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Zusammenfassung 

 

Die mikrobielle Reduktion von Eisenoxiden, wichtigen Bestandteilen in Böden und Sedimenten, 

gehört zu den wesentlichen anaeroben Atmungsprozessen im Untergrund. Umsatzraten dieses 

Prozesses werden von Eigenschaften der Eisenoxide bestimmt, mit weitreichenden 

Auswirkungen auf die Biogeochemie bis hin zur Grundwassersanierung. Biotische und abiotische 

Reaktivitäten von Eisenoxidmakropartikeln unterscheiden sich wesentlich von nanopartikulären 

Eisenoxiden, die für gewöhnlich eine höhere Reaktivität aufweisen. Partikelgröße, Löslichkeit, 

Fe(II), Kristallstruktur und organische Moleküle beeinflussen die Reaktivität. Arbeiten der letzten 

Jahre zeigten das hohe Potenzial von nanopartikulären Eisenoxiden in der Umwelt, beispielsweise 

als Elektronendonor für mikrobielle Atmungsprozesse oder als Adsorbens für Schwermetalle. 

Das Ziel der vorliegenden Arbeit war es, mineralogische Einschränkungen auf die abiotische und 

mikrobielle Reaktivität zu identifizieren und den Einfluss von niedermolekularen organischen 

Säuren auf die Löslichkeit und mikrobielle Verfügbarkeit von Eisenoxiden zu untersuchen. 

Außerdem wurden zwei häufig verwendete photometrische Eisenbestimmungsmethoden im 

Bezug auf Extraktionsverfahren und Störsubstanzen getestet. 

Für die methodologische Untersuchung wurden synthetischer Goethit, Ferrihydrit und Pyrit, 

mikrobiell gebildeter Magnetit und eine Mischung aus Goethit und Magnetit sowie Fe(II)aq-, 

Fe(III)aq- und gemischt valente Lösungen verwendet. Die Güte der Ferrozin- und Phenanthrolin-

Methoden wurde nach der Eisenextraktion in 1 M und 6 M HCl bei 21 und 60 °C unter oxischen 

und anoxischen Bedingen bestimmt. Beide Methoden erzielten gut reproduzierbare 

Eisenkonzentrationen, wobei Ferrozin für die Bestimmung von Gesamteisen und Phenanthrolin 

für Fe(II) geeigneter waren. Erhitzen der Proben und die Verwendung höherer 

Säurekonzentrationen verbesserten die Löslichkeit der kristallinen Eisenoxide, machten jedoch 

die anschließende Messung von Fe(II) durch schnelle abiotische Oxidation unmöglich. Deswegen 

ist es notwendig, vor der Fe(II)-Bestimmung das Eisen durch Auflösung in 1 M HCl bei 21 °C zu 

extrahieren und anschließend zu zentrifugieren, um Interferenzen ungelöster Eisenoxide mit dem 

photometrischen Reagens zu vermeiden.  

Die Inkubation von synthetischen Ferrihydrit-Makroaggregaten mit Citrat als organische 

Modellsubstanz zeigte die Stabilisierung von Kolloiden im Größenbereich von 106 (± 6) bis 202 

(± 2) nm für molare Citrat:Fe-Verhältnisse von 0,1 bis 0,5 sowie die partielle Auflösung von 

Ferrihydrit bei Citrat:Fe-Verhältnissen ≥0,1. Es ist zu vermuten, dass die Adsorption von Citrat 

als Voraussetzung für die Auflösung des Ferrihydrits, zur elektrostatischen Abstoßung zwischen 

Subaggregaten des Ferrihydrits führte, sobald ein kritisches Citrat:Fe-Verhältnis (~0,1) 

überschritten wurde. Geringere Verhältnisse resultierten in stärkerer Aggregation des Ferrihydrits 
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anstelle von Kolloidstabilisierung infolge der Neutralisierung der positiven Oberflächenladung. 

Folglich erhöhte sich die mikrobielle Reduktion mit steigender Citratkonzentration um das 

Sechsfache von 0.03 auf 0.18 mM h-1. Die Modellierung der mikrobiellen Reduktion zeigte, dass 

Auflösung allein die erhöhten mikrobiellen Reduktionsraten nicht erklären kann. Vielmehr ist die 

Anwesenheit von stabil dispergierten Ferrihydrit-Kolloiden als leicht bioverfügbare Eisenphase 

notwendig, um die beobachteten Reduktionsraten zu erklären. Diese Ergebnisse demonstrieren 

die wichtige Rolle von niedermolekularen Säuren in Böden und Sedimenten, nicht nur für die 

Lösung von Mineralen, sondern auch für die Stabilisierung von Kolloiden. 

Die Abhängigkeit der Reaktivität von Eisenoxiden von ihrer Mineralogie wurde mit fünf 

verschiedenen synthetischen Ferrihydriten in mikrobiologischen Batchexperimenten mit Geobacter 

sulfurreducens und abiotischen Lösungsexperimenten mit Ascorbinsäure untersucht. Die Proben 

wurden mittels Röntgendiffraktometrie, Fourier-Transformations-Infrarotspektroskopie, 

Röntgenphotoelektronenspektroskopie und N2-Physisorptionsmessungen charakterisiert. Die 

Ergebnisse deuteten darauf hin, dass der Grad der Aggregation einzelner Ferrihydrit-Kristallite 

die biotische und abiotische Reaktivität kontrollierte. Sobald Ferrihydritaggregate eine kritische 

Größe unterschritten, dominierten Oberflächeneigenschaften einzelner Kristallite den 

Auflösungsprozess. Fehlende Oberflächendefekte  schienen die Bildung von Senken auf der 

Oberfläche zu behindern, die als Vorläufer von wellenförmig verlaufenden Lösungsstufen 

dienen. Die Auflösung größerer Aggregate wurde wiederum durch die Menge an 

Oberflächendefekten der Kristallstruktur bestimmt. Diese Ergebnisse deuten darauf hin, dass 

abnehmende Aggregatgrößen nicht zwangsläufig zur erhöhten Reaktivität von Ferrihydrit führen. 

Die Ergebnisse der vorliegenden Arbeit implizieren, dass die Reaktivität von Ferrihydrit mit 

abnehmender Aggregatgröße bis zu einem bestimmten Größenbereich (100-200 nm) steigt. 

Aufspaltung von Makroaggregaten durch niedermolekulare organische Säuren kann daher  

möglicherweise die Bioverfügbarkeit von Eisen in Böden erhöhen. Weitere Verringerung der 

Aggregatgröße unterhalb eines kritischen Bereichs vermindert die Reaktivität, da bestimmte 

Lösungsprozesse nicht mehr effektiv wirken können. Diese Beobachtung kann für 

technologische Anwendungen von Ferrihydrit von entscheidender Bedeutung sein, z. B. in der 

Sanierung von Grundwasserkontaminationen, ermöglicht aber auch einen tieferen Einblick in die 

Mechanismen der Interaktion zwischen Eisenoxiden und organischem Material in Böden und 

Grundwasser. 
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Abstract 

 

Iron oxides are important constituents of soils and sediments and microbial iron reduction is a 

major anaerobic respiration process in the subsurface. Turnover rates in this process are 

determined by the iron oxide particle properties with widespread implications from 

biogeochemistry to groundwater remediation. Biotic and abiotic reactivity of iron oxide 

macroparticles differs significantly from nano-sized Fe oxides, which are usually much more 

reactive. Particle size, solubility, ferrous iron, crystal structure, and organic molecules were 

identified to influence reactivity. Recent studies showed the high potential of nano-sized Fe 

oxides in the environment e.g. as electron donor for microbial respiration or scavenger for heavy 

metals. The aim of the thesis was to identify mineralogical constraints on abiotic and biotic iron 

oxide reactivity and to describe the influence of low molecular weight organic acids on iron oxide 

solubility and microbial accessibility. Furthermore, two commonly used photometric iron 

determination methods were tested regarding extraction procedures of different iron oxides and 

interfering substances. 

Synthetic goethite, ferrihydrite, and pyrite, as well as microbially-formed magnetite and a mixture 

of goethite and magnetite and Fe(II)(aq), Fe(III)(aq), and mixed valence solutions were used for the 

methodological approach. The performances of the ferrozine and phenanthroline assays were 

examined after iron extraction in 1 M and 6 M HCl at 21 and 60 °C and under oxic and anoxic 

conditions. Both methods revealed a good reproducibility of measured iron concentrations with 

ferrozine being more suitable for total iron and phenanthroline for ferrous iron. Heating of 

samples and higher acid concentrations increased solubility of crystalline iron oxides but fast 

abiotic oxidation of ferrous iron made subsequent ferrous iron determination impossible. 

Therefore, extraction prior to measurement of ferrous iron requires dissolution in 1 M HCl at 21 

°C and subsequent centrifugation to avoid interferences of undissolved iron oxides with the 

photometric reagent. 

Incubation of synthetic ferrihydrite macroaggregates with citrate as model organic compound 

revealed the formation of stably dispersed colloids in the size range of 106 (± 6) to 202 (± 2) nm 

for molar citrate:Fe ratios of 0.1 to 0.5 and partial dissolution of ferrihydrite at citrate:Fe ratios ≥ 

0.1. I hypothesize that adsorption of citrate, necessary for dissolution, led to electrostatic 

repulsion between sub-aggregates of the ferrihydrite over a critical citrate:Fe ratio (~0.1). Lower 

ratios resulted in stronger ferrihydrite aggregation instead of colloid stabilization owing to 

neutralization of the positive surface charge. Consequently, microbial ferrihydrite reduction 

increased sixfold with increasing citrate concentration from 0.03 to 0.18 mM h-1. Modelling of 

microbial reduction revealed that dissolution alone did not totally explain the high microbial 
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reduction rates and that the presence of stably dispersed ferrihydrite colloids as highly 

bioavailable iron phase is essential for the observed reduction rates. These results demonstrated 

the important role of low molecular weight organic acids in soils and sediments not only for 

mineral dissolution but also for the stabilization of colloids.  

Dependency of iron oxide reactivity on mineralogy was tested with five different synthetic 

ferrihydrites in microbial batch incubations with Geobacter sulfurreducens and abiotic dissolution 

experiments with ascorbic acid. Samples were characterized with X-ray diffraction, scanning 

electron microscopy, X-ray photoelectron spectroscopy, Fourier-transform infrared 

spectroscopy, and N2-physisorption measurements. Results indicated that the aggregation state of 

the ferrihydrite crystallites controlled biotic and abiotic reactivity. When ferrihydrite aggregate 

sizes dropped below a critical value, surface properties of the single crystallites dominated the 

dissolution process. Missing surface defects seemed to impede the development of pits on the 

surface which are the precursors of dissolution stepwaves. In turn, dissolution of larger 

aggregates was controlled by the amount of surface defects.  These findings suggested that 

decreasing aggregate size does not necessarily lead to higher reactivities of ferrihydrite. 

The results of the study imply that the reactivity of ferrihydrite increases with decreasing 

aggregate size up to a certain size range (100-200 nm). Disintegration of macroaggregates by low 

molecular weight organic acids can potentially increase the bioavailability of iron in soils. Further 

decrease of the aggregate size below a critical size diminishes the reactivity because certain 

dissolution processes cannot occur effectively. This observation is of importance for 

understanding the factors controlling microbial Fe(III) reduction, and also for the optimization 

of technological applications of ferrihydrite e.g. in groundwater contaminant remediation, but 

also opens a deeper view into the mechanisms of iron-organics interaction in soils and 

groundwater. 
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1 Introduction1 

 

 

1.1 Nano-sized minerals in global biogeochemistry 

 

Iron (Fe) is one of the most abundant elements of the earth’s crust and therefore ubiquitous in 

many biogeochemical compartments. Fe oxides occur in the atmosphere, pedosphere, biosphere, 

hydrosphere, and lithosphere in a great diversity of morphologies, minerals, and associations [1, 

2]. They appear as anhydrous forms like hematite (α-Fe2O3) and maghemite (γ-Fe2O3), mixed-

valent oxides like magnetite (Fe3O4) and wuestite (Fe1-xO), and oxyhydroxides with the common 

formula FeOOH (goethite, lepidocrocite, akaganeite). More hydrated forms like ferrihydrite with 

variable water contents are often described as Fe(OH)3  [3] (referred to as Fe oxides in this 

thesis).  

Like many environmental minerals, Fe oxides also occur as nanoparticles. Nanoparticles have a 

size of one to several tens of nanometers (but smaller than 1 µm) in three dimensions [4]. Stably 

dispersed in a medium like water, such nanoparticles are defined as colloids [5]. According to the 

DLVO theory, aggregation is inhibited if electrostatic repulsion forces dominate over van der 

Waals attraction [6, 7]. Owing to the balance between gravity and buoyancy, colloids do not 

sediment. When Fe oxide minerals form by precipitation from ferrous solutions, their primary 

nucleation sites are within the nanometer range. Ferrihydrite, as an exceptional Fe oxide, is a 

nanomineral that only exists in nanometer-sized crystallites [4]. Those crystallites form aggregates 

of 100-300 nm (nanoaggregates) [8] which may have colloidal properties. Ferrihydrite 

                                                 
1
 This chapter was accepted with minor revisions by the journal New Biotechnology on 12.02.2013 
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macroaggregates larger than 1 µm [9] are formed by agglomeration of nanoaggregates and do not 

form stable suspensions but precipitate in aqueous solutions. For other Fe oxides, the 

nanoparticle stage is naturally a transitory phase to macroparticle growth [4], defined here as 

particles larger than 1 µm. However, the growth process can be interrupted by e.g. depletion of 

the ferrous source or complexation of ferric or ferrous Fe with organic matter, leading to a 

decrease of the mineral saturation index [10]. Solid, bulk minerals in contrast are exposed to 

shearing, straining, weathering, and a multitude of other dissolutive reactions [11], also yielding 

nanoparticles. Therefore, a fraction of the global pool of environmental Fe minerals is constantly 

present as nanoparticles [12]. A study with sediment from the Mediterranean Sea revealed an 

abundance of nano-sized goethite of 7 to 30% of the total Fe in dependence of sampling site and 

depth [13].  

In soils and aquifers, chemical or physical perturbation of the ambient groundwater conditions 

can lead to mobilization of already existing nano-sized minerals [14]. This raises questions on the 

reactivity of this fraction in global biogeochemistry. 

The reactivity and the role of Fe oxides in the environment might have been underestimated until 

now because at particle sizes within the nanometer range minerals show variations in their crystal 

structure as compared to their macroparticulate counterparts. With particle size decreasing to the 

nanometer-range, physical, chemical, and magnetic properties can change [1, 15, 16]. Several 

studies indicate that these effects have an impact on the reactivity of nanominerals in microbial 

redox reactions. Anaerobic microbial oxidation of pyrite (FeS2) by Thiobacillus denitrificans was 

observed with pyrite nanoparticles but not with larger crystals [17], indicating that minerals which 

do not react as macroparticles may become reactive in nanoparticulate forms. Another example 

showed that the oxidation of Mn2+ on hematite surfaces was up to 1.5 orders of magnitude faster 

for 7.3-nm hematite relative to 37-nm hematite, resulting in a faster formation of Mn oxides [18]. 

In the environment, the fast mineralization of Mn induced by Fe oxide nanoparticles probably 

leads to a much faster increase of available adsorption surface sites for heavy metal uptake than 

previously assumed. Furthermore, the thermodynamic stabilities of Fe oxides relative to the 

formation of other Fe oxides were shown to be a function of surface area and therefore particle 

size [3]. 
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1.2 High reactivity of Fe oxide nanoparticles in geomicrobiological reactions: The 

role of solubility, surface area, and ferrous Fe 

 

Factors controlling microbial Fe oxide reduction were intensively studied during the last decades 

and several key factors for Fe oxide reactivity were identified. Maximum microbial reduction 

rates by S. putrefaciens were positively correlated with the solubility of Fe oxides in the order 

amorphous Fe(III) oxide (2-line ferrihydrite) ≥ 6-line ferrihydrite >> nanohematite = 

lepidocrocite >> goethite > macroparticulate hematite [19-21]. According to the modified Kelvin 

equation, the solubility of minerals increases exponentially with decreasing particle size to the 

nanometer-scale (Fig. 1.1) [16, 22]: 

RTr

V

e
S

S
γ2

0

=      (eq. 1.1) 

where S is the solubility (mol kg-1) of fine grains with the radius r (m), S0 is the solubility of the 

bulk material. γ is the surface free energy (mJ m-2), V is the molecular volume (m3 mol-1), R is the 

universal gas constant (mJ mol-1 K-1), and T is the temperature (K). This indicates in conclusion 

that decreasing particle size enhances solubility, which in turn increases microbial reduction rates. 

However, it is not known how generally applicable this is for all minerals. Some minerals like e.g. 

hydroxyapatite became less soluble with particle sizes decreasing to a critical value [23]. The 

critical value depended on the size of pits on the crystallite surface which induced the dissolution 

of hydroxyapatite. When the crystallite sizes were in the same order as the formed pits, 

dissolution became self-inhibiting.  

 

 

Fig. 1.1: Generalized trend of Fe oxide reactivity in dependence of particle size. (modified from [24]) 
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In general, one should distinguish between large crystal sizes and aggregates of smaller particles. 

The solubility, mostly tested under acidic conditions and thereby leading to disaggregation (e.g. 

[21, 25]), is dependent on the crystal size and largely independent on the aggregate size of 

precipitated nanoparticles [21, 26]. 

A study by Roden [25] showed that the rate-limiting steps of abiotic reductive dissolution by 

ascorbate for a wide set of amorphous, nanoparticulate and highly crystalline, macroparticulate Fe 

oxides were different from microbial reduction by S. putrefaciens.  Comparison of the specific 

surface areas of different Fe oxides with their reduction rates showed an approximately linear 

relationship for microbial reduction whereas the relationship for abiotic reduction was 

logarithmic (Fig. 1.2). This logarithmic behavior was attributed to differences in the 

thermodynamic properties (e.g. crystal order) which are correlated with the specific surface area 

and the Fe(II) detachment from Fe oxide surfaces during reduction. The linear relationship 

between microbial reduction rates and the specific surface area indicated that the rate-limiting 

step in microbial Fe oxide reduction was the rate of electron transfer from the cell to the Fe 

oxide surface. In contrast to abiotic reduction, microbial reduction led to an Fe(II) coating on the 

Fe oxide surfaces. Outliers showing a low reactivity compared to specific surface area (Fig. 1.2) 

were most likely caused by strong aggregation [25].  
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Fig. 1.2: Relationship between oxide surface area and initial microbial (A) and abiotic reduction rates (B). 
Different experimental procedures in respective studies (e.g. different microorganisms or reducing agents) 
cause different slopes but approximately linear and logarithmic correlations are discernible for biotic and 
abiotic reduction, respectively. (Data taken from [25] and Tab. 1.1). 
 

Recent studies investigated the abiotic dissolution behavior of hematite nanoparticles in the size-

range between 7 to 40 nm [22, 26]. Initial reduction rates of 7 and 8 nm-hematites were triggered 

by dispersed and rapidly dissolved particles and exceeded initial reduction rates of 30 and 40 nm 

particles by 2- to 10-fold. Here, reduction was mainly initiated by internal defects and nanoscale 

surface steps. This indicates that not only the specific surface area and the Fe(II) detachment 

from the surface control the initial reduction rates, but also structural defects and surface 

roughness. Especially the reduction rates of environmental nanoparticles are very likely 

underestimated.  They precipitate in the presence of ions and organic molecules and are therefore 

characterized by defect structures [27] (Fig. 1.3). 

 

 

Fig. 1.3: Possible interactions of nanoparticles in the environment or laboratory systems. NOM = natural 
organic matter, HA = humic acids, FA = fulvic acids (modified from [28]). 
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In accordance with both findings, the microbial reduction rates of differently sized hematite 

nanoparticles by G. sulfurreducens decreased in the order 30 nm > 10 nm > > 50 nm due to 

stronger aggregation of the 10 and 50 nm particles compared to the 30 nm particles [29] (Fig. 

1.3). Aggregation diminished the specific surface area and therefore the number of available 

Fe(III) centers at the Fe oxide surfaces available for the electron issuing sites of the cell 

membranes [25]. Direct Fe(III) reduction by microorganisms requires  attachment of the cells to 

the nanoparticles [19, 20, 30], but reduction kinetics of larger aggregates might subsequently be 

controlled by crystal properties [22, 31]. The latter studies observed no influence of the 

aggregation behavior of hematite nanoparticles on microbial reduction rates. Initial reduction 

rates of 30 and 43 nm particles were similar to rates of 500 nm aggregates, even though the large 

aggregates presented less surface area for cell contact. Thus, not only particle size but also particle 

morphology, shape, and the degree of aggregation seem to determine both the contact between 

Fe oxides and cells and the reduction mechanism (e.g. direct or indirect electron transfer) used by 

S. oneidensis.  

However, higher microbial reduction rates of colloidal Fe oxides compared to their 

macroparticulate counterparts have been observed [32, 33]. The microbial reduction of different 

Fe oxide colloids by G. sulfurreducens was up to two orders of magnitude faster compared to the 

macroparticulate oxides of the same mineral (Tab. 1.1). Surprisingly, all colloidal Fe oxides were 

almost totally reduced, to extents of 78 to 100% [33]. The high biotic reactivity of different Fe 

oxide nanoparticles was also proven with soil microbial communities grown in electrochemical 

cells [34]. Amendment of Fe oxide nanoparticles to the electrochemical cells led to an > 30-fold 

increase in current production, probably caused by constructed electrically conductive networks 

between microbial cells, Fe oxide nanoparticles, and electrodes. The authors assumed that it is 

likely that only nanoparticles can take this role because larger crystals cannot get into the 

intercellular spaces of microbial assemblages to form electron conduits. Furthermore, the ability 

of electrically conductive nano-magnetite to facilitate electron transfer between G. sulfurreducens to 

Thiobacillus denitrificans was recently shown [35]. These findings indicate the important and diverse 

functions of Fe oxide nanoparticles as electron acceptor and electron mediator in nature due to 

their high bioavailability.  
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1.3 Impact of organic matter on reactivity of synthetic and environmental Fe oxide 

nanoparticles 

 

The mechanisms of microbial Fe oxide reduction as discussed above were investigated with 

synthetic Fe oxides in artificial laboratory systems. In nature, not only Fe oxides but many other 

minerals are commonly associated with organic molecules [36-38]. This leads to the question 

whether this association limits or accelerates microbial reduction rates of naturally occurring Fe 

oxides. 

Humic acids, extracts of natural organic matter at strong alkaline conditions, were reduced by Fe-

reducing organisms belonging to the family of the Geobacteraceae with acetate as sole electron 

donor [39-41]. The electron accepting capacity of humic acids and especially their quinone 

moieties seemed to enable humic substances to enhance microbial reduction of Fe oxide 

macroparticles via electron shuttling between cells and minerals. This was observed with 

dissolved and solid-state humic acids [42]. 

The abiotic electron transfer from reduced organic molecules to Fe oxides is essential for this 

mechanism. Chen et al. [43] proved that polyphenylic-rich and carbohydrate-rich fractions of 

aquatic natural organic matter from a wetland pond, and soil humic acids were able to partly 

reduce dissolved Fe(III) and an amorphous Fe(III) precipitate abiotically at acidic (pH < 4) but 

also at neutral pH values. Electron transfer from microbially reduced humic acids to ferrihydrite 

turned out to be at least 7-fold faster than the electron transfer from G. sulfurreducens to 

ferrihydrite macroaggregates [44] (Fig. 1.3). Redox potentials of quinones are a controlling factor 

in electron shuttling-mediated Fe oxide reduction, with redox potentials of most effective 

quinones in a range of -137 to -225 mV vs. standard hydrogen electrode at pH 7 [45].  

In aquatic systems, small fulvic compounds (0.8 – 3 nm) adsorb on inorganic colloids and 

prevent aggregation by electrostatic repulsion. Thus, Fe oxide nanoparticles can be stabilized in 

suspension in the environment [46-48]. In contrast, adsorption of large rigid biopolymers 

(consisting of structural and fibrillar polysaccharides with total lengths up to 1 µm) destabilized 

colloids due to formation of larger aggregates [46, 47]. Biopolymers acted as long distance bridges 

between single colloids and formed loose aggregates of large dimensions. Smaller polymers also 

adsorbed on colloidal Fe oxide surfaces. However, charge neutralization of the Fe oxides led to 

the collapse of colloids rather than polymer bridging [46]. A stabilizing effect was also observed 

for goethite colloids coated with tannic and polygalacturonic acid whereas colloids coated with 

dissolved organic matter formed large aggregates [49]. In summary, stabilization of nanoparticles 

by electrostatic repulsion as well as aggregation by polymer bridging affect the specific surface 

areas of the nanoparticles and therefore also their reactivity.  
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In natural systems, Fe oxide colloids generally form in the presence of natural organic matter, 

leading to distorted crystal structures [50-52]. For example, complexation of Fe(II) and Fe(III) 

inhibited hydrolysis and therefore Fe oxide formation [53-56]. Coprecipitation experiments of 

Fe(III) nitrate solutions with different hydroxybenzoic acids showed that especially the position 

rather than the number of phenol groups of the respective acid controlled the interaction with 

Fe(III) and was therefore decisive for the formed crystallite sizes [55]. Two-line ferrihydrite 

macroaggregates coprecipitated with microbial exopolysaccharides revealed no changes of Fe(III) 

coordination, but a slightly reduced crystallite size and crystallinity [57]. Water extractable natural 

organic matter from a forest topsoil interfered strongly with the crystal growth of synthetic 

ferrihydrite during coprecipitation [58]. Even small amounts led to smaller ferrihydrite crystallites, 

increased lattice spacings, and more distorted Fe(O,OH)6 octahedra. Furthermore, organic 

ligands like citrate, oxalate, but also humic acids and natural organic matter increased the 

solubility of Fe oxides [59-61]. In a structural study of natural ferrihydrite from an acid mine 

drainage environment,  increasing Al, Si, and organic matter contents caused decreasing crystallite 

size, while an increase of structural disorder occurred [62]. Aluminum substituted Fe3+ while Si 

and organic matter coprecipitated with ferrihydrite inhibited Fe polymerization and particle 

growth. This led to additional structural disorder. Coprecipitation of ferrihydrite macroaggregates 

with acid polysaccharides affected the surface reactivity of ferrihydrite due to the increase of 

accessible surface area for dissolving ligands like citrate. Coprecipitation therefore controlled 

ligand-promoted dissolution at neutral pH [63]. 

All the discussed factors and heterogeneities occurring in nature have the potential to accelerate 

microbial Fe oxide reduction. Natural ferrihydrite colloids, derived from a soil column 

experiment were precipitated in the presence of natural organic matter and applied to microbial 

reduction experiments [9]. Microbial reduction rates of natural colloids exceeded reduction rates 

of synthetic ferrihydrite macroaggregates in literature by about two orders of magnitude and were 

almost similar to dissolved ferric Fe species like ferric citrate. The fast reduction stemmed from 

the increased solubility of ferrihydrite induced by incorporated natural organic matter. 

Furthermore, complexed Fe(III) was readily bioavailable for microbial cells and enhanced initial 

microbial reduction [64]. Similar results with synthetic lepidocrocite nanoparticles precipitated in 

the presence and absence of humic and fulvic acids were obtained by Pédrot et al. [60]. Here, 

microbial reduction with S. putrefaciens led to an 8-times faster reduction of the coprecipitated 

lepidocrocite compared to the pure lepidocrocite. Furthermore, natural organic molecules 

increase the potential of abiotic photochemical reduction of Fe oxides by the generation of highly 

reactive intermediates (e.g. organic radicals) and reactive oxygen species (e.g. singlet oxygen, 

hydrogen peroxide, hydroxyl radicals) [10, 65]. 
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Tab. 1.1: Comparison of initial biotic and abiotic reduction rates of different Fe oxides from literature. 

 

1length  3degassed for 4 h at 120 °C under N2 flow before measurement 
2width 4degassed for 4 h at 90 °C under N2 flow before measurement

Fe oxide Particle/aggregate 
size  
[nm] 

Specific 
surface area 
[m2 g-1] 

Reducing agent Abiotic reduction 
rate  
[mol m-2 min-1] 

Microorganism Cell density 
[cells mL-1] 

Biotic reduction rate  
[mol m-2 min-1] 

source 

2-line ferrihydrite 
1 

3.29 230 Ascorbic acid  2.46E-06 - - - [21] 

2-line ferrihydrite 
2 

3.03 250 Ascorbic acid  1.98E-06 - - - [21] 

6-line ferrihydrite 3.70 205 Ascorbic acid  2.70E-07 - - - [21] 
High surface area 
goethite 

10.67 153 Ascorbic acid  2.40E-08 - - - [21] 

Goethite (1006 ±55)1 x  
(43 ± 7)2 

39 ± 2 HNO3 2.61E-09 - - - [66] 

Goethite (75 ± 20)1 x  
(10 ± 3)2 

119 ± 3 HNO3 7.70E-09 - - - [66] 

Nanohematite 6.8 ± 0.8 84.73, 117.54 Ascorbic acid  3.27E-09 - - - [22] 
Nanohematite 30.5 ± 3.5 37.13, 39.14 Ascorbic acid  2.15E-09 - - - [22] 
Hydrous ferric 
oxide 

1.3 600 Ascorbate  6.05E-07 Shewanella putrefaciens CN32 2.0E+08 3.97E-09 [25] 

High surface area 
goethite 

7.7  211  Ascorbate  4.92E-09 Shewanella putrefaciens CN32 2.0E+08 1.21E-09 [25] 

Goethite (90 °C) 43.4 38 Ascorbate  2.59E-10 Shewanella putrefaciens CN32 2.0E+08 2.52E-09 [25] 
Ferrihydrite 336 ±40 275 ± 0.6 - - Geobacter sulfurreducens 2.1E+08 5.49E-08 [33] 
Ferrihydrite 70,200 ± 30% 169 ± 0.3 - - Geobacter sulfurreducens 2.1E+08 6.17E-10 [33] 
Hematite 123 ± 4 127 ± 1.1 - - Geobacter sulfurreducens 2.1E+08 6.62E-09 [33] 
Hematite 27,600 ± 30%   37 ± 0.9 - - Geobacter sulfurreducens 2.1E+08 1.48E-09 [33] 
Goethite 64 ± 3 136 ± 0.5 - - Geobacter sulfurreducens 2.1E+08 6.95E-09 [33] 
Goethite 11,900 ± 30%   11 ± 0.1 - - Geobacter sulfurreducens 2.1E+08 1.33E-10 [33] 
Soil effluent 
ferrihydrite 

281 ± 146 n.d. - - Geobacter sulfurreducens 4.8E+07 160 µM h-1 [9] 

Soil effluent 
ferrihydrite 

100 ± 43 n.d. - - Geobacter sulfurreducens 4.8E+07 93 µM h-1 [9] 
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1.4 Redox cycling of Fe 

 

The production of biogenic dissolved Fe(III) or colloidal Fe oxides by Fe(II)-oxidizing bacteria 

and its depletion by Fe(III)-reducing bacteria occur simultaneously within the same sediment 

layer [67, 68]. A sustained Fe redox cycling was already proposed for different redox interfacial 

habitats like hot springs and hydrothermal vents [69, 70], at sediment-water interfaces in aquatic 

ecosystems under circumneutral [67, 68] and acidic conditions [71], plant roots [72, 73], and 

groundwater Fe seeps [74]. Synthetic Fe oxides inoculated with cocultures of Fe(II)-oxidizing and 

Fe(III)-reducing microorganisms [67] or enrichment cultures of freshwater sediment 

microorganisms [75, 76], showed repeated reduction of goethite nanoparticles or ferrihydrite 

aggregates. This was observed in co-occurrence with Fe(II) oxidation at oxic-anoxic interfaces. 

These findings were supported by Bloethe and Roden [74] who could show the rapid Fe oxide 

reduction and the subsequent Fe(II) oxidation in freshly collected, anaerobic seep material. A 

conceptual model for the bacterial Fe redox cycling is based on the close juxtapositioning of 

Fe(II)-oxidizing bacteria and Fe(III)-reducing bacteria in cocultures within the Fe(II)-O2 reaction 

zone [67, 68]. Here, clumping of Fe(II)-oxidizing and Fe(III)-reducing bacteria around Fe oxide 

aggregates suggested that Fe(III)-reducers take advantage of anaerobic microzones within the 

aggregates. These microzones are generated by O2-scavenging during microbial Fe(II) oxidation, 

leading to “ultramicrogradients” of O2 at the surface of the aggregates. Anoxic conditions at the 

aggregate surface allow proceeding Fe(III) reduction within a bulk aerobic environment.  

The higher reactivity of Fe oxide nanoparticles compared to their macroparticulate counterparts 

suggests that the efficiency of Fe redox cycling strongly depends on their availability. Recently a 

field site study proved Fe redox cycling within a floating puffball structure. The authors assumed, 

based on a former scanning electron microscopy study from the same site [77], that nanometer-

sized amorphous Fe oxide particles are the ferric Fe source in this process [78]. Therefore, it is 

likely that nanoparticulate Fe oxides are a driving force in the Fe redox cycling process in the 

environment due to their high reactivity. 

 

 

 1.5 Transport of Fe oxide colloids 

 

Organic and inorganic colloids have a significant impact on pollutant, trace element, heavy metal, 

and radionuclide mobilization in soils and groundwater due to adsorption or incorporation [14, 

79-82]. During the last decades many laboratory studies were conducted to get insights into 

mechanisms and factors controlling mobility of colloids [83-87] and the concomitant co-
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transport of trace elements and pollutants [88-92]. Experiments with columns filled with quartz 

sand and Fe oxide colloids [80] or with natural soil [79, 93] demonstrated the strong association 

of numerous elements (e.g. Ti, U, Pb, Ga, rare earth elements, Y, Cd, V, Sn) to Fe oxide colloids.  

Chemical mobilization of colloidal Fe oxides and other minerals occurs mainly in response to 

decreasing ionic strength, increasing pH and increasing concentrations of dissolved organic 

carbon or surfactants. Infiltration of dilute precipitation water, irrigation or injection of fresh 

water for secondary oil extraction leads to the decrease of the ionic strength, an increase of 

repulsive electrostatic forces, and therefore to the mobilization of colloids. With pH values of 6 

to 9, infiltrating water decreases the hydraulic conductivity of soils through clay dispersion. 

Surfactants introduced to aquifers e.g. for enhancement of oil recoveries or remediation of 

contaminated aquifers but also infiltration of organic matter-rich groundwater from swampy 

streams can cause colloid mobilization [14]. Colloid formation occurs very often in contaminant 

plumes. Here, high concentrations of organic acids, organic macromolecules, and reductants 

promote the mobilization of colloids [14]. Physical perturbation is mainly induced by increased 

flow velocities, e.g. in fractured media or induced by pumping [14]. 

The stability of colloids against aggregation is essential for their transport and fate in porous 

media. The stability of colloidal systems can be predicted by the DLVO theory based on 

repulsive electrostatic forces and attractive van der Waals forces [6, 7]. Strength of these forces 

depends mainly on ionic strength, pH, surface charge, and presence of adsorbed polymers. At 

high ionic strength (~100 mM) [94] the electric double layer shrinks and repulsive electrostatic 

forces diminish, leading to irreversible aggregation. Depending on the initial thickness of the 

electrical double layer, moderate ionic strength (10-30 mM) leads to an excess of van der Waals 

attraction. This results in the formation of a weaker secondary minimum where colloids can 

reversibly agglomerate to unstable aggregates [94]. Simulations have shown that an absolute value 

of surface potential, diffuse layer potential, and zeta potential of at least 25 mV stabilizes metal 

oxide nanoparticles over a huge range of ionic strengths [95]. Pure synthetic amorphous Fe oxide 

colloids are therefore predicted to be stable only in rainwater and in extreme pH river water 

because higher ionic strength causes immediate aggregation [96]. Coatings of natural organic 

matter prevented metal colloids effectively from aggregation because they induced a strongly 

negative surface charge [95] (Fig. 1.3).  

Other factors controlling the mobility of colloids are hetero-domains of attractive surface charge 

and roughness of the surfaces [97] as well as particle and pore sizes [98]. During the last decades, 

these interactions were mostly investigated in laboratory systems with glass beads and/or quartz 

sand as porous media and latex particles [94, 98, 99]. Apart from enhanced retention at high ionic 

strength, retention was increased at large colloid sizes relative to pore sizes [98]. Under 
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unsaturated conditions, repulsive interactions between colloids and the liquid-gas interface (e.g. 

air bubbles) help to overcome repulsive forces between colloids and the porous medium [100]. 

Requirements for retention were thin water films of a thickness comparable to the colloid 

diameters. Transport behavior of synthetic ferrihydrite colloids in quartz sand depended on 

different ionic strengths and flow velocities. At low ionic strength (< 5 mM) the influence of the 

flow rate on particle deposition was negligible, but became more important with increasing ionic 

strength [101]. The authors calculated travel lengths in clean groundwater (ionic strength ~ 2-5 

mM) of 10-20 m. Increasing ionic strength (up to 10 mM) resulted in a calculated travel distance 

of a few meters. These findings were in accordance with results on hematite colloids with and 

without coatings of natural organic matter [102]. Natural organic matter increased stabilization of 

colloids against aggregation in NaCl-containing solutions. No stabilizing effect was observed in 

the presence of CaCl2, according to the Schulze-Hardy rule. Furthermore, Ca2+ is well known to 

act as bridging agent between humic acids coated ferrihydrite colloids and therefore to promote 

aggregation [103]. 

 

 

1.6 Fe oxide-based remediation technologies  

 

Recent and historical industrial and agricultural activities led to numerous sites with elevated 

contaminant concentrations in soils, sediments, surface-, and groundwater. In 2007 the European 

Environment Agency (EEA) estimated 250,000 soil contaminated sites where remediation was 

required [104]. Widespread contaminants are trace elements, metalloids, and aromatic, 

polyaromatic, and chlorinated organic compounds. During the last decades Fe oxides were drawn 

into focus of the development of new remediation technologies due to their sorptive and reactive 

character [105]. In-situ Fe based treatment methods are potentially cost-effective remediation 

options (Tab. 1.2) [106].  
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Tab. 1.2: Different Fe-based remediation technologies: stage of development, mode of application, and 
estimated costs (modified from [106]). 
 
Technology Stage of development In-situ or ex-situ Remedial mechanism Estimated cost (US $) 
Assisted natural 
remediation 

Laboratory and pilot 
field trials 

In-situ Contaminant 
immobilization 

Likely to be relatively 
low (<$50 per ton 
material treated) 

Chemical 
reduction via 
addition of Fe(II)-
containing 
solutions 
 

Commercial systems 
available 

In-situ or ex-situ Reductive 
precipitation 

Cost varies depending 
on surrounding 
conditions. $250,000-
$300,000 per site 

Permeable reactive 
barriers 

Commercial systems 
available 

In-situ Sorption or 
degradation in barrier 

$60-$245 per ton 
material treated 

 

Permeable reactive barriers (PRB) are engineered zones below the water table. The intention is to 

remove dissolved groundwater contaminants by immobilization, by adsorption or transformation 

to less harmful products [107]. The materials within the barrier of PRBs depend on the respective 

contaminant. Iron oxides are used for the removal of e.g. U, Mo, and Cr by adsorption and the 

chemical reduction of nitroaromatics and dechlorinated aliphatics [107]. Iron oxides have a 

significant impact on the fate of organic contaminants via oxidative and reductive transformation 

processes [108]. Structural and mineral-bound Fe(II) reduces chlorinated hydrocarbons and 

nitroaromatic compounds [109-116]. Interestingly, no size-effect was observed for Fe(II)-

mediated abiotic reduction of nitrobenzene with goethite nanoparticles between 7-670 nm after 

specific surface area normalization [117]. However, the authors explain this observation with 

aggregation of the particles and that the BET values should not be used for the determination of 

surface site densities of aggregated particles.  

The dechlorination reaction of carbon tetrachloride by microbially formed nano-magnetite in a 

study of McCormick et al. [118] was estimated to be 260-fold faster than the enzymatic 

degradation by G. metallireducens. Similar results were found by Tobler et al. [119]. Ferrous Fe, 

formed during the microbial oxidation of toluene with amorphous Fe oxides as electron acceptor 

by G. metallireducens, bound to highly crystalline, macroparticulate Fe oxide surfaces and led to 

abiotic reduction of 4-nitroacetophenone. Both results indicate the potential of ferrihydrite 

nanoaggregates as highly reactive material by coupling fast microbial Fe oxide reduction and 

abiotic Fe(II)-induced reduction of organic contaminants. Use of highly reactive nano-sized Fe 

oxides could putatively increase the efficiency of the aforementioned remediation technologies. 

Arsenic is a widespread natural occurring contaminant especially in inland or closed basins in arid 

or semi-arid regions, in strongly reducing aquifers, or in geothermal and mining areas [120]. 

Different Fe oxides were tested for their potential to remove As by adsorption, with amorphous 

Fe oxides as the most effective due to the high specific surface area [121, 122]. High phosphate 

concentrations can reduce the sorption capacity of Fe oxides because phosphate competes for 
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adsorption sites with As on hydrous ferric oxides and inhibits therefore As adsorption [106]. 

However, a study with ferrihydrite colloids derived from a soil column experiment revealed the 

strong binding of As to ferrihydrite surfaces via inner-sphere complexes which was not impeded 

by the presence of phosphate and polymerized silica [123]. 

Magnetite nanoparticles coated with SiO2 [124] or organic molecules [125] or goethite [106] were 

shown to be highly efficient for metal ion removal (e.g. Cu2+, Hg2+, Pb2+). Aggregation of Fe 

oxide nanoparticles decrease the sorption capacity of Cu2+ again [126], proving the high efficiency 

of nanoparticulate Fe oxides for metal ion removal. Those “assisted natural remediation” 

treatments decrease metal concentrations in soil leachates and soil water and reduce microbial 

toxicity [106]. Therefore, highly reactive barriers could be easily implemented by using Fe oxide 

nanoparticles as these are mobile when injected as stable suspensions.  

Several Fe-based remediation technologies are still at an experimental or pilot stage and there is a 

need to verify their effective application in the large-scale field [106]. Widespread applied PRB 

systems revealed limitations, which include installation methods and the precipitation of minerals 

derived from reactions with groundwater over time and therefore the significant loss of porosity 

and permeability within the PRB system [106].  

Alternatively, we propose a new in-situ remediation technology for aquifers contaminated with 

aromatic hydrocarbons. Direct stimulation of microbial Fe reduction seems feasible by injecting 

Fe oxide colloids into the plume. The fast microbial reduction of the Fe oxide colloids with 

contaminants as electron donor makes the development of a cost-effective remediation 

technology possible.  

 

 

1.7 Objectives of this thesis 

 

This thesis focuses on the different factors influencing biotic and abiotic reactivity of ferrihydrite. 

The thesis research is part of the research unit FOR 580 “Electron Transfer Processes in Anoxic 

Aquifers”, funded by the German Research Foundation (DFG). The project investigates different 

electron transfer mechanisms between microbe-mineral interfaces. 

In geomicrobiological studies the ferrozine and phenanthroline photometric assays are 

commonly applied for the determination of Fe(II) and total Fe. Therefore, the starting point of 

this thesis is the reevaluation of both assays under different conditions and with respect to 

various Fe oxides. The effects of different disintegration procedures and the microbial medium 

composition are shown in the chapters 3.1 and 4.1.  
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Chapters 3.2 and 4.2 are dealing with the impact of low molecular weight organic acids on the 

aggregation behavior of ferrihydrite and how it influences microbial reduction kinetics.  

In the chapters 3.3 and 4.3 the biotic and abiotic reactivities of several synthetic ferrihydrites are 

compared as a function of aggregation state, specific surface area, and adsorbed ions. The aim is 

to get more insights into mineralogical factors influencing the reactivity of ferrihydrite. 

The aim of this thesis is to gain further insights into the role of (i) mineralogical properties of 

ferrihydrite and (ii) organic acids on microbial Fe oxide reduction. A deeper understanding of 

limiting factors regarding Fe oxide reactivity is necessary for estimations about microbial turnover 

rates in soils and aquifers. This is of importance especially in anoxic aquifers at contaminated 

sites where Fe reduction is coupled to oxidation of these organic substances as a major 

respiratory process. This is helpful for both the assessment of the natural remediation potential 

of a contaminated site and the optimization of Fe-based remediation technologies.  



 23 

 

 

 

 

 

 

 

 

 

 

2 Materials and Methods 

 

 

All experiments, Fe oxide preparations, measurements, and calculations described below were 

conducted by the PhD candidate unless otherwise stated.  

 

2.1  Cultivation of microorganisms 

 

Geobacter sulfurreducens DSMZ 12127 [127] was obtained from the German Collection of 

Microorganisms and Cell Cultures (DSMZ,  Germany). This strain, as well as a yet undefined, Fe-

reducing enrichment culture (for the production of a goethite-magnetite mixture), were cultivated 

in two-fold diluted, modified freshwater medium modified after Widdel and Bak [128] and 

Widdel and Hansen [129], containing 0.5 g L-1 NaCl, 0.2 g L-1 MgCl2 · 6H2O, 0.1 g L-1 KH2PO4, 

0.125 g L-1 NH4Cl, 0.25 g L-1 KCl, 0.075 g L-1 CaCl2 · 2H2O, and 0.71 mg L-1 Na2SO4. The pH 

was adjusted to 6.5 – 6.9. This medium was supplemented with 0.1 mL L-1 trace elements 

solution SL10 [130], 0.1 mL L-1 selenite-tungsten solution, 0.03 mL L-1 of 7 vitamins solution 

[131], and 5 µM anthraquinone-2,6-disulfonate (AQDS). As stimulating agent for anaerobic 

growth, cAMP was added at 10 µM. Fifty mmol L-1 synthesized ferrihydrite [132] was used as 

electron acceptor. Electron sources and pH buffer systems were different for individual problems 

of the thesis (Tab. 2.1).  

 



 24 

Tab. 2.1: Differing medium additives used in projects of this thesis. 

 Reevaluation of 
colorimetric Fe 
determination methods 

Influence of low molecular 
weight organic acids on 
microbial Fe oxide reduction  

Reduced biotic and abiotic 
reactivity of ferrihydrite  

 
Electron 
source 
 

10 mM sodium acetate 
or 500 µM toluene 

5 mM sodium acetate 5 mM sodium acetate 

pH buffer Marble pearls [133] 10 mM NaHCO3 10 mM NaHCO3 

Electron 
acceptors in 
precultures 

 
50 mM ferric citrate 
(technical grade)  

50 mM sodium fumarate 

 

Microorganisms were cultivated in 60 mL medium in 100 mL glass serum bottles sealed with 

butyl rubber stoppers and flushed with 20/80% CO2/N2. The adsorber resin XAD-7 (0.3 g) was 

added to each toluene-containing bottle to decrease the actual toluene concentration to sub-toxic 

levels. The bottles were incubated at 30 °C in the dark. Addition of toluene, inoculation of the 

media with bacteria, and sampling were performed carefully with anoxic syringes through the 

closed stoppers. If not otherwise stated, all chemicals (Sigma-Aldrich, Germany) were analytical 

grade quality. 

 

 

2.2 Preparation of cell suspensions 

 

An anoxic low-salt medium was used for the batch cell suspension experiment. The cultivation 

medium described above was modified to 10 mg L-1 NaCl, 0.4 mg L-1 MgCl2 · 6H2O, 2.5 mg L-1 

NH4Cl, 5 mg L-1 KCl, and 0.15 mg L-1 CaCl2 · 2H2O. The medium was buffered with 10 mM 

Tris-HCl (pH 6.8) instead of NaHCO3. All other ingredients remained unchanged. 

After growth to the late exponential phase, the preculture (1 L and 3 L for sodium fumarate- and 

ferric citrate-containing medium, respectively) was harvested by centrifugation for 20 min at 

11,328 x g and at 20 °C (Avanti J-E centrifuge with JA-10 rotor; Beckman-Coulter, California). 

The cell pellet was resuspended in 50 mL fresh acetate-free low-salt medium in an anoxic glove 

box (O2 < 3 ppm, N2/H2 = 95/5 %, v/v, Coy Laboratory Products, USA). To remove residual 

electron donors and acceptors from the cell suspensions, centrifugation and resuspension was 

repeated once. The cell suspension was immediately added to the reduction experiments in a 1:10 

ratio and yielded final cell densities of 2.2 x 109 and 2.7 x 1010 cells L-1 in chapter 3.2 and 3.3, 

respectively. 

For the normalization of reduction rates, flow cytometry was applied to measure cell numbers of 

the cell suspension for each individual experiment using a Cytomics FC 500 cell analyzer 
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(Beckman-Coulter, USA). Paraformaldehyde-fixed cells from the cell suspension were stained by 

SYBR green I nucleic acid stain (Molecular Probes, Eugene, OR), diluted in 0.22-µm-filtered 

Dulbecco’s phosphate-buffered saline, and counted at a wavelength of 510 nm in Trucount bead 

(Becton Dickson) calibrated measurements. 

 

 

2.3  Fe bearing solutions and minerals 

 

2.3.1 Fe oxides and solutions prepared for the reevaluation of colorimetric Fe determination methods commonly 

used in geomicrobiology 

As reference solutions for the evaluation of crystalline Fe oxide dissolution, 9 mM Fe(II) and 

Fe(III) solutions were prepared with FeSO4 · 7 H2O (A.C.S. grade, Sigma-Aldrich, Inc., USA) 

and Fe(NO3)3 · 9 H2O (A.C.S. grade, Sigma-Aldrich) in 1 M HCl, respectively. Additionally, both 

solutions were mixed at the ratio 1:40 (v/v) to mimic potentially reduced or oxidized minerals. 

Macroaggregate 2-line ferrihydrite was synthesized according to the protocol of Lovley and 

Phillips [132]. Five hundred millilitres of a 0.4 M FeCl3 · 6H2O solution (reagent grade, Sigma-

Aldrich, Germany) were titrated to a pH of 7.0 with 1 M NaOH (p.a., A.C.S. reagent, Sigma-

Aldrich). After precipitation of ferrihydrite, the supernatant was discarded. To remove remaining 

ions from the preparation the precipitate was washed with MilliQ water (R=18.2 MΩ, 4 ppb 

TOC, MilliporeElix + Milli-Q Advantage 10A, USA) for at least 5 times, until the supernatant 

remained turbid. Fifty-one mmol L-1 synthesized ferrihydrite was dissolved in 1 M and 6 M HCl 

(1:10, v/v). Magnetite and a mixture of goethite and magnetite, formed during a batch 

experiment by anaerobic microbial reduction of synthetic ferrihydrite, were also dissolved in 1 M 

and 6 M HCl (1:10, v/v) with final Fe(tot) concentrations of 31 and 36 mmol L-1, respectively. 

Solid synthetic goethite (Bayferrox 920Z, Lanxess GmbH, Germany) was dissolved in 1 M and 6 

M HCl with final concentrations of 10 mmol L-1, whereas pyrite (Georg Maisch, Freising, 

Germany) was dissolved only in 6 M HCl (1:10, v/v) with a final concentration of 35 mmol L-1.  

 

2.3.2 Ferrihydrite used for the influence of low molecular weight organic acids on microbial Fe oxide reduction  

Macroaggregate 2-line ferrihydrite was synthesized as described in chapter 2.3.1 [132]. Possible 

recrystallization of ferrihydrite in the presence of citrate was tested by adding 24 mL of Na3-

citrate (0.05 M, puriss., Riedel-de Haën, Germany) to 30 mL of macroaggregate 2-line ferrihydrite 

(0.25 mol L-1). The suspension was shaken in the dark at 30 °C for seven days. To separate the 

ferrihydrite from the supernatant, the sample was centrifuged for 20 min with 2,890 x g at 4 °C 
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(Heraeus Megafuge 1.0R, Thermo Scientific, USA). The ferrihydrite was washed three times by 

resuspending in MilliQ water and centrifugation as described above. 

All Fe oxides were stored at 4 °C in the dark. Autoclaving was omitted to avoid changes in crystal 

structures. 

To investigate the effect of humic acids on colloidal ferrihydrite stability, natural aquatic humic 

acids extracted from the deep borehole Gohy-573 in the Gorleben aquifer (Lower Saxony, 

Germany) were used [45]. A stock solution was prepared by adding 1 g Gohy humic acids to 1 L 

MilliQ water. The pH of the solution was adjusted to 7.0 with 1 M NaOH and continuously 

stirred over night. The humic aid solution was filtered through a 0.22 µm filter to a previously 

autoclaved glass bottle, sealed with a butyl rubber stopper, flushed with 20/80% CO2/N2, and 

stored at 4 °C in the dark until further use. 

 

2.3.3 Ferrihydrites used for the reduced biotic and abiotic reactivity of ferrihydrite nanoparticles below a critical 

aggregate size 

Five different ferrihydrites, three 2-line (2LFh 1-3) and two 6-line (6LFh 1,2), were synthesized 

according to protocols described in the literature. 2LFh 1 [134], was prepared by adjusting the 

pH of 0.5 L of a 0.1 M solution of Fe(NO3)3 · 9H2O (A.C.S. grade, Sigma-Aldrich, Inc., USA) 

with 0.1 M KOH under constant stirring to pH 7-8. The solution was centrifuged (4 °C, 11,328 x 

g, 30 min) and the pellet obtained was resuspended in MilliQ water (R=18.2 MΩ, 4 ppb TOC, 

MilliporeElix + Milli-Q Advantage 10A, USA) and washed repeatedly.  

Another 2-line ferrihydrite [135], referred to as 2LFh 2, was obtained by grinding 20.25 g of 

Fe(NO3)3 · 9H2O (A.C.S. grade, Sigma-Aldrich) and 11.91 g of NH4CO3 (pure food grade, 

AppliChem GmbH, Germany) for roughly 15 min using mortar and pistle until bubbling ceased. 

The resulting slurry was dried at 100 °C for 24 h. The precipitate was resuspended in MilliQ 

water, centrifuged, and washed repeatedly as described above. After the last washing step the 

pellet was resuspended in 0.5 L MilliQ water.  

A third 2-line ferrihydrite, referred to as 2LFh 3, was produced using the protocol for 2-line 

ferrihydrite of Cornell and Schwertmann [136]. 1 M FeCl3 · 6H2O (reagent grade, Sigma-Aldrich) 

solution was dropwise titrated with 1 M KOH (p.a., Merck KGaA, Germany) under continuous 

stirring until pH 7-8 was reached. The suspension was centrifuged and washed as described 

above. 

A 6-line ferrihydrite, referred to as 6LFh 1 [132], was prepared as described in chapter 2.3.1. 

A second 6-line ferrihydrite, referred to as 6LFh 2, was prepared after the protocol of Anschutz 

and Penn [137]. 20 g of Fe(NO3)3 · 9H2O (A.C.S. grade, Sigma-Aldrich) were added to MilliQ 

water, preheated to 75 °C. The temperature was kept constant under continuous stirring. After 12 
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min the solution was plunged into an ice bath until the temperature reached ~20 °C. The cooled 

suspension was dialyzed (ZelluTrans, MWCO=6,000-8,000 Da, regenerated cellulose, Carl Roth 

GmbH + Co. KG, Germany) against MilliQ water until the conductivity of the surrounding 

water column remained constant (~1.7 µS cm-1) over 24 h. 

All Fe oxides were stored anoxically at 4 °C in the dark in glass bottles until further use, but for 

less than three months. 

 

2.4 Characterization of Fe oxides and organic substances 

 

X-ray diffraction (XRD), analysis of the specific surface area, Fourier-transform infrared (FTIR), 

X-ray photoelectron spectroscopy measurements (XPS), and Mössbauer spectroscopy were 

performed with dialyzed (ZelluTrans, MWCO=6,000-8,000 Da, regenerated cellulose, Carl Roth 

GmbH + Co KG, Germany) and freeze-dried (Sentry 8L, Virtis, USA) aliquots of the Fe oxides.  

XRD diffractograms were obtained using a Philips PW 1050 diffractometer (Philips, Eindhoven, 

The Netherlands) equipped with a diffracted-beam graphite monochromator and a Bruker AXS 

microdiffractometer equipped with a General Area Detection Diffraction System (GADDS) 

detector. CoKα X-ray radiation was applied. Random powder specimens were measured from 

10° to 80°2θ in steps of 0.02°2θ, with a counting time of 5 s for each increment. Analysis of the 

data was conducted using the diffraction file data book of the International Centre for 

Diffraction Data [138] and the American Mineralogist Crystal Structure Database [139]. 

Measurements and analysis were done by Dr. Katja Heister. 

FTIR spectra were recorded by Matthias Händel using a Nicolet iS 10 spectrometer (Thermo 

Fisher Scientific, Dreieich, Germany) to study the mineral and organic composition. Mortared 

samples were mixed with KBr (Alfa Aesar, FTIR grade) at a ratio of 1:200 and pressed to pellets. 

The pellets were studied in transmission mode in the mid-infrared range between 4000 and 400 

cm-1 with 16 scans per spectrum and a resolution of 4 cm-1. Evaluation of the data was done by 

the PhD candidate together with Matthias Händel. 

Iron speciation and magnetic properties were analyzed by 57Fe Mössbauer spectroscopy in 

transmission geometry by Dr. Christian Schröder. The measurement was performed with a 57Co 

source in Rh matrix at room temperature, 77 K, and ~5 K. The source remained always at room 

temperature. The spectrometer was constructed by WissEL (Wissenschaftliche Elektronik 

GmbH, Starnberg, Germany). A Janis closed-cycle cryostat with a helium atmosphere was used 

to vary the temperature of the sample. Spectra were evaluated with the Recoil software using the 

Voigt-based fitting method. Spectra were calibrated against an α-Fe foil at room temperature, and 
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values of the isomer and center shift are quoted relative to α-Fe at room temperature. 

Interpretation of the obtained spectra was done by Dr. Christian Schröder. 

The XPS spectra were recorded and interpreted by Dr. Paul L. Wincott and Prof. Jonathan R. 

Lloyd. A Kratos Axis Ultra spectrometer was used, employing a monochromated Al Kα X-ray 

source and an analyzer pass energy of 80 eV for survey scans and 20 eV for elemental scans, 

resulting in a total energy resolution of ca. 1.2-1.4 eV or 0.6-0.7 eV, respectively. Uniform charge 

neutralization of the photoemitting surface was achieved by exposing the surface to low energy 

electrons in a magnetic immersion lens system (Kratos Ltd.). The system pressure was 1 x 10-9 

mBar. Spectra were analyzed by first substracting a Shirley background and then obtaining 

accurate peak positions by fitting peaks using a mixed Gaussian/Lorenzian (30/70) line shape. 

Quantification of surface atom percentage was achieved using a derived analyzer transmission 

function and Scofield theoretical elemental cross-sections. During fitting, spin orbit split 

components were constrained to have identical line width, elemental spin orbit energy 

separations and theoretical spin orbital area ratios. All photoelectron binding energies (BE) are 

referenced to C1s peaks set at 285 eV BE. The analyzer was calibrated using elemental references; 

Au4f7/2 (83.98 eV BE), Ag3d5/2 (368.26 eV BE) and Cu2p3/2 (932.67 eV BE).  

Scanning electron microscopy (SEM) images were recorded by Gabriele Mettenleiter using JSM-

6300F scanning electron microscope (Jeol), equipped with a field emission electron gun operated 

at 5 kV. Ferrihydrite samples were diluted to a final concentration of 5 mmol L-1 and air-dried on 

the sample holder. To reduce or avoid charging under electron impact, the samples were covered 

with a thin layer of platinum, sputter deposited prior to SEM analysis. 

The specific surface area and micropore surface area of the freeze-dried sample material was 

determined by Dr. Katja Heister using N2 physisorption at 77.35 K. The calculations were 

performed from 11-point isotherms according to the Brunauer-Emmett-Teller (BET) equation 

[140]. A Quantachrome Autosorb 1 analyzer (Syosset, NY) was used to perform the analysis. 

Prior to measurement, sample material was degassed under vacuum at 30 to 35 °C overnight. 

This mild treatment was chosen in order to prevent structural changes in the dried Fe oxides due 

to heating. All samples were measured two times with a reproducible standard deviation of less 

than 1% of the obtained specific surface area. An Al2O3 bead standard with a specific surface area 

of 79.8 ± 0.4 m2 g-1 (BAM, Germany) was applied for external calibration. All measured values of 

the standard fell within a 95% confidence interval. 

The surface area of micropores, i.e. pores with an average width <2 nm, was assessed by the t-

method of de Boer et al. [141]. 

Dynamic light scattering (DLS) was applied by the PhD candidate to measure hydrodynamic 

diameters (dH) of the ferrihydrite samples, using a ZetaSizer Nano ZS (Malvern Instruments, 
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Worcestershire, United Kingdom), equipped with an He-Ne laser at 633 nm. Low-volume folded 

capillary sizing cuvettes were used to measure diluted ferrihydrite samples (5 mmol L-1). Two 

measurements with 10 runs each were conducted per sample. The collection time per run was 10 

s. The mean polydispersity index as a measure for the size distribution of the sample, was 0.723 

(± 0.231; n=6), 0.242 (± 0.096; n=9), and 0.233 (± 0.051; n=9) for unfiltered, 0.45 µm-filtered, 

and 0.22 µm-filtered samples of citrate-incubated ferrihydrite (chapter 3.2) and 0.228 (± 0.142; 

n=5) for five different ferrihydrite preparations (chapter 3.3). 

The concentration of citrate was analyzed in aqueous samples using a Shimadzu LC-10A series 

HPLC system (Shimadzu, Japan) equipped with an Aminex HPX-87H analytical column (300 x 

7.8 mm; Bio-Rad, USA) at 50 °C. Samples were analyzed by an isocratic method (5 mM H2SO4) 

at a flow rate of 0.5 mL h-1. Retention time was 15.2 min and total run time was 20 min. Analytes 

were detected by UV absorbance at 220 nm. Samples were prepared by adding 55 µL of 35% 

perchloric acid to 0.5 mL of sample and incubated for 10 min on ice. Subsequently, 27 µL of 7 M 

KOH was added and stored at -20 °C. Before measurements, the samples were thawed at room 

temperature, and centrifuged at 11,330 x g for 2 minutes (Centrifuge MiniSpin®plus, Eppendorf 

AG, Germany). The measurements were done by Sviatlana Marozava together with the PhD 

candidate. Evaluation and interpretation was done by the PhD candidate. 

The concentration of dissolved organic carbon of the Gohy humic acid stock solution was 

measured with a total organic carbon analyzer TOC-5000A (Shimadzu, Kyoto, Japan) after 

internal acidification of the samples with 2 M HCl. 

As external control of the quality of the ferrozine and phenanthroline assays and the dissolution 

procedures, the total Fe content of all samples was measured with inductively coupled plasma 

atomic emission spectrometry (ICP-AES) by Prof. Bernhard Michalke. Minerals were totally 

dissolved using aqua regia (mixture of HCl : HNO3 = 3 : 1) with heating at 70 °C for 1 h. Total Fe 

concentrations in the digestions were determined using an Ciros Vision ICP-AES (Spectro 

Analytical Instruments, Germany) in 15 L min-1 Ar. The PhD candidate interpreted the obtained 

data. 

 

 

2.5  Reagents 

 

2.5.1  Ferrozine assay 

The ferrozine stock solution was prepared by dissolving 1 g of ferrozine (purum p.a., Fluka 

Sigma-Aldrich) in 1 L of a 6.5 M ammonium acetate solution (97%+, A.C.S., Sigma-Aldrich). A 
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1.4 M hydroxylamine stock solution (99%, Sigma-Aldrich) was prepared in 1 L of 1 M HCl. Both 

solutions were stored at 4 °C in the dark. 

 

2.5.2  Phenanthroline assay 

A 7 mM phenanthroline stock solution (≥ 99%, Sigma-Aldrich) was prepared. If Fe(III) has been 

reduced to Fe(II) for determination of the total Fe content, a 1.2 M sodium acetate solution 

(99%, ReagentPlus®, Sigma-Aldrich) was used as buffer. When the sample contained Fe(III), a 

1.3 M ammonium acetate solution was used instead. Furthermore, a 2 M ammonium fluoride 

solution (99.99+% trace metals basis, Sigma-Aldrich) was used as masking agent for Fe(III).  

If not otherwise stated, all reagents were prepared with Millipore water (R = 18.2 MΩ, 4 ppb 

TOC, MilliporeElix + Milli-Q Advantage 10A, USA). 

 

2.6  Experimental procedures for the reevaluation of colorimetric Fe determination 

methods commonly used in geomicrobiology 

 

2.6.1 Influence of acid concentration on Fe extraction 

Dissolved Fe(II) and Fe(III) (9 to 10 mM Fe(tot)) and solutions containing goethite (31 mmol 

L-1), a mixture of goethite and magnetite (36 mmol L-1), magnetite (31 mmol L-1), and 

ferrihydrite (51 mmol L-1) were diluted in 1 M or 6 M HCl in an Eppendorf tube (1:9, v/v in 1 

mL) and shaken over night or for 4 days (goethite) at 21 °C. In parallel, all samples diluted in 6 

M HCl were shaken at 60 °C over night or for 4 days (goethite and pyrite). One sample of 

each approach was taken and three aliquots per sample were measured with ferrozine or 

phenanthroline. 

For the measurement with ferrozine, the acidified and shaken samples were mixed with the 

ferrozine solution at a ratio of 1:9 (v/v in 0.2 mL) in a microtiter plate (0.3 mL/well, Nunc, 

Denmark), enabling a faster measurement procedure for large sample numbers as compared to 

the use of cuvettes. Absorbance of three wells per sample was measured with a Wallac Victor3 

1420 plate reader (PerkinElmer, Inc., USA) at 560 nm. 

For the phenanthroline method, 0.16 mL of ammonium fluoride, 0.2 mL of phenanthroline, 

and 0.4 mL of ammonium acetate were filled in 2 mL reaction tubes (Eppendorf, Germany). 

The acidified Fe samples were added in 10 µL steps to the mixture, until an appropriate orange 

color developed (> 0.2 absorbance units). After 1 h incubation, three aliquots of 0.2 mL from 

each sample were filled into microtiter plates and absorbance was measured at 490 nm. For 

both methods, Fe concentrations and standard deviations were calculated from the mean value 

of the absorbance of three aliquots. 
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For determination of total Fe content with the phenanthroline method, the acidified samples 

were diluted and reduced with hydroxylamine (1:10, v/v in 1 mL) and shaken for 15 min at 21 °C 

to reduce all Fe(III) to Fe(II). Afterwards, the samples were diluted with ferrozine and measured 

as described above. For the phenanthroline procedure, 0.2 mL of phenanthroline and 0.4 mL of 

sodium acetate were mixed in a 2 mL tube and the acidified and reduced samples were added in 

10 µL steps as described above. After 1 h incubation, the absorbance was measured. Masking of 

Fe(III) with ammonium fluoride was not necessary due to the prior reduction with 

hydroxylamine. 

 

2.6.2  Anoxic preparation of samples 

To investigate the impact of ambient oxygen during the procedure, the same experiments were 

also conducted under anoxic conditions in a glove box (< 3 ppm O2, N2/H2 = 95/5%, v/v, Coy 

Laboratory Products, USA). One sample of each approach was prepared in 6 M HCl and shaken 

over night at 60 °C. Three aliquots per sample were analyzed as described above. All chemicals 

were filled into anoxic 100 mL glass serum bottles, sealed with butyl rubber stoppers and flushed 

with 20/80% CO2/N2 for 3 min to exchange the headspace before introducing into the glove 

box. 

 

2.6.3  Growth experiments 

For evaluation of the performance of the different methods, G. sulfurreducens was grown in a 

freshwater medium as described above. Cells and ferrihydrite were added via anoxic syringes 

to a final concentration of 52 mmol L-1. The bottles were incubated at 30 °C in the dark. 

Immediately after inoculation, the first samples for Fe determination were taken under anoxic 

conditions and dissolved in 1 M and 6 M HCl as described above. Subsequently, the undiluted 

samples were transferred out of the glove box, exposed to O2, and dissolved in oxic 1 M or 6 

M HCl, respectively. All samples dissolved in 1 M HCl and one reaction tube with samples in 6 

M HCl were shaken over night at 21 °C. The remaining reaction tubes with samples diluted in 

6 M HCl were shaken over night at 60 °C. The procedure of sampling remained unchanged 

over the entire experiment. Three aliquots of each sample were measured with the ferrozine 

and phenanthroline method as described above. Iron concentrations and standard deviations 

were calculated from the mean value of the absorbance of three aliquots. 

 Total Fe was determined with both methods for all time points, and mean values and standard 

deviations (n=11) are calculated in percent of the concentration measured with ICP-AES. 

Ferrous and total Fe were measured for all three batches separately. Data of one batch are 

shown, whereas the other two batches serve as independent replicates. 
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2.6.4  Influence of medium composition 

Ferric Fe solutions were prepared with FeCl2 · 4H2O (p.a., Sigma-Aldrich) in different 

concentrations (Tab. 2.2). Every solution was mixed with a single medium additive. In order to 

visualize potential effects of additives, their added concentrations are increased. One part of the 

samples was flushed with N2/CO2 (20/80%) (Tab. 2.2). All samples were dissolved in 1 M HCl 

with subsequent shaking over night at 21 °C. Ferrous and total Fe determinations were 

performed as described above under oxic conditions. All approaches were done twice to obtain 

independent replicas.   

 

Tab. 2.2: Composition of FeCl2 solutions including different medium additives for the investigation of 

their interferences with ferrozine and phenanthroline. 

 Fe(II) 
CO2/

N2 
Medium 

Medium+ 
CO2/N2 

Acetate 
Acetate + 
CO2/N2 

TE 7 Vits 

Vol% of additive 
in sample 

- - 90 90 1.5 1.5 1.0 25 

Total Fe 
concentration 1 

4.4 4.4 5.5 5.5 4.5 4.5 10.6 7.5 

pH 2 1.2 1.2 1.2 1.2 1.2 1.2 1.0 1.0 

1 determined with ICP-AES 
2 determined after acidification of the samples with 1 M HCl and adjustment to 1.0 – 1.2 with 1 M NaOH 

 

 

2.6.5  Influence of light on ferrous Fe determination with ferrozine 

To investigate the photochemical reduction of Fe(III)-ferrozine complexes, two aqueous Fe(III) 

samples with final concentrations of 1.4 or 0.7 mM were incubated for 0, 3, 5, 7, 10, or 30 min 

under ambient light irradiation, respectively. Three aliquots per sample were measured for ferrous 

Fe production. Iron concentrations and standard deviations were calculated from the mean 

absorbance values. 

 

2.6.6  Statistical analysis 

Normal distribution of all data sets was tested with the Kolmogorov-Smirnov test. The Student’s 

t test at 5% significance level [142] was used to compare the Fe concentrations obtained with 

ferrozine and phenanthroline, respectively. All statistical analyses were performed using SPSS 

Statistics 18 (IBM, Armonk, USA) and Microsoft Office Excel 2003.  
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2.7  Experimental procedures for the influence of low molecular weight organic acids 

on microbial Fe oxide reduction 

 

2.7.1 Microbial reduction experiments 

Experiments were performed in 60-mL medium batch incubations, initiated in 100-mL glass 

serum bottles sealed with butyl rubber stoppers and flushed with 20/80% CO2/N2. The Fe oxide 

aggregates, sodium citrate solution (50 mM), and the bacterial cell suspension were added to the 

medium via anoxic syringes at specific amounts to obtain comparable initial ferric Fe (4.2 mmol 

L-1) and citrate (0.0 – 2.4 mM) concentrations, resulting in molar citrate/Fe ratios (citr/Fe) of 0.0-

0.58. Ferrihydrite was incubated with medium and the respective citrate concentrations for 12 h 

prior to inoculation. Abiotic controls were performed by adding the cell suspension through a 

0.22-µm filter (Millex-GP, Merck Millipore, USA), thereby retaining the microorganisms. 

Immediately after inoculation, the first samples for Fe2+ analysis were withdrawn. Then, the 

experimental bottles were incubated at 30 °C in the dark and shaken at 300 rpm. 

 

2.7.2 Abiotic dissolution experiments 

To study the dissolution kinetics of ferrihydrite in the presence of citrate I used the same anoxic 

low-salt medium as for the microbial reduction experiments (ionic strength ~ 10 mM, EC ~680 

µS cm-1, pH 6.5). Experiments were done in triplicates and were performed in 60-mL medium 

batch incubations, in 100-mL glass serum bottles sealed with butyl rubber stoppers and flushed 

with 20/80% CO2/N2. The Fe oxide aggregates, sodium citrate solution (50 mM), and GoHy 

humic acids (HA) (1 g L-1) [45] were added to the medium via anoxic syringes to obtain 

comparable initial ferric Fe (2.8 - 3.3 mmol L-1), citrate (0.0 – 2.4 mM), and humic acid (2 – 60 

mg L-1) concentrations. Molar citr/Fe ratios and organic carbon:Fe (OC/Fe) ratios were 0.0-0.5 

and 0.0-0.9, respectively. To keep the maximum volume at 90 mL higher OC/Fe ratios were 

avoided. A positive control contained 4.7 mM citrate and 2.8 mmol L-1 ferric Fe (citr/Fe = 1.7) 

to ensure complete dissolution of the ferrihydrite aggregates. Immediately after addition of citrate 

or HA, the first samples for total Fe (Fe(tot)) analysis were withdrawn and centrifuged (9,660 x g, 

2 min, 20 °C, Centrifuge MiniSpin®plus, Eppendorf AG, Germany). Dissolved Fe was measured 

as total Fe in the supernatant. Then, the experimental bottles were shaken at 300 rpm at 30 °C in 

the dark to avoid photo-induced reduction. 

After dissolution equilibrium was reached, samples were 0.22 and 0.45 µm-filtered (Millex-GP, 

Merck Millipore Corp., USA) for determination of hydrodynamic diameters. For mineralogical 

analysis, samples were centrifuged for 20 min at 4 °C with 2,890 x g (Heraeus Megafuge 1.0R, 

Thermo Scientific, USA) and washed three times with MilliQ water. The supernatants were 
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dialyzed (MWCO = 6,000-8,000 Da, regenerated cellulose, Carl Roth GmbH + Co. KG, 

Germany) against MilliQ water until the electric conductivity of the surrounding water column 

remained constant (~3 µS cm-1). 

 

2.7.3 Fe analysis 

Iron was measured using the ferrozine assay [143, 144]. Aliquots of 0.2 mL were withdrawn from 

the experiment, diluted 1:4 in 1 M HCl, and measured as described above. Absorbance of all 

samples was measured in triplicates. 

 

2.7.4 Calculation of dissolution and reduction kinetics 

Based on measured data of citrate-mediated dissolution of ferrihydrite and microbial ferrihydrite 

reduction in the presence of citrate, rate laws were applied to calculate the different kinetics.  

Kinetic rate laws for the citrate-induced dissolution of ferrihydrite were formulated to allow a 

quantitative description of the dissolution experiments. Several types of mathematical expressions 

are available [134]. Since dissolution kinetics of ferrihydrite during the first 50 h are not linear, a 

parabolic rate law had to be applied: 

      kt=2α     (eq. 2.1) 

 

Here, α is the dissolved fraction at a certain time point t and k is the rate constant. The parabolic 

model meets its limitations at molar citr/Fe ratios ≥ 0.2. Therefore, the model for the dissolution 

of spherical particles via three-dimensional diffusion was selected as the most suitable: 

 

( )[ ] kt=−−
23/111 α    (eq. 2.2) 

 

The simultaneous proceeding of both processes requires the combination of equations 1 and 2: 

 

         ( ) 3
21 tkntkm +=α     (eq. 2.3) 

 

With k1 and k2 being the rate constants for the parabolic and spherical dissolution rate law at a 

certain time point t, respectively. The variables m and n are weighting parameters, in dependence 

of citrate concentration with n+m=1.  

The comparison of the weighted rate constants mk1+nk2 with the respective citrate concentration 

revealed a sigmoid correlation (Fig. 3.9B): 
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With [citr] being the citrate concentration [mM] and a, b, c being variables. 

The relationship between microbial initial reduction rates and citrate concentrations can be 

described with a Michaelis-Menten kinetic (Fig. 3.9C): 
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   (eq. 2.5) 

Here, R is the microbial initial reduction rate [mM h-1]; Rmax the maximum reduction rate [mM h-

1]; kred the rate constant of microbial reduction [h-1]; and 0.0286 is the reduction rate of 

ferrihydrite without citrate. 

Based on the relationships between citrate concentrations with both abiotic dissolution and 

microbial reduction, microbial reduction kinetics were simulated. Before that, two important 

assumptions had been made: (i) a certain percentage of macroaggregate ferrihydrite can be 

reduced by G. sulfurreducens per time with a corresponding low rate and (ii) dissolved Fe is 

bioavailable. An initial dissolved Fe fraction was calculated, stemming from incubation of 

ferrihydrite with citrate for 12 h prior to inoculation with G. sulfurreducens and a microbial lag 

phase of 2 h. 

Calculations were done with Microsoft Office Excel 2003 and parameters were fitted by hand. 

 

 

2.8  Experimental procedures for the reduced biotic and abiotic reactivity of 

ferrihydrite nanoparticles below a critical aggregate size 

 

2.8.1 Abiotic dissolution in 1 M HCl 

For abiotic dissolution experiments, ferrihydrite samples were diluted to a total Fe concentration 

of ~10 mmol L-1 with MilliQ water. Aliquots of 0.1 mL per sample were diluted in 0.9 mL 1 M 

HCl in an oxic Eppendorf tube. Subsequently, the samples were centrifuged (9,660 x g, 30 sec) 

and aliquots of 0.05 mL of the supernatant were diluted in 0.95 mL hydroxylamine-HCl for total 

Fe determination with ferrozine [143, 144]. I defined Fe which did not sediment during 

centrifugation as dissolved. After sampling, the Eppendorf tubes were vortexed and shaken at 

300 rpm.  
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2.8.2 Abiotic reduction with ascorbic acid 

Abiotic reduction experiments were performed in triplicates in 50-mL glass serum bottles, 

containing 30 mL of anoxic 10 mM ascorbic acid, sealed with butyl rubber stoppers and flushed 

with 20/80% CO2/N2 (v/v). The specific Fe oxide aggregates were added via anoxic syringes at 

specific amounts to obtain comparable initial ferric Fe concentrations (~5 mmol L-1). 

Immediately after addition of Fe oxides, the first samples for Fe2+ analysis where withdrawn. 

Subsequently, the samples were centrifuged at 9,660 x g (Centrifuge MiniSpin®plus, Eppendorf 

AG, Germany) for 30 sec at 21 °C. Aliquots of 0.1 mL were taken from the supernatant and 

stabilized against re-oxidation in 0.4 mL of 1 M HCl and immediately measured with ferrozine 

[143, 144]. The experimental bottles were shaken at 100 rpm at 21 °C. 

2.8.3 Microbial reduction experiments 

Experiments were performed in triplicates in 60-mL batch incubations, in 100-mL glass serum 

bottles, sealed with butyl rubber stoppers and flushed with 20/80% CO2/N2 (v/v). The Fe 

oxides and the bacterial cell suspensions were added to the medium via anoxic syringes at specific 

amounts to obtain initial ferric Fe concentrations of ~5 mmol L-1. Abiotic controls were 

performed by adding the cell suspension through a 0.22-µm filter (Millex-GP, Merck Millipore 

Corp., USA), thereby retaining the bacteria. Immediately after inoculation, the first samples for 

Fe2+ analysis were withdrawn. Then, the experimental bottles were incubated at 30 °C in the dark 

and shaken at 300 rpm. 
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3 Results 

 

 

3.1 Reevaluation of colorimetric Fe determination methods commonly used in 

geomicrobiology2 

 

To compare the photometric ferrozine and phenanthroline assays for Fe determination, I 

measured the Fe(II) and Fe(tot) contents of Fe(II)aq and Fe(III)aq, mixed valence solutions, 

synthetic goethite, ferrihydrite, and pyrite, as well as microbially-formed magnetite, and a 

microbially-formed mixture of goethite and magnetite.  
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Fig. 3.1: X-ray diffraction patterns of Fe bearing minerals from anaerobic microbial reduction 
experiments: (a) ferrihydrite, (b) magnetite, and (c) mixture of goethite and magnetite. Bars show 
theoretical peaks of ferrihydrite (gray), magnetite (dotted), and goethite (black). Peaks of NaCl (32.04, 
37.14, 53.42, 66.8°2θ) and KCl (33.12°2θ) originate from the cultivation medium, peak at 45.02°2θ from 
the aluminum sample holder. 

                                                 
2
 This chapter was published in Journal of Microbiological Methods 89 (2012) 41-48 
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The accuracy of each test for Fe(tot) was obtained by comparison with the aqua regia dissolved 

samples measured with ICP-AES.  

The identity of synthesized ferrihydrite as well as the microbially-formed magnetite and the 

mixture of goethite and magnetite were confirmed by XRD analysis (Fig. 3.1).  

 

3.1.1  Efficiency of total Fe determination 

For Fe(II)aq, Fe(III)aq, ferrihydrite, and magnetite, the concentrations of Fe(tot) obtained from the 

phenanthroline assay after dissolution in 1 M HCl (at 21 °C) were significantly higher than those 

from the ferrozine method. For ferrihydrite and aqueous Fe(II) or Fe(III) standard solutions, the 

phenanthroline assay perfectly matched the concentrations of the external control measurements 

via ICP-AES (Fig. 3.2A), while the ferrozine assay led to systematic underestimation of Fe(tot) 

concentrations between 13 and 10%.  

Due to the low solubility of goethite, microbially-formed magnetite, and the mixture of goethite 

and magnetite in 1 M HCl, the concentrations of these crystalline Fe forms were significantly 

underestimated with both assays by 78 to 92% for goethite and the mixture of goethite and 

magnetite and 5 to 12% for magnetite (Fig. 3.2A). In case of goethite and the mixture of goethite 

and magnetite, the minerals were visibly not dissolved completely, which led to additional 

disturbance of the photometric measurements by turbidity. 

The Fe(tot) concentrations after dissolution in 6 M HCl at 21 °C for 4 days for goethite and 

pyrite were similarly low as concentrations obtained after shaking in 1 M HCl. For the other 

minerals, the phenanthroline method led to slightly higher values than the ferrozine test and in 

most cases to an overestimation of Fe(tot) in comparison to the external ICP-AES control (Fig. 

3.2A). For ferrihydrite and the mixture of goethite and magnetite, the ferrozine test precisely 

matched the ICP-AES results, while the Fe(tot) concentrations of goethite, pyrite, and magnetite 

were underestimated by 71, 66, and 25%, respectively. However, the difference between both 

methods is not significant neither for aqueous Fe solutions nor ferrihydrite. 

Elevation of the incubation temperature to 60 °C and an HCl concentration of 6 M completely 

dissolved all tested minerals, including highly crystalline oxides and sulfides like goethite, 

magnetite, and pyrite. Dissolution in 6 M HCl at 60 °C for 1 or 4 days for goethite and pyrite led 

to a good agreement of measured Fe(tot) concentrations vs. the external control for all sample 

types (Fig. 3.2A). Here, the ferrozine assay almost exactly reflected the ICP-AES results with a 

deviation of less than 5%. The phenanthroline method often led to an overestimation by 5 to 

10% (Fig. 3.2A) but the difference between both methods is not significant. For pyrite, the 

measurements with phenanthroline resulted in 91% of the externally determined concentration, 

while the ferrozine method led to a severe overestimation of 145% of the actual concentration. 
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Fig. 3.2: Comparison of extraction methods and Fe determination from different samples. A) Total Fe 
related to ICP measurements as external standard. B) Ferrous Fe concentrations under oxic conditions 
and C) ferrous Fe under oxic (ox) and anoxic (anox) conditions. Values were obtained by the ferrozine 
and the phenanthroline (phen) assays. Error bars depict the standard deviations from three parallel 
measurements of one sample. 
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3.1.2  Ferrous Fe determination 

When Fe(II) was the only Fe species, the phenanthroline method exactly matched the 

concentrations determined by ICP-AES, whereas ferrozine overestimated by 14% (1.5 mM). No 

reliable Fe(II) determination was achieved, when the concentration in the samples was below 0.5 

mM, since deviations of expected to measured values were larger than 100%. Ferrous Fe 

concentrations of magnetite and the mixture of goethite and magnetite after dissolution in 1 M 

HCl at 21 °C (Fig. 3.2B) were higher for the phenanthroline assay than for ferrozine. However, 

the true amounts of Fe(II) in magnetite and in the mixture of goethite and magnetite are 

unknown.  
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Fig. 3.3: Effect of photochemical reduction of Fe(III)-ferrozine complexes of pure Fe(III) stock solutions 
caused by light irradiation. Error bars depict the standard deviations from six parallel measurements of 
one sample. 
 

Samples dissolved in 6 M HCl (at 21 °C) yielded slightly reduced Fe(II) concentrations as 

compared to 1 M HCl treatments (Fig. 3.2B). Ferrous Fe concentrations after 6 M HCl 

dissolution were somewhat higher for the phenanthroline assay than for the ferrozine assay. 

However, the Fe(II) concentrations determined with ferrozine matched the ICP-AES 

concentrations for the samples Fe(II) and Fe(II)/(III). The Fe(II) concentrations of pyrite were 

underestimated by 70 - 90% by the photometrical tests. 

Determined Fe(II) concentrations for Fe(II), magnetite, and the mixture of goethite and 

magnetite after dissolution in 6 M HCl at 60 °C were 4 to 6-fold lower than after shaking at 21 

°C in 1 M or 6 M HCl (Fig. 3.2B). At very low Fe2+ concentrations as in the Fe(II)/(III) and 

ferrihydrite samples, Fe(II) was not detectable. For pyrite, the phenanthroline method 

overestimated the Fe(II) concentrations by about 10%, whereas the ferrozine method led to an 

underestimation of 23%. For pyrite, the dissolution in 6 M HCl at 60° C and the subsequent 



 41 

measurement using the phenanthroline assay was the only method almost matching the externally 

determined concentration (90%).  

For ferrozine, I could observe a photochemical reduction of Fe(III)-ferrozine complexes by light 

(Fig. 3.3). During a maximal incubation time of a sample with ferrozine in a microtiter plate of 5 

min during which all samples were processed, 8 to 15% of the Fe(III) were reduced.  

However, for ferrous Fe determinations the ferrozine and phenanthroline methods did not show 

systematical differences. 

 

3.1.3  Oxic vs. anoxic extraction 

For the minerals magnetite, ferrihydrite, a mixture of goethite and magnetite as well as the 

Fe(II)aq and mixed valence solutions, anoxic incubation almost doubled the detectable Fe2+ 

concentrations after shaking in 6 M HCl at 60 °C for 4 days (Fig. 3.2C). Nevertheless, the 

measured concentrations were only 20 to 30% of the Fe2+ measured after shaking in 1 M HCl at 

21 °C, whereas the values obtained from the phenanthroline method were slightly higher than 

those obtained from ferrozine. 

 

3.1.4  Growth experiments 

When Fe(II) and Fe(tot) were analyzed in batch experiments with G. sulfurreducens and ferrihydrite 

as electron acceptor, the ferrozine method matched the externally determined Fe(tot) 

concentrations to 100% (Fig. 3.4A). In two other experiments, deviations of 5 and 8% occurred, 

respectively. Concentrations obtained with the phenanthroline method were 8 to 13% higher 

than the reference concentrations determined with ICP-AES. Single measurements of the 

samples dissolved in 1 M HCl showed that both methods overestimated the ICP-AES 

concentrations during the first 100 h. Afterwards, ferrozine tended to underestimate, whereas 

phenanthroline matched the ICP-AES results. After dissolution in 6 M HCl at 60 °C, the single 

values of every time point determined with ferrozine varied between ±5 mM (10% of total Fe), 

while phenanthroline overestimated in general about 10%, occasionally up to 40%.    

For oxic treatment at 21 °C, the Fe(II) values after dissolution in 6 M HCl were less than 50% of 

the measured concentration after dissolution in 1 M HCl for both methods (Fig. 3.4B). After 

dissolution in 6 M HCl at 60 °C, no Fe(II) was detectable. Anoxic treatment improved all results. 

Especially after dissolution in 6 M HCl at 21 °C, the recovery was up to 40% of the Fe(tot) 

concentration and led to results close to 1 M HCl samples (Fig. 3.4C). However, the 

concentrations measured after dissolution at 60 °C in 6 M HCl were up to 50% lower than the 

results obtained after dissolution at 21 °C. 
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Fig. 3.4: Comparison of extraction methods and Fe determination from samples of a growth experiment 
of G. sulfurreducens on synthetic ferrihydrite. A) Total Fe concentrations of added Fe oxides related to ICP 
measurements as external standard and B) ferrous Fe concentrations under oxic and C) anoxic conditions. 
Total Fe concentrations and their standard deviations are calculated as mean values from all taken 
samples.  
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In almost all treatments, phenanthroline led to higher Fe(tot) concentrations than ferrozine, in a 

range of 1 to 9% of the total Fe concentration (Fig. 3.4A) and up to 22% in other batches 

(related to ICP-AES data). Only after treatment with 6 M HCl at 21 °C, ferrozine yielded higher 

concentrations of 1 and 8% of Fe(tot). 

     

3.1.5  Influence of medium composition 

In most cases, results determined for total Fe (Fig. 3.5A) showed significantly higher values for 

ferrozine than for phenanthroline, which contradicts to Fig. 3.2A and 3.4A. Addition of trace 

element solution as well as the vitamin solution led to underestimation of up to 20% for both 

methods.  
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Fig. 3.5: Total A) and ferrous Fe concentrations B) of FeCl2 solutions treated with different medium 
additives. N2/CO2: flushed with N2/CO2, Medium: freshwater medium, TE: trace elements, 7 Vits: 
vitamin solution. 
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For Fe(II) determination, the trend of significant phenanthroline over- and ferrozine 

underestimation of the ICP data could be confirmed (Fig. 3.5B). The addition of trace element 

solution led to an underestimation of 5 and 9% for the ferrozine and phenanthroline methods, 

respectively. An opposite effect was observed after mixing with the vitamin solution, which led to 

overestimations of >20% for both methods.  

 

 

3.2 Low molecular weight organic acids influence microbial Fe oxide reduction via a 

dissolution-disaggregation mechanism 

 

3.2.1 Sample characterization 

Mössbauer spectroscopy of ferrihydrite incubated in citrate-free low salt medium revealed no 

magnetic ordering at room temperature but the onset of magnetic ordering at 77 K (Tab. 3.1). 

Magnetic ordering of citrate-incubated ferrihydrite (molar citr:Fe = 0.16) was only observed at ~5 

K. The absence of a magnetic ordering at 77 K in both samples identified 2-line ferrihydrite as 

the single ferric Fe phase, with a slight higher crystallinity of the citrate-incubated ferrihydrite. 

 

Tab. 3.1: Hyperfine parameters of ferrihydrite and ferrihydrite incubated with citrate (citrate:Fe = 0.16) at 
room temperature, 77 K, and ~ 5 K. 

 room temperature 77 K ~ 5K 

 δ1 
[mm s-1] 

∆2 

[mm s-1] 
δ 

[mm s-1] 
∆ 

[mm s-1] 
Bhf

3 

[T] 
δ 

[mm s-1] 
∆ 

[mm s-1] 
Bhf 
[T] 

ferrihydrite 0.35 0.74 0.46 0.77  0.46 -0.04 48.8 
   0.52 0 9.5    

ferrihydrite 
+ citrate 

0.35 0.73 0.46 0.71  0.46 -0.03 48.4 

1isomeric shift; 2quadrupole splitting; 3hyperfine field 

 

The FTIR spectrum of ferrihydrite without citrate incubation showed the typical patterns of 

ferrihydrite with the H2O deformation mode at 1623 cm-1 and the symmetric and asymmetric C-

O stretches at 1346 and 1463 cm-1, respectively (Fig. 3.6). C-O stretches probably stemmed from 

adsorbed carbonate of ambient CO2 [145]. Sorption of citrate on ferrihydrite surfaces caused the 

formation of two broad peaks of the symmetric and asymmetric stretches of the carboxylate 

groups of citrate at 1382 and near 1580 cm-1, which  superimposed the H2O and C-O stretches of 

ferrihydrite and carbonate (Fig. 3.6A) [146]. With increasing citr/Fe ratio, the intensity of those 

two peaks also increased. A new band developed already at citr/Fe ratios of 0.04 at 1253 cm-1, 

stemming from C-O stretches of carboxylate groups. With increasing citrate concentrations, 

these C-O stretches became more pronounced and a further C-O stretch at 1066 cm-1 occurred 
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[146]. Not adsorbed citrate caused the development of a band pair from C-H deformations at 

908 and 851 cm-1 at a citr/Fe ratio of 0.2. 
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Fig. 3.6: FTIR spectra of ferrihydrite incubated with different citrate concentrations (A) with molar 
citrate:Fe ratios of 0.0 (solid black line), 0.04 (solid grey line), and 0.2 (dotted black line) and with different 
humic acid concentrations (B) with molar organic carbon (OC):Fe ratios of 0.0 (solid black line), 0.03 
(solid grey line), 0.3 (dotted black line), and 0.9 (dotted grey line). Absorbance is given in arbitrary units 
(a.u.). 
 

 

Adsorption of humic acids onto ferrihydrite surfaces led to increased peak intensities of 

symmetric and asymmetric C-O stretches, with a shift of the symmetric deformation from 1346 

cm-1 to 1380 cm-1 at C/Fe ratios of 0.3 and more (Fig. 3.6B).  

 

A 

B 



 46 

3.2.2 Dissolution of ferrihydrite and colloid stabilization 

Incubation of ferrihydrite with citrate resulted in partial dissolution of the ferrihydrite within the 

first 70 h when citrate concentrations were > 0.5 mM. With increasing molar citr/Fe ratios, the 

amount of released Fe increased up to 93% at a ratio of 0.5 and reached 100% at a ratio of 1.7 of 

the positive control (Fig. 3.7A). Dissolution rates increased from 6.4 µM h-1 (citr/Fe = 0.1) up to 

37 µM h-1 (citr/Fe = 1.7) (Fig. 3.7A). The pH remained at a constant level of approximately 6.3 

over the entire experiment. 
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Fig. 3.7: Abiotic dissolution of ferrihydrite with citrate (A) with molar citrate:Fe ratios of 0.0-1.7 (average 
total Fe concentration: 3.3 (± 0.3) mM) and humic acids (B) with molar organic carbon (OC):Fe ratios of 
0.0-0.9 (average total Fe concentration: 2.9 (± 0.3) mM). Characterization of filtrates of citrate-incubated 
ferrihydrite (C) depicts Fe and citrate concentrations as grey and striped bars, respectively; dots and 
triangles show hydrodynamic diameters (dh) of detected colloids. Error bars depict standard deviations of 
three measurements of three independent samples.  
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Incubation of ferrihydrite with Gohy humic acids (HA) did not lead to a detectable dissolution of 

ferrihydrite after 71 days (Fig. 3.7B). The pH decreased slightly from 6.1 ± 0.1 to 5.5 ± 0.1 during 

the experiment. 

After filtration of the samples, both the positive control (citr/Fe = 1.7) and the citr/Fe = 0.5 

sample showed a 100% recovery of the total Fe concentration (Fig. 3.7C). Iron concentrations in 

the filtrates of samples with molar citr/Fe ratios between 0.1 and 0.5 were at least twice as high as 

the citrate concentrations. No citrate or Fe was detectable in filtrates of samples without citrate 

or with a citr/Fe ratio of 0.01. No Fe was detected in filtrates of ferrihydrite incubated with HA 

(data not shown). 

In samples with citr/Fe ratios between 0.1 and 0.5, colloidal dispersed particles with declining 

hydrodynamic diameters between 153 (± 11) – 202 (± 2) nm and 106 (± 6) – 147 (± 1) nm were 

detected in 0.45 and 0.22 µm-filtrates, respectively. Unfiltered samples with molar citr/Fe ratios 

of 0.2 and 0.5 had respective hydrodynamic diameters of 612 (± 147) and 128 (± 54) nm. Zeta 

potentials of these particles were between -38.4 (± 0.5) mV and -41.2 (± 1.1) mV. In my 

experimental setup no stably dispersed particles could be detected in Gohy humic acids-

containing samples (data not shown). 

 

3.2.3 Microbial reduction by G. sulfurreducens 

Microbial reduction of ferrihydrite incubated with different citrate concentrations revealed 

increasing initial reduction rates with increasing citrate concentrations, except for a citr/Fe ratio 

of 0.03 (Fig. 3.8). Here, the reduction rates decreased slightly from 0.03 mM h-1 (without citrate) 

to 0.02 mM h-1. Complete reduction was reached after 30 h for a citr/Fe ratio of 0.58 and after 74 

h for ratios of 0.14 and 0.27 (Fig. 3.8).  

 

 



 48 

0

1

2

3

4

5

F
e
(I

I)
[m

M
]

0 25 50 75 100 125 150

time [h]

citr/Fe = 0.0

citr/Fe = 0.03

citr/Fe = 0.14

citr/Fe = 0.27

citr/Fe = 0.58

 

Fig. 3.8: Microbial reduction of ferrihydrite incubated with different citrate concentrations with molar 
citrate:Fe ratios of 0.0-0.58 by Geobacter sulfurreducens. Average total Fe concentrations of all samples: 3.9 ± 
0.1 mM (n=15). Error bars depict standard deviations of triplicate measurements of three independent 
samples. 
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3.2.4 Calculation of dissolution and reduction kinetics 

Calculated initial dissolution kinetics reproduced measured dissolution kinetics during the first 50 

h (Fig. 3.9A).  
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Fig. 3.9: Comparison of calculated data with measured citrate-induced dissolution kinetics of ferrihydrite 
over time (A) and dissolution rates in dependence of citrate concentrations (B). Microbial reduction rates 
of Geobacter sulfurreducens in dependence of citrate concentrations, causing dissolution of ferrihydrite and 
colloid stabilization, could be described with a Michaelis-Menten kinetic (C). Calculated microbial 
reduction kinetics excluding colloid stabilization compared to measured reduction kinetics over time (D). 
Symbols represent measured data points for respective molar citrate:Fe ratios (0.0-1.7), lines represent 
calculated data.  
 

The stepwise determination of reduced Fe at different time points matched to microbial 

reduction within the first 35 h at a citr/Fe ratio of 0.0 (Fig. 3.9D). At a ratio of 0.14, the 

calculation did not fit and significantly underestimated the measured Fe oxide reduction. At ratios 

of 0.27 and 0.58 the measured first 5 h of reduction could be described. Afterwards, the 

calculated curves dropped faster than the measured reduction. 
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3.3 Reduced biotic and abiotic reactivity of ferrihydrite nanoparticles below a critical 

aggregate size3 

 

3.3.1 Characterization of synthesized Fe oxides 

FTIR spectra of 2LFh 1 and 2LFh 2 showed typical ferrihydrite patterns (Fig. 3.10). The region 

between 1700 and 1200 cm-1 showed the deformation mode of H2O (~1620 cm-1) and the 

asymmetric and symmetric C-O stretching modes of adsorbed carbonate at ~1460 cm-1 and 

~1345 cm-1, respectively [145]. For 2LFh2, these bends were slightly shifted to higher 

wavenumbers. Fe-O lattice stretching modes and OH deformation modes appeared at ~420, 

~570, and ~690 cm-1 for 2LFh 1 and at 464, 580, and 700 cm-1 for 2LFh 2 [134, 145]. Nitrate 

appeared in the spectrum of 2LFh 1 at 1384 cm-1. The C-O total symmetric stretch of carbonate 

appeared at 1090 cm-1 in the spectrum of 2LFh 2 [145].  
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Fig. 3.10: FTIR spectra of (a) 2LFh 1, (b) 2LFh 2, (c) 2LFh 3, (d) 6LFh 1, and (e) 6LFh 2. Absorbance is 
given in arbitrary units (a.u.) 
 

The spectrum of 2LFh 3 contained bends at 1622 cm-1 of the deformation mode of H2O and 

both C-O stretching modes of adsorbed carbonate at 1468 and 1370 cm-1. A plateau in the region 

between 570 and 700 cm-1 was formed by Fe-O stretches of akaganeite at 623 and 686 cm-1 [134, 

147, 148] and of ferrihydrite at ~580 cm-1 [134, 145]. A shoulder near 810 cm-1 was caused by 

libration modes of O-H-Cl [147]. The spectrum of 6LFh 1 contained the sharp H2O deformation 

mode at 1621 cm-1 and very weak C-O stretching modes at 1462 and 1386 cm-1 [145]. O-H 

deformations appeared near 690 cm-1 [134] and Fe-O lattice stretching modes of ferrihydrite near 

570 and 431 cm-1 [145]. The spectrum of 6LFh 2 showed O-H deformation bands near 468 and 

                                                 
3
 This chapter was submitted to Geochimica et Cosmochimica Acta on 27.02.2013 
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700 cm-1 [134] and the Fe-O lattice stretching at 550 cm-1 [145]. Weak shoulders near 877 and 800 

cm-1 showed Fe-OH inplane and out of-plane bending vibrations of goethite [149]. The band at 

1019 cm-1 stems from the O-H out of-plane bend of lepidocrocite [134]. Nitrate is visible at the 

peak at 1384 cm-1. 

X-ray diffraction results (Fig. 3.11) confirmed the mineralogical composition obtained by the 

analysis of the FTIR spectra. Diffraction data of 2LFh 1 and 2LFh 2 showed two broad peaks at 

39.6 and 73°2θ, typical for 2-line ferrihydrite. The diffractogram of 2LFh 3 displayed eight sharp 

peaks with the peaks at 12.9, 18.5, 31.0, 45.6, 54.1, 65.5, and 72.6°2θ stemming from akaganeite. 

At 41.1°2θ, both ferrihydrite, and akaganeite formed distinct peaks. The diffractogram of 6LFh 1 

consisted of a ferrihydrite peak at 41.1°2θ and five weakly established, broad peaks at 45.6, 52.7, 

66.3, 73.0, and 73.6°2θ from 6-line ferrihydrite. 6LFh 2 showed peaks at 14.5 and 31.1°2θ which 

can be assigned to akaganeite. The peak at 31.1°2θ can be assigned to lepidocrocite as detected in 

the respective FTIR spectrum. The presence of akaganeite, which can be indicated by the peaks 

at 14.5 and 31.2°2θ is unlikely, since no Cl- was present in the system. 6-line ferrihydrite formed 

the peaks at 41.4, 46.8, 61.7, and 72.5°2θ. No peak could be assigned to goethite.  

N2 physisorption measurements revealed that all ferrihydrites contained micropores with the 

exception of 2LFh 3 and 6LFh 2 (Tab. 3.3). 
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Fig. 3.11: XRD patterns of (a) 2LFh 1, (b) 2LFh 2, (c) 2LFh 3, (d) 6LFh 1, and (e) 6LFh 2. Peak of NaCl 
(37.2°2θ) originates from synthesis, peaks at 44 and 52°2θ from the aluminum sample holder. Intensity is 
given in arbitrary units (a.u.). 

 

The BET specific surface area measurements were in the range of 213.5 ± 1.2 and 331.2 ± 0.3 m2 

g-1 (Tab.3.3) and thus were within the reported range for synthetic ferrihydrite [134]. 6LFh 2 was 

the only stable nanoparticulate suspension without particle aggregation. All other samples formed 

a 
 
 
b 
 
 
c 
 
d 

e 



 52 

large aggregates and tended to sediment in MilliQ purified water (Tab. 3.3). Consequently, SEM 

images of the samples showed strong aggregated crust-like structures (Appendix Fig. A4.1), most 

likely formed during air-drying on the sample holder. 

 

Table 3.2: Binding energies of the Cl2p3/2, C1s photoemission peaks, and Fe2p3/2 satellite features 
associated with the synthetic ferrihydrite samples used in microbial and abiotic reduction experiments 
 

sample 
Cl2p3/2 (Cl-) 

[eV BE] 

C1s (CO3) 

[eV BE] 

Fe2p3/2 (Fe(II)) 

satellite [eV BE] 

2LFh 1  288.7 eV (~715)* 

2LFh 2  288.7 eV ~715 

2LFh 3 198.4 288.7 eV (~715)* 

6LFh 1 198.4 288.7 eV (~715)* 

6LFh 2  288.7 eV (~715)* 

*brackets indicate that occurrence of peak is uncertain 

 

 

To gain additional information about adsorbed anions on ferrihydrite surfaces, XPS spectroscopy 

was used. Weak peaks at binding energies (BE) of 288.7 eV in all spectra correlated with 

carbonate bound C (Tab. 3.2) [150]. Distinct Cl2p3/2 peaks at 198.4 eV, occurring in spectra of 

2LFh 3 and 6LFh 1, were indicative of a Cl- species [150]. Fitting of the Fe2p3/2 peak, using a 

multiplet Fe peak fitting strategy [151, 152], revealed Fe2+ concentrations of 10.3% (2LFh 1), 

17.9% (2LFh 2), 13.4% (2LFh 3), 11.3% (6LFh 1), and 4.3% (6LFh 2). The uncertainty of Fe2+ 

estimation was ±2.5 %, caused by the background selection under the Fe 2p3/2 peak.  

 

3.3.2 Reduction kinetics  

The reduction kinetics of the ferrihydrite samples with ascorbic acid showed no relationship to 

the specific surface area (Fig. 3.12A). The highest initial reduction rates were detected for 2LFh 1, 

2LFh 2, and 6LFh 1, which did not contain secondary mineral phases like goethite or 

lepidocrocite. Surprisingly, 6LFh 2, which is the only stable colloidal suspension, revealed the 

lowest abiotic reduction rate. The maximum extent of abiotic reduction was reached after 43 h 

for all ferrihydrite samples but only 2LFh 1 and 2LFh 2 were completely reduced. 2LFh 3, 6LFh 

1, and 6LFh 2 were reduced to 79, 87, and 78%, respectively. 

Microbial reduction of 5 mmol L-1 of the respective ferrihydrite samples by G. sulfurreducens was 

very slow, with a lag phase of about 2 days. Initial reduction rates were two orders of magnitude 

lower than abiotic reduction with ascorbic acid (Figure 3.12B).  
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Fig. 3.12: Initial reduction rates of ferrihydrite samples [2LFh 1 (�), 2LFh 2 (�), 2LFh 3 (�), 6LFh 1 
(�), and 6LFh 2 (�)] compared with their specific surface area for reductive dissolution with ascorbic 
acid (A) and microbial reduction by Geobacter sulfurreducens (B). Total Fe concentrations are 4.9 ± 0.7 mM 
and 4.7 ± 0.3 mM for abiotic reductive dissolution and microbial reduction, respectively. Error bars depict 
the standard deviations from triplicate batch incubations. 
 

No relationship could be observed between the initial microbial reduction rates and the specific 

surface area of the ferrihydrite samples. The highest initial reduction rates were observed for 

2LFh 2 and 6LFh 1. The lowest reactivities were obtained for the ferrihydrites with the highest 

surface areas, which are 2LFh 1, 2LFh 3, and 6LFh 2 (Fig. 3.12, Tab. 3.3). The most conspicuous 

difference between biotic and abiotic reduction was observed for 2LFh 1. Its high abiotic 

reactivity with ascorbic acid was in strong contrast to low microbial reduction rates.  

 

3.3.3 Abiotic dissolution in 1 M HCl 

Ferrihydrite samples which did not contain secondary mineral phases (2LFh 1, 2LFh 2, 6LFh 1) 

were dissolved immediately after addition to 1 M HCl (Fig. 3.13). The dissolution of 2LFh 3 and 

6LFh 1, both containing higher crystalline Fe oxides like akaganeite or goethite and lepidocrocite, 

respectively, were dissolved more slowly. After 30 min, 100% of 2LFh 3 and 80% of 6LFh 2 

were dissolved. 

A 

B 
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Fig. 3.13: Abiotic dissolution of all ferrihydrite samples [2LFh 1 (�), 2LFh 2 (�), 2LFh 3 (�), 6LFh 1 
(�), 6LFh 2 (�)] in 1 M HCl. Total Fe concentration is 9.4 ± 0.7 mM. Error bars depict standard 
deviations of triplicate batch incubations. 
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Tab. 3.3: Mineralogical composition and properties of Fe oxides and their respective initial reduction rates. 
 

 

 

 

 

 

 

 

 

 

 

 

 

* differences between FTIR and XRD have to be assigned to different sensitivities of both methods 
** sedimenting aggregates 
 

 Mineral composition* Adsorbed anions Morphology Initial reduction rates 

 

XRD FTIR FTIR XPS 

BET 
specific 
surface area  
[m2 g-1] 

t-method 
micropore 
surface area 
[m2 g-1] 

Hydrody-
namic 
diameter 
(dH) [nm] 

Abiotic 
(ascorbic acid) 

Biotic 
(G. sulfurreducens) 

 

Initial 
reduction 
rate   
[mM h-1] 

% reduced 
Cell normalized 
rate  
[fmol h-1 cell-1] 

% reduced 

2LFh 1 2-line Fh Fh 
NO3

-, 
CO3

2- 
Fe2+, 
(CO3

2-) 
313.1 ± 0.2 51.12 ± 0.07 2,402** 1.5 ± 0.1   97.3 ± 1.8 0.07 ± 0.02 28.0 ± 1.9 

2LFh 2 2-line Fh Fh CO3
2- 

Fe2+, 
(CO3

2-) 
273.5 ± 1.1 56.23 ± 0.37 1,473** 0.8 ± 0.04 104.1 ± 2.5 0.19 ± 0.04 47.2 ± 11.0 

2LFh 3 Akaganeite Fh, Akaganeite CO3
2- 

Fe2+, Cl-, 
(CO3

2-) 
331.2 ± 0.3   0   886 0.5 ± 0.02   78.6 ± 4.2 0.06 ± 0.01 19.0 ± 3.8 

6LFh 1 6-line Fh 6-line Fh CO3
2- 

Fe2+, Cl-, 
(CO3

2-) 
243.3 ± 0.1 35.57 ± 0.28 1,975** 1.0 ± 0.1   86.6 ± 1.8 0.14 ± 0.01 30.3 ± 0.8 

6LFh 2 6-line Fh 
Fh, 
Lepidocrocite, 
Goethite 

NO3
-, 

CO3
2- 

Fe2+, 
(CO3

2-) 
313.7 ± 1.2   0   162 / 7 0.5 ± 0.02   77.8 ± 6.8 0.06 ± 0.00 16.4 ± 2.2 
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4 Discussion 

 

 

4.1 Reevaluation of colorimetric Fe determination methods commonly used in 

geomicrobiology4 

 

This study compares the application of the colorimetric phenanthroline and ferrozine assays for 

the determination of Fe(II) and Fe(tot) in microbiological samples. The experiments were 

focused on different acidic strengths, incubation temperature, and incubation time. Based on 

these data, I can now provide a robust dataset for choosing the appropriate method for the 

determination of Fe concentrations in geomicrobiological studies. 

 

4.1.1  Quantification of total Fe content 

The comparison of photometric Fe quantifications with external validation by ICP-AES of 

different Fe oxides proved the general suitability of both the phenanthroline and ferrozine assays 

for the Fe(tot) determination of typical geomicrobiological Fe samples. Especially the easy 

dissolvable species such as aqueous Fe(II) and Fe(III) solutions, and amorphous ferrihydrite were 

reliably determined, independent of the assay type or dissolution procedure, with phenanthroline 

being slightly more accurate.  

The main problem for the analysis of crystalline Fe oxides was their poor solubility. Dissolution 

procedures turned out to be decisive for precise Fe quantification. Mean values of several 

measurements of the growth experiment showed that the results obtained with the ferrozine 

assay fitted best, regardless of acidic strength or dissolution temperature. During growth of G. 

sulfurreducens, ferrihydrite recrystallized to magnetite which is hardly soluble in 1 M HCl. However, 

                                                 
4
 This chapter was published in Journal of Microbiological Methods 89 (2012) 41-48 
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results of the phenanthroline method were frequently higher than results obtained with ferrozine 

and the ICP-AES reference concentrations. This effect is already described by Anastácio et al. 

[153] and is attributed to the complete dissolution of minerals by phenanthroline. 

Interferences with Co2+, Cu2+, Mn2+, and Zn2+ [154-158], which have absorption maxima between 

300 and 530 nm, could be excluded. These cations were present in the applied freshwater 

medium with concentrations of 0.96, 0.01, 0.76, and 0.84 µM, respectively. Besides, Fe(tot) 

determination of Fe(II) solutions spiked with trace elements led to underestimated values for 

both methods. Taylor et al. [159] showed that metabolic products of cells can form strong 

complexes with Fe(II) and Fe(III) which are characterized by pH independent thermodynamic 

stability. To my knowledge, it is not described until now whether G. sulfurreducens is also able to 

produce such strong complexation agents which are not destroyable by 1 M HCl. Possibly, 

phenanthroline can dissolve these complexes in contrast to ferrozine which may explain lower 

values obtained with ferrozine compared to phenanthroline in biological samples in contrast to 

the abiotic experiments (Fig. 3.5A). Vitamins, having similar complexing properties, might 

explain the underestimation of the Fe(tot) content with ferrozine and phenanthroline by 5 and 

16%, respectively. Independent from the additives and flushing with N2/CO2, the values were 

slightly higher for ferrozine (Fig. 3.5A). However, the overestimation of the Fe(tot) content with 

phenanthroline in biological samples still remained unclear. 

 

 

Fig. 4.1: Proposed extraction methods and Fe determination assays for different sample types.      depicts 

combinations of extraction and analysis methods producing very accurate results.      stands for less 

accurate but recommended methods whereas combinations labeled with    are not recommended to use. 

The upper part of the figure shows combinations for total Fe (Fe(tot)), the lower for ferrous Fe (Fe(II)) 

analysis.   
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The phenanthroline method proved to be suited best for the determination of total pyritic Fe 

after dissolution in 6 M HCl at 60 °C. High concentrations of sulphide seem to affect the 

ferrozine complex [160], leading to overestimation in the photometric measurements. However, a 

brownish precipitate, as described by these authors, was not observed in this study. 

The best results for Fe(tot) determination of highly crystalline Fe oxides, such as goethite and 

magnetite, were obtained with the ferrozine assay after dissolution in 6 M HCl at 60 °C (Fig. 4.1). 

However, the increase of acidic strength without increasing temperature did not improve the 

results apart from goethite and a mixture of goethite and magnetite. For easily dissolvable 

compounds in biotic samples such as ferrihydrite or Fe(II)aq which were incubated in 1 M HCl at 

21 °C, the best results are obtained by the phenanthroline assay. Mean values of several 

measurements with the ferrozine method were in excellent accordance with the external 

validation. Therefore, and due to the time consuming procedure of the phenanthroline method, I 

advocate the ferrozine assay for measurements of large sample numbers.  

 

4.1.2  Ferrous Fe determination 

Ferrous Fe concentrations were measured with highest accuracy at 21 °C. Nevertheless, both 

photometric methods tended to overestimate actual Fe(II) concentrations in biological samples. 

For ferrozine, this can be attributed to a photochemical reduction of the Fe(III)-ferrozine 

complex which was also observed by Anastácio et al. [153]. For the phenanthroline assay, 

photochemical reduction can be excluded due to the addition of a masking agent. A similar 

overestimation of Fe(II) determination was observed for the mixed valence sample Fe(II)/(III). I 

assigned this overestimation to a decreasing reliability of both assays with decreasing 

concentrations. 

Iron determinations of the growth experiment frequently showed higher concentrations for the 

phenanthroline method compared to ferrozine (Fig. 3.4B). However, the exact Fe(II) 

concentrations are not known. Nevertheless, in the context of overestimation for Fe(tot) with 

phenanthroline in biotic samples, I assume an overestimation here as well. Conspicuously, single 

measurements of the same sample are more erratic for ferrozine than for phenanthroline. 

Anastácio et al. [153] explained these fluctuations with the light sensitivity of ferrozine and the 

partial dissolution of highly crystalline Fe oxides. For Fe(II), interferences with medium additives 

could be excluded for both methods. Independently of the additive, values obtained by 

phenanthroline are mostly up to 5% higher than ICP data, whereas ferrozine showed up to 5% 

lower concentrations. The high concentrations after addition of the vitamin solution could be 

attributed to interference with the vitamin’s self-absorption with two maxima at 552 and 517 nm. 
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As described for determination of the total Fe content, the low solubility of highly crystalline 

samples reduced the measurable concentration of Fe(II). The detected concentrations of Fe(II) in 

the mixture of goethite and magnetite at 21 °C were not convincing due to the low solubility of 

goethite and magnetite and the resulting high turbidity of the sample. Ferrous Fe incorporated 

into the crystal lattice could probably not react with phenanthroline and ferrozine.  

The low Fe(II) concentrations determined for incubations at 60 °C might be due to a fast abiotic 

oxidation of Fe(II) [161, 162]. Porsch and Kappler [163] explained this observation with the 

formation of Fe(II) – Cl- complexes and undissociated HCl, leading to Fe – HCl complexes. Both 

complexes lead to a faster oxidation of Fe(II). Anoxic sampling improved the Fe(II) recovery, but 

the underestimation was still significant, indicating that Fe(II) might oxidize during the 4 days 

incubation in 6 M HCl. The only mineral which was not affected by oxidation was pyrite. 

Schoonen et al. [164] attributed this effect to the faster sulfide oxidation, causing suppression of 

Fe oxidation at pH values below 3 and under illumination with visible light. A concentration 

close to the reference ICP-AES concentration of the pyrite sample was measured with 

phenanthroline. The lower results with ferrozine could also be evoked by the interference 

between ferrozine and sulphide. 

In summary, for easily dissolvable compounds such as ferrihydrite and Fe(II)aq, I recommend 1 M 

HCl for dissolution with an incubation time of 24 hours (Fig. 4.1). More crystalline minerals such 

as goethite or magnetite have to be dissolved in 6 M HCl at 60 °C for accurate Fe measurement. 

In contrast to the Fe(tot) determination, heating of the acidified samples is not recommended for 

subsequent measurements of Fe(II) because Fe(II) will oxidize. An opportunity to overcome the 

difficulty of Fe(II) determination in samples with hardly soluble Fe oxides is the partial 

dissolution of the samples in 6 M HCl at 21 °C. To avoid the interference of the turbid solutions 

with the colored ferrozine or phenanthroline complexes, the acidified samples should be 

centrifuged with subsequent determination of the Fe2+ content in the supernatant. Most accurate 

results for pyrite were obtained using the time consuming phenanthroline assay. To avoid 

possible interferences with different cations, I recommend using the ferrozine assay which is 

usually accurate within ± 10% for both Fe(II) and Fe(tot) measurements. 
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4.2 Low molecular weight organic acids influence microbial Fe oxide reduction via a 

dissolution-disaggregation mechanism 

 

4.2.1 Sample characterization 

Mössbauer spectroscopy showed that the pure ferrihydrite incubated in citrate-free microbial low 

salt medium and ferrihydrite incubated with citrate are 2-line ferrihydrites. The onset of magnetic 

ordering at 77 K of pure ferrihydrite revealed a slightly higher crystallinity compared to 

ferrihydrite incubated with citrate. Different publications [165-167] described the recrystallization 

of synthetic 2-line ferrihydrite to a mixture of 6-line ferrihydrite, hematite, and hydromaghemite 

in the presence of citrate at elevated temperatures of at least 100 °C. An increase of magnetic 

susceptibility was observed for ferrihydrite-citrate coprecipitates at moderate temperatures of 25 

and 50 °C [168]. Those recrystallization processes can be excluded for ferrihydrite samples with 

adsorbed citrate in the present study because no evidence for increased magnetic splitting was 

found. It could be that starting transformation to higher crystalline Fe oxides of pure ferrihydrite 

at incubation temperatures of 30 °C can cause the slightly higher crystallinity compared to 

ferrihydrite-citrate incubations, although no hematite was detected [166]. Most likely 

recrystallization of citrate-incubated ferrihydrite (citr/Fe = 0.16) was inhibited due to less 

aggregation caused by adsorbed citrate [169]. 

Adsorption of citrate onto ferrihydrite surfaces led to an intense increase of symmetric and 

asymmetric C-O stretching modes (Fig. 3.6A). Three COO- groups of citrate are responsible for 

its anchoring on surfaces resulting in peak maxima near 1590 cm-1 for asymmetric stretching and 

at 1380 and 1440 cm-1 for symmetric stretching deformations [146]. Dialysis of ferrihydrite-citrate 

samples resulted in a single symmetric stretching peak at 1380 cm-1 [146], probably due to 

formation of inner-sphere complexes [170]. The symmetric C-O stretch at 1346 cm-1 shifted also 

to higher wavenumbers for adsorbed humic acids at C/Fe ratios of 0.3 and 0.9, suggesting a 

similar inner-sphere complexation as for Fe-citrate (Fig. 3.6B). Furthermore, the asymmetric C-O 

stretching mode shifts to lower frequencies at a C/Fe ratio of 0.9, caused by weaker outer-sphere 

complexes [171]. 

 

4.2.2 Dissolution and colloid stabilization 

Abiotic citrate-induced dissolution rates of ferrihydrite increased with increasing initial citrate 

concentrations (Fig. 3.7A) which is in accordance with findings of Liang et al. [172]. Since 

ferrihydrite is a macroaggregate consisting of crystallites in the size range between 2 to 6 nm [8] 

the surface site density for citrate adsorption is higher compared to other Fe oxides. Citrate 

adsorption onto these “inner surfaces” between single aggregated particles leads to repulsive 
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forces between these particles. According to the DLVO theory [6, 7] attractive forces dominate if 

the electrochemical double layer shrinks due to neutralization of the positive surface charge with 

few adsorbed citrate anions. This effect can be seen at a citr/Fe ratio of 0.01 (Fig. 3.7A). Here, 

no ferrihydrite disaggregation was detected. At increasing citrate concentrations, the surface 

charge of ferrihydrite turned to negative values, resulting in electrostatic repulsion forces between 

single particles and colloid stabilization from ferrihydrite macroaggregates. Similar observations 

were described in a study about ferrihydrite coated quartz sand columns [172]. The citrate-

containing influent led to the release of ferrihydrite colloids from the ferrihydrite surface coating. 

The authors suggested interfacial forces between citrate coated quartz sand and citrate coated 

ferrihydrite led to repulsion between these different compounds. However, the authors did not 

take into account that citrate coatings may cause also electrostatic repulsive forces between small 

ferrihydrite aggregates. In my experiments, these electrostatic repulsion forces resulted in the 

disintegration of ferrihydrite macroaggregates to colloids of about 100 – 200 nm in diameter at 

citr/Fe ratios of at least 0.1 (Fig. 3.7C). No stably dispersed colloids were detectable at a citr/Fe 

ratio > 1 because of a complete dissolution of ferrihydrite with excess citrate. Stabilization of 

colloids also explained the higher Fe concentrations relative to citrate in filtrates of samples with 

citr/Fe ratios of 0.1 – 0.5. According to Martin [173], FeCitrH-1
- complexes dominate over 

FeCitr2
3- at pH values between 6 and 7. Consequently, I expected citr/Fe ratios of about 1 in 

filtrates if dissolution is the only process taking place. However, the results showed an actual ratio 

of ~0.4, which can be well explained by the presence of citrate-coated colloids.  

The stabilization of colloids may also cause the nonlinear dissolution of Fe over time (Fig. 3.9A). 

Liang et al. [172] attributed the nonlinear dissolution to the polydisperse nature of ferrihydrite, 

with aggregates and smaller particles present. Smaller particles dissolve faster than aggregated 

ferrihydrite resulting in a decrease of initial reduction after consumption of small particles. In my 

experiments, the decreasing dissolution rate within the first 10 h could be described by equation 

2.1 and represents the decreasing fast initial dissolution caused by vanishing of small particles. 

After citrate adsorption to the ferrihydrite aggregate surfaces, ligand exchange reactions between 

ferrihydrite and citrate started. These dissolution reactions weaken the intra-aggregate structure. 

Together with electrostatic repulsion forces between smaller aggregates, this leads to separation 

and colloid stabilization. At a citr/Fe ratio of 0.1 approximately all citrate molecules were 

adsorbed at the time point of colloid stabilization. After ligand exchange, ferric citrate detached 

from the surfaces. Further dissolution was not possible since all citrate was saturated with ferric 

Fe. Therefore, the dissolution could be perfectly described with equation 2.1. At citr/Fe ratios > 

0.1 a certain amount of citrate remained in solution when all surface sites of the ferrihydrite 

macroaggregates were occupied with citrate. After formation of a stable colloidal suspension 
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(after ~10 h) the available surface area and the amount of sorption sites increased, leading to 

adsorption of “free” citrate and subsequently to an accelerated dissolution, described by equation 

2.2. With increasing citr/Fe ratios the influence of the dissolution of these approximately 

spherical colloids increased (equation 2.3). 

Based on these results I propose an extended dissolution mechanism (Fig. 4.2):  

(i) adsorption of citrate on initially present ferrihydrite colloid surfaces 

(ii) fast dissolution of small, less aggregated particles  

(iii) adsorption of citrate onto surfaces of ferrihydrite macroaggregates until saturation of 

sorption sites occurs  

(iv) weakening of the surface structure induced by ligand exchange  

(v) electrostatic stabilization of smaller, aggregated particles due to citrate coating and 

stabilization of colloids, resulting in an increased amount of available surface sorption sites  

(vi) fast adsorption of residual citrate onto new colloidal surfaces and dissolution according to the 

model of Furrer and Stumm [174]. 

 

Fig. 4.2: Schematic illustration of ferrihydrite dissolution and colloid stabilization in the presence of 
citrate. Citrate dissolves ferrihydrite via ligand exchange. Adsorbed citrate species on ferrihydrite surfaces 
stabilize single colloids by electrostatic repulsion. 
 

The used Gohy humic acids did not lead to the stabilization of colloids from ferrihydrite 

macroaggregates. In contrast to citrate, humic acids dissolved less Fe from ferrihydrite (Fig. 3.7B) 

leading to less disaggregation of the macroaggregate surfaces compared to citrate. I propose that 

weakening of macroaggregate surfaces and cracking of intra-aggregate bonds by dissolution is 

required for colloid stabilization. 
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4.2.3 Microbial reduction of ferrihydrite in the presence of citrate 

Initial microbial reduction rates of ferrihydrite incubated with G. sulfurreducens increased with 

increasing citrate concentrations exceeding a critical minimum concentration (Fig. 3.8). No 

enhanced reduction was observed at a citr/Fe ratio of 0.03 compared to a ratio of 0.0. This 

observation was probably caused by the strengthening of aggregates due to surface charge 

neutralization and therefore decreased bioaccessibility of Fe. Differences of initial reduction rates 

of samples with citr/Fe ratios between 0.14 and 0.58 are rather low (0.146 – 0.184 mM h-1) 

suggesting that maximum reduction rates are almost reached at a citr/Fe ratio of 0.14.  

Calculations of microbial ferrihydrite reduction, which are based on the reduction of dissolved 

Fe, cannot describe the fast reduction during the first 10-20 h (citr/Fe = 0.14-0.58). This 

indicates that dissolved Fe is not the only highly available Fe source in the system (Fig. 3.9D). I 

propose that the differences between calculated and measured microbial reduction rates are 

caused by the formation of a stable colloidal suspension which was neglected in the calculations. 

Stably dispersed colloids, as a highly bioavailable Fe source, can be reduced by G. sulfurreducens 

within a few hours, leading to prolonged high reduction rates. My results indicated that the 

influence of stabilized colloids is more pronounced at low citrate concentrations because the 

dissolved Fe citrate fraction is rather small. With increasing ratios this difference decreases. I 

interpret this observation as a decrease of the concentration of stably dispersed colloids, caused 

by citrate-mediated dissolution of the colloidal fraction. This means that the dissolved fraction 

increases. Therefore, calculated and measured kinetics converge, because the calculations were 

based on dissolved Fe only, and not on colloidal Fe. This shows that stable suspensions of 

ferrihydrite colloids are highly bioavailable, in the same range as dissolved Fe.  

The coupled mechanism of citrate-induced dissolution and colloid stabilization from ferrihydrite 

macroaggregates also explains the catalytic effect of colloidal ferrihydrite on macroaggregate 

ferrihydrite reduction in a recent study [33]. Similar to the present study, cell suspension 

experiments with G. sulfurreducens, grown on ferric citrate were conducted. In contrast to my 

study, the cell pellets were washed only once instead of twice, leading to higher residual citrate 

concentrations in the cell suspension which were then added to the ferrihydrite phase. In 

experiments with only ferrihydrite macroaggregates, this added citrate had no effect because the 

concentration was too low. According to the results presented here and without further addition 

of citrate-containing colloids, the molar citr/Fe ratio of ≤ 0.04 resulted in a stronger aggregation 

of ferrihydrite particles and therefore no enhancement of microbial Fe oxide reduction. In 

contrast, by addition of 10% colloidal ferrihydrite, the influence of citrate became more 

important, because the used ferrihydrite colloids were synthesized with ferric citrate. With 

addition of these colloids the citrate concentration increased, most likely to a citr/Fe ratio of at 
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least 0.1, leading to slight dissolution and colloid stabilization. Regarding my results, this cannot 

be ascribed to a catalytic effect of ferrihydrite colloids on microbial ferrihydrite reduction but to 

an increased amount of stabilized colloids. In the light of this finding I exclude the formerly 

proposed function of ferrihydrite colloids as electron shuttles [33]. 

Gohy humic acids did not induce colloid stabilization in my experiments. Enhancement of 

microbial Fe oxide reduction in the presence of humic acids can therefore completely be 

attributed to electron shuttling between microbial cells and Fe oxides [40, 42, 45, 175]. However, 

colloids produced by coprecipitation of humics with ferric Fe might exhibit other properties. 

 

 

4.3 Reduced biotic and abiotic reactivity of ferrihydrite nanoparticles below a critical 

aggregate size5 

 

4.3.1 Secondary minerals 

XRD and FTIR confirmed the presence of different higher crystalline Fe oxides (lepidocrocite, 

goethite, and akaganeite) in the ferrihydrite samples 2LFh 3 and 6LFh 2 (Tab. 3.3). I termed these 

Fe oxides secondary minerals even though they were likely precipitated at the same time as 

ferrihydrite. Differences between the two methods have to be assigned to different sensitivities. 

FTIR analysis revealed the presence of lepidocrocite and goethite for 6LFh 2; the latter could not 

be confirmed by XRD analysis. Due to the absence of Cl- during synthesis, the peak in the 

diffractogram at 14.5°2θ cannot be ascribed to akaganeite [β-FeO(OH,Cl)]. Therefore, it is 

assigned to a contaminating phase, which could not be definitely identified. 

The lowest abiotic and biotic reduction rates were observed for 2LFh 3 and 6LFh 2, the samples 

with the highest amounts of akaganeite and a variety of lepidocrocite, goethite, and akaganeite, 

respectively (Fig. 3.12). Literature describing biotic and abiotic reduction rates of akaganeite are 

scarce but biotic reduction by G. sulfurreducens revealed a two-fold faster initial reduction of 2-line 

ferrihydrite (4.1 · 10-7 mol L-1m-2min-1) compared to akaganeite (1.4-2.4 · 10-7 mol L-1m-2min-1) 

[176]. A study of Larsen and Postma revealed much lower abiotic reduction rates with ascorbic 

acid as reducing agent for lepidocrocite and goethite (k’ = 5.4 · 10-6 – 8.1 · 10-5 s-1) compared to 

2-line ferrihydrite (k’ = 6.6 – 7.6 · 10-4 s-1), but similar to 6-line ferrihydrite (k’ = 7.4 · 10-5 s-1) [21]. 

Several other studies proved lower reduction rates for higher crystalline Fe oxides compared to 

ferrihydrite [20, 25]. These results might explain the low abiotic reactivity of 6LFh 2 in my 

experiments, as it was a mixture of 6-line ferrihydrite, goethite, and lepidocrocite. However, my 

results were reproducible also with other 6LFh 2 nanoparticles which did not contain XRD 
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detectable amounts of secondary minerals like goethite and lepidocrocite (Appendix Fig. A4.2). 

Not all the 6-line ferrihydrite samples were less reactive than 2-line ferrihydrite. 6LFh 1 showed 

similar biotic and abiotic reduction rates as 2-line ferrihydrite (Fig. 3.12).  

 

4.3.2 Influence of specific surface area and micropores on initial reduction rates 

The comparison of biotic and abiotic reduction rates with the specific surface areas of the 

respective ferrihydrites showed no correlation (Fig. 3.12). This is in good agreement with the 

findings of Larsen and Postma [21]. An underestimation of the specific surface areas of the 

ferrihydrites is likely a result of the freeze-drying procedure, leading to the formation of larger 

aggregates [177]. Therefore, 6LFh 2 did not have a larger specific surface area as the other 

samples, although this ferrihydrite was the only stable, non-aggregated suspension with 

hydrodynamic diameters of 7 nm (Tab. 3.3). Although hydrodynamic diameters of 162 nm were 

also measured, the 7 nm particles dominate the larger aggregates. Additionally, the accuracy of 

the BET method is limited because the relatively large N2 molecule cannot enter small pores 

[134]. I hypothesize that correlations between the initial reduction rates and the specific surface 

areas, as it was shown in several studies [25, 178], are valid for comparisons of Fe oxides with 

different crystallite sizes. Ferrihydrite, as a nanomineral consisting of 2-6 nm sized particles, 

forms large aggregates during the freeze-drying procedure. Here, the aggregation mechanism, 

which is triggered by e.g. ionic strength or initial pH, is decisive for controlling the aggregate size 

in the freeze-dried state and therefore determines the BET specific surface area [126]. It is likely 

that the influence of the aggregation state on the BET specific surface area is more pronounced 

for ferrihydrites with similar crystallite sizes than for Fe oxides with crystallites of a larger size 

range. 

For the samples 2LFh 1, 2LFh 2, and 6LFh 1 micropores were detectable by N2 physisorption 

measurements (Tab. 3.3). Consequently, these ferrihydrites were faster reduced with ascorbic acid 

than 2LFh 3 and 6LFh 2 because microporosity facilitates reduction [179]. This is also valid for 

the initial biotic reduction rates, except for 2LFh 1. It is likely that the low reduction rates of 

2LFh 3 and 6LFh 2 are attributed to the high amount of higher crystalline Fe oxides associated 

with the ferrihydrite. 6LFh 1, a pure ferrihydrite without secondary minerals, possesses a lower 

degree of crystal order than 2LFh 3 and 6LFh 2. Consequently, the initial biotic and abiotic 

reduction rates of 6LFh 1 are much higher [25].  

 

4.3.3 Adsorbed anions 

The presence of nitrate in 2LFh 1 and 6LFh 2 as residue from the synthesis (Fig. 3.10) might 

cause enhanced abiotic reduction rates for macroaggregates (2LFh 1) but slightly lower reduction 
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rates for nanoparticles (6LFh 2). This was already observed with goethite nano- and microrods 

[66]. Here, the lower reduction rate for nanorods was explained by a stronger aggregation 

behavior, leading to smaller surface areas and therefore to a lower reactivity. FTIR data indicated 

a high amount of nitrate in the sample of 6LFh 2 but the nanoparticles did not aggregate. Single 

particles of 7 nm remained stable in suspension in MilliQ water or in 10 mM ascorbic acid. 

Adsorbed chloride from synthesis, as it was detected in XPS spectra of 2LFh 3 and 6LFh 1 in my 

preparations (Tab. 3.2), is probably also able to promote stronger aggregation of these samples. 

However, a decisive inhibitory effect of adsorbed chloride can be excluded because of the high 

reactivity of 6LFh 1. The low reactivity of 2LFh 3 is most likely attributed to the high amount of 

associated akaganeite.  

In the study of Rubasinghege et al., adsorbed carbonate had a more pronounced effect than 

nitrate [66]. The authors explained these differences with different adsorption mechanisms of 

carbonate for micro- and nanorods. They proposed the formation of monodentate complexes of 

carbonate on the goethite microrod surface but stronger bidentate binuclear complexes with 

nanorod surfaces. Depending on the adsorption mechanism, the splitting between the symmetric 

(~1360 cm-1) and asymmetric (~1477 cm-1) C-O stretching is smaller for monodentate complexes 

than for bidentate or binuclear complexes. For monodentate binding of carbonate to the Fe 

oxide phase, splitting values of ~113 cm-1 were observed [180], which is in good agreement with 

the splitting values of all used ferrihydrites in this study with 102 – 123 cm-1, except for 6LFh 2 

with a higher value of 142 cm-1.  

This finding suggests, in accordance with Rubasinghege et al., an increasing tendency of 

carbonate to form both monodentate and bidentate complexes with ferrihydrite nanoparticles, 

leading to a stronger passivation of the surface and therefore to lower reactivities [66]. However, 

the FTIR spectroscopic and XPS results were obtained with freeze-dried samples under 

atmospheric conditions, leading to contamination with ambient C species prior to XPS and FTIR 

spectroscopic measurements. Fe oxides used for these studies were prepared under atmospheric 

conditions, leading to complex formation of C species with the Fe oxide surfaces. After synthesis, 

all aqueous Fe oxide solutions were flushed with N2 for at least 30 min to make the samples 

anoxic. Fast desorption of 70-80% carbonate from the Fe oxide surface under inert gas 

conditions after 20 min has been observed before [180]. Assuming a similar carbonate desorption 

behavior for Fe oxides used in this study, the inhibitory effect caused by adsorbed carbonate on 

ferrihydrite nanoparticle surfaces of 6LFh 2 can be neglected. 
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4.3.4 The role of adsorbed Fe2+ 

Fitting of the Fe2p3/2 peak of the XPS spectra resulted in ferrous Fe concentrations in a range of 

2-16% for most ferrihydrite samples and a range of 15-20% for 2LFh 2. The presence of 

detectable amounts of Fe2+ is peculiar in oxic, freeze-dried samples, but it has to be taken into 

account that the respective Fe2+ concentrations are even higher in aqueous, anoxic samples. 

Adsorbed Fe2+ has been shown to passivate Fe oxide surfaces and therefore inhibit long-term 

microbial Fe oxide reduction [181]. The highest concentration of adsorbed Fe2+ was detected for 

2LFh 2. Consequently, microbial reduction of 2LFh 2 should be suppressed by Fe2+. Surprisingly, 

2LFh 2 was the most reactive ferrihydrite in microbial reduction experiments. Recent studies 

revealed coupled dissolution via electron transfer from adsorbed Fe2+ to mineral bound Fe(III), 

and mineral growth at separate crystallographic mineral sites [182-184]. The authors proposed 

that electrons flow through the crystal bulk in a “conveyor belt” mechanism. I speculate that a 

similar mechanism for ferrihydrite with adsorbed Fe2+ is valid, so that the effect of dissolution 

and mineral overgrowth should be most pronounced for 2LFh 2. Abiotic recrystallisation of 

ferrihydrite to goethite and lepidocrocite induced by aqueous Fe2+ was already confirmed [185]. 

The presence of different ions from the microbial low salt medium probably led to the 

incorporation of ions and therefore to increased structural disorder of the fresh precipitates [62]. 

Higher bioavailability due to the lower crystallinity of these newly formed Fe oxide layers 

compared to the initial ferrihydrite might lead to higher long-term reduction rates, explaining the 

high microbial reduction rate of 2LFh 2 compared to the other ferrihydrite samples. This means 

that, in contrast to the study of Pedersen et al. [185], less crystalline Fe oxide phases than goethite 

or lepidocrocite might have been formed, possibly triggered by the presence of different salts, 

trace elements, and vitamins in the microbiological medium. Lepidocrocite in particular forms 

easily during aeration of FeCl2 solutions [134] whereas oxidation of reduced, Fe2+ bearing soil 

column effluents, containing significant amounts of natural organic matter and ions, led to the 

formation of ferrihydrite [9]. 

This effect occurred in the present experimental setup because the rate of microbial reduction by 

G. sulfurreducens is rather slow compared to other studies [9], potentially providing enough time 

for the development of mineral surface layers.  

 

4.3.5 Structural properties of ferrihydrite 

The structural model of Drits et al. proposes a three-component-system for ferrihydrite: (i) a 

nanoporous defect-free ferrihydrite phase, (ii) defective ferrihydrite, and (iii) fine dispersed 

hematite [186]. According to this theory, all ferrihydrites are mixtures of 6-line ferrihydrite and 

hematite at different ratios and with different coherent scattering domains. The XRD 
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diffractograms of 2LFh 1 and 2LFh 2 fit very well to calculated XRD curves of a mixture of 

defective and defect-free ferrihydrite and fine dispersed hematite, with all components having 

very small scattering domains [186]. The diffractogram of 6LFh 2 is also in accordance with this 

theory. Differences between 6LFh 1 and 6LFh 2 were broader full widths at half maximum of 

the peaks for 6LFh 1, meaning lower crystallinity of 6LFh 1 compared to 6LFh 2. The 

diffractogram of 6LFh 2 showed a very diffuse maximum at ~38°2θ, which is not present in the 

diffractogram of 6LFh 1 (Fig. 3.11). According to Drits et al. such diffuse maxima derive from 

the fine dispersed hematite phase, which is more dominant in 6LFh 2 [186]. The peak at 31.12°2θ 

of 6LFh 2, which was previously assigned to akaganeite or lepidocrocite, might also be explained 

by a super lattice reflection of the defective ferrihydrite phase [186].  

An important aspect of the structural ferrihydrite model of Drits et al. is the presence of channels 

and cavities in the defect-free ferrihydrite phase [186]. A recent study with three different 2-line 

ferrihydrites observed a proportional relationship between solubility of the samples in HCl and 

the presence of micropores [179]. In accordance with these findings, 10 mM of the samples 2LFh 

1, 2LFh 2, and 6LFh 1, respectively, were immediately dissolved in 1 M HCl, whereas 6LFh 2 

was only partly dissolved after 30 min (Fig. 3.13). Micropore analysis of the ferrihydrite samples 

revealed the presence of micropores for 2LFh 1, 2LFh 2, and 6LFh 1, but no micropores for 

2LFh 3 (which is mainly akaganeite) and 6LFh 2 (Tab. 3.3). These findings, together with the 

XRD peak at 31.1°2θ, suggest the dominant presence of defective ferrihydrite and fine dispersed 

hematite in sample 6LFh 2, but low concentration of porous defect-free ferrihydrite. 

 

4.3.6 Dissolution self-inhibition for small aggregates 

This study showed that non-aggregated ferrihydrite nanoparticles like 6LFh 2 are less reactive 

than larger aggregates. This is in conflict with other studies. In a recent publication, the abiotic 

dissolution of nanoparticulate goethite with HNO3 decreased significantly with increasing particle 

size and with an increased aggregation state [187]. Initial dissolution rates of hematite with 

ascorbic acid were faster for 7 nm particles (9.11 ± 2.24 · 10-7 mol m-2 h-1) than for 30 nm 

particles (4.48 ± 1.62 · 10-7 mol m-2 h-1) [22]. The main reason for the higher reactivity of the 7 

nm particles was attributed to the presence of fine dispersed nanoparticles which dissolved much 

faster than aggregates, whereas the reductive dissolution of the larger nanoparticles was initiated 

from surface defects like pits and edges. These observations cannot be confirmed for ferrihydrite 

in the present study.  

Mineral dissolution starting from edges and ledges on the surface very likely has a bigger 

influence on bulk dissolution than the dissolution at atomic-scale defects and dislocations [188]. 

The dissolution “stepwave” model extended this theory: at the beginning of dissolution, etch pits 
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open up on the mineral surface, causing the development of stepwaves [189]. Those stepwaves 

can travel over the mineral surface and might control the bulk dissolution. Furthermore, only 

larger pits (of size greater than a critical value) are active for dissolution of hydroxyapatite [23]. If 

the crystallite size decreases to the same size range as the critical pit size, the dissolution of 

hydroxyapatite was inhibited because dominantly smaller pits were formed, which are not active 

in dissolution. Assuming that these mechanisms can be applied also to the dissolution of 

ferrihydrite, two properties of 6LFh 2 have to be taken into account: (i) the low aggregation state 

and (ii) the low porosity. I postulate that aggregation of particles produces a certain amount of 

edges and steps on the aggregate surface which are not present on surfaces of single crystals. 

Those surface defects, present in aggregated ferrihydrites, can act as nucleating holes for etch pits 

and become a constant source of stepwaves [189], leading to fast dissolution. In 6LFh 2, these 

aggregation-mediated defects are absent and only small etch pits can develop, which are less 

reactive, resulting in lower dissolution kinetics. This effect is reproducible with an akaganeite-

containing ferrihydrite, which was prepared according to the protocol of Larsen and Postma [21]. 

The particles were in the same size range as 6LFh 2 and did not aggregate, but showed a similarly 

low abiotic reactivity in ascorbic acid (Appendix Fig. A4.3). The reactivity of these nanoparticles 

are below the reactivity of 2LFh 3, which also contained akaganeite as dominate Fe species. In 

both preparations no micropores were detected, meaning that the higher reactivity of the 

aggregates was not determined by a higher porosity. 

The low porosity of 6LFh 2 might have the same effect on its reactivity as the low aggregation 

state. Similar to higher surface roughness arising from aggregation, pores can function as 

nucleating holes for etch pits. Both effects are hard to distinguish during abiotic reductive 

dissolution experiments with ascorbic acid because aggregation was inhibited for all ferrihydrite 

samples. This implies that the observed reduction rates were mainly triggered by pore sizes (2LFh 

1 = 2LFh 2 > 6LFh 1) and eventually crystallite size. In contrast, all ferrihydrites aggregated in 

microbial low salt medium in biotic batch incubations due to the presence of ions and the near 

neutral pH. Therefore, the influence of aggregation and surface defects increased. This effect is 

probably responsible for the reverse initial reduction rates for 2LFh 1 and 2LFh 2 in biotic and 

abiotic experiments. Whereas 2LFh 1 formed loose aggregates, 2LFh 2 formed large, mainly 

irreversible flakes. It is likely that these flakes stem from ferrihydrite attached to bacterial cell 

surfaces [31]. 

In summary, the low aggregation state and low porosity of 6LFh 2 seem to trigger its reactivity. 

My hypothesis implies that a stable nanoparticulate ferrihydrite suspension with low aggregation 

state is less reactive than a more aggregated suspension if both porosity and the amount of 

crystallite surface defects of the respective ferrihydrite preparation are very low. 
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5 Summary, conclusions, and outlook 

 

Iron oxide reduction is a major respiratory process especially in anoxic soils and groundwaters. In 

contrast to other electron acceptors such as nitrate and sulphate, the microbial availability is 

limited by its poor solubility under circumneutral pH conditions. Microorganisms developed 

several strategies to overcome this limitation e.g. by shuttling substances that can facilitate the 

electron transfer between microbial cells and structural Fe(III) centers of Fe oxides. In other 

cases microbial reduction was promoted by partial dissolution of Fe oxides by excretion of 

complexing ligands or the presence of extracellular ligands. The solubility and its controlling 

factors are of major importance for microbial reduction processes and are the main focus of this 

study. 

The goal of the thesis was to determine which mineralogical features are decisive for ferrihydrite 

reactivity and how organic ligands promote microbial accessibility.  

The first objective of this study was to evaluate the commonly applied photochemical Fe 

determination methods using ferrozine and phenanthroline as complexing agents. Based on these 

results the applied Fe determination method for the other projects of the thesis was chosen. Both 

methods turned out to be reliable in determination of ferrous and total Fe concentrations of 

dissolved or easily soluble Fe species. For higher crystalline Fe oxides (e.g. goethite, magnetite) 

the extraction method is more important than the choice of the photometrical method. 

Especially heating of samples diluted with 6 M HCl is very efficient in dissolving all crystal bound 

Fe but fast abiotic oxidation makes ferrous Fe determination impossible after this treatment. 

Therefore, extraction at room temperature and subsequent centrifugation is needed to avoid 

abiotic oxidation and interference of turbid solutions with the photometric reagent. Attention has 

to be paid for microbial samples. Metabolic products of cells may form strong complexes with Fe 
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which are resistant against 1 M HCl, leading to underestimation of measured Fe with the 

ferrozine method. Possibly, phenanthroline can dissolve these complexes.  

However, the harmful effects of phenanthroline to health and the smooth application of the 

ferrozine method for a large amount of samples led to the decision to use the ferrozine method 

for all experiments of the thesis. The recommendations on the proper usage of the Fe 

determination methods have been made available to the scientific community [144]. Now, based 

on a wide dataset the proper method for a specific application can be chosen what ensures 

reproducible measurements.  

The chapters 3.2 and 4.2 are dealing with the influence of citrate on microbial Fe oxide reduction. 

Until now, the chelating effect of low molecular weight organic acids like oxalate or citrate was 

extensively investigated (e.g.[190-192]). This process is of environmental significance because 

plant roots excrete those substances in times of Fe or phosphorous deficiency to increase the 

concentration of accessible nutrients [193-195]. Only dissolution processes and factors involved 

were studied so far. However, chelator-induced dissolution of Fe oxides requires the adsorption 

of the chelating agent like citrate. The present study provides a theory involving the formation of 

stable colloidal suspensions from macroaggregate ferrihydrite driven by electrostatic stabilization 

of sub-aggregates in the nanosize range. These stabilized colloids are more reactive than 

macroaggregates and therefore better accessible to Fe-reducing microorganisms, leading to higher 

reduction rates.  

In the environment, the formation of stably dispersed Fe oxide colloids induced by citrate or 

oxalate excretion in rhizospheres may be an important source for mobile colloids. Considering 

the results of this thesis, those colloids could increase the microbial availability of Fe oxides in 

soils significantly. This is of vital importance in soils with oxidic and reduced horizons as a result 

of contact with groundwater (gley) or stagnating surface water (stagnosol). Here, Fe oxide redox 

cycling [67, 68, 74] is taking place, involving the coupling of Fe oxide reduction in anoxic zones 

and the subsequent oxidation of ferrous Fe in oxic compartments. The presence of Fe oxide 

colloids could significantly facilitate this mechanism. At sites contaminated with organic 

compounds like BTEX, higher turnover rates of Fe oxide colloids might then probably result in 

faster degradation of these organic substances, used as electron donor for Fe reducing 

microorganisms. 

Furthermore, the generation of stably dispersed colloids could increases the mobility of Fe oxides 

in soils. Those particles can be relocated by e.g. seepage water. Caused by the high affinity of 

heavy metals and metalloids to Fe oxide surfaces, a co-transport and further distribution of these 

pollutants is likely. 
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The increased reactivity of nanosized ferrihydrite aggregates compared to their macroaggregate 

counterparts is in accordance with observations of other studies [9, 33]. Nanoparticles are 

considered to be highly reactive due to their large specific surface area, higher amount of reactive 

surface sites, and variations in their atomic structure. With increasing aggregation state, the 

surface area and the reactive surface sites decrease, leading to reduced reactivity. The findings 

presented in the chapters 3.3 and 4.3 cannot support this commonly applied theory. They rather 

show that ferrihydrite with a weak aggregation state loses its reactivity drastically. Caused by 

fewer surface defects or structural changes the reactivity decreases below the level of 

macroaggregates. With a low aggregation state structural properties like microporosity determine 

the reactivity of ferrihydrite. These results indicate that the reactivity of minerals does not 

necessarily increase if size decreases to a few nanometres. These findings are of critical 

importance for Fe-based remediation technologies like permeable reactive barriers. Furthermore, 

ferrous Fe adsorbed onto ferrihydrite surfaces seemed to promote microbial Fe oxide reduction 

by a coupled mineral growth – dissolution mechanism instead of inhibition as it was described 

previously [181].  

The results of the thesis have shown that a decreasing aggregate size to a certain extent of about 

100-200 nm enhances microbial reactivity drastically. Disintegration of macroaggregates to the 

nano-scale may provide a pool of highly bioaccessible Fe oxides in the environment. However, 

with decreasing aggregation state below a critical size, reactivity diminishes again. This is the first 

time a break in the usual pattern of Fe oxide nanoparticle reactivity was reported, highlighting the 

need for deeper investigations. Therefore, indications are given that at least ferrihydrite needs the 

assemblage of several particles to provide the maximal reactivity.  

These findings can be of special interest for material science and biotechnology where the field of 

engineered nanoparticles is thriving. Nanoparticles and nanofluids have seen an enormous 

growth in popularity during the last two decades [196] because of their outstanding properties 

compared to larger particles. They are widely applied e.g. as catalysts, solar absorbers, microwave 

absorbers, and in biomedicine. The distribution of a variety of nanoparticles in the environment 

is concomitant with the increased production of engineered nanoparticles. The investigation of 

their fate in soils, sediment, and groundwaters as well as their interactions with micro- and soil 

organisms, plants and fungi is a growing research field. Surfaces of those nanoparticles alter 

under environmental conditions, causing changes of their properties and therefore their 

interactions with the environment. The toxicity of nanoparticles is strongly discussed. The 

awareness that some materials lose their reactivity with decreasing particle or aggregate size by 

changed surface properties can be of importance for the development of production processes. 

Probably, engineered nanoparticle production might be optimized towards less toxicity. The 
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design of nanoparticles is decisive for their interactions with biological systems and determines 

their interactions with serum proteins or cell membrane receptors and therefore also the toxicity 

and gene expression [197].  

This directly leads to the question if the mechanism of Fe reduction depends on the particle or 

aggregate size and surface properties of the respective Fe oxides. For Geobacter sulfurreducens 111 

putative c-type cytochromes were identified and led to the suggestion of multiple electron 

transport pathways [2]. The production of electrically conductive pili (“nanowires”) but also 

electron hopping between single cells in a G. sulfurreducens biofilm to an electrode were discussed 

[198]. An interesting question is if different cytochromes are involved if G. sulfurreducens is 

exposed to large ferrihydrite aggregates (>1 µm), highly bioavailable colloids (100-200 nm), or 

single crystallites with a low reactivity, or how Geobacter biofilms adapt to changes in particle 

structure. 

The results of this thesis are also of use for novel remediation technologies as it is under 

development by the Nanosan-Project. Here, Fe oxide nanoparticles are planned to be injected 

into a highly BTEX-contaminated aquifer to stimulate microbial Fe oxide reduction and 

therefore the oxidation of organic contaminants. The choice of appropriate nanoparticles is of 

decisive importance for the success of the remediation procedure. Nanoparticles with a low 

aggregation state do not have the potential to enhance microbial Fe oxide reduction. 

Furthermore their low reactivity would prevent possible synergistic effects with substances 

present in the aquifer. However, more reactive ferrihydrite colloids possibly coated with humic 

substances to enhance their colloidal stability under groundwater conditions are more promising.  

The thesis also demonstrates the large range of reactivities of pure synthetic ferrihydrite and how 

such an “artifical” reactivity increases under slightly more “natural” conditions. Increasing the 

complexity of the system only by adding one substance (citrate) increases the reactivity of 

ferrihydrite drastically. It was already shown that natural ferrihydrite colloids exceed synthetic 

ferrihydrite reactivities [9]. This rises the question whether the reactivity and the turnover of 

natural Fe oxides is significantly underestimated until now. 

Synthesis of impurity-bearing ferrihydrites as they occur in nature and the observation of 

reactions of synthetic ferrihydrite colloids under environmentally relevant conditions could be 

essential to improve the understanding on the fate of Fe oxides in soils and aquifers.  This would 

also improve the application of Fe oxides in natural remediation technologies. Follow-up projects 

could pick out the adsorption of BTEX compounds or metabolites onto ferrihydrite surfaces as a 

central theme. The question is whether those substances have the potential to stabilize colloids 

from larger aggregates in a similar way as citrate does. In case that the electrostatic stabilization 

mechanism is valid also for BTEX compounds the injection of colloids to a contaminated aquifer 
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could potentially induce a self-sustaining process. Enhanced microbial reduction may affect also 

Fe oxides of the aquifer or soil matrix, leading to a certain destruction of aggregates present in 

the porous medium. Additional electrostatic repulsive forces lead than possibly to colloid 

stabilization from soil aggregates.  

Synthesis of ferrihydrite colloids under more environmentally relevant conditions would include 

the coprecipitation of ferrihydrite with natural organic matter or different salts and a combination 

of both. The synthesis of ferrihydrite in a microbial medium (containing different salts and 

vitamins) in the presence of not Fe-reducing microorganisms is conceivable. The incorporation 

of these substances and microbial cells or cell debris probably leads to distorted crystal structures 

and a lower crystallinity. Structural characterization of changed crystal properties and the 

determination of changing microbial reduction rates would provide new insights into the 

understanding of the high reactivities of natural Fe oxides. Furthermore, incorporation of cations 

into the crystal lattice probably has a huge impact on the aggregation state of ferrihydrite. 

Experiments with those ferrihydrites have the potential to support or to refute the hypothesis, 

based on the outcomes of the present thesis, that the aggregation state of ferrihydrite triggers its 

reactivity. 

The use of natural organic matter for coprecipitation or adsorption experiments with ferrihydrite 

is important for the evaluation of electron shuttling substances in the environment. Reduction of 

those coprecipitates by an Fe-reducing strain may show if natural organic matter, containing e.g. 

lignin, fatty acids, cellulose and hemicellulose, has the potential to shuttle electrons between Fe 

reducing microorganisms and Fe oxides, similar to humic acids. Doubts about the environmental 

relevance of shuttling processes by humic acids are justified because these substances are only 

extracts of natural organic matter under strong alkaline conditions and probably do not exist in 

nature. 

Results of the present thesis gave indications that adsorption of Fe2+ onto ferrihydrite surfaces 

led to recrystallization and therefore to higher bioavailability of ferrihydrite. Further experiments 

can prove if such a process is really taking place. Incubation of ferrihydrite with an Fe(II) salt in a 

sterile microbial medium and subsequent determination of the mineralogy and crystallinity may 

show if Fe2+ really triggers recrystallization processes in this special case. Furthermore, the impact 

of possible new Fe oxide phases on microbial accessibility can be determined.  

Overall, this thesis provided deeper and novel sights into the reactivity of Fe oxides. It turned out 

that the surface structure of ferrihydrite is a key factor for its solubility and microbial 

bioavailability. Furthermore, this work provides an extended mechanism for ligand-induced 

dissolution of ferrihydrite, including a colloid stabilization step via electrostatic stabilization, 
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which plays a significant role in microbial Fe oxide reduction. Thereby, the study opens a new 

perspective of nanoparticle reactivity in general and facilitates new approaches for investigations. 
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Appendix 
 
Tab. A3.1: Measured values of Fig. 3.2 a. Data indicate total iron concentrations in mM, measured with 

phenanthroline (phen), ferrozine, or ICP-OES. 
 

1 M HCl, 21 °C 

 phen  SD ferrozine SD ICP 

Fe(II)   9,5 0,2   8,0 0,4   9,2 

Fe(III)   8,9 0,1   7,7 0,6   8,6 

Fe(II)/(III)   9,6 0,2   9,9 0,7   8,6 

Fh 54,1 0,7 48,4 2,1 51,4 

Magn 29,8 0,7 27,7 1,3 31,3 

GtM   7,9 0,1 14,6 1,6 36,0 

Gt   0,8 0,0   0,5 0,1   9,5 

      

6 M HCl, 21 °C 
 phen  SD ferrozine SD ICP 

Fe(II) 10,2 0,2 10,5 2,6   9,3 

Fe(III)   9,4 0,2   7,7 0,6   8,6 

Fe(II)/(III)   9,9 0,1 10,3 1,5   8,9 

Fh 56,4 1,0 51,5 1,7 51,4 

Magn 25,4 0,5 23,5 0,1 31,3 

GtM 40,1 0,6 35,8 1,2 36,0 

Gt   4,1 0,1   2,2 0,3   7,8 

Py   4,3 0,1 11,7 0,3 34,7 

      

6 M HCl, 60 °C 

 phen SD ferrozine SD ICP 

Fe(II)   9,7 0,2   9,2 0,1   9,3 

Fe(III)   9,3 0,1   8,5 0,2   8,6 

Fe(II)/(III)   9,4 0,1   9,2 0,5   8,9 

Fh 56,8 1,6 50,5 1,6 51,4 

Magn 32,9 0,6 30,1 1,5 31,3 

GtM 38,9 0,2 35,6 0,7 36,0 

Gt   7,6 0,1   9,4 0,9   8,7 

Py 31,7 0,7 50,3 1,3 34,7 

 



 II

Tab. A3.2: Measured values of Fig. 3.2 b. Data indicate ferrous iron concentrations in mM, measured with 
phenanthroline (phen) and ferrozine. 

 

1 M HCl, 21 °C 

 phen SD  ferrozine SD  

Fe(II)   9,1 0,1 10,6 0,1 

Fe(II)/(III)   0,6 0,0   0,4 0,1 

Fh   0,3 0,0   0,4 0,0 

Magn 12,7 0,2 11,5 1,0 

GtM   2,1 0,1   0,8 0,4 

     

 

6 M HCl, 60 °C 

 phen SD  ferrozine SD  

Fe(II)   1,3 0,0   1,2 0,1 

Fe(II)/(III)   0,0 0,0   0,0 0,0 

Fh   0,5 0,0   0,5 0,0 

Magn   2,3 0,0   3,0 0,1 

GtM   1,7 0,1   2,2 0,0 

Py 38,6 0,4 26,1 3,0 

     

 
 
 
Tab. A3.3: Measured values of Fig. 3.2 c. Data indicate ferrous iron concentrations in mM, measured with 

phenanthroline and ferrozine. 

 
 

Phenanthroline Ferrozine 

 oxic 60 °C SD anoxic  60 °C SD oxic 60 °C SD anoxic 60 °C SD 

Fe(II) 1,4 0,0  2,5 0,0 1,2 0,1 2,3 0,0 

Fe(II)/(III) 0,0 0,0 -0,1 0,0 0,0 0,0 0,0 0,0 

Magn 3,5 0,0  4,6 0,0 3,0 0,1 3,7 0,0 

GtM 2,5 0,1   3,2 0,1 2,2 0,0 2,7 0,0 
Fh 
 

0,5 
 

0,0 
 

 1,0 
 

0,1 
 

0,5 
 

0,0 
 

0,9 
 

0,1 
 

 

6 M HCl, 21 °C 

 phen SD  ferrozine SD  

Fe(II) 10,8 0,3   9,7 0,2 

Fe(II)/(III)   0,1 0,0   0,2 0,0 

Fh   0,1 0,0   0,3 0,1 

Magn 11,3 0,2 10,9 1,1 

GtM   8,9 0,2   7,5 0,6 

Py 10,1 0,1   6,2 0,6 

     



 III

Tab. A3.4: Measured values of Fig. 3.3. Data indicate ferrous iron concentrations in mM, measured with 
ferrozine. 

time [min] Fe = 0,7 mM SD Fe = 1,4 mM 
 
SD 

  0 0,00 0,00 0,00 0,00 

  3 0,07 0,02 0,06 0,05 

  5 0,11 0,05 0,11 0,04 

  7 0,13 0,03 0,30 0,03 

10 0,14 0,02 0,33 0,03 

30 0,12 0,03 0,27 0,05 
 
 
 
Tab. A3.5: Measured values of Fig. 3.4a. Data indicate total iron concentrations in mM. Total Fe 

concentration measured with ICP-OES was 51.74 mM. 
 

 
 
 
Tab. A3.6: Measured values of Fig. 3.4b. Data indicate ferrous iron concentrations in mM under anoxic 

conditions. 
 

 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 

 
 
 
 

1M, 21 °C 6M, 21 °C 6M, 60 °C 
 

phen SD ferrozine SD phen SD ferrozine SD phen SD ferrozine SD 
 

58,48 3,81 61,48 1,89 58,96 7,82 52,00 2,48 59,60 2,44 53,18 2,36 
 

57,64 0,99 43,71 4,58 56,51 0,63 51,29 3,58 57,70 0,43 50,02 2,12 
 

55,89 0,54 53,02 2,53 60,27 2,27 47,32 2,88 60,05 0,54 49,47 0,54 
 

57,74 0,60 52,51 1,63 59,78 1,28 49,85 2,74 59,60 1,87 48,88 1,00 
 

65,07 1,76 53,94 0,64 61,70 0,87 52,11 0,98 63,16 0,20 53,21 1,34 
 

58,23 1,22 51,88 2,75 58,33 1,00 47,83 0,78 60,19 1,39 47,92 2,62 
 

58,72 1,46 50,91 2,01 58,70 0,62 47,93 0,62 57,47 0,41 48,78 0,69 
 

53,66 0,90 50,97 0,50 54,79 0,20 52,92 0,48 57,93  55,43 0,93 
 

49,86 0,35 48,94 0,71 53,27 0,31 52,38 0,33 56,64 0,19 55,44 0,84 
 

49,27 0,37 47,62 0,75 57,04 0,43 55,82 0,61 57,56 0,03 56,67 0,80 
 

53,00 1,13 50,38 4,88 55,62 0,92 54,22 1,46 55,30 0,97 54,14 0,96 
 

            

mean 56,14 4,51 51,40 4,39 57,72 2,53 51,24 2,74 58,65 2,14 52,10 3,16 

 1M, 21 °C 6M, 21 °C 6M, 60 °C 

time [h] phen SD ferrozine SD phen SD ferrozine SD phen SD ferrozine SD 

    0,00 1,4 0,1 0,6 0,2 0,3 0,0 0,8 0,0 0,0 0,0 -0,1 0,1 

  23,75 1,8 0,2 1,3 0,2 0,8 0,1 1,3 0,0 0,3 0,1 0,5 0,1 

  46,50 2,0 0,8 0,7 0,1 0,5 0,1 1,0 0,1 0,2 0,1 0,0 0,1 

  71,50 1,9 0,0 0,9 0,1 0,7 0,1 1,3 0,1 0,6 0,1 0,4 0,2 

  93,50 2,0 1,9 1,4 0,1 0,8 0,0 1,3 0,1 0,0 0,4 -0,5 0,1 

164,50 3,5 0,1 2,5 0,2 2,1 0,1 2,3 0,3 1,1 0,1 0,5 0,1 

237,00 15,3 0,4 10,5 1,3 12,5 0,3 10,7 0,3 6,5 0,1 5,0 0,6 

351,50 26,9 1,3 23,4 1,9 24,9 3,0 30,4 9,8 -0,1 0,2 -0,1 0,2 

503,75 24,8 0,2 24,0 3,0 23,6 1,0 27,9 11,2 9,2 0,1 7,2 1,7 

552,00 26,1 0,8 25,0 2,3 23,3 0,3 22,8 2,2 16,4 0,7 12,3 2,7 

597,50 26,9 0,3 34,4 1,4 24,7 0,8 16,4 4,8 1,4 0,1 1,0 0,7 



 IV

Tab. A3.7: Measured values of Fig. 3.4c. Data indicate ferrous iron concentrations in mM under oxic 
conditions. 

 1M, 21 °C 6M, 21 °C 6M, 60 °C 

time [h] phen SD ferrozine SD phen SD ferrozine SD phen SD ferrozine SD 

    0,00 2,1 0,2 2,1 0,1 0,1 0,0 0,6 0,0 0,0 0,0 0,5 0,0 

  23,75 1,6 0,1 1,7 0,0 0,1 0,0 0,5 0,0 0,0 0,0 0,3 0,0 

  46,50 1,6 0,0 2,0 0,0 0,1 0,0 0,7 0,0 0,0 0,0 0,6 0,0 

  71,50 1,8 0,1 2,0 0,2 0,1 0,0 0,7 0,0 0,0 0,0 0,3 0,0 

  93,50 1,9 0,0 2,1 0,2 0,1 0,0 0,9 0,0 0,0 0,0 0,4 0,1 

164,50 3,5 0,0 3,4 0,1 0,1 0,0 1,3 0,0 0,0 0,0 0,5 0,1 

237,00 15,5 0,1 15,8 0,5 0,1 0,0 4,3 0,4 0,0 0,0 0,5 0,0 

351,50 25,1 1,1 19,7 0,8 1,7 0,0 1,9 0,0 0,2  0,3 0,0 

503,75 25,1 0,4 20,5 1,8 6,6 0,0 7,0 0,1 0,3 0,1 0,3 0,0 

552,00 24,5 0,2 11,3 2,9 9,4 0,0 9,6 0,2 0,3 0,0 0,4 0,0 

597,50 24,0 0,6 9,8 0,7 3,9 0,0 4,2 0,1 0,2 0,0 0,4 0,0 

 
 
 
Tab. A3.8: Measured values of Fig. 3.5. Data indicate total Fe (Fe(tot)), ferrous Fe (Fe(II)), and ICP-OES 

concentrations in mM. 
 

 
Fe(tot)  

 ferrozine SD phen SD ICP 

Fe(II) 4,5 0,1 4,1 0,1   4,4 

N2/CO2 4,6 0,0 4,2 0,1   4,4 

Medium 5,9 0,1 5,4 0,0   5,5 

Medium + N2/CO2 6,0 0,2 5,7 0,1   5,5 

Acetate 4,9 0,1 4,4 0,0   4,5 

Acetate + N2/CO2 5,2 0,0 4,5 0,0   4,5 

TE 8,4 0,2 9,7 0,0 10,6 

7Vits 7,1 0,1 6,3 0,1   7,5 

      

      

Fe(II) 

 ferrozine SD phen SD  

Fe(II)   3,9 0,1 4,6 0,2  

N2/CO2   4,2 0,0 4,9 0,1  

Medium   5,0 0,1 5,9 0,1  

Medium + N2/CO2   5,1 0,1 6,1 0,1  

Acetate   4,1 0,1 4,8 0,1  

Acetate + N2/CO2   4,3 0,1 5,1 0,0  

TE 10,1 0,4 9,7 0,1  

7Vits   9,5 0,4 9,2 0,1  
 



 V 

  

  

 
Fig. A4.1: SEM images of 2LFh 1 (a), 2LFh 2 (b), 2LFh 3 (c), 6LFh 1 (d), and 6LFh 2 (e). Single particles 

form crust-like structures of several µm. Furrows are caused from sample holder. 
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Fig. A4.2: XRD pattern of 6LFh 2 without detectable secondary minerals (a). Peaks at 44 and 52°2θ stem 

from aluminum sample holder.  Microbial reduction by G. sulfurreducens of 6LFh 2 is very slow with 
0.006 mM Fe(II) h-1 (b). Error bars depict standard deviations of triplicate batch incubations. 
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Fig. A4.3: XRD diffractogram of additional ferrihydrite preparation after Larsen and Postma (LM, a), 

containing a significant amount of akaganeite, similar to 2LFh 3 (b) (a). Abiotic reduction kinetics 
of 2LFh 3 and the additional preparation (LM) in ascorbic acid (b). Experiments were conducted 
under anoxic conditions in 40 mL batch incubations. Samples for ferrous iron (Fe(II)) 
determination were taken at different time points and centrifuged for 30 sec at 9,660 x g. Aliquots 
of 100 µL of the supernatant were stabilized against reoxidation in 1 M HCl and subsequently 

measured with the ferrozine assay. Total Fe concentration for 2LFh 3 (�) is 5.8 ± 0.2 mM and for 
LM (�) is 3.8 ± 0.2. Hydrodynamic diameter of LM is 5 nm with a BET specific surface area of 
267.2 ± 0.6 m2 g-1. In both preparations no micropores were detected. Error bars depict standard 
deviations of triplicate batch incubations. 
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Fig. A4.4: XPS spectra of 2LFh 1. 
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Fig. A4.5: XPS spectra of 2LFh 2. 
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Fig. A4.6: XPS spectra of 2LFh 3. 
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Fig. A4.7: XPS spectra of 6LFh 1. 
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Fig. A4.8: XPS spectra of 6LFh 2. 
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Tab. A4.1: Measured values of Fig. 4.3a, the abiotic reduction experiment with ascorbic acid. Ferrous iron concentrations are given in mM. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Tab. A4.2: Measured values of Fig. 4.3b, the microbial reduction experiment with Geobacter sulfurreducens. Ferrous iron concentrations are given in mM. 
 

time [h] 
 

2LFh 1 
(4,8 mM) SD 

2LFh 2 
(4,7 mM) SD 

2LFh 3 
(5,0 mM) SD 

6LFh 1 
(4,9 mM) SD 

6LFh 2 
(4,2 mM) SD 

    0,0 0,17 0,02 0,15 0,03 0,14 0,01 0,10 0,01 0,13 0,02 

    3,25 0,09 0,00 0,08 0,01 0,08 0,01 0,08 0,01 0,08 0,00 

    7,75 0,09 0,01 0,08 0,00 0,07 0,01 0,09 0,01 0,08 0,01 

  22,25 0,08 0,02 0,08 0,02 0,07 0,01 0,12 0,03 0,08 0,01 

  27,75 0,07 0,01 0,10 0,02 0,07 0,00 0,12 0,01 0,08 0,01 

  46,25 0,07 0,01 0,16 0,06 0,08 0,01 0,15 0,01 0,08 0,02 

  54,75 0,06 0,00 0,19 0,08 0,08 0,02 0,18 0,02 0,08 0,01 

  94,25 0,23 0,02 0,46 0,17 0,20 0,01 0,29 0,01 0,20 0,02 

171,25 0,18 0,03 0,72 0,19 0,14 0,04 0,44 0,04 0,14 0,06 

215,25 0,72 0,07 1,29 0,18 0,64 0,05 0,96 0,05 0,61 0,02 

382,25 0,87 0,16 1,89 0,43 0,72 0,14 1,43 0,05 0,60 0,08 

440,5 0,90 0,10 1,94 0,56 0,52 0,15 1,15 0,07 0,32 0,08 

503,25 1,51 0,09 2,36 0,52 1,09 0,19 1,58 0,04 0,82 0,09 

575,25 0,91 0,17 2,26 0,57 0,52 0,19 1,26 0,05 0,29 0,08 

669,25 0,90 0,22 2,51 0,59 0,45 0,22 1,22 0,07 0,19 0,11 

935,25 1,97 0,36 5,42 1,04 1,07 0,54 2,54 0,10 0,39 0,24 
 
 

time [h] 
 

2LFh 1 
(4,8 mM) 

SD 
 

time [h] 
 

2LFh 2 
(4,1 mM) 

SD 
 

time [h] 
 

2LFh 3 
(5,8 mM) 

SD 
 

time [h] 
 

6LFh 1 
(5,2 mM) 

SD 
 

time [h] 
 

6LFh 2 
(4,6 mM) 

SD 
 

    0,0 0,0 0,1     0,0 0,0 0,1     0,0 0,0 0,0     0,0 0,0 0,0     0,0 0,0 0,0 

    0,5 1,6 0,1     0,5 0,9 0,1     2,0 2,1 0,1     0,5 1,2 0,1     2,0 1,6 0,1 

    2,0 3,0 0,2     3,7 2,8 0,2     4,0 2,2 0,1     3,0 3,0 0,2     4,0 1,9 0,1 

  17,7 3,6 0,0   19,0 3,4 0,1   20,0 3,5 0,2   19,0 3,9 0,1   20,0 2,9 0,2 

  22,0 3,5 0,2   24,0 3,7 0,2   24,0 3,7 0,1   23,0 4,0 0,1   24,0 2,9 0,1 

  43,0 4,9 0,6   45,0 4,2 0,4   45,0 4,3 0,2   44,0 4,5 0,1   45,0 3,5 0,2 

114,5 4,6 0,1 116,5 4,3 0,1 116,5 4,6 0,2 115,5 4,5 0,1 116,5 3,6 0,3 
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Tab. A4.3: Measured values of Fig. 4.4, the dissolution of ferrihydrite in 1 M HCl. Total Fe concentrations are given in mM. 
 

time [min] 
2LFh 1 
(8,5 mM) SD time [min] 

2LFh 2 
(9,2 mM) SD time [min] 

2LFh 3 
(10,1 mM) SD time [min] 

6LFh 1 
(9,1 mM) SD time [min] 

6LFh 2 
(10,2 mM) SD 

  0,0 9,00 0,21   0,0 7,74 1,57   0,0 4,93 0,31   0,0 8,11 1,30   0,0 4,66 0,20 

  2,0 9,01 0,14   2,0 9,48 0,10   2,0 6,96 0,26   2,0 9,46 0,11   2,0 4,47 0,11 

  5,0 8,76 0,26   5,0 9,59 0,31   5,0 6,44 0,13   5,0 9,59 0,07   5,0 5,21 0,15 

  8,0 8,50 0,05   8,0 9,28 0,30   8,0 6,77 0,02   8,0 9,31 0,28   8,0 5,84 0,26 

11,0 8,40 0,05 11,0 9,46 0,43 11,0 6,82 0,17 11,0 9,05 0,27 11,0 6,43 0,19 

15,0 8,11 0,18 15,0 9,50 0,38 15,0 7,38 0,19 15,0 9,00 0,26 15,0 7,13 0,14 

30,0 7,82 0,30 30,0 9,67 0,33 30,0 9,82 0,23 30,5 8,91 0,32 30,0 8,22 0,26 
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Tab. A5.1: Measured values of Fig. 5.2a, the dissolution kinetics of ferrihydrite with citrate. Total Fe 
concentrations are given in mM. 

 
time [h] 0.0 mM 

citrate 
SD 0.05 mM 

citrate 
SD 0.37 mM 

citrate 
SD 0.75 mM 

citrate 
SD 1.64 mM 

citrate 
SD 4.75 mM 

citrate 
  0,0 0,00 0,00 0,00 0,01 0,00 0,02 0,00 0,01 0,00 0,01 0,00 

  2,5 0,03 0,01 0,03 0,02 0,08 0,05 0,08 0,00 0,13 0,01 0,13 

  5,0 0,02 0,01 0,02 0,01 0,09 0,01 0,14 0,01 0,21 0,01 0,20 

  8,0 0,02 0,01 0,04 0,03 0,09 0,01 0,18 0,03 0,28 0,03 0,27 

22,75 0,03 0,01 0,02 0,01 0,11 0,02 0,31 0,02 0,63 0,02 0,75 

30,5 0,02 0,01 0,02 0,02 0,16 0,05 0,37 0,04 0,88 0,02 1,19 

46,25 0,04 0,01 0,02 0,01 0,14 0,04 0,53 0,05 1,49 0,07 1,89 

54,75 0,10 0,10 0,05 0,01 0,14 0,04 0,62 0,05 1,78 0,13 2,34 

70,25 0,05 0,01 0,02 0,01 0,16 0,06 0,88 0,03 2,49 0,13 2,79 

173,5 0,05 0,03 0,05 0,03 0,18 0,11 1,29 0,04 3,38 0,25 2,98 

            

total Fe 3,1 0,6 3,6 0,1 3,4 0,2 3,5 0,3 3,6 0,4 2,8 

 
 
Tab. A5.2: Measured values of Fig. 5.2b, the dissolution kinetics of ferrihydrite with GoHy humic acids. Total 

Fe concentrations are given in mM. 
 

time [h] 
 
w/o OC 

 
SD 

 
1mg 
OC/L 

 
SD 

 
10mg OC/L 

 
SD 

 
30mg OC/L 

 
SD 

      0,0  0,00 0,09 0,00 0,01  0,00 0,00 0,00 0,03 

    18,0 -0,02 0,03 0,04 0,04 -0,01 0,02 0,03 0,01 

    23,8 -0,01 0,05 0,03 0,04 -0,01 0,03 0,09 0,08 

    41,8  0,01 0,06 0,02 0,02  0,01 0,01 0,02 0,04 

    97,0 -0,05 0,02 0,08 0,05 -0,01 0,01 0,05 0,03 

  217,5  0,06 0,08 0,11 0,05  0,01 0,02 0,02 0,05 

  267,5  0,07 0,05 0,08 0,04  0,01 0,05 0,04 0,01 

  440,5 -0,02 0,03 0,06 0,09  0,02 0,02 0,03 0,03 

1706,5 -0,01 0,04 0,10 0,09  0,11 0,08 0,10 0,03 

 
 
Tab. A5.3: Measured values of Fig. 5.2c, colloid sizes, citrate, and Fe concentrations. Hydrodynamic diameters 

(dh) are given in nm, concentrations in mM. 

Citr/Fe 
citrate 
(0.45) SD 

Citrate 
(0.22) SD Fe (0.45) SD Fe (0.22) SD dh (0.45) SD dh (0.22) SD 

dh  
(not filt) SD 

 0,0 0,00 0,02 -0,03 0,01 0,01 0,02 0,01 0,01       

0,01 0,00 0,03  0,05 0,01 0,03 0,00 0,02 0,01       

 0,1 0,19 0,07  0,38 0,02 0,95 0,50 0,34 0,09 202 2 147 1   

 0,2 0,59 0,05  0,75 0,04 2,02 0,21 1,33 0,11 196 13 134 11 612 147 

 0,5 1,62 0,03  1,64 0,07 3,45 0,29 3,41 0,21 153 11 106 6 128 54 

 1,7 4,78   4,75  3,13  3,20        
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Tab. A5.4: Measured values of Fig. 5.3, the microbial reduction of ferrihydrite in presence of citrate. Ferrous 
Fe concentrations are given in mM. 

time [h] 
Citr/Fe 
= 0.0 SD 

Citr/Fe 
= 0.03 SD 

Citr/Fe 
= 0.14 SD 

Citr/Fe 
= 0.27 SD 

Citr/Fe 
= 0.58 SD 

    0,0  0,0 0,0 0,0 0,0 0,0 0,0 0,0 0,0 0,0 0,0 

    2,0 -0,3 0,0 0,0 0,0 0,2 0,0 0,1 0,0 0,1 0,0 

    4,0 -0,1 0,0 0,0 0,0 0,5 0,0 0,5 0,1 0,4 0,1 

    6,0  0,0 0,0 0,1 0,0 0,8 0,0 1,1 0,1 0,9 0,3 

    8,0  0,1 0,0 0,2 0,0 1,2 0,1 1,3 0,1 1,6 0,3 

  10,0  0,2 0,0 0,2 0,0 1,5 0,1 1,8 0,2 2,0 0,2 

  24,0  0,6 0,1 0,5 0,0 2,5 0,2 2,6 0,3 3,5 0,1 

  28,0  0,8 0,1 0,6 0,0 2,6 0,1 3,0 0,2 3,5 0,0 

  32,0  1,0 0,1 0,8 0,0 2,9 0,2 3,1 0,2 3,9 0,2 

  48,0  1,5 0,1 1,1 0,1 3,2 0,1 3,5 0,7 3,7 0,1 

  74,0  2,1 0,1 1,7 0,1 3,7 0,2 3,9 0,2 3,8 0,1 

  99,25  2,3 0,2 2,1 0,1 3,7 0,3 4,1 0,2 4,1 0,5 

121,25  2,6 0,1 2,6 0,2 4,2 0,2 3,9 0,4 3,9 0,1 

193,5  2,4 0,1 2,8 0,4 4,0 0,2 4,0 0,1 3,9 0,3 
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