Al available for 

Fe(II)-Al(III)-LDH precipitation. The As EXAFS data (Figure 3.4; Table A2.2) show no 

evidence for interaction of As(V) with Fe(II)-Al(III)-LDH in the ternary samples, but 

instead suggest that As(V) predominantly forms inner-sphere adsorption complexes at the 

Al-oxide surface. We therefore deem interference of As(V) with the Al supply required 

for precipitation of Fe(II)-Al(III)-LDH phases the more likely cause of their relatively 

slow growth in the ternary samples. 

The presence of As(V) may inhibit the release of Al from the Al-oxide sorbent 

through two main mechanisms: (i) by blocking surface sites where Al release occurs 

through formation of inner-sphere surface complexes; and/or (ii) by forming As(V)-Al(III) 

precipitates that compete with the precipitation of Fe(II)-Al(III)-LDH phases as a sink of 

Al. The mechanism of surface site blocking has been demonstrated in studies with 

ferrihydrite, a metastable Fe(III)-oxide mineral, where the presence of adsorbed As(V) 

inhibited mineralogical transformation by inhibiting dissolution and re-precipitation of 

Fe(III).e.g. 118–121 Boyle-Wight et al.117 suggested scavenging of Al(III) through formation 

of Se(IV)-Al(III) inner-sphere complexes or precipitates as a likely cause of the inhibitive 

effect of Se(IV) on Co(II)-Al(III)-LDH precipitation in Co(II)/Se(IV)/γ-Al2O3 sorption 

experiments. D’Espinose de la Caillerie et al.122 observed that γ-Al2O3 dissolution was 

promoted by reaction with Ni(II) and Co(II) at pH 7.0-8.2 forming Ni(II)- and Co(II)-

Al(III)-LDH precipitates, and suggested that adsorbed divalent metal cations may weaken 

structural Al-O bonds thereby accelerating the dissolution of the γ-Al2O3 sorbent. Based 

on this argument, blocking of surface sites by As(V) may reduce the extent of Fe(II) 
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surface complexation and thereby the rate of Al release and Fe(II)-Al(III)-LDH formation. 

Precipitation of As(V)-Al(III) phases was proposed by Arai and Sparks112 as an 

explanation for the increased resistance of As(V) to desorption during long-term aging in 

γ-Al2O3 suspensions. Our As EXAFS data show no discernable change in As(V) 

speciation over the duration of the experiments (Figures 3.4 and A2.4-A2.7; Table A2.2), 

implying that any arsenate-aluminum phases formed either are present at concentrations 

too low to be detected by bulk EXAFS, or have an As-Al coordination similar to that of 

the inner-sphere As(V) adsorption complexes on the Al-oxide surface. Resolving the 

mechanism of As(V) interference with Al release will require detailed additional 

characterization of the As(V) interaction with Al-oxide substrates, particularly with 

respect to the potential role of As(V)-Al(III) precipitates as a long-term sink of As(V). 

Fe(II)-Al(III)-LDH phases do not form in the ternary experiment with the highest 

level of As(V) co-addition (0.5 mM; Figure 3.3). The Fe speciation in this system is 

otherwise, however, poorly constrained by the Fe EXAFS results because of the absence 

of well-defined scattering from second-shell atomic neighbors (Figure A2.3b). The data 

do not resemble that of the reference Fe(II)-As(V) precipitate (Figure A2.3), which 

suggests that formation of such phases does not occur. This is corroborated by the As K-

edge EXAFS data demonstrating that arsenate is dominantly adsorbed onto the γ-Al2O3 

surface with no evidence to suggest precipitation with Fe(II) (Figure 3.4; A2.9d). From 

these results, we infer that Fe(II) most likely is present as mononuclear surface species, a 

conclusion that is consistent with the relatively fast Fe(II) sorption kinetics observed 

macroscopically (Figure 3.1b). The lack of distinct second-neighbor scattering points to a 

disordered average local coordination around adsorbed Fe(II), suggestive of the existence 
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of multiple coordination environments. The concentration of Al surface sites in the 

system is estimated at 1.35 mM based on the specific surface area of the γ-Al2O3 sorbent 

(70.5 m2 g-1), the γ-Al2O3 suspension density (5.0 g L-1) , and an assumed surface site 

density of 2.3 sites nm-2.123 This concentration is similar to the sum of the concentrations 

of aqueous As(V) and Fe(II) removed from solution in this ternary system, where 0.5 mM 

of aqueous As(V) is removed from solution (Figure 3.2d) and 0.75 mM of aqueous Fe(II) 

is sorbed (Figure 3.1b). This suggests a crowded surface where ternary interactions 

between sorbate Fe(II) and As(V) are likely, and polynuclear species may form. We 

speculate that adsorbed Fe(II) may be simultaneously engaged in interactions with Al-

oxide surface sites and in ternary interactions with sorbed As(V) and/or Fe(II), resulting 

in a mixture of different surface species. The absence of Fe(II)-Al(III)-LDH precipitation 

in this high [As(V)] system may be the combined result of the apparent interference of 

As(V) with the Al supply needed for LDH formation (as discussed above), and the 

favorable conditions established by adsorbed As(V) for Fe(II) surface complexation 

through surface electrostatic changes and ternary interactions. Clearly, additional work is 

required to determine the Fe(II) surface speciation in this ternary system in more detail. 

Despite this uncertainty, the results unambiguously demonstrate that As(V) induces a 

major change in the speciation of sorbed Fe(II) relative to the As(V)-free system and the 

ternary system with the two lower As(V) additions. Such impacts need to be understood 

for accurate prediction of the geochemical fate of aqueous Fe(II) and the importance of 

Fe(II) precipitation in suboxic and anoxic geochemical environments. 
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3.5 Environmental Implications 

The results presented here demonstrate the potential importance of mutual interactions 

between released Fe(II) and As(III) or As(V) in controlling the solubility and speciation 

of these species in reducing environments. We show that Fe(II) promotes the adsorption 

of As(V) onto the Al-oxide surface, while the retention of As(III) is unaffected by the 

presence of Fe(II). In turn, the precipitation of secondary Fe(II)-Al(III)-LDH phases 

during Fe(II) sorption proceeds unaffected by the presence of As(III), but slows down at 

low levels of As(V), and shuts down in systems with high As(V) concentrations, where 

Fe(II) surface complexes are formed instead. The observed effects of As valence imply 

that impacts of co-sorption likely will be minimal in highly reducing environments such 

as deep groundwaters containing reduced As(III), whereas strong impacts are expected in 

suboxic systems such as riparian soils containing As(V). The mutual interactions (or lack 

thereof) between Fe(II) and arsenic sorbates characterized here are critical to the 

development of qualitative and quantitative models of the speciation and fate of these 

species in reducing environments. Our results suggest that other environmental factors 

including pH and the presence of phosphate and natural organic matter are likely to 

impact Fe(II) precipitation in suboxic environments. Due to the resemblance in chemical 

properties of arsenate and phosphate, phosphate may exert a similar influence on Fe(II) 

sorption as observed here for arsenate. Organic substances have a high affinity for Al 

complexation, and may limit Al availability for Fe(II)-Al(III)-LDH precipitation. 

Solution pH impacts the solubility of Fe(II)-Al(III)-LDH and Al-oxide, and affects the 

extent of As sorption with the Al-oxide surface, which may impact Al availability based 

on the current results. Additional work is needed to address these issues.  
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3.6 Figures 

 

Figure 3.1. Fe(II) sorption kinetics in single-sorbate and dual sorbate experiments 

Kinetics of Fe(II) sorption in anoxic suspensions of 5.0 g L-1 γ-Al2O3 at pH 7.5 in single-

sorbate and dual-sorbate experiments containing (a) As(III) and (b) As(V) at the 

concentrations indicated. The Fe(II) concentration was 1.0 mM in all systems.  
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Figure 3.2. As(III/V) sorption kinetics in single-sorbate and dual sorbate experiments 

Kinetics of As sorption onto 5.0 g L-1 γ-Al2O3 at pH 7.5 in the presence and absence of 

1.0 mM Fe(II), for (a) 0.25mM As(III); (b) 0.10 mM As(V); (c) 0.25 mM As(V); and (d) 

0.50 mM As(V). 
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Figure 3.3. Fe K-edge EXAFS results of Fe references and sorption samples 

Fe K-edge EXAFS data of Fe references and sorption samples from single-sorbate and 

dual-sorbate systems containing 1.0 mM Fe(II), reacted at variable As(III) and As(V) 

concentrations for reaction times up to 9 months: (a) k3-weighted χ spectra; and (b) 

corresponding radial structure functions (RSFs). Solid and red dotted lines in panel (a) 

represent raw and fitted spectra, respectively. Green vertical dashed line in panel (b) 

locates second-shell Fe-Fe/Al backscatters in the nikischerite and Fe(II) sorption samples, 

and second-shell Fe-Fe/As backscatter in Fe(II)-As(V) precipitate. The fit results are 

summarized in Table A2.1. 
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Figure 3.4. As K-edge EXAFS results of As references and sorption samples 

As K-edge EXAFS spectra of As reference and sorption samples from single-sorbate 

systems and dual-sorbate systems containing 1.0 mM Fe(II). The reaction time of the 

sorption samples was 6 days. (a) k3-weighted χ spectra and (b) corresponding radial 

structure functions (RSFs). Solid and red dotted lines in panel (a) represent raw and fitted 

spectra, respectively. The red dotted line panel b locates second-shell Al neighbors in the 

As(V) and As(III) sorption samples. The fit results are summarized in Table A2.2. 
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Chapter 4: Effects of Humic Substances on Fe(II) Sorption onto Clay and 

Aluminum Oxides Substrates 

Abstract 

Sorption of Fe(II) onto 0, 1 ,4 wt% humic acid (HA) pre-coated γ-Al2O3 or clay and 

cosorption of Fe(II) and 0, 4 wt% humic acid(HA) or fulvic acid (FA) onto γ-Al2O3 at pH 

7.5 were studied, using batch kinetic sorption experiments and synchrotron EXAFS 

analyses. The impacts of humic substances(HS) on Fe(II) sorption behavior depended on 

sorbent types, HS type and addition sequence. In Fe(II) reacted Al-oxide systems, the 

presence of HS slowed down Fe(II) sorption kinetics by hindering the formation of 

Fe(II)-Al(III)-layered double hydroxide (LDH) phases, with greater impact observed 

during Fe(II)&HS cosorption experiments compared to HS pre-coated experiments. 

During cosorption reactions, FA exhibited larger inhibitive effects than HA on Fe(II) 

sorption kinetics during initial reaction stage. In Fe(II) reacted clay systems, the presence 

of HA coating dominantly inserted thermodynamic effects by altering main Fe(II) 

sorption product from Fe(II)-Al-LDH to Fe(II)-phyllosilicate. The interference of humic 

substances with Fe(II) sorption onto mineral substrates was associated with Al 

dissolution capability of mineral substrates, HS masking effect on substrate surface and 

HS formation of organo-Al complex limiting the Al availability to incorporate in the 

octahedral layer of Fe(II)-Al(III)-LDH phase. This study explores the role of humic 

substances on Fe(II) sequestration onto mineral substrate. The formation of secondary 

Fe(II) precipitates even at relatively high organic matter contents suggests the importance 

of these phases in determining Fe fate and transport in anoxic and suboxic soils and 

sediments. 
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4.1 Introduction 

Metal-oxides and clay minerals are considered to be important sink for metal(loid)s 

sequestration through various sorption mechanisms, and thus affect the speciation, 

solubility, mobility and bioavailability of metals.124,125  Metal sorption behavior at 

mineral-water interface is affected by several factors such as chemical properties of 

metals, sorbent type, presence of other chemical substances, reaction time, surface 

loading, pH and ionic strength. Compared to adsorption process, surface induced 

precipitation which involves (i) ion adsorption on the mineral surface, (ii) surface 

nucleation and (ii) crystal growth, induces slower sorption kinetic and more stable form 

of sequestered metals.2,126 Thus understanding of the sorption mechanisms helps properly 

predict the fate of metals in geochemical environment. 

The formation of secondary precipitates such as layered double hydroxides 

(Me(II)-Al(III)-LDH) and phyllosilicate during divalent metal sorption onto Al-bearing 

mineral substrates has been intensively studied and identified as a significant 

sequestration pathway for divalent metal ions such as Co(II), Zn(II), Ni(II) and Fe(II) at 

near-neutral pH.17–30,39,40,44,45,90,127 Results from our previous work have demonstrated the 

formation of Fe(II)-Al(III)-LDH and poorly crystalline Fe(II)-phyllosilicate upon 

aqueous Fe(II) sorption on Al-oxide, clay and amorphous silica at pH >7.0.17,90 During 

Fe(II) cosorption with arsenic (As(III)/ As(V)) on Al-oxide at pH 7.5, Fe(II) sorption 

behavior is not affected by the presence of As(III), while formation of Fe(II)-Al(III)-LDH 

precipitate is hindered at low As(V) concentration and inhibited at high As(V) 

concentration. It is suggested that the formation of secondary Fe(II) precipitate is likely to 

be affected by the heterogeneous components of soil and sediment environments.  
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Natural organic matters particularly humic substances (HSs) occur ubiquitously in 

all terrestrial and aquatic environments.128 Organic compounds could potentially affect 

metal sorption onto mineral by forming organo-metal complexes with aqueous metal ions, 

adsorbing on the mineral surfaces,128,129  and/or forming metal-bridging (Type A) and/or 

ligand-bridging (Type B) ternary surface complexes.51,130,131 Previous studies have 

suggested that HSs (i.e. humic acids (HA) and fulvic acids (FA)) and relevant low-

molecular-weight organic compounds affect divalent metal ions sorption kinetics and 

mechanisms onto Al-bearing minerals under various reaction conditions.31,48–51,132 In 

particular, presence of organic compounds was demonstrated to slow down or inhibit the 

precipitate formation of Me(II)-Al(III)-LDH during divalent Zn(II) and Ni(II) ions 

sorption onto Al-bearing substrates at neutral to alkaline pH. 31,48–51 Surface induced Ni-

Al-LDH formation was inhibited in the presence of high organic content, and Ni 

adsorption complexes and Ni(OH)2 precipitates formed instead.31,48,49 Li reported that 

addition of glyphosate (GPS) suppressed the formation of Zn-Al-LDH on γ-alumina, but 

the formation of GPS ligand bridging ternary surface complex was found instead.51  

The objective of this work is to study how the presence of humic substances 

affects the kinetics and mechanisms of Fe(II) sorption onto Al-oxide and clay minerals 

under reaction condition favorable to secondary Fe(II) precipitate formation. Both Fe(II) 

sorption onto HS pre-coated Al-bearing minerals and Fe(II) cosorption with HS onto Al-

bearing minerals experiments were conducted, in order to comprehensively study the 

effects of HS on the secondary Fe(II) precipitate process. The results of this study will 

increase our understanding of the role of natural organic matter on the formation of 

secondary Fe(II) precipitate under anoxic geochemical environment.  
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4.2 Material and Methods 

4.2.1 Materials and anoxic settings 

The mineral sorbents used in this study were (i) γ-Al2O3 (Cat. No. 39812) purchased from 

Alfa Aesar, and (ii) synthetic mica-montmorillonite (Syn-1 clay) purchased from Clay 

Minerals Repository.55 The syn-1 clay was treated to obtain <1 µm size fraction with 

interlayer saturated with Na+, through the process of sedimentation, sodium saturation, 

dialysis for excess salts and freeze-drying. The specific surface areas measured by N2-

BET method were 70.5 and 124.6 for γ-Al2O3 and clay, respectively. The organic 

compounds used here were Suwanee River humic acid standard II and Suwanee River 

fulvic acid standard obtained from International Humic Substances Society.  

Due to the sensitivity of aqueous Fe(II) to oxidation at neutral pH and higher, the 

sorption experiments were conducted in an anaerobic glovebox using the protocols 

applied in our previous studies.17,90 Anoxic background electrolyte composed of 0.1 M 

NaCl and buffered to pH 7.50 with 50 mM HEPES was prepared inside the glovebox 

using boiled and N2(g) purged DDI water.  

4.2.2 Coating procedure 

The Al-oxide and clay sorbents used for pre-coated sorption experiments were coated 

with humic acid (HA) at varying content of HA (1 or 4 wt % with respect to the mass of 

mineral) following a procedure modified from Nachtegaal and Sparks.31 For each coated 

mineral sample, appropriate amount of humic acid was firstly dissolved into 60mL of 

0.05M NaOH solution, followed by adjusting solution pH to 7.50 using 1.0 M HCl. The 

HA solution was then mixed with 0.625g mineral sorbent followed by titrating pH to 3.50. 

The HA-mineral mixture was placed on a reciprocal shaker for two days.  The HA coated 
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mineral was then separated from the solution through centrifugation. The resulted paste 

was washed and dispersed in 10 mL prepared background electrolyte using a sonifier. 

The suspension was transferred inside the glovebox and brought to 125 mL using the 

anoxic background electrolyte mentioned above, in order to achieve 5g L-1 γ-Al2O3 or 

clay concentration. The HA coated mineral suspension was hydrated for 2 days prior to 

Fe(II) addition. Blank clay and γ-Al2O3 suspensions (0 wt % HA) were also prepared as 

the same manner but without addition of humic acid. 

4.2.3 Batch kinetic experiments 

Two major types of kinetic experiments were performed: (i) Fe(II) sorption onto humic 

acid (0, 1, 4 wt %) pre-coated mineral sorbents (clay or γ-Al2O3); (ii) Fe(II) and HS (4 wt % 

HA or FA) cosorption onto uncoated γ-Al2O3. Mass of mineral sorbents was 5 g L-1 in all 

reactions. For the type i experiments (denoted as Fe(II)/[γAl2O3-HA] and Fe(II)/[clay-

HA], and referred to as “pre-coated samples”), 2.7 mM Fe(II) was injected using 

acidified 1 M FeCl2 stock solution to 0, 1, 4 wt% HA pre-coated γ-Al2O3/ Clay 

suspensions, prepared as described above. Fe(II) reacted 0 wt% HA coated γ-Al2O3/ Clay 

samples were deemed as control samples for type i experiment. For the type ii 

experiments (denoted as Fe(II)&HA/[γAl2O3] and Fe(II)&FA/[γAl2O3], and referred to as 

the “cosorption samples”), 0.625 g γ-Al2O3 was directly suspended in 125 mL anoxic 

background electrolyte and hydrated for 2 days prior to simultaneous injection of 2.7 mM 

Fe(II) and 0.2 g L-1 (=4 wt % in respective to the mass of sorbents) HA or FA prepared 

by dissolving 25 mg HA or FA in 1.5 mL 0.05 M NaOH. Blank sample for type ii 

experiments was run by only spiking 2.7 mM Fe(II) into the anoxic suspension of γ-

Al2O3.  
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The γ-Al2O3 reaction suspensions were sampled regularly over the course of 120 

days by filtrating 5mL aliquot through a 0.22 µm nitrocellulose membrane and filtrates 

were collected into a polyethylene tube containing 125 µL concentrated HCl. As direct 

filtration could not be done, sampling of clay suspensions started with centrifugation 

using airtight centrifuge tube before transferring suspensions back into the glovebox for 

supernatant filtration. The acidified filtrates were analyzed for Fe(II) concentration using 

ferrozine method,57 and the sorption level was calculated as the difference between Fe(II) 

initial and remaining solution concentrations.  

4.2.4 XAS studies 

XAS samples were prepared under the same reaction conditions as described above for 

the kinetic experiments. For each reaction system, samples were taken at different time 

points varying from 7 days to 158 days for XAS analysis. XAS sorption sample 

preparation involved terminating sorption reaction by separating the mineral solid from 

the solution by centrifugation, and sealing wet pastes into lucite sample holders with 

Kapton tape. Reference Fe(II) compounds for XAS analysis included: (1) aqueous Fe(II), 

(2) nikischerite (NaFeII
6Al3(SO4)2(OH)18(H2O)12), (3) Fe(II) reacted humic acid solution, 

(4) Fe(II) reacted fulvic acid solution, (5) Fe(II) sorption samples on clay at pH 8.0 and 

on amorphous silica at pH 7.5 and 8.0. The preparation and source of Fe(II)(aq) and 

nikischerite references were described in our previous work.90 Fe(II)-HS solutions were 

prepared by mixing 10 mM Fe(II) with 1500 mg L-1 HA or FA in the same background 

electrolyte as used in sorption reactions. The reference spectra of Fe(II)-reacted clay or 

amorphous silica sorption samples were from our previous work.90  
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Synchrotron Fe K-edge (7112 eV) spectra were collected on beamline X-11A of 

the National Synchrotron Light Source at Brookhaven National Laboratory, and beamline 

12-BMB of the Advanced Photon Source at Argonne National Laboratory. The anoxic 

protocols used for XAS sample preparation and transport are described in our previous 

study.90  The XAS data collection procedures were identical to that employed 

previously.90 Potential Fe(II) oxidation in samples caused by beamline damage was not 

observed in this study, as checked by visual inspection and comparing the normalized 

first and last scans of each sample. EXAFS data analysis and fitting were conducted with 

WINXAS3.158, combined with Feff 7.059 and ARTEMIS.60 Detailed information about 

EXAFS data fitting routines for Fe reference and sorption samples is provided in 

Appendix 3.  

4.3 Results 

4.3.1 Macroscopic kinetic experiments 

Figure 4.1 presents Fe(II) sorption kinetics upon (1) Fe(II) sorption onto HA (0, 1, 4 wt%) 

coated γ-Al2O3, (2) Fe(II) and HA/FA (0, 4 wt%) cosorption onto γ-Al2O3, (3) Fe(II) 

sorption onto HA (0, 1, 4 wt%) coated clay, under anoxic reaction conditions at pH 7.5. 

The kinetic patterns vary distinctly with organic type, concentration, additions sequence 

and mineral substrate. Consistent with our previous results,17,90 Fe(II) sorption in organic 

free γ-Al2O3 suspension shows biphasic kinetics behavior, with rapid Fe(II) uptake during 

the first hours of reaction followed by a slower removal stage continuing for ~40 days 

when equilibrium is reached (Figure 4.1a). A similar pattern is observed for the HA-

coated samples; but at an overall lower extent of Fe(II) sorption over most of the 

experimental reaction time frame. In addition, the presence of the HA coating on the γ-
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Al2O3 surface extends the length of the slower sorption stage to ~120 days, and appears 

to lower the final amount of Fe(II) sorbed in the 4% HA system (Figure 4.1a). The HA 

addition sequence (pre-coated on γ-Al2O3 vs co-sorbed with Fe(II) onto γ-Al2O3) has a 

strong effect on the Fe(II) sorption kinetics. While Fe(II) sorption in the HA pre-coated γ-

Al2O3 system stabilizes within the time scope investigated here, Fe(II) sorption in the 

Fe(II)&HA/FA cosorption system is still ongoing after 120 days (Figure 4.1a). The type 

of humic substance added impacts the kinetic results as well. The amount of Fe(II) uptake 

is generally lower in the Fe(II)-FA cosorption samples than in the Fe(II)-HA cosorption 

samples during the first 80 days of reaction, followed by Fe(II) sorption levels merging at 

later reaction stage (Figure 4.1a).  

In contrast to the γ-Al2O3 experiments, Fe(II) sorption does not reach equilibrium 

in any of the clay systems within the 120-day reaction time frame (Figure 4.1b). This 

finding is consistent with our previous study where slowly continuing Fe(II) sorption 

onto clay was observed under similar conditions as used here.90 Similar to the γ-Al2O3 

systems, the presence of a HA coating on the clay surface affects the Fe(II) sorption 

pattern. While no discernible impact of 1% HA coating is seen, 4% HA coating has 

impact on lowering the sorption extent throughout the reaction time frame up to 120 days 

(Figure 4.1b). In general, kinetic data shown in Figure 4.1 indicates significant impact of 

humic substances during Fe(II) interaction with mineral substrates. Spectroscopic data 

discussed below is expected to assess the mechanisms behind these macroscopic sorption 

trends. 



64 

 

 

 

 

4.3.2 EXAFS data 

Fe K-edge EXAFS data of reference and sorption samples with varying organic content, 

type, addition sequence and reaction time, for γ-Al2O3 and clay systems are displayed in 

Figure 4.2 and Figure 4.3 respectively, with panel a showing the raw and fitted k3-

weighted χ spectra, and panel b showing the corresponding radial structure functions 

(RSFs) obtained from Fourier transformation of the raw χ data. The fit results are 

summarized in Table 4.1.  

The RSFs of the references and sorption samples exhibit a peak at ~1.6 Å 

(uncorrected for phase shift), which is due to the backscattering of first-shell O neighbors 

(Figure 4.2b and 4.3b). This shell is fitted with 5.1-6.1 O atoms at a radial distance of 

2.09-2.13 Å, consistent with octahedral coordination of Fe(II) by first-shell O atoms, as in 

the Fe2+
(aq), β-Fe(OH)2 and nikischerite references (Table 4.1).17,65–68 Except for Fe2+

(aq), 

Fe2+-HA(aq), Fe2+-FA(aq) references, RSFs results of other references and all sorption 

samples show a second peak at ~2.8 Å (uncorrected for phase shift), which is due to the 

backscattering of second neighbor atoms and thus indicates the formation of Fe(II) 

precipitate in all Fe(II) sorption samples (Figure 4.2b and 4.3b). The spectra of Fe2+-

HA(aq), Fe2+-FA(aq) references are similar to that of aqueous Fe2+ (Figure 4.2, spectra m-o), 

with no shell observed beyond the first O shell, nor a Fe-C path fitted (Table 4.1) for 

these two references. The lack of distinct features in the XAS data of the Fe(II)-HS 

solutions complications assessment of the complexation between aqueous Fe(II) and 

dissolved HA and FA. Aqueous Fe(II) may not form aqueous complexes with HA/FA to 

a significant extent, or engage in weak outer-sphere complexation with the organic 

molecules. Alternatively, inner-sphere Fe(II)-HA/FA complexation may occur, but 
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second shell scattering may not be discernible due to the weak backscattering from (light) 

C, and/or a large degree of structural disorder in the coordination of Fe(II) to HA and FA 

molecules. Future study is needed to further investigate the extent and mechanisms of 

Fe(II)-HS complexation. 

The k3-weighted χ spectrum of Fe(II) reacted γ-Al2O3 in control system (no 

HA/FA) is similar to that of nikischerite (Figure 4.2a, spectra a and i), indicating Fe(II)-

Al(III)-LDH as the main Fe(II) sorption product in this sample. This finding agrees with 

our previous results, where precipitation of Fe(II)-Al(III)-LDH was identified as the main 

Fe(II) sorption mechanism during interaction of Fe(II) with Al-oxide and clay substrates 

under similar reaction conditions as applied here.17,90 The second-shell RSF feature is 

fitted using Fe-Fe and Fe-Al backscattering paths at a radial distance of 3.15 Å (Table 

4.1), which is consistent with the structural data of nikischerite66 and much shorter than 

the 3.26 Å Fe-Fe distance of β-Fe(OH)2 due to the contraction caused by Al3+ substitution 

of Fe2+ in the Fe octahedral sheet (Table 4.1). The resulted precipitate of Fe(II)-Al(III)-

LDH is composed of positively charged Fe/Al brucite-like sheets with 2:1 Fe to Al ratio, 

and the positive charge is neutralized by interlayer Cl- anions of the background 

electrolyte.17,66,90  

The EXAFS data and fitting results of Fe(II)/[γAl2O3-HA] sorption, 

Fe(II)&HA/[γAl2O3] and Fe(II)&FA/[γAl2O3] cosorption samples show the formation of 

Fe(II)-Al(III)-LDH in all these reaction systems (Figure 4.2, spectra b-k; Table 4.1). The 

rate of precipitation is however strongly affected by HA and FA. Fe(II) interaction with 

γ-Al2O3, pre-coated with HA results in the formation of a well-developed Fe(II)-Al(III)-

LDH within 7-day reaction, as shown by the EXAFS results (spectra f and i in Figure 
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4.2a). In contrast, the resulted Fe(II)-Al(III)-LDH is still growing for the 7-day 

cosorption samples with 4% HA or FA addition, with increasing intensity of second shell 

scattering from Fe and Al neighbors observed (Figure 4.2b, spectrum b-e). The slower 

growth of Fe(II)-Al(III)-LDH in the cosorption systems compared with the HA precoated 

γ-Al2O3 systems agrees macroscopic data showing that the cosorption samples have much 

slower Fe(II) sorption than the other samples (Figure 4.1a). These findings suggest that 

the organic addition sequence has distinct impact on the formation rate of Fe(II)-Al(III)-

LDH during Fe(II) sorption process onto Al-oxide substrate. 

The presence of HA coatings on the clay surface has a significant impact not only 

on the kinetics of Fe(II) sorption, but also on the type of Fe(II) sorption product formed. 

For the Fe(II)/clay sorption sample without HA coating, the EXAFS data and fitting 

results are similar, though not identical, to that of nikischerite (Figure 4.3, spectra a-b; 

Table 4.1). In line with our previous results,90 a truncated oscillation is seen at 7-8 Å -1 in 

the k3-weighted χ spectrum of Fe(II)/clay sorption sample(Figure 4.3, spectrum b), which 

has been shown to be a fingerprint feature to unequivocally identify Metal(II)-Al(III)-

LDH precipitates from Metal(II) hydroxide and Metal(II)-phyllosilicate phases.17,21,30 

Additionally, attempt to fit second-shell Fe-Si backscattering to the Fe(II)/clay control 

sample was unsuccessful, which was used to fit other Fe(II) sorption samples onto HA 

pre-coated clay. These findings point to the formation of Fe(II)-Al(III)-LDH as the 

predominant sorption product in the HA free Fe(II)/clay system.  

In contrast, the XAS spectra obtained from Fe(II)/[clay-HA] sorption samples 

with 1% and 4% HA content are quite similar to that obtained from Fe(II)/SiO2 (at pH 7.5 

and 8.0) and Fe(II)/clay (at pH 8.0) sorption references (Figure 4.3, spectra c-j). Based on 
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results from our previous study,90 poorly crystalline Fe(II)-phyllosilicate predominantly 

forms in these three sorption references (Figure 4.3, spectra h to j). The fitting results 

show that second-shell Fe-Fe and Fe-Si radial distance of Fe/[clay-HA] sorption samples 

(3.19-3.20 Å and 3.25-3.30 Å) are similar to the distances observed in the three sorption 

references (Table 4.1) and that in minnesotaite (a 2:1 hydrous iron silicate) and greenalite 

(1:1).72–74,90 Due to the substantial error associated with the coordination number derived 

from EXAFS analysis for second-shell Fe and Si atoms, detailed analysis of structure and 

composition of the formed precipitate is not possible. Based on these results, we conclude 

that Fe(II) sorption mechanism in the clay suspensions transitions from predominant 

Fe(II)-Al(III)-LDH formation in HA free systems to Fe(II)-phyllosilicate precipitation in 

HA coated clay system. 

4.4 Discussion 

4.4.1 Kinetic impacts of humic substances on Fe(II) sorption in Al-oxide system 

The presence of humic substances lowers Fe(II) sorption rate and extent onto Al-oxide 

(Figure 4.1a), though the main Fe(II) sorption mode remains the precipitation of Fe(II)-

Al(III)-LDH (Figure 4.1 and 4.2). The slower Fe(II) sorption observed in the kinetic 

experiments with the presence of humic substances is correlated with continuing 

precipitation of Fe(II)-Al(III)-LDH. The inhibitive effect of humic substances is more 

pronounced when HA/FA is added simultaneously with aqueous Fe(II) in cosorption 

system than that in Fe(II) sorptive reaction onto HA pre-coated Al-oxide (Figure 4.1a). 

This is well illustrated by the data obtained for Fe(II)&HA/FA cosorption sample onto γ-

Al2O3, where continued Fe(II) uptake beyond 7 days is accompanied by distinct increase 

in the second-shell Fe-Fe and Fe-Al backscattering (Figure 4.2b, spectra b-e). Present 
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results are in good agreement with findings from previous studies where suppression of 

Me(II) (e.g. Ni(II) and Zn(II)) sorption kinetics and Me(II)-Al(III)-LDH precipitate is 

observed when organic compounds interact with the sorptive reaction. 31,48–51,132 

Nachtegaal and Sparks reported that formation of Ni(II)-Al(III)-LDH was found with 1 

wt% HA coated kaolinite, however was absent with high (5 wt%) HA coated kaolinite 

and Ni-hydroxide was formed instead. It is possible that formation of Fe(II)-Al(III)-LDH 

could be fully prevented with organic content being high enough in our systems. Further 

systematic studies investigating the threshold of organic content prohibiting Fe(II)-

Al(III)-LDH formation and the resulted Fe(II) sorption end-product are needed. 

The presence of organic substances predominantly affects the Fe(II) sorption 

kinetics onto γ-Al2O3, by competing with Fe(II)-Al(III)-LDH for free Al availability 

through forming organic complexation with Al3+. This process can explain the substantial 

slower Fe(II) sorption rate observed in Fe(II)& 4%HA cosorption experiment than that in 

Fe(II) sorption experiment with 4% HA precoated Al-oxde (Figure 4.1a). In the 

Fe(II)&HA cosorption experiment with simultaneous addition of HA and Fe2+
(aq), 

formation of HA-Al complexation competes with Fe(II)-Al(III)-LDH for aluminum. 

Whereas in the HA pre-coated Al-oxide system, sufficient Al is released from the coated 

Al-oxide prior to Fe(II) injection and readily available for Fe(II)-Al(III)-LDH formation. 

In addition, larger inhibitive effect of FA than HA on Fe(II) sorption before 100 days 

(Figure 4.1a) in the cosorption experiments can be explained by possibly stronger 

organo-Al complex formation by FA, as FA has higher charge density and more carboxyl 

and phenolic content served as available surface sites for metal complexation compared 

to HA.133 As more Al is complexed with FA, less Fe(II)-Al(III)-LDH forms due to the 
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limited Al availability in the Fe&FA cosorption system. At later reaction stage (>100 

days), more Al becomes available via dissolution from Al-oxide substrate, the influence 

of organo-Al complexation on Al availability becomes minimum and thus the difference 

in Fe(II) sorption extent between the two cosorption experiments disappears (Figure 4.1a). 

Besides forming organo-Al complex, other inhibitive mechanism of HS on Fe(II) 

sorption may also exist, such as adsorbed HS masking onto mineral surface where Al 

releases. Schulthess and Huang suggested that organics including HA formed strong 

adsorption by the Al sites on the Al-oxide.134 D’Espinose de la Caillerie et al. showed 

that the dissolution of γ-Al2O3 was promoted by reaction with Ni(II) and Co(II) forming 

Me(II)-Al(III)-LDH phases and suggested that adsorbed Me(II) may weaken the 

structural Al-O bonds thereby enhancing the γ-Al2O3 dissolution.122 Here in the Fe(II) 

reacted HA coated  γ-Al2O3 samples, masking of surface sites by HA coating may reduce 

Fe(II) forming complexes with surface Al and thereby the rate of Al release and Fe(II)-

Al(III)-LDH formation. Consequently, it takes longer for Fe(II) to reach sorption 

equilibrium on HA precoated γ-Al2O3. 

Due to the presence of structurally similar Fe(II)-Al(III)-LDH as the end-product 

in all Fe(II) reacted Al-oxide systems regardless of the presence of humic substances 

(Figure 4.2; Table 4.1), the Fe(II) concentrations at equilibrium are expected to be similar 

among all sorption samples. Assuming 2:1 Fe(II)/Al(III) ratio in the octahedral Fe/Al 

sheet and the positive charge of the sheet balanced by Cl- anions from the background 

electrolyte, the aqueous chemical equilibrium of the Fe(II)-Al(III)-LDH phase can be 

expressed as: 𝐹𝑒(𝐼𝐼)2

3

𝐴𝑙(𝐼𝐼𝐼)1

3

(𝑂𝐻)2𝐶𝑙1

3(𝑠)
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2

3
𝐹𝑒2+ +

1

3
𝐴𝑙3+ + 2𝑂𝐻− +

1

3
𝐶𝑙−.90 The pH 
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is fixed, and activity of Al and Cl are set by the Al-oxide sorbent and 0.1 M NaCl from 

background electrolyte respectively in all systems. Thus, the same endpoint of Fe(II) 

concentration will be ultimately reached in all systems if the formed LDH phases are not 

affected by the humic substances. Therefore, the Fe(II) sorption will be most likely to 

equilibrate at the same level as in HA/FA free Fe(II)/γ-Al2O3 system within a timeframe 

longer than applied here, though the simultaneously added HS in cosorption samples 

significantly slows down LDH formation during the process of reaching equilibrium. In 

the 1 wt% HA pre-coated γ-Al2O3 system, Fe(II) sorption eventually reaches same 

equilibrium level as in the HA/FA free system after long slower sorption stage up to 120 

days (Figure 1). And in the 4 wt% HA pre-coated γ-Al2O3 system, the Fe(II) sorption 

extent is also relatively similar to that in the control sample (81% vs. 88%). The slight 

drop in Fe(II) sorption level at equilibrium may be due to the different thermodynamic 

properties of the formed secondary Fe(II)-Al(III)-LDH phase, e.g., smaller particle size 

or a lower structural Al content, which lead to the higher Fe(II) solubility and is difficult 

to be detected by the EXAFS method applied here.  

4.4.2 Thermodynamic effects of humic acid on Fe(II) sorption in clay system 

In contrast to Al-oxide system, the presence of HA coating on clay primarily inserts 

thermodynamic effects by changing the main Fe(II) sorption product from Fe(II)-Al-LDH 

to Fe(II)-phyllosilicate phase. The secondary Fe(II) precipitates form within 7 days in all 

clay systems at pH 7.5, with Fe(II)-Al(III)-LDH formed in HA free Fe(II)/clay sorption 

sample and poorly crystalline Fe(II)-phyllosilicate formed in Fe(II) reacted HA coated 

clay samples (Figure 4.3; Table 4.1). The formed Fe(II)-phyllosilicate phase is similarly 

observed upon Fe(II) sorption onto amorphous silica at pH 7.5 and 8.0 and onto clay at 
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pH 8.0, suggesting no or little structural Al in the formed Fe(II)-phyllosilicate precipitate 

(Figure 4.3). The presence of HA coating prevents the Fe(II)-Al(III)-LDH formation and 

otherwise promotes interlayer silification leading to the formation of Fe(II)-phyllosilicate, 

which is supposed to form at higher pH of 8.0 in the Fe(II)/clay system. Thus, the Fe(II) 

kinetic patterns in HA coated samples are correlated with the growth of Fe(II)-

phyllosilicate. The generally lower Fe(II) sorption level observed in the 4% HA coated 

clay system compared to the 1% HA coated clay system (Figure 4.1b) suggests smaller 

amount of Fe(II)-phyllosilicate formed, which is most likely attributed to the making 

effect of HA coating on clay surface preventing Si dissolution and thus reducing Si 

availability for Fe(II)-phyllosilicate formation. 

The thermodynamic effects of HA occurring in clay system instead of Al-oxide 

system can be associated with the differing Al solubilities between the two mineral 

substrates. Compared to γ-Al2O3, clay is relatively less soluble and thus provides less Al 

for LDH formation, which is the rate limiting factor leading to the much slower Fe(II) 

sorption kinetics in the HA free clay suspensions than in the HA free γ-Al2O3 suspension 

(Figure 4.1). In the HA coated Al-oxide suspension, even though Al availability is limited 

due to HA masking on mineral surface and the formation of HA-Al complex, sufficient 

Al dissolved from the Al-oxide substrate is still enough to thermodynamically initiate the 

Fe(II)-Al-LDH formation. However, in the HA coated clay suspension, Al released from 

less soluble clay becomes even less due to the masking effect of HA on clay surface, and 

the smaller amount of dissolved Al then becomes unavailable by complexing with HA. 

Thus, the lack of free Al leads to the formation of Fe(II)-Al(III)-LDH phase 

thermodynamically unfavorable. Our finding is consistent with previously reported 
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thermodynamic effects of organic compound altering the Me(II) sorption product onto 

less soluble mineral substrate. Yamaguchi et al. showed that with the presence of citrate 

and salicylate, the formed precipitate phase remained Ni(II)-Al-LDH on more soluble 

pyrophyllite, but changed to α-Ni hydroxide on less soluble gibbsite.49 In our HA coated 

clay sorption samples, Fe(II) octahedral sheet with fewer or no Al substitution initially 

formed due to the free Al insufficiency is less contracted than the mixed Fe(II)/Al(III) 

sheet in Fe(II)-Al(III)-LDH. This less contracted sheet may be more compatible for Si 

incorporation in the interlayer, making the formation of Fe(II)-phyllosilicate both 

kinetically and thermodynamically favored under conditions originally suitable for 

Fe(II)-Al(III)-LDH formation. In addition, the secondary precipitate of Fe(II)-

phyllosilicate may also ultimately form in HA free clay suspension, as a result of 

interlayer silification of Fe(II)-Al(III)-LDH phase over sorption time longer than 

employed here. Previous studies have observed that Ni(II)-phyllosicate was more stable 

than Ni(II)-Al(III)-LDH, and Ni(II)-phyllosilicate formed as a long-term Ni(II) sorption 

product onto pyrophyllite (2:1 mineral) as a result of the slow Si exchange and 

polymerization in the interlayer of Ni(II)-Al(III)-LDH.39,44,45,77 

4.5 Environmental Implications 

The results reported here demonstrate the potential importance of ubiquitous existence of 

organic substances in affecting Fe(II) sorption behavior onto Al-bearing mineral 

substrates in soils and sediments under reducing geochemical environment. During Fe(II) 

sorption onto Al-oxide, the presence of humic substances predominantly affects Fe(II) 

sorption kinetics, by reducing free Al availability necessary for Fe(II)-Al(III)-LDH 

formation. However, during Fe(II) sorption onto clay, the presence of humic acid 
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predominantly inserts thermodynamic impacts by changing the main sorption mode from 

Fe(II)-Al(III)-LDH to Fe(II)-phyllosilicate. The impacts of humic substances differ by 

the type of mineral substrates, suggesting an important role of soil mineralogy in 

directing humic substances interaction with Fe(II) sorptive reaction onto mineral 

substrate. In addition, our results suggest larger inhibitive effect of humic substances on 

the formation of Fe(II)-Al-LDH phases during Fe(II) cosorption with HS than during 

Fe(II) sorption onto HS pre-coated Al-oxide, which implies strong suppressive impact by 

organic compounds on Fe(II)-Al(III)-LDH formation under circumstances when 

originally adsorbed organic compounds and aqueous Fe(II) are simultaneously released 

during microbially reductive dissolution of Fe(III)-oxides.81,85,135 The results shown here 

are needed to be considered when assessing the geochemical fate and transportation of 

Fe(II) in reducing field conditions. 
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4.6 Table and Figures 

Table 4.1. Fe K-edge EXAFS fitting results of Fe(II) reference and sorption samples 

        atomic shell  

γ-Al2O3 sorption samples     Fe-O       Fe-Fe     Fe-Al 

organic type time   CNa R(Å)b 

 

Å-2    CN R(Å) 

 

Å-2    CN R(Å) 

 

Å-2  

4% HA pre-coat 5 mo   5.3 2.12 0.008   3.5 3.15 0.010   1.7 3.15 0.010 

4% HA pre-coat 1 mo   5.3 2.11 0.008   3.2 3.15 0.010   1.9 3.15 0.010 

4% HA pre-coat 1 wk   5.4 2.11 0.009   3.2 3.15 0.010   1.6 3.15 0.010 

1% HA pre-coat 5 mo   5.2 2.13 0.008   3.7 3.15 0.010   2.0 3.15 0.010 

1% HA pre-coat 1 mo   5.7 2.12 0.008   3.6 3.15 0.010   2.0 3.15 0.010 

1% HA pre-coat 1 wk   5.4 2.12 0.008   3.9 3.15 0.010   2.1 3.15 0.010 

4% HA co-sorb 2 mo   5.0 2.12 0.009   3.3 3.15 0.011   1.7 3.15 0.011 

4% HA co-sorb 1 wk   5.0 2.10 0.010   2.0 3.14 0.010   1.0 3.14 0.010 

4% FA co-sorb 2 mo   5.2 2.12 0.009   3.5 3.15 0.011   1.8 3.15 0.011 

4% FA co-sorb 1 wk   5.1 2.10 0.010   2.0 3.14 0.010   1.3 3.14 0.010 

- - 1 wk   5.5 2.12 0.008   4.1 3.15 0.010   1.7 3.15 0.010 

references (I)                         

Nikischerite   5.4 2.14 0.007   3.9 3.15 0.009   2.1 3.15 0.009 

Fe(OH)2   5.2 2.14 0.006   6.0 3.26 0.006         

FeII
(aq)   5.3 2.12 0.009                 

FeII-FA(aq)   5.5 2.09 0.009                 

FeII-HA(aq)   5.4 2.09 0.009                 

clay sorption samples                         

- - 1 wk   5.9 2.10 0.010   3.9 3.15 0.012   1.8 3.15 0.012 

clay sorption samples     Fe-O       Fe-Fe      Fe-Si  

4% HA pre-coat 5 mo   5.4 2.11 0.010   6.0 3.19 0.012   3.8 3.27 0.012 

4% HA pre-coat 1 mo   5.1 2.10 0.009   6.0 3.20 0.012   4.6 3.30 0.012 

4% HA pre-coat 1 wk   5.4 2.10 0.01   6.0 3.19 0.012   3.8 3.25 0.012 

1% HA pre-coat 1 mo   5.4 2.10 0.011   6.0 3.19 0.012   3.9 3.25 0.012 

1% HA pre-coat 1 wk   5.6 2.10 0.010   6.0 3.19 0.012   4.3 3.26 0.012 

references (II)                         

Fe(II)/clay @pH 8.0   6.1 2.11 0.010   6.0 3.20 0.012   3.4 3.28 0.012 

Fe(II)/SiO2 @pH 8.0   5.3 2.12 0.013   6.0 3.23 0.012   4.0 3.31 0.012 

Fe(II)/SiO2 @pH 7.5   5.2 2.10 0.013   6.0 3.23 0.012   4.0 3.31 0.012 
aCN is coordination number, bR is interatomic radial distance, and cσ2 is Debye-Waller 

factor. Error estimates for CN ± 25%; first-shell R ±0.02 Å; second shell R ±0.04 Å. Details 

on fitting procedure is provided in Appendix 3.  
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Figure 4.1. Fe(II) sorption kinetics results  

Fe(II) sorption kinetics upon (a) Fe(II) sorption onto 5.0 g L-1 HA (0%, 1%, 4%) pre-

coated γ-Al2O3; Fe(II) and HA/FA (0%, 4%) cosorption onto 5.0 g L-1 γ-Al2O3; (b) Fe(II) 

sorption onto 5.0 g L-1 HA (0%, 1%, 4%) pre-coated clay at pH 7.5 for reaction time up 

to 120 days. The initial aqueous Fe(II) concentration was 2.7 mM in all systems. The 

sorption kinetics of 0% HA/FA in panel a is the combined results from control samples of 

Fe(II) sorption onto 0% HA pre-coated γ-Al2O3 and Fe(II) sorption onto γ-Al2O3 with 0% 

HA added simultaneously. (Note: The identical sorption trends between these two 

samples suggest pH drop to 3.5 during HA coating process does not dissolve significant 

amount of γ-Al2O3) 
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Figure 4.2. Fe K-edge EXAFS results in γ-Al2O3 systems 

Fe K-edge EXAFS data of Fe references and sorption samples in γ-Al2O3 systems 

containing 2.7mM Fe(II), and variable HA/FA concentrations for reaction times up to 5 

months: (a) k3-weighted χ spectra; and (b) corresponding radial structure functions 

(RSFs). Solid and red dotted lines in panel (a) represent raw and fitted spectra, 

respectively. Vertical dashed line in panel (b) indicates atomic neighbors. The fit results 

are summarized in Table 4.1. 
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Figure 4.3. Fe K-edge EXAFS results in γ-Al2O3 systems 

Fe K-edge EXAFS data of Fe references and sorption samples in HA pre-coated clay 

systems containing 2.7mM Fe(II), and variable HA concentrations for reaction times up 

to 5 months: (a) k3-weighted χ spectra; and (b) corresponding radial structure functions 

(RSFs). Solid and red dotted lines in panel (a) represent raw and fitted spectra, 

respectively. Vertical dashed line in panel (b) indicates atomic neighbors. The fit results 

are summarized in Table 4.1. 
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Chapter 5: Conclusions 

5.1 General Conclusions 

The results from this thesis work suggest that secondary Fe(II) layered hydroxides such 

as Fe(II)-Al(III)-LDH and Fe(II)-phyllosilicate form rapidly and extensively during 

aqueous Fe(II) sorption onto mineral substrates under lab-based experimental conditions, 

simulating anoxic or suboxic geochemical environments. A series of environmental 

factors (i.e. pH, reaction time, sorbent type and the presence of foreign elements) were 

found to be related with the kinetics and thermodynamics of the formed Fe(II) 

precipitates onto mineral substrates.  

In Chapter 1, solution pH and sorbent type play important role in determining the 

sorption kinetics and products during Fe(II) sorptive reactions. The secondary Fe(II) 

layered hydroxides form at pH > 7.0 with the formation rate and extent increasing with 

pH in all systems with the presence of various mineral sorbents. Compared to the blank 

system, the presence of mineral substrates moves the pH threshold for commencing Fe(II) 

precipitate to lower value and altered the β-Fe(OH)2 precipitate to other forms of Fe(II) 

layered hydroxides. The formation of Fe(II)-Al(III)-LDH was observed in Fe(II)/Al-

oxide system at pH ≥ 7.0 and in Fe(II)/clay system at pH 7.0 and 7.5. Fast formation (<2 

hours) of Fe(II)-Al(III)-LDH phases upon Fe(II) sorption onto Al-oxide at pH 7.5 

indicates the formation of such phases is both kinetically and thermodynamically favored. 

On the other hand, the formation of poorly crystalline trioctahedral Fe(II)-phyllosilicate 

was observed in Fe(II)/amorphous silica system at pH ≥ 7.5 and in Fe(II)/clay system at 

pH 8.0. The substantial effects of pH and sorbent type involved suggest the important 
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role of soil mineralogy in directing the form of Fe(II) sequestration and further 

influencing the Fe solubility under reducing soil environment. 

The potential effects from foreign elements on secondary Fe(II) precipitates are 

also addressed in this dissertation. The presence of arsenic (Chapter 3) and humic 

substances (Chapter 4) could affect the kinetics and mechanisms of Fe(II) sorption, with 

effects depending on the speciation, concentration (Chapter 3 and 4) and addition 

sequence (Chapter 4) of the foreign elements present, and/or sorbent type (Chapter 4). 

The precipitation of Fe(II)-Al(III)-LDH during Fe(II) sorption onto Al-oxide is 

unaffected by As(III), however slows down at low concentrations of As(V), and fully 

shuts down at high As(V) concentration, where the surface Fe(II) adsorption occurs 

instead (Chapter 3). In Chapter 4, the presence of humic substances (i.e. humic acid (HA) 

and fluvic acid (FA)) in Fe(II)/Al-oxde system slows down Fe(II)-Al(III)-LDH formation 

kinetics. But the presence of HA coating in Fe(II)/clay system predominantly alters the 

main Fe(II) sorption product from Fe(II)-Al-LDH to Fe(II)-phyllosilicate. The different 

effects of HA coating on Al-oxide compared to clay (kinetic vs. thermodynamic) further 

demonstrate the importance of sorbent reactivity and solubility in directing the Fe(II) 

precipitates formation. The results from Chapter 3 and Chapter 4 suggest that some 

geochemical elements such as As(V) and organic compounds constituting the 

heterogeneous soil environments can act as potential inhibitors of the Fe(II)-Al(III)-LDH 

precipitate. 

It is noteworthy that the availability of Al and/or Si is closely associated with the 

kinetics and types of secondary Fe(II) precipitates formation. As shown in Chapter 2, 

mineral substrates serve as the source of Al and Si supply for Fe(II)-Al(III)-LDH and 
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Fe(II)-phyllosilicate formation. The dissolved Al from Al-oxide and clay can incorporate 

in the octahedral layer of Fe(II)-hydroxide sheets, and the dissolved Si from amorphous 

silica and clay can form tetrahedral Si layers to link Fe(II)-hydroxide sheets. The 

dissolution rate of Al and Si from the mineral substrates is the rate-limiting factor 

influencing the formation kinetics of Fe(II)-Al-LDH and poorly crystalline Fe(II)-

phyllosilicate. The slower kinetics of Fe(II) precipitates formation in the clay suspension 

compared to γ-Al2O3 and amorphous SiO2 suspensions are associated with the slower 

release of Al and Si from clay substrate than γ-Al2O3 and amorphous SiO2 (Chapter 2). 

Strong interaction between foreign elements and Al supply inserts inhibitive effects on 

the formation of Fe(II)-Al(III)-LDH. In Chapter 3, adsorbed As(V) hinders the precipitate 

of Fe(II)-Al(III)-LDH by interaction with the Al supply. In Chapter 4, humic substances 

exhibit impacts on Fe(II) sorption kinetics and/or mechanisms onto Al-oxide and clay, by 

HS forming organo-Al complexes and masking on substrate surfaces limiting Al needed 

to form Fe(II)-Al(III)-LDH and Si needed to form Fe(II)-phyllosilicate. These results 

suggest important role of Al and/or Si availability in regulating Fe(II) speciation and 

solubility under reducing environments. 

5.2 Environmental Significance 

This dissertation work emphasizes the potential importance of Fe(II) precipitates under 

anoxic and suboxic environments such as rapirian soils and sediments, and investigates 

the geochemical factors affecting the precipitation rate and the type of the precipitates 

formed. The Fe(II) precipitates characterized here (Fe(II)-Al(III)-LDH and amorphous 

Fe(II)-phyllosilicate) are likely to form under anoxic and suboxic groundwaters and soils 

with near-neutral pH ranges of 6.5-8.0,81,82 where sufficient Fe(II) is available due to the 
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reductive dissolution of Fe(III) bearing minerals.4,5,83–85 Our results suggest that the 

availability of Al and/or Si which could incorporate in the structure of Fe(II) precipitates 

affects the formation kinetics and thermodynamics of the precipitates onto mineral 

substrates. In Chapter 3 and 4, it is shown that the existence of foreign elements such as 

As(V) and organic compounds inhibits the Fe(II)-Al(III)-LDH formation by interacting 

with Al supply in various ways. Thus, the secondary Fe(II) precipitates are more likely to 

form under conditions in which the other constitutes have less interference with free Al 

and/or Si available for precipitates formation. In addition, the formation of Fe(II) 

precipitates may also affect the solubility and speciation of other elements through 

adsorption, coprecipitation and redox sensitive reactions. The results reported here may 

be considered in development of qualitative and quantitative models of the speciation and 

fate of Fe under anoxic geochemical systems.  

5.3 Recommendations for Future Research 

Future studies may focus on investigating the formation kinetics and thermodynamics of 

Fe(II) precipitates in various systems with more complexity and heterogeneity resembling 

the natural environments, and assessing the reactivity of Fe(II) precipitates (e.g., Fe(II)-

Al(III)-LDH) toward redox sensitive trace elements. The following topics are 

recommended for future research: 

1. Examine Fe(II) sorption products and kinetics under multi-sorbent systems, 

further investigating the importance of sorbent reactivity on the rate and form of 

Fe(II) sequestration under reducing conditions. 

2. Investigate the interaction of Fe(II) and other divalent such as Ni(II), Zn(II), Co(II) 

and Mn(II) during cosorption reactions onto Al bearing mineral substrates.  
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3. Study the redox reactivity of structural Fe(II) in Fe(II)-Al(III)-LDH towards redox 

sensitive trace elements such as Cr(VI) and U(VI).   
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Appendices 

Appendix 1: Supporting Information for Chapter 2 

A1.1 Protocols used to ensure anoxic conditions during sample preparation and 

analysis 

The sensitivity of Fe(II) towards oxidation by O2 necessitated all batch sorption 

experiments and XAS sample preparation to be conducted under strictly anoxic 

conditions. Sample preparation and equilibration were done inside an anaerobic glovebox 

with an atmosphere composed of 95% N2 and 5% H2, and equipped with palladium 

catalyst (Coy Laboratories) attached to a fan box to scavenge trace O2, and with an O2-H2 

meter (Coy Laboratories) to monitor the glovebox atmosphere. The O2 meter reading 

remained at 0 during the entire experimental period. Water used for sample and reagent 

preparation was boiled and purged with pure nitrogen gas for at least 1 hour outside the 

glovebox, and then transferred inside to cool down and degas for at least 48 hours before 

use. All sample containers were wrapped in aluminum foil and sealed in 3 ziplock bags 

during equilibration to minimize any possibility of oxidation. All labware used in the 

experiments, including bottles, tubes, filters, syringes and pipette tips, were brought into 

glovebox at least one day before use to degas any oxygen. A description of the 

preparation and transport of the XAS samples is provided below in section A1.3. 

A1.2 Fe reference compounds  

Goethite (-FeIIIOOH) was synthesized according to the procedure described in 

Schwertmann et al.136, whereas hematite (-FeIII
2O3) was prepared as described in 

Brechbühl et al.137 Magnetite (FeIII
2FeIIO4) was obtained from Alfa Aesar (catalogue # 
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12962); green rust ([Fe(1−𝑥)
𝐼𝐼 Fe𝑥

𝐼𝐼𝐼(OH)2]𝑥+[𝑥 𝐶𝑙− ∙ 𝑚×H2O]𝑥−) was prepared by the 

coprecipitation method from Refait et al.138, substituting SO4
2- for Cl-. Nikischerite 

(NaFeII
6Al3(SO4)2(OH)18(H2O)12), a Fe(II)-Al(III)-layered double hydroxide with 

interlayer sulfate anions, was kindly provided by Tony Nikischer from the Excalibur 

Mineral Corporation, Peekskill, NY, and “white rust” (-FeII(OH)2) was prepared by 

adding 50 mL of 1 M NaOH to 50 mL of 0.25 M aqueous FeCl2 under anoxic conditions. 

The aqueous Fe2+ standard was prepared by dissolving 10 mM FeCl2 in 0.1M HCl.  

A1.3 Preparation of Fe(II) sorption samples for XAS analysis 

A total of 20 XAS sorption samples were prepared using the reaction conditions 

described in Chapter 2.  A sample volume of 35 mL was used to ensure enough material 

for EXAFS analysis. The suspensions were centrifuged following reaction, and the wet 

pastes were loaded into lucite sample holders inside the glovebox and sealed with Kapton 

tape. The sealed samples were placed in four individually sealed ziplock bags for 

transport to the synchrotron facility, where each Kapton-sealed sample was taken out of 

the anoxic bags just prior to analysis. All samples were analyzed within 24 h of 

preparation. Each sample was checked carefully for any signs of oxidation before and 

immediately after analysis, which were not observed in any case. 

A1.4 Synchrotron XAS data collection 

Synchrotron XAS data were collected at beamline X-11A of the National Synchrotron 

Light Source at Brookhaven National Laboratory, and beamline 12-BMB of the 

Advanced Photon Source at Argonne National Laboratory. Scanning was done at the Fe 

K absorption edge (7112 eV) using a Si(111) monochromator detuned by 30% to 

suppress higher order harmonics and calibrated by assigning the first inflection in the K 
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absorption edge of an iron metal foil to 7112 eV. All spectra were recorded at room 

temperature in fluorescence mode using a stern-Heald type Lytle detector (X11A) or a 

Canberra 13-element solid state detector (12 BMB). Three to five scans were collected 

per sample to improve data quality. 

A1.5 EXAFS data analyses of the sorption samples 

Shell-by-shell fitting of the XAS data was done in R-space using WinXAS 3.1.58 

Theoretical back-scattering paths were calculated using ARTEMIS60 and Feff 7.059 based 

on the crystal structures of nikischerite (Fe(II)-Al(III)-LDH, characterized in Huminicki 

and Hawthorne 2003 66) and lizardite (a 1:1 hydrous Mg silicate described in Mellini and 

Viti 1994 139, with a structure similar to greenalite74) with Fe substituted for Mg in 

octahedral positions. Central Fe(II) in these structures is surrounded by six first-shell O 

atoms, and by three Fe and three Al second-shell atomic neighbors positioned at the same 

radial distance in nikischerite, and by second shell Fe (CN=6) and Si (CN=2) located at 

RFe-Fe = 3.20 Å and RFe-Si = 3.29 Å from central Fe in Fe-substituted lizardite. For fitting, 

the amplitude reaction factor was fixed at 1, and a single E0 shift value was allowed to 

vary during optimization. The EXAFS data of Fe(II)-Al(III)-LDH phases (i.e., the 

nikischerite reference, the pH 7.5 and 8.0 Fe(II)- Al2O3 sorption samples, and the pH 7.5 

Fe(II)-clay  sorption samples) were fitted with three paths: first-shell Fe-O, second shell 

Fe-Fe and second shell Fe-Al. The coordination number was fixed at 3 for second-shell 

Fe and Al, consistent with the structure of nikischerite66. The radial distance (R) and 

Debye-Waller factors (2) of second-shell Fe-Fe and Fe-Al were constrained to be same 

to further reduce the number of free parameters, while all other parameters were allowed 

to vary.  
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For the Fe(II)-clay sorption samples reacted at pH 8.0 and the Fe(II)-SiO2 reacted 

at pH 7.5 and 8.0, the parameters associated with first shell O were allowed to vary.  

Fitting of the second shell was done with Fe-Fe and Fe-Si scattering paths, consistent 

with the formation of tri-octahedral Fe(II)-phyllosilicates in these samples as described in 

Chapter 2. The coordination number of second-shell of Fe-Fe was fixed at 6 consistent 

with tri-octahedral Fe(OH)2 sheets, whereas coordination number of Fe-Si atoms was 

allowed to vary. We constrained the Debye-Waller factors (2) of second-shell Fe-Fe and 

Fe-Si to be the same to further reduce the number of free parameters.  

Wavelet transform (WT) analysis was employed here to visualize differences in the 

coordination environment of Fe of the second coordination shell in RSFs. The WT 

analysis was performed with the Igor Pro script developed by Funke et al.61 Non-phase 

shift corrected k3 weighted  spectra were analyzed in the Igor program using Morlet 

wavelet with parameters η=5.8 and =1 at distance of 2.4-3.6 Å. The Morlet parameters 

were chosen to optimize the best resolution in both k and R space based on the results in 

Funke et al.61 

A1.6 Comparison of Fe K edge XAS data of reference compounds and Fe(II) 

sorption samples 

Analyses of the XANES data of the Fe(II) sorption samples are presented in Figure A1.1. 

Figure A1.1a compares the normalized Fe K near-edge spectra of representative sorption 

samples and Fe reference compounds, whereas Figure A1.1b compares the corresponding 

pre-edge features occurring approximately 15 eV before the main edge, which are 

indicative of Fe valence state.140 The positions of both the main Fe K edge and the pre-

edge features of the sorption samples are consistent with a 2+ valence state of sorbed Fe, 
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indicating that no oxidation of Fe(II) occurred during sorption or XAS data collection. 

This agrees with the results of our previous work17 showing the absence of Fe(II) 

oxidation in samples prepared and analyzed with identical procedures and protocols as 

employed here (described above in section A1.1 and A1.3).  

Figure A1.2 provides a direct comparison of the k3-weighted χ spectra of Fe(II)-

clay and Fe(II)-Al2O3 sorption samples. Figure A1.2a demonstrates that the χ function of 

the pH 7.5 Fe(II)-clay sorption sample is similar to the χ spectra of nikischerite and the 

pH 7.5 Fe(II)-Al2O3 sorption samples, suggesting precipitation of Fe(II)-Al(III)-LDH in 

the clay suspension at this pH value. At pH 8.0, sorption of Fe(II) onto the clay results in 

the precipitation of Fe(II)- phyllosilicate based on the data presented in Figure A1.2b, 

which shows that the pH 8.0 Fe(II)-clay sorption spectrum is similar to that of the pH 8.0 

Fe(II)-SiO2 sorption sample. 

A1.7 Structure of -Fe(OH)2, nikischerite, greenalite and minnesotaite 

Figure A1.3 shows the mineralogical structure of the main Fe(II) minerals discussed in 

Chapter 2. In -Fe(0H)2, central Fe2+ atoms is octahedrally coordinated with hydroxyl 

groups in the first coordination shell, and with Fe in the second coordination shell.68 

Substitution of Al3+ for Fe2+ in the Fe(OH)2 sheets of the Fe(II)-Al(III)-LDH phase 

nikischerite (NaFeII
6Al3(SO4)2(OH)18(H2O)12), generates a positive structural charge in 

the octahedral sheet, which is neutralized by negatively charged sulphate anions in the 

interlayer (not shown); for the Fe(II)-Al(III)-LDH phases formed in the current study the 

charge balancing anion is Cl- derived from the reaction electrolyte. Greenalite and 

minnesotaite are 1:1 and 2:1 hydrous iron silicates, respectively, where brucitic (tri-
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octahedral) Fe(OH)2 sheets are coordinated to one (greenalite) or two (minnesotaite) 

sheets of tetrahedral Si through corner sharing bonds to the Fe(II) octahedral sheet. 

Central Fe has a similar distance to its nearest octahedral Fe and tetrahedral Si neighbors.  

A1.8 Macroscopic Si concentration in clay and amorphous SiO2 system 

Figure A1.4 compares the dissolved silica concentrations of Fe(II)-clay and Fe(II)-SiO2 

kinetic samples to those of control samples made up of identical suspensions but without 

added Fe(II) at pH 6.5, 7.5 and 8.0 monitored for a reaction time up to 15 days. The 

dissolved Si concentrations are the same for the Fe(II) sorption samples and control 

samples at pH 6.5 and 7.5 in the clay system (Figures A1.4a and b), as well as at pH 6.5 

in the amorphous SiO2 system (Figure A1.4d), whereas distinct depletion of Si is 

observed in the pH 8.0 Fe(II)-clay and the pH 7.5 and 8.0 Fe(II)-SiO2 sorption samples 

relative to their respective controls (Figures A1.4c, e, f). We observe precipitation of 

secondary Fe(II) phases within the 15 d experimental time frame considered here at pH 

7.5 and 8.0 in both the Fe(II)-clay and Fe(II)- SiO2 sorption systems (see Figure 2.3). The 

results presented in Figure A1.4 point to association of Si with the Fe(II) precipitates 

formed in the amorphous silica suspensions at pH 7.5 and 8.0, consistent with the 

formation of Fe(II)-phyllosilicate phases in these systems. In the Fe(II)-clay sorption 

samples, Si interaction with secondary Fe(II) precipitate is observed at pH 8.0 but not at 

pH 7.5 (Figure A1.4b, c), suggesting formation of Fe(II)-phyllosilicate at pH 8.0 but not 

at the lower pH value. This pH dependent difference in the Fe(II) precipitates formed 

during Fe(II)-clay sorption, as suggested by the dissolved Si trends of Figure A1.4, is 

corroborated by the difference in the EXAFS data of the pH 7.5 and 8.0 Fe(II)-clay 
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sorption samples demonstrating precipitation of Fe(II)-Al(III)-LDH at pH 7.5 and 

formation of Fe(II)-phyllosilicates at pH 8.0 (Figure A1.2, and Table 2.1 and Figure 2.3).  

A1.9 Calculation of the solubility product (Ksp) of Fe(II)-Al(III)-LDH phases formed 

in the Fe(II)-Al2O3 sorption samples 

As described in Chapter 2, the chemical formula of the Fe(II)-Al(III) layered double 

hydroxide (LDH) formed in the Al2O3 samples at pH ≥ 7.0 is assumed to be 

𝐹𝑒(𝐼𝐼)2

3

𝐴𝑙(𝐼𝐼𝐼)1

3

(𝑂𝐻)2𝐶𝑙1

3

. The aqueous equilibrium of these phases can be expressed as:  

𝐹𝑒(𝐼𝐼)2

3

𝐴𝑙(𝐼𝐼𝐼)1

3

(𝑂𝐻)2𝐶𝑙1

3(𝑠)

=
2

3
𝐹𝑒2+ +

1

3
𝐴𝑙3+ + 2𝑂𝐻− +

1

3
𝐶𝑙−           (1) 

The corresponding solubility product Ksp is: 

 

Ksp = (Fe2+)2/3 * (Al3+)1/3 * (OH-)2 * (Cl-)1/3             (2) 

where round brackets denote solution activities. The activity coefficient  for each 

component was calculated using the Davies equation: 

𝑙𝑜𝑔 𝛾 = −0.509 ∗ 𝑍2(
𝐼0.5

𝐼0.5+1
− 0.2𝐼)                                                                             (3) 

where Z is the ion valence, and I is ionic strength calculated according to: 

 

𝐼 = 0.5 ∑ 𝐶𝑖𝑍𝑖
2

𝑎𝑙𝑙 𝑖𝑜𝑛𝑠                                                                                                     (4) 

with C and Z representing the concentration and valence state of each dissolved 

component, respectively.  
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The solubility products of  𝐹𝑒(𝐼𝐼)2

3

𝐴𝑙(𝐼𝐼𝐼)1

3

(𝑂𝐻)2𝐶𝑙1

3

 were estimated for each of the three 

kinetic experiments presented in Figure 2.2a of Chapter 2 where formation of Fe(II)-

Al(III)-LDH was observed in the EXAFS measurements (i.e. at pH 7.0, 7.5 and 8.0). All 

equilibrium concentrations required to calculate Ksp at given pH are known, except for 

dissolved Al3+, which was too low for detection by ICP-OES. The total dissolved Fe(II) 

concentrations, [Fe(II)]tot, were calculated as the average aqueous Fe(II) concentration of 

the last 3 measurements, where equilibrium was attained (see Figure 2.2 of Chapter 2). 

Complexation of aqueous Fe(II) with Cl-(aq) was accounted for based on the following 

aqueous equilibrium:141 

𝐹𝑒2+ + 𝐶𝑙− = 𝐹𝑒𝐶𝑙+         log 𝛽 = −0.16                                                                     (5) 

where  represents the equilibrium constant for reaction (5). Thus, the formation of FeCl+ 

can be written as (FeCl+) = (Fe2+)(Cl-). Consequently, (Fe2+) was calculated by 

expressing [Fe(II)]tot with (Fe2+), the activity coefficient , and (Cl-), where only (Fe2+) 

was unknown. The OH- activity was determined based on the final pH measured at the 

end of each kinetic experiment, and [Cl-] was equal to the NaCl concentration used for 

ionic strength control. Concentrations were converted to activities by multiplying with 

the activity coefficient . Table A1.1 summarizes the various concentrations and activities 

used for these calculations. 

 The activity of dissolved Al3+, (Al3+), was calculated for two scenarios: one 

assuming it set by equilibrium with gibbsite, -Al(OH)3, and the other assuming it was 

controlled by bayerite, -Al(OH)3. The selection of gibbsite and bayerite as the 
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controlling phases of Al solubility is based on studies demonstrating that these are the 

main Al phases that form during aging of (metastable) γ-Al2O3 in aqueous suspensions.78–

80 The Al3+ activities were calculated based on the following dissolution-precipitation 

reaction:   

𝐴𝑙(𝑂𝐻)3(𝑠) = 𝐴𝑙3+ + 3𝑂𝐻−                                                                                         (6) 

according to (𝐴𝑙3+) =
𝐾𝑠𝑝

′

{𝑂𝐻−}3
 , where  𝐾𝑠𝑝

′  is the equilibrium constant of the Al(OH)3 

polymorph of interest (i.e. gibbsite or bayerite). The solubility products of gibbsite and 

bayerite were calculated from the standard Gibbs free energy of reaction (ΔGR
0) for 

reaction (6), according to: 

𝐾𝑠𝑝
′ = 𝑒

∆𝐺𝑅
0

−𝑅𝑇                                                                                                                     (7) 

The ΔGR
0 values were calculated from the Gibbs free energies of formation (ΔGf

0) of 

bayerite and gibbsite (-1149.8 kJ/mol and -1154.9 kJ/mol, respectively,142 at 298.15 K) 

and those of Al3+
(aq) (∆𝐺𝑓(298.15 𝐾)

0 =-489.4 kJ/mol143) and OH-
(aq) (∆𝐺𝑓

0 =-157.3 kJ/mol143). 

Based on these data we calculated 𝐾𝑠𝑝
′ =10-33.042 and 10-33.936 for bayerite and gibbsite, 

respectively, for the expression of 𝐾𝑠𝑝
′  in equation (7).  The calculated 𝐾𝑠𝑝

′  value for 

gibssite is similar to the value of 𝐾𝑠𝑝
′ =10-33.709 in the MINEQL+ database.69 The (Al3+) 

levels calculated at the experimental pH values assuming gibbsite or bayerite as the 

mineral phases controlling Al solubility are tabulated in Table A1.1. The corresponding 

estimates of the Ksp solubility product of the Fe(II)-Al(III)-LDH phases formed at pH 7.0, 

7.5 and 8.0 in the -Al2O3 sorption systems are listed as well. The Ksp estimates differ 
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substantially depending on whether gibbsite or bayerite is assumed to control {Al3+}, but 

are remarkably similar at the three pH values assuming either gibbsite or bayerite (Table 

A1.1), indicating that the Fe(II)-Al(III)-LDH phases formed in these samples have 

similar structure and solubility.  
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A1.10 Supporting information table and figures 

Table A1.1. Thermodynamic calculations of the formed Fe(II)-Al(III)-LDH phases 

Ion concentrations, activities and calculation results of Ksp for the Fe(II)-Al(III)-LDH 

phases formed in the Fe(II)-Al2O3 sorption systems at pH 7.0, 7.5 and 8.0. 

                                               pHf 

 

calculation resultsa 

7.0 7.5 8.0 

[Fe(II)]tot (mol L-1) 1.82*10-3 4.69*10-4 1.11*10-5 

[Fe2+] (mol L-1) 1.78*10-3 4.64*10-4 1.10*10-5 

[FeCl+] (mol L-1) 3.81*10-5 8.46*10-6 1.67*10-6 

pHb 6.91 7.33 7.79 

[Cl-] (mol L-1)c 8.80*10-2 7.50*10-2 6.20*10-2 

[Na+] (mol L-1)d 0.10 0.10 0.10 

ionic strength (mol L-1) 0.01 0.01 0.01 

activity coefficient () for univalent ions 0.77 0.77 0.77 

activity coefficient () for divalent ions 0.35 0.35 0.35 

(Al3+)gibbsite (mol L-1)e 2.16*10-13 1.19*10-14 4.94*10-16 

(Al3+)bayerite (mol L-1) 1.69*10-12 9.28*10-14 3.87*10-15 

Ksp (gibbsite) 1.18*10-21 1.20*10-21 1.26*10-21 

Ksp (bayerite) 2.35*10-21 2.39*10-21 2.49*10-21 

 

a [ ] and ( ) represent concentration and activity, respectively; [ ]*=( ) 

b pH measured at equilibrium 

c [Cl-] equal to the NaCl concentration used for ionic strength control after accounting 

for the addition of titrant NaOH to achieve pH of interest 

d [Na+] derived from addition of NaOH titrant and NaCl background salt 

e (Al3+) in equilibrium with the final hydration product of -Al2O3; Calculated Ksp based 

on different (Al3+) values 
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Figure A1.1. Fe K near-edge and pre-edge results of references and sorption samples 

(a) Normalized Fe K near-edge XAS spectra of representative Fe(II) sorption samples 

and Fe(II)- and Fe(III)-reference compounds; (b) Pre-edge features located 

approximately 15 eV before the main edge (pointed out by arrow in a), isolated by fitting 

a spline function through the pre-edge region of the normalized Fe K edge spectra.17,140 

The sorption samples were Fe(II)-reacted clay (red solid line), -Al2O3 (red dashed line) 

and amorphous silica (red dotted line) prepared at a Fe(II) concentration of 2.7 mM, a pH 

of 8.0, and a reaction time of 1month. 
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Figure A1.2. Comparison of the k3-weighted  spectra  

(a) nikischerite and the Fe(II)-clay and Fe(II)-Al2O3 sorption samples reacted at pH 7.5; 

(b) the Fe(II)-clay and Fe(II)-SiO2 sorption samples reacted at pH 8.0. 
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Figure A1.3. Structures of reference Fe(II) minerals 

(a) white rust (-Fe(OH)2); (b) nikischerite (Fe(II)-Al(III) LDH); (c) greenalite (1:1 

hydrous iron silicate, Fe3Si2O5(OH)4); and (d) minnesotaite (2:1 hydrous iron silicate, 

Fe3Si4O10(OH)2). Blue and yellow octahedra represent, respectively, Fe(II) and Al(III) 

cations in octahedral coordination with hydroxyl groups. Green tetrahedra in c and d 

represent Si tetrahedra arranged in sheets that coordinate to the octahedral Fe(OH)2 sheets 

through corner sharing O bonds. 

(a) (b)

(c) (d)
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Figure A1.4. Dissolved Si concentrations 

Dissolved Si concentrations in the Fe(II)-clay (a, b, c) and Fe(II)-amorphous silica (d, e, f) 

kinetic sorption experiments conducted at pH 6.5, 7.5 and 8.0 and in control samples 

consisting of identical suspensions without added Fe(II).  The closed (●) and open (○) 

symbols denote Si concentrations in the suspensions with and without Fe(II) treatment, 

respectively.  
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Appendix 2: Supporting Information for Chapter 3 

A2.1 EXAFS data analyses of the sorption samples and reference compounds 

EXAFS data fitting of the spectra was done on Fourier transformed k3 weighed χ spectra 

in R-space using WinXAS 3.1.58 Theoretical backscattering paths of Fe-O, Fe-Fe and Fe-

Al were calculated with the FEFF 7.0 code,59 based on the structure of nikischerite (a 

Fe(II)-Al(III)-LDH with chemical formula NaFeII
6 Al3(SO4)2(OH)18 (H2O)12, 

characterized in Huminicki and Hawthorne 2003 66), whereas Fe-As, As-O, As-Fe single 

scattering and three multiple scattering (MS) within the As(V) centered tetrahedron was 

calculated based on the structure of scorodite (Fe(III)As(V)O4·2H2O, characterized in 

Kitahama et al. 1975 144). Theoretical As-Al scattering paths were obtained by replacing 

Fe with Al in octahedral positions of scorodite. The amplitude reduction factor was set at 

0.9 for the Fe fits, and at 1.0 for the As fits. A single E0 shift value was allowed to vary 

during optimization.  

The Fe K-edge EXAFS data of samples containing Fe(II)-Al(III)-LDH were fitted with 

three paths: first-shell Fe-O, and second-shell Fe-Fe and Fe-Al, based on the crystal 

structure of nikischerite.66 In this structure, Fe(II) is surrounded by six first-shell O atoms, 

and three Fe and three Al second-shell neighbors that are located at the same radial 

distance (Figure A2.1). To reduce the number of free parameters, the radial distances and 

Debye-Waller factors (σ2) of second-shell Fe-Fe and Fe-Al were constrained to be the 

same, while all other factors were allowed to vary. For the aqueous Fe(II) reference and 

the dual-sorbate samples containing 0.5 mM As(V), only first-shell Fe-O was fitted due 

to the lack of apparent second-neighbor backscattering as observed in the RSFs (Figure 
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3.3 of Chapter 3). The spectrum of the Fe(II)-As(V) precipitate was fitted with first-shell 

Fe-O and second-shell Fe-Fe and Fe-As paths. 

The As K-edge EXAFS data of all the sorption samples were fitted with first-shell 

O backscatters and second-shell Al backscatters. For As(V) sorption samples in both 

binary and ternary systems, three fully restrained MS paths within the As(V) centered 

tetrahedron were also employed in the fitting, in addition to As-O and As-Al paths alone 

(results not shown), following the MS fitting scheme of Mikutta et al.145 and Voegelin et 

al.109 The inclusion of MS slightly improved the fitting quality without inducing 

substantial changes in the major parameters of As-O and As-Al distances, which agrees 

with the findings of Voegelin et al.109 Because of the minor impacts of MS on our fitting 

results and data interpretation, only the single-shell fits are presented in Table A2.1, 

consistent with other studies e.g. 94. For the As data of the ternary sorption samples, we 

also tested data fits assuming As-Fe instead of As-Al second-neighbor scattering. This 

yielded distinctly worse fit quality relative to fits with second-neighbor As-Al scattering, 

regardless of the inclusion of MS paths. This confirms our interpretation of As being 

present as adsorption complexes at the Al-oxide surface in both the presence and absence 

of Fe(II), as discussed in Chapter 3. For the aqueous arsenite and arsenate references, 

only first-shell O was fitted, while for the Fe(II)-As(V) precipitate reference, first-shell 

As-O and second-shell As-Fe paths were fitted (Table A2.1).  

Error estimates of the optimized XAS fitting parameters are ±0.02 Å for the radial 

distance (R) of the first coordination shells, and ±0.04 Å for the radial distances of longer 

shells. For coordination numbers (CN), which are correlated to the Debye-Waller factor, 
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the estimated error is ± 25 %. These error estimates of the fitting parameters are based on 

fits of reference compounds and previous relevant XAS studies.17,25,28,30,94 

A2.2 Comparison of structural information of symplesite and EXAFS fit results of 

the Fe(II)-As(V) reference precipitate 

Figure A2.2 shows the mineralogical structure of symplesite (Fe3(AsO4)2∙8H2O), which is 

crystallographically similar to vivianite (Fe3(PO4)2∙8H2O),146 reflecting the chemical 

similarity of arsenate and phosphate. The structure of symplesite contains single FeIIO6 

octahedra and pairs of edge sharing Fe(II) octahedra (double Fe(II) octahedra), which are 

linked by arsenate groups (Figure A2.2). The structural arrangement of Fe(II) and As(V) 

is further resolved in Figure A2.3. Based on experimental distance of Fe-O (2.10-2.14 Å) 

and As-O (1.68-1.69 Å), and Fe-O-As angles provided in Figure A2.3, theoretical bond 

distance of Fe-As was estimated to be 3.43-3.56 Å. 

Our EXAFS data fitting results (Table A2.1) of the Fe(II)-As(V) precipitate indicate that 

it is structurally similar to symplesite. The Fe K-edge EXAFS fitting results of Fe(II)-

As(V)-precipitate (Table A2.1), the first shell is fitted with 5.3 O atoms at a radial 

distance of 2.11 Å, in agreement with an octahedral arrangement of O atoms around 

central Fe(II). The second-shell RFe-Fe=3.25 Å is very close to the Fe-Fe distance (3.26 Å) 

in Fe(OH)2,
68 consistent with the edge-sharing octahedron configuration for double Fe(II) 

groups present in symplesite (Figure A2.2 and A2.3b, A2.3c). In addition, the average 

RFe-As=3.45 Å are within the range of estimated Fe-As distance in symplesite, as shown 

above. The As K-edge EXAFS fitting results show first-shell CNAs-O= 3.3(±30%) for 

Fe(II)-As(V) precipitate at an average distance of R = 1.68 Å, suggesting that As(V) is 

coordinated by O atoms in tetrahedral configuration 94,110,111,147. The second-shell RAs-Fe =  
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3.41 Å is consistent with the average RFe-As obtained from Fe K-edge EXAFS results, 

given the large error of ±0.04 Å correlated with R values of second-shell fitting. This 

result is also within the range of As-Fe distance of 3.31-3.55A reported in Jönsson and 

Sherman (2008).108  

Although the fitting results suggest similarity between structure of Fe(II)-As(V) 

bulk precipitate and symplesite, we could not completely confirm the formation of 

symplesite and exclude the existence of impurities solely based EXAFS measurement.  

A2.3 As K-edge EXAFS data of sorption samples and As reference compounds 

Figures A2.4 - A2.7 present the entire set of As K-edge EXAFS data collected for this 

study; the fit results are presented in Table A2.2. The first peak in the RSFs represents the 

first-shell O atoms surrounding central As(V) and As(III). The second shells visible in the 

RSFs of the sorption samples represent second-shell Al neighbors in the coordination 

sphere of sorbed As(III) and As(V), consistent with inner-sphere coordination of both 

arsenic species at the Al-oxide surface.  

The spectral comparison presented in Figure A2.8 illustrates that the dominant 

As(V) sorption mechanism on γ-Al2O3 remains the same, irrespective of the initial As(V) 

concentrations. The comparison displayed in Figure A2.9 shows the similarity of the 

speciation of As(III) and As(V) in single- and dual-sorbate systems. This demonstrates 

that Fe(II) has no noticeable impact on the mode of As retention in our experimental 

systems, with both As(III) and As(V) coordinated predominantly as bidentate binuclear 

adsorption complexes at the surface of the Al-oxide sorbent in both the presence and 

absence of Fe(II).  
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A2.4 Supporting information tables and figures 

Table A2.1. Fe K-edge EXAFS fitting results of Fe(II) sorption and reference samples 

sorption samples   Fe-O   Fe-Fe   Fe-Al   Fe-As 

[Fe]0 [As]0 time Γd  CNa R (Å)b σ2 (Å2)c   CN R (Å) σ2 (Å2)   CN R (Å) σ2 (Å2)   CN R (Å) σ2 (Å2) 

1mM 0.50mM V 8 mo 1.96  5.8 2.10 0.010                         

1mM 0.50mM V 35 d 2.36 5.3 2.09 0.010             

1mM 0.50mM V 6 d  1.76 5.4 2.10 0.010                         

1mM 0.50mM V 1 d 1.70 6.0 2.09 0.012             

1mM 0.25mM V 9 mo  2.19 5.7 2.11 0.009   3.6 3.14 0.010   2.9 3.14 0.010         

1mM 0.25mM V 35 d 1.53 5.5 2.10 0.009  2.6 3.13 0.010  2.3 3.13 0.010     

1mM 0.25mM V 6 d  0.95 5.0 2.09 0.009 
 

               

1mM 0.25mM V 1 d 0.83 4.8 2.08 0.010             

1mM 0.10mM V 35 d  1.97 6.0 2.11 0.009   4.2 3.14 0.010   2.9 3.14 0.010         

1mM 0.10mM V 6 d  1.33 5.2 2.11 0.009   3.0 3.15 0.010   2.4 3.15 0.010         

1mM 0.10mM V 1 d 0.80 5.0 2.08 0.009             

1mM 0.25mM III 6 d  1.81 6.0 2.11 0.008   4.0 3.14 0.009   2.6 3.14 0.009         

1mM 0.25mM III 1 d  1.02 5.7 2.1 0.008   3.7 3.13 0.009   2.8 3.13 0.009         

1mM  — 6 d  1.83 5.8 2.12 0.008   4.8 3.15 0.010   2.0 3.15 0.010         

1mM — 1 d 1.07 6.0 2.12 0.009  4.0 3.15 0.010  2.3 3.15 0.010     

1mM — 2 hr 0.50 6.0 2.12 0.009  4.2 3.15 0.010  2.4 3.15 0.010     

Fe references                                 

Nikischerite   5.5 2.13 0.007   4.0 3.15 0.009   2.3 3.15 0.009         

aqueous Fe2+   5.7 2.11 0.010                         

Fe(II)As(V)-precipitate   5.4 2.11 0.008   0.9 3.25 0.015           3.5 3.45 0.015 

 

aCN is coordination number, bR is interatomic radial distance, and cσ2 is Debye-Waller factor. 

Error estimates and details on fitting procedure are described above in section 1 of the SI. dΓ is 

the Fe(II) sorption density (μmol/m2) calculated based on the N2-BET surface area. 
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Table A2.2. As K-edge EXAFS fitting results of As sorption and reference samples 

sorption samples   As-O   As-Al   As-Fe 

[Fe]0 [As]0 time Γd   CNa R (Å)b σ2 (Å2)c   CN R (Å) σ2 (Å2)   CN R (Å) σ2 (Å2) 

1mM  0.50mM V 8 mo 1.42 4.1 1.68 0.002  3.3 3.14 0.006     

1mM  0.50mM V 35 d 1.42 4.1 1.69 0.002  3.2  3.15 0.006     

1mM  0.50mM V 6 d 1.41 4.2 1.69 0.002   3.2 3.14 0.006         

1mM  0.50mM V 1 d 1.39 4.3 1.69 0.002  2.7 3.14 0.006     

  0.50mM V 6 d 1.04 4.1 1.68 0.002   2.6 3.12 0.006         

1mM  0.25mM V 9 mo 0.71 4.4 1.68 0.002  2.8 3.14 0.006     

1mM  0.25mM V 35 d 0.71 4.1 1.69 0.002  2.5 3.15 0.006     

1mM  0.25mM V 6 d 0.70 4.3 1.68 0.002   2.4 3.13 0.006         

1mM  0.25mM V 1 d 0.68 4.5 1.68 0.003  2.5 3.13 0.006     

  0.25mM V 6 d 0.67 4.4 1.68 0.002   2.6 3.14 0.006         

1mM  0.10mM V 35 d 0.28 4.3 1.68 0.002  2.5 3.15 0.006     

1mM  0.10mM V 6 d 028 4.1 1.68 0.002   2.4 3.15 0.006     

1mM  0.10mM V 1 d 0.28 4.2 1.68 0.002  2.5  3.15 0.006         

  0.10mM V 6 d 0.26 4.2 1.68 0.002   2.7 3.13 0.006     

   1mM 0.25mM III 35 d 0.48 3.2 1.77 0.004  1.6 3.22 0.009         
   1mM 0.25mM III 6 d 0.42 3.5 1.78 0.004   1.3 3.24 0.009         
   1mM 0.25mM III 1 d 0.38 3.2 1.77 0.004  1.6 3.22 0.009     

  0.25mM III 6 d 0.41 3.4 1.78 0.004   1.3 3.23 0.009       

As references                

10mM Na2HAs(V)O4(aq)   4.2 1.68 0.003                 

10mM NaHAs(III)O2(aq)   3.0 1.79 0.002                 

Fe(II)-As(V)-precipitate   3.3 1.68 0.002           4.1 3.41 0.015 

             
aCN is coordination number, bR is interatomic radial distance, and cσ2 is Debye-Waller factor. dΓ 

is the As(III/V) sorption density (μmol/m2) calculated based on the N2-BET surface area. 
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Figure A2.1. Mineralogical structure of nikischerite 

Mineralogical sheet structure of nikischerite (a Fe(II)-Al(III)-LDH mineral with chemical 

formula NaFeII
6 Al3(SO4)2(OH)18 (H2O)12). Blue and yellow octahedron represent Fe(II) 

and Al(III) cations in octahedral coordination with hydroxyl groups respectively. The 

octahedral layers have a positive structural charge, which is balanced by sulfate anions in 

the interlayer (not shown). 

 

 

Figure A2.2. Mineralogical structure of symplesite (Fe3(AsO4)2∙8H2O) 

(a) Sructure of symplesite (Fe3(AsO4)2∙8H2O);146 (b) arsenate tetrahedron coordinated 

with 1 single Fe(II) octrahedron and 2 pairs of double Fe(II) octrahedra. Blue octahedra 

and green tetrahedra represent octahedral Fe(II) and tetrahedral As(V), respectively. 
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Figure A2.3. Detailed arrangement of As(V) and Fe(II) within the symplesite structure 

Arrangement of As(V) and Fe(II) within the symplesite structure presented by polyhedra 

(left) and atomic spheres (right): (a) As(V) tetrahedron coordinated with a single Fe(II) 

octahedron; (b)(c) As tetrahedron link with a double Fe(II) octahedral unit. Red, green, 

big blue and small blue atomic spheres in the right represent oxygen, As, Fe and water, 

respectively. Fe-O-As angles146 used for distance calculation are indicated in each figure.  
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Figure A2.4. As K-edge EXAFS results of As(III) sorption references and samples 

As K-edge EXAFS spectra of aqueous As(III) and As(III)/γ-Al2O3 sorption samples in 

single-sorbate reaction and dual-sorbate reactions with 1mM Fe(II) addition (a) k3-

weighted χ spectra and (b) corresponding radial structure functions (RSFs). Solid and red 

dotted lines in panel (a) represent raw and fitted spectra, respectively. The red vertical 

dashed line in panel (b) locates the second-shell Al neighbors in the sorption samples.  
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Figure A2.5. As K-edge EXAFS results of 0.1mM As(V) sorption references and samples 

As K-edge EXAFS spectra of aqueous As(V) and 0.1mM As(V)/γ-Al2O3 sorption 

products in single-sorbate reaction and dual-sorbate reactions with 1mM Fe(II) addition 

(a) k3-weighted χ spectra and (b) corresponding radial structure functions (RSFs). Solid 

and red dotted lines in panel (a) represent raw and fitted spectra, respectively. Red 

vertical dashed line in panel (b) indicates second-shell As-Al backscatters in the sorption 

samples.  
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Figure A2.6. As K-edge EXAFS results of 0.25mM As(V) sorption references and 

samples 

As K-edge EXAFS spectra of aqueous As(V) and 0.25mM As(V)/γ-Al2O3 sorption 

products in single-sorbate reaction and dual-sorbate reactions with 1mM Fe(II) addition 

(a) k3-weighted χ spectra and (b) corresponding radial structure functions (RSFs). Solid 

and red dotted lines in panel (a) represent raw and fitted spectra, respectively. Red 

vertical dashed line in panel (b) indicates second-shell As-Al backscatters in the sorption 

samples.  
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Figure A2.7. As K-edge EXAFS results of 0.50mM As(V) sorption references and 

samples 

As K-edge EXAFS spectra of aqueous As(V) and 0.50mM As(V)/γ-Al2O3 sorption 

products in single-sorbate reaction and dual-sorbate reactions with 1mM Fe(II) addition 

(a) k3-weighted χ spectra and (b) corresponding radial structure functions (RSFs). Solid 

and red dotted lines in panel (a) represent raw and fitted spectra, respectively. Red 

vertical dashed line in panel (b) indicates second-shell As-Al backscatters in the sorption 

samples. 
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Figure A2.8. k3-weighted χ spectra of As(V)/γ-Al2O3 sorption samples 

Comparison of the k3-weighted χ spectra of As(V) reacted γ-Al2O3 single-sorbate 

sorption samples with various As(V) concentration for a reaction time of 6 days.  
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Figure A2.9. As k3-weighted χ spectra comparison of As/γ-Al2O3 single-sorbate and dual-

sorbate sorption samples  

Comparison of the k3-weighted As χ spectra of As reacted γ-Al2O3 single-sorbate and 

dual-sorbate sorption samples, with different As speciation and concentrations: (a) 

0.25mM As(III); (b) 0.10mM As(V); (c) 0.25mM As(V); (d) 0.50mM As(V).   
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Appendix 3: Supporting Information for Chapter 4 

A3.1 EXAFS data analyses of the sorption samples and reference compounds 

EXAFS data fitting was conducted on Fourier transformed k3 weighed χ spectra in R-

space using WinXAS 3.1.58 Theoretical backscattering paths of Fe-O, Fe-Fe, Fe-Al, Fe-Si 

and Fe-C were calculated using ARTEMIS60 and Feff 7.059 code, based on the crystal 

structures of nikischerite (a Fe(II)-Al(III)-LDH, with chemical formula NaFeII
6 

Al3(SO4)2(OH)18 (H2O)12, characterized in Huminicki and Hawthorne 2003 66), lizardite 

(a 1:1 hydrous Mg silicate,  characterized in Mellini and Viti 1994 139, with a structure 

similar to greenalite (1:1 hydrous iron silicate)74) with Fe replacing Mg in octahedral 

positions, and siderite (FeCO3, characterized in Graf 1961148). The amplitude reduction 

factor was set at 1, and a single E0 shift value was allowed to vary during optimization.  

For Fe2+
(aq), Fe2+-HA(aq), Fe2+-FA(aq) references, only first-shell Fe-O path was used for fit 

due to the deficiency of second peak in the RSFs (Figure 4.2b of Chapter 4). Attempt was 

made to fit the spectra of Fe2+-HA(aq), Fe2+-FA(aq) references with additional Fe-C path, 

however unsuccessful. The Fe(OH)2 reference was fitted with first-shell Fe-O and 

second-shell Fe-Fe paths, based on the structure of Fe(II)-hydroxide,68 where central 

Fe(II) is surrounded with six first-shell O atoms and six second-shell Fe atoms. For the 

EXAFS data of Fe(II)-Al(III)-LDH phases, including nikischerite reference, all Fe(II) 

sorption samples on Al2O3, three paths were used: first-shell Fe-O, and second-shell Fe-

Fe and Fe-Al. This fitting scheme corresponds to the structure of nikischerite,66 where 

Fe(II) is surrounded by six first-shell O atoms, and three Fe and three Al second-shell 

atoms located at the same radial distances. The radial distances (R) and Debye-Waller 

factors (σ2) of second-shell Fe-Fe and Fe-Al were constrained to be the same, in order to 
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reduce the number of free parameters, while other factors were allowed to vary. For 

EXAFS data of samples containing Fe(II)-phyllosilicate (i.e., Fe(II) sorption samples on 

clay and references(II) listed in Table 4.1), fitting was performed using first-shell Fe-O 

and second-shell Fe-Fe and Fe-Si scattering paths, based on the structure of possibly 

formed hydrous iron silicate minnesotaite (2:1) and greenalite (1:1).73,74  The 

coordination number of second-shell of Fe atoms was fixed at 6 consistent with tri-

octahedral Fe(OH)2 sheets, and the Debye-Waller factors (2) of second-shell Fe-Fe and 

Fe-Si were constrained to be the same to reduce the number of free parameters.  

 

 

 


