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Summary
Arsenic (As) is a widespread metalloid that is infamous for its toxicity. Its presence in drinking water is causing health issues to millions of people worldwide, and the incidental inhalation or ingestion
of As-bearing particles poses a significant health threat to humans in highly contaminated areas. The
chemical speciation of As has a major impact on its partitioning and toxicity. Arsenic is introduced
into soils and sediments by weathering of As-containing minerals or by human activities such as mining and smelting or the use of As-carrying pesticides in agriculture. Especially the contamination of
riverine floodplain soils by the uncontrolled dissemination of mining waste materials is of ecological
relevance, due to the high biodiversity found in these environments and their economic and cultural
importance. One example are the floodplain soils of Ogosta River situated in north-west Bulgaria,
which were formed by the repeated fluvial deposition of variably contaminated sediments from upstream sulfide ore mining. The soils are characterized by locally extremely high As concentrations
(≤40.3 g/kg) and elevated manganese (Mn) concentrations due to the dissemination of Mn-rich mining wastes. Oxidative weathering of As-bearing sulfide ore wastes often induces the coprecipitation of
poorly crystalline iron (Fe)(III)-arsenate (As(V)) solids. These coprecipitates exert a major control on
As solubility in mining-impacted soils but their mineralogical identification poses a challenge due to
their nearly amorphous nature. Manganese oxides are strong abiotic oxidants in soils and have previously been shown to oxidize the more soluble arsenite (As(III)) to the more strongly scavenged As(V).
However, their impact on As speciation during soil flooding is largely unresolved. The aim of this thesis was to investigate important chemical and mineralogical controls on As speciation dynamics and
bioaccessibility in the Ogosta River floodplain soils.
The bioaccessibility of As from Fe(III)-As(V) coprecipitates was investigated as a function of formation pH values (1.5-8) and molar Fe/As ratios (0.8-8) using an in vitro assay. The coprecipitates
contained variable amounts of amorphous ferric arsenate (AFA)-like solids and ferrihydrite. The bioaccessibility of As(V) in coprecipitates formed at pH 1.5-4 was controlled by the intrinsic solubility of
the AFA-like solids and sorption competition with sulfate, and it was highest in coprecipitates formed
at pH 3-4 (5.8±1.3 %). In coprecipitates formed at pH 6-8, As(V) adsorption on ferrihydrite was the
dominant mechanism of As(V) uptake, resulting in a lower bioaccessibility of As(V) (3.7±0.5 %). The
results demonstrated that the bioaccessibility of As(V) from Fe(III)-As(V) coprecipitates is strongly
VII

dependent on the formation conditions and hence the mineralogical properties of the coprecipitates.
In a simplified slurry experiment, the impact of birnessite (Mn(III/IV)-oxide) on Fe and As speciation during microbially mediated reduction of As-bearing ferrihydrite was assessed. Arsenic-bearing ferrihydrite was incubated with Shewanella sp. ANA-3 in the presence of increasing amounts of
birnessite. Additional abiotic experiments helped to show that As(III) oxidation by birnessite was
negligible under reducing conditions. In contrast, rapid Fe(II) oxidation on birnessite resulted in the
precipitation of hydrous ferric oxide. This study revealed the indirect impact of Mn-oxides on As
retention under microbially reducing conditions through the adsorption of As(III) on newly formed
ferrihydrite.
The speciation and leaching of As from Mn-rich soil layers was tested in a column study. Ogosta River floodplain soil was enriched with different amounts of birnessite and exposed to an anoxic synthetic
river water flow. Soil layers were simulated by superposing differently Mn-enriched soil material in
a column. Arsenic leaching was strongly decreased by elevated Mn concentrations. X-ray absorption
spectroscopy confirmed that this was partly the consequence of enhanced As(III) adsorption, likely
to newly precipitated hydrous ferric oxide. However, low As leaching was also the result of decreased
microbial activity caused by elevated pH values during dominant Mn(III/IV) reduction. The results
of this study showed that elevated Mn-oxide concentrations decrease reductive As release from soil,
and that Mn-rich soil layers may accumulate As from adjacent soil during repeated flooding events.
The thesis highlighted the importance of Fe for the adsorption or coprecipitation of As in contaminated floodplain soils. In highly contaminated soil parts, the oxidative weathering of primary sulfide
minerals in an otherwise carbonate buffered soil matrix may cause locally highly variable formation
conditions for secondary Fe(III)-As(V) coprecipitates. The resulting mineralogical properties have
been shown in this thesis to directly impact the bioaccessibility of As from these materials. Manganese oxides were found in this thesis to have a strong impact on As and Fe speciation dynamics during microbially mediated soil reduction. The reductive mobilization of As and Fe in soils is strongly
correlated. Hence, the adsorption of As(III) on newly formed hydrous ferric oxide in the presence of
Mn-oxides is expected to commonly control As speciation under reducing conditions. Collectively,
the gained insights are of importance for risk assessment in the Ogosta River basin but also have implications for other contaminated environments.
.
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Zusammenfassung
Arsen (As) ist ein in der Umwelt allgegenwärtiges Halbmetall, das wegen seiner Toxizität weithin
bekannt ist. Durch den Konsum von As-haltigem Trinkwasser ist die Gesundheit von Millionen von
Menschen auf der ganzen Welt gefährdet. In stark kontaminierten Umgebungen ist die versehentliche
Aufnahme oder Einatmung von As-haltigen Partikeln ein ernstzunehmendes Problem. Dabei hat die
chemische Speziierung von As einen grossen Einfluss auf seine Löslichkeit und Toxizität. Der Eintrag
von As in Böden und Sedimente geschieht durch die Verwitterung von As-haltigen Mineralen oder
durch menschliche Aktivitäten, wie Bergbau und Verhüttung von metallführenden Erzen oder auch
den Gebrauch von As-haltigen Pestiziden in der Landwirtschaft. Besonders die Belastung von Flussauenböden durch die unkontrollierte Verteilung von As-haltigem Bergbauabraum ist von hoher ökologischer Relevanz. Ein Beispiel für einen derart belasteten Standort sind die Auenböden der Ogosta,
einem Fluss in Nordwestbulgarien. Diese Böden wurden durch die wiederholte überflutungsbedingte
Deposition verschiedenbelasteter Sedimente geformt, die vom Abbau sulfidischer Erze flussaufwärts
stammen. Die Böden sind gekennzeichnet durch extrem hohe As Konzentrationen (≤40.3 g/kg) und
erhöhte Mangan (Mn) Konzentrationen, die durch den Eintrag von Mn-reichem Bergbauabraum entstanden sind. Kalkreiche Ausgangsgesteine verhindern die Bildung von ansonsten weit verbreitetem,
schwefelsäurehaltigem Grubenabwasser in diesem Gebiet. Die oxidative Verwitterung von As-reichem, sulfidischem Abraum resultiert in vielen Fällen in der Ausfällung von schwachkristallinen Eisen (Fe)(III)- Arsenat (As(V)) Präzipitaten. Diese Materialien kontrollieren oft die As-Löslichkeit in
abraumbelasteten Böden, aber ihre mineralogische Identifizierung ist aufgrund ihrer fast amorphen
Eigenschaften eine Herausforderung. Mangan-oxide sind starke abiotische Oxidationsmittel in Böden
und ihre Reaktivität in der Oxidation von Arsenit (As(III)) zu As(V) wurde experimentell bewiesen.
Ihr Einfluss auf die chemische Speziierung von As und den damit verbundenen Eintrag von As ins
Bodenwasser während Überflutungsereignissen ist allerdings grösstenteils unbekannt. Das Ziel dieser
Doktorarbeit war es, chemische und mineralogische Einflussfaktoren, die eine hohe Relevanz für die
Ogosta Auenböden haben, auf die As Speziierung und Bioverfügbarkeit zu untersuchen.
Die As Bioverfügbarkeit aus Fe(III)-As(V) Kopräzipitaten als eine Funktion des Fällungs-pH (1.58) und von molaren Fe/As Verhältnissen (0.8-8) wurde mit Hilfe eines in vitro Tests untersucht. Die
Kopräzipitäte enthielten variable Anteile von amorphen eisenarsenat (AFA)-artigen Ausfällungen und
Ferrihydrit. Die Bioverfügbarkeit von As(V) aus den Kopräzipitaten, die bei pH 1.5-4 gefällt wurden,
war von der Löslichkeit der AFA-artigen Ausfällungen und der Adsorptionskompetition mit Sulfat

IX

bestimmt. Die Bioverfügbarkeit war am höhsten in Kopräzipitaten, die bei pH 3-4 ausgefällt wurden
(5.8±1.3 %). In Kopräzipitaten, die bei pH 6-8 ausgefällt wurden, war die Adsorption von As(V) an
Ferrihydrit der Hauptbindungsmechanismus für As(V). Diese Kopräzipitate wiesen die niedrigste As
Bioverfügbarkeit auf (3.7±0.5 %). Die Ergebnisse dieser Studie haben die starke Abhängigkeit der As
Bioverfügbarkeit aus Fe(III)-As(V) Kopräzipitaten von den Fällungsbedingungen und somit den mineralogischen Eigenschaften der Kopräzipitate gezeigt.
In einem vereinfachten Modellexperiment wurde der Einfluss von Birnessit (einem Mn(III/IV)oxid) auf die Fe und As Speziierung während mikrobiell reduzierender Bedingungen erforscht. Arsenathaltiger Ferrihydrit wurde mit Zellen des Bakterienstamms Shewanella sp. ANA-3 in Anwesenheit
von steigenden Birnessitkonzentrationen inkubiert. Weitere abiotische Experimente zeigten, dass die
As(III) Oxidation an Birnessit unter reduzierenden Bedingungen vernachlässigbar ist. Demgegenüber
resultierte die rasche Oxidation von Fe(II) in der Ausfällung von Ferrihydrit, an dessen Oberfläche
As(III) adsorbierte. Diese Studie hat den indirekten Einfluss von Mn-oxiden auf die Arsenretention
unter mikrobiell reduzierenden Bedingungen aufgedeckt.
Die chemische As Speziierung und Auswaschung aus Mn-reichen Bodenschichten wurde in einer Säulenstudie untersucht. Flussauenboden der Ogosta wurde mit verschiedenen Mengen Birnessit angereichert und mit anoxischem, synthetischem Flusswasser perkoliert. Die Bodenschichtung
wurde simuliert, indem Bodenmaterial mit verschiedenen Mn Gehalten in einer Säule übereinander
plaziert wurde. Die As Auswaschung wurde durch die Anwesenheit von Birnessit stark verringert.
Röntgenabsorptionsspektroskopie bestätigte, dass dies eine Folge der verstärkten As(III) Adsorption,
wahrscheinlich an neuausgefälltem Ferrihydrit, war. Allerdings wurde die geringe As Auswaschung
auch durch verminderte mikrobielle Aktivität verursacht, da die dominante Mn Reduktion den pH
Wert ansteigen liess. Die Ergebnisse dieser Studie zeigen, dass erhöhte Birnessitkonzentrationen die
reduktive As Auswaschung aus dem Boden verringern und dass Mn-reiche Bodenschichten gelöstes
As aus angrenzenden Bodenschichten akkumulieren können.
Diese Doktorarbeit hat die Wichtigkeit von Fe für die Adsorption und Kopräzipitation von As in
kontaminierten Flussauenböden aufgezeigt. In hochkontaminierten Böden kann die oxidative Verwitterung von primären Sulfidmineralen in einer ansonsten karbonatgepufferten Bodenmatrix zu lokal
stark unterschiedlichen Ausfällungsbedingungen für sekundäre Fe(III)-As(V) Kopräzipitate führen.
Die resultierenden mineralogischen Eigenschaften dieser Materialien haben nachweislich einen Effekt
auf die As Bioverfügbarkeit. Es konnte ausserdem gezeigt werden, dass Mn-oxide einen wichtigen
Einfluss auf die As und Fe Speziierungsdynamik während Überflutungsereignissen haben. Weil die
X

Auswaschung von As und Fe in reduzierten Böden parallel verläuft, kann die As(III) Adsorption an
neuausgefälltem Ferrihydrit in der Anwesenheit von Mn-oxiden als ein verbreiteter Prozess betrachtet werden. Zusammenfassend liefern die Ergebnisse dieser Doktorarbeit wichtige Informationen für
die Risikoeinschätzung im Ogosta Flussgebiet, haben aber auch Bedeutung für andere kontaminierte
Standorte.
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1

Introduction

1.1. Overview
Arsenic is a widespread and potentially toxic metalloid, which is causing health issues to humans
worldwide due to its presence in drinking water.1 The long-term exposure to low As concentrations
has various adverse health effects, including arsenicosis, severe skin diseases, cardiovascular diseases,
diabetes and multiple forms of cancer.2,3 Due to the acute and chronic toxicity of As, the WHO has
recommended drinking water limits for As concentrations, and lowered them in 1993 from 50 µg/L
to 10 µg/L.4 In highly contaminated sites, the uptake of As from incidental soil ingestion or inhalation
is a major health concern.5 The speciation of As is key to understanding its fate in the environment. It
is therefore of paramount importance to unravel the biogeochemical processes leading to its speciation-controlled partitioning, in order to improve environmental safety and risk assessment.
The average crustal abundance of As is 2.5 mg/kg and it is present as a minor component in various
geological host rocks. Igneous and metamorphic rocks have an average As content of 1-10 mg/kg,
while sedimentary rocks generally contain 0.5-300 mg/kg.1 The highest As concentrations found in
rock forming minerals are encountered in sulfides, which are also important constituents of ore bodies.6 Pyrite (FeS2) is the main As-bearing sulfide mineral containing highly variable As concentrations
of up to 10 wt%.1,7,8 The weathering and dissolution of these parent materials contributes to the As
input into soils and sediments. Human activities are another source of As into soils, most importantly
mining and smelting, the use of As-containing pesticides and fertilizers in agriculture, wood preservatives, and fossil fuel combustion.
Riverine floodplain soils are frequently contaminated with As and other trace elements as a result of
upstream mining or industrial activities combined with the particulate (airborne, aqueous) or solute
transport of contaminated material. Riverine floodplains are highly productive and diverse ecosystems that form a link between the aqueous and terrestrial environment.9 The generally higher accumulation of organic C in periodically flooded soils than in terrestrial soils is a result of the deposition
of organic matter from fluvially-transported sediments, and the formation and burial of organic-rich
soil horizons.9 Due to the fertility and biodiversity found in riverine environments, they are often used
for grazing and agricultural purposes and are of high economic and cultural importance.10 Floodplain
1

Chapter 1
soils are prone to metal(loid) contamination because they are formed by the deposition of suspended
sediments from river water during flood events.11 The topography of the floodplains can be highly
variable. The spatial distribution of topographic features determines flooding frequency, duration, and
flow velocity of flood water and topography is therefore a key factor for soil formation and contaminant distribution.11 Floodplain soils are recognized as a sink for fluvially-transported contamination,
but may act as a source of As when biogeochemical conditions change during flood events.
Flooding-induced reducing conditions in soils and sediments have been identified as the major
factor controlling the release of As into the aqueous phase and adversely affecting drinking water
supplies on a large scale.1,12,13 Soil flooding leads to water saturation of the soil pore space, thereby
limiting the diffusion of O2 into the soil. The initially available O2 concentrations are consumed mainly
by the respiration of aerobic microorganisms. After exhaustion of O2, facultative or strictly anaerobic
microorganisms couple the oxidation of organic matter to the reduction of alternative electron acceptors. The reduction of alternative electron acceptors generally follows the sequence NO3-, Mn(III/IV),
Fe(III), SO42- and CO2, in accordance with the free energy yield of the redox couples.14,15 However, the
dependence of Gibbs energies on the aqueous activities of reduced species may cause thermodynamic
reduction potentials to change.16 Additionally, due to heterogeneity and limited pore connectivity,
the reduction of electron acceptors having a different electron yield may proceed simultaneously. For
example, SO42- reduction can onset before the completion of Fe reduction due to the formation of micro-niches with lower redox conditions enriched in sulfate reducing bacteria.17 These biogeochemical
processes have a strong impact on the partitioning of As in soils, requiring their detailed investigation.
The following section will give an overview of As biogeochemistry in floodplain soils with special
focus on the impact of Fe- and Mn-oxides on As speciation and an introduction into the bioavailability of As to humans.

1.2. Arsenic biogeochemistry in soils
Arsenic can be introduced into floodplain soils as a dissolved species or by the deposition of As-containing particles. Since As is a redox-active metalloid, its speciation and fate in soils is highly dependent on the prevailing Eh and pH conditions as well as available sorption sites and coexisting ions.
In the aqueous phase, As is predominantly present in the form of oxyanionic acids. Under environmentally relevant oxic conditions (pH 3-11), arsenate (As(V); AsO(OH)3 with pKa1 = 2.3, pKa2 =
7.0) is stable, while under anoxic conditions arsenite (As(III); As(OH)3 with pKa1 = 9.2) prevails.18-20
At circumneutral pH values, As(V) is therefore present as H2AsO4- or HAsO42-, while As(III) forms a
neutral molecule (H3AsO30). Organic As compounds such as methylated As(V) or As(III) species may
2
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form at high microbial or plant activity, but are of minor quantitative importance to As speciation in
the environment.1 The formation of thioarsenic species such as thioarsenates (HxAsO4-nS4-n3-x; n and
x ≤ 3) and thioarsenites (HxAsO3-nS3-n3-x; n and x ≤ 2) has been shown to be significant in high sulfide
environments at neutral pH,21 and may also play a role in mining-impacted environments as a result
of oxidative weathering of arsenian pyrite, arsenopyrite (FeAsS), and orpiment (As2S3).22
Adsorption and precipitation reactions are the dominant processes controlling the speciation of As
in soils. The adsorption of the negatively to neutrally charged As oxoanions is largely dependent on
the pH-dependent surface charge of soil components and the presence of coexisting ions. In line with
the general adsorption envelopes of polyprotic acids, As(V) and As(III) exhibit sorption maxima close
to their pKa1 values, resulting in increased adsorption of As(V) at acidic pH and sorption maxima of
As(III) at basic pH values. 23-25
Numerous studies have reported the association of As(V) in oxic (floodplain) soils and sediments
with Fe(III)-(oxyhydr)oxides.13,26-30 The sorption complex of As(V) on Fe- and Al-oxides has been
identified to be dominantly of monodentate-binuclear (bridging) nature (Figure 1.1a).31,32 The occurrence of a bidentate mononuclear complex33 and outersphere complexes34 has been shown, but
these are regarded to be of minor importance. Surface precipitation of As(V) on hydrous ferric oxide
was also observed.35 Jarosite ((K,Na,H3O)Fe3(SO4)2(OH)6) and schwertmannite (Fe8O8(OH)8−2x(SO4)
; x = 1-1.75) are important As(V) adsorbants under acidic high sulfate conditions often prevailing in
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mining impacted soils, and As(V) is adsorbed via inner-sphere complexes after the replacement of
sulfate.36-38 Clay minerals (phyllosilicates, aluminosilicates) are abundant in most soils and may act
as important As(V) sorbents.24 Arsenate was shown to form monodentate-binuclear (bridging) complexes with aluminol surface sites during adsorption to kaolinite.39 However, adsorption complexes
of As on different clay minerals showed low stability as indicated by high desorbed fractions (1 mM
KH2PO4/K2HPO4).40
In contrast to As(V), As(III) sorbs only to a limited extent to most soil minerals, except for
Fe(III)-(oxyhydr)oxides, where As(III) adsorption may exceed As(V) adsorption at pH ≥7.25 The
dominant surface complex of As(III) on Fe(III)-(oxyhydr)oxides was also shown to be of binuclear monodentate (bridging) nature, however, other complexes may coexist.33 Despite similar sorption
mechanisms, As(III) complexes on ferrihydrite were shown to be far more labile than As(V) complexes during leaching experiments, hence As(III) is generally considered the more mobile As species.41
The association of As with natural organic matter (NOM) in organic-rich environments may result
in As sequestration42 or enhanced mobility by the formation of stable colloids.43 The primary binding
mechanism was identified as ternary complex formation of As(III) or As(V) with Fe.44,45 Recent find3
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ings also support the direct binding of As(III) to 2-3 sulfhydryl groups in natural organic matter under
reducing conditions in a minerotrophic, naturally As-enriched peatland.46
In soils, the sorption behavior of As can be strongly altered by the presence of other ions. Due to
the similar molecular structure, phosphate has the strongest competitive effect on As(V) adsorption
and affects both As(III) and As(V) adsorption.25 The application of fertilizers may therefore enhance
As desorption from soil. Elevated CO2 concentrations typically occur in soils and sediments due to
microbial respiration.23 Competitive effects of carbonate on As sorption to hematite were observed to
be of importance at neutral pH for As(V),47 which is in line with the increased affinity of bicarbonate
(HCO3-) for Fe-oxide surface sites.48 As(III) sorption was lowered at a wide range of pH values in the
presence of HCO3-.47 Silicate polymerization on hematite was also shown to decrease As adsorption at
circumneutral pH conditions.49 Although As(V) is known to be the stronger sorbent, competition of
As(V) with sulfate for sorption sites on Fe-(oxyhydr)oxides may exert an impact on As speciation in
acidic sulfate-rich systems.50
Arsenic may also alter mineral transformation reactions. Mineral reduction, transformation or dissolution may be decelerated in the presence of adsorbed As.51-53 At high As solution activities, secondary As-bearing minerals can precipitate (c.f. section 1.2.1).54 The formation of As-bearing sulfides
such as arsenopyrite and arsenian pyrite (Fe(S,As)2) in the presence of Fe(II) or orpiment and realgar
(As4S4) at low Fe(II) concentrations under reducing conditions are of importance for As(III) sequestration.20,55
Changes in As oxidation state exert a strong control on As partitioning in the environment. The
homogenous oxidation of dissolved As(III) to As(V) by O2 is a slow process.56 The abiotic oxidation
of As(III) in contact with Fe(II) in aerated water,57 or after adsorption on mineral surfaces such as
Mn-oxides was shown to significantly accelerate As(III) oxidation.58,59 Abiotic reduction of As(V) to
As(III) can be mediated by H2S under acidic conditions (pH<4).60 In many soils, the dominant control
on As redox transitions is microbial activity.1 Being a molecular analogue of phosphate, As(V) may
enter microbial cells through a phosphate transporter system. There are several known detoxification
mechanisms.61 For example, a well-studied detoxification pathway involves As(V) reduction inside the
cytoplasm using the ArsC enzyme system and subsequent transport of As(III) outside of the cell by
efflux pumps. This mechanism is however only activated at dissolved As concentrations ≥100 µM.20,62
While detoxification is an energy consuming process, some microorganisms have been found to also
couple As(V) reduction with respiration.61-63 The desorption of As(V) prior to microbial reduction
was proposed due to the situation of the reductases inside the cell.64 Microbial oxidation of As(III) has
also been described to occur for both detoxification or respiration and is of interest in the context of
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As(III) bioremediation.61,65,66
1.2.1. Impact of iron on arsenic speciation
The speciation and fate of As in riverine floodplain soils is intimately related to the presence of
Fe(III)-(oxyhydr)oxides. Goethite (α-FeOOH) is thermodynamically stable over a wide Eh and pH
range in temperate regions, while in warm, humid regions hematite (Fe2O3) is the dominant Fe-oxide. Ferrihydrite (∼Fe5HO8·4H2O), a hydrous ferric oxide, is often the initial product of rapid Fe(II)
oxidation and is present in environments where crystallization is inhibited.67 Due to its high surface
area, as a result of poor crystallinity, it is the most reactive Fe(III)-(oxyhydr)oxide in soils and occurs
as a particle coating or concretion in soils. Soil extraction with oxalate or ascorbate/citrate targets
the poorly crystalline Fe(III) pool in soils and is regarded an approximation of their arsenate and
phosphate sorption capacity, highlighting the importance of hydrous ferric oxides on the fate of these
molecules.30,67
Flooding-induced microbial soil reduction leads to the dissimilatory reductive dissolution of
Fe(III)-(oxyhydr)oxides, which accompanied by a speciation change of As(V) to As(III) is widely
agreed on to be the main cause for elevated As solution concentrations.1,20 The onset of Fe(III) reduction takes place after the exhaustion of O2, NO3- and Mn(III/IV), all of which are also abiotic oxidants
of Fe(II).68 Given the poor solubility of Fe(III)-(oxyhydr)oxides in soils, Fe(III) reduction was proposed to be partly due to electron shuttling, involving the microbial reduction of humic acids and the
subsequent chemical reduction of solid-phase Fe(III) minerals.69,70 Ferrihydrite is thermodynamically
the least stable of the Fe(III)-(oxyhydr)oxides found in soils and is therefore preferentially reduced by
microbes.71 However, in contrast to goethite reduction, the microbial reduction of ferrihydrite results
in a suite of recrystallization reactions, which have implications for As retention.20 The desorption of
As from ferrihydrite coated sand under advective flow and microbially reducing conditions can be
a result of As(V) reduction to less strongly sorbed As(III),72 the reductive dissolution of the Fe(III)
mineral, or the recrystallization of the Fe(III) sorbent phase, resulting in lower surface area.73 During
microbial reduction of ferrihydrite, however, As(III) may rather be incorporated into newly formed
magnetite (Fe3O4), carbonate green rust (Fe(II)4Fe(III)2(OH)12CO32-·2H2O) or siderite (FeCO3).74-76
Additionally, in natural soils under prolonged reducing conditions and in the presence of reduced S
species, the precipitation of As(III) in sulfides is often the main control on As sequestration.1
At very high As concentrations and acidic pH, often as a result of mining related contamination,28,54,77,78 the importance of inner-sphere sorption of As(V) to Fe(III)-(oxyhydr)oxides can decrease due to As(V) mineral precipitation.54 Secondary As(V)-bearing minerals such as scorodite
5
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Figure 1.1. a) Illustration of suggested inner-sphere As(V) surface adsorption complexes on ferrihydrite (structure adapted from Michel et al.83). The most stable complex (monodentate-binuclear (bridging)) is marked in bold letters. Proposed
As(V) coordinations in local atomic AFA structures are given in b) and c). In b) the scorodite-like framework model is
displayed, while c) shows the butlerite-like chain model.

(FeAsO4·2H2O) and amorphous ferric arsenate/pitticite (AFA; Fex(AsO4)y(SO4)z·nH2O), arseniosiderite (Ca2FeO2(AsO4)3∙2H2O) or pharmakosiderite (Fe4(AsO4)3(OH)3·6H2O) can form at high As and
Fe solution activities in oxic environments.6,54 The local structure of AFA is still a matter of debate due
to analytical constraints imposed by the poor crystallinity of the phase. Based on X-ray absorption
fine structure studies, AFA was postulated to consist of single chains of corner-sharing Fe(O,OH)6
octahedra with bridging AsO4 tetrahedra alternating along the chains (Figure 1.1c).79 However, other
studies support the classical framework model for AFA with a local structure similar to scorodite (i.e.
the As(V) tetrahedra are coordinated to four FeO6; Figure 1.1b).80,81 Poorly crystalline or amorphous
secondary As(V)-Fe(III) precipitates often control As solubility and bioavailability in mining impacted soils and are therefore of high environmental concern.82
1.2.2. Impact of manganese oxides on arsenic speciation
Manganese oxides are ubiquitous in soils and sediments and play a key role in the biogeochemical
cycles of metals and metalloids.84,85 In soils worldwide, Mn is on average forty times less abundant than
Fe (Mnsoil = 1000 mg/kg (range: 20-10000 mg/kg); Fesoil = 40 000 mg/kg (range: 2 000-550 000 mg/
kg).23 However, due to the occurrence of Mn-oxides as coatings and fine-grained aggregates with large
specific surface areas, they are characterized by a high geochemical reactivity.84 In mining-impacted
areas, Mn can be enriched in contaminated soils due to its accumulation in mine wastes. The primary
minerals in these wastes are Mn(II) carbonates such as rhodochrosite (MnCO3) and manganoan carbonates ((Ca,Mn)CO3).86,87 Weathering of these minerals results in the formation of Mn(III/IV)-ox6

Arsenic biogeochemistry in soils
ides.88 Manganese oxide enrichments may also form as nodules in soils experiencing fluctuating water
tables,89 in hyporheic zones,90 and above shallow aquifers.91
Since the abiotic oxidation of Mn2+ proceeds very slowly, Mn-oxides are dominantly of biogenic (bacterial or fungal) origin.88,92-95 Manganese oxides may also form by the chemical oxidation of
Mn(II) at Fe- and Mn-(oxyhydr)oxide surfaces.96,97 After their formation, the subsequent ageing may
occur as a function of various factors (including pH, temperature, light, organics and Mn-oxide surfaces present), resulting in the formation of more crystalline birnessite-type minerals ([Na,Ca,Mn(II)]
Mn7O14·2.8H2O) .93,98 Birnessite-group minerals are the most abundant Mn-oxide phases in soils and
sediments.84 These phyllomanganates vary in unit-cell symmetry and crystallinity, and consist of octahedral MnO6 layers stacked along the c-axis and separated by a single layer of H2O. Other important
Mn-oxides in soils are lithiophorite (LiAl2[Mn(IV)2Mn(III)]O6(OH)6) (layer structure) and todorokite ((Ca,Na,K)0.3-0.5[Mn(IV),Mn(III),Mg]6O12·3-4.5H2O) (tunnel structure).99 Due to their low pHpzc
(pH 1.7-3.5),100 Mn-oxide surfaces are negatively charged at circumneutral pH and therefore have a
high sorption potential for cations in soils, however they are of minor importance for As adsorption.
Manganese oxides are regarded the strongest abiotic oxidants in soils with the capability to oxidize
a variety of redox-sensitive metal(loids) and organic molecules.58,101-106 The mechanism of heterogeneous As(III) oxidation by Mn-oxides has been addressed in laboratory studies using synthetic107,108 and
natural58,109,110 Mn-oxides. The observed oxidation kinetics of As(III) on δ-MnO2 was reported to be
of first order with an apparent rate constant kobs up to 4.1 h-1.111 The oxidation mechanism of As(III)
on δ-MnO2 has been shown to proceed via several simultaneous reactions, involving As(III) oxidation, Mn(IV) reduction to Mn(II), Mn(II) sorption and comproportionation of Mn(IV) and Mn(II)
to Mn(III). The average oxidation state of the Mn oxide, as well as adsorbed As(V) and Mn(II) have a
strong impact on the minerals’ reactivity.112,113
The coexistence of other compounds in soils may strongly alter Mn-oxide reactivity. Passivation of
reactive Mn-oxide surface sites by different processes like competitive sorption (e.g. PO43-, Zn2+),114,115
accumulation of metabolism products 116, presence of other reduced species (e.g. Fe(II), Mn(II)) 117,118,
or bacterial tissue 114,119 has been shown to lower As(III) oxidation in laboratory studies. Recent studies
showed the transformation of hexagonal birnessite in the presence of elevated Mn(II) concentrations
into manganite (γ-MnOOH; pH 7-8) or hausmannite (Mn(II)Mn(III)2O4; pH 8-8.5) with feitknechtite (β-MnOOH) as an intermediate phase.120,121 Arsenite oxidation was shown to be inhibited by the
adsorption of Mn(II) on biogenic Mn-oxide,118 probably owed to slow transformation kinetics into
As(III)-oxidizing Mn(III)-hydroxides. The oxidation of Fe(II) on synthetic MnO2 in a sediment suspension resulted in enhanced As sequestration,122 however As was likely present as As(III) adsorbed to
7
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Fe(III)-(oxyhydr)oxide due to passivation of the MnO2 surface by Fe(III) mineral precipitation.
Manganese oxides are thermodynamically more favorable for microbial reduction than Fe(III)-(oxyhydr)oxides, notable by a characteristic separation of these elements in periodically flooded soils.
This separation is further enhanced by fast rates of abiotic Fe(II) oxidation on Mn-oxides.103,123 Under
microbially reducing conditions, Mn-oxides may act as thermodynamic buffers, delaying the reductive
transformation of Fe and As. Secondly, abiotic oxidation may re-oxidize microbially reduced As(III)
and Fe(II). Ying et al.124 incubated As(V) adsorbed to Fe- and Mn-oxide coated sand inoculated with
Shewanella ANA-3 and concluded that under reducing conditions As(III) re-oxidation on Mn-oxide
surfaces ceases due to microbially mediated Mn(IV) reduction accompanied by the buildup of Mn(II)
concentrations. However, the interrelation of biotic and abiotic processes controlling As speciation
under microbially reducing conditions in the presence of Fe and Mn remained largely unknown at the
start of the present doctoral project.

1.3. Bioavailability and bioaccessibility of arsenic
Arsenic can cause acute or chronic toxicity in humans and its adverse health effects are recognized
to be a global issue.1,125,126 The major health concern raised by As is chronic exposure via the consumption of As-containing drinking water.2 A prominent example for this is the large-scale poisoning
of millions of people in South-East Asia.1,13,127,128 In many anthropogenically contaminated sites, like
mining impacted areas, the drinking water sources are separated from As-rich soils and sediments,
rendering incidental ingestion of soil or dust particles the major exposure pathway.129-131 Young children are especially endangered due to their mouthing behavior and low body weight.132
Bioavailable As is defined as the portion of As that is taken up into the systemic circulation from
the gastrointestinal tract.130 From the aqueous phase, As is readily taken up through the intestinal
epithelium into the systemic circulation, creating a linear relationship between aqueous concentration and bioavailability. The assessment of As bioavailability from the solid phase after incidental soil
ingestion is more complicated, because of the incomplete desorption/dissolution of As from the solid
phase. In order to account for this discrepancy, the relative bioavailability (RBA; as in the portion of
As measured in blood or urine after soil ingestion divided by the portion of As measured in blood or
urine after ingestion of sodium arsenate salt) of As is determined. The assessment of As RBA is carried
out in in vivo assays by measuring As in urine, blood, and/or feces after the ingestion of As-containing soil by animals such as swine, monkeys, rabbits, and mice.129,133-136 These procedures are ethically
challenging and also of a complicated, time consuming and expensive nature. In order to overcome
all the before mentioned downsides, in vitro extractions have been developed. These assays simulate
8
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human gastrointestinal conditions, and the portion of As that is dissolved during extraction is termed
bioaccessible As. A crucial quality factor for such in vitro assays is the correlation of obtained values
with in vivo results.133,137
In vitro As bioaccessibility assays were developed to mimic important biochemical parameters controlling As release in the gastrointestinal tract, such as pH, residence time, chemical composition of
gastrointestinal solutions and liquid-to-solid ratio.138 The most commonly used methods include the
physiologically based extraction test (PBET),139 Deutsches Institut für Normung e.V. (DIN),140 Solubility Bioaccessibility Research Consortium (SBRC; the gastric part of this assay was formerly referred to
as SBET),141,142 and in vitro gastrointestinal (IVG).143 An overview of in vitro As bioaccessibility assays
that have been successfully validated by in vivo-in vitro comparisons is given in Basta et al.138 Since in
vitro assays vary in the before mentioned parameters, ongoing research is concerned with their comparative evaluation.137,142,144,145
The release of As into solution during in vitro extraction depends on soil mineralogy, composition,
and particle size. Meunier et al.146 showed that the highest bioaccessibility of As was measurable from
Ca-Fe arsenates, while scorodite and arsenopyrite exhibited low solubility. Various studies associated
low As bioaccessibility with high amounts of Fe-oxide minerals in soils.131,146-149 Beak et al.150 reported
low bioaccessibility of As (0-5 %; IVG assay) from As-adsorbed ferrihydrite. Sorption competition of
As with phosphate may increase its solubility, or competition with phosphate may occur during the
translocation of As into the systemic circulation, thereby decreasing As bioavailability.151,152 Despite
the high environmental relevance of poorly crystalline secondary As(V)-Fe(III) mineraloids and their
dominant control on As release after incidental ingestion, there was a lack of data concerning bioaccessibility of As from such mineraloids at the start of this project.

1.4. Arsenic contamination in the Ogosta River floodplain soils
One example for polluted riverine floodplains are the floodplain soils of the Ogosta River, which
are highly contaminated with As and heavy metals (e.g. Cd, Cu, Pb, Zn) due to historic mining activities.153 The river catchment is situated in the north-west of Bulgaria and comprises 3110 km2. Exceeding a length of 144 km, the Ogosta River connects the Balkan Mountains with the Danube River and
forms one of the largest Bulgarian tributaries to the latter.154
Mining and ore processing was carried out exploiting the Fe-, Au-, Ag-, Pb- and fluorite-barite-calcite-rich ore deposits of the Balkan Mountains. The ore body is hosted in low-grade metamorphic
rocks (marble and schist). The mining history in this area goes back to 200 B.C., however recent intense mining activities took place around the township of Chiprovtsi between 1951 and 1999.155,156 In
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Figure 1.2. a) The Ogosta River in northwest Bulgaria. b) Profile of contaminated river bank soil at Ogosta River containing up to 40.3 g/kg As and b) soil profile at Ogosta River exhibiting a Mn-rich layer (dark brown).

1964 a large tailing dam failure disseminated large amounts of As-bearing mine tailing material into
the floodplains downstream the mines. Until the reconstruction of tailings impoundments, the waste
slurries produced by ore-dressing were directly discharged into the river until 1979. Arsenic is present in the ore body in association with sulfide minerals, most importantly Fe-bearing sulfides such
as pyrite (FeS2) and arsenopyrite (FeAsS). These minerals were formed under anoxic conditions and
undergo oxidation after exposure to the atmosphere. Previous studies have revealed As concentrations
as high as 40.3 g/kg in the floodplain soils of Ogosta River and that As is mainly present as As(V) associated with poorly crystalline Fe(III)-(oxyhydr)oxides, with minor amounts sequestered as As(-I) in
primary sulfide minerals (Figure 1.2b).28
The floodplain soils of Ogosta River are in many cases calcareous due to carbonate-rich host rocks
and therefore exhibit circumneutral to slightly acidic pH values despite sulfide weathering in the dispersed mine tailings.155,156 Periodic flooding of the Ogosta River basin accompanied by sediment
transport has led to the formation of strongly stratified Fluvisols (e.g. Figure 1.2b,c). As a result, the
soils are characterized by highly varying As, Fe, and Mn concentrations.28,156 Manganese-rich strata
were formed by the dissemination of Mn-rich mine tailing material (Figure 1.2c),87 which is also the
reason for a positive relation between As and Mn concentrations in the soils.
The riverine floodplains of Ogosta River are used for agricultural purposes and river water is frequently used for irrigation, stressing the importance of environmental risk management of this highly
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polluted site. This doctoral project is part of a joint Swiss-Bulgarian research cooperation (funded by
the Swiss National Science Foundation), aiming at the improvement of risk assessment and prediction
of As leaching from the riverine floodplain soils.

1.5. Research objectives
The general objective of this thesis was to enhance our understanding of the biogeochemical processes that control As speciation with respect to the special geochemical conditions characterizing
the floodplain soils of the Ogosta River basin. However, since similar geochemical circumstances are
likely to prevail in other contaminated soils, the mechanistic insights gained during this thesis have
implications that extend beyond those of a case study.
Previous research on As speciation in the floodplain soils of Ogosta River highlighted the extremely
high As concentrations (≤40.3 g/kg) found in these soils.28 Arsenic was found to be dominantly present as As(V) adsorbed to poorly crystalline Fe(III)-(oxyhydr)oxides. However, in samples exhibiting
high As concentrations, a more disordered “As-HFO” phase was detected, pointing towards the dependence of As speciation on its concentration in the soils. Additionally, the soils of the Ogosta River
basin generally show a positive relation between As and Mn due to the deposition of Mn-carbonate
rich host rocks with mining waste.87 The impact of Mn-oxides on As speciation, especially under
flooding-induced microbially reducing conditions, had remained largely unstudied at the start of the
thesis.
The specific objectives of this thesis were therefore
(i)

to elucidate mineralogical controls on As(V) speciation and bioaccessibility in poorly crystalline Fe(III)/As(V) precipitates as compared to scorodite.

(ii) to gain mechanistic insight into the impact of birnessite on As and Fe speciation during
microbial soil reduction.
In the first part of the thesis (chapter 2) the speciation of As(V) in poorly crystalline Fe(III)/As(V)
precipitates was systematically assessed as a function of formation pH and molar Fe/As ratio and related to the bioaccessibility of As from these phases. Scorodite was included into the study since the
discussion on it being a structural crystalline analogue to amorphous ferric arsenate is still ongoing.
Additionally, we hypothesized that the comparison of the poorly crystalline phases to the highly-ordered scorodite would improve data interpretation. The characterization of the Fe(III)/As(V) phases
involved X-ray diffraction, transmission Fourier transformed infrared spectroscopy, electrophoretic
mobility, and thermogravimetric analyses as well as the determination of total element contents. The
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bioaccessibility of As was targeted by an in vitro assay simulating gastric conditions (SBET141). This
study provides new information on mineralogical controls on the bioaccessibility of As.
In the second part (chapter 3) the focus is drawn to the impact of birnessite on the speciation of As
and Fe under microbially reducing conditions. In a simplified batch experiment As(V)-bearing ferrihydrite was biotically incubated at pH 7.2 for 300 h in the presence of increasing birnessite concentrations. The bacterial strain Shewanella ANA-3 was used in the biotic incubation due to its capability
to respire Fe(III), Mn(III/IV) and As(V). The reactivity of birnessite towards As(III) and Fe(II) in
the presence of Fe(II) and Mn(II) as well as bacterial tissue and ferrihydrite was tested to disentangle
biotic and abiotic contributions to observed As and Fe speciation dynamics in the biotic experiment.
In addition to wet chemical analyses, X-ray absorption spectroscopy (XAS) was used to investigate
speciation changes of all three elements during microbial reduction. The results are discussed with
regard to microbial Mn, Fe, and As reduction and birnessite reactivity.
The aim of the third part (chapter 4) was to test the effect of Mn-rich soil layers on As speciation
and leaching during soil flooding. This part profited from the mechanistic insights in chapter 3. In
a simplified 2-layer column setup, As leaching from soil with varying Mn-oxide concentrations was
investigated over 30 days of anoxic flow. The effluent composition was monitored on a daily basis and
the speciation of As, Fe, and Mn was determined with spatial resolution in the initial and final column
solids using XAS. The results are discussed in the context of biogeochemical soil reduction, As and
Fe speciation dynamics as impacted by Mn-oxide and changes in Mn-oxide mineralogy during soil
reduction.
Finally, in the fourth part of this thesis (chapter 5) conclusions are derived from the insights gained
from the before mentioned studies and further research needs will be highlighted.
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Arsenic bioaccessibility from Fe(III)-As(V)
coprecipitates: Impact of Fe/As ratio and
synthesis pH

A manuscript based on this chapter will be submitted for publication as: Ehlert, K.; Mikutta, C.; Jin, Y.
and Kretzschmar, R. Arsenic bioaccessibility from Fe(III)-As(V) coprecipitates: Impact of Fe/As ratio
and synthesis pH.

Abstract
Poorly crystalline Fe(III)-As(V) mineraloids are common initial products of oxidative As-bearing
sulfide weathering, and they often control As solubility in mining wastes. In mining impacted soils,
micro-environments around weathering grains of primary minerals may lead to the formation and stabilization of Fe(III)-As(V) mineraloids under pH conditions significantly different from the bulk soil.
The formation conditions of Fe(III)-As(V) coprecipitates may exert a major control on the mineralogy and hence the stability of these solids towards As release after incidental soil ingestion by humans.
A set of Fe(III)-As(V) coprecipitates was synthesized at pH values ranging from 1.5-8 and molar
Fe(III)/As(V) ratios of 0.8-8. They were physico-chemically characterized by XRD, transmission
FT-IR, and electrophoretic mobility measurements, and the bioaccessibility of As was determined
using an in vitro assay. The coprecipitates were comprised of varying proportions of amorphous ferric
arsenate (AFA)-like solids and As-loaded ferrihydrite. The formation of AFA-like materials was detected in all precipitates up to pH 4. Coprecipitates formed at pH 6-8 were dominated by ferrihydrite.
The bioaccessibility of As in the precipitates formed at pH≤4 was controlled by the intrinsic solubility of the AFA-like solids and the presence of sulfate and was highest at formation pH 3-4 (5.8±1.3
%), while the bioaccessibility of As was generally lower in coprecipitates where As(V) was present
adsorbed to ferrihydrite (3.7±0.5 %). Overall, the bioaccessibility of As in the gastric solution was
≤7.1 % in the 1:100 solid-to-liquid extracts, but significantly increased with lower solid-to-liquid ratios. We conclude that Fe(III)-As(V) mineraloids exhibit the highest risk for As bioaccessibility when
formed at pH 3-4 in sulfate-rich environments.
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2.1. Introduction
Secondary Fe(III)-arsenate (As(V)) minerals and mineraloids, the latter defined as X-ray amorphous precipitates with variable composition, are commonly found in mine and ore processing wastes
or highly polluted mining impacted soils, and are among the most important scavengers of the toxic
metalloid As in such environments.1,2 Acid mine drainage,3 mine tailing dam failures,4,5 the discharge
of waste slurries containing solute and particle-associated As,6 the leaching of As from waste piles,7-9 or
airborne particle transport10 lead to the dispersal of secondary Fe(III)-As(V) mineral(oid)s or their in
situ formation from primary minerals, which may then pose a high risk of human exposure to As.11,12
The toxicity of As after incidental soil ingestion or inhalation depends on the stability of the As-bearing particles and can be highly variable based on physico-chemical conditions during mineral(oid)
precipitation.13
The precipitation of secondary As(V)-bearing mineral(oid)s during the oxidative weathering of
sulfidic Fe-containing mine wastes has frequently been found to result in the formation of scorodite
(FeAsO4∙2H2O), As-hydrous ferric oxides (HFO), or amorphous ferric arsenate (AFA, FeAsO4∙xH2O;
x = 4-7).1,2,14,15 In engineered systems, the coprecipitation of As(V) with Fe(III) is a common practice
for the stabilization of As(V) in acidic sulfate waste solutions.16 In both natural and engineered environments, poorly crystalline AFA-like mineraloids (X-ray amorphous Fe(III)-As(V) containing solids
with physico-chemical properties distinct to ferrihydrite, including AFA) often control the solubility
of As, due to comparably slow kinetics of scorodite formation.9,17 It is therefore important to elucidate
their mineralogical properties as defined by the formation conditions of the poorly crystalline Fe(III)As(V) coprecipitates, in order to understand and maximize As stabilization after mine waste disposal.
The mechanisms of arsenate interaction with Fe(III) have received considerable attention due to
their importance for the speciation of As in the environment. Arsenate has been shown to form an
inner-sphere monodentate-binuclear (‘bridging’) complex on the surface of ferrihydrite (pH 4, molar
Fe/As 185).18 A bidentate-mononuclear complex was also proposed,19 but regarded substantially less
important than the monodentate-binuclear complex.18,20 At equimolar As/Fe ratios and acidic pH (14) the formation of AFA has been observed.21-23 The structure of this poorly crystalline material is still
a matter of debate and was postulated as single chains of corner-sharing Fe(O,OH)6 octahedra with
bridging AsO4 tetrahedra alternating along the chains.21 The latter model deviates from the classical
framework model for AFA with a local structure similar to scorodite (i.e., the AsO4 tetrahedra are
coordinated to four Fe(O,OH)6 octahedra).24,25 The speciation of As in poorly crystalline Fe(III)-As(V)
mineraloids formed at varying pH and molar ratios has been addressed in several studies. In copre-
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cipitation experiments, the formation of AFA was observed at low pH (1-4.5) and molar Fe/As ratios
of 1-421 or at pH 2-8 at equimolar Fe/As,23 and the precipitates exhibited increasing contributions of
ferrihydrite with increasing Fe/As ratios and pH. Mechanisms of As uptake by ferrihydrite were distinguished as surface adsorption, meaning the formation of an inner-sphere sorption complex of AsO4
on FeO6 octahedra, and surface precipitation as in the formation of AFA. These mechanisms were
proposed to vary in importance as a function of pH26,27 and sorption density of As.28
With the accidental dispersal of mining waste materials, adjacent soils may receive high loads of
primary or secondary As-bearing mineral(oid)s, which are unstable and subject to transformation
during weathering and pedogenesis.1 However, the persistence of AFA-like secondary mineral(oid)s
may be favored regardless of the pH conditions in the bulk soil due to the combination of slow dissolution kinetics and persistently supersaturated micro-environments near primary minerals.1,4
Especially in the context of the reclamation of former mining areas and agricultural use of contaminated soils, human and animal exposure to As through incidental soil ingestion is an important health
concern.29-31 The bioavailable fraction of As in soils is defined as the fraction of As that is absorbed
into the systemic circulation and tested by in vivo assays, while the bioaccessibility of As refers to the
fraction of As that is soluble in the gastrointestinal tract and is assessed by in vitro assays. In vivo animal assays were developed in order to assess the bioavailability of As in humans after soil ingestion.32,33
However, these assays are time consuming and ethically questionable and are therefore increasingly
replaced by in vitro assays, which simulate gastric or gastrointestinal conditions and correlate strongly
with in vivo assays.34,35 Examples include the physiologically based or simplified bioaccessibility extraction tests (PBET or SBET, respectively), and the in-vitro gastrointestinal assay (IVG).36-38 In agreement with the predominant As(V) speciation in soils, the bioaccessibility of As is widely agreed on
to be correlated with the amorphous and poorly-crystalline Fe-(oxyhydr)oxide fraction.30,39-41 Despite
the dominant control of secondary Fe(III)-As(V) mineral(oid)s on the bioaccessibility of As, only few
studies have focused on the bioaccessibility of pure minerals. The bioaccessibility of As was <0.13 %
from scorodite (PBET; pH 1.8)42 and 0-5 % when As was adsorbed to ferrihydrite (IVG; pH1.838).43
To date, no data is available on the bioaccessibility of As from AFA-like materials. However these data
are needed in order to better understand the associated risk with AFA-like mineraloids in the environment.
Mineralogical properties of X-ray amorphous Fe(III)-As(V) materials and hence their solubility in
the gastro-intestinal environment may vary as a function of environmental formation conditions (notably pH and molar Fe(III)/As(V) solution ratio). Therefore, we have synthesized and physico-chemically characterized a set of 35 coprecipitates at a wide range of molar Fe/As ratio (0.8-8) and pH (1.527
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8). The mineralogical properties of all coprecipitates were linked to the in vitro BA of As.

2.2. Materials and Methods
Standards and reagents: All chemicals were of analytical grade and all solutions were prepared
with doubly deionized (DDI) water (Milli-Q, Millipore, ≥18.2 MΩ cm). All glass and plastic containers were washed with 10 %v/v conc. HCl and rinsed with DDI water before use.
2.2.1. Syntheses
For the synthesis of Fe(III)-As(V) coprecipitates at ambient temperature (25±3°C) and pressure at
different pH and molar Fe/As ratios, a steady pH coprecipitation setup was used. In order to prepare
solutions of the target molar Fe/As ratios (0.8, 1.6, 2.4, 3.2, 4.8 and 8) appropriate amounts of stock
solutions of 0.4 M Fe(III) (Fe2(SO4)3∙5.6H2O) and 0.5 M As(V) (Na2AsHO4∙7H2O) were added into
250 mL glass flasks yielding a final Fe concentration of 0.16 M and varying final As concentrations.
The pH was adjusted with conc. H2SO4 to 1.1 and the volume was filled up to 250 mL with DDI water.
In order to start the coprecipitation at constant pH, the Fe(III)-As(V) solution was pumped from the
glass flask into a glass beaker containing 100 mL DDI water using a peristaltic pump. The glass beaker
contained a magnetic stirrer, a thermometer and a pH electrode which was connected to an automatic
titration device (Titrando 851, Metrohm, Switzerland). Syntheses were carried out at pH 1.5, 2, 2.5, 3,
4, 6, and 8. The acid pH created by the addition of the Fe(III)-As(V) solution was adjusted by addition
of 1 M CO2-free NaOH solution by the titration device based on pH readings and the pH was recorded
throughout the precipitation process. Synthesis duration was ~25 min with an initial pump rate of 1.7
mL/min that was raised within ~8 min to 11.7 mL/min until exhaustion of the Fe(III)-As(V) solution.
After the Fe(III)-As(V) solution was completely added, the suspensions were stirred at constant pH
for 1 h, and the coprecipitates then centrifuged (3500 g, 30 min) and the supernatant was replaced
with DDI water. This procedure was repeated until the electric conductivity of the supernatant was
<100 µS/cm. The slurry was shock-frozen by dropwise addition into liquid N2 and freeze-dried. The
dried coprecipitates were crushed with agate mortar and pestle and stored in brown glass bottles in
a desiccator. Coprecipitates will be referred to as ‘RxpHy’, where ‘x’ refers to the molar Fe(III)-As(V)
ratio in the initial solution and ‘y’ to the synthesis pH.
Ferrihydrite was synthesized at pH 6 by the method described above. Scorodite was synthesized
in a Schott glass bottle from 250 mL solution containing 0.1 M Fe(III) (Fe2(SO4)3∙5.6H2O) and 0.2
M As(V) (Na2AsHO4∙7H2O). The pH was adjusted to pH 2 with conc. H2SO4. The bottle contained a
magnetic stirrer and was immersed into a silicon bath at 100°C for 3 days. Thereafter, the suspension
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was cooled at ambient temperature to 23°C and washed with DDI water until the supernatants’ electric
conductivity was <50 µS. The washed precipitate was shock-frozen in liquid N2 and then freeze-dried.
Crystalline scorodite was confirmed by XRD (X’Pert3 Powder, PANalytical; X’celerator detector with
fixed anti-scatter slits; Co Kα radiation; 5° - 95° 2θ, 0.017° 2θ step size, 0.012°/sec; Figure A.5).
2.2.2. Characterization of coprecipitates
Total element contents (Fe, As, Na, S) were determined after acid digestion with conc. HNO3 (n =
4) by inductively coupled plasma – optical emission spectrometry (ICP-OES; Vista MPX, Varian).
The detection limits defined as x̅blank+3σblank were 0.02, 0.20, 0.17, and 0.19 mg/L for Na, S, As, and Fe,
respectively (n = 70). The water content of each precipitate was determined by thermogravimetric
analysis (Mettler Toledo SDTA/TGA 851e). For the measurements, 3-6 mg sample were weighed into
an alumina crucible. The sample was purged with N2 gas for 15 min at 25°C in the analyzer, before
increasing the temperature (25-800°C) at 10°C/min. The water/hydroxyl content was defined as the
weight difference of the sample after drying at 25°C and the sample at 500°C, since the mass loss due
to dehydration/dehydroxylation was <0.03 wt.%/°C at 500°C (Figure A.2).44 The mean range between
duplicate measurements (n = 6) was 0.3 %.
Synchrotron X-ray diffraction experiments were performed at beamline 11-ID-B 45 of the Advanced
Photon Source (Argonne, USA) using an incident photon energy of ~58.7 keV (λ = 0.2114 Å). The
powdered samples were loaded into 1-mm o. d. polyimide (Kapton®) capillaries and the scattered radiation was measured in transmission mode using an amorphous-Si detector system manufactured by
Perkin ElmerTM (2048 × 2048 pixels, 200 × 200 mm2 pixel size). A CeO2 standard (NIST diffraction
standard set 674a) was used to calibrate the sample-to-detector distance and the non-orthogonality
of the detector relative to the incident beam path. Conversion of scattering data from 2D to 1D was
done using the program Fit2D.46 A polarization correction was applied during integration of the data.
Direct subtraction of the sample holder was accomplished by the independent measurement of the
true background intensity of an empty polyimide capillary.
For the collection of infrared absorption spectra, samples were mixed with spectral grade KBr in
a weight ratio sample/KBr of 0.5 %. The mixture was homogenized with agate mortar and pestle and
pressed into pellets (0.1 g, Ø 13 mm) under vacuum. Spectra were collected in transmission mode
over a range of 4000-450 cm-1 with a resolution of 4 cm-1 using a Fourier transform infrared (FT-IR)
spectrometer (Frontier, Perkin Elmer Inc., USA) equipped with a MCT detector, and 64 scans were
averaged per sample. Data analysis was carried out using PeakFit 4.12 (Systat Software Inc.). The As-O
band was separated by sectioning the spectra at ~600 and ~1000 cm-1 (or ~1200 cm-1 if SO4 bands
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were present). The spectra were smoothed using a FFT filtering algorithm (40 %) and the background
was subtracted using a non-parametric function and manually set anchor points (examples for background-subtracted spectra and the determination of total As-O band area are given in the Appendix
(Figure A.7)). The second derivative of each spectrum was calculated and the Sawitzki-Golay algorithm was applied for further smoothing (20 points in window, second order polynomial).
To determine the isoelectric point (pHiep) as the point where the net particle charge equals zero, 25
mg sample were suspended in 1 L 50 mM KNO3 solution and left on a rotary shaker overnight.28,47
Thereafter the suspension was dispersed with an ultrasonic tip for 2 min and purged with N2 gas for
30 min for CO2 depletion. About 150 mL of well-mixed suspension were transferred into a beaker and
constantly stirred under N2 flux. The pH of the suspension was adjusted from low to high pH (3-8) in
±10 steps using 50 mM HNO3 or KOH solutions. For each step, after stabilization of the pH reading
(drift: <0.028 pH/min), 1.5 mL of suspension were transferred into a polypyrene cuvette and the electrophoretic mobility was measured in 10 runs comprising 10 cycles each using a ZetaPALS Zeta Potential Analyzer (Brookhaven Instr. Corp.). A BI-ZR3 zeta potential reference material (Brookhaven
Instr. Corp.) which had a certified zeta potential of -53 ± 4 mV in 1 mM KCl was measured to verify
the accuracy of the method. The pHiep was determined by interpolating the data to zero electrophoretic mobility using a 4-parameter sigmoid function in SigmaPlot 13.0 (Systat Software Inc., USA). The
coefficients of determination (R2) were higher than 0.95 (n = 8-11) for all fits (except for the R4.8pH3
sample with R2 = 0.87), and the average standard error of the pHiep values was estimated at 0.17 (n =
34).
2.2.3. Arsenic bioaccessibility and iron extractability
The simplified bioaccessibility extraction test (SBET) is a one-step in vitro essay derived from the in
vivo-validated physiologically based extraction test (PBET)36 and has been developed due to the low
contribution of the intestinal phase to total BA of As.37,38,40 Briefly, 0.4 M glycine solution, a proxy for
gastric fluids, was adjusted to pH 1.5 with HCl (37 %) and added to dry sample in a weight ratio of
100 (glycine/sample). The mixture was incubated at 37°C for 1 hour in a rotary shaker. The pH was
measured before and after incubation. Subsequently, the suspension was filtered through a 0.22 µm
Nylon filter and the filtrate was analyzed by ICP-OES. The bioaccessibility of As and extractability of
Fe were calculated as given in eqs 2 and 3.
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Absolute values (g As or Fe per kg of freeze-dried solids) for extracted elements will be referred to as
AsSBET and FeSBET. The SBET experiment was conducted in triplicates. A reference soil (NIST 2711; total
As = 105±8 mg/kg) was extracted for quality control and the results from our study (BAAs = 56.5±1.1
%) were in good agreement with other studies that reported 59±2 %48 and 58.4±2.5 %.40
2.2.4. Statistical data treatment
Linear regressions of selected data to a significance level of p < 0.05 were calculated using Origin
(OriginLab, Northampton, MA). For the bioaccessibility of As and extractability of Fe, all data except
for pH and BAAs and EXFe were log10 transformed.

2.3. Results and Discussion
2.3.1. Elemental composition
Table 2.1 summarizes the elemental contents of all coprecipitates and scorodite. The colors of the
coprecipitates changed from white to dark brown with increasing molar Fe/As ratio and synthesis pH
(Figure A.1), as also observed previously.21,49 Initial molar Fe/As ratios were only kept in the dry coprecipitates formed at pH≥4 and molar Fe/As >1.6. At lower synthesis pH (≤3) As was preferentially
incorporated probably due to the inhibition of ferrihydrite formation at low pH, resulting in lower Fe/
As ratios than in the corresponding starting solutions. Coprecipitates from solutions with molar Fe/
As of 0.8 always had higher final molar Fe/As ratios ranging from 1.0 (R0.8pH1.5) to 2.4 (R0.8pH8).
Sodium was incorporated into the solids at high synthesis pH (pH 6, 8) and low molar Fe/As ratios.
Sulfate incorporation increased with increasing molar Fe/As ratio and was highest at intermediate pH
(3, 4). The water content of pure ferrihydrite and scorodite was 15.6 and 16.0 wt.% respectively, both
in agreement with previously reported values (Figure A.2).49,50 Coprecipitates formed at pH 1.5-4 generally had higher water contents (18.5±2.2 %), while the coprecipitates formed at pH 6-8 contained
15.8±1.4 % water (Welch’s t-test based p < 0.001). This difference was attributed to the increasingly
poorly crystalline nature of AFA precipitates formed at decreasing pH values by Le Berre et al.,23 but
may as well be connected to the ferrihydrite content of the coprecipitates.51
2.3.2. X-ray diffraction
Figure 2.1a shows synchrotron X-ray diffractograms of coprecipitates with an initial molar Fe/As
ratio of 2.4 synthesized at varying pH (2-8), and their second derivatives. The ferrihydrite diffractogram is plotted for comparison and shows the typical maxima at 2.5-2.6 and 1.5 Å d-spacing.26,28,52 In
contrast, the diffractogram taken from the precipitate synthesized at pH 3 with an initial molar Fe/As
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Table 2.1. Elemental composition of the Fe(III)-As(V) coprecipitates, scorodite, and ferrihydrite synthesized
in this study. For each precipitate, the molar Fe/As ratio, pHiep, As bioaccessibility (BAAs), and Fe extractability
(EXFe) are also listed.
Sample

Asa

Fea

Naa

Sb

H2O/OHd

[mol/kg]

charge
balancee

Fe/As

pHiep

BAAsi

EXFej

molc/kg

[-]

[-]

[%]

[%]

Scorodite

4.74

4.77

b.d.g

b.d.

8.87

-0.10

1.01

6.1

0.2

0.12

Ferrihydrite

b.d.

10.7

b.d.

b.d.

8.68

-32.14

-

~9f

-

-

R0.8pH1.5

4.51

4.57

b.d.

b.d.

9.31

-0.19

1.01

5.5

5.65

5.11

R0.8pH2

4.49

4.49

b.d.

b.d.

9.50

0.01

1.00

5.4

6.34

5.52

R0.8pH2.5

4.24

4.37

b.d.

b.d.

11.2

-0.38

1.03

5.4

6.70

5.63

R0.8pH3

4.24

4.46

0.07

b.d.

9.17

-0.74

1.05

5.2

6.66

5.28

R0.8pH4

4.15

4.89

0.36

b.d.

7.85

-2.58

1.18

5.2

6.42

4.80

R0.8pH6

3.86

5.14

0.56

b.d.

10.1

-4.38

1.33

4.7

4.46

5.45

R0.8pH8

2.77

6.62

0.88

b.d.

8.02

-12.45

2.39

4.6

3.43

3.90

R1.6pH1.5

3.65

4.51

b.d.

0.14

12.4

-2.28

1.23

-g

3.69

5.76

R1.6pH2

3.04c

4.35

b.d.

0.39 c

9.39

-3.14

1.43

5.5

4.79

9.45

R1.6pH2.5

3.42

5.16

b.d.

0.63

10.9

-3.96

1.51

5.6

6.40

7.93

R1.6pH3

3.37

5.26

b.d.

0.58

10.6

-4.50

1.56

5.4

6.69

8.42

R1.6pH4

3.50

5.33

b.d.

b.d.

10.5

-5.51

1.53

5.6

5.85

7.96

R1.6pH6

3.35

5.81

0.64

b.d.

7.93

-8.04

1.74

4.9

4.10

8.19

R1.6pH8

2.61

6.52

0.84

b.d.

7.94

-12.58

2.50

4.7

3.09

6.10

R2.4pH2

3.32

5.25

b.d.

0.82

10.2

-4.16

1.58

5.4

4.89

6.88

R2.4pH2.5

2.88

5.52

b.d.

1.14

11.1

-5.64

1.91

6.2

5.37

9.07

R2.4pH3

2.58

5.97

b.d.

1.18

9.37

-7.82

2.32

6.0

6.26

11.4

R2.4pH4

2.54

6.21

b.d.

0.86

9.13

-9.28

2.44

6.1

6.06

10.5

R2.4pH6

2.77

6.67

0.13

b.d.

9.99

-11.83

2.41

5.3

4.43

15.0

R2.4pH8

2.39

6.77

0.67

b.d.

8.08

-13.83

2.84

4.7

3.27

10.2

R3.2pH2

2.87

4.88

b.d.

0.97

12.7

-4.06

1.70

6.4

4.39

10.2

R3.2pH2.5

2.77

5.77

b.d.

1.18

10.9

-6.62

2.08

-g

4.79

9.61

R3.2pH3

2.13

6.30

b.d.

1.15

12.2

-10.23

2.96

6.5

6.53

14.0

R3.2pH4

2.24

6.85

b.d.

0.66

11.9

-12.49

3.05

6.3

5.31

10.7

R3.2pH6

2.39

7.69

0.10

b.d.

8.61

-16.00

3.22

5.6

3.86

16.4

R3.2pH8

2.09

7.35

0.38

b.d.

8.28

-16.19

3.53

5.3

3.93

17.2

R4.8pH2.5

2.45

6.08

b.d.

1.13

9.20

-8.64

2.48

6.4

4.17

10.3

R4.8pH3

1.70

6.78

b.d.

1.47

9.59

-12.29

3.98

6.9

6.07

14.4

R4.8pH4

1.54

7.70

b.d.

1.15

9.13

-16.19

5.01

7.1

7.12

16.6

R4.8pH6

1.73

8.53

0.02

0.13

8.60

-20.16

4.93

6.5

3.77

19.5

R4.8pH8

1.65

8.41

0.19

b.d.

8.20

-20.47

5.11

5.7

3.60

20.2

R8pH3

1.19

7.71

b.d.

1.47

9.55

-16.63

6.46

7.7

2.90

11.4

R8pH4

1.01

8.35

b.d.

1.15

9.53

-19.72

8.26

7.6

3.59

17.4

R8pH6

1.10

8.96

0.02c

0.09 c

9.19

-23.41

8.13

7.1

3.43

19.8

R8pH8

1.10

9.10

0.02c

b.d.

8.11

-24.03

8.29

6.5

3.14

23.9

c

The standard error lies within 4%, 5% of the average values unless declared otherwise. The standard error lies
within 12% of the average values. dWater content was determined with TGA and the standard error lies within
0.3% of the average value. eThe charge balance was calculated from As (-3), Fe (+3), Na (+1), and S (-2) concentrations in the precipitates. fEstimated from the extrapolation of electrophoretic mobility data (c.f. Figure A.8f).
g
Not determined. hBelow limit of detection. iThe standard error lies within i4% and j3% of the average values.
a

a

b

c
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ratio of 0.8 (Figure 2.1b) exhibits maxima at 3.1 and 1.6 Å, which have been reported for AFA.21,26 In
the second derivative plots of coprecipitates synthesized at pH≤4 two minima are visible at 2.6 and
3.1 Å, indicating the presence of both ferrihydrite and AFA-like solids in variable proportions (Figure 2.1a, Figures A.3, A.4).21 At a synthesis pH of 6 and 8 (Figures A.3d, A.4), the XRD patterns look
similar to that of ferrihydrite, but the lower amplitude of second derivative minima indicates lower
crystallinity in the precipitate synthesized at pH 6.53
Figure 2.1b displays coprecipitates synthesized at pH 3 with varying molar Fe/As ratios (0.8-8). Second derivative minima at 3.1 and 2.6 Å are visible in all diffractograms and ferrihydrite becomes more
important as the Fe/As ratio increases, while the AFA signature diminishes. Despite a clear dominance
of ferrihydrite in the R8pH3 sample (molar Fe/As = 6.4), there is still evidence for AFA. The formation
of AFA at molar Fe/As ratios ≥5 was excluded previously21 and the detection of this solid in the present
study is attributed to the high quality of the synchrotron XRD data. Consequently, the formation of
AFA is considered to take place in all coprecipitates synthesized at pH≤4 and is complemented by the
more pronounced formation of ferrihydrite at pH 3 and 4 with increasing molar Fe/As ratios. Overall,
all 35 coprecipitates showed a feature at 2.6 Å, indicating the presence of ferrihydrite in all samples. It
is likely that the coprecipitates were heterogeneous mixtures of As-adsorbed ferrihydrite and AFA-like

Figure 2.1. X-ray diffractograms of coprecipitates a) with R2.4 and b) synthesized at pH 3. The second derivative is plotted
as a dashed line below each diffractogram and peak positions are indicated by vertical lines. Final molar Fe/As ratios in the
coprecipitates are given in parentheses in each panel. Ferrihydrite formed at pH 6 is plotted for comparison.
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Figure 2.2. Transmission FT-IR spectra of coprecipitates synthesized at pH 3 and of scorodite. In a) the entire spectrum
is shown, while b) shows the region of the As-O stretching vibration with second derivatives in dashed lines and vertical
lines indicating second derivative minima. Initial molar Fe/As ratios are supplemented with final molar Fe/As ratios in the
coprecipitate solids in parentheses.

solids as observed before;21,23 however, the particle size seemed to decrease with decreasing synthesis
pH and molar Fe/As ratio, as indicated by the amplitudes of second derivative plots (Figures 2.1, A.3,
and A.4).
2.3.3. FT-IR spectroscopy
The FT-IR spectra of the Fe/As coprecipitates (Figures 2.2a, 2.3a, A.6) exhibit vibrational features of
three different components, namely H2O (or OH), SO4, and AsO4. The broad peak at 3380 cm-1 corresponds to the bulk or surface O-H stretching vibrations observed at 3615 and 3430 cm-1 respectively
in ferrihydrite,54 while the band at around 1625 cm-1 is caused by the corresponding O-H bending
vibration.54,55 With increasing As content, a second band became more pronounced at 3190 cm-1 (Figures 2.2, A.6), which may be attributed to the O-H stretching of water molecules H-bonded to oxygens
of AsO4 as observed for scorodite56 and pitticite (Fe3+x(AsO4)y(SO4)z∙nH2O)57,58 and consequently be
assigned to an AFA feature. In the spectra of coprecipitates synthesized at pH 1.5-4 and R1.6-8.0, a
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Figure 2.3. Transmission FT-IR spectra of coprecipitates with R2.4. In a) the entire spectrum is shown, while b) shows the
region of the As-O stretching vibration. Second derivatives are plotted in dashed lines and vertical lines indicate second
derivative minima. Initial molar Fe/As ratios are supplemented with final molar Fe/As ratios in the coprecipitate solids in
parentheses.

triply degenerate SO42- band became visible with distinctive peaks at 1190, 1130, 1058, and 990 cm-1
(Figures 2.2, 2.3, A.6). This is consistent with a C2v symmetry with a triply degenerate ν3 vibration and
indicates inner-sphere complex formation of SO4 onto FeO6 octahedra.59,60 The appearance of the SO4
features accords with the S content of the coprecipitates (Table 2.1) and increased with decreasing
As content as previously reported.27 Carlson et al.61 associated the presence of SO4 features in connection with O-H stretching vibrations at 3370 and 700 cm-1 with the formation of schwertmannite
(Fe8O8(OH)6(SO4)∙nH2O; n = 5-6) after coprecipitation of 0.02 M Fe(III) with varying amounts of
AsO4 and SO4 at acidic pH. Our XRD data, however, showed no evidence for schwertmannite (e.g.,
splitting of the peak at 1.5 Å), in line with its previously shown negligible contribution when HCO3concentrations during precipitate formation are low.62
The spectral region between 600 and 900 cm-1 contains the As-O stretching (ν) vibration. In Figure 2.2b this region is exemplarily plotted for all coprecipitates synthesized at pH 3. Except for a decrease in intensity of the band with increasing Fe/As ratios, the As-O stretching vibration showed no
obvious changes, indicating a similar As speciation at this synthesis pH. In contrast, the As-O stretching vibration gradually shifts to lower wavenumbers with increasing synthesis pH (Figure 2.3b). In
fact, the maximum of this band was situated at 831±2 cm-1 for all coprecipitates synthesized at pH ≤4
(n = 20) except for the R0.8 coprecipitates and pH 1.5-2.5 (840±2 cm-1, n = 3). At synthesis pH 6 and
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8, the maximum shifted to 823±1 cm-1 (n = 6) and 818±3 cm-1 (n = 6), respectively, and a shoulder at
~880 cm-1 appeared. In Figures 2.2, 2.3 and A.6, frequently observed second derivative minima are
indicated, with average locations at 945, 882, 832, 812, 788 and 745 cm-1 (Table A.1). The strongest
minimum in the scorodite spectrum was located at 816 cm-1 (Figure 2.2), and is tentatively assigned to
an As-OFe stretching vibration of AsO43- coordinated to 4 FeO6 octahedra, which should be the dominant coordination of As(V) in scorodite. The main minimum in the second derivatives of spectra from
coprecipitates formed at low pH was located at 832-812 cm-1. The band at 832 cm-1 was previously
assigned to the symmetric stretching vibration of surface complexed HAsO42- in As-OFe.63, while the
band at ~812 cm-1 may be assigned to a scorodite-like coordination of As(V) in the coprecipitates. The
fact that the band at 832 cm-1 dominates the spectra at R0.8 could be attributed to an increased water
content and small particle size in these precipitates (Figures A.2, A.3), leading to an apparent surface
complexation of As(V) by its association with H2O in the AFA structure or the partial protonation of
As(V) in AFA-like solids.
The distinctive second derivative minimum at ~880 cm-1 (Figures 2.2, 2.3, A.6) has formerly been
assigned to the asymmetric stretching vibration of ‘uncomplexed’ As-O in the As(V) sorption complex on freshly prepared hydrous ferric oxide.55,64 Since the feature was assigned to the uncomplexed
oxygen in protonated HAsO42- sorbed to FeO6 octahedra, it should gain importance at low pH.55,65 Its
strong contribution in the spectra of coprecipitates synthesized at pH 6-8 indicates the high importance of As(V) surface complexation in these samples (Figure A.6). A strong contribution of a band at
875 cm-1 to the total As-O stretching vibration was also observed by Brechbuehl et al.65, who investigated the adsorption of As(V) to hematite at different pH values. Also, in spectra of the coprecipitates
formed at pH 6-8 a shoulder becomes visible at 787 cm-1 (Figure 2.3b), which can be attributed to the
symmetric As-OFe stretching vibration in deprotonated AsO43-. This band was previously observed at
802 cm-1,55,63,65 and supports the presence of deprotonated As(V) surface complexes in coprecipitates
formed at pH 6-8.
In summary, the features at 3190 and 812 cm-1 likely indicate the presence of As in AFA, while the
increasing importance of the asymmetric As-O uncomplexed stretching vibration (~880 cm-1) and
the symmetric As-OFe stretching vibration (~787 cm-1) point towards sorption complexes of As on
ferrihydrite. However, different particle sizes and water contents of the coprecipitates may have had
a strong impact on band positions and intensities. Therefore, overall trends were visible in the FT-IR
spectra, but neither the number nor the position of second derivative minima was constant (Table
A.1), which impaired a straightforward quantitative interpretation of the data.
The overall area of the As-O stretching vibration linearly increased with increasing As content in
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Figure 2.4. a) Linear fit of the total arsenic content in the coprecipitates versus the total area of the FT-IR As-O stretching
band for precipitate groups formed at pH 2-4 and pH 6-8. The 95% confidence and prediction intervals are plotted as
dashed lines and gray areas, respectively. b) Relation of the total As content and the pHiep for coprecipitates synthesized at

different pH values. Dashed lines were inserted for visual guidance. The legend holds for both panels. Scorodite is plotted
in both panels for comparison.

the coprecipitates (Figure 2.4a). Additionally, the slope of the correlation between the areas below the
As-O stretching vibration for coprecipitates formed at pH≤4 was twice as high in comparison to the
one for those formed at pH≥6, suggesting a different speciation of As. The two spectral features dominantly causing this trend were uncomplexed protonated As-O (~882 cm-1) and the combined As-OFe
stretching vibrations at 832 and 812 cm-1 (Figures 2.2, 2.3, A.6). Therefore, this trend may partly be
attributed to the effect of formation pH on the protonation of As(V) surface complexes, since stretching vibrations of As-O in protonated HAsO42- exhibit higher intensities than those of As-O in AsO43-.65
The decrease in band surface area at 812 cm-1 however, points towards a change in As(V) coordination, namely a decreased contribution of the As-OFe stretching vibration of AsO43- in scorodite-like
coordination. In the chain model of AFA,21 the only change in the FT-IR spectra with increasing pH
should be caused by the deprotonation of the As(V) adsorption complex. The strong increase in As-O
stretching vibration band area in the AFA-containing coprecipitates towards the coprecipitates containing dominantly adsorbed As therefore points towards the relatively higher intensity of the As-OFe
stretching vibration in AFA. The area of the As-O stretching vibration in scorodite slightly exceeds
the slope created by the coprecipitates synthesized at pH 1.5-4 (Figure 2.4a). Since the scorodite was
formed at pH 2 and had similar water content to the coprecipitates formed at low pH and molar Fe/As
0.8, protonation or H-bonding of As-O should be similar. One possible explanation for the difference
in As-O band surface area may be the small particle size of the AFA-like solids, resulting in an import37
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ant portion of surface bound AsO43-, while in scorodite As(V) is dominantly structurally incorporated.
2.3.4. Isoelectric points
Figure 2.4b shows the location of the pHiep for coprecipitates as a function of their As content and
synthesis pH. Overall, the As content shows a negative relation to the pHiep for all samples, which can
be explained with adsorption or coprecipitation of H2AsO4- or HAsO42- (pKa2 = 7.0) in the coprecipitates.66 Based on the assumption that adsorption of phosphate imparts a more negative charge on the
goethite surface than phosphate surface precipitation, Li et al.67 proposed the separation of these two
mechanisms using electrophoretic mobility measurements. In analogy to the phosphate study of Li
et al.67, the structural incorporation of arsenate in AFA is expected to lower its relative presence on
the surface of the precipitate and therefore lead to a smaller decrease in pHiep as compared to As adsorption. Using this relationship, Tokoro et al.28 found the transition of surface adsorption to surface
precipitation to be located at a molar Fe/As of ~2.5 by adsorbing different amounts of As(V) to ferrihy-

Figure 2.5. Contour map of a) AsSBET, b) BAAs, c) FeSBET and d) EXFe at varying synthesis pH and corresponding molar Fe/
As ratios in the coprecipitates. Please note different color scales. Black dots mark the location of data points.
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drite at pH 5 and 7. In Figure 2.4b, three groups of coprecipitates can be distinguished based on their
synthesis pH, with a trend to a lower pHiep at the same As content in the order pH ≤4, 6, and 8. Since
all coprecipitates synthesized at pH ≤4 followed the same electrophoretic mobility trend, they likely
contained high proportions of AFA (surface) precipitates as also confirmed by XRD. These coprecipitates had pHiep values close to but lower than scorodite (6.1), which points towards a higher portion of
surface bound As in the AFA-like mineraloids due to small particle size. Following the trends in pHiep,
the samples with synthesis pH 6 contained dominantly adsorbed As. At a synthesis pH of 8, deprotonation of H2AsO4- likely increased negative charge of adsorbed As and caused a further decrease of
pHiep with As content.
2.3.5. Arsenic bioaccessibility and iron extractability
Figure 2.5 illustrates AsSBET and BAAs in relation to synthesis pH and molar Fe/As content of the
coprecipitates. Concentrations of AsSBET ranged from 2.60-20.9 g/kg (x̅ = 10.2 g/kg). The BAAs in the
coprecipitates ranged from 2.89-7.12 % (x̅ = 4.89 %) and was significantly higher than that of scorodite
(0.20 %). On a log-log scale, AsSBET was linearly correlated to total As (R2 = 0.84) and Fe (R2 = 0.74)
content in the coprecipitates, with a slightly better prediction using the molar Fe/As ratio as independent variable (R2 = 0.85) (Figures 2.5a, A.9a,c,g). In contrast, the BAAs did not show a clear trend with
total As or Fe content in the coprecipitates (Figures 2.5b, A.9b,d). The BAAs was highest at a synthesis
pH of 3 and 4 for coprecipitates with a molar Fe/As ratio ≤3.2 and ≥4.8, respectively, resulting in a
non-linear relationship between BAAs and synthesis pH (Figures 2.5b, A.9f).
Measured FeSBET concentrations ranged between 13.0-122 g/kg (x̅ = 41.8 g/kg) (Figure 2.5c). The
EXFe ranged from 3.86-23.9 % (x̅ = 11.0 %). Both FeSBET and EXFe were correlated with total As (R2
= 0.77 and 0.70) and Fe (R2 = 0.82 and 0.76) concentrations in the coprecipitates (Figures 2.5c,d,
A.10a,b,c,d). No correlation of FeSBET with synthesis pH was observed, but the range of FeSBET values
increased with increasing synthesis pH (Figure A.10e).
The BA of As found in our study is in line with values reported when pure minerals were extracted.
Meunier et al.30 determined the BAAs in contaminated tailings from the gold mining area in Nova Scotia using PBET (pH 1.8)68 and found that 1-10 % of As in AFA or As-bearing Fe(III)-(oxyhydr)oxides
was bioaccessible, while Beak et al.43 detected 0-7.5 % bioaccessible As in the gastric phase (pH 1.8) of
the IVG assay38 when As(V)-adsorbed ferrihydrite was extracted. Poorly crystalline Fe(III)-(oxyhydr)
oxides were identified as the main controls on the BAAs in soils, but higher BA values of up to 36 %37
(SBET) or 42 %69 (PBET) were reported. However, in agreement with our findings, lower BAAs with
increasing total As concentration was observed in soil samples.30,40 Given that the Fe(III)-As(V) co39
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Figure 2.6. Relative change in molar Fe/AsSBET with increasing molar Fe/Assolid. The dashed line indicates equal molar (Fe/
As)SBET and (Fe/As)solid ratios (congruent dissolution).

precipitates examined in this study were of poorly crystalline nature, saturation of the gastric solution
followed by Fe and/or As precipitation may have caused low BAAs.40 Therefore, solution saturation
states for the gastric digest of all coprecipitates were calculated using Visual Minteq.70,71 The results are
listed in Table A.2 and indicate a supersaturation of the extracts relative to scorodite and akaganeite
but an undersaturation relative to AFA and ferrihydrite. Scorodite and akaganeite are unlikely to form
during 1 h incubation at 37°C and pH 1.8.21
The BAAs and EXFe increased with decreasing solid-to-liquid ratio in selected coprecipitates (Figures A.11, A.12). This is a clear indicator for the impact of solubility constraints on BAAs in the SBET
assay employed in this study and implies a higher risk of As solubilization at lower solid-to-liquid
ratios. The average volume of gastric fluid in adults was determined to be around 35 mL or 0.56 mL/
kg body weight.72,73 Other studies assume a daily intake of 20-100 mg for inadvertent ingestion of
soil, most importantly from its adherence to hands.74,75 These average numbers result in an estimated
solid-to-liquid ratio of 1:350 to 1:1750 for adults (however a lower ratio for children). In line with the
assumption that Fe(III)-As(V) coprecipitates occur “diluted” by soil or sediment material further lowering the solid-to-liquid ratio of ingested As-bearing particles, the actual bioaccessibility of As from
poorly crystalline Fe(III)-As(V) coprecipitates would be significantly increased.
While molar Fe/As ratios in the 1:100 extracts were a multiple of the molar Fe/As ratio in the coprecipitates, they converged with increasing liquid/solid ratio in agreement with the transition from
incongruent to congruent dissolution (Figure A.13).17,21 Since a high molar Fe/As ratio in the extracts
means lower As solubility as compared to Fe, this indicates the preferential retention of As in the solid
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phase at low liquid/solid ratios, which was more enhanced for coprecipitates actually containing less
As (R8). This points towards re-adsorption or precipitation of As on the mineraloid surface at acidic
pH.27
2.3.6. Mineral controls on arsenic bioaccessibility
In the present study, the variation of pH and molar Fe/As ratio resulted in the formation of Fe(III)As(V) coprecipitates with different physicochemical properties, which exerted an impact on the BAAs
(Figure 2.5b). The consistency between ICP-OES, XRD, FT-IR and pHiep results facilitated the differentiation of Fe(III)-As(V) precipitate properties along the pH and molar Fe/As scales (Figure A.14).
At pH ≤2.5 and final molar Fe/As ratios ≤1.8, AFA-like solids dominated. This was also the case for
coprecipitates formed at pH ≤6 and R0.8. When the molar Fe/As ratio increased in coprecipitates
formed at pH 2.5-4, the AFA was mixed with increasing amounts of ferrihydrite. Our data however
did not allow the differentiation between homogenous and heterogeneous coprecipitation. At formation pHs 6 and 8 and from final molar Fe/As ~1.7 ferrihydrite was almost exclusively present.
Figure 2.6 shows the relation between the molar Fe/As ratios in the solids and the molar Fe/As ratios
in the SBET extracts for all coprecipitates. A dashed line indicates where congruent dissolution would
be observed. The coprecipitates formed at pH≥6 show a higher As retention relative to Fe than the
coprecipitates synthesized at lower pH as indicated by a high (Fe/As)SBET/(Fe/As)solid molar ratio. The
relative As retention curves of synthesis pH 3 and 4 show similar (Fe/As)SBET/(Fe/As)solid molar ratio,
except that the relative As retention sharply increases at R8. The corresponding diffractograms clearly
show the presence of ferrihydrite in these coprecipitates (Figures 2.1b, A.3c). Beside the synthesis pH,
the molar Fe/As ratio was also proposed to change As speciation during coprecipitation. Tokoro et
al.28 observed a change in XRD patterns and zeta potential trends of Fe/As coprecipitates synthesized
at pH 5 and 7 at a molar Fe/As ratio ~2.5, which they explained by a transition from surface adsorbed
to precipitated As(V). In the present study, the molar Fe/As ratio of ~2.5 marked the divergence of the
As retention slopes in the SBET extracts (Figure 2.6), implying that readsorption of As onto and/or
thermodynamic stabilization of ferrihydrite by adsorbed As(V)76 became the dominant control on the
BA of As for coprecipitates formed at pH 6-8 at final molar Fe/As ratios >2.5 and at pH 3-4 and final
molar Fe/As ratios >5.
In contrast, the dissolution of coprecipitates formed at pH 1.5-4 and final molar Fe/As ratios 2.5-5
was closer to the line of congruent dissolution (Figure 2.6). The results of the Fe(III)-As(V) coprecipitate characterization collectively suggest that As was present in AFA in these coprecipitates. In
analogy to scorodite, AFA is stable at low pH (<2.5)21 but becomes increasingly unstable at higher
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pH values, partially explaining the relative higher As release from coprecipitates formed at pH 3 and
4 in the SBET extracts at pH 1.8. Additionally, coprecipitates formed at pH 2-4 show increasing SO4
incorporation with decreasing As content (Table 2.1, Figures 2.2, 2.3, A.6). The presence of SO4 and
its precipitation with As and Fe during particle formation may have had a negative impact on AFA
stability as observed for scorodite.77 In the case of SO4 adsorption, its competition for sorption sites
with As(V) may have lowered As(V) readsorption in the SBET extract and thereby caused the higher
BA of As.78 Altogether, the instability of AFA at pH 3-4 together with the effect of SO4 incorporation
rendered these particles less stable, thereby causing the highest BA of As measured in this study.
2.3.7. Environmental implications
In the present study we investigated physicochemical properties and As bioaccessibility of Fe(III)As(V) coprecipitates. The composition of the initial solutions (i.e. pH 1.5-8 and molar Fe/As 0.8-8)
covered a wide range of environmental conditions from acid rock drainage15 to locally highly As-rich
carbonate buffered mining-impacted soils.4 We found that AFA-like materials can form at pH as high
as 4 and up to molar Fe/As ratios of 8. The formation of AFA-like solids in soils is attributable to distinct pH conditions persisting around weathering sulfide minerals and was previously shown to be
significant even in circumneutral floodplain soils.4
The bioaccessibility of As was strongly dependent on the formation conditions of Fe(III)-As(V) coprecipitates and consequently their resulting mineralogical composition. In coprecipitates dominated
by ferrihydrite (formed at pH≥6 or at molar Fe/As>5 at pH 3-4) the bioaccessibility of As was controlled by readsorption of As(V) released into the gastric solution and possibly the thermodynamic
stabilization of ferrihydrite by adsorbed As(V). In coprecipitates dominated by AFA-like solids, the As
bioaccessibility was controlled by the solubility of these materials in the gastric solution and potentially the amount of sulfate present. Enhanced bioaccessibility of As in these coprecipitates was likely
due to sorption competition in the gastric fluid and/or an intrinsic solubility increase of the AFA-like
solids at pH 3-4. The increased risk of As bioaccessibility from secondary Fe(III)-As(V) precipitates
formed at intermediate pH and low molar Fe/As ratios (<6) due to the presence of AFA-like solids has
to be considered during remedial investigations.
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Impact of birnessite on arsenic and iron
speciation during microbial reduction of
arsenic-bearing ferrihydrite

A slightly modified version of this chapter was published in Environmental Science & Technology:
Ehlert, K.; Mikutta, C. and Kretzschmar, R. Impact of birnessite on arsenic and iron speciation during
microbial reduction of arsenic-bearing ferrihydrite. Environ. Sci. Technol. 2014, 48, 11320-11329.
Abstract
Elevated solution concentrations of As in anoxic natural systems are usually accompanied by microbially mediated As(V), Mn(III/IV), and Fe(III) reduction. The microbially mediated reductive dissolution of Fe(III)-(oxyhydr)oxides mainly liberates sorbed As(V) which is subsequently reduced to
As(III). Manganese oxides have been shown to rapidly oxidize As(III) and Fe(II) under oxic conditions. Here, we investigated the microbial reduction of As(V)-bearing ferrihydrite (molar As/Fe: 0.05;
Fetot: 32.1 mM) by Shewanella sp. ANA-3 (108 cells/mL) in the presence of different concentrations of
birnessite (Mntot: 0, 0.9, 3.1 mM) at circumneutral pH over 397 h using wet-chemical analyses and
X-ray absorption spectroscopy. Additional abiotic experiments were performed to explore the reactivity of birnessite toward As(III) and Fe(II) in the presence of Mn(II), Fe(II), ferrihydrite, or deactivated
bacterial cells. Compared to the birnessite-free control, the highest birnessite concentration resulted
in 78% less Fe and 47% less As reduction at the end of the biotic experiment. The abiotic oxidation of
As(III) by birnessite (kinitial = 0.68±0.31/h) was inhibited by Mn(II) and ferrihydrite, and lowered by
Fe(II) and bacterial cell material. In contrast, the oxidation of Fe(II) by birnessite proceeded equally
fast under all conditions (kinitial = 493±2/h) and was significantly faster than the oxidation of As(III).
We conclude that in the presence of birnessite, microbially produced Fe(II) is rapidly re-oxidized and
precipitates as As-sequestering ferrihydrite. Our findings imply that the ability of Mn-oxides to oxidize As(III) in water-logged soils and sediments is limited by the formation of ferrihydrite and surface
passivation processes.
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3.1. Introduction
Arsenic is a toxic trace metalloid with typical concentrations of 0.1-55 mg/kg in uncontaminated
soils.1 Elevated As concentrations in soils, sediments, and waters – caused by natural or anthropogenic
emissions – represent a major health risk for millions of people worldwide.2,3 Human activities such
as mining and processing of metal sulfide ores or the use of As-rich groundwaters for crop irrigation
are the main reasons for increased soil As concentrations.4,5 In soils, As is predominantly present
as the inorganic species arsenate (As(V), H2AsO4- and HAsO42-) and arsenite (As(III), H3AsO30 and
H2AsO3-). The former dominates under oxic conditions (Eh >0 mV at pH 7), whereas the latter prevails in reducing soil environments (Eh <0 mV at pH 7).2 Under most pH conditions encountered in
soils, the negatively charged As(V) (pKa: 6.9) is strongly sorbed to metal-(oxyhydr)oxides, rendering
it comparatively less mobile than the charge neutral As(III) (pKa: 9.2).
The dissimilatory reduction of Fe(III)-(oxyhydr)oxides and the concomitant release of associated
As has been identified as the main mechanism controlling the mobilization of As in water-logged soils
and sediments.6 In these environments, microbes gain energy by coupling the reduction of Fe(III)
and Mn(III/IV) to the oxidation of low-molecular-weight organic matter or reduced inorganic compounds.7 The As(V) released from reductively dissolving host phases may again be immobilized by
mixed-valence Fe minerals such as green-rust ([Fe(II)1-n Fe(III)n(OH)2]n+(CO3,Cl,SO4)n-)8 and magnetite (Fe3O4),9 or be microbially reduced to As(III) via respiration or detoxification mechanisms.6,10,11
The fate of As in waterlogged soils and sediments may also be strongly controlled by the presence of Mn(III/IV)-oxides (‘Mn-oxides’). Being less abundant than Fe(III)-(oxyhydr)-oxides (<0.4
wt.%),12 these phases are ubiquitous in soils and sediments and possess a high redox activity.13 Since
the abiotic oxidation of Mn(II) is slow and dissolved Mn(II) thermodynamically stable up to an Eh
of 600 mV (pH 7), the formation of Mn-oxides in the environment is mainly catalyzed by bacterial
or fungal Mn(II) oxidation.14 The initial oxidation products were identified as poorly crystalline birnessite-type phyllomanganates (e.g., [Na,Ca, Mn(II)](Mn(III/IV)4O7·2.8H2O).13-17 Although several
studies have identified low-crystalline hexagonal birnessite as the primary biotic Mn(II) oxidation
product,15,16 recent findings imply a possible successive transformation into birnessite with (pseudo-orthogonal) triclinic sheet symmetry.17,18
Manganese oxides are important abiotic As oxidants in soils and sediments.19,20 The process of
As(III) oxidation by Mn-oxides has been addressed in a number of studies21-26 and was shown to involve several simultaneous reactions such as the sorption and oxidation of As(III), the reduction of
Mn(IV) to Mn(II), Mn(II) sorption, and the conproportionation of Mn(IV) and Mn(II) to Mn(III).25,26
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It was also shown that As(III), after being oxidized by Mn-oxides, subsequently adsorbs as As(V)
to Fe(III)-(oxyhydr)oxide surfaces.27,28 Combined, these processes may offer a high potential for the
remediation of As polluted sites.27
The reactivity of Mn-oxides toward redox-sensitive elements like As and Fe depends on several
factors, including mineral structure,21,29 surface area,22 and average oxidation state of Mn.30 Small
amounts of goethite (a-FeO(OH)), the structural incorporation of Ni, as well as a low pH were found
to enhance the reactivity of Mn-oxides toward As(III).31-33 Conversely, the accumulation of Mn(II)
and As(V) was proposed to passivate reactive surface sites of birnessite during As(III) oxidation,26,30
and the precipitation of Fe(III) solids was shown to slow down the oxidation of Fe(II) by pyrolusite (β-MnO2) at pH 3.34 Likewise, metabolic products, bacterial tissue, and competing oxyanions
were observed to lower or even inhibit the oxidation of As(III).31,35 Ying et al.36 reported that under
reducing conditions As(III) produced by Shewanella sp. ANA-3 in the interior of aggregates of ferrihydrite- and birnessite-coated sand (molar Mn/Fe: 0.1) was not oxidized by birnessite, suggesting
that O2 facilitates the birnessite-induced As(III) oxidation in the presence of Mn-reducing bacteria.
Given that bacterial respiration leads to oxygen O2 depletion and a buildup of metabolic products
and reduced inorganic solution species, and that Mn-oxides are thermodynamically more favorable
electron acceptors for microorganisms than Fe(III)-(oxyhydr)oxides,7 their efficiency to attenuate the
release of As(III) under reducing conditions may be limited. The objectives of our study were thus
(i) to assess the impact of increasing Mn-oxide concentrations on As speciation and release under
microbially reducing conditions and (ii) to unravel the influence of As re-oxidation by Mn-oxides on
the net As(V) reduction. Therefore, we coprecipitated ferrihydrite (Fe5HO8·4H2O) with As(V) and
investigated the microbial Fe(III) and As(V) reduction by Shewanella sp. ANA-3 in the presence of
increasing birnessite concentrations at near-neutral pH using wet-chemical analyses and X-ray absorption spectroscopy (XAS).

3.2. Materials and Methods
Standards and Reagents: All chemicals were of analytical grade and all solutions were prepared
with doubly deionized (DDI) water (Milli-Q, Millipore, ≥18.2 MΩ cm). Materials used in an anoxic
glovebox (N2 atmosphere, <10 ppm (v/v) O2; Braun) were introduced 24 h before use. All glassware
was washed with 10 vol.% HNO3 and rinsed with DDI water prior to use. Materials and solutions used
in biotic experiments were sterilized in an autoclave for 20 min at 120 °C.
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3.2.1. Mineral syntheses and characterization
Ferrihydrite was coprecipitated with As(V) at a molar As/Fe ratio of 0.05 and stored in minimal
medium until use (<1 wk). Birnessite was synthesized by oxidation of MnCl2 in alkali medium.37 X-ray
diffractograms of the solids were consistent with 2-line ferrihydrite38 and triclinic birnessite15,17,39 (Figure B.1) and their specific surface areas, measured by N2(g) adsorption,40 were 270.7 m2/g (As(V)-ferrihydrite) and 73.7 m2/g (birnessite). The average Mn oxidation state in birnessite determined by iodometric titrations15 was 3.38±0.03, corresponding to 60% Mn(III) and 40% Mn(IV). Mineral syntheses
and characterization procedures are described in Appendix B.
3.2.2. Biotic incubation experiments
Preparation procedures of the bacterial culture are described in Appendix B. Incubations of As-loaded ferrihydrite with Shewanella sp. ANA-3 in the absence and presence of birnessite were performed
in 200-mL septum-sealed glass bottles (n = 3). Each bottle was filled with 106 mL autoclaved minimal
medium (5 mM NaCl, 20 mM Na-lactate, 20 mM HEPES, pH 7.2) in a sterile bench, sealed with a
rubber stopper, and degassed with N2 for 10 min. Degassed (30 min) and sonicated suspensions of ferrihydrite and birnessite were added to the minimal media solutions with sterile syringes, resulting in
concentrations of 32.1 mM Fe and either 0 (no-Mn), 0.9 (low-Mn), or 3.1 mM Mn (high-Mn). Small
volume differences in the bottles originating from the different treatments were compensated for by
additions of lactate-free minimal medium. The suspensions were horizontally shaken (100 rpm) at
25±1 °C in the dark for 24 h. Afterwards, they were transferred to the glovebox where 4 mL inoculum
was added to each mineral suspension with a sterile syringe. The final liquid volume in each bottle was
120 mL. Sampling was conducted in the glovebox directly after inoculation (t0 ~0.5 h) and after 12, 24,
44, 69, 117, 196, 310, 397 h of incubation. Before sample withdrawal, rubber stoppers were wiped with
ethanol for sterilization. For total element concentration and speciation analyses 0.5-mL aliquots were
digested in 0.9 mL conc. HCl and 0.1 mL acetic acid (98 wt.%). Additional 2 mL were filtered through
0.2-µm Nylon filters (Optiflow, Wicom) and acidified with 1 vol.% conc. HCl for solution concentration analyses. About 0.5 mL of filtered samples were stored in a separate vial for the measurement of
organic acids. Between sampling the inoculated suspensions were horizontally shaken (100 rpm) in
the dark at 25°C outside the glovebox.
At the start of the experiments, 0.5-mL suspension aliquots were taken for total cell counts (see
Appendix B). Total cell concentrations in the incubation experiments were 108 cells/mL.
After 24, 69 and 397 h, redox potential (Eh, Slimtrode, Hamilton) and pH (Minitrode, Hamilton)
were recorded, and 10-mL suspension aliquots filtered through 0.2-µm polyamide filters (Millipore).
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The filter residues were washed with 1 mL of anoxic DDI water and dried in the glovebox under exclusion of light. Material from triplicate bottles was combined, homogenized, and stored anoxically
for spectroscopic analyses.
Analogous abiotic control experiments were run in triplicates in order to exclude any contamination during sampling and to explore abiotic speciation changes. In these experiments we observed no
concentration/speciation changes of Mn, Fe, As, and lactate.
3.2.3. Abiotic oxidation experiments
These experiments were conducted in an anoxic glovebox to test the abiotic impact of ferrihydrite,
cells, and dissolved Fe(II) and Mn(II) on the birnessite-induced As(III) and Fe(II) oxidation. Therefore, 200-mL glass bottles were filled with 150 mL of anoxic minimal medium (no lactate, pH 7.2)
and wrapped in Al foil. Birnessite was added at a concentration of 3 mM Mn and the suspensions
were horizontally shaken (100 rpm) for 1 h at room temperature (24±1°C). Fifty milliliters of anoxic
minimal medium (no lactate) containing FeCl2, MnCl2, deactivated Shewanella sp. ANA-3 cells, or ferrihydrite were then spiked to the birnessite suspensions yielding final concentrations of 1 mM Fe(II),
1 mM Mn(II), 108 cells/mL, or 30 mM ferrihydrite-Fe. Deactivation of cells was achieved by growing
the culture as described in Appendix B, adding 10 mM NaN3 during the late exponential phase, and
incubating the culture for 24 h at room temperature. Thereafter, the cell suspension was handled as
detailed in Appendix B. The birnessite suspensions were horizontally shaken (100 rpm) for another
23 h before anoxic minimal medium (no lactate) solution containing NaHAsO3 or FeCl2 was spiked
to the suspensions (Asfinal: 0.1 mM; Fefinal: 1 mM). Sampling was conducted during 24 h (As oxidation)
or 1.4 h (Fe oxidation) using sterile syringes or pipettes. The suspension pH remained constant within
±0.5 units. For analyses of dissolved As, 2-mL aliquots were filtered through 0.2-µm Nylon filters and
acidified with 1 vol.% conc. HCl. Samples for total As measurements (0.5 mL) were digested in a mixture of 0.75 mL 0.1 M ascorbic acid and 0.25 mL conc. HCl. All sample solutions were kept in the dark
and remained in the glovebox until analysis. For total Fe(II) measurements, well-mixed suspensions
were directly added to 1,10-phenanthroline in buffer solution.41 The reacted suspensions were filtered
(0.2 µm, Nylon) and Fe(II) in the filtrates was measured spectrophotometrically.42 In pre-experiments
this method yielded a recovery of 97±1% for total Fe(II) reacted with Al2O3.
3.2.4. Wet-Chemical Analyses
Concentrations of As(III) in acid digests and As(III) and total As in filtered samples were determined by hydride-generation atomic fluorescence spectrometry (HG-AFS, Millennium Excalibur, PS
Analytical Ltd.).43 Solution concentrations of As(V) were inferred from the difference between Astot
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and As(III)aq of the filtrates. Dissolved Fe(II) and total dissolved Fe – the latter after reduction to Fe(II)
with hydroxylamine hydrochloride – were measured spectrophotometrically (Cary 50 Bio, Varian)
using the 1,10-phenanthroline method.42 Dissolved Fe(III) was not present in any filtered solution.
Total concentrations of Mn and As in acid digests and filtered solutions were determined by inductively coupled plasma–optical emission spectrometry (Vista MPX,Varian), and lactate and acetate were
measured by ion chromatography (Metrohm, Metrosep column, suppressor solution: 10 mM LiCl,
eluent: 0.5 mM H2SO4 + 5 vol.% acetone, flow rate: 0.5 mL/min).
3.2.5. X-ray absorption spectroscopy
Arsenic K-edge (11867 eV) and Mn K-edge (6539 eV) X-ray absorption near edge structure
(XANES) spectra of powdered samples prepared as pellets or sandwiched between Kapton® tape were
collected at beamlines BM01B (As) and BM26A (Mn) of the European Synchrotron Radiation Facility
(ESRF, Grenoble, France). Additional Mn measurements were performed at beamline 4-1 of the Stanford Synchrotron Radiation Laboratory (SSRL, Menlo Park, USA). Iron K-edge (7112 eV) XANES
and extended X-ray absorption fine structure (EXAFS) spectra were measured at beamline 11.1 of
the Elettra Synchrotron Radiation Facility (Trieste, Italy). Details on data collection and analysis are
provided in Appendix B.

3.3. Results
3.3.1. Biotic experiments – solution analyses
In all treatments the initial pH of 7.2 increased by up to 0.6 pH units within 397 h of the incubation
(Table B.1). These trends went along with a decline in the redox potentials. In the no-Mn treatment
Eh values were lowest, ranging from 36±4 mV after 24 h to -187±7 mV at the end of the experiment.
Birnessite additions resulted in much higher redox potentials during the early incubation stages (e.g.,
455±23 mV in the high-Mn treatment after 24 h) but the Eh differences to the no-Mn treatment diminished after 7 h (Table B.1).
Acetate solution concentrations in the no-Mn treatment increased linearly throughout the experiment (Figure 3.1), indicating a constant microbial activity. In the low- and high-Mn treatments acetate
concentrations also increased linearly but leveled off simultaneously after ~200 h (Figure 3.1a). The
decrease in acetate concentrations may indicate a toxic effect of dissolved Mn(II) on Shewanella sp.
ANA-3. A birnessite-induced loss of lactate44 or acetate is unlikely given that the observed discrepancy occurred after almost complete birnessite dissolution and the sum of lactate and acetate remained
constant within error at 20 mM.
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Figure 3.1. Concentration trends observed during incubation of As(V)-bearing ferrihydrite (32.1 mM Fe) with Shewanella sp. ANA-3 (108 cells/mL) in minimal medium containing 0 (no-Mn), 0.9 (low-Mn), or 3.1 mM (high-Mn) birnessite
(pH 7.2±0.6, 24±1°C): (a) Dissolved acetate, (b) dissolved Mn, (c) total Fe(II), (d) dissolved Fe(II), (e) total As(III), and (f)
dissolved As(III) concentration. Error bars represent standard deviations (n = 3) which in part are smaller than the symbol
size. Model fits of eq 3.1 are shown as dashed lines.

Dissolved Mn was below detection limit (~5 µM) at the start of the experiment and increased to 0.78
mM in the low-Mn and to 2.5 mM in the high-Mn treatment (Figure 3.1b). These values correspond
to 91 and 81% of total Mn, respectively. Speciation calculations with Visual Minteq45 showed that the
397-h solutions of the low- and high-Mn treatments were undersaturated with respect to amorphous
MnCO3 (log Ksp = -10.5, saturation index (SI) = -0.5) but saturated with respect to crystalline rhodochrosite (log Ksp = -11, SI = 0). For these calculations we conservatively assumed that the amount
of carbonate formed due to bacterial respiration was equivalent to the moles of acetate produced and
that no gaseous losses of CO2 occurred. However, our Mn EXAFS data showed no evidence for rho57
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dochrosite formation in the 397-h samples (Figure B.2). Likewise, krautite (Mn(HAsO4)·H2O)-like
Mn(II)-arsenate precipitation22 was unlikely since As(V) was never detected in solution. Conservatively using an As(V) concentration of 0.2 µM, we calculated an SI value of ~-1.5 for the maximal Mn2+
solution concentration observed (I ~40 mM, Mn2+ = 2.5 mM, pH 7.8; Mn(HAsO4)·H2O ↔ Mn2+ +
OH- + H2AsO4-, log K ~-15.5).22
Figure 3.1c-f illustrates the concentration trends of dissolved and total Fe(II) and As(III). We found
that due to the oxidative power of Mn(III/IV) present in the strongly acidic digest samples both Fe(II)
and As(III) underwent partial oxidation. Based on the birnessite reduction kinetics (see next section),
total Fe(II) and As(III) concentrations could not be trusted below 100 h (low-Mn) or 300 h (highMn), and were therefore replaced in Figure 3.1 by values calculated from XAS when available (see
Figure B.3 for As).
Figure 3.1 shows that the Fe(II) and As(III) concentrations in the birnessite-free samples always
exceeded those of the birnessite-amended ones (no-Mn > low-Mn > high-Mn), and that the effect
of birnessite was generally more pronounced for Fe(II) than for As(III). After 397 h, for example,
birnessite reduced the net production of Fe(II) and As(III) in the high-Mn treatment by 78 and 47%,
respectively. At this time As(III)aq comprised ≤0.1% of As(III)tot, whereas Fe(II)aq amounted to ~30%
of Fe(II)tot in the no- and low-Mn treatments and ~17% in the high-Mn treatment.
In order to quantitatively evaluate the effect of birnessite on the formation and release of Fe(II) and
As(III), and to account for the sigmoidal shape of many concentration trends (Figure 3.1), we fitted
the concentration data to the modified Gompertz equation:46
C(t) = Cmaxexp{-exp[re(λ-t)/Cmax+1]} 			

(3.1)

			
i (µM) at time t (h), the
where C(t), Cmax, r, e, and λ refer, respectively, to the concentration of species
maximum concentration after infinite reaction time (µM), the maximum rate at the inflection point
(µM/h), Euler’s number, and the lag phase (h) before the exponential concentration increase. The latter is given by the abscissa intercept of the inflection-point tangent. The fits of eq 3.1 are shown in Figure 3.1 and their results are summarized in Table 3.1. With increasing birnessite concentrations, Cmax
of Fe(II)aq and Fe(II)tot decreased considerably, and in comparison to Mn(II)aq both the production of
Fe(II) and its release into solution were markedly delayed (Figure 3.1c,b-d; Table 3.1). In the low-Mn
treatment, for instance, λ of Fe(II)tot was seven and that of Fe(II)aq ten times that of Mn(II)aq (Table
3.1). The enhanced lag phase for Fe(II)aq in comparison to Fe(II)tot, in concert with its lower formation
rate, points toward Fe(II) adsorption reactions and/or a slow desorption of reduced structural Fe(III)
(Table 3.1).
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Table 3.1. Fit results obtained from fitting eq 3.1 to data of dissolved and/or total Mn(II), Fe(II), and As(III).a
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With increasing birnessite concentrations, Cmax of As(III)aq and As(III)tot decreased by up to about
50%. Likewise, the rate of As(III)aq formation was reduced by a factor of ~2-3 (Figure 3.1e, f; Table 3.1).
A comparison of the kinetic data for the As(III)aq-As(III)tot and Fe(II)aq-Fe(II)tot couples for the no-Mn
treatment revealed that upon bacterial reduction As(III) is preferentially enriched in the solid phase
as compared to Fe(II) (Cmax, Table 3.1). As a result, r(As(III)tot)/r(As(III)aq was 174-times higher than
the corresponding ratio for Fe(II) (Table 3.1).
3.3.2. Biotic experiments – X-ray absorption spectroscopy
The solid-phase speciation of Mn, Fe, and As was analyzed by XAS. Figure B.4 shows the respective
sample spectra and their linear combination fits (LCF), which are summarized in Table 3.2. Isosbestic
points in the Mn XANES spectra suggest the direct conversion of birnessite into adsorbed Mn(II)
during microbial reduction (Figure B.5). Linear combination fit analyses revealed the complete reduction of birnessite after 397 h. Within the first 69 h the reduction of birnessite progressed with
zero-order kinetics (Figure B.6). The associated rate constant k was (1.2±0.1)×10-2/h in the low-Mn
and (1.0±0.1)×10-2/h in the high-Mn treatment. Extrapolation to zero birnessite concentrations delivered a total reduction time of 87 h for the low-Mn and 264 h for the high-Mn treatment. However,
Mn(II)aq still increased after these time points (Figure 3.1b), possibly due to a slower Mn reduction
kinetics close to birnessite depletion and/or Mn(II) desorption from the solid phase.
Iron EXAFS LCF analyses showed that no secondary Fe phase emerged in the system up at least
~69 h (Table 3.2, Figure B.4). In the absence of birnessite, ferrihydrite transformed into 31% magnetite, 12% goethite, and 9% carbonate green rust within 397 h. The formation of the latter phases was
impaired in the low- and high-Mn treatments, where ferrihydrite still accounted for 74 and 83% of
total Fe in the solid phase after 397 h (Table 3.2). Linear combination fits of the As XANES spectra
(Figure B.4) revealed that birnessite had little impact on the solid-phase speciation of As up to 69 h.
After 397 h, however, 58% of As in the no-Mn treatment was present as As(III), whereas the As(III)
contents in the low- and high-Mn treatments were 36 and 26%, respectively (Table 3.2).
3.3.3. Abiotic experiments
In these experiments we studied the oxidation of 0.1 mM As(III) or 1 mM Fe(II) by 3 mM pure
birnessite (control) and by 3 mM birnessite pre-equilibrated for 23 h with 1 mM Fe(II), 1 mM Mn(II),
108 cells/mL of deactivated Shewanella sp. ANA-3, or 30 mM ferrihydrite. Figure 3.2a-e shows the
trends of As(III)aq (filtered samples), As(III)tot (digested samples) and adsorbed As (total As added - total As of filtered samples) for each As(III) treatment. The addition of As(III) to pure birnessite led to its
continuous oxidation within 24 h with little, if any As adsorption to birnessite (Figure 3.2a). Because
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Figure 3.2. Dynamics of dissolved As(III), total As(III), and adsorbed As (As(III) + As(V)) during abiotic oxidation of 0.1
mM As(III) (pH 7.2±0.5, 24±1 °C) in lactate-free minimal medium containing 3 mM birnessite (Bi) pre-equilibrated for
23 h with (a) minimal medium (control) and minimal medium amended with (b) 1 mM Mn(II), (c) 1 mM Fe(II), (d) ferrihydrite (Fh; 30 mM), and (e) 108 cells/mL of deactivated Shewanella sp. ANA-3 cells. The legend in (a) is valid for panels
(b-e). Panel (f) shows the trend in total Fe(II) concentrations after spiking 1 mM Fe(II) to 3 mM pre-equilibrated birnessite
(pH 7.2±0.5, 24±1 °C). The treatments were identical to the As(III) oxidation experiment. Error bars in all graphs represent the mean range of duplicate samples and are in part smaller than the symbol size. Dashed lines in (a), (e), and (f) show
model fits of eq 3.2 to As(III)tot or Fe(II)tot data.

the oxidation of As(III) by birnessite did not follow a simple (pseudo) first-order rate law,25 we used a
bi-exponential model to fit the experimental data (eq 3.2):
C(t) = Cmax1 exp(-k1t) + Cmax2 exp(-k2t)							

(3.2)

Here, C(t) refers to the remaining As(III) fraction (%) after time t (h), Cmax1 and Cmax2 to, respectively, the fast and slowly oxidizing As(III) fractions (%), and k1 and k2 to their corresponding rate
constants (1/h). The model described the data well (adjusted R2 = 0.993, Figure 3.2a). Accordingly,
12.3±2.6% of As(III) was rapidly oxidized (k1 = 0.68±0.31/h, t1/2 = 1.0 h), whereas 86.2±2.7% of As(III)
was oxidized about 30 times slower (k2 = 0.023±0.002/h, t1/2 = 30.3 h). Pre-equilibration of birnessite
with Mn(II) rendered it completely unreactive toward As(III) (Figure 3.2b), while the addition of
Fe(II) to birnessite strongly reduced the amount of As(III) oxidized (~8.7%) as well as the rate of
As(III) oxidation (Figure 3.2c). In contrast to Fe(II), ferrihydrite addition to birnessite prevented the
oxidation of As(III) due to its quantitative adsorption to ferrihydrite (Figure 3.2d).
Deactivation of Shewanella cells with NaN3 lowered their activity by 90% as judged from the Mn(II)
62

Discussion
released during the 23-h pre-equilibration with birnessite (not shown). Although the addition of these
cells, their exudates, and possibly their cell-lysis products to birnessite increased the initial oxidation rate of As(III), it lowered the extent of As(III) oxidation (Figure 3.2e). Parameter estimates obtained for a fit of eq 3.2 to As(III)tot data of the cell treatment (Figure 3.2e) were: Cmax1 = 11.7±1.5%,
Cmax2 = 82.5±1.2%, k1 = 1.91±0.60/h (t1/2 = 0.36 h), and k2 = (8.7±1.1)×10-3/h (t1/2 = 79.7 h) (adjusted R2
= 0.987).
Figure 3.2f shows the results of the abiotic Fe(II) oxidation experiments. In case of pure birnessite,
97% of spiked Fe(II) was oxidized within 1.41 h. No Fe was detectable in solution after ~30 s in all
but the Fe(II) treatment, where 0.1 mM Fe(II) remained in solution after the additional Fe(II) spike.
After 10 min, however, also these solutions became fully depleted in dissolved Fe. Pre-equilibration of
birnessite with Mn(II), Fe(II), ferrihydrite, and deactivated cells had no effect on the oxidation kinetics of Fe(II) (Figure 3.2f). Therefore, we simultaneously fitted all data sets to eq 3.2 (Figure 3.2f) and
obtained the following parameter estimates: Cmax1 = 94.0±0.1%, Cmax2 = 6.0±0.1%, k1 = 493±2/h (t1/2 =
5.1 s), and k2 = 0.96±0.04/h (t1/2 = 0.72 h) (adjusted R2 = 0.999).

3.4. Discussion
3.4.1. Microbial manganese, iron, and arsenic reduction
The rapid release of Mn into solution followed by Fe and As reduction indicates the establishment
of temporal redox gradients governed by the thermodynamic stability of the associated redox couples.47,48 Although As(V) reduction by Shewanella sp. ANA-3 may also proceed via a redox potential-independent detoxification mechanism,11 this As(III) formation route was probably negligible in
our experiments owing to the low solution concentrations of As.11,49
Identical birnessite reduction of 11±1 µM/h (Figure B.6b) and similar rates of acetate production for
t <200 h (Figure 3.1a) in the low- and high-Mn treatments imply that the reduction of birnessite was
limited by the bacterial cell density. In accordance with Campbell et al.50 we observed the simultaneous reduction of ferrihydrite and As(V) in the no-Mn treatment (Figure 3.1c,e), which was probably
caused by the homogenous As(V) distribution in ferrihydrite aggregates formed upon coprecipitation.
This reasoning is supported by the near-stoichiometric reduction of As and Fe (Figure 3.3). A similar
trend was reported by Weber et al.51 for a soil incubation experiment in which the reductive dissolution of As(III) and Fe(II) equaled the molar As/Fe ratio of ascorbate-extractable soil Fe.
Increasing concentrations of birnessite slowed down the formation and release of both Fe(II) and
As(III), with the effects being more pronounced for Fe(II) (Figure 3.1, Table 3.1). Increasing ordinate
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Figure 3.3. Correlation between (a) total As(III) and Fe(II) and (b) dissolved As(III) and Fe(II) in the biotic incubation
experiment (cf. Figure 3.1). Because the acid-digest results were biased by the presence of Mn(III/V), only data for t >69
h ( low-Mn) and >300 h (high-Mn) are plotted in (a). Note that the slopes in (a) are close to the initial molar As/Fe ratio
of 0.05. The data points in (b) not matching the regression line indicate As sorption reactions at elevated Fe(II) solution
concentrations. The legend in (a) is valid for both panels.

intercepts for regressions of Fe(II)tot against As(III)tot (Figure 3.3a) imply that As(V) reduction occurred before Fe(II) accumulated in the systems amended with birnessite. Because As(V) desorption
from ferrihydrite was negligible and thus As(V) reduction necessitated the reduction of ferrihydrite,
this result is only explicable in terms of Fe(II) re-oxidation by birnessite. In the low-Mn treatment,
the intercept of ~0.1 in Figure 3.3a translates into ~2 mM of oxidized Fe(II) – a sufficient amount to
inactivate birnessite for As(III) oxidation (Figure 3.2c). Nearly identical slopes of ~0.06 for the no- and
low-Mn treatments in Figure 3.3a document that the reduction rate of As(V) was independent of birnessite content and limited by the reductive release of As(V) from ferrihydrite52,53 once the oxidation
capacity of birnessite was exhausted. This conclusion is further corroborated by Figure 3.3b illustrating no impact of birnessite on the relationship between Fe(II)aq and As(III)aq.
Upon As(V) reduction As(III) was mainly, and in comparison to Fe(II) preferentially sequestered in
the solid phase (Figure 3.1c-f). As a result, the total molar As(III)/Fe(II) ratios were ~300-fold higher
than the corresponding ratios in solution (Figure 3.3). These results comply with the high sorption
affinity of As(III) toward Fe(III)-(oxyhydr)oxides at circumneutral pH and the limited capability of
Fe(II) to compete with As(III) for Fe(III)-(oxyhydr)oxide surface sites.54,55
3.4.2. Birnessite reactivity
We observed a two-phase (pseudo) first-order kinetics for As(III) oxidation on birnessite under
anoxic conditions (Figure 2a, fit of eq 3.2). A biphasic oxidation pattern was also noticed by Lafferty
64

Discussion
et al.25, who explained their finding with surface passivation by Mn(II). In their experiments, the passivation of δ-MnO2 after 6.4 h coincided with the saturation of structural vacancies by Mn(II), which
increased the competition between dissolved Mn(II) and As(III) for edge sorption sites. Since triclinic
birnessite does not contain vacancy sites, the extent of sorption competition between both reduced
species may be more effective. The rate constant k1 determined for the fast abiotic As(III) oxidation
step (Figure 3.2a) was up to five times lower than those reported for birnessite studied under oxic
conditions,23,56 probably caused by the comparatively low specific surface area and high structural
Mn(III) content of our birnessite.23,30,56
Manganese(II) and Fe(II) released during microbial reduction are efficient reductants for birnessite.57,58 Elzinga et al.58 showed that at pH 7.5 Mn(II) adsorbed to birnessite undergoes an interfacial electron transfer with structural Mn(IV), resulting in the incipient formation of feitknechtite
(β-Mn(III)O(OH)) which is converted into manganite (γ-Mn(III)O(OH)) upon further reaction with
Mn(II). In this study the formation of feitknechtite was promoted by Mn(II) at solution concentrations
equal or less than those of birnessite, whereas manganite was formed at higher Mn(II) concentrations.
In the biotic experiments Mn(II)aq covered both concentration regimes (Figure 3.1b), which could
have led to the conversion of birnessite into feitknechtite in the early reduction phase and the transformation of feitknechtite into manganite during the late reduction phase. In our abiotic As(III) oxidation
experiments, Mn(II) completely impaired the oxidation of As(III) by birnessite (Figure 3.2b). Since
manganite has been shown to oxidize As(III)59 and the concentration of Mn(II) spiked to birnessite
before As(III) addition was only one third of the total birnessite concentration (3 mM) we reason that
Mn(II) adsorption and/or surface precipitation of feitknechtite prevented the oxidation of As(III) in
this experiment. The absence of spectroscopic evidence for transient Mn(III)-oxyhydroxides in the
incubation experiment (Figure B.5) may have been caused by the high Mn(III) content of our birnessite, obscuring their detection.
High solution concentrations of Fe(II) in comparison to those of Mn(II) and As(III) (Figure 3.1)
in conjunction with the net negative charge of birnessite at circumneutral pH (pHPZC <2)60 render
Fe(II)aq an efficient reductant for birnessite. Our abiotic Fe(II) oxidation experiments demonstrated that ~95% of Fe(II) spiked to birnessite was almost instantaneously oxidized (t1/2 = 5.1 s). The
resulting precipitation of ferrihydrite considerably slowed down the birnessite-induced As(III) oxidation by facilitating As(III) adsorption reactions (Figure 3.2c). In the extreme case of ferrihydrite
pre-equilibration with birnessite, As(III) adsorption to ferrihydrite prevented As(III) from reaching
the birnessite surface and hence no As(III) oxidation was observed (Figure 3.2d). All these results
agree with the formation of ferrihydrite during the reduction of nsutite-like MnO2 by Fe(II) at pH 3,57
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with the enhanced immobilization of As(III) by sediment due to the oxidation of Fe(II) by Mn-oxides,61 and the decrease in As(III) oxidation by Mn-oxides by Fe(III) coatings at acidic pH.62 Interestingly, pre-equilibration of birnessite with Fe(II) and Mn(II) did not result in reduced Fe(II) oxidation
rates (Figure 3.2f), suggesting that the Mn(III)solid formed was equally effective in oxidizing Fe(II) as
the initial birnessite. Likewise, the Mn(II)-induced inactivation of birnessite for As(III) but not for
Fe(II) oxidation is remarkable and may indicate that at circumneutral pH the redox potential of the
Mn(II)aq-Mn(III)solid redox couple is lower than that of As(III) and As(V).
Similar to Mn(II) and Fe(II), the addition of deactivated bacterial cells lead to a reduced As(III) oxidation by birnessite (Figure 3.2e), which indicates that Shewanella cells, their exudates, and/or lysis
products inactivated birnessite due to adsorption31,63 or the production of Mn(II) via organic reductants.44 Additionally, dissolved cell-lysis products may have complexed As(III)64,65 and thus impaired
its oxidation by birnessite.
In summary, the results of our biotic and abiotic experiments imply the rapid abiotic re-oxidation of
microbially produced Fe(II) by birnessite and the latter’s surface passivation toward As(III) oxidation
by Fe(II), Mn(II) and bacterial cell material. The birnessite-induced delay in As(III) formation and
release in the biotic system was thus likely caused by a combination of thermodynamic favorability
of Mn(III/IV) reduction, surface passivation reactions, and As(III) adsorption to newly precipitated
ferrihydrite.
3.4.3. Environmental implications
In the biotic experiments we employed Mn/Fe ratios typical of soils and sediments.66-68 We observed
a limited effect of birnessite on the redox dynamics of As following its reductive release from ferrihydrite. The results show that the oxidation of As(III) by birnessite was completely inhibited in the
presence of dissolved Mn(II), whereas dissolved Fe(II) and inactivated bacterial cell material lowered
but did not prevent As(III) oxidation. Additionally, we observed the almost instantaneous oxidation of
Fe(II) on birnessite surfaces. These results suggest that in water-logged soils and sediments, where the
onset of Mn reduction typically precedes that of Fe and As reduction, Mn-oxides become rapidly passivated toward As(III) oxidation. This is most likely due to partial transformation into Mn(III)-oxyhydroxides in the presence of Mn(II) and, under Fe-reducing conditions, formation of As(III)-sequestering ferrihydrite surface coatings. In conclusion, the results document that Mn-oxides like birnessite
exert a transient negative effect on the formation and release of As(III). Owing to surface passivation
reactions, however, these phases likely have a minor direct impact on the redox speciation of As in
water-logged soils and sediments.
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Impact of Mn-oxide on Arsenic speciation
and leaching from a contaminated floodplain soil

A manuscript based on this chapter was accepted for publication in Environmental Science & Technology: Ehlert, K.; Mikutta, C. and Kretzschmar, R. Impact of birnessite on arsenic speciation and leaching from a contaminated floodplain soil.
Abstract
Reductive release of the potentially toxic metalloid As from Fe(III)-(oxyhydr)oxides has been identified as an important process leading to elevated As porewater concentrations in soils and sediments.
Despite the ubiquitous presence of Mn-oxides in soils and their oxidizing power toward As(III), their
impact on interrelated As, Fe, and Mn speciation under microbially reducing conditions remains
largely unknown. For this reason, we employed a column setup and X-ray absorption spectroscopy to
investigate the influence of increasing birnessite concentrations (molar soil Fe/Mn ratios: 4.8, 10.2,
and 24.7) on As speciation and release from an As-contaminated floodplain soil (214 mg As/kg) under
anoxic conditions. Our results show that birnessite additions significantly decreased As leaching. The
reduction of both As and Fe was delayed and As(III) accumulated in birnessite-rich column parts,
indicating the passivation of birnessite and its transformation products toward As(III) oxidation and
the precipitation of Fe(III)-(oxyhydr)oxides. Microbial Mn reduction resulted in elevated soil pH values, which in turn lowered the microbial activity in the birnessite-enriched soil. We conclude that in
Mn-oxide rich soil environments undergoing redox fluctuations, the enhanced As adsorption to newly
formed Fe(III)-(oxyhydr)oxides under reducing conditions leads to a transient stabilization of As.

75

Chapter 4

4.1. Introduction
Arsenic is a widespread and potentially toxic metalloid which is causing health problems for millions of people worldwide through its presence in drinking water or food.1,2 Floodplain soils are frequently contaminated with As due to mining and ore processing facilities and the sediment-bound
transport of contaminated waste material downstream from these point sources.1,3,4 Situated at the
interface between the aquatic and terrestrial environment, floodplain soils are chemically and biologically active zones that may dynamically retain or release contaminants and which are commonly used
for agriculture and grazing.5-7 The mobility of As in soil environments characterized by fluctuating
water tables is largely controlled by its speciation and the present redox conditions.1,8 In oxic soils As
is predominantly found as As(V) (H2AsO4- and HAsO42-) adsorbed to Fe(III)-(oxyhydr)oxides, while
under oxygen-limiting conditions, as induced by soil flooding, the more mobile As(III) (H3AsO3 and
H2AsO3-) prevails. Reducing conditions, leading to the microbial reductive dissolution of Fe(III)-(oxyhydr)oxide sorbent phases and of As(V) to As(III), have therefore been identified as an important
cause of elevated As solution concentrations.6
Even though Fe(III)-(oxyhydr)oxides are widely recognized as the most abundant redox active sorbents for As in soils and the reductive release of As and Fe is often coupled,9-11 Mn-oxides may also
exert an important control on As release from contaminated soils. Manganese oxides are ubiquitous
in soils with common concentrations of 0.02-10 g/kg.12 They are of dark color and often form concretions or nodules in periodically water-logged soils,13 which are potential zones of As retention and
release.9,14,15 Manganese-rich strata can form in zones experiencing frequent water-table fluctuations,
such as in hyporheic zones,16 above shallow aquifers,17 or through sedimentary processes by the deposition of Mn-rich material in riverine floodplains.4
The formation of Mn-oxides has been found to be closely connected to the activity of Mn(II) oxidizing bacteria and fungi.18 Manganese oxides may also form by the chemical oxidation of Mn(II) at
Fe- and Mn-(oxyhydr)oxide surfaces.19,20 The initial oxidation product is a turbostratic phyllomanganate (δ-MnO2).21 In soils, the identification of Mn-(oxyhydr)-oxide minerals is hindered by their
poor crystallinity and relatively low concentrations. Important phases are birnessite group minerals
([Na,Ca,Mn(II)]Mn7O14·2.8H2O), lithiophorite (LiAl2[Mn(IV)2Mn(III)]O6(OH)6) (both layer structures), and todorokite ((Ca,Na,K)0.3-0.5[Mn(IV),Mn(III),Mg]6O12·3-4.5H2O) (tunnel structure).22 Their
low point of zero charge (pH 1.7-3.5)23 renders them effective adsorbents for a variety of heavy metals
(Zn, Ni, Co, Pb).24-28 The reduction of Mn-oxides is thermodynamically more favorable than that of
Fe(III) or As(V) and starts at relatively high redox potentials (~400 mV).6
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Manganese oxides are strong oxidants and have been shown to oxidize As(III), Fe(II), Co(II), U(IV),
Cr(III), and organic substances.27,29-33 The oxidation of As(III) to As(V) by Mn-oxides has received
considerable attention due to its potential to decrease As solution concentrations by As(V) sorption to
Fe(III)-(oxyhydr)oxides.34-36 The As oxidation on δ-MnO2 has been described as a multistep reaction
involving As(III) adsorption and oxidation to As(V), thereby producing Mn(II) which subsequently
comproportionates with Mn(IV) to Mn(III).37,38 The reaction has frequently been reported to follow
a first-order kinetics, due to increasing Mn-oxide surface passivation after an initially rapid reaction
progress.39,40 A diminution of the oxidative power of Mn-oxides was also demonstrated to occur in the
presence of various environmentally relevant elements. For example, the adsorption of Zn or Ni to
(biogenic) δ-MnO2 lowered the kinetics of As(III) oxidation, but enhanced As(III) adsorption.41,42 The
presence of redox-active elements, most importantly Mn(II) and Fe(II), was also found to distinctly
reduce the redox activity of Mn-oxides. Elevated amounts of Mn(II) have been shown to transform
hexagonal birnessite into manganite (γ-MnOOH; pH 7-8) or hausmannite (Mn(II)Mn(III)2O4; pH
8-8.5) with feitknechtite (β-MnOOH) as an intermediate phase.43 Several studies reported passivation
of different Mn-oxides toward As(III) oxidation by reaction with dissolved Mn(II),42,44 albeit manganite was also shown to oxidize As(III).45 The passivation may have been due to the slow kinetics of birnessite transformation into manganite, leading to increased concentrations of Mn(II) on the mineral
surface. A reported enhanced As(V) adsorption onto biogenic Mn-oxide in the presence of dissolved
Mn(II) reinforces this assumption,42 and points toward reactivation of the Mn(III)-hydroxide surface
after completed Mn-oxide transformation. A number of mechanistic studies targeting Fe(II) oxidation
on Mn-oxides were conducted at acidic pH.30,46 The second-order rate constant for Fe(II) oxidation
on colloidal ‘Mn-oxide’ has recently been determined to be fast, with average rates of 4338±249/M/s
at 25°C and pH 5.47 Villinski et al.30 observed the precipitation of jacobsite (MnFe2O4) on the surface
of MnO2, and Gao et al.48 the formation of lepidocrocite (γ-FeOOH) and goethite (α-FeOOH). In
the presence of dissolved Fe(II), As(III) oxidation is hindered by the competitive oxidation of Fe(II)
and subsequent formation of poorly crystalline Fe(III)-(oxyhydr)oxides.44,49 Consistent with laboratory findings on As(III) oxidation by Mn-oxides in the presence of environmentally relevant solution
constituents, studies using soils or sediments reported a slow kinetics and incomplete oxidation of
As(III).36,50,51
In soils, the rapid oxidation of Fe(II) and As(III) by Mn-oxides could lead to enhanced As retention
via sorption of As(V) to newly formed Fe(III)-(oxyhydr)oxides. The combination of Fe(III)-(oxyhydr)oxides and Mn-oxides has therefore been proposed as a promising As remediation strategy,52,53
and the relative concentration of these phases may be a crucial determinant controlling the risk of
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As leaching from contaminated soil. However, there is a lack of knowledge regarding the impact of
Mn-oxides on As speciation under microbially reducing conditions. In a model study with As(V)-adsorbed ferrihydrite (∼Fe5HO8·4H2O) and Shewanella bacteria, we recently showed that the oxidation
of As(III) by birnessite at neutral pH is negligible in contrast to unchanged and fast rates of Fe(II)
oxidation.44 As a result, the retention of As(III) was enhanced by its adsorption to newly formed
Fe(III) precipitates. In order to test the transferability of these findings to soil matrices, we studied the
speciation and fate of As, Fe, and Mn in an As-contaminated floodplain soil amended with birnessite
under anoxic advective flow conditions. We hypothesized that increasing levels of birnessite lead to
an enhanced retention of As and that birnessite enriched soil layers act as an effective sink for reductively mobilized As.

4.2. Materials and Methods
Chemicals and reagents: All chemicals used for the experiment were of analytical grade and
solutions were prepared with doubly deionized (DDI; ≥18 MΩ cm) water. Glovebox (N2 atmosphere)
materials were introduced at least 24 h before usage. Tubing and glassware used in the experiment
were cleaned with dilute HCl (10% (v/v) of conc. HCl) followed by DDI water.
4.2.1. Birnessite synthesis
Acid birnessite was synthesized according to McKenzie et al.54 Briefly, 63 g KMnO4 were dissolved
in 1 L DDI water. The solution was stirred at 500 rpm and heated to 90°C, followed by the addition of
66 mL conc. HCl. After a 10-min reaction time at 90°C the suspension was cooled for 30 min before
being vacuum filtered. The oxide was resuspended in DDI water, filtered, and then repeatedly washed
with DDI water until the conductivity of the supernatant was <50 µS/cm. The precipitate was subsequently shock-frozen by immersion into liquid N2, freeze-dried, sieved through a 0.45-mm mesh,
and stored in a desiccator. X-ray diffraction (XRD; Bruker D4 equipped with an energy-dispersive Li
drifted Si detector; Cu Kα radiation, 0.02° step size, 10 s/step) was employed to verify the product (Appendix Figure C.1). The total element content of birnessite was determined after acid digestion using
inductively coupled plasma – optical emission spectrometry (ICP-OES; Vista MPX, Varian, USA).
4.2.2. Soil sampling and characterization
The soil used in the experiment was sampled from the river floodplain of Ogosta River, situated in
North-West Bulgaria (43°23.463’N; 23°06.730’E). Intense mining activities (Pb-Ag, Fe, Au) between
1951-1999 and a large waste impoundment damn failure in 1964 caused heavy pollution of the floodplain soils, especially with As.55 A soil sample was collected from 20-40 cm depth as this depth con78
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tains As-contaminated soil layers and is frequently water-saturated during periodic flooding events.4
The soil was oven-dried at 30°C, homogenized, sieved through a <2 mm mesh, and stored in the
dark at room temperature. Total element contents were determined with X-ray fluorescence (XRF)
spectrometry (XEPOS, Spectro). Soil mineralogy was analyzed by powder XRD (Bruker D8 equipped
with a high-resolution energy-dispersive 1-D detector (Lynxeye), Cu Kα radiation, 0.01° step size,
10 s/step) after milling the soil with a disc mill (RS1, Retsch, Germany). The diffractogram is displayed
in Figure C.1, and relevant physicochemical soil parameters are listed in Table C.1.
4.2.3. Column experiments
Figure 4.1 schematically shows the experimental setup of the column experiment. Column treatments consisted of the original soil as a control (214 mg/kg As; molar Fe/Mn: 24.7 (‘low-Mn’)) and the
same soil amended with increasing amounts of birnessite yielding molar Fe/Mn ratios of 10.2 (‘midMn’) and 4.8 (‘high-Mn’), respectively. Additionally, two treatments consisted of equally thick layers
of the ‘low-Mn’ and ‘high-Mn’ soil materials, with the ‘low-Mn’ soil placed either at the inlet (‘low/
high-Mn’) or at the outlet (‘high/low-Mn’) of the column. These layered columns were prepared in
order to test the impact of birnessite on As speciation in stratified floodplain soils with Mn-rich layers.
Birnessite-enriched soil was produced by mixing one kilogram of dry soil with the required mass of
birnessite and shaking the mixtures end-over-end for 5 h. Total element contents in the mixtures were
then determined on milled samples by XRF spectrometry (n = 9, average RSD: <7%). According to the
respective treatment, 90 g of soil were filled into chromatographic glass columns (2.5×25 cm, Omnifit®, UK). The columns were equipped with a fixed 25-µm porous polyethylene frit at the lower end and
an adjustable 1-mm Nylon mesh at the upper end. The soil-filled length of the columns was 12.8±0.1
cm, resulting in ~35 mL pore space. Entrained air was replaced by CO2-flushing for 1 min. The outlets
were then sealed with rubber stoppers before the columns were transferred into the glovebox.
The influent solution consisted of 0.1 mM KCl, 0.2 mM MgCl2, and 3 mM Na-lactate to stimulate
and maintain microbial activity. The solution was stored in a sterile 10 L brown glass bottle whose
lit was modified to fit a sterile rubber tube for solution supply to the columns, a 0.2-µm Nylon filter
for gas exchange, and a rubber stopper to facilitate refills. Before introduction into the glovebox, the
influent solution was sterilized in an autoclave (120°C, 7 min) and cooled under a N2 stream for O2
depletion. Because the soils in the Ogosta River valley contain carbonates, the influent solution was
passed through a glass column (2.5×15 cm) containing 40 g CaCO3 (marble granular, Merck). Before
starting the experiment, the marble column was flushed for 1 h with influent solution at 100 mL/h.
After passing the marble column, the silicone tubing was split (PharMed®, NSF 51) and attached to
a peristaltic pump (Masterflex) feeding each of the five columns with 5.6±0.1 mL/h influent solution
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Figure 4.1. Experimental setup of the column incubation experiment performed with As-contaminated floodplain soil
(214 mg As/kg) in an anoxic glovebox. Treatments are indicated on top of each column and molar Fe/Mn ratios are stated
in parentheses. Red arrows indicate the direction of flow.

(see Table C.2 for additional flow parameters). All further tubing was made from PTFE (Omnifit®,
UK). The first sampling (day 0) was performed after saturation of the columns (6 h), and samples were
taken daily for 30 days.
Aqueous samples were collected for ~3 h (exact time was recorded), weighed, and syringe-filtered
through 0.22-µm Nylon filters. One part of the filtrate was acidified to 1 vol.% conc. HCl. From the
non-acidified sample, 4.3 mL were passed through a cartridge containing ~0.5 g (wet weight) anion-exchange resin (Dowex® 1-X8, chloride form, 50-100 mesh size; Sigma-Aldrich) for As(V)
separation56 (the first 0.5 mL were discarded). Acidified and non-acidified samples were stored at 4°C
and -20°C, respectively, until analysis. The pH was measured directly after the end of each sampling
by connecting the outflow tube of a column to a glass cup equipped with a pH electrode (MiniTrode,
Hamilton). This facilitated pH measurements without glovebox atmosphere contact of the effluent.57
Subsequently, redox potentials were recorded in unfiltered effluents using a glass electrode (InLab®
Redox Micro, Mettler Toledo). After 30 days of constant flow, undisturbed soil material was retrieved
from the columns, cut into eight equal parts using a ceramic knife, and dried in the glovebox. Sample
weights were recorded before and after drying. The entire experiment was repeated in order to verify
concentration and aqueous speciation trends. Experiments will therefore be referred to as ‘experiment
1’ and ‘experiment 2’ hereafter.
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4.2.4. Analysis of aqueous solutions
Acidified samples were analyzed for trace elements by inductively coupled plasma – mass spectrometry (ICP-MS; Agilent 7500, Agilent Technologies, USA) and for macro elements by ICP-OES.
Detection limits defined as x̅ blank+3σblank (n ≥6) for As, Fe, and Mn were 5 µg/L. Concentrations of total
dissolved organic carbon (TOC; Dimatoc 2000, Dimatec, Germany) were measured in non-acidified
samples after outgassing of inorganic carbon by acidification (0.01 M HCl) and sonication. Low-molecular-weight organic acids were determined in non-acidified samples using ion chromatography
(IC; Metrohm, Metrosep column, suppressor solution: 10 mM LiCl; eluent: 0.5 mM H2SO4 + 5% (v/v)
acetone; flow rate: 0.5 mL/min).
4.2.5. Analysis of solids
Dried subsamples (n = 8 per column) were milled with a disc mill and analyzed for total element
concentrations by XRF spectrometry. For X-ray absorption spectroscopy (XAS), each two of the eight
dried solid samples per column (from experiment 1) were combined after noting their weight proportion, resulting in four samples per column representative of the column regions 0-3.2, 3.2-6.4,
6.4-9.6, and 9.6-12.8 cm (with 0 being situated at the column inflow). The combined samples were
then milled in the glovebox using a mechanical mortar mill (Retsch; particle size <10 µm). Arsenic
K-edge (11867 eV) and Mn K-edge (6539 eV) X-ray absorption near edge structure (XANES) spectra
were collected at beamlines 4-1 (As) and 4-3 (Mn) of the Stanford Synchrotron Radiation Lightsource
(SSRL, Menlo Park, CA, USA). Iron K-edge (7112 eV) extended X-ray absorption fine structure
(EXAFS) spectra were measured at beamline 11.1 of the Elettra Synchrotron Radiation Facility (Trieste, Italy). All spectra were analyzed by linear combination fitting (LCF) in Athena.58 Further information on sample preparation, data collection, and analysis is given in Appendix C.

4.3. Results
Results of experiments 1 and 2 were in good agreement with each other (Table 4.1, Appendix section C.11). The following sections will focus on the quantitative analysis of experiment 1 for which
solid-phase speciation analyses were performed. Because the enhanced Mn and As leaching in the
low/high-Mn treatment of experiment 1 may have been influenced by preferential flow as indicated
by inhomogeneous column coloring, we consider the concentration trends of experiment 2 for this
treatment to be more reliable (data shown in Appendix C).
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4.3.1. General redox dynamics
The column effluents had an initial pH of 6.6±0.2 but developed different trends after day 3 (Figure
4.2a). In the low-Mn treatment the pH stabilized at 7.9 and then slightly declined toward the original
soil pH of ~7.5 (Table C.1). The columns with elevated Mn concentrations (mid-Mn and high-Mn)
showed similarly increasing pH values until day 7 (pH 8.5), after which the mid-Mn treatment pH
decreased to 7.8 and the high-Mn treatment pH rose to 9.2. Initial redox potentials were also similar
in all treatments (384±22 mV) (Figure 4.2b). In the low-Mn treatment, the redox potential dropped
to 46 mV after day 10 and remained constant thereafter. The redox potential decrease in the mid-Mn
and high-Mn treatments was less pronounced and similar until day 12, when the redox potential
sharply dropped to 43 mV in the mid-Mn treatment and steadily decreased to 252 mV in the high-Mn
treatment (Figure 4.2b). Effluent lactate concentrations were similar (2.11±0.12 mM) in all treatments
at day 2 (Figure 4.2c). After 6 days, lactate was absent in effluents of the low-Mn treatment. With
increasing soil Mn content less lactate was consumed, as shown by the final lactate concentrations
of 0.90 and 2.73 mM in the mid-Mn and high-Mn treatments, respectively. The sum of all measured
low-molecular-weight organic acids remained constant during the experiment and closely matched
the TOC concentrations (Figure C.5c), indicating that only a small fraction of lactate was converted
into IC-undetectable organic compounds (e.g., ethanol) or oxidized to CO2.

Figure 4.2. (a) pH, (b) redox potential, (c) lactate, (d) As, (e) Fe, and (f) Mn concentrations in column effluents of experiment 1. The legend in (a) is valid for all treatments (cf. Figure 4.1). Additional data for the influent and effluent solutions
and all data for experiment 2 are reported in Appendix C.

82

Results
4.3.2. Aqueous arsenic, iron, and manganese
Figure 4.2 shows concentration trends of aqueous (dissolved) As, Fe, and Mn in the column effluents. Arsenic concentrations at day 0 were 0.89±0.21 µM and comprised about 80% As(V). After 2-3
days, Asaq increased in all treatments and As(III) was the dominant As solution species. Concentrations of As(V) were either below detection limit after day 2 or contributed <10% to total Asaq. The only
exception was the high-Mn treatment, where As(V) represented 28±7% of total Asaq (1.0±0.1 µM). In
all treatments, Asaq values exceeded the WHO drinking water guideline value of 10 µg/L (0.13 µM).59
The highest final Asaq concentration of 37.6 µM was observed in the low-Mn treatment, followed by
the mid-Mn (6.2 µM) and high-Mn treatments (1.1 µM) (Figure 4.2d). The final concentrations of
dissolved Fe also followed the order low-Mn (39.7 µM) > mid-Mn (7.2 µM) > high-Mn (0 µM) (Figure 4.2e). While the release of Fe in the low-Mn treatment commenced around day 5, Fe leaching in
the mid-Mn treatment was not observed until day 15. Aqueous Mn steeply increased to 41.3±9.3 µM
at day 3 in all but the low-Mn treatment, the latter showing a more gradual Mnaq increase (Figure 4.2f).
Aqueous Mn in the mid-Mn column followed the general Mnaq trend of the low-Mn column (2.2±0.1
mmol total Mnaq), whereas Mn solution concentrations in the high-Mn column were noticeably lower
(1.4 mmol total Mnaq; Figure 4.2f).
Concentration and speciation trends in the effluents of the layered columns were similar to the
treatments that corresponded to the respective material at the column outlet (i.e., low/high-Mn ~
high-Mn and high/low-Mn ~ low-Mn). For example, the effluent As and Fe concentrations in the low/
high-Mn treatment were low compared to the high/low-Mn treatment, analogous to the concentration trends in the high-Mn and low-Mn treatments, respectively (Figure 4.2d,e).
Table 4.1. Mass balances for leached As, Fe, and Mn during 30 days of constant flow derived from cumulative effluent
concentrations (ICP-MS based) and total element concentrations of the solid phase before and after the experiment
(XRF based). For each element average loss and range between experiments 1 and 2 are given. Numbers in parentheses indicate the percentage of the total concentration.
Treatment

ICP-MS based
As

Fe

XRF based
Mn

As

Fe

Mn

[mg/kg]
low-Mn

-77±11 (36)

-26±5 (0.1)

-115±5 (7)

-75±7 (35)

45±109 (0)

-190±6 (11)

mid-Mn

-15±5 (7)

-1±4 (<0.1)

-140±24 (3)

0±6 (0)

273±470 (1)

-368±41 (9)

high-Mn

-7±4 (3)

0±0 (<0.1)

-75±1 (1)a

2±8 (1)

-988±15 (3)

-1160±154(13)a

high/low-Mn

-56±7 (26)

-58±20 (0.1)

-121±12 (2)

-51±0 (24)

-287±35 (1)

-566±172 (11)

low/high-Mn

-14±8 (7)

0±1 (<0.1)

-150±69 (3)a

-4±3 (2)

-242±452 (1)

-844±318 (16)a

Value indicates a deviation between ICP-MS and XRF based values of >10% of the average total concentration in the soil sample.

a
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4.3.3. Solid-phase concentrations and speciation of arsenic, iron, and manganese
Figure 4.3 illustrates total solid-phase concentrations of As, Fe, and Mn and their XAS-derived
speciation at the start and end of experiment 1. Further information on XAS results and experiment
2 data can be found in Appendix sections C.8 and C.11. At the start of the experiment, As was dominantly present as As(V) (96% of total As). Substantial amounts (36%) of the soil As were leached
from the low-Mn treatment column, with greater depletion closer to the inflow (Figure 4.3a). Concentrations of As(V) were constant at 51.9±6.9 mg/kg throughout the low-Mn column, while As(III)
concentrations increased from 67.7 mg/kg (0-1.6 cm) to 125.9 mg/kg toward the column outlet (9.611.2 cm) (with final As(III)+As(V) corresponding to 59 and 85% of initial solid-phase As, Table 4.1).
Consistent with the aqueous-phase data, the mid-Mn and high-Mn treatments did not show a loss of
solid-phase As (Figure 4.3b,c; Table 4.1). In the mid-Mn treatment, however, 49±4% of solid-phase As
was present as As(III), while in the high-Mn treatment the As(III) fraction accounted for only 14±2%.
The concentration and speciation pattern of As in the high/low-Mn column resembled the pattern sequence of the individual high-Mn and low-Mn treatments (Figure 4.3a,c,d). This was in stark contrast
to the low/high-Mn column showing that As mobilized from the bottom low-Mn part was accumulated as As(III) in the upper high-Mn layer (Figure 4.3e).
Changes in Fe concentration and speciation were not obvious due to the large Fe pool (4.21 wt.%),
the low fraction of ‘poorly crystalline’ Fe minerals (1.8% citrate-ascorbate extractable Fe, Table C.1),
and a comparatively low Fe leaching (Table 4.1). Changes in Fe speciation as judged from Fe EXAFS
LCF remained below the method’s detection limit (~5%), consistent with the persistence of effluent Eh
and pH in the goethite stability field throughout the experiment (Figure 4.4).
Solid-phase Mn concentrations and oxidation states for experiment 1 are plotted in Figure 4.3k-o.
With addition of birnessite to the original soil, the fraction of Mn(IV) increased from 36% (low-Mn)
to 76% (mid-Mn) and 86% (high-Mn) of total Mn (Table C.7). The Mn(III) content, which was fitted
to 35% in the low-Mn treatment, strongly decreased after birnessite addition (Figure 4.3). After 30
days of reduction, almost 100% Mn(II) was detected in the low-Mn treatment, while Mn(II) accounted for 88±4% in the mid-Mn treatment and for 50±4% in the high-Mn treatment, the remaining Mn
being attributed to Mn(III) (Figure 4.3k-m; Table C.7). In agreement with this, Eh and pH values in
the effluents of the high-Mn treatment shifted toward the thermodynamic predominance of Mn(III)
minerals, while effluents of the low-Mn treatment resided in the area of Mn(II) predominance (Figure 4.4). In Figure C.9 selected sample spectra are plotted together with probable structural reference
compounds. The XANES and EXAFS features of the oxic low-Mn sample were closely matched by the
birnessite and lithiophorite references, while with increasing reduction of this sample Mn(II) features
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Figure 4.3. Solid-phase concentrations and XAS-derived speciation of (a-e) As, (f-j) Fe, and (k-o) Mn in the soil columns after 30 days of constant flow. Treatments are indicated on top and valid for each graph column. The panel above
each graph shows the concentration and speciation of the respective element before the start of the leaching experiment
(t = 0 days), and dashed vertical lines represent initial element concentrations in the columns. We conservatively estimate
the accuracy of the species fractions to be within 10% of the reported values.

(as represented by the Mn(II) acetate reference) became more prominent. Although thermodynamically favorable (Figure C.10), the formation of rhodochrosite (MnCO3) could not be confirmed by
XAS (e.g., missing maximum at 6562 eV in the reduced samples; Figure C.9a) and XRD (not shown).
This was likely caused by the slow precipitation kinetics of MnCO3.60 The XANES spectra of all soil
samples showed a peak or shoulder at 6557 eV (Figure C.9a). This feature was absent in XANES spectra of any of the pure valence references, but was noticeable as a main peak for chlorite (Cca-2) (Figure
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C.9a) and bixbyite (Mn2O3),61 and as a peak shoulder for Mn(II) silicate.62 Bixbyite was not detected
by XRD and its oxidative formation does not seem relevant at neutral pH.63 Since the peak at 6557 eV
persisted during soil reduction, we speculate that it represents structural and non-reactive Mn(II) in
silicate minerals.
4.3.4. Mass balances for arsenic, iron, and manganese
Mass balances for leached As, Fe, and Mn were derived from both aqueous-phase (ICP-MS) and
solid-phase (XRF) data in order to test for the internal data consistency of experiments 1 and 2. Both
experiments had concordant mass balances for the three elements (Table 4.1). Arsenic loss from the
soil was closely reproduced by both techniques, while total Mn contents measured by XRF spectrometry indicated a higher loss of Mn than those inferred from the ICP-MS measurements (Table 4.1). This
may be explained by the elution of particulate Mn in the highly Mn-enriched treatments or a lower
sensitivity of XRF spectrometry as compared to ICP-MS.

4.4. Discussion
The addition of birnessite to the soil resulted in a pronounced decrease in As leaching from the
columns during soil reduction (Figure 4.2). The following discussion will first address the impact of
the Mn-oxide on biogeochemical processes which have influenced As speciation and leaching. After
this, attention will be given to interrelated controls on As, Fe, and Mn dynamics during soil reduction.
4.4.1. Effect of Mn-oxide on biogeochemical processes
Increased birnessite concentrations in the soil caused a decreased rate of lactate consumption accompanied by increased pH values (Figure 4.2a,c). This arouses the assumption that birnessite induced
Mn toxicity and/or that birnessite reduction caused a pH increase which then lowered the microbial
activity. To our knowledge, no data is available on Mn toxicity to soil microorganisms. Sulphate-reducing bacteria were shown to tolerate more than 10 mg Mn/L.64 Hernandez-Soriano et al.65 found
that the effect of Mn toxicity on root growth can be related to Mn solubility. Given that Mn solution
concentrations were similar in all treatments (Figure 4.2f) which theoretically should have similarly
affected soil biota, we conclude that Mn toxicity was not responsible for the lower lactate consumption
observed in birnessite-amended soils (Figure 4.2c).
Microbial Mn and Fe reduction was the dominant biogeochemical process during soil incubation
in our system. The reduction of birnessite and hydrous ferric oxide (‘Fe(OH)3’) connected to the microbial oxidation of lactate to acetate follows the stoichiometry:

86

Discussion

Figure 4.4. Pourbaix diagrams calculated for total (a) Fe and (b) Mn activities of 10-6 and a HCO3- activity of 2×10-4 (105 Pa,
25°C) using The Geochemist’s Workbench software and the NIST 46.7 database.66 In (b) boundaries were also calculated
for a total Mn activity of 10-5 (blue dashed line). Data points are from experiment 1.

4MnO2 + 2CH3CHOHCOO- + 2H2O → 4Mn2+ + 2CH3COO- + 2HCO3- + 6OH-

(1)

4Fe(OH)3 + CH3CHOHCOO- → 4Fe2+ + CH3COO– + HCO3– + 3H2O + 7OH-		

(2)

As can be seen from eqs 1 and 2, similar amounts of alkalinity in the form of OH- are produced for
each mol of Fe or Mn reduced. However, Fe2+ readily hydrolyses in solution (log K (FeOH+/((Fe2+)
(OH-))) = 4.6),66 thus buffering the pH to lower values. In contrast, hydrolysis of aqueous Mn2+ (log K
(MnOH+/((Mn2+)(OH-))) = 3.4)66 becomes increasingly insignificant below pH 9.6 (MnOH+/Mn2+ =
0.1), rendering Mn2+ ineffective in pH buffering. A negative relation between pH and Feaq (e.g., midMn treatment: pH = -0.08±0.01×Fe[µM] + 8.37±0.03, R2 = 0.89) leached from the columns corroborates this thermodynamic consideration. Additionally, CO2 dissolution as a consequence of respiration processes has been shown to buffer reduced carbonate-containing soils to a pH of ~7.5:11
CaCO3 + CO2 + H2O ↔ Ca2+ + 2HCO3-					

(3)

The oxidation of lactate in the low-Mn treatment produced on average 1.2 mM acetate (Figure C.5)
and therefore an equal amount of CO2. Thus, in the low-Mn treatment, the pH was controlled by the
carbonate equilibrium. In the case of higher Mn concentrations, however, microbial Mn reduction led
to a pH increase that was reinforced by the suppression of Fe reduction. This pH increase was likely
fortified by decreased CO2 production through microbial activity as shown by lower acetate concentrations (Figure C.5).
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Due to a lack of CO2 in the glovebox atmosphere, the inflow pH (10±0.1) was higher than the normally found weakly alkaline pH values in the Ogosta River catchment (8.5±0.3).57,67 However, in a
column study using sandy aquifer materials with an influent composition similar to the present one,
Loomer et al.68 found that the influent pH decreased within <5 cm of contact with aquifer material
and attributed this to the low influent pH buffering capacity and possible proton exchange between
the Mn-(oxyhydr)oxide and the influent solution. The effluent pH in the high/low-Mn treatment in
the present study was controlled by the carbonate equilibrium established in the low-Mn part of the
column. This indicates that the pH in the low/high-Mn treatment was ~7.7 before entering the highMn part and was then increased by microbial metal reduction and lactate oxidation.
The amount of electrons produced by lactate conversion corresponded to 28, 12, and 11 mmol for
the low-Mn, mid-Mn, and high-Mn treatments, respectively (Appendix section C.10). We calculated
an electron balance for experiment 1 based on all low-molecular-weight organic acids measured (lactate, acetate, propionate; Figure C.5) as well as reduced species of As, Fe, and Mn in the aqueous and
solid phase. A slow lactate oxidation kinetics on MnO2 (1.6 µM/h) and negligible acetate and propionate oxidation by Mn-oxides33,69 facilitated this approach. Our calculation indicated that the electron
transfer processes (e-balance = e-produced – e-consumed) could be mostly explained by all species considered
(Table C.9). Interestingly, the e-balance values for the mid-Mn and high-Mn treatments were negative,
suggesting a XANES LCF derived overestimation of reduced Mn (Table C.9). For the low-Mn treatment, however, there was an unexplained electron surplus of 11 mmol, which may have been transferred to SO42- (SO42- + 8H+ + 8e- ↔ S2- + 4H2O). Apart from the unknown availability of 1.38 mmol
SO42- for electron transfer, continuously high propionate concentrations in the effluent (Figure C.5)
indicated a low control of sulfate reduction and sulfide precipitation on the dynamics of Fe, Mn, and
As in the columns.70-72 In contrast, due to high uncertainties in total Fe concentrations and speciation,
part of the 11 mmol electron surplus could have been associated with solid-phase Fe(II). The fact that
all birnessite-enriched soil treatments had negative e-balance values (Table C.9) points toward negligible
buildup of Fe(II) in the solid phase. A positive e-balance value for the low-Mn treatment may also indicate
the reduction of soil components by organic ligands or the buildup of microbial biomass during the
experiment.70
4.4.2. Effect of Mn-oxide on coupled arsenic, iron, and manganese speciation
With increasing birnessite content of the soil, we observed a progressively delayed release of As and
Fe (Figure 4.2d,e). Consistent with earlier studies on coupled Fe and As reduction,9,10,73 dissolved Fe
was linearly related to Asaq (R2 ≥0.91) in the low-Mn and mid-Mn treatments, with regression slopes
of 3.41±0.25 and 0.47±0.04, respectively (Figure C.6). This implies that As release was primarily con88
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trolled by the dissimilatory Fe(III) mineral dissolution. However, the slopes were significantly higher
than the molar As/Fe ratio of the soil’s ascorbate-citrate extract (0.07, Table C.1), indicating a preferential removal of Fe(II) from solution, which was less pronounced with increasing birnessite content
(Figure C.6). Since we found no indication of secondary Fe(II) minerals, our data suggests that Fe
dynamics were controlled by readsorption of Fe(II)aq in the low-Mn treatment and the oxidation of
Fe(II)aq by birnessite in the Mn-enriched treatments according to:44
MnO2 + 2Fe2+ + 4H2O → Mn2+ + 2Fe(OH)3 + 2H+ 					

(4)

All Mn-enriched soils showed evidence for Mn(III) after 30 days (Figure 4.3, Table C.7), which may
have been available for Fe(II) oxidation.44 Consequently, Feaq remained below detection limit in the
high-Mn treatment (Figure 4.2e). A buildup of Fe(II) in the solid phase of the Mn-rich treatments was
unlikely based on electron balances and XAS results (Figure C.8, Tables C.6 and C.9) and consistent
with the rapid Fe(II) oxidation kinetics on Mn-oxides.44,47
Despite the similar y-intercepts of the Asaq/Feaq relation (Figure C.6), the final proportion of adsorbed As(III) (As(III)ads [%] = 100×As(III)solid/(As(III)solid + As(III)aq); Figure 4.3, Table 4.1) was significantly higher in the mid-Mn (91%) and high-Mn (90%) treatments compared to the low-Mn treatment (58%), suggesting that newly formed Fe(III)-(oxyhydr)oxides in the Mn-enriched treatments
provided additional sorption sites for reductively mobilized As. The alkaline pH conditions in the
birnessite-amended soils may have additionally facilitated As(III) sorption owing to increased arsenite deprotonation (pKa1: 9.2).74 Together with the trends in Fe(II)solid, the buildup of As(III) in the solid
phase is in agreement with our previous results showing a decoupling of net total Fe(III) and As(V)
reduction in the presence of birnessite.44
In the high/low-Mn treatment As release was more pronounced compared to the low/high-Mn
treatment (Figure 4.2d). These trends are in line with (i) a reductive mobilization of As from the upper
low-Mn layer in the high/low-Mn treatment and (ii) an immobilization and enrichment of As(III)
in the top Mn-rich layer in the low/high-Mn treatment (Figure 4.3d,e). The latter implies the reductive mobilization of As in the lower part of the column and the passivation of Mn minerals toward
As(III) oxidation in the top part of the column. Aqueous Mn(II) was present in the columns and likely
contributed to the reductive transformation of birnessite.75 Since no As(III) oxidation was observed
despite the persistence of solid-phase Mn(III) in the high-Mn treatments (Figure 4.3), our results
also suggest the passivation of new Mn(III)-(oxyhydr)oxide surfaces toward As(III) oxidation. Likewise, the absence of solid-phase Fe(II) in the Mn-enriched columns indicates the rapid oxidation of
Fe(II)aq upon contact with birnessite (or its Mn(III) transformation products) and the subsequent
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reduction in solid-phase Mn(III/IV) reactivity toward As.44,49
With increasing birnessite content, more reduced Mn was held in the soil matrix during reduction. In the low-Mn treatment, total Mn(II)aq amounted to 8.2% of total Mn(II) (Mn(II)aq [%] = 100×
Mn(II)aq/(Mn(II)solid + Mn(II)aq)), while in the Mn-enriched treatments only 3.5% (mid-Mn) and 2.0%
(high-Mn) of total reduced Mn were released (Figure 4.3k-m, Table 4.1). This relationship likely holds
true despite a probable overestimation of reduced Mn by XANES LCF as concluded from the e-balance
values. Saturation indices and Eh-pH diagrams for experiment 1 suggested the precipitation of rhodochrosite, which may have been responsible for the similar Mn(II) release in all treatments (Figures
4.2f, 4.4, and C.9). However, Mn XAS data did not support the presence of rhodochrosite and instead
indicated an increase in adsorbed Mn(II) (Figure C.9 and Appendix section C.8), in agreement with
previous studies.44,61 This finding also implies a continuously elevated release of Mn(II) by desorption
during prolonged soil flooding.76,77
As derived from observations in the low-Mn, mid-Mn, and high-Mn treatments, a temporal sequence of As speciation can be proposed. It includes a delay in As reduction, as evidenced in the
high-Mn treatment, due to high pH and redox buffering caused by the reduction of birnessite.
With ongoing soil reduction, As(V) is reduced to As(III), which is then retained by newly formed
Fe(III)-(oxyhydr)oxides and not oxidized by birnessite or its Mn(III) transformation products owing
to surface passivation reactions. The major surface passivation reactions in our system were likely
caused by Mn(II) and Fe(II) adsorption on the birnessite surface, leading to reductive comproportionation and surface precipitation, respectively. Further soil reduction eventually leads to the release
of As(III) and Fe(II) following the dissimilatory reduction of secondary Fe(III) phases. This concept is
supported by the accumulation of As(III) in the mid-Mn column and in the Mn-rich layer of the low/
high-Mn treatment (Figure 4.3b,e).
4.4.3. Environmental implications
Biogenic Mn-oxide precipitation at soil redox interfaces or the deposition of Mn-oxide rich mine
wastes in riverine floodplains can lead to chemically and biologically active zones which exert an
important control on the release of heavy metals and metalloids into the aquatic environment. In
this study, we investigated the impact of elevated birnessite concentrations in an As-contaminated
floodplain subsoil on As speciation and leaching under microbially reducing conditions. Our results
indicate that high Mn-oxide concentrations lead to a retarded decline in redox potential and a reduced
pH buffering capacity during soil reduction, which also resulted in a decreased microbial activity.
Manganese oxide enriched soil layers effectively retained As(III) through its sorption to freshly pre90
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cipitated Fe(III)-(oxyhydr)oxides formed by the rapid oxidation of dissolved Fe(II). In agreement with
our previous findings,44 the oxidation of As(III) by Mn-oxides under microbially reducing conditions
is limited. The stabilization of As(III) in the solid phase is expected to be of transient nature and lose
importance during prolonged soil flooding. In case of frequently changing redox conditions, however,
Mn-oxide rich soil may act as a long-term sink for As. This would render the risk for As leaching low,
but increase the likelihood of elevated As contents in Mn-oxide rich soil layers (or horizons).
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Conclusions and Outlook

This thesis investigated the impact of Fe and Mn on As speciation dynamics and bioaccessibility
in contaminated soils. The research objectives were defined both by the geochemical characteristics
of the Ogosta River floodplain soils and current knowledge gaps. The investigated systems became
successively more complex, allowing for data interpretation and mechanistic conclusions based on
previous chapters. In the following, the major findings will be summarized and their relevance for As
speciation in floodplain soils and other contaminated environments will be discussed. To conclude,
future research needs will be pointed out based on the knowledge acquired in this thesis.

5.1. Environmental implications
5.1.1. Impact of iron on arsenic speciation and bioaccessibility
In the first part of the thesis (chapter 2), As speciation in poorly crystalline Fe(III)-As(V) coprecipitates was investigated as dependent on synthesis pH (1.5-8) and molar Fe/As ratio (0.8-8.0), and
the stability of the precipitates was tested in an in vitro bioaccessibility assay. Precipitates formed at
low pH (<2.5) and low molar Fe/As ratios together with precipitates formed at high pH showed the
lowest bioaccessibility of As due to the stability of the AFA-like solids and ferrihydrite, respectively. In
contrast, precipitates formed at pH 2.5-4 and molar Fe/As >0.8 contained a mixture of AFA and ferrihydrite together with elevated sulfate concentrations. The intrinsic solubility of the AFA-like solids
and possible sorption competition with sulfate resulted in higher BA of As. The study demonstrated
the dependence of the bioaccessibility of As on formation conditions of secondary As(V)-Fe(III) coprecipitates and on their resulting mineralogical composition.
In highly contaminated environments, As(V) is frequently found to be associated with poorly crystalline Fe(III)-(oxyhydr)oxides. These particles have been found to control the particulate dissemination of As(V) during leaching from waste piles,1 sediment-bound transport in rivers,2 and airborne
transport of dust.3 In addition to their mobility, Fe(III)-As(V) mineraloids may also preferentially be
taken up during incidental soil ingestion, since they fall into the size optimum for adherence to hands
(≤45 µm).4
The Ogosta River floodplain soils are largely carbonate buffered and have bulk pH values of 6-8.5
99

Chapter 5
Therefore, As(V) should be present in these soils adsorbed to ferrihydrite even at the lowest reported molar Fe(III)/As(V) ratios of 4 in the poorly crystalline (ascorbate/citrate extractable) soil fraction.6 Based on the findings of this thesis, the bioavailability of As from circumneutral floodplain soils
should be low due to the stabilization of As(V)-adsorbed poorly crystalline Fe(III)-(oxyhydr)oxides
and the possible readsorption of As from the gastric solution. However, Mandaliev et al.6 reported a
significant fraction of As(-I) and high S concentrations in highly contaminated parts of the floodplain
soils. This is an indicator for the presence of primary As-bearing sulfides in the soils. The ongoing oxidative weathering of these primary minerals may create microenvironments with low pH values and
oversaturation of solutions with respect to As(V) and Fe(III). Under these conditions, the formation
and stabilization of AFA-like solids is a probable process. Additionally, the contrasting pH values from
sulfide weathering and carbonate-buffered bulk soil may locally result in intermediate acidity (pH
3-4), rendering the Fe(III)-As(V) coprecipitates least stable towards the gastric solution. Therefore,
bulk soil pH may not serve as an adequate estimate of As speciation in poorly crystalline Fe(III)-As(V)
solids in contaminated soils. The extent of primary mineral weathering in mining-impacted soils has
to be considered, in order to develop a sound risk assessment.
The results of the study show that As bioaccessibility is generally higher in low-pH environments.
Coprecipitates formed in acid mine drainage are therefore expected to be less stable if incidentially
ingested than coprecipitates formed under circumneutral conditions. In technical systems, the stabilization of As in the solid phase is evoked by the adjustment of Fe(III) concentrations and pH of
acidic sulfate waste solutions.7 The As-containing solids are then placed in a tailings disposal facility.
A Fe(III)/As(V) ratio >8 was reported to result in an optimal stabilization of As(V) in the solid phase.8
The present thesis showed that the formation of AFA-like solids controlled As(V) speciation up to a
formation pH of 4 even at molar Fe/As of 8. This is an important insight, since the mineralogical properties of Fe(III)-As(V) coprecipitates exert a major control on As solubility and therefore determine
the long-term stabilization of these solids.
5.1.2. Impact of manganese oxide on arsenic speciation dynamics
The second part of the thesis (chapter 3) explored the speciation and fate of As from As-bearing
ferrihydrite during microbially reducing conditions in the presence of birnessite. In the biotic experiment, the presence of birnessite had a minor impact on the reduction of As(V) to As(III), while
the onset of net Fe(III) reduction only took place after the complete exhaustion of reducible Mn(III/
IV). These findings were supported by abiotic experiments showing that in the presence of reduced
species (Fe(II), Mn(II)) or ferrihydrite, the oxidation of As(III) by birnessite was strongly impaired or
inhibited. In contrast, the oxidation of Fe(II) by birnessite occurred almost instantaneously under all
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Figure 5.1. Speciation dynamics of As, Fe and Mn during microbially mediated reduction of As(V)-bearing ferrihydrite in
the presence of birnessite. 1) Manganese(III/IV) is thermodynamically preferentially reduced, leading to a delay in Fe(III)
and As(V) reduction. 2) The birnessite surface sites are passivated towards As(III) oxidation due to comproportionation
after Mn(II) adsorption and surface precipitation of hydrous ferric oxide (HFO). Arsenic(III) is adsorbed to newly formed
HFO. 3) After exhaustion of Mn(III/IV) in the system, As(III) is released by the microbial reduction of HFO.

conditions. The study emphasized the indirect impact of birnessite on As retention under microbially
reducing conditions by the rapid oxidation of Fe(II) (Figure 5.1). It also revealed the transient nature
of this process, since As and Fe release proceeded simultaneously after exhaustion of Mn(III/IV).
The last part of this thesis (chapter 4) focused on the impact of birnessite on the speciation and
fate of As from a contaminated floodplain soil. Soil taken from the Ogosta River floodplain was exposed to anoxic flow in a column experiment, employing different enrichments of birnessite. Arsenic
leaching was strongly decreased with the addition of birnessite but was detectable in all treatments,
in contrast to the suppressed Fe(II) release in highly Mn-enriched treatments. Arsenite retention was
enhanced in the Mn-rich treatments, likely as a result of negligible As(III) oxidation by birnessite under these conditions and the buildup of poorly crystalline hydrous ferric oxide after oxidation of Fe(II)
on birnessite. The results of the column experiment supported and extended the insights gained from
chapter 3, indicating that the mechanisms identified in the simplified model study hold for the more
complex soil matrix and have implications for the Ogosta River floodplain soils.
The dissemination of Mn-rich mining waste materials along the Ogosta River have resulted in a
correlation of the As contamination with Mn in the bulk of the floodplain soils. Additionally, highly
Mn-enriched strata were formed in the fluvisols. The speciation of Mn in these layers was estimated
from the Mn X-ray absorption near edge structure to be predominantly Mn(III/IV) with a significant contribution of Mn(II) from primary MnCO3. Since no MnCO3 formation was observed during
the reduction of Mn-enriched Ogosta River floodplain soil (chapter 4), the oxidative weathering of
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MnCO3 in these soils can be regarded as an irreversible process that gradually increases the Mn-oxide
fraction in the soil over time. The results from this thesis (chapters 3, 4) suggest the transient stabilization of As(III) in the solid phase during soil flooding in the presence of birnessite. This effect is
based on the rapid oxidation of Fe(II) by Mn(III/IV) and the precipitation of As-adsorbing hydrous
ferric oxide. Since Fe is generally abundant in soils, the observed dynamics are of high relevance in the
environment. The implications for the Ogosta River floodplain soils are twofold:
• The risk for As leaching from contaminated soils during microbially mediated soil reduction
should be negatively related to Mn(III/IV) concentrations.
• Manganese-rich soil strata can act as reactive barriers for soluble As(III) and Fe(II) during
advective flow from reduced soil parts.
These insights are not only directly relevant for improved environmental risk assessment in the
Ogosta River basin, but are also readily transferable to other contaminated floodplain soils.
In natural soils that experience fluctuating water tables, As concentrations are highly spatially correlated to Fe(III)-(oxyhydr)oxides, while spatial associations with Mn(III/IV) seldom occur.9 Manganese oxides are less stable under reducing conditions, implying their preferential dissolution and the
formation of separated Fe- and Mn-enriched zones in periodically anoxic soils. The observed processes therefore have implications for mining-impacted floodplains that have Mn-rich contaminated
sediment inputs like in the Ogosta River basin, or in the case of the upward movement of Fe(II)- and
As(III)-containing water from more reduced soil parts into naturally Mn-rich layers. Additionally,
airborne Mn inputs from industrial sources have been shown to increase top soil poorly crystalline
Mn(III/IV) concentrations.10,11 This Mn-enriched top soil, based on the results from this thesis, would
stabilize As in the solid phase.
The mechanistic insights on the impact of birnessite on As speciation under reducing conditions
also have implications for the development of water treatment strategies and the stabilization of As in
soils by Mn-oxide amendments. For the oxidation and sorption of As(III), Fe-Mn binary oxide solids have been developed12 and they have also been deployed in river sediments.13 Ettler et al.14 tested
the stability of amorphous Mn-oxide amendments for metal(loid) retention in smelter polluted soils.
Based on results from the present thesis, in the case of temporary oxygen scarceness in the soils and
sediments the oxidative power of those materials towards As(III) will cease due to buildup of soluble
Mn(II) and Fe(II). Hence, As release will be controlled by the presence of either Fe(III) or oxidizable
Fe(II). Effective, low-cost water purification systems in South-East Asia involve the percolation of dissolved As-, Mn- and Fe-containing water through sand filters. During filtration, Fe(II) is oxidized and
As is scavenged from the drinking water by adsorption on or coprecipitaton with the Fe(III)-(oxyhy102
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dr)oxide.15 In a household sand filter in Vietnam, the formation of a discrete biogenic Mn-oxide rich
layer was observed below the Fe- and As-enrichments.16 This naturally occurring process scavenges
Mn from solution and forms an additional barrier for Fe and As retention, rendering the filter very
effective. However, inputs of organic carbon and/or prolonged water saturation may lead to microbially reducing conditions, under which, based on the findings of this thesis, Fe(II) would still be rapidly
oxidized and As(III) would be transiently stabilized on newly formed hydrous ferric oxides. Since the
reduction of Mn-oxides by Fe(II) and As(III) leads to the abolishment of their oxidative power as well
as to elevated Mn(II) release, drinking water purification strategies employing Mn-oxidizing bacteria
are promising means of ensuring the viability of the As scavenging process.17
Finally, this research focused on As speciation in Mn-rich soils, however the attenuation of As in
these environments under reducing conditions goes along with elevated Mn solution concentrations.
In comparison to As, the accumulation of Mn in drinking water may be considered a lower risk, since
it is often regarded as one of the least toxic metals through oral exposure due to homeostasis, and even
presently lacks a World Health Organization guideline value.18,19 However, Mn may also pose a serious
adverse health impact if consumed in elevated concentrations on a daily basis especially for children,18
and has been reported as an environmental concern.20,21

5.2. Future research needs
This thesis has shown the strong relationship between the mineralogical structure of poorly crystalline Fe(III)-As(V) coprecipitates and their stability. The low crystallinity of these AFA-like mineraloids however, renders the identification of their local structure a lasting challenge. The study covered
a large range of environmental conditions but did not examine the impact of ageing on As(V) speciation and fate nor the stability of the phases towards microbially mediated reductive dissolution, all of
which would be of major environmental importance.
Within the context of this thesis, three major research needs for the investigation of biogeochemical
impacts of Mn-oxides on trace element speciation arise from the acquired knowledge. Firstly, due to
the low crystallinity and concentration (≤1wt%) of Mn minerals in soils, the identification of these
compounds and therefore also their transformation is rendered difficult and has been mainly applied
to Mn enrichments.22 The mineralogy and speciation of Mn in the present thesis was analyzed using
XANES. However, the utilization of XANES linear combination procedures for the analysis of soil
samples exhibiting multiple Mn redox states and possibly Mn minerals with different mineralogical
structures was not satisfying. This was demonstrated by the overestimation of Mn(II) in the reduced
soil (chapter 4). Also, the sequential extraction of Mn minerals from soils remains a challenging task,
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due to the almost exclusive presence of low crystalline Mn compounds in soils. Hence, further research is needed in order to improve mineralogical and wet chemical methods characterizing Mn
minerals in soils.
The second requirement targets at the systematic investigation of the reactivity of environmentally
relevant Mn-oxides in soils. For example, to date, the largest part of the literature is concerned with
poorly crystalline birnessites (δ-MnO2, buserite, hexagonal or triclinic birnessite). However, other
minerals such as lithiophorite and possibly also todorokite are considered common constituents of
soils23 and may exhibit different reactivity towards trace elements and microbial reduction. Further, in
a technical system, the incorporation of organic carbon into birnessite was recently demonstrated.24
Since in natural environments the formation of Mn-oxides is biotically controlled, the impact of organic matter sequestration on Mn-oxide reactivity may have important implications on their stability
and reactivity.25
Lastly, the results from chapters 3 and 4 imply a negative relation between As leaching and Mn-oxide contents of soils. This finding has important implications for contaminated sites with spatially
varying Mn concentrations. The present thesis has unraveled possible mechanisms for enhanced As
retention under microbially reducing conditions in the presence of birnessite. Yet, the observed dynamics have to be proven relevant in larger scale field studies.
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Appendix A

A.1. Colors of Fe(III)-As(V) coprecipitates

Figure A.1. Colors of the coprecipitates formed at different pH and molar Fe/As ratios.
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A.2. Thermogravimetric analyses

Figure A.2. Relative weight loss curves with increasing temperature recorded during thermogravimetric analyses of all
samples. The dashed line at 500°C indicates where values for water/OH- content were taken. The measurement of precipitate R4.8pH8 shows a second temperature/weight step and was therefore not used for data analysis.
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A.3. X-ray diffractograms

Figure A.3. X-ray diffractograms of Fe(III)-As(V) coprecipitates synthesized at a) pH 1.5 and 2, b) pH 2.5, c) pH 4 and
d) pH 6. Initial lolution molar Fe/As ratios are given on the left next to molar Fe/As in the coprecipitates (in parentheses).
Ferrihydrite synthesized at pH 6 (Fh pH 6) is plotted for comparison. Vertical lines indicate the d-spacings of ferrihydrite
(2.6 and 1.5 Å) and amorphous ferric arsenate (3.1 and 1.6 Å). Second derivatives are plotted as dashed lines on top of
each diffractogram.
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Figure A.4. X-ray diffractograms of Fe(III)-As(V) coprecipitates synthesized at pH 8. Initial solution molar Fe/As ratios
are given on the left next to molar Fe/As in the coprecipitates (in parentheses). Ferrihydrite synthesized at pH 6 (Fh pH 6)
is plotted for comparison. Vertical lines indicate the d-spacing of ferrihydrite (2.6 and 1.5 Å) and amorphous ferric arsenate (3.1 and 1.6 Å). Second derivatives are plotted as dashed lines on top of each diffractogram.

Figure A.5. X-ray diffractogram of scorodite synthesized at 100°C at a molar Fe/As of 0.5 at pH 2 with theoretical diffraction pattern (below).1
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A.4. Fourier-transform infrared spectra

Figure A.6. a-e) FT-IR spectra of precipitates synthesized at different molar Fe/As ratios and at different pH values. Panels
f)-j) contain the corresponding As-O stretching vibration band region (1300-600 cm-1) and second derivatives are plotted
on top of each spectrum in dashed lines. Vertical lines indicate second derivative minima. Labels for the spectra in a)-e)
also hold for f)-j).
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Table A.1. Minima positions identified in the As-O stretching vibration of transmission FT-IR spectra
(Figures 2.2, 2.3, A.6). Weak features are given in gray. The positions were grouped based on similar
wavenumbers and averaged for the poorly crystalline precipitates. Average minima positions that are indicated in Figures 2.2, 2.3, and A.6 are written in bold numbers. Please note that positions and numbers
of minima are dependent on smoothing level. Identical smoothing was applied to all spectra
Sample ID

Minima positions
[cm-1]

Scorodite

1

2

3

4

5

6

7

8

722

-

816

-

861

896

916

-

R1pH1.5

746

-

-

833

885

-

-

946

R1pH2

745

-

-

831

883

-

-

942

R1pH2.5

744

-

804

822

888

-

-

940

R1pH3

743

-

814

834

-

890

-

940

R1pH4

-

796

-

826

889

-

925

-

R1pH6

-

786

810

-

-

895

-

-

R1pH8

745

-

808

826

873

890

928

950

R2pH1.5

742

-

810

827

-

896

924

-

R2pH2

744

-

812

826

875

897

923

-

R2pH2.5

745

-

817

833

874

896

921

942

R2pH3

741

-

817

-

878

895

922

-

R2pH4

-

-

810

-

888

-

-

-

R2pH6

-

790

806

834

881

897

-

-

R2pH8

745

-

813

826

-

898

921

-

R3pH2

746

-

813

825

-

898

927

-

R3pH2.5

743

-

819

-

-

897

-

-

R3pH3

742

-

816

834

875

896

-

945

R3pH4

-

-

805

829

887

-

-

954

R3pH6

-

789

808

834

888

-

-

-

R3pH8

745

-

813

867

-

898

-

-

R4pH2

745

-

814

840

-

897

-

943

R4pH2.5

745

-

812

826

889

-

-

945

R4pH3

745

-

816

-

886

-

-

946

R4pH4

-

-

812

-

882

-

-

-

R4pH6

-

788

806

830

883

-

-

-

R4pH8

750

-

818

-

-

896

-

-

R6pH2.5

751

-

819

837

-

894

-

-

R6pH3

-

-

818

840

875

-

-

944

R6pH4

-

-

815

-

881

-

-

947

R6pH6

-

788

812

833

880

897

-

-

R6pH8

-

774

-

825

882

-

-

-

R10pH3

-

-

-

828

880

-

-

939

R10pH4

-

-

818

-

879

-

-

949

R10pH6
R10pH8
Average position
Standard error

722

794
-

809
816

839
-

861

897
896

916

-

745

788

812

832

882

895

924

945

1

2

1

2

1

1

1

1
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Figure A.7. Transmission FT-IR spectra (solid black line) of precipitates with an initial molar Fe/As ratio of 2.4 (final molar Fe/As ratios are given in parentheses on the left side) formed at different pH values. Dashed thin grey lines represent the
Gaussians used for the fitting procedure in PeakFit 4.12 (Systat Software Inc.) and the dashed thick line shows the overall
fit. For the integration of the total As-O band area, the areas spanned by the Gaussians in dark gray were summed up, while
the Gaussians in light gray (SO4 stretching vibrations) were ignored.
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A.5. Electrophoretic mobility

Figure A.8. Electrophoretic mobility of Fe/As phases formed at different pH values with changing suspension pH. The
legend in a) is valid for all panels. Colored lines represent fit results using a 4 parameter sigmoidal model equation (c.f.
Chapter 2). The gray dashed line for ferrihydrite (f) is not fitted and solely shown for visual guidance. Error bars show the
standard error of 10 replicate measurements.
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A.6. Bioaccessibility of arsenic and extractability of iron
A.6.1. Correlations

Figure A.9. Scatterplots of AsSBET (a,c,g,e) and BAAs (b,d,f,h) as a function of total As, total Fe, synthesis pH and molar Fe/
As in the coprecipitates.
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Figure A.10. Scatterplots of FeSBET (a,c,g,e) and EXFe (b,d,f,h) as a function of total As, total Fe, synthesis pH and molar Fe/
As in the coprecipitates.
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Figure A.11. Measured BAAs in the SBET extracts for selected coprecipitates over increasing liquid to solid ratios (1:100
– 1:5000).

Figure A.12. Measured EXFe in the SBET extracts for selected coprecipitates over increasing liquid to solid ratios (1:100 –
1:5000).
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Figure A.13. Molar Fe/As ratios in the SBET extracts for selected coprecipitates over increasing liquid to solid ratios (1:100
– 1:5000). A horizontal dashed line indicates the molar Fe/As ratio in each precipitate.
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1.49E-03

1.64E-03

1.55E-03

1.19E-03

7.88E-4

1.18E-03

R2.4pH2.5

R2.4pH3.0

R2.4pH4.0

R2.4pH6.0

R2.4pH8.0

R3.2pH2.0

8.18E-4

1.54E-03

R1.6pH8.0

R2.4pH2.0

1.99E-03

1.45E-03

R1.6pH4.0

R1.6pH6.0

2.08E-03

2.13E-03

R1.6pH2.5

1.47E-03

R1.6pH2.0

R1.6pH3.0

9.26E-4

1.25E-03

R0.8pH8.0

R1.6pH1.5

2.69E-03

1.68E-03

R0.8pH4.0

R0.8pH6.0

2.66E-03

2.82E-03

R0.8pH2.5

R0.8pH3.0

2.44E-03

2.69E-03

R0.8pH1.5

R0.8pH2.0

8.80E-05

As

4.92E-03

6.88E-3

9.99E-03

6.51E-03

6.80E-03

5.07E-03

3.66E-03

3.99E-3

4.87E-03

4.25E-03

4.42E-03

4.13E-03

4.25E-03

2.56E-03

2.47E-3

2.81E-03

2.33E-03

2.42E-03

2.44E-03

2.49E-03

2.38E-03

5.68E-05

Fe

Concentration [M]

Scorodite

Sample Labels

1.24

1.45

1.38

1.28

1.28

1.26

1.28

1.44

1.33

1.26

1.25

1.25

1.23

1.26

1.40

1.33

1.32

1.30

1.30

1.30

1.30

1.28

pHa

-24.57

-24.07

-23.89

-24.22

-24.19

-24.40

-24.47

-24.32

-24.24

-24.34

-24.32

-24.36

-24.56

-24.77

-24.57

-24.42

-24.32

-24.33

-24.36

-24.34

-24.40

-27.52

log IAP
f

g

1.26

1.76

1.94

1.61

1.65

1.43

1.36

1.51

1.59

1.49

1.51

1.47

1.27

1.06

1.26

1.41

1.51

1.50

1.48

1.49

1.43

-1.69

SI

FeAsO4 2H2O (s)b

-24.57

-24.07

-23.89

-24.22

-24.19

-24.40

-24.47

-24.32

-24.24

-24.34

-24.32

-24.36

-24.56

-24.77

-24.57

-24.42

-24.32

-24.33

-24.36

-24.34

-24.40

-27.52

log IAP

-1.57

-1.07

-0.89

-1.22

-1.19

-1.40

-1.47

-1.32

-1.24

-1.34

-1.32

-1.36

-1.56

-1.77

-1.57

-1.42

-1.32

-1.33

-1.36

-1.34

-1.40

-4.52

SI

FeAsO4.2H2O (am)c

-1.18

-0.54

-0.53

-0.95

-0.94

-1.11

-1.20

-0.80

-0.95

-1.17

-1.19

-1.22

-1.26

-1.40

-1.09

-1.19

-1.30

-1.33

-1.32

-1.31

-1.33

-3.00

log IAP

1.86

2.50

2.51

2.09

2.10

1.93

1.84

2.24

2.09

1.87

1.86

1.83

1.78

1.64

1.95

1.85

1.74

1.71

1.72

1.73

1.71

0.04

SI

Fe(OH)2.7Cl0.3 (s)d

-0.64

0.06

0.05

-0.40

-0.39

-0.57

-0.65

-0.20

-0.39

-0.63

-0.65

-0.68

-0.72

-0.86

-0.51

-0.63

-0.74

-0.77

-0.77

-0.76

-0.78

-2.45

log IAP

-3.16

-2.46

-2.47

-2.92

-2.91

-3.09

-3.17

-2.72

-2.91

-3.15

-3.16

-3.20

-3.24

-3.38

-3.03

-3.15

-3.26

-3.29

-3.29

-3.28

-3.30

-4.97

SI

Fe5HO8.4H2O (aged)e

Table A.1. Speciation calculations for SBET extracts at liquid to solid ratio of 100:1. Temperature of incubation was kept constant at 37°C. The volume percentage
of HCl (37%, molar concentration = 12.06 M) in the extract was 3.2%, which corresponded to 0.39 M Cl-. The concentration of glycine in the extract was 0.4 M,
and glycine was accounted for in the speciation calculation. The equilibrium calculations were performed in Visual Minteq using the NIST database.2,3
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A.6.2. Saturation calculations
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b

2.19E-2

1.75E-02

1.43E-02

8.54E-03

1.71E-2

1.68E-02

1.28E-02

9.55E-03

6.03E-03

1.27E-2

1.22E-02

7.17E-03

8.83E-03

5.49E-03

Fe

1.58

1.47

1.38

1.34

1.52

1.45

1.38

1.32

1.30

1.49

1.41

1.30

1.28

1.26

pHa

-23.62

-23.96

-24.28

-24.63

-23.62

-23.76

-23.84

-24.15

-24.41

-23.68

-23.85

-24.27

-24.16

-24.45

log IAP
f

d

g

2.22

1.87

1.55

1.20

2.21

2.07

1.99

1.68

1.42

2.15

1.98

1.56

1.67

1.39

SI
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A.7. Graphical summary of mineralogical coprecipitate composition

Figure A.14. Schematic overview of the mineralogical composition and As speciation as interpreted from XRD, FT-IR and
EM results, and total element contents of coprecipitates.
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B.1. Bacterial culture
B.1.1. Preparation of the inoculum
Cryopreserved (-80°C, 15% glycerol) stock cultures of Shewanella sp. ANA-3 WT were grown aerobically in 50 mL of tryptic soy broth (TSB) for 24 h at 30°C while shaking horizontally (100 rpm).
Thereafter, the cultures were resuspended into 1 L of TSB, grown for 17 h to late exponential phase,
and harvested by centrifugation (2541 g, 15 min, 4°C). Cell densities were estimated shortly before
harvesting from optical density measurements at 600 nm (Cary 50 Bio, Varian) using the relationship
established between optical density and viable cell counts. The bacteria were washed two times with
degassed, sterile minimal medium (5 mM NaCl, 20 mM 4-(2-hydroxyethyl)-1-piperazineethane-sulfonic acid (HEPES), pH 7.2) and then resuspended in degassed minimal medium.
B.1.2. Total cell counts
At the start of the biotic incubation experiment, 0.5-mL suspension aliquots were taken and added
to 0.1 mL 4-wt.% paraformaldehyde in 0.1 M Na-phosphate buffer (PB, pH 7.2) for total cell counts.
The mixture was left at room temperature (24±1°C) for 4 h and then centrifuged (13680 g, 5 min). The
supernatant was discarded and replaced twice by PB. Finally, the samples were stored in 0.5 mL PB and
0.5 mL ethanol at -20°C. Total cell numbers were determined after DAPI (4’,6-diamino-2-phenylindol)-staining using an optical microscope (Leica Microsystems). Based on these measurements the
total cell concentrations in the biotic incubation experiments were 108 cells/mL.

B.2. Mineral syntheses and characterization
B.2.1. Mineral syntheses
Ferrihydrite was coprecipitated with As(V) at a molar As/Fe ratio of 0.05. The synthesis was conducted in a sterile bench (BHA-48, Faster). Briefly, 1 M NaOH solution was slowly added to a stirred
solution containing 0.2 M FeCl3 and 0.01 M H2NaAsO4 until pH 7 was reached. The suspension was
left to stir for another 30 min for pH stabilization. Afterwards, the solid was repetitively centrifuged
and washed with sterile doubly deionized (DDI) water until the electric conductivity of the supernatant was <50 µS/cm. Aliquots (n = 3) of the suspension were digested in conc. HCl (37 wt.%) and analyzed by inductively coupled plasma – optical emission spectrometry (ICP-OES, Vista MPX, Varian)
to verify the initial molar As/Fe ratio in the final solid. The ferrihydrite was stored in sterile minimal
medium until use (<1 wk).
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Birnessite was synthesized by oxidation in alkali medium.1 Degassed DDI water was used to prepare 250 mL of a 5 M NaOH and 200 mL of a 0.5 M MnCl2 solution. The solutions were degassed
with N2 for 30 min while stirring and cooled down to about 4°C in a refrigerator. Afterwards, the cold
solutions were combined under stirring (450 rpm) in an Al-foil coated 1-L polyethylene bottle placed
in a water bath at 25°C, and oxidized under a stream of O2 (2 L/min) for 5 h. The precipitate formed
was aged at 105°C for 48 h, repetitively centrifuged and washed with sterile DDI water until the
pH of the supernatant was <9, and stored in sterile minimal medium until use. The concentration of
birnessite in the medium was determined by ICP-OES after digestion of suspension aliquots in conc.
HCl (n = 3).
B.2.2. Characterization
Arsenic-loaded ferrihydrite and birnessite were characterized by X-ray diffractometry. Powdered
samples were analyzed on a Bruker D4 diffractometer using Cu Kα radiation and an energy-dispersive Li drifted Si detector (5-80°2q, step size: 0.02°2q, acquisition time: 10s/point). The diffractograms were consistent with 2-line ferrihydrite2 and triclinic birnessite3-5 (Figure B.1). The specific
surface area (SSA) of the minerals was determined from multi-point N2(g) adsorption measurements
at 77 K (Autosorb 1 MP, Quantachrome) using the BET equation.6 Prior to analysis the samples were
outgassed for at least 15 hours at 60°C (ferrihydrite) or 100°C (birnessite).
B.2.3. Average oxidation state of Mn in birnessite
Iodometric titrations4,8,9 were conducted to determine the average oxidation state of Mn in birnessite. All solutions used were prepared with degassed DDI water. Titrations were conducted in triplicate with a 0.1 M S2O32- standard solution (Titrisol®) using an automated titration system (Tiamo,
Metrohm, Switzerland). For the standardization of the S2O32- solution ~1.8 g NaI was weighed into
the titration vessel, dissolved in 50 mL DDI water, and supplemented by 1.4-1.7 g of exactly weighed
(±1 mg) KIO3 dried at 105°C for 1-2 hours. The titration vessel was attached to the titration device
and constantly flushed with N2. After addition of 10 mL of 1.2 M HCl, the solution was titrated with
S2O32- until completely devoid of yellow color. Based on the mass of KIO3 used and the volume of
S2O32- solution added, the titrant concentration was calculated via eqs B.1 and B.2.
												

B.1

												

B.2

												

B.3
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Figure B.1. X-ray diffractograms of (a) As(V)-loaded ferrihydrite and (b) birnessite used in all experiments. A reference pattern of triclinic birnessite obtained from the American Mineralogist Crystal Structure Database (AMCSD code
0002932)7 is shown for comparison. Characteristic peaks are labeled with the corresponding d-spacings reported for triclinic birnessite.3-5

												

B.4

												

B.5

Birnessite (0.1 g) was then placed into an empty 100-mL volumetric flask of known weight and suspended in 50 mL DDI water. Thereafter, 10 mL of a NaI solution (600 g/L) and 3 mL of 2 M H2SO4 were
added, and the final volume adjusted to 100 mL with DDI water. The flask was weighed to determine
the solution density and placed in an ultrasonic bath until complete dissolution of the mineral phase.
The solution was then transferred to the titration vessel under N2 flux and stirred. A 5-mL aliquot was
withdrawn from the reaction vessel to determine the solution concentration of Mn by ICP-OES. For
these measurements, the matrix of the Mn standards was adjusted to the iodine concentration in the
sample. The Mn solution was then titrated with standardized S2O32- solution until disappearance of the
yellow color, and the average oxidation number of Mn was calculated from eqs B.2-5.
Samples of the biotic incubation experiments collected after 397 h were sonicated in the NaI- and
H2SO4-containing solution for 10 min. The suspensions were then filtered (0.2 µm) because finely
dispersed ferrihydrite potentially obscured the solution color. Complete colorlessness of the filtrates
confirmed the absence of Mn(III/IV) in these samples.
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B.3. Collection and analysis of X-ray absorption data
B.3.1. Data collection
For each beamtime, XAS samples were freshly prepared from powdered sample material which remained stored under anoxic conditions in the dark at all times. The samples were diluted with BN in
order to optimize the edge absorption. Arsenic K-edge (11867 eV) and Mn K-edge (6539 eV) X-ray
absorption near edge structure (XANES) spectra of powdered samples prepared as 1.3-cm pellets or
sandwiched between Kapton® tape were collected at beamlines BM01B (As) and BM26A (Mn) of the
European Synchrotron Radiation Facility (ESRF, Grenoble, France). Additional Mn measurements
were performed at beamline 4-1 of the Stanford Synchrotron Radiation Laboratory (SSRL, Menlo
Park, USA). The beamlines were equipped with Si(111) (BM01B, BM26A) or Si(220) (beamline 4-1)
double-crystal monochromators. The monochromators were calibrated by setting the maximum in
the first L3-edge XANES derivative of elemental Au to 11919 eV (As measurements) or the maximum
in the first K-edge XANES derivative of elemental Mn to 6539 eV (Mn measurements). Reduction of
higher harmonics was achieved by either detuning the monochromators by 40-50% of their maximal
intensities or by using Si-mirrors (BM26A). The samples were placed in N2 (~80 K, BM26A) or He
(~15 K, beamline 4-1) cryostats or were cooled by a He cryostream (~20 K, BM01B). The measurements were performed in fluorescence mode using solid-state Ge detectors. Iron K-edge (7112 eV)
XANES and X-ray absorption fine structure (EXAFS) spectra were collected at beamline 11.1 of the
Elettra Synchrotron Radiation Facility (Trieste, Italy). The Si(111) monochromator was detuned by
40% and calibrated to the maximum in the first derivative of the K-edge XANES spectrum of elemental Fe (7112 eV). The samples were placed in a N2 cryostat (~80 K) and measured in transmission
mode. Data reduction and analysis was performed in Athena10 (see next section).
B.3.2. Data analysis
Manganese. Determination of the Mn valence state in environmental samples involves the identification of three possible Mn species: Mn(II), Mn(III), and Mn(IV). Considerable differences between
spectra of monovalent reference compounds with the same valence number occur due to structural
variability in these compounds.11 Therefore, the derivation of the average Mn oxidation state in triclinic birnessite from linear combination fitting (LCF) does not provide a sufficiently accurate result. In
this study, our main goal was to determine the time of complete birnessite reduction and to follow the
reduction kinetics of birnessite by Mn K-edge XANES spectroscopy. Since an overlay of all Mn spectra revealed the existence of isosbestic points (Figure B.5), we conclude that birnessite and adsorbed
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Mn(II) were the two dominant Mn species during microbial Mn reduction. However, the transient
accumulation of a solid Mn(III) phase due to Mn(II) oxidation by birnessite may have been hidden
since the birnessite already contained a high proportion of structural Mn(III) (~60%). Because the
incubation samples collected after 397 h only contained Mn(II) (section B2.3), we used these samples
along with birnessite as LCF fit references for incubation samples collected after 24 and 69 h. All Mn
spectra were energy calibrated (E0 of elemental Mn was set to 6537.7 eV), pre-edge subtracted, and
post-edge normalized. The edge-energy of all spectra was set to the maximum of their first XANES
derivatives. Linear combination fitting was performed between -40 and 60 eV (E-E0) and the fitted
fractions were constrained to be non-negative (also valid for Fe and As LCF). The fits are shown in
Figure B.4a and their results are reported in Table 3.2.
Iron. Iron XAS spectra were energy calibrated, pre-edge subtracted, and post-edge normalized. For
LCF analysis conducted on k3-weighted EXAFS spectra in the k-range of 1.0-12.0 Å-1 the edge energy
of all samples and reference compounds was set to 7128 eV. Ferrihydrite (section B2.1), goethite,12
carbonate green rust (courtesy of Thomas Borch, Colorado State University) and magnetite (courtesy
of the mineral collection of ETH Zurich) were employed as fit references. All reference compounds
except for green rust were measured at the same beamline under identical conditions. The fits are
shown in Figure S.4b and their results are summarized in Table 3.2.
Arsenic. Linear combination fitting of extended As XANES spectra was carried out after energy
calibration, pre-edge subtraction, and post-edge normalization of the XAS spectra in the energy range
of -50 to 200 eV (E-E0). The edge energy of each spectrum was set to the maximum of the first XANES
derivative. The sample spectra were fitted with two reference compounds: As(III)- and As(V)-adsorbed ferrihydrite (Figure B.4c, Table 3.2). For the As(III) reference, As(III) (NaAsO2 (Titripur®)) was
adsorbed to suspended ferrihydrite (30 mM Fe) at a molar As/Fe ratio of 0.05 and pH ~7 in an anoxic
glovebox (<10 ppm (v/v) O2). After 24 h shaking end over end, the suspension was vacuum-filtered,
washed with anoxic DDI water, and dried in the glovebox atmosphere under exclusion of light. The
resulting powder was homogenized, mixed with BN and Licowax®, and pressed into a 1.3-cm pellet,
which was sealed with Kapton® tape and kept anoxically until the end of the XAS measurement. The
As(V) reference material was prepared analogously outside the glovebox.
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B.4. Redox potentials and pH values
Table B.1. Eh and pH values measured after 24, 69, and 397 h in the
biotic incubation experiment (mean ± standard deviation).
Time [h]

Eh [mV]
no-Mn

low-Mn

high-Mn

24

36±4

357±30

455±23

69

-24±6

266±12

410±29

397

-187±7

-122±8

-137±19

Time [h]

pH
no-Mn

low-Mn

high-Mn

24

7.31±0.02

7.33±0.01

7.35±0.01

69

7.36±0.02

7.42±0.01

7.47±0.03

397

7.76±0.05

7.59±0.04

7.82±0.05
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B.5. Manganese EXAFS spectra of the 397-h samples

Figure B.2. Manganese K-edge EXAFS spectra of Mn(III/IV) and Mn(II) reference compounds and samples of the lowand high-Mn treatments of the biotic incubation experiments collected after 397 h. The Mn(II)-acetate (C4H6MnO4·4H2O)
was purchased from Alfa Aesar (CAS no. 6156-78-1), and rhodochrosite (MnCO3) was obtained from the mineralogical
collection of ETH Zurich. All spectra were recorded at BM26A of ESRF as described in section B.3.
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B.6. Comparison of As speciation data obtained from wet-chemical analyses and
X-ray absorption spectroscopy

Figure B.3. Relationship between solid-phase concentrations of As(III) obtained by wet-chemical analysis and As
XANES LCF. For wet-chemical analyses suspension samples were digested in conc. HCl (37 wt.%) and analyzed for total
As(III) by hydride-generation atomic fluorescence spectrometry.13 The total As(III) concentrations were then corrected
for the aqueous-phase concentration of As(III) determined in 0.2-µm filtrates before acid digestion in order to obtain
As(III)solid. The good correlation (R2 ~0.96) shows that wet-chemical and spectroscopic methods used for As speciation
delivered comparable results for our samples. However, for samples containing significant amounts of birnessite (low-Mn:
24 h; high-Mn: 24 and 69 h; Figure B6), As(III)solid values determined by wet-chemical analysis were significantly lower
than those determined by XAS, implying the oxidation of As(III) in the acid digests.

137

Appendix B

B.7. Linear combination fits of Mn, Fe, and As X-ray absorption spectra

Figure B.4. (a) Manganese K-edge XANES, (b) Fe K-edge EXAFS, and (c) As K-edge XANES spectra of biotic incubation
samples collected after 24, 69, and 397 h. Reference compounds used for LCF analyses are plotted above the sample spectra. The fits are shown as dashed lines and are summarized in Table 3.2. Note that the Mn XANES spectra of the 397-h
samples were employed as fit references (section B.3.2).
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B.8. Isosbestic points in Mn XANES spectra

Figure B.5. Manganese K-edge XANES spectra of samples collected after 0, 24, 69, and 397 h in the biotic incubation
experiments. Isosbestic points indicate the dominance of birnessite and adsorbed Mn(II) during microbial reduction.

B.9. Reduction kinetics of birnessite

Figure B.6. Birnessite remaining in the biotic incubation experiments (a) in relative and (b) absolute terms as determined
by Mn K-edge XANES LCF. Extrapolation of the linear regressions to zero birnessite concentrations suggests a complete
reduction of birnessite after 87 h in the low-Mn and 264 h in the high-Mn treatment.
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C.1. Soil parameters
Table C.1. Selected physicochemical properties of the untreated floodplain
soil (sieved to <2 mm) used in the experiment.
Soil property
pHa
clay

b

Unit

Mean

-

7.4

g/kg

137

g/kg

571

b

sand

g/kg

291

c
inorg
d
org
d
tot
e

C

g/kg

0.6

C

g/kg

7.6

N

g/kg

0.5

P

g/kg

0.9

e

g/kg

0.34

g/kg

9.6

silt

S

Ca

b

e

Mn

g/kg

1.6

Fee

g/kg

42.1

mg/kg

214

Asc/Cit Mn

mg/kg

793

Asc/Cit Fe

f

mg/kg

742

Asc/Cit As

mg/kg

55

e

Ase
f

f

Measured in CaCl2. bDetermined using a laser diffraction particle size analyzer
(LS 13 320, Beckman-Coulter) after removal of soil organic matter by oxidation
with hydrogen peroxide. cSolid Sample Module (SSM-5000A, Shimadzu). dTotal C
and N contents were determined with a CHNS analyzer (CHNS-932, Leco), total
organic C (Corg) was calculated as Ctot – Cinorg. eResults from XRF analysis. fDerived
from respective element concentrations determined with ICP-OES in ascorbate/
citrate extracts.1 All concentrations are given on a dry weight basis.
a
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C.2. XRD analyses

Figure C.1. XRD patterns of (a) the soil sample from the Ogosta River floodplain (20-40 cm depth) and (b) acid birnessite
used in the column experiments. In (a), major reflections are assigned to chlorite (Ch), muscovite (Mu), albite (Al), and
quartz (Qu). The diffractogram in (b) is consistent with acid birnessite showing three major reflections at d = 7.2 Å (001),
3.5 Å (002), and 2.4 Å (200,110).2

C.3. Experimental parameters
Table C.2. Average flows and total solution volumes recorded for the treatments of experiment 1.
Parameter

Unit

low-Mn

mid-Mn

high-Mn

high/low-Mn

low/high-Mn

Average flow

mL/h

5.7

5.7

5.6

5.8

5.8

Stdev

mL/h

<0.1

<0.1

<0.1

<0.1

<0.1

Total volume

mL

4105

4125

4007

4181

4141

Total volume

PV

117

118

115

120

118

Deviation from low-Mn treatment

%

0.5

2.4

1.8

0.9

Deviation from low-Mn treatment

mL

20.4

-97.6

76.3

36.4

Deviation from low-Mn treatment

PV

0.6

-2.8

2.2

1.0
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Figure C.2. Temperatures recorded during experiment 1 and 2.

C.4. Influent solution concentrations

Figure C.3. Solution concentrations of alkali/alkaline earth metals and pH of the influent solution of experiment 2.
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C.5. Solution concentrations of macro elements

Figure C.4. Concentrations of (a) Ca, (b) K, (c) Mg, and (d) Na in effluents of experiment 1.
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C.6. Acetate, propionate, and dissolved organic carbon concentrations

Figure C.5. Aqueous concentrations of (a) acetate, (b) propionate, and (c) dissolved organic carbon (DOC) in effluents of
experiment 1. Summed up C concentrations of the low-molecular-weight organic acids determined by ion chromatography (IC) are plotted into the same panel as open circles.
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C.7. Correlation of aqueous Fe and As

Figure C.6. Correlation between aqueous Fe and As in the effluents of the low-Mn, mid-Mn, and high-Mn treatments of
experiment 1. Data points that were not considered in the linear regressions are plotted in faint colors. Errors in the regression equations are given as standard errors.
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C.8. X-ray absorption spectroscopy
C.8.1. Data collection
For the collection of X-ray absorption spectra each two of eight dried solid samples per column
were combined (and their weight proportion noted), resulting in four samples per column. All sample
preparation was performed in an anoxic glovebox (N2). The samples were ground to a particle size <10
µm using a mortar grinder (Retsch, Germany). The X-ray absorption near edge structure (XANES)
at the As K-edge (11867 eV) and Mn K-edge (6539 eV) was measured at the Stanford Synchrotron
Radiation Lightsource (SSRL, Menlo Park, CA, USA) at beamlines 4-1 and 4-3 respectively. Beamline
4-1 was equipped with a Si(220) monochromator, which was detuned by 30% to reduce the content of
higher harmonics in the beam and calibrated to the maximum in the first L3-edge XANES derivative
of elemental Au (11919 eV). Beamline 4-3 was equipped with a Si(111) monochromator and mirrors
for higher harmonics rejection. The monochromator was calibrated by setting the maximum in the
first Mn K-edge XANES derivative of elemental Mn to 6539 eV. Undiluted samples were prepared in
Al sample holders sealed with Kapton® tape. The samples were cooled to ~10 K using closed-cycle He
cryostats and measured in fluorescence mode utilizing a solid state Ge detector (4-1) or a Lytle detector (4-3). Soller slits were used to remove undesired fluorescence and scattering contributions. Manganese K-edge extended X-ray absorption fine structure (EXAFS) spectra of selected samples were
recorded at beamline 5-BM-D of the Advanced Photon Source (APS; Argonne National Laboratory,
Lemont, IL, USA) at 50 K in fluorescence mode using a He cryostat and a SSD Vortex detector. The
beamline was equipped with a Si(111) monochromator, which was detuned to 60% of its maximum
intensity for the rejection of higher harmonics. Calibration of the monochromator was performed by
setting the maximum in the first Mn K-edge XANES derivative of elemental Mn to 6539 eV. For the
collection of Fe K-edge EXAFS spectra, samples were diluted with BN to obtain an optimal transmission (post-edge absorbance <2.5) to edge jump (µx = 1) relation and pressed into 1.3-cm pellets
protected by Kapton® tape. The samples were measured at 100 K (N2 cryostat) in transmission mode
at beamline 11.1 of the Elettra Synchrotron Radiation Facility (Trieste, Italy). The beamline’s Si(111)
monochromator was detuned by 40% and calibrated by setting the zero-crossing in the second Fe
K-edge XANES derivative of elemental Fe to 7112 eV.
C.8.2. Data reduction and analysis
Data reduction and analysis of all spectra were performed using the IFFEFIT software package.3
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Arsenic. Sample spectra were energy calibrated, pre-edge subtracted, and post-edge normalized.
The edge energy (E0) was set to the first maximum in the first XANES derivative. Linear combination
fitting (LCF) was performed in the energy range -20 to 40 eV (E-E0) utilizing arsenite- and arsenate-adsorbed ferrihydrite as reference compounds. The fits are shown in Figure C.7 and their results
are summarized in Table C.3.

Table C.3. Arsenic K-edge XANES LCF results for experiment 1. Fit fractions were normalized to a sum of unity.
Position

As(III)

As(V)

Initial fit
sum

NSSRa

[cm]

[-]

[-]

[-]

[×103]

0.04

0.96

1.04

0-3.2

0.54

0.46

1.00

1.3

3.2-6.4

0.62

0.38

1.02

2.0

6.4-9.6

0.69

0.31

1.01

1.1

9.6-12.8

0.69

0.31

1.01

1.6

0-3.2

0.46

0.54

1.03

1.3

3.2-6.4

0.46

0.54

1.02

1.1

6.4-9.6

0.49

0.51

1.03

1.2

9.6-12.8

0.54

0.46

1.02

2.5

0-3.2

0.15

0.85

0.99

0.4

3.2-6.4

0.16

0.84

1.00

0.5

low/high-Mn

high/low-Mn

high-Mn

mid-Mn

low-Mn

Oxic
soil

Sample

0.6

6.4-9.6

0.11

0.89

1.00

0.8

9.6-12.8

0.15

0.85

1.02

1.0

0-3.2

0.17

0.83

1.01

0.6

3.2-6.4

0.19

0.81

1.00

0.4

6.4-9.6

0.55

0.45

1.02

1.6

9.6-12.8

0.64

0.36

1.03

1.9

0-3.2

0.49

0.51

1.01

1.6

3.2-6.4

0.66

0.34

1.03

1.7

6.4-9.6

0.46

0.54

1.00

1.2

9.6-12.8

0.41

0.59

1.03

1.3

Normalized sum of the squared residuals (=100×Σ(datai − fiti)2/Σdatai2).

a
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Figure C.7. Arsenic K-edge XANES spectra of reference compounds and samples from experiment 1. Treatments are
indicated on the right side gray bar. For each treatment the spectra are stacked according to the sample position within
the column (top to bottom): 0-3.2 cm, 3.2-6.4 cm, 6.4-9.6 cm, and 9.6-12.8 cm. ‘T0’ refers to the oxic soil. Experimental
spectra are shown as solid lines and LCFs as open circles. The fit results are summarized in Table C.3.
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Iron. Sample spectra were energy calibrated, pre-edge subtracted, and post-edge normalized. All
21 sample spectra were analyzed by principal component analysis (PCA)4 in SixPack (k-weight = 3,
k-range = 0-11.5 Å-1). Table C.4 lists the resulting eigenvalues, variance, cumulated variance, and IND
function values. The IND function reaches a minimum at the fourth component, suggesting the presence of four distinct Fe species in the samples. Target-transformation testing (TT) was employed to
identify suitable reference compounds for LCF analysis (k-range = 2-11.5 Å- 1). Table C.5 summarizes
the results of the TT. Following the PCA and TT analyses, the LCF was started with goethite as single
reference and continued with ferrihydrite and chlorite if NSSR values of the fits increased by >10%.
Subsequently, all other references with SPOIL values <8 were tested. Among these reference compounds smectite was found to improve the fits’ NSSR values by ca. 50%. Therefore, smectite was added
to the pool of now four reference compounds employed in the LCF analyses. Table C.6 summarizes
the LCF results and Figure C.9 shows the corresponding fits.
Manganese. Manganese K-edge XANES spectra were used to quantify oxidation states of Mn and
to identify Mn species present in the solid phase. Manganese K-edge XANES spectra were energy-calibrated, pre-edge subtracted, and post-edge normalized. The edge energy (E0) was set to the first
maximum of the first XANES derivative. Linear combination fitting was done following the ‘Combo
Method’ proposed by Manceau et al.5 utilizing the reference spectra provided by the authors. Normalized XANES sample spectra were fitted in the energy range -20 to 50 eV (E-E0), constraining the
fractions to be non-negative and using a single energy-shift value for all fit references. Due to high
computational effort required for the ‘Combo Method’, seven samples covering the spectral variance
of all samples were fitted with 17 reference compounds. In these initial fits we allowed a maximum of
five references since NSSR values of the fits improved marginally (<10%) with more than five references. Three reference compounds that were never used in the best four initial fits were omitted from the
set of reference compounds, leaving 14 fit references for the final LCF analysis. The final LCF results
are illustrated in Figure C.3 and listed in Table C.7. Additionally, EXAFS spectra were recorded for
samples of the low-Mn, mid-Mn, and high-Mn treatments and compared with probable reference
spectra (Figure C.9). In order to elucidate the speciation of Mn in the reduced samples, Mn(II) was
adsorbed to oxic soil material used in the experiment and also to a Mn-free clay mineral (illite, IMt-1,
Clay Minerals Society, USA). The Mn(II) adsorption experiment was conducted in an anoxic glovebox. Before the addition of Mn(II), the pH of the soil/mineral suspensions containing 2 g solid in 50
mL anoxic DDI water was adjusted to 8.6±0.1 with 0.1 M HCl or NaOH. The suspensions were shaken
end over end for 1 h. Thereafter, 2000 mg Mn(II) per kg solid were added and the suspensions shaken for another 2 h before centrifugation. The samples were then rinsed with anoxic DDI water and
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dried in the glovebox atmosphere. The XANES spectra of the Mn(II)-adsorbed illite and the naturally
Mn-containing chlorite (Cca-2, ripidolite) were distinct, pointing toward the structural nature of Mn
in the Cca-2 chlorite. Addition of Mn(II) to the soil lead to a pronounced Mn(II) XANES feature and
a decrease in the Mn(IV) maximum (Figure C.9).

Table C.4. PCA results for 21 k3-weighted Fe K-edge EXAFS sample spectra.
Component
1
2
3
4
5
6

Eigenvalue
115.5
9.12
4.78
3.34
2.12
1.78

Variance
0.773
0.061
0.032
0.022
0.014
0.011

Cum Var.
0.773
0.834
0.866
0.889
0.903
0.915

IND
0.00654
0.00466
0.00404
0.00373
0.00381
0.00398

Table C.5. Results from the TT analysis using the first four PCA components.
Reference

χ2

NSSR

SPOIL

[-]

[%]

[-]

Augite

381

49.3

15.6

Biotite

319

27.4

6.2

Chlorite

286

21.6

4.8

Epidote

511

73.3

14.7

FeS

406

88.0

14.6

Ferrihydrite

156

17.5

6.3

Goethite

249

14.8

3.5

Hormblende

153

20.9

6.8

Lepidocrocite

1236

44.3

14.2

Maghemite, γ-Fe3O4

809

45.7

9.0

Magnetite, Fe2O3

1828

73.8

13.5

Muscovite

268

25.6

17.8

Pyrite

5304

80.5

20.2

1460

69.7

7.2

Smectite (SWy-2)

507

24.6

8.0

Vermiculite (RUS)a

147

20.5

6.4

Siderite
a

Clay Minerals Society, USA.

a
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Table C.6. Iron K-edge XANES LCF results for experiment 1. Fit fractions were normalized to a sum of unity.
Sample

Position

Ferrihydrite

Goethite

Chlorite

Smectite

Initial fit sum

NSSRa

[-]

[-]

[-]

[-]

[-]

[%]

0.27

0.22

0.29

0.23

0.96

6.0

0-3.2

0.26

0.17

0.36

0.21

1.01

6.2

3.2-6.4

0.23

0.18

0.36

0.23

0.96

7.6

6.4-9.6

0.27

0.17

0.37

0.19

1.03

6.1

9.6-12.8

0.26

0.16

0.36

0.21

1.02

6.5

0-3.2

0.26

0.22

0.32

0.20

0.99

6.7

3.2-6.4

0.27

0.20

0.32

0.21

1.00

5.8

6.4-9.6

0.30

0.18

0.29

0.22

0.90

6.8

9.6-12.8

0.28

0.20

0.33

0.19

1.01

5.6

0-3.2

0.31

0.19

0.28

0.23

0.90

5.9

3.2-6.4

0.29

0.21

0.28

0.22

0.92

6.7

low/highMn

high/lowMn

high-Mn

mid-Mn

low-Mn

Oxic
soil

[cm]

6.4-9.6

0.25

0.25

0.30

0.21

0.93

6.5

9.6-12.8

0.31

0.19

0.28

0.22

0.90

6.6

0-3.2

0.24

0.25

0.32

0.20

0.98

6.1

3.2-6.4

0.30

0.20

0.30

0.20

0.97

5.8

6.4-9.6

0.31

0.13

0.37

0.18

1.04

6.3

9.6-12.8

0.22

0.17

0.38

0.23

0.97

6.6

0-3.2

0.27

0.15

0.38

0.21

1.04

6.45

3.2-6.4

0.19

0.21

0.38

0.22

0.95

6.16

6.4-9.6

0.25

0.22

0.31

0.22

0.94

6.29

9.6-12.8

0.29

0.21

0.30

0.20

0.97

5.74

Normalized sum of the squared residuals (=100×Σ(datai − fiti) /Σdatai ).

a

2
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Figure C.8. Iron K-edge EXAFS spectra of reference compounds and samples from column experiment 1. Treatments are
indicated on the right side gray bar. For each treatment the spectra are stacked according to the sample position within
the column (top to bottom): 0-3.2 cm, 3.2-6.4 cm, 6.4-9.6 cm, and 9.6-12.8 cm. ‘T0’ refers to the oxic soil. Experimental
spectra are shown as solid lines and LCFs as open circles. The fit results are summarized in Table C.6.
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Table C.7. Manganese K-edge XANES LCF results for experiment 1 obtained by the ‘Combo
Method’. Fit fractions were normalized to sum of unity.
Sample

Position

Mn(II)

Mn(III)

Mn(IV)

Intitial fit sum

NSSRa

[cm]

[-]

[-]

[-]

[-]

[×103]

0.30

0.35

0.36

1.00

0.2

low-Mn oxic

0.17

0.07

0.76

1.01

0.1

0.14

0.00

0.86

1.01

0.1

0-3.2

0.90

0.10

0.00

0.94

1.6

3.2-6.4

0.96

0.04

0.00

0.94

1.9

low/high-Mn

high/low-Mn

high-Mn

mid-Mn

low-Mn

mid-Mn oxic
high-Mn oxic

6.4-9.6

0.96

0.03

0.00

0.96

2.0

9.6-12.8

0.97

0.03

0.00

0.93

2.2

0-3.2

0.82

0.18

0.00

0.96

1.3

3.2-6.4

0.89

0.12

0.00

0.95

1.4

6.4-9.6

0.91

0.09

0.00

0.96

1.4

9.6-12.8

0.90

0.09

0.00

0.96

1.3

0-3.2

0.45

0.56

0.00

0.99

0.5

3.2-6.4

0.54

0.45

0.00

0.99

0.5

6.4-9.6

0.54

0.46

0.00

0.99

0.5

9.6-12.8

0.47

0.52

0.00

0.99

0.3

0-3.2

0.51

0.49

0.00

0.99

0.4

3.2-6.4

0.60

0.41

0.00

0.98

0.5

6.4-9.6

0.95

0.05

0.00

0.93

2.4

9.6-12.8

0.96

0.05

0.00

0.94

2.3

0-3.2

0.92

0.08

0.00

0.95

1.8

3.2-6.4

0.94

0.06

0.00

0.94

2.1

6.4-9.6

0.57

0.44

0.00

0.99

0.3

9.6-12.8

0.59

0.41

1.01

0.3

0.00

Normalized sum of the squared residuals (=100×Σ(datai − fiti) /Σdatai ).

a

2
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Figure C.9. Manganese K-edge (a) XANES and (b) EXAFS spectra of samples and reference compounds. References
‘Mn(II)ads soil’ and ‘Mn(II)ads illite’ represent Mn(II) adsorbed to the oxic low-Mn soil and IMt-1 illite, respectively. The
Cca-2 chlorite has a natural Mn content of unknown speciation. Rhodochrosite (MnCO3) and Mn(II) acetate were used as
Mn(II), and acid birnessite and lithiophorite as Mn(III/IV) reference compounds. Dashed lines indicate changing spectral
features.
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C.9. Saturation calculations
In order to test for the possible formation of Fe and Mn carbonate minerals during soil incubation,
equilibrium calculations were performed using Visual Minteq and ECOSAT and stability constants
from the NIST database 46.6-8 Aqueous element concentrations, organic acids, and pH for 30 sampling
points were read into Visual Minteq using the multi-problem function and equilibrium calculations
were performed to determine the charge imbalance. Total carbonate concentrations were calculated
from the charge imbalance of all solution species, considering the formation of H2CO3, HCO3- and
CO32- at a given pH and ionic strength. Non-detectable concentrations of Fe and Mn were replaced by
LOD/2 (2.5 µg/L). The CO2 gas pressure was set to 1 atm.

Figure C.10. Saturation indices (log(IAP/Ksp)) of amorphous MnCO3, rhodochrosite, and siderite calculated for the (a)
low-Mn, (b) mid-Mn, and (c) high-Mn treatments of experiment 1.
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C.10. Electron balance calculation
The electron balance (e-balance) was calculated for each treatment of experiment 1 using aqueousand solid-phase speciation and concentration data. Equations C.1 and C.2 account for electron yields
summarized in Table C.8 and were used to calculate the corresponding columns in Table C.9, which
lists the total amounts of redox-active compounds we considered in the calculations. Compounds
measured in the influents and effluents are marked with subscript ‘in’ and ‘out’, respectively. For the
calculation of solid-phase Fe(II) we used the chlorite and smectite fractions from Table C.6.
e-produced = (4×acetateout + 12×(lactatein – lactateout – acetateout – propionateout)		

(C.1)

e-consumed = 2×As(III)out + Feout + 2×Mnout + 2×propionateout					 (C.2)
e-balance = e-produced – e-consumed									 (C.3)

Table C.8. Redox transformations and corresponding electron transfers for relevant
compounds in the column effluents.
Educt

Product

Electron yielda

CH3CHOHCOO

-

3CO2

12

CH3CHOHCOO

-

CH3COO + CO2

4

CH3CHOHCOO-

CH3CH2COO- + 1/2O2

-2

As(V)

As(III)

-2

Mn(IV)

Mn(II)

-2

Fe(III)

Fe(II)

-1

-

Positive values indicate the production and negative values the consumption of electrons.

a
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Table C.9. Total amounts of redox-active compounds calculated from aqueous and solid-phase concentrations of
experiment 1.a
Treatment

Phase

Lin

Lout

Aout

Pout As(III)out Feoutb

low-Mn

aqueous

11.9

1.5

4.2

5.3

[mmol]

solid
mid-Mn

aqueous

11.9

6.7

2.4

2.6

solid
high-Mn

aqueous

11.9

9.9

1.1

0.3

solid
high/low-Mn

aqueous

11.9

4.4

3.6

3.4

solid
low/high-Mn

aqueous

11.9

3.4

3.6

4.2

solid

Mnoutb

e-produced

e-consumed

e-balance

27.9

16.6

11.3

11.9

15.7

-3.8

11.0

14.8

-3.8

20.6

17.6

3.0

23

20.5

2.5

0.1

<0.1

0.2

0.2

3.1

2.2

<0.1

<0.1

0.2

0.3

1.2

8.6

<0.1

<0.1

0.1

0.1

-0.2

14.0

0.1

0.1

0.2

0.1

2.3

7.9

<0.1

<0.1

0.4

0.1

3.4

7.8

L = Lactate, A = Acetate, P = Propionate. Feout and Mnout were assumed to be Fe(II) and Mn(II), respectively.

a

b

C.11. Experiment 2 data
C.11.1. Experimental parameters
Table C.10. Average flows and total solution volumes recorded for the treatments of experiment 2.
Parameter

Unit

low-Mn

mid-Mn

high-Mn

high/low-Mn

low/high-Mn

Average flow

mL/h

5.7

5.3

5.5

5.1

5.6

Stdev

mL/h

<0.1

0.1

0.1

2.4

0.1

Total volume

mL

4123

3827

3979

3651

4006

Total volume

PV

118

109

114

104

115

Deviation from low-Mn treatment

%

7.7

3.6

12.9

2.9

Deviation from low-Mn treatment

mL

-295.3

-143.5

-472.0

-116.7

Deviation from low-Mn treatment

PV

-8.4

-4.1

-13.5

-3.3
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C.11.2. pH and redox potential

Figure C.11. (a) pH and (b) redox potentials measured in effluents of experiment 2. Open symbols indicate the corresponding trends of experiment 1 for comparison.
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C.11.3. Solution concentrations of As, Fe, and Mn

Figure C.12. Concentrations of (a) As, (b) Fe, and (c) Mn in effluents of experiment 2. The corresponding solution trends
of experiment 1 are shown as open symbols of the respective treatment color for comparison.
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C.11.4. Solution concentrations of macro elements

Figure C.13. Concentrations of (a) Ca, (b) K, (c) Mg, and (d) Na in effluents of experiment 2. The corresponding solution
trends of experiment 1 are shown as open symbols of the respective treatment color for comparison.

164

Supporting Information to Chapter 4
C.11.5. Solid-phase concentrations of As, Fe, and Mn

Figure C.14. Solid-phase concentrations (colored symbols) of (a-e) As, (f-j) Fe, and (k-o) Mn in columns of experiment 2
after 30 days of continuous flow. Treatment labels listed on top of the figure are valid for each panel column. For comparison, the corresponding total concentrations of experiment 1 are plotted as empty symbols. Initial solid-phase concentrations of As, Fe, and Mn are displayed as shaded areas. For Mn the different Mn enrichments are indicated by the molar Fe/
Mn ratio (24.7 = low-Mn, 10.2 = mid-Mn, and 4.8 = high-Mn).
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