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ABSTRACT 

Iron (Fe) is the most important bioactive trace element utilized by all life on Earth. Fe 

redox chemistry profoundly impacts all aspects of the environment from mineral 

dissolution and formation to contaminant remediation and global biogeochemical cycling 

of C, N, O and S. Under anoxic conditions abiotic redox reactions between nitrogen and 

Fe have been known to occur for several decades. However, it is only more recently that 

it has been discovered that these redox reactions can also be mediated by bacteria. 

Microbial nitrate-dependent Fe oxidation (NDFO) has since been intensively studied but 

the specifics of the biochemical mechanisms are still poorly understood. One of the key 

reasons for the current lack of understanding is the inability to independently evaluate the 

interplay between biotic and abiotic processes on the overall Fe(II) oxidation rate. This 

study addresses this knowledge gap through the quantification of simultaneous biotic and 

abiotic reactions between N and Fe using process-based numerical models at both the 

laboratory and field scale. Determining the fate of Fe(III) minerals that form as a result 

of Fe(II) oxidation was separately investigated by developing a numerical modelling 

framework for describing Fe mineral transformation.  

In the first part of this thesis the extent to which Fe(II) oxidation is biologically catalyzed 

in NDFO cultures was investigated by rigorously quantifying the interfering intermediate 

abiotic processes. This was achieved through the compilation and model-based 

interpretation of data collected from several studies that each utilised different bacteria 

that all have demonstrated the capacity for NDFO. The model framework was then 

extended to determine whether nitrate is a likely electron acceptor for Fe(II) oxidation 

within an aquifer setting. Electron donor competition with sediment organic carbon was 

highlighted and controls on the mobility of hazardous contaminants arsenic and 

phosphate were examined in sewage impacted groundwater.  Finally, the controlling 

processes determining Fe mineral transformation pathways and rates were investigated to 

better understand how Fe(III) minerals may evolve after initial formation. Together the 

portfolio of developed models has facilitated a more comprehensive understanding and 

quantification of Fe and N biogeochemical cycles. 
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CHAPTER 1.  INTRODUCTION 

1.1 Background 

Iron (Fe) is one of the most abundant elements in the Earth’s crust and is present in most 

terrestrial and aquatic environments.1 Fe is a micronutrient essential for building 

necessary proteins and enzymes that drive cellular metabolic pathways.1 Fe is typically 

present in one of two redox states, Fe(II) or Fe(III). Fe redox chemistry profoundly 

impacts all aspects of the environment from mineral formation and dissolution2, organic 

carbon preservation3 as well as degradation2 and global biogeochemical cycles.4 

Importantly, Fe redox chemistry is predominantly regulated by microbial metabolism and 

hence is one of the most significant influencers of microbial activity overall. This is due 

to the Fe(II)/Fe(III) redox reactions involving only a single electron transfer. 

Consequently, these reactions are thermodynamically restricted due to the limited energy 

obtained by cells from these reactions. Due to this limitation, the overall turnover of Fe 

generally needs to be in the millimolar rather than micromolar range for sufficient energy 

growth.1  

In many instances, Fe redox reactions also play a primary role in driving carbon, nitrogen, 

oxygen and sulfur biogeochemical cycles.4 Over the last 30 years, the biogeochemical 

cycling of Fe and N has been extensively investigated due to the discovery that microbes 

are capable of coupling nitrate-reduction with Fe(II) oxidation.5-7 This nitrate-dependent 

Fe oxidation (NDFO) NDFO has many overlapping biotic and abiotic processes that are 

responsible for the overall Fe(II) oxidation process. Potential enzymatic pathways, 

responsible for directly coupling these species, may exist for direct biological control of 

the Fe(II) oxidation rate.8 Alternatively, chemical oxidation of Fe(II) by reactive nitrogen 

oxides (chemodenitrification), such as nitrite and nitric oxide produced during 

heterotrophic nitrate reduction, may be responsible for the observed Fe(II) oxidation.9 

Both processes are also influenced by the extent of Fe biomineralization that occurs 

during NDFO, either through cell mineral encrustation or autocatalysis of the Fe 

oxidation rate. A brief review of NDFO, chemodenitrification and Fe biomineralization 

is first provided.  

 Nitrate-dependent iron oxidation 

A wide range of microorganisms are capable of exploiting the Fe(II)/Fe(III) redox couple 

along with many different electron acceptors/donors. In reducing environments, 



microbial Fe(III) reduction is well established to be the dominant process for Fe(III) oxide 

reduction in anaerobic non-sulfidogenic environments with little to no abiotic 

competition.2 Typically, organic carbon is the primary electron donor for Fe(III) 

reduction, but Fe(III) reducing bacteria can also utilise inorganic donors such as hydrogen 

(H2). In oxidizing environments molecular oxygen chemically oxidizes Fe(II) to Fe(III) 

(oxy)hydroxides rapidly and is capable of (out)competing microbial catalysis of this 

reaction. However, many environments have limited oxygen concentrations such as in 

soils and sediments, most marine environments, as well as freshwater systems such as 

stratified lakes. In these systems, alternative electron acceptors are required to drive 

microbial Fe(II) oxidation. In 1996 Straub et al.,7 demonstrated that a freshwater 

enrichment culture (named KS) was capable of coupling Fe(II) oxidation with nitrate 

reduction (Reaction 1-1).  

10 Fe(II) + 2 NO3
− +  12H+  →  10 Fe(III) +  N2(g) +   6H2O   (1-1) 

Microbial mediated reduction of nitrate by Fe(II) is kinetically much faster than its  

chemical reaction, making this a valuable metabolic pathway for microbes in anoxic 

environments. The resulting biogenic Fe(III) minerals that form are dependent on the 

prevailing geochemical conditions. Microscopy studies have identified amorphous Fe 

phosphate minerals in cultures with high initial phosphate concentrations (~4mM),10 as 

well as lepidocrocite11, goethite12 and green rust12, which were found to be an 

intermediaries.    

The chemolithoautotrophic co-culture KS has been demonstrated over many studies to be 

unambiguously autotrophic.5, 7, 13, 14 Consequently, is has been extensively investigated 

as a model system for better understanding the underlying biochemical mechanisms 

responsible for NDFO. Studies that have sequenced the 16S rRNA genes within the KS 

culture have found the dominant bacterium belongs to the family Gallionellaceae.15 This 

bacterium is closely related to the known autotrophic microaerophilic Fe(II)-oxidizer 

Siderooxydans lithotrophicus, which is hypothesized to be the dominant Fe(II)-oxidizer 

in the enrichment culture.5 However, metagenomic analysis of the primary Fe(II)-oxidizer 

has found it is incapable of completely reducing nitrate, lacking the genes for nitric oxide 

an nitrous oxide reduction, and therefore likely partners with flanking communities 

capable of complete denitrification.13, 15 Evidence of this interdependency between 

species within the culture could explain why no NDFO pure culture has been isolated that 

is capable of autotrophic growth. 
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Since the discovery of the KS culture, numerous other enrichment and pure cultures have 

been isolated; however, unlike the KS culture, most are not capable of autotrophic growth 

where CO2 is fixed for biomass growth. Instead many of these Fe(II)-oxidizing bacteria 

are ‘mixtotrophic’, requiring an organic co-substrate, such as acetate, for biomass 

growth.8, 16-18 This added organic carbon allows heterotrophic nitrate reduction to occur, 

which can cause the accumulation of reactive nitrogen intermediaries that are capable of 

oxidizing Fe(II). Interestingly, nitrite accumulation is typically only found when Fe(II) is 

present in the growth culture.19 These phenomena have led to complications with 

understanding NDFO, as no direct enzymatic pathway has been discovered and the 

contribution of chemical oxidation is not easily determined experimentally due to the 

intrinsic coupling between biotic and abiotic processes.    

 Chemodenitrification 

Chemical denitrification (chemodenitrification) is the chemical reduction of NOx
- by 

Fe(II). The nitrogenous products of the reactions vary from ammonium (NH4
+), nitric 

oxide (NO), nitrous oxide (N2O) and dinitrogen (N2).   

2Fe(II) + NO3
− +  3H2O →  2FeO(OH) + NO2

− + 4H+      (1-2) 

Fe(II) + NO2
− +  H2O →  FeO(OH) + 2 NO + H+        (1-3) 

2Fe(II) + 2NO +  3H2O →  2FeO(OH) + N2O +  4 H+     (1-4) 

Despite all the reactions above being overwhelmingly thermodynamically favourable, 

chemodenitrification is typically kinetically limited to the nitrogen compounds nitrite and 

nitric oxide at circumneutral pH (Reaction 1-3 and 1-4).  

The kinetics of chemodenitrfication have been well investigated and a wide variety of 

geochemical factors play a role in determining the overall reaction kinetics, including: 

initial concentrations of either Fe(II) or NO2
-20; different starting mineral catalysts21; the 

presence of different Fe(II) chelating ligands22; and, finally the solution pH.23 Kopf et 

al.,22 found that specific ligands, such as the polysaccharide, citrate, significantly 

enhanced the rate of Fe(II) oxidation. This result raises further interesting questions 

around whether microbial exopolymeric substances (EPS), released by NDFO bacteria, 

are capable of catalysing chemodenitrification given that a significant fraction of EPS is 

made up of polysaccharides.24  



In the presence of Fe minerals, chemodenitrification rates are significantly faster 

compared to experiments performed as initial homogenous solutions.20 This is due to the 

catalytic effect of mineral surfaces, as Fe(III) oxyhydroxide generation occurs as 

oxidation proceeds. Even in initially homogenous systems, once Fe(II) oxidation begins, 

Fe(III) oxyhydroxides immediately form and therefore heterogenous autocatalysis is still 

significant.25 The importance of the mineral surfaces for catalysing chemodenitrfication 

may be due to the differences in reactivity of aqueous and adsorbed Fe(II), with oxide-

associated Fe(II) often promoted as a more powerful reductant. Indeed, Tai and 

Dempsey20 derived the overall rate law describing nitrite reduction by Fe(II) in the 

presence of hydrous ferric oxides and found the reaction was first order with respect to 

adsorbed Fe(II). This result, combined with the nitrite and Fe(II) concentrations, has led 

to the form of an overall third order reaction: 

rchemo = 𝑘[Fe(II)][Fe(II)solid][NO2
−]     

Finally, mixed-valence minerals often form during NDFO, such as green rust, which 

rapidly reduce available NOx
- compounds. Green rust has been found to rapidly reduce 

either nitrate or nitrite to either nitrous oxide or ammonium and likely plays a significant 

role in regulating NOx- during NDFO.26, 27 Understanding the products of secondary Fe 

mineral reactions with biogenic nitrogen species would be improved if more experimental 

studies collected comprehensive data on all NOx
- compounds so a full nitrogen mass 

balance could be calculated.         

 Biomineralization 

Fe(II) oxidation driven by microbially mediated processes leads to the formation of 

Fe(III) biominerals, the identity of which change depending on the geochemical 

conditions. Under oxidizing conditions, Fe is commonly found as Fe(III) oxyhydroxides 

including: ferrihydrite (Fe5HO8.4H2O), lepidocrocite (γ-FeOOH) and goethite (α-

FeOOH), or at more elevated temperatures haematite (α-Fe2O3).
28 Under reducing 

conditions, mixed valence Fe minerals such as magnetite (Fe3O4) and green rusts 

([Fe(II)1-xFe(III)x(OH)2]
x+.[(x/n)An-,mH2O]x-, A-1 = intercalated anions) are typically 

present.28 The minerals formed during NDFO are often near the bacterial cells and lead 

to cell encrustation which can limit metabolic rate and eventually cause cell lysis.29 

 

Fe(II) (oxy)hydroxide minerals strongly regulate the mobility of contaminants in 

groundwater and soil environments.30 They are capable of attenuating toxic elements due 
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to the large number of surface complexation sites, or conversely, the sequestration of 

contaminants through co-precipitation within neo-formed mineral phases.31, 32 Biogenic 

Fe minerals tend to have smaller particle sizes and tend to coprecipitate with a wide range 

metal(loids).33 These properties make the prospect of bioremediation strategies attractive 

as stimulating Fe biomineralization can lead to enhanced contaminant reduction. 

However, these Fe minerals are susceptible to transformation to more thermodynamically 

stable phases, which can lead to the re-mobilisation of pollutants.28, 34 For example, meta-

stable green rusts are commonly identified in NDFO cultures as a transient mineral as 

they quickly transform to goethite or magnetite. Ferrihydrite will quickly transform to 

goethite or lepidocrocite in the presence of Fe2+
(aq)

35, and if the Fe2+
(aq) concentration is 

high enough either of these mineral products can ultimately transform into magnetite.36 

  

1.2 Research objectives 

A substantial number of experimental NDFO studies have generated comprehensive data 

sets. However, it is challenging to quantify NDFO-related processes experimentally due 

to the overlapping and intrinsic nature of both biotic and abiotic coupling between 

nitrogen and Fe. The sensitivities of these geomicrobiological systems presents a variety 

of experimental complexities that can make biogeochemical models of NDFO an 

important complement for quantifying the contribution of individual reaction pathways 

and evaluating the potential for strictly biological Fe(II) oxidation. Furthermore, 

characterizing these systems outside of typical laboratory incubation studies provides 

valuable insight into the occurrence and importance of NDFO within aquifer settings. So 

far, few attempts have been made to interrogate experimental data sets through process-

based biogeochemical modelling. 

Process-based numerical models are capable of distilling complex geochemical systems 

into their salient components. Such process-based biogeochemical models integrate and 

simulate numerous processes to identify and quantify the most plausible combination of 

these processes that best represent the corresponding experimental data. The research 

presented in this thesis aims to extend our understanding of the processes that control 

Fe(II) oxidation in the presence of nitrate by improving the quantification of these 

processes through a range of numerical modelling techniques. Biogeochemical modelling 

of laboratory batch systems was initially undertaken to identity key processes. In this step, 

the general model framework was developed, guided by a comprehensive set of 



experimental data from the literature. The developed framework was subsequently further 

refined during its application to a carefully performed field experiment by the U.S. 

Geological Survey during which a nitrate-amended aqueous solution was injected into 

the iron-reducing zone of an aquifer at Cape Cod, Massachusetts (U.S.A). The work on 

these lab- and field-scale modelling studies not only made it clear that Fe mineral 

transformations were playing a crucial role in the understanding of iron cycling, it also 

provided evidence that there is currently a substantial lack of modelling approaches to 

quantify these processes. Therefore, conceptual and numerical modelling approaches 

were developed and tested with respect to their capability to quantify the most critical Fe 

mineral transformation reactions. The specific research objectives for this thesis were to: 

i. Quantify the relative contributions of biotic and abiotic processes during NDFO 

batch cultures by integrating measured Fe(II) oxidation kinetics with suitable 

numerical modelling approaches based on previously generated data and 

conceptual models 

ii. Quantify nitrate reduction pathways in an Fe(II) rich aquifers and determine how 

this ultimately controls the mobility of contaminants, such as phosphate and As, 

within an anoxic contaminant plume.  

iii. Develop a unifying modelling framework for Fe mineral transformations that can 

be used to interpret experimental data under a range of pH values, Fe(II) 

concentrations and ligand types 

1.3 Structure of this thesis and publications  

This thesis is structured into five chapters. This chapter (chapter 1) contains a brief 

overview of the relevant literature, the research problems and the motivation for this 

thesis. The main research work is presented in chapters 2 to 4. Each chapter represents an 

independent manuscript written for publication in a peer-reviewed, scientific journal and 

therefore can be read as an individual piece of work. 

In the first study (chapter 2), the extent to which Fe(II) oxidation is biologically catalysed 

in NDFO cultures was investigated by rigorously quantifying the interfering intermediate 

abiotic processes. Initially, the kinetics of chemical denitrification by Fe(II) 

(chemodenitrification) were assessed using published literature data from studies that 

specifically investigated chemodenitrification and the role that different Fe-chelating 

ligands may have on overall oxidation rates. Once these rates were constrained, they were 

included in a process-based biogeochemical model to quantify the relative contributions 
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of biotic and abiotic processes during NDFO. This was achieved through the compilation 

and model-based interpretation of data collected from four separate studies, each using 

different bacteria, that have all demonstrated the capacity for NDFO. Modelling results 

found compelling evidence for the importance of organic ligands, specifically 

exopolymeric substances secreted by bacteria, in enhancing abiotic oxidation of Fe(II). 

However, abiotic oxidation alone could not explain the observed magnitude of Fe(II) 

oxidation, with 60-75% of overall Fe(II) oxidation attributed to an unknown biological 

pathway for investigated strains Acidovorax (A.) strain BoFeN1, 2AN, A. ebreus strain 

TPSY, Paracoccus denitrificans Pd 1222 and Pseudogulbenkiania sp. strain 2002.  

The second study (chapter 3) extended the framework developed in chapter 2 to 

determine whether nitrate is likely an electron acceptor for Fe(II) oxidation within an 

aquifer setting. An in-situ field trial was conducted by the USGS in a wastewater 

contaminated aquifer at Cape Cod, MA, from 2009-2010. Multiple, natural-gradient 

tracer injections of nitrate were conducted within the anoxic core of a contaminant plume 

rich in Fe(II), but devoid of any NOx
-. Nitrous oxide was the predominant measured 

nitrogen species produced in observation wells 1, 3 and 5m downstream of the injection 

well. Although, the initial analysis of the experimental results concluded that other 

electron donors could be involved, it was postulated that Fe(II) was the primary electron 

donor in the system. However, the model-based interpretation of the experimental data 

concluded that sediment organic carbon was likely much more important, contributing a 

significant amount of electrons commensurate with the overall amount of nitrate 

reduction. Of the four separate conceptual models tested, the most plausible assumed 

nitrate was reduced to nitrite, which was immediately reduced to nitrous oxide by both 

aqueous and adsorbed Fe(II). The Fe(III) minerals produced from this reaction regulated 

the mobility of the contaminants arsenic and phosphate, both of which were removed 

from solution through mineral precipitation and surface complexation reactions before 

aqueous concentrations eventually returned to background conditions after several weeks. 

The third study (chapter 4) explores the controlling processes determining Fe mineral 

transformation pathways and rates to better understand how the Fe(III) minerals may 

evolve after they’re formed. Catalysis by aqueous (Fe(aq)
2+ ) and adsorbed Fe2+ (Fesolid

2+ ) has 

consistently demonstrated to be a key role in the rate of Fe mineral transformation, where 

the terminal Fe mineral products have included: lepidocrocite, goethite and magnetite. To 

date, the hypothesised processes have not been rigorously interrogated through process-

based modelling but solely through simplistic empirical approaches that cannot consider 



chemical processes or experimental conditions. Therefore, in this chapter, a geochemical 

kinetic modelling framework was developed using surface complexation reactions that 

was able to reproduce experimental data collected from three studies investigating the 

transformation of ferrihydrite to lepidocrocite, goethite and magnetite across a range of 

geochemical conditions. The model framework developed in this chapter can be applied 

to field-scale reactive transport models that span groundwater systems with significant 

geochemical complexity to provide a robust approach for simulating Fe mineral 

transformation in the environment.  

The last chapter (chapter 5) contains a summary of the research contributions 

resulting from this thesis. Unless otherwise stated, all scientific work was performed, and 

all sections of the manuscripts, were written by the student. The three manuscripts arising 

from this thesis are: 

Jamieson, J.; Prommer, H.; Kaksonen, A. H.; Sun, J.; Siade, A. J.; Yusov, A.; 

Bostick, B. Identifying and Quantifying the Intermediate Processes during Nitrate-

Dependent Iron(II) Oxidation. Environ. Sci. Technol. 2018, 52 (10), 5771–5781. 

(chapter 2) 

 Jamieson, J.; Kent, D.; Sun, J.; Böhlke, J.K.; Vouilloux, A.; Davis, J.; Smith, R.L.; 

Siade, A. J.; Repert, D.A.; Prommer, H. Model-based Interpretation of 

Denitrification in an Fe(II) Rich Aquifer. Manuscript in preparation for Environ. 

Sci. Technol. (chapter 3) 

Jamieson, J.; Carr, J.; Sun, J.; Siade, A. J.; Rathi, B.; Salmon, U.; Prommer, H. A 

Process-Based Model for Iron Mineral Transformations. Submitted to Environ. Sci. 

Technol. (chapter 4) 

Supplementary Information to chapter 3, chapter 4 and chapter 5 as well as conference 

papers resulting from this work are attached as appendices to this thesis. The following 

appendices are included: 

Appendix A: Supporting information, tables and figures for chapter 3. 

Appendix B: Supporting information, tables and figures for chapter 3. 

Appendix C: Supporting information, tables and figures for chapter 3. 

Appendix D: Conference abstracts presented in context of this thesis 

D1: Jamieson, J., Yusov, A., Sun, J., Prommer, H., and Bostick, B., 

(2017). Identifying and Quantifying the Intermediate Processes 
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during Nitrate Dependent Iron Oxidation. Presented at the 27th 

Goldschmidt Conference, 13-18 August 2017, Paris, France. 

D2: Jamieson, J., Carr, J., Sun, J., Salmon, U., Siade, A., Rathi, B., and 

Prommer, H. (2019). Process-Based Model for Iron Mineral 

Transformation. Presented at the 28th Goldschmidt Conference, 19-

23 August 2019, Barcelona, Spain.



CHAPTER 2.  IDENTIFYING AND 

QUANTIFYING THE 

INTERMEDIATE PROCESSES 

DURING NITRATE-DEPENDENT 

IRON(II) OXIDATION 

2.1 Abstract 

Microbially driven nitrate-dependent iron (Fe) oxidation (NDFO) in subsurface 

environments has been intensively studied. However, the extent to which Fe(II) oxidation 

is biologically catalyzed remains unclear because no neutrophilic iron-oxidizing and 

nitrate reducing autotroph has been isolated to confirm the existence of an enzymatic 

pathway. While mixotrophic NDFO bacteria have been isolated, understanding the 

process is complicated by simultaneous abiotic oxidation due to nitrite produced during 

denitrification. In this study, the relative contributions of biotic and abiotic processes 

during NDFO were quantified through the compilation and model-based interpretation of 

previously published experimental data. The kinetics of chemical denitrification by Fe(II) 

(chemodenitrification) were assessed and compelling evidence was found for the 

importance of organic ligands, specifically exopolymeric substances secreted by bacteria, 

in enhancing abiotic oxidation of Fe(II). However, nitrite alone could not explain the 

observed magnitude of Fe(II) oxidation, with 60-75% of overall Fe(II) oxidation 

attributed to an enzymatic pathway for investigated strains Acidovorax (A.) strain 

BoFeN1, 2AN, A. ebreus strain TPSY, Paracoccus denitrificans Pd 1222 and 

Pseudogulbenkiania sp. strain 2002. By rigorously quantifying the intermediate 

processes, this study eliminated the potential for abiotic Fe(II) oxidation to be exclusively 

responsible for NDFO and verified the key contribution from an additional, biological 

Fe(II) oxidation process catalyzed by NDFO bacteria 
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Figure 2-1: Conceptual model of NDFO pathways. Nitrate is reduced heterotrophically to nitrite 

which is then abiotically reduced by the reductant Fe2+  in solution. Alternatively, nitrate can be 

directly reduced via the microbially mediated process of nitrate-dependent Fe oxidation. 

2.2 Introduction 

Iron (Fe) minerals play an important role in the attenuation of contaminants within aquifer 

environments. The significant influence microorganisms have on Fe cycling has led to a 

burgeoning of research into bioremediation technologies that stimulate the formation 

and/or transformation of Fe minerals to remove metal(loid)s and radionuclides from 

groundwater.31, 33, 34, 37-41 One of the most promising approaches for bioremediation relies 

on enhancing the activity of nitrate-dependent Fe oxidizing (NDFO) bacteria that couple 

Fe(II) oxidation to nitrate reduction (Reaction 1):7, 42  

10 Fe(II) + 2 NO3
− +  12H+  →  10 Fe(III) +  N2(g) +   6H2O   (1) 

These NDFO bacteria play an important role in the generation of Fe(III) and mixed 

valence minerals in subsurface environments, particularly in systems low in other 

oxidants such as manganese and nitrite.1 Understanding how NDFO bacteria oxidize 

Fe(II), and how widespread this metabolic capability is among bacteria has been a focus 

of research since it was first observed in enrichment cultures.6, 7 All neutrophilic NDFO 

bacterial strains isolated are mixotrophic, requiring an organic co-substrate for growth.16, 

17, 43 This complicates our understanding of NDFO as conflicting results in the literature 

have failed to resolve whether NDFO bacteria utilize an unknown enzymatic process to 

directly oxidize dissolved Fe(II), or if reactive intermediate compounds, such as nitrite or 



nitric oxide, abiotically oxidize Fe(II) during mixotrophic growth.8, 9, 19 While 

lithoautotrophic growth by neutrophilic NDFO pure-culture isolates have been described, 

their capacity for autotrophy have subsequently been questioned.44, 45 Deciphering the 

NDFO mechanism using model enrichment cultures such as KS7, which is 

unambiguously capable of enzymatic NDFO, may also not necessarily resolve these 

outstanding questions as the interspecies interactions and metabolic interdependencies15 

are equally challenging to untangle. Without a model NDFO autotroph and the scarcity 

of genetic information explaining electron transfers pathways8, quantitatively 

determining the contributions from interconnected abiotic and potential biotic reactions 

during mixotrophic NDFO is a substantial challenge.  

 

Although the abiotic oxidation of dissolved Fe(II) by nitrate is slow in the absence of a 

catalyst46, there are pathways involving nitrite that can facilitate abiotic Fe(II) oxidation. 

Bacteria capable of NDFO have been found to produce appreciable quantities of nitrite 

only when dissolved Fe(II) is supplemented to the basal growth medium.16, 17, 19, 29, 47 This 

nitrite can chemically oxidize dissolved Fe(II) at a relatively fast rate, which produces 

ferric (oxyhydr)oxides along with nitric (NO) and nitrous oxide (N2O) gases, a process 

known as chemodenitrification (Reaction 2):21, 25, 48, 49 

4 Fe(II) + 2 NO2
− +  5H2O →  4 FeO(OH) + N2O(g) + 6 H+   (2) 

Chemodenitrification experiments performed in anoxic sterile homogenous media, using 

initial nitrite concentrations that fall within the range (1-4 mM nitrite) of what many 

NDFO incubation experiments accumulate16, 17, 47, 50, showed extensive Fe(II) oxidation 

over 24 h.25 The potential of these abiotic reactions to oxidize Fe(II) have raised questions 

of whether enzymatic NDFO exists and to what extent biotic Fe(II) oxidation contributes 

to their overall metabolism. Measuring the rate of oxidation can be a means of 

determining the effect of (fast) abiotic Fe(II) oxidation. However, such measurements are 

often complicated by the presence of the mixed valence solid substrates, which make it 

difficult to determine the exact extent of oxidation, and their catalytic activity.9, 20, 21, 51 

Nitrous oxide is also seldom analyzed in the headspace of NDFO cultures, which could 

otherwise be used to infer the extent of chemodenitrification, or combined with stable 

isotope systematic measurements to discriminate between abiotic and biotic processes.23, 

25 Furthermore, it is difficult to critically review and interpret previous studies due to the 
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fact that experimental conditions, such as the basal growth media, often differ between 

studies, which can influence Fe (trans)formations.11, 19, 52  

While it is challenging to quantify NDFO-related processes experimentally due to the 

sensitivity of these geomicrobiological systems, developing biogeochemical models of 

NDFO experiments provides an effective means of quantifying the contribution of 

individual reaction pathways and evaluating the potential for strictly biological Fe(II) 

oxidation. So far, while a substantial number of experimental NDFO studies have 

generated comprehensive data sets, no attempts have been made to interrogate those data 

sets through process-based biogeochemical modeling, specifically quantifying the extent 

to which reactive intermediates contribute to overall dissolved Fe(II) oxidation.  

 

The main objective of this study was therefore to derive a rigorous, data-constrained 

quantification of the relative contributions of biotic and abiotic processes during NDFO 

by integrating measured Fe(II) oxidation kinetics with suitable numerical modeling 

approaches based on previously generated data and conceptual models. While there is no 

clear evidence for the existence of an enzymatic pathway, assumptions were made on its 

theoretical mechanism to specifically test whether it is required to explain the overall Fe 

oxidation observed or if chemodenitrification alone could be exclusively responsible. 

Extensive data sets generated from incubations with different NDFO bacteria were 

sourced from the literature and used to constrain the development of the numerical 

implementations of different conceptual models 

2.3 Methods 

2.4 Conceptual Models of Biogeochemical Processes 

and Reaction Network Implementation 

To quantify the rates of chemical and biological Fe(II) oxidation, a biogeochemical model 

was developed using the knowledge of the physiology and respiratory processes of NDFO 

bacteria and translating different conceptual models into process-based numerical 

models. The reactive processes that were considered in the modeling framework were 

limited to heterotrophic nitrate reduction to nitrite (Reaction 3), and nitrite reduction to 

nitrogen gas (Reaction 4), 



CH3COO− + 4 NO3
− →  4 NO2

− + H2O +   HCO3
− + CO2(g)      (3) 

3 CH3COO− + 8 NO2
− + 8 H+ →   4 N2(g) + 7 H2O + 3 HCO3

− + 3 CO2(g)       (4) 

In the case of enzymatic NDFO, microbial respiration couples dissolved Fe(II) oxidation 

and nitrate reduction, where nitrate is assumed to be exclusively reduced to nitrite:   

2 Fe(II) + NO3
− +  2 H+ →  2 Fe(III) + NO2

− + H2O      (5) 

With a single exception53, NDFO bacteria have not yet demonstrated the capability of 

utilizing solid-phase Fe(II), and consequently, this source of Fe(II) was ignored. The 

nitrite produced from Reactions 3 and 5 can react with dissolved Fe(II) as per Reaction 

2. Each of the evaluated reaction network variants was implemented as a combination of 

equilibrium and kinetic reactions.  

 

Two plausible conceptual models were used to explore NDFO: the first (S1) assumes that 

dissolved Fe(II) is oxidized through both an abiotic and biotic pathway. S1 simulations 

were split into three separate simulations (S1a, b and c) using the three separate 

chemodenitrification rates determined from abiotic experiments reported under differing 

geochemical conditions. S1a represented conditions under which Fe(II) was complexed 

to the greatest extent by both inorganic and organic chelators; S1b, represented conditions 

where Fe(II) was complexed only by inorganic chelators; and S1c where no Fe(II) 

complexation occurred. The second conceptual model (S2) assumed that dissolved Fe(II) 

oxidation is exclusively controlled by biogenic nitrite (i.e., chemodenitrification only). 

Conceptual models S1a,b,c and S2 were then translated into numerical models consisting 

of a mix of equilibrium and kinetically controlled reactions (Table 2-1).  

2.5 Literature Data for Developing Biogeochemical 

Model 

To develop the numerical model, important biogeochemical reactions affecting dissolved 

Fe(II) oxidation within NDFO growth cultures were identified and relevant data collated 

from three comprehensive studies by Klueglein et al. (2013)19, Carlson et al. (2013)29 and 

Chakraborty et al. (2011).17 Separately, the kinetic quantification of abiotic dissolved 

Fe(II) oxidation by biogenic nitrite was explored from chemodenitrification experiments 

performed by Kopf et al. (2013)22, Klueglein and Kappler (2013)9 and Jones et al (2015).25  
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Model results were compared against the measured data reported in the NDFO growth 

culture studies. The study by Klueglein et al. (2013)19, investigated four bacterial strains 

including the Acidovorax strain BoFeN1, Paracoccus denitrificans and 

Pseudogulbenkiania sp. strain 2002, all grown simultaneously under balanced electron 

donor-acceptor conditions. The data sets from studies by Carlson et al. (2013) and 

Chakraborty et al. (2011) explored NDFO using the strains A. delafieldii strain 2AN17 and 

A. ebreus strain TPSY29 from the genus Acidovorax and were included here for a more 

robust model validation.   

 General Rate Law for Microbial Respiration 

Microbial respiration was modeled using the chemiosmotic model54 and irreversible 

thermodynamics.55 In this model the overall microbial respiration rate, v (mol L-1 s-1), is 

described by Equation 6:  

v = k[X]FDFAFT                    (6) 

where k is a rate constant (mol mol cells-1 s-1), FD and FA are unitless kinetic factors, FT 

is a unitless thermodynamic factor and X is the biomass concentration (mol L-1), in 

accordance with the formulation proposed by Jin and Bethke (2003)55. Factors FD and FA 

(Equations 7 and 8) control the kinetics of the electron donating ([D]/[D+]) and accepting 

half reactions ([A]/[A-]) as reactant and product concentrations change over time with 

constants 𝐾𝐷 and 𝐾𝐴 (mol-1 L) reflecting the standard free energy changes for each of the 

half reactions. Exponents βD and βA were assumed to equal 1 for all investigated microbial 

respiratory pathways. 

𝐹D =
[D]𝛽D

[D]𝛽D+KD[D+]𝛽D
          (7) 

𝐹A =
[A]𝛽A

[A]𝛽A+KA[A−]𝛽A
          (8) 

Thermodynamic calculations (Equation 9) used for evaluating the term FT in the rate 

expression were based on commonly used thermodynamic data56 and studies on aqueous 

Fe2+
aq-Fe3+

aq oxide redox couples.57 

𝐹T = 1 − exp (
∆G+m∆Gp

χRT
)       (9) 



where ∆𝐺 is the Gibbs free energy of the reaction, R is the gas constant, T is absolute 

temperature, χ is the average stoichiometric number, m is the number of ATP molecules 

synthesized per electron transferred (assuming 3 protons are consumed per ATP 

synthesized) and ∆𝐺𝑝 is the phosphorylation potential and assumed to be 50 kJ mol-1, as 

in Jin and Bethke (2002).58 The two key parameters that need to be defined for FT are χ 

and m. However, as the mechanism for enzymatic NDFO is currently unknown, plausible 

values of χ and m were derived based on the functioning of the anaerobic respiratory 

cycle.59 Values for both χ and m are proportional to the number of electrons transferred 

and in this instance were equal to 1 and 1/3, respectively, for the enzymatic NDFO 

reaction (Table A1).  

 

 Model Assumptions for Denitrification Processes 

The primary objective of the biogeochemical model development was to elucidate the 

contribution of biotic and abiotic processes on dissolved Fe(II) oxidation, not to provide 

a versatile, general tool to predict denitrification. Therefore, several reasonable 

assumptions allowed for simplification of the quantitative description of chemical and 

biological denitrification. (a) Microbial denitrification was modeled as a two-step process 

where nitrate is reduced to nitrite (Reaction 3) and nitrite to dinitrogen gas (Reaction 4). 

Alternatively, nitrite could undergo chemical reduction via facile chemodenitrification.22, 

49, 60 (b) Due to the overwhelmingly favorable thermodynamics of nitrate reduction, with 

acetate as the electron donor; the FT term could safely be assumed to be unity in this 

study. Consequently, the generalized rate law (Equation 6) was simplified to Reactions 

10 and 11: 

𝑣1  =  𝑘1[X]
[Acetate−]

[Acetate−]+ KD[HCO3
−]

   
[NO3

−]

[NO3
−]+ KA[NO2

−]
        (10) 

 

𝑣2  =  𝑘2[X]
[Acetate−]

[Acetate−]+ KD[HCO3
−]

   
[NO2

−]

[NO2
−]+ KA

      (11) 

where 𝑣1 and 𝑣2 are the microbial respiration rates for each step of denitrification, k1 and 

k2 represent the rate constants (mol mol cells-1 s-1) for either nitrite or dinitrogen, 𝐾𝐷 and 

𝐾𝐴  are unitless kinetic factors for electron donating and accepting reactions, X is the 

biomass concentration (mol L-1) and [NO2
-] represents the nitrite concentration (mol L-1). 
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An electron balance calculation for experimental studies with BoFeN1 and Paracoccus 

denitrificans demonstrated that there is not enough reducing equivalents supplied from 

the growth medium to achieve both the observed extent of nitrate reduction and expected 

increases in cell density using dissolved Fe(II) oxidation alone (Table A2).16, 19 It was 

therefore concluded that an endogenous carbon source must have been utilized, and was 

therefore included in the conceptual/numerical modeling framework. It was assumed that 

(i) once exogenous carbon (i.e., acetate) is exhausted, bacteria are capable of switching 

to their stored endogenous carbon source, and (ii) that this stored carbon source consists 

of polyhydroxybutyrate (PHB), a common product for bacteria synthesizing 

polyhydroxyalkanoates.61 The amount of stored PHB was calculated for each strain based 

on the amount of nitrate reduced in a non-growth medium, where no exogenous carbon 

was supplied (Figure A1, PHB quantities for BoFeN1were based off Acidovorax sp. strain 

2AN, as no literature data was available). The rate of PHB driven denitrification was 

similarly determined from Equations 10 and 11, using calibrated parameters (Table 2-2). 

For growth experiments, where it was apparent that the bacteria did not utilize any 

potentially stored endogenous carbon (e.g., where nitrate is not completely consumed but 

all acetate is exhausted), this process was deactivated. For simulations presented in Figure 

2-3 only BoFeN1 and Pd 1222 included this process.    

 

The stoichiometric reactions for all denitrification reactions and associated biomass 

growth were derived using thermodynamic and bioenergetic literature data17, 47, 62, 63 while 

applying the principles described in Rittmann and McCarty (2001) (Table A2). Where 

the specific growth yield coefficient was unknown, it was determined from the measured 

net growth in biomass per mole of acetate supplied. Biomass was represented using the 

generic formula, C5H7O2N
64, and only assumed to increase while acetate, which was the 

electron donor and organic carbon source in all cases, was oxidized to carbon dioxide and 

bicarbonate during nitrate reduction. None of the bacteria investigated are capable of 

lithoautotrophic growth. Therefore, changes to biomass due to enzymatic NDFO was 

excluded. Biomass growth was described by Equation 12: 

𝑑[𝑋]

𝑑𝑡
=  𝑌𝑣 − D𝐸          (12) 



where t is time (s), Y is a biomass yield coefficient (mol cells per mole of acetate), v is 

the microbial respiration rate (mol L-1 s-1), and DE is an encrustation term (mol L-1 s-1). A 

factor of 10-13 g cell-1 was used to convert from cells mL-1 to mol L-1 using the formula 

for biomass given above. Due to the short duration of the investigated incubation 

experiments9, 17, 29, biomass decay was considered to be insignificant. However, cells in 

batch incubations capable of NDFO quickly became heavily encrusted by Fe(III) or 

mixed valence mineral precipitates16, 19, especially within the periplasm, inhibiting 

cellular activity65. Consequently, an encrustation inhibition term was employed to 

account for this process (Equation 13): 

D𝐸 =  𝑣2
[GR−CO3]+[FeOOH]

([GR−CO3]+[FeOOH])+ Kd
     (13) 

where microbial inhibition is expressed using a Monod equation66 where v2 is the 

microbial respiration rate for enzymatic NDFO (conceptually, the cause of Fe mineral 

aggregation within the periplasm), Kd is the half saturation constant and [GR-CO3] and 

[FeOOH] are the concentrations (mol L-1) of green rust carbonate and goethite 

respectively.  

 

 Chemodenitrification 

Chemodenitrification has been detailed in many literature reports, where Fe2+
aq reduces 

nitrite to nitrous oxide with a 2:1 stoichiometry (Reaction 2), and ferric oxyhydroxides25, 

49 or mixed valence Fe minerals are produced23, 49, 51. The kinetics of chemodenitrification 

was described using a second order rate law (Equation 14) 20, 25: 

−
d[Fe(II)]

dt
=  𝑘3[NO2

−][Fe(II)aq]         (14) 

where k3 is the pH-dependent rate constant (L mol-1 s-1), [Fe(II)] is the dissolved Fe(II) 

concentration (mol L-1), t is time (s) and [NO2
-] is the nitrite concentration (mol L-1). In 

this modeling study chemodenitrification was defined as an extracellular abiotic oxidation 

process. The rate constants applied for S1a, S1b and S1c were based on recent studies 

investigating chemodenitrification as a single process at pH 7.0. S1a represented 

conditions where dissolved Fe(II) was complexed by organic chelators and/or bicarbonate 

species by using rate constants reported in chemodenitrification experiments amended 

with 0.5 mM citrate in a bicarbonate basal medium (BBM)22; S1b represented conditions 

without organic chelators where chemodenitrification experiments were performed in 
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sterile BBM solution9; S1c was used to explore the chemodenitrification rates for cases 

where no complexation of Fe(II) occured and where experiments were not performed in 

BBM but instead buffered with PIPES.25 Rate constants for S1b and S1c were derived 

from data-sets using non-linear regression based on the decay equations suggested by 

Kopf et al22, where S1a used the rate reported in the same study for 0.5 mM citrate. Model 

fits using the reported and derived rate constants are given in Fig. 1 and range from 

2.43×10-4 to 1.86×10-3 mol L-1 s-1. For conceptual model S2 the chemodenitrification rate 

used in the simulations was the same as for S1a. These chemodenitrification experiments 

were all performed in anoxic, sterile environments at pH 7.0, similar to the NDFO growth 

experiments9, 19, 22, 25.  

 Enzymatic NDFO 

Alongside chemodenitrification, enzymatic NDFO provided an alternative biological 

pathway for dissolved Fe(II) oxidation. Because the existence of a dedicated Fe(II) 

oxidoreductase for NDFO has not been demonstrated, the enzymatic NDFO pathway in 

this modeling study was broadly defined as any Fe(II) oxidation pathway dependent on 

cells. The  mechanisms outlined by Carlson et al., (2013)29 were primarily used to inform 

the numerical implementation of this separate respiratory process, where dissolved Fe(II) 

oxidation is potentially catalyzed by respiratory complexes (e.g., nitrate reductase, Nar, 

nitrite reductase, Nir).  

Enzymatic NDFO was assumed to be suppressed until most of the acetate was consumed 

(<0.5 mM). This represented the point at which electrons donated by acetate to the 

quinone pool were thought to no longer be able to keep respiratory complexes reduced 

and continue dissolved Fe(II) efflux pumping from the periplasm.29 Consequently, 

dissolved Fe(II) accumulated and was oxidized via one or more of the potential 

mechanisms mentioned previously. Nitrate was assumed to be exclusively reduced to 

nitrite, supported by NDFO causing encrustation of the nitrite reductase enzyme within 

the periplasm, diminishing its activity and leading to the accumulation of nitrite.10, 17, 29 

Direct oxidation of Fe2+
aq to Fe3+

aq by nitrate was not considered as it is not 

thermodynamically favorable (i.e., ΔG0
f >0). Instead, for thermodynamic calculations 

within the FT term green rust carbonate (GR-CO3) was included as the Fe end product for 

enzymatic NDFO (see further explanation below, Table A3).   

 



As the biochemical mechanism for NDFO is unknown, the parameters suggested by Jin 

and Bethke55 for anaerobic respiration were used. The average stoichiometric number, χ, 

was taken to equal the number of times the rate determining step occurs in the overall 

reaction, which is typically the proton translocation step during each instance of the 

quinone cycle.55, 59 Each instance of the quinone cycle consumes a pair of electrons and 

translocates two protons.59 Therefore, in the case of NDFO, where dissolved Fe(II) 

donates a single electron, χ and m equal to 1 and 1/3, respectively (Equation 15). 

Conceptually this mechanism is the equivalent of assuming extracellular electron 

transport through a series of enzymes capable of direct dissolved Fe(II) oxidation to drive 

electron flow along the cell respiratory chain to reduce the quinone pool and ultimately 

generate proton motive force.8, 15 The microbial respiration rate of NDFO was described 

by: 

𝑣3  =  𝑘4[X]
[Fe(II)]

[Fe(II)]+ Kd

[NO3
−]

[NO3
−]+ Ka[NO2

−]
[1 − exp (−

(−∆G+
1

3
×50 kJ.mol−1)

1×RT
)]   (15) 

where 𝑣3is the microbial respiration rate for enzymatic NDFO and all parameters and 

units are consistent with Equations 10 and 11. The rate constants for enzymatic Fe(II) 

oxidation were calibrated using data from chemolithotrophic growth experiments of 

Acidovorax spp. strains BoFeN1, 2AN and TPSY, where dissolved Fe(II) and stored PHB 

were the only available electron donors (Figure A3). Quantities of stored PHB were 

estimated based on the amount of nitrate consumed (Table A2).  

 

 Iron Mineral Formations and Transformations 

Due to its extremely low solubility at circumneutral pH, any Fe3+
aq produced from Fe(II) 

oxidation would immediately precipitate in the solution medium. Green rust is known to 

be the initial precipitate in NDFO cultures.12 Green rust carbonate (GR-CO3) was 

therefore included in the model and assumed to be an equilibrium phase. Furthermore, 

previous studies have found GR-CO3 to be an intermediate product during microbial 

Fe(II) oxidation,12, 51 which actively transforms to more stable Fe mineral products (e.g., 

goethite). In our study, structural Fe(II) in GR-CO3 was modeled to abiotically reduce 

nitrite to ammonium while transforming to goethite.12, 51 The reduction of nitrite by GR-

CO3 was modeled using an overall first order kinetic rate law: 

𝑑 [NH4
+]

𝑑t
=  𝑘5[Fe(II)GR]                                                              (16) 
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where k5 is the rate constant (s-1) and [Fe(II)GR] is the moles of Fe(II) within green rust. 

Nitrate reduction by [Fe(II)]GR was not included as it only competes with microbial 

respiration at higher pH.26 The rate constant k5 was calibrated using literature data from 

studies that investigated the rate of nitrite reduction by green rust sulfate67, but it should 

be noted that rates between different green rusts are not necessarily comparable.27 

 Modeling Tools and Calibration 

Aqueous and solid phase biogeochemistry for all model variants were simulated with 

PHREEQC-3.68 Conceptual models S1a, S1b, S1c and S2 contained 12 adjustable 

parameters and were initially calibrated using the heuristic particle swarm optimization69, 

70 method due to the severe non-linearity common to similar geochemical models.71, 72 

The resulting parameter estimates were subsequently used as initial values for the Gauss-

Levenberg-Marquardt method contained in PEST++73 for final calibration refinement and 

sensitivity analysis; this two-step procedure is consistent with Rathi et al., (2017)58. The 

sum of squared residuals between 165 measurements and their associated model-

simulated results was used as the objective function and minimized during both steps of 

the calibration procedure. The observation data used to constrain the models consisted of 

measurements of Fe(II), acetate, nitrate, nitrite and biomass concentrations taken from 

studies by Klueglein et al., (2013), Klueglein and Kappler (2013), and Carlson et al., 

(2013). Table 2-2 provides calibrated parameters used for S1a simulations for all bacteria 

with further pertinent statistical information provided in Table A1. 

  

Table 2-1: Overview of the conceptual models employed in the biogeochemical model 

Conceptual Model   Enzymatic NDFO    Chemodenitrification conditions 

S1a  Yes  
Organic Fe chelators + ferrous carbonate 

species 

S1b  Yes  Ferrous carbonate species 

S1c  Yes  Aqueous ferrous iron (no complexation) 

S2  No  
Organic Fe chelators + ferrous carbonate 

species 



Table 2-2: Calibrated Model Parameters for All Model Simulations of Model Variant S1a 

Parameters   Definition   Value   Unit 

Parameters for microbial respiration of nitrate reduction to nitrite 

k1 
 

Rate constant 
 

7.99 × 10-5 
 

mol mol biomass-1 s-1 

KA 
 

Electron acceptor kinetic factor 
 

2.38 × 10-5 
 

dimensionless* 

KD 
 

Electron donator kinetic factor 
 

2.18 × 10-3 
 

dimensionless 

Parameters for microbial respiration of nitrite reduction to dinitrogen 

k2 
 

Rate constant 
 

1.10 × 10-4 
 

mol mol -1 s-1 

KA 
 

Electron acceptor kinetic factor 
 

3.50 × 10-6 
 

dimensionless* 

KD 
 

Electron donator kinetic factor 
 

2.25 × 10-5 
 

dimensionless 

Parameters for microbial enzymatic NDFO 

k3 
 

Rate constant 
 

5.0 – 12.5 × 10-5 # mol mol biomass -1 s-1 

KA 
 

Electron acceptor kinetic factor 
 

1.00 – 5.00  × 10-4 # dimensionless 

KD 
 

Electron donator kinetic factor 
 

1.00 – 2.50 × 10-3 # mol L-1 

Kd 
 

Encrustation inhibition  
 

7.59 × 10-3 
 

mol L-1 

Solution Geochemistry 

k4 
 

Chemodenitrification rate 
 

9.84 × 10-4 $ 
 

mol-1 L sec-1 

k5   GR-CO3 oxidation rate   4.12 × 10-5 ^   sec-1 

* KA has units mol L-1 in rate (v2). # Calibrated separately using non-growth experiments (Figure A1). $ Literature value taken from Kopf et al.22 ^ Calibrated separately 

using data collected by Hansen et al.67 (Figure A2)
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2.6 Results & Discussion 

 Quantification of Chemodenitrification Rate 

To determine the contributions of both abiotic and biotic Fe oxidation that occur 

simultaneously, it is critical to properly estimate the chemodenitrification rate. The rate 

constant reported by Kopf et al22 for a chemodenitrification experiment amended with 0.5 

mM citrate (36 mg C L-1, broadly equivalent to previously reported concentrations of 

exopolymeric substances (EPS) of ~100 mg C L-1, based on representative carbohydrate 

production74), provided a good model fit for the data set obtained from abiotic 

experiments that were sourced from an active growth experiment19 (Figure 2-2). 

Consequently, chemodenitrification was constrained using the rate constant derived for 

this experiment (9.84×10-4 mol L-1 s-1) in model S1a, and provided the best overall fit for 

all NDFO experiments (Figure 2-3). Simulations of S1b, where the slower sterile BBM 

rate was employed (k3 = 2.43×10-4 mol L-1 s-1), caused nitrite concentrations to be 

consistently elevated above the observed concentrations in order to compensate for the 

lower rate constant. Alternatively, simulated nitrite concentrations for S1c that used the 

faster rate constant derived from a PIPES buffered solution (k3 = 1.86×10-4 mol L-1 s-1) 

were consistently below the observed nitrite concentrations. 

 

The rate constant reported by Kopf et al.22 and used in the S1a provided the best overall 

fit for a number of reasons. Chemodenitrification rates from experiments reported in 

Jones et al25 and used here in S1c were performed in a Good’s buffered medium (GBM), 

which differs from most NDFO growth cultures that commonly used a BBM. The 

different geochemical conditions between experiments, such as differences in potential 

mineral catalysts, are significant and likely altered the overall kinetics. The experiments 

performed by Klueglein and Kappler9 used a typical BBM medium, from which a 

chemodenitrification rate constant of 2.43×10-4 mol L s-1 was derived. The problem with 

constraining chemodenitrification based on experiments utilizing sterilized BBM is that 

they fail to account for biologically produced Fe(II)-chelating organic ligands,19, 24, 75 that 

are known to exist within active NDFO cultures and to enhance dissolved Fe(II) oxidation 

by nitrite.22 Consequently, applying the chemodenitrification rate constant from Kopf et 

al.22 to the experiment performed by Klueglein et al.19, utilizing spent BBM, provides 

valuable insight into the potential significance of dissolved organic ligands on overall 



Fe(II) oxidation rates in NDFO cultures (Figure 2-2). EPS are secreted by many bacteria, 

including NDFO species, and have previously been found to strongly complex with Fe(II) 

and enhance its oxidation rate (Figure 2-2).24  

 

Figure 2-2: Chemodenitrification rates for experiments by Klueglein et al. (left); Klueglein and 

Kappler9 (middle); and Jones et al.25 (right), used in simulations S1a, S1b and S1c respectively. 

Experiment 4 mM NO2-8 mM Fe(II) is replotted on the left panel with 4 mM NO2-8 mM Fe(II)-EPS 

for reference. Chemodenitrification kinetics were described using equation 14. Observed Fe(II) 

concentrations are presented as a percentage of initial concentration (C/C0) 

Chemodenitrification produces nitrous oxide (Reaction 2), however, measured data were 

only available for Acidovorax spp. strain TPSY cultures.29 The nitrous oxide 

concentrations measured in Carlson et al., (2013)29 while not included as observations 

during model calibration, were used as additional verification of the biogeochemical 

model. Simulation results of nitrous oxide concentrations in model variant S1a for strain 

TPSY broadly matched the observations, whereas S2 model results were significantly 

above the measured data (Figure A4). Further experimental work is required to investigate 

the yields of nitrous oxide in NDFO cultures for different bacteria to better constrain 

nitrous oxide production rates from chemodenitrification. Characterizing stable isotope 

systematics in NDFO cultures to determine the fraction of nitrous oxide produced via 

biological or chemical pathways23, 25 would further elucidate the impact 

chemodenitrification has on nitrous oxide production in Fe rich environments.     

 

 Quantification of Iron(II) Oxidation Processes 

Model variant S2 underpredicted the rate of total Fe(II) oxidation and overpredicted 

nitrite concentrations by as much as 300% (Figure 2-3), indicating biological oxidation 

was contributing to Fe(II) oxidation (all model variants of S1). The maximum rate and 

onset of Fe(II) oxidation was better matched using variants of S1 compared to S2, lending 

further support to the presence of a biological Fe(II) oxidation pathway (observed max 
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oxidation rates: 3.60, 1.22, 3.20, 4.50, 3.60 mM d-1 versus S1a simulated max oxidation 

rates: 4.74, 1.94, 2.37, 4.48, 2.96 mM d-1 for BoFeN1, 2AN, TPSY, Pd1222 and 2002, 

respectively). The contribution of chemodenitrification was consistent across all bacteria 

(Figure 2-3). In growth media where acetate was supplied, chemodenitrification was 

responsible for: 35, 39, 25, 37, 40% of the overall dissolved Fe(II) oxidized for 

Acidovorax spp. strains BoFeN1, TPSY, 2AN, Pseudogulbenkiania strain 2002 and 

Paracoccus denitrificans, respectively, with enzymatic NDFO responsible for the 

remaining proportion. The extent of chemodenitrification was similar across all bacteria 

strains, potentially indicative of biological process(es) common to most denitrifers, as has 

been postulated previously.29 The extent of abiotic and biotic Fe(II) oxidation processes  

 

Figure 2-3: Simulation and experimental results for three Acidovorax strains BoFeN1, 2AN and 

TPSY as well as Paracoccus denitrificans strain Pd 1222 and Pseudogulbenkiania strain 2002. 

Symbols represent observed concentrations for total Fe(II) (red circle), nitrate (blue down triangle), 

acetate (yellow up triangle), nitrite (yellow square), biomass (filled green diamonds), from Klueglein 

and Kappler9, Chakraborty et al.17 and Carlson et al.29 Simulation S1a (solid black line), S1b 

(dashed black line) and S1c (dash dot black line) were compared against S2 (solid red/gold line). All 

model results are similar for parameters presented in rows 2 and 4 to 6, and are therefore excluded 

to improve figure clarity. Fifth row presents the kinetic factors FA and FD (red and blue respectively) 

and the thermodynamic potential factor FT (green). The sixth row presents the contribution of 

chemodenitrification (red hatches) and enzymatic NDFO (blue hatches) to overall Fe(II) oxidation. 

Biomass subject to encrustation is provided (solid black line) as well as uninhibited biomass for 

reference (solid green line). 



 

for the lithoautotrophic Pseudogulbenkiania strain 2002 yielded similar results to those 

found by Kopf et al.22 In their experiments abiotic oxidation accounted for 30~35% of the 

total dissolved Fe(II) oxidized using the strain Pseudogulbenkiania sp. strain MAI-1, 

which is closely related to Pseudogulbenkiania strain 2002. Acidovorax spp. strain 

BoFeN1 cultures oxidized ~35% of Fe(II) via chemodenitrification, consistent with 

previous studies that used Fe(II)-EDTA to discern biotic and abiotic dissolved Fe(II) 

oxidation contributions and found chemodenitrification played a major role.76 

 

In all of the simulations for model variant S2, the thermodynamic drive of enzymatic 

Fe(II) oxidation never reached zero as long as the dissolved Fe(II) and nitrate 

concentrations remained above zero (Figure 2). Similarly, the concentrations of nitrate, 

the electron acceptor, had little impact on the overall rate, with the kinetic factor FA being 

consistently at or close to 1 for much of the experiment, while falling rapidly when 

concentrations approached zero. Consequently, enzymatic Fe(II) oxidation was 

controlled predominantly by mineral encrustation, particularly for strains TPSY and 2AN, 

as well as the kinetic factor FD. Given NDFO was never thermodynamically constrained, 

in the natural environment where substrate concentrations are significantly lower, 

enzymatic NDFO could still be an active metabolic pathway for nitrate reducing species.   

 

 Green rust carbonate (GR-CO3) as a reactive intermediate 

GR-CO3 was assumed to precipitate as the initial Fe mineral product and was an 

equilibrium phase in the model simulations for all bacteria12, 51.  Structural Fe(II) within 

green rust (Fe(II)GR) was oxidized by nitrite and transformed GR-CO3 into goethite12, 51, 

77 at a rate calibrated using experimental data collected by Hansen et al (1994).67 The 

calibrated rate constant for Fe(II)GR oxidation by nitrite (4.12 × 10-5 s-1), was faster than 

the rate determined by Weber et al. (2001)53 for Fe(II) in magnetite and biologically 

reduced goethite (3.38 × 10-5 and 3.18 × 10-6 s-1, respectively), and almost one order of 

magnitude faster than Fe(II)GR oxidation by nitrate (0.4 – 6.6 × 10-6 s-1).27 GR was 

responsible for reducing between ~15 and 39% of all the nitrite formed in simulation S1a, 

demonstrating that it can strongly control nitrite accumulation in the growth culture.  
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In all model simulations, the reduction of nitrite to ammonium by GR-CO3 provided the 

best fit to the observed nitrite data. However, a number of different nitrogen species can 

be produced from the oxidation of Fe(II)GR by nitrite,  including nitrous oxide, dinitrogen 

gas or ammonium and is a function of the solution pH, redox potential, and concentration 

of phosphorus.27, 51, 78 While previous studies investigating the reduction of nitrite by 

green rust have found significant quantities of nitrous oxide21, 49, inclusion of this reaction 

within the S2 simulation causes excessive nitrous oxide production, significantly above 

the limited number of observed nitrous oxide concentrations. Etique et al.51 found total 

Fe(II) oxidation by biogenic nitrite produced stoichiometric amounts of ammonium in a 

heterotrophic nitrate reducing growth culture, geochemically similar to the cultures 

investigated in this study. Moreover, ammonium production during the partial reduction 

of nitrate by GR-CO3 has previously been found to be greater than 70% at circumneutral 

pH, where Fe2+
aq was supplied in excess.27 Understanding the products of secondary Fe 

mineral reactions with biogenic nitrogen species would be improved if a full nitrogen 

mass balance could be calculated, but few NDFO studies have been published that include 

such comprehensive data.         

 

 Implications of the Model-Derived Findings  

Although several studies had already investigated the role of biotic and abiotic Fe(II) 

oxidation,9, 22, 29, 76 experimentally determining their relative contributions is challenging 

as both are intrinsically coupled during NDFO.9, 52 By translating different conceptual 

models into process-based numerical models, this study was able to isolate and quantify 

the rates of abiotic and biotic dissolved Fe(II) oxidation. Furthermore, through the model 

development and application, several processes were identified that require further 

investigation through additional targeted experiments to reduce model conceptual and 

parameter uncertainty. Figure 2-4 summarizes the conceptual model of NDFO processes 

that were considered in the biogeochemical model in this study. It also summarizes 

alternative pathways that are currently omitted from the model which could, however, 

potentially warrant inclusion if future experiments would demonstrate their existence and 

relevance.   



 

Figure 2-4: Conceptual models of NDFO with varying levels of complexity. Model (3a) represents the 

processes included in the biogeochemical model developed for this study. Dashed grey arrows 

represent processes that are either unknown or potential processes active in NDFO cultures that 

require ongoing investigation. (1) A dedicated Fe(II) oxidoreductase exclusively responsible for 

NDFO. (2) Respiratory complexes catalyse NDFO (enzymatic NDFO) with additional Fe(II) 

oxidation occurring extracellularly via chemodenitrification. (3a) Identical to (2) but with the 

inclusion of green rust oxidation by nitrite, producing goethite and ammonium. (3b) Identical to (3a) 

but including: species-specific rates for Fe(II) carbonate/organic complexes; enhanced abiotic Fe(II) 

oxidation within the periplasm due to low pH. 

The most pressing issue identified through our biogeochemical modeling study that 

demands attention is the characterization of EPS secreted by NDFO bacteria in pure 

cultures.19 This is a crucial knowledge gap given that EPS is commonly a combination of 

macromolecules that includes polysaccharides24 which are known to complex with Fe(II) 

and enhance chemodenitrification.22 Undertaking experiments similar to those performed 

by Norman et al.24, where the role of EPS on the oxidation rate and solubility of Fe were 

assessed, will be beneficial to understand the extent to which components within EPS 



Identifying and Quantifying the Intermediate Processes during Nitrate Dependent Iron 

Oxidation 

 55 

complex with Fe(II) and affect its biogeochemical cycling within NDFO cultures. These 

experiments could also examine whether changing the initial Fe concentrations or varying 

the electron-donor balance affects the composition of EPS and hence the 

chemodenitrification rate. Furthermore, quantifying the species specific oxidation rate of 

Fe carbonate species by nitrite or nitric oxide is yet to be investigated in the same vein as 

its oxidation rate by molecular oxygen.79 The development of a more comprehensive 

chemodenitrification model would improve the utility of any future biogeochemical 

modeling of NDFO and would allow the identification of key reactive species to assess 

their prevalence in natural sediments likely to inhabit NDFO bacteria. These contributions 

would improve the understanding of NDFO and its significance on the cycling of Fe in 

natural environments.  

 

Determining the rate of enzymatic NDFO could be improved by performing NDFO 

growth cultures using pre-starved cells. This will mitigate the potential interference of 

internally stored carbon within NDFO cells driving significant nitrate reduction to nitrite 

and causing the interfering chemodenitrification reaction even in the absence of an 

exogenous carbon source. The same set of pre-starved batch experiments could also 

clarify whether nitrite is formed as a result of biological Fe(II) oxidation. Reaction 

kinetics may potentially be slower in pre-starved culture experiments which would be 

beneficial for identifying the presence of reactive intermediate Fe mineral phases and 

their influence on Fe(II) oxidation rates.     

 

Finally, few studies report gaseous nitrogen products nitric oxide29, nitrous oxide29, 43 or 

dinitrogen gas7, 50 within NDFO cultures prohibiting the calculation of the nitrogen mass 

balance, which would also assist in determining the potential major biotic and abiotic 

Fe(II) oxidation processes. Combined with stable isotope experiments the fate of the 

nitrogen could be well traced to refine the conceptual model.80 Extending this model 

framework to a controlled well-characterized field trial, such as the one reported by Smith 

et al.80, would be valuable to further understand the interplay between chemical and 

biological NDFO processes and the production on various nitrogen products.  
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CHAPTER 3.  MODEL-BASED 

INTERPRETATION OF 

DENITRIFICATION IN AN IRON 

RICH AQUIFER 

3.1 Abstract 

Redox reactions between nitrogen and iron (Fe) have been intensively investigated over 

the last 30 years, but this redox couple, and its potential to be microbially mediated, has 

been poorly investigated outside of laboratory incubation experiments. A series of natural 

gradient tracer tests were therefore performed in which nitrate was injected into the anoxic 

core of an Fe(II) rich wastewater contaminated plume at Cape Cod to investigate nitrate-

dependent Fe oxidation (NDFO) within aquifer settings. Initial analysis of the 

experimental results concluded nitrogen oxide reduction was a complex interplay of 

abiotic and biotic reactions. In this study, a reactive transport model was developed to 

identify the controls on Fe(II) oxidation and quantify the contributions of competing 

electron donors for nitrogen oxide reduction under anaerobic field conditions. Comparing 

the modeling results from a series of tested conceptual models the most plausible was 

identified and concluded sediment organic carbon reduced 91% of the injected nitrate, 

while electrons donated by Fe(II) reduced the remaining 9%. The mobility of 

contaminants As(V), As(III) and phosphate in the contaminated groundwater were 

evaluated by considering sorption onto freshly precipitated Fe (oxy)hydroxides and 

sediments, that were constrained using sorption experiments characterizing the surface 

complexation reactions of As and phosphate on Cape Cod sediments. Model-based 

analysis of phosphate attenuation suggested the formation of Fe phosphate minerals 

capable of co-precipitating both As(V) and As(III). The reactive transport model 

developed in this study can be used to aid the design and implementation of future field 

experiments specifically intended for investigating in situ groundwater remediation 

strategies.  

 



3.2 Introduction 

Nitrate (NO3
-) is a common groundwater contaminant that in many cases also controls 

the mobility of metal(loid)s, such as arsenic (As). This occurs when iron (Fe) is oxidized 

and As is concomitantly sequestered by both surface complexation and/or co-

precipitation.34, 39, 41, 81 While nitrate (NO3
-) is a powerful oxidant, its chemical reaction 

with Fe(II) is slow. However, the reaction is vastly accelerated when mediated by NO3
--

dependent Fe oxidizing (NDFO) bacteria. NDFO is an important redox process that has 

been demonstrated to occur within a diverse array of aquatic sediments and with a wide 

variety of microorganisms.2, 6, 7, 16 However, the majority of studies were conducted at the 

laboratory-scale, which primarily focused on identifying microbes capable of NDFO and 

on determining the electron transfer pathways of the reaction.8, 15 To date, the occurrence 

and relevance of NDFO in the natural environment remains uncertain.    

This uncertainty persists mostly due to a lack of comprehensive field studies that collected 

data that were suitable to reliably assess the occurrence of NDFO. One study that provided 

such data was conducted by the U.S. Geological Survey at Cape Cod,  Massachusetts.80 

In that study a series of natural gradient tracer tests were performed by (re-)injecting 

NO3--amended groundwater into an aquifer zone that was characterized by elevated 

concentrations of both dissolved and sediment bound Fe(II).80 An initial interpretation of 

the results from this field experiment suggested the occurrence of NDFO, and that the 

reaction kinetics were rapid. The experimental results also showed that as a result of the 

coupling between redox species Fe and NO3
- there was a transient decrease in the aqueous 

concentrations of phosphate and As.80     

Despite the well-controlled nature of the field experiment, identifying the key reactions 

responsible for the observed geochemical changes with confidence is challenging, as 

there are a number of interdependent abiotic and biotic processes that occur 

simultaneously, which can obfuscate the true reaction pathway. For example, both 

denitrification and dissimilatory NO3- reduction to NH4
+ (DNRA) can produce 

appreciable transient quantities of NO2
-, which can chemically oxidize Fe(II) and produce 

N2O and Fe(III) oxyhydroxides, a process known as chemodenitrification. This abiotic 

reaction is fast enough to compete with microbial NO2
- reduction,82 thus creating a 

complex interplay between chemical and biological nitrogen removal pathways. For 

example, Onley et al. 83 recently demonstrated the capability of denitrification by the 

common soil bacterium Anaeromyxobacter dehalogenans. Despite lacking the genes nirK 

and nirS that are necessary for NO2
- reduction to nitric oxide, chemodenitrification was 
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shown to provide an abiotic alternative for this reduction step during denitrification.83 

Alternatively, organic carbon may also play a crucial role, even where its concentrations 

are low. Sediment organic carbon commonly is the preferable electron donor, thus 

competing with Fe and therefore complicating process identification.  

Measuring the stable isotope ratios of N (15N/14N) and O (18O/16O) in NO3
- from polluted 

groundwater is a useful tool to identify provenance and biogeochemical transformation 

pathways. For example, the relative contributions of denitrification and/or nitrification 

can be evaluated by the magnitude of changes in the enrichment of δ15N and δ18O of 

NO3.
84 In numerical models calculating isotopic reactions using apparent fractionation 

factors is complicated by a number of processes, such as mixing due to advection-

dispersion85 as well as the inherent assumptions of the kinetic Equations used to describe 

the reactions.86  

In this study we use a reactive transport modeling approach to perform a refined analysis 

of the experimental data that were collected during the Cape Cod NO3
- injection 

experiment. The model development was jointly constrained by aqueous concentration 

and stable isotope data, as well as additional sorption experiments that characterized the 

surface complexation reactions of As and phosphate on Cape Cod sediments. A series of 

alternative conceptual models (CMs) were developed for a quantitative assessment of all 

potentially relevant individual processes. Determining the relative contributions of these 

processes revealed the most plausible CM, providing a greater understanding of how NO3
- 

is reduced in Fe(II) rich  aquifers, and how this ultimately controls the mobility of 

contaminants, such as phosphate and As.   

3.3 Methods 

 Field Experiment  

This study used a comprehensive data set collected from a field experiment at Cape Cod, 

Massachusetts, where treated sewage was historically discharged into an unconfined sand 

gravel aquifer between 1936 – 1995.87 The experiment was conducted within the anoxic 

core of the contaminant plume characterized by elevated dissolved concentrations of 

Fe(II) (~175 µM), phosphorous (70 µM) and arsenic (0.2 µM), but devoid of  nitrogen 

species other than N2 and low concentrations of NH4
+ (~4 µM). For each injection, tracer 

solutions containing ~100 or ~1000 µM of NO3
- were created by adding reagent NaNO3 



to 150L of anoxic native groundwater and re-injected at the depth of the anoxic Fe(II) 

zone in 2006 or 2007, respectively. Bromide (as NaBr) was added as a dedicated 

conservative tracer for injections 1 and 2 at concentrations of 1070 and 1180 µM, 

respectively, to determine the effects of dilution from advection-dispersion processes. 

Three injections were conducted in 2006, while two were conducted in 2007. The 

amended groundwater was injected at well M2 while wells M3, M6 and M10, located 1, 

3 and 5m downgradient, were sampled for aqueous species concentrations and stable 

isotopes 15N and 18O in NO3
- over ~120 days (Figure 3-1).  

Concomitant decreases in Fe(II) and NO3
- concentration were observed after injections 

along with precipitation of Fe(III) oxyhydroxides. NO3
- concentrations decreased during 

transport, while elevated concentrations of N2O were observed that decreased with 

distance from the injection well. NO2
-concentration of 2 µM or less were observed but 

only at the closest monitoring well, and NH4
+ concentrations remained low with only 

minor fluctuations (1-4 µM). Aqueous concentrations of phosphate and As decreased 

during and shortly after the injections, but eventually returned to background values. 

Further details on the background hydrochemistry of the groundwater at the Cape Cod 

site, as well as the field injection experiment can be found in Smith et al.80  

 

Figure 3-1: Schematized model domain and discretization showing positions of the injection (M2) 

and monitoring  wells (M3, M5 and M10). Simulation results of bromide concentrations three days 

after injection is provided to illustrate the maximum dimensions of the resultant injectant plume. 

  

                



  Model-based interpretation of 

Denitrification in an iron rich aquifer 

 61 

 

3.4 Reactive Transport Model 

 Modeling Approach and Tools  

A series of two-dimensional reactive transport models were developed to test the 

plausibility of different hydrochemical conceptual models (CMs) of the nitrogen 

transformation pathways. The U.S.G.S. computer code MODFLOW88 was used to 

simulate the local-scale groundwater flow processes during the field injection experiment 

and computer code PHT3D89 was used to simulate the reactive transport processes. In a 

first step a flow and conservative transport model was developed.  

Hydrogeological parameters controlling the local transport characteristics were mostly 

constrained by measured bromide breakthrough curves from downstream locations. 

Matching the observed bromide concentrations was used as an indicator that advective-

dispersive transport was well captured by the model and suited to distinguish between 

reaction-induced and transport-induced concentration changes. Data collected during the 

first injection experiment in 2006 were subsequently used to estimate the ion exchange 

capacity of the sediments. This dataset was selected as (i) the estimation of the ion 

exchange capacity was presumably less impacted by Fe(II) oxidation as only a low 

concentration of NO3
- was injected (100 µM) and (ii) this experiment showed the highest 

tracer mass recovery. Similarly, a site-specific surface complexation model (SCM) was 

developed from a series of sorption experiments that determined arsenate and phosphate 

competition on Cape Cod sediments. This lab-derived SCM was applied to all field-scale 

simulations.  

Finally, the field data collected in 2006 and 2007 were used to constrain each of the 

evaluated CMs that incorporated differing biogeochemical reaction processes. Where 

available parameter values for processes within the CMs were taken from previous studies 

conducted at Cape Cod. Alternatively, where no previous data exists, literature values 

were used as prior information for an automatic calibration step using a heuristic particle 

swarm optimization (PSO) algorithm utilizing a 1-dimensional version of the model to 

save computational effort and allow many thousands of model realizations to occur. 

Following this the Gauss-Levenberg-Marquardt method contained in PEST++ was 

employed for further final refinement of parameter estimated values.73  



 Flow and Conservative Transport Model 

A two-dimensional transient flow model was constructed to simulate the impacts of both 

the natural groundwater flow and of the discrete injection events. Given the small 

dimensions of the model domain and the homogenous characteristics of the aquifer 

computational effort was saved by modelling only one half of the laterally symmetrical 

model (Figure 3-1). The size of the model was 10 and 1.6 in longitudinal and horizontal 

direction, respectively, 0.5m thickness for the single layer. The model domain was 

discretized into a grid of 100 columns (longitudinal flow direction) and 6 rows (transverse 

direction). The discretization in column direction was fixed at 0.1m, while varying 

between 0.1 and 0.3m in row direction. The total simulation period was 130 days, 

discretized into 5 stress periods (SPs). The first SP represented the natural background 

flow conditions, and was followed by the first injection event (SP2) and post-injection 

period totaling ~6 days (SP3). SP4 and SP5 (i.e., The remaining ~124 days included the 

second injection event and post-injection period. Bromide (as NaBr) was added as a 

conservative tracer for injections 1 and 2 at concentrations of 1070 and 1180 µM, 

respectively. The tracer cloud was approximately spherical and extended out to a 

maximum diameter of ~1.50m (Figure B-1).  

 

 Reactions and Equations for Conceptual Models  

Figure 3-2 provides the reaction network for each alternate conceptual model exploring 

the impact of important abiotic and biotic processes identified in Smith et al80 and from 

previous studies9, 19 while Table 1 provides a list of all of the reactions. Multiple 

conceptual models were explored to identify which combination of processes were able 

to best describe the experimental data.  

CM1 was used as a base case assuming the only available electron donor was Fe(II). It 

assumed NO3
- reduction was directly coupled to Fe oxidation through a microbial 

enzymatic process to N2O (Reaction 1) and then N2 (Reaction 3).7, 43 While N2 has 

previously been measured as an end product of NDFO, it should be noted that numerous 

studies utilizing well investigated pure and enrichment cultures found N2O was not 

reduced when aqueous Fe(II) (as FeCl2) was supplied as the sole electron donor.13 

Therefore, CM2 was investigated and only differed from CM1 by assuming N2O was 

reduced by electrons supplied by sediment organic carbon (SOC) (Reaction 4) instead of 

Fe(II). The overwhelming majority of available Fe(II) was present as sorbed Fe(II), which 
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is hypothesized as being a stronger reductant than aqueous Fe2+. Therefore, the rate of 

chemodenitrification could be fast enough to compete with biological nitrite reduction. 

Therefore, CM3 investigated a linked biotic-abiotic pathway, in which NO3
- was reduced 

heterotrophically to NO2
-, as per Reactions 2 and 5 respectively, and chemodenitrification 

reduced NO2
- to N2O (Reaction 7), which was reduced heterotrophically to N2 (Reaction 

4). This conceptual model evaluates whether chemodenitrification alone could be 

responsible for controlling Fe(II) oxidation. Finally, CM4 investigated an alternative 

reaction pathway that considered whether only assuming dissimilatory nitrate reduction 

to ammonium (DNRA) (Reaction 6) and chemodenitrification could explain the observed 

data. While anammox has been reported in the aquifer at Cape Cod,90 its contribution was 

considered negligible during the current experiment, as N2O is not an intermediate 

product of anammox. 

 

Figure 3-2: Overview of the conceptual models employed in the biogeochemical model. Green lines 

indicate biologically mediated processes whereas red lines indicate chemical reactions.   

  



Table 3-1: Equations for all reactions used in final calibrated numerical models and where α is used 

for simulating open-system Rayleigh fractionation. CM1 consisted of reactions: 1 + 3; CM2, 1 + 4; 

CM3, 2 + 5 + 7; CM4, 2 + 6 + 7 

   Reaction   Equation 

 1                   3 Fe(II) + NO3
− +   7H2O →  3 Fe(OH)3 +  N2O +   5H+ 

2                     2 Fe(II) + NO3
− +   5H2O →  3 Fe(OH)3 + NO2

− +   4H+ 
 NO3

- reduction 

coupled to Fe 

Oxidation 

 d[NO3
−]∗

dt
=  k1[X][NO3

−](α) 

 2                   2 Fe(II) + NO3
− +  5 H2O → 2Fe(OH)3 + NO2

− + 4H+ 

 
 NO3

- reduction 

coupled to Fe 

Oxidation 

 d[NO3
−]∗

dt
=  k1[X][NO3

−](α) 

 3                    2 Fe(II) +  N2O + 5 H2O → 2 Fe(OH)3 +  N2 +   4 H+ 

 N2O reduction 

coupled to Fe 

Oxidation 

 d[N2O]

dt
=  k2[X][N2O] 

 4                  
1

2
 CH2O + N2O →    N2 +  

1

2
H2O +  

1

2
 CO2 

 Heterotrophic N2O 

Reduction 

 d[N2O]

dt
=  k4[X] (

[NO3
−]

Ka + [NO3
−]

) 

 5                  CH2O + 2 NO3
−  →   2 NO2

− +  H2O +  CO2 

 Heterotrophic NO3
- 

Reduction  

 

 d[NO3
−]∗

dt

=  k3[X](α) (
[NO3

−]

Ka + [NO3
−]

) (
[SOC]

K𝑑 + [SOC]
)  6                  6 Fe(II) + NO2

− +  8H+  →   6 Fe(III) + NH4
+ +   2H2O 

 Dissimilatory NO3- 

Reduction to NH4
+ 

 d[NO2
−]

dt
=  k5[X][NO2

−] 

 7                4Fe(II) + 2NO2
− +  5H2O →  4FeO(OH) + N2O(g) + 6 H+   

 Chemodenitrification  d[NO2
−]

dt
=  k6[Feaq

(II)
][NO2

−] 

 Biomass Growth 8 d[X]

dt
=  Yvmax 

 

 Hydrous Ferric 

Oxide 

9 d[HFO]

dt
=  −𝑘7[FeIII] (

SIFe(OH)3

1 + SIFe(OH)3

) 

 

 Strengite 

(FePO4) 

10 d[FePO4]

dt
=  −𝑘7[FeIII] (

SIFePO4

1 + SIFePO4

) 

 

 



  Model-based interpretation of 

Denitrification in an iron rich aquifer 

 65 

 Numerical implementation of reaction network 

The biogeochemical reaction networks for CMs 1 to 4 were added to the PHT3D reaction 

database as a mixture of equilibrium and rate-controlled reactions, with the WATEQ4F 

database serving as the starting point for modifications. The redox couples Fe(II)-Fe(III) 

and As(III)-As(V), as well as all nitrogen redox transformations, were decoupled from 

the overall redox equilibria in the original thermodynamic database. Thus, all redox 

transformations were assumed to be rate-controlled. The corresponding rate laws for each 

of the different processes simulated in CMs 1 to 4 are listed in Table 1.  

 Fe Mineral Formation and Native Sediment Mineralogy  

The Cape Cod sediments are composed of quartz (95% w/w) with minor amounts of 

feldspars and alumino-ferro silicates91, 92, and can be considered effectively inert over the 

course of the experiment. Fe mineral formation was controlled kinetically across all CMs, 

with Fe3+
aq produced from Fe(II) oxidation precipitated either as the ferric iron phosphate 

mineral strengite, or amorphous Fe oxyhydroxides. Green-rust phases have previously 

been identified as transient meta-stable mineral products during NDFO that are 

subsequently oxidized to more stable Fe minerals (e.g. goethite).12 The thermodynamic 

stability of chloride, sulfate and carbonate green-rust phases before and during the 

experiments was calculated using background chemical conditions in the Fe(II) zone of 

the aquifer and all were found to be undersaturated (i.e. log SI < 0, Table B2). 

 Biomass Growth and Sediment Organic Carbon Degradation  

The stoichiometric reactions for Reactions 1-6 and 8 and the associated biomass growth 

were all derived after applying the principles described in Rittmann & McCarty (2001) 

(Table B3). Specific growth yield coefficients were determined based on the free energies 

of reactions after accounting for non-standard conditions for pH, temperature and reactant 

concentrations. Biomass was represented using the generic formula C5H7O2N and its 

growth described using a first order reaction rate constant (Table 1, Reaction 8). 

The concentration of SOC or DOC was not measured during the present field experiment. 

However, a previous separate study by Smith et al.93 determined the water extractable 

organic carbon fraction of Cape Cod sediments approximately ~50m north of where the 

tracer tests were conducted. Based on the average of these measurements SOC was 

assumed to be 254 µmol kg-1 and given an aquifer porosity of 0.39 and solid-phase density 



of 2.65g cm-3 an equivalent aqueous concentration of 1040 µM was calculated for CM 2 

and 3.93 Additionally, measured total DIC concentrations provided a constraint on the 

amount of organic carbon oxidized, assuming it was fully mineralized to CO2, and was 

calculated using the measured alkalinity, temperature and pH for each observation point.  

 Nitrogen Isotopes  

Along with simulating the concentrations of the various nitrogen species, tracking the 

associated nitrogen isotope signatures was used as an additional tool for evaluating the 

plausibility of each CM by comparing simulated and measured time series of  𝛿 15N. 

Nitrogen isotopic composition was described in the standard delta notation, where:  

 δ15N = [(
Ri

RStd
) − 1]        (9) 

where 𝑅𝑖 is the 15N/14N ratio in the sample and RStd is the 15N/14N ratio of atmospheric N2 

and values of d15N x 1000 are reported in parts per thousand (‰). Where applicable, the 

initial isotopic fractionation factor assigned to all kinetic N reactions prior to model 

calibration was 0.984.80 The rate expressions for each of the isotopologues were modeled 

using either the conventional first order kinetic equations or Michaelis-Menten-Monod 

kinetics (Table 1, Reaction 5).  

 Surface Complexation Reactions 

During the NO3
- injection experiments the mobility of As and phosphate species was 

controlled through sorption reactions on both the aquifer sediments and on neoformed 

HFO.80 Sorption on sediments was simplified to include only As(V) and phosphate 

species, as As(III) sorption was previously found to be insignificant at this site.94 To 

characterize the sorption behavior of phosphate and As(V), laboratory experiments were 

conducted using sediments collected from the uncontaminated zone above the wastewater 

plume95 and artificial groundwater (AGW) representative of the uncontaminated 

groundwater from the study area (Table B1-AGW). Experiments were performed 

between pH 5.0 and 7.0 with concentrations of As(V) and phosphate that varied from 5 – 

500µM and 8.0 - 300µM, respectively. For each experiment the AGW was allowed to 

pre-equilibrate with the sediment before As(V) and/or phosphate was added to insure the 

sediments were in equilibrium with respect to the cation sorption reactions. A site specific 

non-electrostatic generalized composite-surface complexation model (GC-SCM)96 was 

then developed using the data collected from the batch adsorption experiments and 

applied in all simulations. The GC-SCM developed to describe and interpret the 
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experimental results consisted of a one site model that incorporated surface complexation 

reactions with cations Ca, Mg, and Fe, all sharing the same log K value calibrated for this 

study, as well as As(V), phosphate and protonation (Table 2). This GC-SCM was then 

implemented in the full reactive transport model simulations for each CM to simulate the 

mobility of As(V) and phosphate during the tracer injection experiments. The total surface 

sites and log K values were calibrated parameters (further details on the experimental 

procedure and calibration process are provided in SI).   

Sorption of As(III), As(V), phosphate and Fe(II) was assumed to occur on the Fe 

oxyhydroxide minerals that formed as a result of NDFO. Competition between HCO3
-,  

CO3
2- as well as Fe(II) for adsorption onto hydrous ferric oxides (HFO) was simulated 

using an electrostatic double-layer model with two-sites (strong, Hfo_s, and weak, 

Hfo_w), at site densities provided by Dzombak and Morel97 and log K values provided 

by Appelo et al.98 The initial parameter values for calibration of all  intrinsic surface 

complexation constants for As(III), As(V) and phosphate were instead taken from 

Gustafsson and Bhattacharya.99 Sulfate behaved conservatively with concentrations 

remaining consistently at ~100µM for the duration of the field experiment80, 

consequently, sulfate reduction was not considered in the reaction.   



Table 3-2: Selected parameters for PHREEQC equilibrium exchange reactions (CM 1-4), sediment 

surface complexation model (CM1-4) and HFO sorption reactions (CM3) (all reactions provided in 

databased supplied in SI). Where available literature values are given in parentheses. #Gustafsson 

and Bhattacharya99, ^Dzombak and Morel100,*Appelo et al.98 Log K in SCM all for 250C.  

Surface Complexation Reactions Log K 

HFO Surface Complexation Reactions  

HfowOH +  H3AsO3  ↔  HfowH2AsO3
+ H2O 5.27 (5.27)# 

HfowOH +  H3AsO3  ↔  Hfo_wHAsO3
− + H+  + H2O -3.57 (-2.91) # 

HfowOH +  AsO4
−3 + 3H+  ↔  Hfo_wH2AsO4 + H2O 31.53 (30.98) # 

Hfo_wOH + AsO4
−3 +  2H+  ↔  Hfo_wHAsO4

− + H2O 24.06 (25.84) # 

Hfo_wOH + AsO4
−3 +  H+  ↔  Hfo_wAsO4

2− +  H2O 18.0 (19.50) # 

Hfo_wOH + AsO4-3 = Hfo_wOHAsO4-3 10.0 (11.92) # 

Hfo_wOH + PO4-3 + 3H+ ↔ Hfo_wH2PO4 + H2O 30.0 (31.29)^ 

Hfo_wOH + PO4-3 + 2H+ ↔ Hfo_wHPO4- + H2O 24.72 (25.39) ^ 

Hfo_wOH + PO4-3 + H+ ↔ Hfo_wPO4-2 + H2O 16.50 (17.72) ^ 

Hfo_sOH + Fe+2 ↔ Hfo_sOFe+ + H+ -0.96 (-0.95)* 

Hfo_wOH + Fe+2 ↔ Hfo_wOFe+ + H+ -3.63 (2.98) * 

Hfo_wOH + Fe+2 + H2O ↔ Hfo_wOFeOH+ 2H+ -10.02 (11.55) * 

Sediment Surface Complexation Reactions  

SedOH  + H+ ↔  SedOH2+ 6.80 

SedOH + PO4
−3 + 2H+ ↔ SedHPO4

− + H2O 27.86 

SedOH + PO4
−3 + H+ ↔ SedPO4

−2 + H2O 18.39 

SedOH + H3AsO4 ↔ SedOHAsO4-3 + 3H+ -8.39 

SedOH + H3AsO4 ↔ SedHAsO4- + H2O + H+ 3.61 

SedOH + H4SiO4 ↔ SedH3SiO4 + H2O 3.33 

SedOH + Mg+2 + H2O ↔  SedOMgOH  + 2 H+ -6.92 

SedOH + Ca+2 + H2O ↔ SedOCaOH + 2 H+ -6.92 

SedOH + Fe_di+2 + H2O↔  SedOFe_diOH + 2 H+ -6.92 

Exchange Reactions Log K 

H+ + Y− ↔ HY  0.0 

Na+ + Y− ↔ NaY  -3.55 

𝐾 + Y− ↔ KY  -3.98 

𝑁𝐻4
+ + Y− ↔ 𝑁𝐻4Y  -3.48 

Fe2+ + 2Y− ↔ Fe2Y  -5.91 

Ca2+ + 2Y− ↔ Ca2Y -6.01 

Mg2+ + 2Y− ↔ Mg2Y -5.55 
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 Cation Exchange  

Cation exchange was modeled based on the Gains-Thomas convention, using an 

exchanger site and equilibrium constants for each cation. The cation exchange capacity 

and all equilibrium constants were calibrated against the 2006 experimental dataset 

(Table 2). 

3.5 Results & Discussion 

 Conservative Transport Behavior 

Using bromide as key indicator, the flow and conservative transport behavior governing 

the injection experiments was reasonably well captured by the model simulations. 

Measured and simulated Br breakthrough curves at each of the observation wells (M3, 

M6 and M10) generally were in agreement with some minor exceptions (Figure 3-3). The 

most noticeable discrepancies between simulated and observed bromide breakthrough 

behavior were found for well M3. However, these discrepancies can be attributed to the 

removal of large groundwater samples from M3 for incubation experiments.80 The impact 

of groundwater sampling from M3 is most obvious for the second injection experiment, 

where it occurred at or near the bromide peak and thus resulted in a step decrease in 

bromide concentration. This interference with natural flow conditions also affected the 

bromide breakthrough curves in the downstream wells, which can be observed during the 

trailing limb of the first injection at M6 and the rising limb of the first injection at M10 

(Figure 3-3). Irrespective of this issue, the model and experimental calculated travel times 

and tracer masses have differences ˂6% for wells M3 and M10, while differing 

considerably more in well M6 (~36%), where the simulated average travel time is faster 

than what was observed. While, the aquifer is comparatively homogenous, local-scale 

variations of flow and transport rates have also previously been reported for other small-

scale tracer tests at Cape Cod.101  

  



 

Figure 3-3: Simulation and experimental concentration time series at locations M3, M6 and M10 

over130 days. Symbols represent measured concentrations from Smith et al.11 Simulation results for 

CM1 (dotted line), CM2 (dashed line), CM3 (solid line) and CM4 (dash dot line) are provided for all 

aqueous species, excluding P where only CM3 is provided but is representative of all other CMs 

investigated. Blue squares represent bromide; red circles, nitrate; yellow triangles, nitrous oxide; 

dashed black line, biomass; cyan squares, calcium; red squares, Fe(II); purple circles, arsenic; and, 

yellow circles, phosphate.   
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 Nitrate Reduction Rates 

Out of the four CMs only CM3 reproduced the temporal changes in the aqueous 

concentrations of NO3
- for both injections at all observation wells (Figure 3-3). In situ 

NO3
- reduction rates were calculated from the measured concentrations of NO3

- and the 

rate Equations in Table 1 using model simulated concentrations of biomass and organic 

carbon for CM3. The hysteresis in simulated in situ NO3
- reduction rates between the 

rising and trailing limbs of each of the injections results from the growth of biomass. 

These were compared with simulated NO3
- reduction rates and showed to match well for 

all CMs for both injections at wells M3 and M10 (Figure 3-4). For M6, however, the 

model-simulated NO3
- reduction rates for the first injection reached a maximum rate at a 

much lower NO3
- concentration compared to those calculated from the experimental data. 

Overall, these calculated in situ rates are significantly faster than the NO3
- reduction rates 

that were calculated for previous experiments at Cape Cod. Smith et al.102 previously 

measured in situ rates of ~10.43 µmol L-1 day-1 from sediments recovered from the center 

of the sewage contaminant plume. This discrepancy could reflect the contribution of 

NDFO on the rate of NO3
- consumption, as NDFO has previously been found to enhance 

bacterial growth and consequently the overall rate.17  

 

Figure 3-4: Rates of in-situ nitrate reduction calculated from the experimental data (symbols) and 

CM3 simulation results using rate Equations in Table 1 and model simulated concentrations of 

biomass and organic carbon . Rates for the trailing and leading limbs of each injection at M3 and M6 

are presented. Results for M10 are omitted for clarity. Filled/unfilled symbols represent the leading 

and trailing limbs of the injections. Yellow/purple triangles represent the first and second injection, 

respectively, at M3; Pink/green squares represent the first and second injection, respectively, at M6. 

Solid and dashed lines represent simulation results for leading and trailing limbs, respectively, of 

each injection. 



 Plausibility of Investigated Conceptual Model Variants 

All four CMs broadly capture the trends in NO3
- and N2O at all wells downgradient of the 

injection well, excluding CM4 which fails to capture the attenuation of N2O at wells M6 

and M10 (Figure 3-3). In CM4, N2O is generated by abiotic oxidation of Fe(II) by NO2
- 

(Reaction 6). While there is no process that directly removes N2O, CM4 relies on NO2
- 

reduction to NH4
+ (DNRA, Reaction 7) to limit the generation of N2O. At the same time 

estimation of the rate of Reaction 7 is constrained by the observed NH4
+ concentrations 

(Figure B5), with field-observed NH4
+ concentrations observed being too low to allow 

the rate of Reaction 7 to compete with Reaction 6, consequently N2O is overestimated. 

Further refined analysis of the electron donor(s) Fe(II) and/or organic carbon was needed 

to determine which CM was most plausible. 

Cation exchange reactions had a major impact on Fe(II) concentrations, as evidenced by 

the similarity of the temporal variations of Fe(II) and Ca concentrations (Figure 3-3).80  

Equilibrium ion exchange models, calibrated using data from the 2006 field experiments, 

captured the important trends in the data (Figure B2). The model-calculated exchangeable 

Fe(II) concentration was equivalent to 2,487µM, or 0.95 mmol kg-1, and therefore within 

the measured range 0.95-1.27 mmol kg-1.80 Sorbed Fe(II) comprised 92% of the initial 

total Fe concentration in the sediments. The CMs differed in the extent of Fe(II) oxidation 

which, in turn, affected the local total mass of Fe(II). In CM1 where Fe(II) was assumed 

to be the sole electron donor for NO3
- and N2O reduction, the simulated aqueous Fe(II) 

concentrations were consistently below observed values (Figure 3-3). The reservoir of 

exchangeable Fe(II) decreased to ~916 µM  after 9 days.  

Based on the results from CM1, it becomes evident that Fe(II) was not the sole electron 

donor. Consequently, two alternative CMs were investigated: in CM2, N2O was reduced 

to N2 by organic carbon rather than Fe (Reaction 4); and in CM3, NO3 was reduced by 

competing reactions, coupled to oxidation of Fe(II) (Reaction 1) and organic carbon 

(Reaction 2). CM2 provided an improved match with the observed Fe(II) concentrations 

as less Fe(II) was oxidized. However, the contribution of Fe(II) to the reduction of NO3 

was still overestimated for all wells downgradient in addition to over-predicting N2O 

concentrations (Figure 3-3). Furthermore, the pH and alkalinity for CM1 and CM2 were 

below the corresponding field measurements (Figure B3), as Reactions 1 and 2 are net 

acid generating. This provided further evidence that Fe(II) alone is unlikely to be 

responsible for the reduction of NO3
- during the field experiment.   
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Because DNRA has been observed using freshwater enrichment cultures,103 CM4 

investigated whether DNRA could be the dominant pathway during NDFO. However, 

CM4 showed to be the least plausible of the investigated CMs as it failed to describe 

temporal concentrations for all nitrogen products, i.e., N2O, NO2
- and NH4

+ (Figure 3-3, 

S4 and S5). As NO2 is produced during DNRA, chemodenitrification was considered in 

this model to prevent the transient build-up of NO2
-. Therefore, production of N2O was 

controlled by the rate of chemodenitrification. To limit excess N2O production NO2
- 

reached a maximum simulated concentration of ~128µmol L-1 at well M3 after 9 days 

(Figure B4). This simulated concentration is implausible given NO2
- was only detected at 

M3 and the maximum concentration was 2µM.  

 Relative Contribution of Fe(II) and Organic Carbon and the Role 

of Chemodenitrification 

CM3 provided the best fit to the experimental observations and was the most likely 

pathway of those originally postulated by Smith et al.80, whereby NO3
- reduction was 

coupled with oxidation of both Fe(II) and organic carbon. CM3 assumed that N2O 

production was exclusively controlled by chemodenitrification to investigate whether this 

process alone can describe the field data. Oxidation of 1245 µM organic carbon (~6% of 

the total mass available) reduced ~1290 µM (91 %) of NO3
- (Reaction 7), while electrons 

donated by Fe(II) reduced the remaining 124 µM (9%). This split between heterotrophic 

and lithoautrophic NO3
- reduction is weighted more heavily toward carbon oxidation than 

suggested for this field experiment by Smith et al.11, but it is reasonably consistent with 

our previous model-based analysis of NDFO growth cultures in which heterotrophic NO3
- 

reduction dominated.82  

The maximum rate of Fe(II) oxidation coupled to NO3
- reduction was ~400 µM d-1 for 

CM1, whereas it was  ~40 µM d-1 for CM3. These rates are significantly less than the 

maximum oxidation rates derived from the  model-based analysis of NDFO growth 

cultures which ranged between 3.30 - 0.84 mM d-1 across  the four pure cultures 

previously investigated.82 Differences between the NDFO rates determined in aquifers to 

those from incubation studies is likely explained by not considering the differences in 

biomass that would be expected in the two systems.  Further, outstanding differences, 

such as environmental conditions, would have effected the rate as the optimum 

temperature of enzymes driving microbial reactions is closer to 20-25 0C4 while the 

ambient groundwater temperature at Cape Cod was ~12 0C.  



The maximum in-situ rate for chemodenitrification was ~9.5 µM d-1 in CM3. It is likely 

that biological reduction of NO2
- to N2O and/or N2, coupled to either Fe(II) or SOC 

oxidation, occurred to some extent. However, these model results concluded its 

contribution was negligible as N2O concentrations were broadly well described by CM3, 

and its rate was controlled by abiotic reactions between NO2
- supplied by NO3

- reduction 

and the large pool of exchangeable Fe(II) on aquifer sediments.   

 Nitrogen Isotope Fractionation 

The isotopic fractionation factors for NO3
- reduction estimated from breakthrough data at 

M03 and M06  (ε15NObs) after accounting for Br dilution were -15.8‰ and -16.0‰, 

respectively (after removal of two outliers from the trailing limb of M6). The model-

estimated apparent isotopic fractionation factor (ε15NMod) for the evaluated CMs ranged 

between -14.5‰ (CM3) to -25‰ (CM1) at M3 due to differing amounts of total NO3
- 

reduced between each CM. Simulated isotopic compositions for NO3
- broadly agreed for 

all CMs with the measured signatures at M03 but failed to adequately reproduce the 

observations at M6 (Figure 5A, B and C). The failure to match observed δ15N values at 

M06, i.e., 3m downgradient of the injection well, is explained by the overestimation of 

NO3
- reduction for the first injection at well M6 (Figure 3-3 and Figure 3-5A), and 

therefore, the extent of fractionation.  

One potential reason for the discrepancy between ε15NObs and ε15NMod could be due 

assuming the system is consistent with open-system Rayleigh fractionation. Currently the 

model calculated ε15NMod is singularly controlled by the rate of NO3
- reduction caused by 

denitrification. If normalized concentrations of bromide are used to account for loss of 

NO3
- by advection/dispersion processes, then plots consistent with open-system Rayleigh 

fractionation are produced (Figure 3-4). However, this does not discount the possibility 

of other processes occurring that could increase the pool of 15N in NO3
- (e.g anammox) 

to a limited extent. The slope of experimental data ε15N versus ε18O does deviate slightly 

positively (1.11), from what is expected during canonical denitrification (~1.0), which 

previous studies have indicated could be the result of over-looked NO3 production by 

anammox in anoxic aquifers.84 ε15NMod calibrated for each CM may need to account for 

these processes currently omitted from the reactive transport model. Due to the inability 

to adequately constrain isotopic equilibrium of O atoms between oxidized N species and 

water this process cannot be validated using the current reactive transport model but 

should be investigated in any future modeling study where these data are available.  
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Figure 3-5: Simulated and observed 15N-NO3 isotopic signatures versus time at well M3 (A), M6 (B) 

and versus nitrate concentration at M3 (C). Green symbols represent results for the first injection 

and yellow results for the second injection.  

  

 

Figure 3-6: Simulated and observed 15N-NO3 isotopic signatures versus nitrate concentrations (scaled 

by the normalized bromide concentration to compensate for the impact of dispersion) for injections 

1 (green) and 2 (yellow) for CM3 at M3. Model and experimental apparent isotope fractionation 

factors are provided for CM3 and M3. ε15NObs =  -15.8 ‰, whereas ε15NMod was equal to  -14.5 ‰ for 

CM3 and -25.0 ‰ for CM1 



 Mobility of As, Fe(II) and Phosphate  

Based on adsorption envelopes from laboratory batch experiments, sorption of As(V) and 

phosphate on Cape Cod sediments decreased with pH increasing from 5 to 7 (Figure B7). 

Sorption of As(V) decreased with added phosphate. These trends are consistent with those 

observed on Fe and Al oxyhydroxides and clay minerals.104-106 The sorption data for 

relatively low As(V) concentrations (<35 µM) are reasonably well described by a single 

site SCM incorporating surface complexation reactions for As(V), phosphate, silica, 

calcium, Fe and H+ (Figure B7). The calibrated total site concentration was 1.770×10−4 

µM, equivalent to a site density of 3.34 µmol m-2 which is similar to 1.86 µmol m-2 found 

by Parkhurst et al.107 previously.  

This SCM, however, fails to describe sorption behavior at higher As(V) concentrations, 

when the SCM is calibrated to match both the laboratory batch experiments as well as 

satisfying a background As sorption value of approximately ~1 µM. Calibrated 

independently of the RTM, and the SCM is capable of a good fit for the laboratory data 

for all As(V) concentration data. Upscaling a GC-SCM developed from laboratory data 

to work in a field RTM can present challenges due to the assumptions the laboratory and 

field sediments have an equivalent degree of heterogeneity or reactive surface area, as 

well as that all competitive adsorption effects have been captured based solely on the 

laboratory data.108 These issues can be adequately addressed by using a scaling factor to 

explain differences between laboratory and field systems  sediment surface 

heterogeneity.109 However, the high As(V) concentrations that are not well captured by 

the GC-SCM are well above what was observed in the field and therefore matching this 

data was not prioritized in this study.   

All CMs behaved similarly, with an initial sorbed phosphate concentration of ~100µM, 

while initial calcium and Fe concentrations were 34 and 32µM, respectively (Figure B8, 

B9). Observed phosphate concentrations rapidly decreased over the first 10 days along 

with both As(III) and As(V) (Figure B8, B9). When sorption to HFO was assumed to be 

the sole attenuation process, the fits for phosphate and As were poor (Figure B10). An 

alternative sink for phosphate and arsenic therefore should be considered, which was 

assumed to be ferric-phosphate and ferric-oxyhydroxide-phosphate phases that can co-

precipitate As species.110-112 Consequently, the models were refined to include the Fe(III) 

phosphate mineral strengite (FeIIIPO4), as well as amorphous Fe(III) phosphate phases of 

composition FeIII[(OH)3(PO4)(AsVO4)(AsIIIO3)minor] previously found in experiments 

where Fe(II) is oxidized at near-neutral pH in the presence of phosphate, As(III), As(V)112 
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as well as calcium and silicate.111, 113, 114 As no detailed characterization of the mineral 

precipitates was performed during the field trial, a low mole fraction of 0.006 As (0.001 

As(III)&As(V)) per mole of Fe was assumed for the composition of the mineral phase.113 

In the revised CM3 variant where only the mineral strengite is considered, it removed 158 

µM of phosphate in solution at M3, 152 µM at M6 and 110 µM at M10, improving model 

fits of phosphate and total As (cf. Figure 3-3 and Figure B10).  When As coprecipitation 

is considered in the ferric-oxyhydroxide-phosphate phase, the newly calibrated model 

slightly improved the match to observed As concentrations at well M3 but overestimated 

As removal from solution at wells M6 and M10 (Figure B11). After 20 days at M3, 

0.88µM of As(V) was adsorbed to HFO while 0.15µM of As was coprecipitated, while 

for As(III) 0.17 µM was adsorbed and 0.15µM  µM was coprecipitated. A final alternate 

CM3 variation was investigated where As(III) was assumed to slowly oxidize to As(V) 

coupled to NO3
- reduction.115 If a slow rate of As(III) to As(V) is included the model fit 

for As concentration data does not improve significantly at well M3 and is poor at wells 

further downgradient, overestimating the extent of As removal from solution (Figure 

B11).  

3.6 Implications  

In this study we analyzed a field experiment that was originally designed to study the 

occurrence of NDFO. Assuming that all electron donors other than Fe(II) would be 

negligible, NO3
- was injected into the anoxic zone of the Cape Cod aquifer. While the 

initial analysis of the experimental results already concluded that involvement of other 

electron donors could not be entirely excluded, our modeling results now more firmly 

illustrate an electron donor competition with Fe(II). We conclude that SOC was the most 

likely reactant that indeed played an important role for a significant amount of the NO3
- 

that was reduced in the experiments.  

This study further develops our understanding of the role of NDFO in the natural 

environment. Our results demonstrate that enzymatic Fe oxidation was potentially 

previously overestimated in its importance as we overlooked the role of 

chemodenitrification in mediating N2O production in Fe(II) rich aquifers. This work 

raised an the important issue that under typical environmental conditions a significant 

amount of available Fe(II) is likely present as sediment bound Fe(II). which is 

hypothesized to be a much stronger reductant that aqueous Fe(II).116 Therefore, this study 



provided valuable insight into whether biological NDFO does compete with 

chemodenitrification in the environment given most incubations have been performed in 

purely homogenous solutions. For the Cape Cod experiments the rates of 

chemodenitrification were shown to have proceeded sufficiently fast such that the 

assumption that all NO2 was abiotically reduced could accurately represent the observed 

in-situ conditions. The in-situ chemodenitrification rates for CM3 reached a maximum of 

~9.1 and ~10.9 µmol L-1 d-1 for injections 1 and 2, respectively at M3. Simulations of 

abiotic oxidation rates of Fe(II) by NO2 using rate equations and coefficients reported in 

a range of different literature studies are presented in Figure 3-7.  

 

Figure 3-7: Rate of abiotic NO2 reduction by Fe(II). Rates calculated using Equations 7 in Table 1 

for CM3 at well M3 (grey line) and for BoFeN1 biogeochemical model results from Jamieson et al.12 

(green line). Additional rates plotted from synthetic simulations of 1500 µM Fe(II) and 500 NO2 using 

the third order rate equation derived by Tai and Dempsey54 (magenta line), as well as first order 

rates reported by Grabb et al. for solid phase Fe(II) in mineral nontroline (Fe-rich smectite, orange 

line), montmorillonite (red line) and green rust (black line). 

The differences in rates described likely reflect the catalytic effect of Fe(II) sorption on 

Fe(III) oxydroxides, where electron transfer between sorbed Fe(II) and the bulk mineral 

phases can occur.117 Despite exchangeable/sorbed Fe(II) on sediments contributing > 
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90%  of total Fe, Cape Cod sediments only have trace amounts of Fe(III) oxyhydroxides 

coating the sediment surfaces, potentially limiting electron transfer between Fe(II)/Fe(III) 

phases and therefore catalysis of nitrite reduction. Consequently, rates of 

chemodenitrification align closely with those of previous studies investigating Fe(II) 

oxidation rates in the presence of the low-Fe clay mineral montmorillionite.21  

The ratio between sorbed Fe(II) and newly formed HFO during Fe(II) oxidation was never 

more than 0.0029 for CM3, again explaining why the chemodenitrification rates were 

subdued compared to abiotic rates determined with sorption densities an order of 

magnitude higher. To further resolve chemical versus biological NO2
- reduction, 

additional tracer tests with measured isotopic compositions of nitrogen denitrification 

products (NO2, N2O, N2) would be valuable. The capability of chemodenitrification to 

bridge the abiotic and biotic reactions to drive complete denitrification reveals that as 

long as a reservoir of Fe(II) is available all denitrifying bacteria are capable of coupling 

NO3
- reduction to Fe oxidation.  

Co-injection of Fe(II) and NO3
- has previously been found to be a viable bioremediation 

option of As contaminated groundwater.34 In this study As and phosphate were 

successfully attenuated for an extended period after NO3
- injection into an Fe(II) rich 

contaminant plume at Cape Cod. Given its success future injections should be conducted 

with the addition of organic carbon to stimulate additional Fe(II) oxidation.  Specific 

organic carbon sources should be targeted that promote NO3
- reduction to NO2

- but is not 

utilized by microorganisms that couple NO2
- reduction to organic carbon oxidation to 

further enhance Fe(II) oxidation and investigate long term contaminant sequestration 

strategies more thoroughly. 
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CHAPTER 4.  A PROCESS-BASED 

MODEL FOR FE(II)-INDUCED 

FERRIHYDRITE 

TRANSFORMATION 

4.1 Abstract 

Iron (Fe) mineral transformations from reactive ferrihydrite to more thermodynamically 

stable minerals, which are dictated by the presence of ferrous Fe, play an important role 

in the biogeochemical cycling of Fe and for regulating pollutant fate. In this study we 

propose a process-based geochemical modeling framework that quantifies how the rates 

and pathways of secondary mineralization of ferrihydrite are controlled by both Fesolid
2+  

and Fe(aq)
2+ , while partitioning between Fesolid

2+  and Fe(aq)
2+  is determined by surface 

complexation reactions. The model development and parameterization were constrained 

by observations from three literature studies that investigated the transformation of 

ferrihydrite to lepidocrocite, goethite and magnetite across a range of geochemical 

conditions: pH 6.18 to 7.50, initial concentrations of 0.2 to 5 mM Fe(aq)
2+  from either FeCl2 

or FeSO4, and ~2 to 10 mM ferrihydrite. Based on our results, we suggest that the critical 

coagulation concentrations can serve as a predictor on whether formation of lepidocrocite 

or goethite is favoured. Magnetite formation depended upon its thermodynamic 

favourability at higher pH, along with higher Fesolid
2+  surface loading on ferrihydrite. This 

geochemical model framework provides a basis for quantifying how Fe mineral 

transformations affect contaminant dynamics and integration into lab- or field-scale 

reactive transport models.    
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Figure 4-1: Conceptual model describing the factors controlling Fe mineral transformation rate and 

pathways. Aqueous Fe2+
(aq) adsorbs onto ferrihydrite (Fe2+

solid) where it is immediately oxidized to 

Fe(III) forming either lepidocrocite, goethite or magnetite depending on the  thermodynamic 

favourability, surface charge and pH. The electron from the oxidation reaction moves through the 

Fe oxide before being ejected to solution.  

4.2 Introduction 

Iron (Fe) minerals play a key role for regulating the mobility of a wide range of 

contaminants in groundwater and soil environments.30, 32 Many Fe minerals are 

susceptible to geochemical transformations, which are often associated with significant 

changes in the capacity of sediments/soils to attenuate toxic elements either through the 

gain or loss of sorption sites118, contaminant release during dissolution and/or 

recrystallization119-121, or conversely, the sequestration of contaminants through co-

precipitation within neo-formed mineral phases.34  

It has been consistently demonstrated that catalysis by aqueous and adsorbed Fe(II) (or 

solid-associated Fe(II), Fesolid
2+ )35  plays a key role in the dynamic recrystallization of 

short-range ordered Fe(III) oxides.35, 36, 122-124 Successive transformation of amorphous 

ferrihydrite to more thermodynamically stable, crystalline Fe minerals has been observed 

in many natural environments125 and reproduced under controlled laboratory 

conditions.122, 126-128 The most important terminal Fe mineral products include 

lepidocrocite (γ-FeOOH)122, goethite (α-FeOOH)35, 122, 128, 129, hematite (Fe2O3)
130 and, 

under specific conditions, the mixed valence Fe oxide magnetite (FeIIFe2
IIIO4).34, 131 Fe(II) 

catalysis of these transformations is postulated to be the result of the semiconducting 

nature of Fe oxides, and their interaction with adsorbed Fe(II).117, 124 The bulk conduction 

model132 proposes that Fesolid
2+  contributes an electron into the structure of the parent Fe 



mineral, resulting in the oxidation of the adsorbed Fe(II) to Fe(III), which then 

precipitates as a more stable mineral phase. The electron transferred to the structure of 

the parent mineral migrates to an alternative surface, reducing a structural Fe(III), which 

is then ejected into the solution. Through this process, Fe cycles from aqueous Fe(II) to 

adsorbed Fe(II), to a new Fe mineral phase, often without net change in the abundance of 

Fe(II) in solution.120, 133  

Several experimental studies have investigated the kinetics of the secondary 

mineralization of ferrihydrite to lepidocrocite, goethite and magnetite,36, 127, 134 

collectively across environmentally relevant pH conditions, with a range of initial Fe(II) 

to ferrihydrite ratios and in the presence of different ligands. The surface complexation 

of Fe(II) on ferrihydrite is highly sensitive to pH in the circum-neutral range with the 

sorption edge close to pH 7.135 For example, Fe(II) sorption is ~40 times greater at pH 8 

compared to pH 6 in a simple NaNO3 matrix.97 The adsorbed and aqueous Fe(II) 

concentrations are well recognized as significant drivers of the transformation rates and 

the identity of the secondary mineral product(s)35, 127, as demonstrated by experiments 

with varying pH and otherwise identical conditions.35, 118 The role of ligands (e.g., 

chloride, sulfate, silicate, natural organic matter) has been less well demonstrated, 

although they have been also found to influence the transformation pathways.122, 136, 137  

Recently, Boland et al35 developed an semi-empirical model to describe the 

transformation rates they observed in their batch experiments. In their proposed reaction 

scheme, ferrihydrite initially transforms into “reactive” ferrihydrite before transformation 

to either lepidocrocite or goethite can occur. The scheme also included the transformation 

of lepidocrocite to goethite. All of the transformation kinetics were defined as pseudo-

first order rate expressions with parameters mostly having no physical significance as to 

how each of the transformation processes occurred.35 While this model could reproduce 

the experimental observations, the empirical nature of the model limits its applicability 

under a wider range of geochemical conditions. So far, mechanistic, quantitative 

approaches that describe secondary Fe mineral transformation processes are limited.138 

One of the few examples is the model developed by Tufano et al.,139 Their model 

describes ferrihydrite transformations in the presence of Fe(II)aq as dissolution and 

(re)precipitation processes, i.e., Fe(III)aq ions are released into solution during the 

dissolution of ferrihydrite before precipitating as a new phase that has a lower solubility. 

Their model was able to reproduce observed data from selected static batch experiments 

in Hansel et al.,122 and from their own diffusional transport experiments. A key factor for 
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matching the observations was to incorporate a rate dependency on the aqueous Fe(aq)
2+  

activity into the rate law. However, because all the assessed experiments were conducted 

at neutral pH, their model did not need to capture the strong variation in the extent of 

Fe(II) sorption that is induced by changes in pH.  

This study therefore aims to develop a unifying modeling framework that can be used to 

interpret observed ferrihydrite transformation kinetics and pathways under a range of pH 

values, Fe(II) concentrations and ligand types. Our approach relies heavily on the use of 

surface complexation models to describe Fe(II) solid-solution partitioning behavior and 

the associated dynamic recrystallization process. The proposed modeling framework 

provides an important advancement towards an improved understanding and 

quantification of the biogeochemical cycling of Fe, as well as contaminant solubility and 

transport in natural and experimental settings where active precipitation and 

transformation of Fe (oxy)hydroxides is occurring. 

 

4.3 Conceptual and Numerical Model Development 

 Underlying Experimental Data 

Three experimental datasets, as reported by Boland et al35, Hansel et al122 and Aeppli et 

al140 were used to construct and constrain our numerical model. All three studies provided 

comprehensive solution and mineralogical data that characterized the kinetically 

controlled conversion of ferrihydrite to secondary Fe mineral products. Together, the data 

from these studies cover the mineralization pathways of commonly occurring Fe 

(oxy)hydroxide minerals across an environmentally relevant pH range (i.e., ~6.0 – 7.5).  

The experiments of Boland et al.,35 determined the transformation rates of two-line 

ferrihydrite to lepidocrocite and goethite for a range of aqueous Fe(II) concentrations at 

pH 6.17 to 7.26. This pH range spans the steepest part of the sorption edge of Fe(II) on 

ferrihydrite, making this dataset ideal for identifying the dependence of transformation 

rates and pathways on Fe(II) sorption. Six experiments (B1 to B6) were performed with 

0.5 g L-1 of ferrihydrite and 1 mM FeSO4 solutions. Three additional experiments were 

performed where either the concentration of FeSO4 was increased to 2 mM (B7) or 3 mM 

(B8) or the concentration of ferrihydrite was doubled to 1 g L-1 (B9). All solutions were 

buffered with 50 mM MES (2-(N-morpholino)ethanosulfonic acid). 



Hansel et al.,122 investigated the rate of two-line ferrihydrite transformation to secondary 

Fe minerals at pH 7.2 but at significantly higher aqueous Fe(II) to ferrihydrite ratios and 

using either FeSO4 or FeCl2. Their dataset extended our modeling framework to include 

the transformation of lepidocrocite and goethite to magnetite and, furthermore, to define 

the role that different inorganic ligands play on transformation rates and pathways. The 

four considered experiments (H1 to H4) used two separate concentrations of 0.2 and 2.0 

mM of either FeCl2 (H2 and H4) or FeSO4 (H1 and H3) buffered at pH 7.2 using 10 mM 

PIPES (1,4-piperazinedi-ethanesulfonic acid) buffer added to 10.8 g L-1 suspensions of 

two-line ferrihydrite coated quartz sand (1% Fe by weight).  

Finally, Aeppli et al.140 performed six experiments (A1 to A6) transforming six-line 

ferrihydrite to primarily goethite or magnetite (and only minor quantities of lepidocrocite) 

using FeCl2 across a pH range of 6.50 to 7.50. Either 1 or 5 mM of FeCl2 was added to a 

10 mM (i.e., 1.07 g L-1) ferrihydrite suspension maintained at the desired pH by automatic 

titration using a 70 mM KOH solution. 

 Model Development Overview 

Our conceptual and numerical model development focused on deriving a quantitative and 

process-based description of the transformation of ferrihydrite into secondary Fe mineral 

products. The framework considers the direct transformation of ferrihydrite to either 

lepidocrocite, goethite or magnetite. Subsequent transformations of lepidocrocite to 

goethite and either lepidocrocite or goethite to magnetite were also considered. Hematite 

was not included in the modeling framework as it is an uncommon mineral product under 

the pH and temperature conditions assessed in the present study.125, 136  

Factors such as pH, ionic strength and the type of Fe(II)-chelating ligand (e.g., chloride, 

sulfate) can alter the available concentration of Fesolid
2+  and Fe(aq)

2+ , inducing substantial 

differences in transformation rates and pathways.35, 122, 125 With the partitioning between 

Fesolid
2+  and Fe(aq)

2+  being a key control, we hypothesize that surface complexation models 

(SCMs), which have the capability of quantifying the extent of Fe2+ adsorption under a 

wide range of geochemical conditions, can serve as a pivotal element for a geochemical 

model of Fe mineral transformation reactions. The three major steps for our model 

development were therefore:  

(i) the formulation and testing of SCMs for Fe2+ sorption on ferrihydrite and 

each of the secondary mineral products;  
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(ii) the formulation of the rate equations of mineral transformations; and  

(iii) the identification of the nature of mineral transformation reactions 

dependency on Fesolid
2+  and Fe(aq)

2+  concentrations.  

 Surface Complexation Model 

 Within our proposed framework, sorption is quantified in all model simulations using a 

diffuse double-layer SCM.97 Consistent with Dzombak and Morel97, a two-site SCM is 

employed for ferrihydrite (strong, ≡ Fhy_s,  and weak, ≡ Fhy_w) to best describe cation 

adsorption. For Fe(II) sorption on ferrihydrite, equilibrium surface complexation 

constants were taken from Appelo et al.,98. Site densities for ferrihydrite were calculated 

assuming a site density of 2.31 sites nm-2 135 and using either measured (213 m2 g-1, Aeppli 

et al.,140), calculated141 (158 m2 g-1, Hansel et al.,122) or assumed (500 m2 g-1, Boland et 

al.,35) specific surface areas (SSA).  

For Fe(II) sorption on lepidocrocite and goethite, equilibrium surface complexation 

constants were taken from Zhang et al.,142 and Hinkle et al.,143 respectively. Several 

previous studies involving various metal cations have shown that the thermodynamic 

constants derived for specific surface complexation reactions are comparable for similar 

minerals, as reflected in the linear free energy relationship (LFER) between the first 

hydrolysis constants and the surface complexation constants of the metal cations.144, 145 

Therefore, it was assumed for the model that the equilibrium constants for the sorption of 

Fe(II) on goethite would also provide a suitable approximation for Fe(II) sorption on 

magnetite. A single site type, consistent with the approach proposed by Mathur and 

Dzombak145 for goethite, with a unique charging behaviour, was employed for these 

secondary minerals (i.e., ≡ Lep_s  , ≡ Got_s , and ≡ Mgt_s  ). Site densities for 

lepidocrocite, goethite and magnetite were calculated assuming 1.67142, 2.00145 and 

2.20104 sites nm-2 and SSAs of 75146, 60145 and 90104 m2 g-1 equivalent to 1.86 × 10-2, 1.77 

× 10-2 and 2.50 × 10-2 mol of site per mol of mineral, respectively. 

The SCM included binary acid-base, Fe(II) and sulfate surface reactions as well as ternary 

Fe(II)-oxyanion-mineral surface complexes for all Fe minerals (Table 4-1).143, 147 All of 

the equilibrium constants used in the SCM were initially taken from the literature and 

then modified based on the SSA and site density of the mineral according to the approach 

described by Sverjensky.148 The only exception was the ternary Fe(II)-sulfate complex 

assumed to form on Hfo_w sites (≡ HfowOHFeSO4), which was modified based on the 



approach provided by Swedlund and Webster147 for copper and zinc sorption. The 

equilibrium constant for the ternary Fe(II)-sulfate surface complex was  adjusted to best 

fit the sorption data collected by Boland et al.,35 (Figure C1).  

A complicating factor for the analysis of sorption experiments is that zwitterionic 

sulfonate buffers such as PIPES and MES were used to maintain the pH in Hansel et al.,122 

and Boland et al.,35 respectively. Given that pH is an important factor for controlling 

sorption, any pH drifts would severely complicate the interpretation of the experimental 

results. However, these so called “Good’s buffers” have been found to sorb onto Fe oxide 

surfaces when Fe(II)aq is present.149 Therefore, the potential for the presence of buffer-

Fe(II) surface complexes was also investigated. To quantify the effect we applied the 

equilibrium constants for Fe(II) sorption onto ferrihydrite, as reported by Appelo et al.,98 

to sorption data collected by Kinsela et al.,150 while including an additional MES-Fe(II) 

surface reaction. The applied reaction stoichiometry for this MES-Fe(II) surface complex 

was based on the complex formation originally postulated by Buchholz et al.,149 and the 

log K was optimized to fit the sorption data using the algorithm ‘nlls’, a modified 

Levenberg-Marquardt procedure151 that is included in the geochemical software 

PhreePlot152 (Figure C2 and Table 4-1). A similar protocol was followed for investigating 

the role of PIPES using the two datasets of Dixit and Hering153 (25mM PIPES) and Hinkle 

et al.,143 (no buffer). 

Table 4-1: Reactions used in the SCM. Equilibrium constants were taken from the literature and 

modified according to the site density and SSA. Equilibrium constants for magnetite assumed to be 

equal to those for goethite.  aDzombak and Morel32, bMathur and Dzombak38,  cPeacock and 

Scherman40,  dMarmier et al.80 and eAppelo et al., fHinkle et al.,36 gZhang et al.,33 hAli and 

Dzombak81 

Surface Complexation Reactions    Log K   

 Boland  Hansel  Aeppli 

Hfow/sOH +  H+  ↔  Hfow/sOH2
+  7.38a  7.96 a  7.75 a 

HfosOH ↔  Hfow/sO− + H+  -8.84 a  -8.26 a  -8.47 a 

GotsOH + H+  ↔  GotsOH2
+  6.93b  6.93 b  6.93 b 

GotsOH ↔  GotsO− +  H+  -9.65 b  -9.65 b  -9.65 b 

LepsOH + H+  ↔  LepsOH2
+  6.90c  6.90 c  6.90 c 

LepsOH ↔  LepsO− + H+  -8.52 c  -8.52 c  -8.52 c 

MagsOH +  H+  ↔  MagsOH2
+  4.60d  4.60 d  4.60 d 

MagsOH ↔  MagsO− +  H+  -8.20 d  -8.20 d  -8.20 d 
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HfosOH + Fe+2 ↔ HfosOFe+ + H+   -3.29e  -2.97 e  -2.92 e 

HfowOH + Fe+2 + H2O ↔ HfowOFeOH+ 2H+  -11.86 e  -11.36 e  -11.49 e 

HfosOH + Fe+2 + H2O ↔ HfowOFeOH+ 2H+  -1.26 e  -0.76 e  -0.89 e 

Got𝑠OH + Fe+2 ↔ ≡OFe+ + H  -1.09f  -1.09 f  -1.09 f 

Got𝑠OH + Fe+2 + H2O ↔ ≡OFeOH+ 2H+  -11.36 f  -11.36 f  -11.36 f 

Lep𝑠OH + Fe+2 ↔ LepOFe+ + H  -2.77g  -2.77 g  -2.77 g 

Lep𝑠OH + Fe+2 + H2O ↔ LepOFeOH+ 2H+  -9.17 g  -9.17 g  -9.17 g 

HfowOH +  SO4
2− +  H+ ↔  HfowSO4

− + H2O  12.82h  13.41h  - 

HfowOH +  SO4
2− +  2H+ ↔  HfowHSO4 +  H2O  7.40 h  7.99 h  - 

HfowOH +  SO4
2− ↔  HfowOSO4

3−+H+  -7.05 h  -6.46 h  - 

2Got𝑠 OH + Fe+2 + SO4
2− + H+ ↔ 

(GotsO)2SO2FeOH+ +  H2O  
 14.29 f  14.29 f  - 

GotsOH +  SO4
2− +  H+ ↔  GotsOSO3

−  +  H2O   4.50 f  4.50 f  - 

2GotsOH +  SO4
2− ↔  (GotsO)2SO4

2−   2.67 f  2.67 f  - 

2Lep𝑠 OH + Fe+2 + SO4
2− + H+ ↔ 

(LepsO)2SO2FeOH+ + H2O  
 14.28 f  14.28 f  - 

LepsOH +  SO4
2− +  H+ ↔  LepsOSO3

−  +  H2O   2.66 f  2.66 f  - 

2LepsOH +  SO4
2− ↔  (LepsO)2SO4

2−   4.50 f  4.50 f  - 

HfowOH + Fe2+ +  SO4
2−  ↔  HfowOHFeSO4   -6.15  -5.56  - 

2HfowOH + 2Fe2+ + MES− ↔
(HfowO)2FeMESFe+ + 2H+  

 -4.74  -  - 

2Lep𝑠OH + 2Fe2+ + MES−

↔ (Lep𝑠O)2FeMESFe+ + 2H+ 

 -3.79  -  - 

2Got𝑠OH + 2Fe2+ + MES−

↔ (GotsO)2FeMESFe+ + 2H+ 

 -3.77  -  - 

Rate constants  Boland  Hansel  Aeppli 

𝑘Fe(II)−Fhy  8.0E-04  2.9E-03  2.7E-03 

𝑘Fe(II)−Lep/𝑘Lep  9.0E-
03 

/4.5E-
08 

 2.5E-05 /1.5E-
5 

 9.0E-
03 

/4.5E-08 

𝑘Fe(II)−Goe/𝑘Goe  1.6E-
07 

/7.7E-
07 

 1.9E-06 /7.5E-
4 

 1.6E-
07 

/7.7E-07 

𝑘Mag  1.0E-19  9.2E-19  1.0E-19 

 



 Rate Equations for Fe Mineral Transformation 

The reaction framework includes thermodynamic terms, surface complexation reactions 

and an aggregation term to best represent the observed reaction pathways in the three 

investigated experimental studies. Fe mineral transformation reactions were implemented 

as reductive dissolution of the initial and least stable ferrihydrite to either more crystalline 

lepidocrocite, goethite or magnetite, in order of thermodynamic favorability and 

interfacial energy requirements, i.e., Stranski’s rule.125 For example the formation of 

lepidocrocite is dependent on the dissolution of ferrihydrite for production of Fe(III)aq, 

whereas the formation of goethite is dependent on the dissolution of both the precursor 

minerals ferrihydrite and lepidocrocite. It is assumed that all reactions proceed towards 

the formation of more thermodynamically stable phases and thus only forward reactions 

are considered.  

 Iron Oxide Dissolution Rate 

The dissolution of Fe oxides is controlled by a combination of surface dissolution 

reactions involving protons, reductants and ligands.154 The pH range investigated in this 

study was between 6.0 and 7.5, where proton-promoted dissolution is negligible.125 The 

effect of the oxyanion sulfate to sorb on the Fe oxides, which is known to inhibit their 

dissolution155, was considered by the SCM. In the absence of any other reductants or 

ligands known to affect the dissolution rate, the rate law for the dissolution of Fe oxides 

in this study was primarily controlled by sorbed Fe(II):155-158  

𝑅𝑑𝑖𝑠𝑠
𝐹ℎ𝑦/𝐿𝑒𝑝/𝐺𝑜𝑒

 =  𝑘Fe(II)[Fesolid
2+ ]      (1) 

where 𝑅𝑑𝑖𝑠𝑠 is the dissolution rate (mol L-1 sec-1), 𝑘Fe(II) is the rate coefficient (L sec mol-

1) and [Fesolid
2+ ] represent all the different Fesolid

2+  surface complexes on the respective Fe 

oxides (Table 4-1)  

As observed in experiments H3 and H4 and other experimental studies,33, 35, 122 a low 

amount of ferrihydrite could persist even under prolonged reducing conditions. Similar 

to Rawson et al.,72, 159 and Sun et al.,110 the presence of recalcitrant ferrihydrite was 

considered in the model by incorporating a term (Fhy𝑟𝑓) that successively decreases the 

transformation rate of ferrihydrite as the reactive component becomes depleted: 

Fhy𝑟𝑓 =  
[Fhy]− [Fhynr]

[Fhy]
       (2) 
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where [Fhy] is the concentration of ferrihydrite (mol L-1) and [𝐹ℎ𝑦𝑛𝑟] is the amount of 

non-reactive ferrihydrite (mol L-1). The overall dissolution rate law for ferrihydrite for 

experiments H3 and H4 therefore becomes: 

 𝑅Fhy−diss  =  𝑘Fe(II)[Fesolid
2+ ]Fhy (

[Fhy]− [Fhynr]

[Fhy]
)     (3) 

 Lepidocrocite and Goethite Formation  

The transformation reactions involved in lepidocrocite and goethite formation were 

assumed to depend on the concentration of Fe(III)aq as well as ferrihydrite, which acted 

as a reservoir for the constant supply of Fe3+ for mineral growth. Additionally, goethite 

formation was also dependent on lepidocrocite as it also underwent dissolution-

reprecipitation reactions to form goethite. The rate of recrystallization has been shown to 

be proportional to the Fesolid
2+  concentration122, 127, 160, which in this case has been 

considered in the dissolution rate (equation 1). When determining the precipitation of 

different Fe minerals under varying geochemical conditions, it is important that the 

respective precipitation reactions are thermodynamically constrained. This was achieved 

by including the saturation ratio, i.e., the ratio between the ion activity product IAP and 

the solubility product, into the precipitation rate expressions for lepidocrocite and 

goethite: 

𝑅Lep−ppt  =  𝑘Lep[Feaq
+3][Fhy] (

𝐼𝐴𝑃

𝐾𝑠𝑝−𝐿𝑒𝑝
)    (4) 

𝑅Got−ppt  =  𝑘Got[Feaq
+3]([Fhy] + [Lep]) (

𝐼𝐴𝑃

𝐾𝑠𝑝−𝐺𝑜𝑡
)     (5) 

Furthermore, both Boland et al.,35 and the Hansel et al.,122 showed that the transformation 

pathways of ferrihydrite also depend on the surface loading of Fesolid
2+ , an observation that 

is consistent with several previous studies.122, 127, 139 At higher surface loading, goethite 

formation dominates, while at lower surface loading, lepidocrocite is initially favored. 

This was incorporated in the model by defining a surface loading term for lepidocrocite 

formation that considers the adsorbed Fe(II) surface coverage on ferrihydrite with respect 

to the total amount of ferrihydrite sorption sites: 

𝑆𝐿𝐹ℎ𝑦 =
[Fesolid

2+ ]

[≡Fhy]T
      (6) 

where 𝑆𝐿𝐹ℎ𝑦 is the Fesolid
2+  surface coverage (dimensionless) and ≡ FhyT  represents all 

sites (both strong and weak sites) on ferrihydrite. This surface coverage term takes an 



inverse form in the rate equation for lepidocrocite precipitation because the rate increases 

as the Fesolid
2+  coverage on ferrihydrite decreases.35  

Previous experimental evidence has also demonstrated that the addition of sulfate during 

Fe(III) oxide formation leads to rapid aggregation and/or nucleation of hydrous Fe(III) 

oxide particles and can promote goethite and hematite formation.161-164 These processes 

were described in the model by calculating the critical coagulation concentration (CCC). 

This term can take into account differences in Fe(II) sorption through its effect on the 

surface charge of ferrihydrite, as calculated by the SCM, as well as a measure for the 

stability of large Fe(III) hydrous oxide polymers and colloidal nanoparticles, that precede 

mineral growth, in the Fe(II)-Fe(III) oxide suspensions. The CCC (M) value was 

quantified based on its theoretical relationship to the zeta potential, using the Derjaguin 

approximation and the model-simulated surface potential:165-167  

𝐶𝐶𝐶 ∝ tan ℎ4 (
𝑎𝑒Φ0

4𝑘B𝑇
)                                                       (7) 

where 0 is the zeta potential (V), which corresponds to the SCM-derived surface 

potential, a is the valence of the cation, e is the elementary charge (1.6 × 10−19 C), kB is 

the Boltzmann’s constant (1.38 × 10−23 J K-1) and T is the absolute temperature (298 K). 

Furthermore, the effect of ionic strength was considered as it was (internally) calculated 

in PHREEQC, the diameter for ferrihydrite nanoparticles was assumed to be 25 nm167 for 

all experiments and the Hamaker constant was assumed to be 5.0 × 10−20 J168 (see SI 

Section 2, for full details on the numerical implementation of the rate expressions into the 

reaction database).  

At room temperature, lepidocrocite is thought to form from monomers or small oligomers 

without rapid polymerization, which would instead favour goethite.169 Consequently, the 

goethite formation rate is inversely related to the CCC, such that a decreasing CCC is 

associated with an increasing goethite formation rate while the formation rate of 

lepidocrocite is decreasing. The overall rate equations for lepidocrocite and goethite were 

therefore:  

𝑅Lep−ppt  =  𝑘Lep[Feaq
+3][Fhy] (

𝐼𝐴𝑃

𝐾𝑠𝑝−𝐿𝑒𝑝
) 𝑆𝐿𝐹ℎ𝑦

−1 𝐶𝐶𝐶     (8) 

𝑅Got−ppt  =  𝑘Got[Feaq
+3]([Fhy] + [Lep]) (

𝐼𝐴𝑃

𝐾𝑠𝑝−𝐺𝑜𝑡
) 𝐶𝐶𝐶−1

    (9) 
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 Magnetite Formation 

Under certain experimental conditions, magnetite has also been documented as the 

mineral product of Fe(II)-induced ferrihydrite transformation.122, 127 Magnetite can form 

from the dissolution of ferrihydrite, lepidocrocite and goethite and therefore all three of 

these Fe minerals were included in the rate equation. Previous studies have demonstrated 

the important role of Fe(II)aq in promoting magnetite formation.36, 126, 127 Additionally, a 

number of studies have found the formation of magnetite depends on the surface loading 

of Fesolid
2+  on ferrihydrite,72, 170, 171 which was incorporated in the rate equation by 

considering the surface loading term 𝑆𝐿𝐹ℎ𝑦  (equation 6). Inclusion of the surface 

coverage of Fesolid
2+  on either lepidocrocite or goethite was not necessary as the 𝑆𝐿𝐹ℎ𝑦 

term could be used to approximate the general surface coverage of other Fe oxides and 

consequently the favourability towards magnetite formation. The overall rate equation for 

magnetite was therefore: 

𝑅Mag−ppt  =  𝑘Mag[Feaq
+3][Feaq

+2]([Fhy] + [Lep] + [Got]) (
𝐼𝐴𝑃

𝐾𝑠𝑝−𝑀𝑎𝑔
) 𝑆𝐿𝐹ℎ𝑦    (10) 

 Complete Rate Equations for Secondary Fe Transformation of 

Ferrihydrite 

The net formation rate of each secondary Fe mineral was quantified as the difference 

between its precipitation and dissolution rate. Ferrihydrite was assumed to exclusively 

undergo dissolution, and over the duration of the considered experimental studies, the 

dissolution of magnetite was assumed to be negligible and therefore excluded from the 

reaction network. The complete rate equations for each of the Fe minerals considered 

were:  

𝑅Fhy
𝑛𝑒𝑡 =  −𝑅Fhy

𝑑𝑖𝑠𝑠        (11) 

𝑅Lep
𝑛𝑒𝑡 =  −𝑅Lep

𝑑𝑖𝑠𝑠 + 𝑅Lep
𝑝𝑝𝑡          (12) 

𝑅Goe
𝑛𝑒𝑡 =  −𝑅Goe

𝑑𝑖𝑠𝑠 + 𝑅Goe
𝑝𝑝𝑡

          (13) 

𝑅Mag
𝑛𝑒𝑡 =  𝑅Mag

𝑝𝑝𝑡         (14) 



 

 Modeling Tools and Calibration 

The geochemical code PHREEQC-3172 was used in batch-mode to simulate the reactive 

processes with the WATEQ4F database173 serving as the basis for the definition of the 

reaction network. Fe(III) hydrolysis reactions and equilibrium constants in the 

WATEQ4F database were modified to values determined by Stefánsson174 (SI Section 2). 

Additionally, (i) the newly developed rate equations for the kinetically controlled Fe 

mineral transformation reactions, and (ii) additional surface complexation reactions 

together with their respective equilibrium constants, were appended to this database. 

The rate coefficients for mineral dissolution-precipitation reactions were estimated 

through an automatic calibration procedure, as discussed in more detail in Siade et al.175 

Briefly, in this approach a heuristic particle swarm optimization (PSO) algorithm was 

employed to derive the parameter estimates to accommodate the highly non-linear nature 

of the surface complexation models. The sum of squared residuals between all 

experimental data (measurements of mineral abundance from B1-B9, H1-H4 and A1-A6) 

and the model-simulated results were used as the objective function which was 

successively minimized. Additional weighting was attributed to measured lepidocrocite 

concentrations in H2 owing to its fewer number of observations, to allow for a similar 

contribution to the objective function as other experiments. After calibration with PSO, a 

sensitivity analysis was conducted with the GENLINPRED utility of the PEST software 

suite176, using the estimated parameter values, to evaluate the identifiability of each 

parameter. 

 Calculated Rates for Fe Oxide Dissolution and Precipitation 

For comparison, rates for ferrihydrite dissolution as well as lepidocrocite and goethite 

formation for experiments B1-B9 were calculated using an adjusted non-linear least 

squares model with pseudo-first order equations originally provided in the study of 

Boland et al., (Figure C3).35 The rates were calculated from the difference in modeled 

concentrations after 5hrs and 2 hrs simulation time, for B1-B3 and B4-B8, respectively, 

as these times corresponded to when the first measurement was taken for each treatment 

in the original experimental study. For experiments H1-H4 and A1-A6, pseudo-first order 

equations provided in the original studies were used for the formation rates of 

lepidocrocite, goethite and magnetite. The dissolution rates of ferrihydrite were 
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considered to be equal to the sum of the formation rates of all the secondary Fe minerals. 

These calculated rates are hereafter referred to as “pseudo-first order” rates. 

4.4 Results and Discussion 

 Mineral Transformation Across Varying pH and Initial Fe(II) 

Conditions  

Employing the newly proposed modeling framework, a joint calibration was performed 

for all considered 19 experiments to optimize the rate coefficients for Fe mineral 

dissolution and precipitation. Using the optimized parameters (Table 4-1), our model was 

able to broadly reproduce the observed Fe mineral concentrations across most of the 

experiments, even though they covered a wide range of solution pH, Fe(aq)
2+  concentration, 

major ligand type (e.g., chloride or sulfate) and/or initial Fe mineral concentration (Figure 

4-2). However, there were also some instances where the model captured the measured 

data poorly, particularly during the initial stages of transformation.  

The model accurately described the significant increase in transformation rates that 

occurred in conjunction with the pH increase from 6.17 to 7.26 across experiments B1-

B6. The concentration of Fesolid
2+  on ferrihydrite varied by nearly an order of magnitude 

across these experiments, from 83 to 516 µM for B1 and B6, respectively. 

Correspondingly, Fe(II) surface coverage on ferrihydrite increased from ~9% of the total 

number of sites to ~55% from B1 to B6, primarily at the expense of proton sorption, 

which decreased from ~31% to ~7% (Figure C4). This was similarly the case for 

experiments A2-A6, which ranged between pH 6.50 and 7.50. On the other hand, 

differences in transformation rates for experimental pairs A1/A5, H1/H3 and H2/H4 were 

controlled by the differences in Fe(aq)
2+  concentrations while the pH was kept constant 

across experiments. In the case of experiments H1-H4, Fe(aq)
2+  differed by an order of 

magnitude.  

Rate coefficients for ferrihydrite dissolution (𝑘Fe(II)−Fhy) varied across the three assessed 

studies, from 8.0E-04 M-1 sec-1 for B1-B9; to 2.70E-03 M-1 sec-1 for A1-A6; and finally, 

to 2.9E-03 M-1 sec-1 for H1-H4 (Table 4-1). Although the rate constants varied, the model 

calculated rates for B1-B9 and H1-H4 all fell within the range of ~0.20-0.40 μmol m-2 

sec-1, while experiments A1-A6 were faster falling between 0.6 -3.25 μmol m-2 sec-1 

(Figure 4-3 and Figure C5). The differences between the rate constants therefore reflect 

the differences in the ferrihydrite surface area which determines the extent of the Fe(II) 



sorption and the associated rate of dissolution. Such differences in ferrihydrite properties 

between different studies is plausible as the synthesis of each ferrihydrite mineral was 

different. For example, Hansel et al.,122 employed two-line ferrihydrite coated quartz 

sands, which could differ from pure ferrihydrite in terms of the morphological 

properties.162 Conversely, the other two sets of experiments were performed using pure 

ferrihydrite directly. Of those two, Aeppli et al.,140 used six-line ferrihydrite, whereas 

experiments by Boland et al.,35 used two-line ferrihydrite. Furthermore, each of the 

studies synthesized ferrihydrite over different timescales, effectively changing the 

amount of time the mineral could ‘age’. In the study of Hansel et al.,122 the suspension 

was dried at 20℃ under convection, all of which would affect the surface structure and 

particle size of the ferrihydrite as well as its reactivity.137 Otherwise, the rate constants 

were identical for lepidocrocite, goethite and magnetite dissolution/precipitation for 

experiments B1-B9 and A1-A6. However, for experiments H1-H4 separate rate constants 

were required to best fit the observations (Table 4-1). One explanation for this could be 

the possible interference of silicate and chloride polymerization reactions on the surface 

of the Fe oxides which has been observed during heterogenous precipitation of hydrous 

Fe(III) oxides and quartz.162 Based on the description provided in the original studies both 

Boland et al.,35 and Hansel et al.,122 used glass containers which could release silicate and 

interfere with Fe(II)-induced ferrihydrite transformation.137 Furthermore, the particle size 

has a significant impact on the calculation of CCC and therefore the rates of lepidocrocite 

and goethite formation (equations 8 and 9). The ferrihydrite particle size was assumed to 

be constant across all datasets as the particle size of the initial ferrihydrite suspension was 

not determined in any of the original experimental studies. 
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Figure 4-2:. Simulated and experimental results for three sets of ferrihydrite transformation 

experiments performed in the separate studies of Boland et al.8, Hansel et al.9, and Aeppli et al.,30 

Symbols represent observed concentrations for ferrihydrite (blue circle), lepidocrocite (red triangle), 

goethite (yellow square) and magnetite (orange diamond). B1 to B6 all used 1 mM of FeSO4 across a 

pH range of 6.17 – 7.26. B7, B8 and B9 differed by using 2 or 3 mM FeSO4 or double the ferrihydrite 

concentration, respectively (9.36 mM compared to 4.68 mM). H1 to H4 were all performed at pH 

7.20 using either 0.2 or 2.0 mM of FeSO4 or FeCl2. A1 to A6 all used the same ferrihydrite 

concentration (10 mM) but varied the pH (A3-A6) or the FeCl2 concentration with A1 and A2 using 

1 mM compared to 5 mM for experiments A3-A6.  



 Ferrihydrite Dissolution Rates 

The pseudo-first order ferrihydrite dissolution rates ranged between 0.21 – 0.43 nmol sec-

1 m-2 for B1-B6; 0.13 – 0.60 nmol sec-1 m-2 for A4-A5; and 0.60 – 2.71 nmol sec-1 m-2 for 

H1-H4 (Figure 4-3). Interestingly, ferrihydrite dissolution for A5 and A6, which were 

performed under the high pH conditions of 7.25 and 7.50, respectively, were significantly 

faster at 37.46 and 52.14 nmol sec-1 m-2. These rate values fall within an order of 

magnitude of previously determined dissolution rates of Fe oxides where Fe(II) was 

present.154, 156 The corresponding model-estimated dissolution rates are broadly consistent 

with the calculated pseudo-first order rates for the experiments B1-B6 as the ferrihydrite 

dissolution rate scaled linearly with the concentration of Fesolid
2+  (Figure 4-3 (A)). In 

contrast, the rates diverged somewhat between model-estimated and calculated rates for 

H1-H4, and to a lesser extent for A1-A6 (Figure C5). This discrepancy can at least 

partially be attributed to the low sampling/measurement frequency that covered the period 

prior to the complete consumption of ferrihydrite (Figure 4-2), which leaves the 

calculated rates significantly more uncertain.  

 

Figure 4-3: (A) Comparison of simulated and pseudo-first order maximum rates of ferrihydrite 

dissolution normalized to the surface area at either 5 or 2hrs for experiments B1-B3 or B4-B6, 

respectively. Pseudo-first order values refer to the non-linear least squares equation from Boland et 

al.,8 (Figure C3). (B) Simulated and pseudo-first order maximum rates of dissolution as a function of 

simulated adsorbed Fe(II). (C) Measured adsorbed Fe(II) from Boland et al.,8 as well as the model 

sorption edge using the SCM developed in this study. Solid grey line is the postulated MES-Fe(II) 

surface complex, dashed grey line is the total percentage sulfate adsorbed 

The pseudo-first order dissolution rates that were calculated from the experimental data 

were not equivalent to the increase in the concentration of Fesolid
2+  (Figure 4-3 (B)), which 

would be expected given the rate law for ferrihydrite dissolution (equation 1). In the 

model simulation the Fesolid
2+  concentration increased ~5 times while the calculated 

dissolution rate only doubled from B1 to B6. Upon closer examination of the modeling 

results, sorption of MES buffer on mineral surfaces, which increases sharply across the 
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investigated pH range, was found to be an important factor that suppressed ferrihydrite 

dissolution (Figure 4-3 (C)). The MES surface complex (HfOwO)2FeMESFe+  is a 

bidentate binuclear surface complex that despite containing Fe(II), is assumed to be 

dissolution-inert.155 As much as 8 mM of adsorbed MOPS, which is structurally similar 

to MES that was used in the experiments by Boland et al.,8 has been reported in Fe(II)-

goethite suspensions.149 Buchholz et al.,149 hypothesized that the Fe(II)aq that was released 

after adding up to 50 mM of MOPS to Fe(II)-goethite suspensions was either the result 

of enhanced goethite dissolution or the displacement of Fesolid
2+ . Based on our modeling 

results it appears feasible that the MES-Fe(II) complex could outcompete the Fe(II) 

surface complexes and thereby decrease the dissolution rate. This hypothesized 

mechanism has important ramifications for interpreting secondary Fe mineral 

transformation from studies that use these zwitterionic buffers, given that they can affect 

the mineral surface properties and consequently the transformation pathways.  

The rates for the initial periods that Boland et al.,35 calculated with their semi-empirical 

model were markedly slower than the rates calculated by our process-based model (Figure 

C6). In Boland et al.,35 their model was used to extrapolate backwards, before the first 

measurement was taken, to account for an “induction” period, i.e., an initial phase during 

which ferrihydrite transformed from non-reactive to reactive. Interestingly, this lag phase 

is only evident in the experiments B1-B9, but not in H1-H4 or A1-A6. Given that the 

discrepancy affects only the initial periods (<5 hrs) of the experiments, no such empirical 

“induction” time offset term was included in our process-based model, even though it 

could have improved the matches with the corresponding observed Fe concentrations.   

 Lepidocrocite and Goethite Formation 

Solution pH is an important control of the lepidocrocite and goethite formation rates due 

to its effect on the Fesolid
2+  concentration, and subsequently the surface potential, which 

affected the CCC term in the rate equations for precipitation of lepidocrocite and goethite 

(equations 8 & 9). Figure 4-4 (A,B) presents the varying rates of lepidocrocite and 

goethite formation as a function of pH using our process-based model. The simulated 

rates of lepidocrocite formation were approximately twice those for goethite formation 

when the pH was < 6.50. Above this pH, goethite formation kinetically outcompetes 

lepidocrocite as CCC decreases due to a higher amount of Fe(II) adsorption, which 

enhances the goethite formation rate (Figure 4-4B, equation 9). Only at a pH > 7.0 does 

the 𝑆𝐿𝐹ℎ𝑦
−1  become relevant as the Fe(II) sorption is sufficiently high enough to eliminate 



lepidocrocite formation. This complete elimination could not be captured by the CCC 

term, because it plateaus as the pH approximates the point of zero change for ferrihydrite, 

i.e., pH 8.0 (Figure C7).  

 

Figure 4-4: Model variants for investigating the role of pH and Fe2+(aq) concentrations on 

ferrihydrite transformation rates (mM day-1) to either; lepidocrocite (A and D); goethite (B and E); 

or, magnetite (C,F). Symbols represent the pseudo-first order transformation rates using the rate 

equations originally from Boland8, at time 5 hrs (B1-3) or 10hrs (B4-6) in panels A and B, when the 

first measurement was taken for each experiment. Panels D and E present rates at the same times 

but from experiments B3, B7 and B8. The model from Boland et al.,8 was re-optimized in this study 

for a ferrihydrite concentration of 4.68 mmol L-1 (see Figure C3). Pseudo-first order rates taken 

from Aeppli et al.,30 are presented in panels C (A2-A6) and F (A1 and A5). Solid lines represent the 

simulated transformation rates using the process-based model in this study.  Dashed lines represent: 

CCC, (A, B, D and E); and, and the saturation index of magnetite (C and F). 

The effect of an increasing Fe(aq)
2+  concentration on the ferrihydrite transformation rate is 

similar to the effect of increasing pH as it also effects the CCC term through the Fesolid
2+  

concentration (Figure 4-4 D &E). Our process-based model broadly matches the rate of 

lepidocrocite formation in B3 and B7 but significantly underestimates it in B8. In this 

experiment, the Fe(aq)
2+ concentration was 3 mM, triple the concentration added in 

experiments B1-B6. This same discrepancy between B8 and the other experiments was 

noted in the original study by Boland et al.,8 and partially attributed to the fact that this 

experiment had fewer measurements, which could have affected the calculation of the 

fitted parameters in their semi-empirical model.  

The importance of the CCC term can be further demonstrated by examining the role of 

the counterions that were present in the Fe(II)-ferrihydrite suspensions in the experiments 
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H1-H4. In experiments H1/H3 sulfate sorption caused a reduction in the surface potential 

and consequently a lower CCC compared to H2/H4 where chloride, which does not 

appreciably adsorb to Fe oxides, was present (Figure C7). The effect of sulfate lowering 

the zeta potential of Fe(III) polymers and causing rapid aggregation has been 

demonstrated previously.162 The valence of the cations plays a significant role in the 

calculation of CCC, whereas the impact of the anion valence is negligible (Figure C7). 

The importance of the cation valence provides a potential explanation for why minimal 

lepidocrocite was formed in the experiments A1-A6. It was assumed that Fe(II) was the 

dominant cation in the (unbuffered) experiments A1-A6 as opposed to experiments B1-

B9, where potassium was presumed to have represented the dominant cation, given that 

significantly less KOH was required to achieve the desired pH through titration compared 

to experiments B1-B9, which used 50 mM of the buffer MES. While this result provides 

a plausible explanation for the limited formation of lepidocrocite in A1-A6, some caution 

is warranted as it could potentially also be a model artefact, given that the amounts of 

KOH added were not reported in the original studies but calculated by the model (see SI 

Section 2, a pKa of 6.17 was used for MES). This explanation requires further 

investigation and should be validated experimentally. 

In the presence of ferrihydrite, goethite and lepidocrocite are known to form through 

Ostwald ripening, where the larger goethite particles grow at the expense of the 

dissolution of the smaller ferrihydrite particles.125 However, only goethite has been 

observed to form as a result of aggregation-based crystal growth.163, 177 This may be an 

important reason why CCC is a useful term for determining the formation of either 

lepidocrocite or goethite. The robustness of this CCC term was further evaluated by 

considering ferrihydrite transformation in the presence of bicarbonate (Figure C8). The 

model for H4 was modified to replace 10 mM PIPES with 10 mM bicarbonate buffer 

which resulted in the major product to be goethite and not lepidocrocite This result is 

consistent with both laboratory and field results that have demonstrated that goethite 

formation is favoured over lepidocrocite in the presence of bicarbonate.125 

 Magnetite Formation 

Magnetite was only observed to form in experiments H3 and H4 and for A1-A6. It is 

interesting to note the lack of magnetite formation in the experiments by Boland et al.,35 

especially for the experiments conducted using high Fe(aq)
2+ concentrations (2 and 3 mM 

Fe(aq)
2+  for B7 and B8, respectively). Both Hansel et al.,122 and Aeppli et al.140 



demonstrated that an increase of one pH unit had a significantly greater effect on the 

transformation rate than increasing the Fe(aq)
2+  concentration from 1 mM to 5 mM (Figure 

3 (C,F), Figure C9). This may be the reason for the lack of magnetite formation in 

experiments B7 and B8, as these experiments were performed at a lower pH (~6.50). The 

importance of pH on magnetite formation has two likely explanations. Firstly, the higher 

pH raises the surface coverage of Fesolid
2+  and therefore promotes transformation of 

ferrihydrite to magnetite.171 Secondly, the increase in pH disproportionately increases the 

saturation index of magnetite relative to lepidocrocite or goethite under the experimental 

conditions (Figure C10). At pH >8.20, Fe(OH)2(s) would likely precipitate under these 

experimental conditions and therefore may slow the formation of magnetite. The process 

of Fe(OH)2(s) transformation to magnetite was not considered in this study, but previous 

work has found rapid transformation from lepidocrocite to magnetite across a pH range 

of 8-9.170  

A more refined investigation of secondary Fe mineralization as a function of initial Fe(aq)
2+  

concentrations was also performed using additional data reported by Hansel et al.,.122 Our 

model was able to broadly capture the observed final Fe mineral assemblage after 9 days 

of reactions involving ferrihydrite and Fe(aq)
2+  concentrations ranging between 0 and 4.6 

mM at pH 7.20 (Figure C11). These results further highlight the weaker role that aqueous 

Fe(II) plays for magnetite formation compared to pH. Under neutral pH conditions, even 

increasing Fe(II) concentration such that the Fe(II)/ferrihydrite ratio is ~2.4, the magnetite 

only accounts for ~65% of the secondary mineral products. 

4.5 Implications 

In this study, we developed a new, process-based modeling framework for simulating 

secondary Fe mineral transformations over a wide range of Fe(aq)
2+  concentrations and pH 

conditions. The use of surface complexation model in the framework allows for the 

competition of different environmentally relevant species178 (e.g., bicarbonate, phosphate 

and metal cations other than Fe2+) for mineral surface sites to be included in the overall 

mineral transformation kinetics. However, considering other competing ions, such as 

those from natural organic matter (NOM) and silicate, will be more challenging, given 

the former can stabilize both Fe(II)aq and Fe(III)aq in solution by forming solution 

complexes, while the latter can inhibit polymerization of Fe(III) minerals and therefore 

impact the formation pathway.137 Therefore, to further extend our modeling framework, 

a logical next step will be to analyze controlled laboratory experiments where NOM and 
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Si were present, and also for experiments where Feaq
2+  is produced from microbially 

mediated Fe reduction instead of being added externally.   

Our modeling framework can also now be extended to investigate the significance of Fe 

mineral transformation on the concentration and fate of a wide range of contaminants in 

laboratory and environmental systems. For example, a recent study by Stewart et al.179 

has linked the reduction rate potential of the contaminant nitrobenzene with the EH values 

of Fe(III) oxide-Fe2+ redox couples. Nitrite reduction to nitrous oxide by Fe(II) in hydrous 

ferric oxide suspensions is dependent on both the adsorbed and aqueous Fe(II) 

concentration.20 We have also previously developed reactive transport models to evaluate 

the observed transformation of ferrihydrite to magnetite and its effect on immobilizing 

arsenic from groundwater.72, 110, 159 Implementing the more mechanistic modeling 

framework developed in this study into these types of reactive transport model 

applications will allow for a more robust quantification and prediction of the dynamics of 

ferrihydrite recrystallization and the associated fate of arsenic in systems with greater 

geochemical complexity.  





 

CHAPTER 5.  SUMMARY OF 

RESEARCH CONTRIBUTION  

The work investigated in this PhD thesis advances our understanding of how Fe(II) 

oxidation is controlled by NOx- in anoxic systems. The interplay of processes affecting 

NDFO was evaluated across a broad range of geochemical conditions at the laboratory 

and field scale. The complex, often cryptic, NDFO processes were initially investigated 

using the experimental data from four separate incubation studies before being adopted 

for use in a field-scale reactive transport model. The developed models highlighted the 

importance of the two competing processes of biological nitrate reduction and chemical 

nitrite reduction coupled to Fe(II) oxidation. As the model application to the Cape Cod 

has shown, NDFO imparts a major impact on groundwater geochemistry via the 

production of biogenic Fe(III) minerals. These biominerals can remove contaminants 

from water, such as arsenic and phosphate, through both surface complexation reactions 

as well as co-precipitation. Determining the identity and quantity of Fe(III) minerals that 

form as a result of NDFO was separately investigated by developing a process-based 

numerical modelling framework for describing Fe mineral transformation. Together the 

developed models have assisted to achieve a more comprehensive understanding of 

NDFO. Furthermore, the numerical models and future adaptations will facilitate a more 

robust assessment and quantification of the ultimate efficacy of utilising NDFO as a 

bioremediation tool.  

The first and primary contribution of this thesis research was to quantify abiotic and biotic 

Fe(II) oxidation within batch NDFO incubations using biogeochemical modelling 

approaches. Determining their relative contributions experimentally is extremely 

challenging as both are intrinsically coupled during NDFO. The role of 

chemodenitrification was initially examined in the model by considering many different 

literature data sets that covered a broad range of geochemical conditions. The type of 

buffer used in the experiments was an important distinction as experiments utilising 

Goods Buffers proved to be significantly faster compared to media utilising bicarbonate 

concentrations equivalent to those used in incubations with bicarbonate basal mediums. 

In growth media where acetate was supplied, chemodenitrification was responsible for: 

35, 39, 25, 37, 40% of the overall dissolved Fe(II) oxidized for Acidovorax spp. strains 

BoFeN1, TPSY, 2AN, Pseudogulbenkiania strain 2002 and Paracoccus denitrificans, 

respectively, with enzymatic NDFO responsible for the remaining proportion. Exploring 



competing Fe(II) oxidation processes in well controlled culture studies where all 

biogeochemical processes could be well constrained was a significant first step. 

The next step was to evaluate whether the importance of the processes identified in the 

batch scale modelling study for controlling Fe(II) oxidation were equally important in the 

natural environment. This was achieved by using the framework of the previously 

developed NDFO process-based model and applying it to the well-documented field-scale 

experiment that was performed at Cape Cod by the USGS where nitrate was injected into 

a Fe(II)-rich aquifer. Across 2009-2010 multiple natural gradient tracer tests were 

performed in which nitrate (~100-1000 µM) was injected into the core of an anoxic 

sewage plume. The results from this field-scale reactive transport model suggested that 

the degree to which NDFO was overestimated in the initial, solely qualitative analysis of 

the observations in the experimental study. The modelling results showed that the total 

concentrations of Fe(II) in the aquifer were insufficient to act as an exclusive electron 

donor for nitrate reduction, and sediment organic carbon was very likely to be the more 

important electron donor. This work raised an important point regarding the form of Fe(II) 

that has not been addressed in many of the NDFO studies performed to date. In many 

groundwater environments, most Fe(II) is likely present as sorbed Fe(II) rather than in 

aqueous form. Sorbed Fe(II) is therefore a much stronger and more important reductant 

than aqueous Fe(II).116 Therefore, this study provided valuable insight into whether 

biological NDFO does compete with chemodenitrification in the environment given that 

most laboratory-scale incubations were performed in purely homogenous solutions.   

Identify and quantifying the Fe(III) mineral products from NDFO is an important final 

step for understanding Fe cycling in anoxic environments. These reactive Fe(III) minerals 

can subsequently be used as substrate for Fe reducing bacteria or can be transformed into 

other crystalline phases that are more resistant to microbial reduction. To better 

understand the pathways and rates of Fe mineral transformations, a geochemical 

framework was developed that unified the important factors, namely pH, concentrations 

of Fe(II) and Fe-chelating ligands. The most common Fe (oxy)hydroxides in NDFO 

cultures as well as in the natural environment at low temperatures (<30 ℃) were 

considered in the model framework, including ferrihydrite, lepidocrocite, goethite and 

magnetite. The developed process-based model was able to closely reproduce observed 

Fe mineral concentrations across 19 experiments collected from three literature studies 

that covered a wide range of geochemical conditions. The developed model framework 

will provide a more robust approach when applied to field-scale numerical models with 
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much greater geochemical complexity and variability at greater temporal and spatial 

scales.  

The work conducted during this PhD project into NDFO identified some key processes 

that require further investigation. Some experiments can be designed and performed to 

resolve some of the open questions and reduce the uncertainties that were identified. 

Although Fe cycling has been studied intensively, it has been less well investigated with 

respect to NOx
- reduction under dynamic flow conditions that better represent typical 

aquifer systems. Understanding the reactivity and mixing of NOx- due to 

advection/dispersion within Fe(II)-rich media has not been adequately studied as most 

investigations have used static batch experiments20, 21, 23, 48with few investigating the 

effects of transport.180 Investigating these processes under advective flow is important as 

it can highlight any kinetic controls on Fe(II) oxidation as well as allowing for flow-

induced Fe(II) gradients to develop which can control Fe mineral transformation rates 

and pathways.36 This is particularly true if Fe(II) is not added exogenously but rather is a 

product of active Fe(III) reduction that is kinetically constrained either through transport 

effects or the concentration of electron donors. Although the work in this study explores 

some of these issues more experimental evidence is needed to better address key existing 

uncertainties as well as bridge the large gap in scale between the small-scale batch and 

the meter-scale field injection experiments that were investigated in this project. For 

example, additional studies should investigate NDFO within decimetre-scale columns 

under advective flow conditions while then intrinsically using realistic sediment to 

solution ratios that are representative for aquifer sediments. Sun et al34., have recently 

investigated these phenomena but used environmental sediment samples that added 

significant complexity to understanding the underlying processes. Additionally, their 

study was more concerned with how the Fe mineralogy immobilized the contaminant 

arsenic and its potential for in situ groundwater treatment. Column studies packed with 

Fe coated sands should be performed with various factors investigated, including: 

i. Co-injection of nitrite and nitrate in ferrihydrite-coated sands to better understand 

its mixing and potential for transport-limited reactivity. Different initial Fe(III) 

minerals, other than ferrihydrite, could be explored, such as goethite and 

lepidocrocite. These experiments should also explore the impact of different flow 

velocities on the overall rates of nitrate/nitrite reduction. 



ii. Add further complexity to above experiments by inoculating with an Fe(III) 

reducer within Fe(III)-coated sands to understand how Fe(III) reduction and Fe(II) 

induced transformation effect the overall Fe mineral assemblage and 

chemodenitrification rate.  

iii. Different buffers should also be examined as well to see if it impacts the Fe 

mineral assemblage and therefore the chemodenitrification rate. Zwitterionic 

buffers could potentially affect the Fe mineral transformation pathway as they are 

able to sorp to Fe minerals to varying degrees.  

iv. Performing abiotic Fe mineral transformation experiments using ferrihydrite 

suspension with different background electrolyte solutions would be an important 

next step for ascertaining the impact the solution crictical coagulation 

concentration has on the mineral transformation pathway. This includes exploring 

the role of ionic strength as well as mono vs. bivalent anions and cations.  

v. Investigations could also include examining different artificial groundwaters that 

contain Fe-chelating ligands at environmentally relevant concentrations.  

vi. Finally, inoculation with different types of nitrate reducing bacteria should be 

investigated, including: pure culture NDFO mixotrophs (e.g., the well 

characterized strain BoFeN1); heterotrophic nitrate reducers; and, autotrophic 

enrichment cultures such as the KS culture. These experiments could better 

elucidate the competition between biotic and abiotic NOx
- reduction reactions 

when both Fe(II) oxidation and Fe(III) reduction are active.   

The fifth point mentioned above could be further explored by investigating the potential 

for EPS to promote Fe(II) oxidation. The role of EPS on the oxidation rate and solubility 

of Fe could be assessed in detail, similar to the approach presented by Norman et al24., 

This would be beneficial for understanding the extent to which components of EPS 

complex with Fe(II) and whether it has the potential to affect the biogeochemical cycling 

of Fe within NDFO cultures.  

To date, few studies report on both the aqueous and gaseous nitrogen products within 

NDFO cultures, prohibiting the calculation of a complete nitrogen mass balance. Any 

future incubation studies therefore should extend the sampling protocol to include the 

concentration of gases in the headspace, such as nitrous oxide and dinitrogen gas, as well 

as the aqueous NOx- species. These measurements should be more commonly be 

combined with stable isotope measurements which provides a useful non-invasive 
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method to identify provenance and biogeochemical transformation. The extent of stable 

isotope fractionation differs depending on the nitrogen reduction process and can 

therefore be used distinguish the significance of one process versus another, for example 

the extent of chemodenitrification versus biological denitrification. Furthermore, 

characterizing the headspace gases is also potentially relevant as NDFO may play a 

significant role in controlling the concentration of nitrous oxide, a powerful greenhouse 

gas and atmospheric contaminant. Chemodenitrification can compete with microbial 

nitrite reduction and favors the formation of nitrous oxide. Moreover, when 

concentrations of organic carbon donors are limited, denitrifying bacteria will utilize 

Fe(II) for enzymatic NDFO and produce additional nitrite, further enhancing the rate of 

chemodenitrification and nitrous oxide production. Green rust, a common Fe mineral 

product from NDFO, has also been identified as an important reductant for nitrite and 

potentially an additional source for the production of nitrous oxide. 

Recently, increasing efforts have been invested into developing bioremediation 

technologies that stimulate the formation and/or transformation of Fe minerals to remove 

metal(loid)s and radionuclides from groundwater. NDFO is an obvious candidate for 

treating contaminated aquifers as it produces a range of different Fe minerals depending 

on the prevailing geochemical conditions. While goethite is perhaps the most commonly 

produced Fe mineral end product for many pure culture NDFO experiments, alternative 

Fe(III) minerals have also been found, such as ferrihydrite, or mixed valence Fe minerals 

including green rust and magnetite.  Producing magnetite using NDFO is of particular 

interest as it has been found to be an ideal candidate for metal(loid) immobilization due 

to its stability over a wide range of aquifer conditions, including those often associated 

with groundwater heavy metal contamination.  

The type of mineral produced is controlled by factors such as the concentration of 

bicarbonate and phosphate, Fe(II) oxidation rate, pH  and the initial type and abundance 

of Fe mineral(s). More fundamental laboratory work should be performed to better 

investigate whether commonly used zwitterionic buffers such as MOPS and MES 

influence the transformation pathway. The extent to which these buffers adsorb to Fe 

minerals needs greater examination, as they could affect the surface potential and 

consequently, whether ferrihydrite transforms into lepidocrocite or goethite. Similarly, 

the major ion chemistry typical within groundwater systems should be investigated to 

explore how different solute compositions affect colloidal aggregation and the surface 

potential. Of particular interest would be including natural organic carbon and silica 



within artificial groundwater solutions as both are common and both would form surface 

complexes on the Fe minerals as well as aqueous complexes which would impact the 

transformation pathway and rate. These simple laboratory experiments could lead to 

promising insights into Fe cycling.  

The overall objective of this PhD thesis was to examine controls on Fe(II) oxidation by 

nitrate and Fe mineral transformation and thereby using the development and application 

of the numerical models mostly as a tool for an in-depth analysis of experimental data. 

However, these models can now also readily be used to aid in designing effective 

treatment strategies of contaminated groundwater, and, also to underpin the experimental 

design of lab- and field-experiments in order to maximise the wealth of the collected data 
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APPENDIX A. SUPPLEMENTARY INFORMATION FOR 

CHAPTER 2 

A.1 Thermodynamic Gibbs Free Energies  

Table A1: Thermodynamic Gibbs free energies for potential enzymatic NDFO where nitrate 

reduction is coupled to Fe oxidation. Bolded reactions are those used in this study for calculating the 

thermodynamic kinetic term FT 

10𝐹𝑒2+ + 2 𝑁𝑂3
− +  24 𝐻2𝑂 →  10𝐹𝑒(𝑂𝐻)3 +  𝑁2 + 18 𝐻+                     1 

  30𝐹𝑒2+ + 5𝐻𝐶𝑂3
− + 2𝑁𝑂3

− + 54 𝐻2𝑂 →  5𝐹𝑒4
𝐼𝐼𝐹𝑒2

𝐼𝐼𝐼(𝑂𝐻)12𝐶𝑂3 +  𝑁2 + 53 𝐻+         2 

  𝟐 𝑭𝒆𝟐+ + 𝑵𝑶𝟑
− +  𝟓𝑯𝟐𝑶 →  𝟐 𝑭𝒆(𝑶𝑯)𝟑 + 𝑵𝑶𝟐

− + 𝟒 𝑯+                  3 

  𝟔𝑭𝒆𝟐+ + 𝑯𝑪𝑶𝟑
− + 𝑵𝑶𝟑

− +  𝟏𝟏 𝑯𝟐𝑶 →  𝑭𝒆𝟒
𝑰𝑰𝑭𝒆𝟐

𝑰𝑰𝑰(𝑶𝑯)𝟏𝟐𝑪𝑶𝟑 + 𝑵𝑶𝟐
− +  𝟏𝟏 𝑯+         4 

  8 𝐹𝑒2+ + 2 𝑁𝑂3
− +  19𝐻2𝑂 →  8 𝐹𝑒(𝑂𝐻)3 + 𝑁2𝑂 + 14 𝐻+            5 

  24𝐹𝑒2+ + 4𝐻𝐶𝑂3
− + 2𝑁𝑂3

− +  43 𝐻2𝑂 →  4𝐹𝑒4
𝐼𝐼𝐹𝑒2

𝐼𝐼𝐼(𝑂𝐻)12𝐶𝑂3 + 𝑁2𝑂 +  42 𝐻+        6 

1∆𝐺𝑜′
=  −100.4

𝑘𝐽

𝑚𝑜𝑙
 , 2∆𝐺𝑜′

=  −50.47
𝑘𝐽

𝑚𝑜𝑙
, 3∆𝐺𝑜′

=  −69.9
𝑘𝐽

𝑚𝑜𝑙
, 4∆𝐺𝑜′

=  −40 

53 𝑘𝐽/𝑚𝑜𝑙, 5∆𝐺𝑜′ =  −85.8 𝑘𝐽/𝑚𝑜𝑙, 6∆𝐺𝑜′ =  −45.8 𝑘𝐽/𝑚𝑜𝑙 
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A.2 Theoretical Substrate Conversion and Growth  

Table A 2: Theoretical substrate conversion and growth stoichiometry for Acidovorax sp. strain 

BoFeN1 and Paracoccus denitrificans strain Pd 1222 from literature data sets used in this study for 

development of biogeochemical model. Chemodenitrification is ignored 

Electron Balance Experiments with varying acetate Paracoccus 

denitrificans (Supplied/Consumed) for BoFeN1 

Acetate(mM) 0 2 5 5 5 

Electrons Supplied 
 

Cell Mass# (mM) 
 

2.7E-04 6.4E-04 6.2E-04 3.63E-04 

Acetate assimilated (mM)* 
 

0.67 1.60 1.54 0.91 

Acetate Oxidized (mM) 
 

1.33 3.40 3.46 4.09 

Acetate (electrons) 
 

10.63 27.22 27.70 32.74 

FeSO4 (electrons) 
 

2.00 8.00 6.50 6.50 

Total Electrons Supplied   12.6 35.2 34.2 39.2 

Electrons Consumed 

Nitrate Consumed (mM)  5 10 10 10 

Nitrite formed (mM) 
 

1 0.9 3.5 1.13 

Nitrate - N2 (electrons) 
 

20 45.5 32.5 44.35 

Nitrate-Nitrite (electrons) 
 

2 1.8 7 2.26 

Total Electrons Consumed 
 

22 47 40 47 

Electrons Recovered (%)  174 134 116 119 

            

*5 CH3 COO- + 2NH4
+ + 3 CO2 → 2 C5H7O2N + 3 H2O + 3 HCO3

- 

#Taken from model input where not stipulated in original source material. 

  



 

A.3 Stoichiometric Reactions for Denitrification  

Table A3: Overall stoichiometric reactions for denitrification for all bacteria species investigated in 

simulation S1a. Full stoichiometric reactions were derived using the principles and protocol from 

Rittmann and McCarty (2001). 

Acidovorax spp. strain BoFeN 

𝐶𝐻3𝐶𝑂𝑂− + 3.23 𝑁𝑂3
− + 0.08 𝑁𝐻4

+  → 3.23 𝑁𝑂2
− +  0.92 𝐻2𝑂 +  0.08 𝐶5𝐻7𝑂2𝑁 + 0.92 𝐻𝐶𝑂3

− +
0.69 𝐶𝑂2           

 (Reaction 1) 

            

𝐶𝐻3𝐶𝑂𝑂− + 1.89 𝑁𝑂2
− + 1.89 𝐻+ +  0.12 𝑁𝐻4

+  → 0.94 𝑁2 +  1.83 𝐻2𝑂 +  0.12 𝐶5𝐻7𝑂2𝑁 +
0.88 𝐻𝐶𝑂3

− + 0.53 𝐶𝑂2          (Reaction 2) 

Acidovorax spp. strain TSPY 

𝐶𝐻3𝐶𝑂𝑂− + 3.60 𝑁𝑂3
− + 0.04 𝑁𝐻4

+  → 3.60 𝑁𝑂2
− +  0.96 𝐻2𝑂 +  0.04 𝐶5𝐻7𝑂2𝑁 + 0.96 𝐻𝐶𝑂3

− +
0.84 𝐶𝑂2           

 (Reaction 3) 

            

𝐶𝐻3𝐶𝑂𝑂− + 2.23 𝑁𝑂2
− + 2.23 𝐻+ +  0.07 𝑁𝐻4

+  → 1.12 𝑁2 +  2.05 𝐻2𝑂 +  0.07 𝐶5𝐻7𝑂2𝑁 +
0.93 𝐻𝐶𝑂3

− + 0.74 𝐶𝑂2          (Reaction 4) 

Acidovorax spp. strain 2AN 

𝐶𝐻3𝐶𝑂𝑂− + 3.19 𝑁𝑂3
− + 0.09 𝑁𝐻4

+  → 3.19 𝑁𝑂2
− +  0.91 𝐻2𝑂 +  0.09 𝐶5𝐻7𝑂2𝑁 + 0.91 𝐻𝐶𝑂3

− +
0.65 𝐶𝑂2           

 (Reaction 5) 

            

𝐶𝐻3𝐶𝑂𝑂− + 1.79 𝑁𝑂2
− + 1.79 𝐻+ +  0.13 𝑁𝐻4

+  → 0.89 𝑁2 +  1.76 𝐻2𝑂 +  0.13 𝐶5𝐻7𝑂2𝑁 +
0.87 𝐻𝐶𝑂3

− + 0.47 𝐶𝑂2             

 (Reaction 6) 

Paracoccus denitrificans strain Pd 1222 

𝐶𝐻3𝐶𝑂𝑂− + 3.42 𝑁𝑂3
− + 0.06 𝑁𝐻4

+  → 3.42 𝑁𝑂2
− +  0.94 𝐻2𝑂 +  0.06 𝐶5𝐻7𝑂2𝑁 + 0.94 𝐻𝐶𝑂3

− +
0.77 𝐶𝑂2             

 (Reaction 7) 

       

𝐶𝐻3𝐶𝑂𝑂− + 2.06 𝑁𝑂2
− + 2.06 𝐻+ +  0.09 𝑁𝐻4

+  → 1.03 𝑁2 +  1.94 𝐻2𝑂 +  0.09 𝐶5𝐻7𝑂2𝑁 +
0.90 𝐻𝐶𝑂3

− + 0.64 𝐶𝑂2             

 (Reaction 8) 

Pseudogulbenkiania strain 2002 

𝐶𝐻3𝐶𝑂𝑂− + 3.36 𝑁𝑂3
− + 0.06 𝑁𝐻4

+  → 3.36 𝑁𝑂2
− +  0.94 𝐻2𝑂 +  0.06 𝐶5𝐻7𝑂2𝑁 + 0.94 𝐻𝐶𝑂3

− +
0.74 𝐶𝑂2               

 (Reaction 9) 

 

𝐶𝐻3𝐶𝑂𝑂− + 2.00 𝑁𝑂2
− + 2.00 𝐻+ +  0.10 𝑁𝐻4

+  → 1.00 𝑁2 +  1.90 𝐻2𝑂 +  0.10 𝐶5𝐻7𝑂2𝑁 +
0.90 𝐻𝐶𝑂3

− + 0.60 𝐶𝑂2           (Reaction 10) 

(Biomass is represented as 𝐶5𝐻7𝑂2𝑁) 



  

A.4 Model Parameters  

Table A4: All model parameters estimated by PEST/PSO for model variant S1a simulations 

Parameter name Lower limit Upper limit Estimated value Posterior variance 
Posterior standard 

deviation 

Estimated value 

minus two standard 

deviations* 

Estimated value plus two 

standard deviations* 

Efficiency parameter (ε) for calculation of full stoichiometric reactions 

ε1 (BoFeN1) 1.50E-01 5.00E-01 3.02E-01 1.76E-04 1.33E-02 2.8E-01 3.3E-01 

ε2 (TPSY) 1.50E-01 5.00E-01 2.07E-01 3.42E-04 1.85E-02 1.7E-01 2.4E-01 

ε3 (2AN) 1.50E-01 5.00E-01 3.01E-01 2.16E-04 1.47E-02 2.7E-01 3.3E-01 

ε4 (Pd 1222) 1.50E-01 5.00E-01 2.60E-01 2.21E-04 1.49E-02 2.3E-01 2.9E-01 

ε5 (2002) 1.50E-01 5.00E-01 2.75E-01 2.37E-04 1.54E-02 2.4E-01 3.1E-01 

Parameters for microbial respiration of nitrate reduction to nitrite 

KD 1.00E-07 1.00E-02 2.18E-03 6.52E-01 8.08E-01 1.0E-07 1.0E-02 

KA 1.00E-07 1.00E-03 2.38E-05 2.08E-02 1.44E-01 1.0E-07 1.0E-03 

k1 1.00E-06 1.00E-03 7.99E-05 9.999E-01 9.999E-01 1.0E-06 1.0E-03 

Parameters for microbial respiration of nitrite reduction to dinitrogen 

KD 1.00E-07 1.00E-03 2.25E-05 8.34E-01 9.13E-01 1.0E-07 1.0E-03 

KA 1.00E-07 1.00E-03 3.50E-06 8.11E-04 2.85E-02 1.0E-07 1.0E-03 

k1 1.00E-06 1.00E-03 1.10E-04 4.58E-04 2.14E-02 1.0E-06 1.0E-03 

Encrustation 

1.00E-04 1.00E-02 7.59E-03 7.28E-01 8.53E-01 1.0E-04 1.0E-02 Inhibition 

*If the interval goes beyond specified upper or lower limits, the limit value is listed instead. 



 

A.5 Enzymatic Fe(II) Oxidation Rate 

 

Figure A1: Enzymatic Fe(II) oxidation rate  for all strains investigated were calibrated from batch 

experiments with solution media containing nitrate but where Fe(II) was added as the sole electron 

donor. Selected data from these ‘chemolithoautotrophic’ batch experiments were used as biogenic 

nitrite from heterotrophic nitrate reduction could be ignored. Results are presented for Acidovorax 

spp. strains BoFeN1 (left), TSPY (middle) and 2AN (right) from Klueglein and Kappler9, Carlson et 

al.29 and Chakraborty et al.17, respectively. Solid lines represent simulation results while symbols 

represent observed concentrations for total Fe(II) (red circle), nitrate (blue down triangle) and nitrite 

(yellow square) 

 

A.6 Green rust Oxidation Rate 

 

 

Figure A2: Solid green rust-Fe(II) oxidation rate calibration calibrated from data collected by 

Hansen et al67. 
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A.7 NDFO Under Variable Acetate Concentrations  

 

 

Figure A3: Simulation of Fe(II) concentrations (solid lines) during NDFO in Acidovorax sp. strain 

BoFeN1 (bottom panel) and TPSY (top panel) growth incubations at different acetate (Ace) 

concentrations. Symbols represent observed concentrations of Fe(II) from experiments within 

Kappler et al.16 and Carlson et al.29 

  



 

A.8 Nitrous Oxide Emissions for Acidovorax sp. strain TPSY  

 

Figure A4: S1a (solid line) and S2 (dashed line) model simulation results for nitrous oxide for strain 

Acidovorax sp. strain TPSY. Symbols represent observed concentrations of nitrous oxide from 

experiments within Carlson et al.29 



  

APPENDIX B.  SUPPLEMENTARY INFORMATION FOR 

CHAPTER 3  

B.1 Additional Details on PSO/PEST++ Model Calibration of the 

Surface Complexation Model and Reactive Transport Models  

The following provides further details on the steps and logic for calibrating different 

components of the full reactive transport model. 

 

Conservative Transport  

A two-dimensional transient flow model was constructed and hydrogeological parameters 

controlling the local transport characteristics were calibrated by matching bromide 

breakthrough curves from the field data at wells M3, M6 and M10 located 1, 3 and 5m 

downgradient of the injection well (M2).   

Cation Exchange Model  

The cation exchange model was next calibrated using the flow model and the data from 

the first injection trial in 2006. This dataset was selected for calibrating the CEC model 

as a significant amount of the ~100 µM NO3 injected was recovered at well M3. 

Consequently, there was minimal interference from any potential biogeochemical 

coupling of NO3 and Fe(II) and observed changes in Fe(II) could more reliably be 

attributed to cation exchange reactions. The concentration of exchanger sites has been 

measured previously and this literature value was used while equilibrium constants for 

each cation were estimated using PEST++.     

Surface Complexation Model  

Equilibrium constants for As(V) and phosphate sorption were determined using 

PHREEQC with optimization performed using a heuristic particle swarm optimization 

(PSO) algorithm. Due to the highly non-linear nature of surface complexation models, 

previously we have found gradient based techniques, such as the Gauss-Levenberg-

Marquardt (GLM) algorithm contained in the software PEST, incapable of finding a 

global solution as it is often susceptible to falling into local minima. Instead, PSO was 

used initially for calibration and a local search of parameter sets was then performed using 

PEST++ for further refinement.  Concentrations of major cations and anions were 



 

assumed to be at equilibrium and equal to those in Table S1. Initial sorption reactions of 

divalent cations Mg2+ and Ca2+ as well as silica were included in the optimization 

procedure to best fit the As(V) sorption data to both the adsorption experimental data and 

the field observations.    

The number of sorption sites was estimated as part of the calibration procedure, but 

allowed to deviate by ±15% from the calculated total site concentration(204 µM) based 

on the measured surface area 0.53 m2 g-1 and previously reported site density of 3.84 µM 

m-2.181 Calibration of the data was weighted towards the lower As(V) experiments as these 

were more representative of sorption under field conditions. Experiments for As(V) > 

35µM were not included in SCM calibration. 

   

1D/2D Model Calibration 

As discussed above, due to the severe non-linear nature typical of many reactive transport 

models PSO was used as an initial calibration step for the parameter sets for each CM. 

As PSO searches for a global solution over a much greater solution space it requires many 

thousands of model runs for successful calibration. As this would be computationally very 

demanding a 1D model for each CM was created.  

Finally, using the PSO calibration parameter sets further refinement was performed using 

the GLM algorithm within PEST++. Tikhonov regularization was employed to during 

this final calibration step using literature data as prior information to avoid the potential 

impacts of overparamaterization or over-fitting 

 

B.2 As(V) and phosphate adsorption experiments on Cape Cod 

sediments  

 

Experiments were conducted with a composite sediment sample prepared from several 

cores collected from the uncontaminated zone above the contaminant plume (Kent and 

Fox, 2004).  Sediments were air dried and sieved to remove grains greater than 2 mm in 

diameter.  Extractions with hydroxylamine hydrochloride (HAHCl) at 50 C for 96 hours 

yielded extractable Fe concentrations of 18 to 22 umol/g (Kent and Fox, 2004).  The Al-

substituted goethite in the sediments had a phosphorus content high enough to be detected 

by SEM-EDS; the ratio of the peak-heights of P and Fe was approximately 1/7 (Zhang et 
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al., 2011).  The specific surface area, determined by N2 adsorption is 0.53 m2/g 

(Amirbahman et al., 2006).  

 

Experiments were conducted in artificial groundwater (AGW) with the ratios of major 

cation set to resemble uncontaminated groundwater near where the sediments were 

collected (Table AGW).  The pH of suspensions of sediments from the study area drift 

from the initial pH value after addition of strong acid or base to a pH value near 6 (Coston 

et al., 1995; Kent et al., 2008).  In order to collect sorption data in suspensions where pH 

values remain constant over the equilibration period, Bis-Tris at a total concentration of 

2 mM maintained constant pH values after adjustment over the course of the equilibration 

period.  Experiments conducted with and without BisTris near pH 6 showed that the 

presence of the buffer at this concentration did not affect As(V) sorption.  The use of pH 

buffers to control pH in suspensions of Cape Cod sediments has been described 

previously (Coston et al., 1995; Kent et al., 2008).  

 

All experiments were conducted with 5 grams of sediments and 50 mL of AGW spiked 

with As(V) or As(V) and phosphate at 21 ± 1 °C.  Thus, the solid-liquid ratio was 100 

g/L and surface area to volume ratio was 53 m2/L.  Prior to reacting the sediments with 

the sorbates, they were pre-equilibrated with AGW prior to initiating the As(V)/phosphate 

sorption experiments in order to insure that the sediments were in equilibrium with respect 

to cation sorption reactions (Coston et al., 1995).  Sediments were suspended in AGW 

and allowed to react for at least 2 hours.  The suspension was centrifuged, the supernatant 

was carefully drawn off, and a fresh batch of AGW was added.  The suspension was once 

again allowed to react of at least 2 hours.  This was repeated for a third time and the 

suspension was allowed to react overnight.  After three pre-equilibrations, no further 

changes in major cation concentrations were observed, thus the sediments were 

considered to be in equilibrium with respect to cation sorption.  

 

Arsenic(V) sorption was determined at various pH values in the range 5-7 at several 

different As(V) concentrations.  Arsenic(V) and phosphate competitive sorption 

experiments were determined at a total added As(V) concentration of 35 uM and total 

added phosphate concentrations of 8.5, 31, and 305 uM.  Sediment-bound As(V) 

concentrations deteremind from reductive extractions are 1 nmol/g (Kent and Fox, 2004).  



 

Thus, the maximum concentration of As(V) from the sediments was 0.1 uM, which can 

be ignored in the total As(V) concentration in the experiments.  The contribution of 

naturally occurring sorbed phosphate from the sediments was estimated from experiments 

with added As(V) but no added phosphate.  Dissolved phosphate concentrations increase 

with increasing added As(V) concentration and increasing pH.  At an added As(V) 

concentration of 500 uM and pH of 7.0, the dissolved phosphate concentration was 8 uM, 

corresponding to 0.08 umol P/g. 

 

Table of composition of artificial groundwater in which As(V), phosphate, and As(V)-phosphate 

competitive sorption experiments were conducted. 

Constituent Conc (uM) 

 

Na 500 

K 36 

Mg 80 

Ca 40 

Cl 576 

S(6) 100 
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B.3 Equilibrium constants for Fe phases  

Table B1: Equilibrium constants for Fe phases used in solubility calculations. (1) PHREEQC 

database, see Ball and Nordstrom. (2) Davesne et al. Table 2, calculated using thermodynamic data 

for aqueous species and well-ordered, stoichiometric magnetite from Robie and Hemingway. (3) 

Calculated from thermodynamic data for chloride and carbonate green rust reported in Table 2 of 

Bourrié et al, which is based on experimental studies of Refait and Génin, and thermodynamic data 

for aqueous species from Robie and Hemingway.(4) Calculated from thermodynamic data for 

chloride and carbonate green rust in Table 2 of Bourrié et al, which is derived from the experimental 

studies of Drissi et al., and thermodynamic data for aqueous species from Robie and Hemingway. 

Phase Reaction logK (25 °C) Source 

HFO Fe(OH)3,s + 3H+ = Fe+3 + 3H2O 4.89 1 

Goethite α-FeOOH + 3H+ = Fe+3 + 2H2O -1.0 1 

Magnetite Fe3O4 + 8H+ = Fe+2 + 2Fe+3 + 4H2O 10.4 2 

GR Cl FeII
3FeIII(OH)8Cl + 8H+ = 3Fe+2 + Fe+3 + 8H2O + Cl- 29.7 3 

GR CO3 FeII
4FeIII

2(OH)12CO3 + 12H+ = 4Fe+2 + 2Fe+3 + 12H2O + 

CO3
-2 

31.1 4 

GR SO4 NaFeII
6FeIII

3(OH)18(SO4)2(s) + 18H+  = 6Fe+2 + Na+ + 

2SO4
-2 + 3Fe+3 + 18H2O 

41.9 2 

Siderite FeCO3,s = Fe+2 + CO3
-2 -10.89 5 

Vivianite Fe3(PO4)2,s·8H2O = 3Fe+2 + 2PO4
-3 + 8H2O -35.8 6 

  



 

B.4 Stoichiometric reactions 

Table B2: Overall stoichiometric reactions for all CMs. Full stoichiometric reactions were derived 

using the principles and protocol from Rittmann and McCarty (2001). 

CM1  

 1.0 Fe2+ + 0.22 NO3
− +  2.41 H2O + 0.03 CO2 → 

0.11 N2O +  0.005 C5H7O2N + 1.0 Fe(OH)3 +1.78 H+ 

(Reaction 1) 

1.0 Fe2+ + 0.365 N2O +  0.01 NO3
− +  2.53 H2O + 0.048 CO2 → 

0.365 N2 +  0.0097 C5H7O2N + 1.0 Fe(OH)3 +1.99 H+ 

      (Reaction 2) 

CM2 

1.0 Fe2+ + 0.22 NO3
− +  2.41 H2O + 0.03 CO2 → 

0.11 N2O +  0.005 C5H7O2N + 1.0 Fe(OH)3 +1.78 H+ 

(Reaction 3) 

0.25 CH2O + 0.24 N2O +  0.019 NO3
− + 0.02 H+  → 

0.24 N2 + 0.19 H2O + 0.019 C5H7O2N + 0.157 CO2 

      (Reaction 4) 

CM3 

1.0 Fe2+ + 0.44 NO3
− +  2.51 H2O + 0.02 CO2 → 

0. 44 NO2
−  +  0.005 C5H7O2N + 1.0 Fe(OH)3 +2.00 H+ 

(Reaction 5)  

1.0 Fe2+ + 0.44 NO3
− +  2.51 H2O + 0.023 CO2 → 

0.44 N2O +  0.005 C5H7O2N + 1.0 Fe(OH)3 + 2.00 H+ 

    (Reaction 6) 

0.25 CH2O + 0.259 NO3
− + 0.02 H+  → 

0.24 NO2
−  + 0.19 H2O + 0.019 C5H7O2N + 0.157 CO2 

     (Reaction 7) 

0.25 CH2O + 0.48 N2O +  0.019 NO3
− + 0.02 H+  → 

0.48 N2  + 0.194 H2O + 0.019 C5H7O2N + 0.157 CO2 

     (Reaction 8) 

CM4 

1.0 Fe2+ + 0.44 NO3
− +  2.51 H2O + 0.02 CO2 → 

0. 44 NO2
−  +  0.005 C5H7O2N + 1.0 Fe(OH)3 +2.00 H+ 

       

 (Reaction 9)   

1.0 Fe2+ + 0. 152 NO2
− +  2.66 H2O + 0.015 CO2 + 0.003 NO3

− → 

0.152 NH4
+ +  0.003 C5H7O2N + 1.0 Fe(OH)3 +1.69 H+ 

(Reaction 10) 

 (Biomass is represented as 𝐶5𝐻7𝑂2𝑁) 
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B.5 Estimated Parameters 

Table B3: Parameters estimated by PEST/PSO for rate equations in all CM simulations 

CM parameters definition value unit 

     

1 k1 

rate constant for NO3
- reduction coupled 

to Fe Oxidation 4.50 × 10−1 

L2 mol-1 mol 

biomass-1 s-1 

 k2 

rate constant for N2O reduction coupled 

to Fe Oxidation 5.87 × 10−6 

L2 mol-1 mol 

biomass-1 s-1 

 k3 rate constant for HFO formation 3.45 × 10−4 s-1 

 alpha alpha value for isoptoic fractionation  0.979 dimensionless 

 

log_strengit

e 

log K value for ferric phosphate mineral 

strengite 29.87  

     

2 k1 

rate constant for NO3
- reduction coupled 

to Fe Oxidation 4.02 × 10−1 

L2 mol-1 mol 

biomass-1 s-1 

 k2 

rate constant for heterotrophic N2O 

Reduction 4.04 × 10−6 

L2 mol-1 mol 

biomass-1 s-1 

 k3 rate constant for HFO formation 3.89 × 10−4 s-1 

 alpha alpha value for isoptoic fractionation  0.975 dimensionless 

 

log_strengit

e 

log K value for ferric phosphate mineral 

strengite 30.00  

     

3 k1 

rate constant for NO3
- reduction coupled 

to Fe Oxidation 3.34 × 10−2 

L2 mol-1 mol 

biomass-1 s-1 

 k2 

rate constant for heterotrophic NO3
- 

Reduction 8.37 × 10−4 s-1 

 k3 

rate constant for heterotrophic N2O 

Reduction 4.08 × 10−3 s-1 

 kma 

electron acceptor kinetic factor for NO3
- 

reduction 1.84 × 10−3 dimensionless 

 kmd 

electron donor kinetic factor NO3
- 

reduction 2.98 × 10−4 dimensionless 

 kma2 

electron acceptor kinetic factor for N2O 

reduction 5.57 × 10−3 dimensionless 

 k4 

rate constant for chemodenitrification 

rate 2.80 × 10−1 mol−1 L sec−1 

 k5 rate constant for HFO formation 4.00 × 10−4 s-1 

 alpha alpha value for isoptoic fractionation  0.986 dimensionless 

 

log_strengit

e 

log K value for ferric phosphate mineral 

strengite 29.93  

     

4 k1 

rate constant for NO3
- reduction coupled 

to Fe Oxidation 3.16 × 10−1 

L mol s-1 mol 

biomass-1 

 k2 

rate constant for N2O reduction coupled 

to Fe Oxidation 7.38 × 10−6 
L mol s-1 mol 

biomass-1 



 

 k3 

rate constant for chemodenitrification 

rate 3.90 × 10−1 mol−1 L sec−1 

 k4 rate constant for HFO formation 2.88 × 10−4 s-1 

 alpha alpha value for isoptoic fractionation  0.982 dimensionless 

 

log_strengit

e 

log K value for ferric phosphate mineral 

strengite 30.00  
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B.6 Plume Dimensions 

 

Figure B1: Plume dimension three days after injection with ~1070 µM NaBr at well M3 

  



 

B.7 Cation Exchange Model 

 

Figure B2: Cation exchange model calibration using 2006 tracer experiment data. Only the first 

injection at well M3 was used for model calibration of ion exchange 
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B.8 Physical Chemistry at M3, M6 and M10 

 

 



 

 

Figure B3: pH, alkalinity and calculated TCO2 for each CM at wells M3, M6 and M10 
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B.9 Nitrite Observations at M3, M6 and M10 

 

Figure B4: Nitrite observed concentrations (symbols) and simulation results for CM3 and CM4 at 

wells M3, M6 and M10. Nitrate concentrations (CM3) are provided for reference. Note different axes 

for each CM.    



 

B.10 Monovalent Concentrations at M3, M6 and M10 

 

Figure B5: Monovalent cation concentrations for all CMs at wells M3, M6 and M10  
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B.11 Divalent Concentrations at M3, M6 and M10 

 

Figure B6: Divalent cation concentrations for all CMs at wells M3, M6 and M10  

  



 

B.12 Cape Cod sediment sorption experiments 

 

Figure B7: As(V) and P adsorption on Cape Cod sediments. (A) As(V) and (B) P modeled with site 

specific non-electrostatic generalized composite-surface complexation model (GC-SCM). (C) 

Modeled As(V) adsorption during variable P sorption experiments.  

B.13 Time series of sorbed concentrations of P, Fe and C 

 

Figure B8: Sorption time series of phosphate, Fe(II) and carbonate species on hydrous ferric oxides 

(HFO) and Cape Cod sediments. Sorption is expressed as a percentage of the total number of sites 

occupied. 
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B.14 Time histories of As(III) and As(V) 

 

Figure B9: Time histories of As(III) and As(V) for each CM at wells M3, M6 and M10. CM1; dotted 

line: CM2; dashed line: CM3; solid line: CM4; dash-dot line 

  



 

B.15 Simulations with HFO only (no strengite) 

 

Figure B10: Simulation and experimental concentration time series at locations M3, M6 and M10 

over 130 days for CMs where the only ferric iron precipitate is hydrous ferric oxide (no strengite, see 

Fig 1). Symbols represent measured concentrations from Smith et al. Simulation results for CM1 

(dotted line), CM2 (dashed line), CM3 (solid line) and CM4 (dash dot line) are provided for all 

aqueous species, excluding P where only CM3 is provided but is representative of all other CMs 

investigated. 
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B.16 Simulations with As coprecipitation 

 

Figure B11: Time histories of As(III), As(V) and total As for each CM at wells M3, M6 and M10 with 

As incorporated into a FeIIIPO4 mineral. Symbols are observed concentrations; the teal solid line is 

the model simulation with strengite only; the orange line is the model simulation with strengite and 

As incorporation; red line is assumes As incorporation as well as As(III) oxidation to As(V).



  

APPENDIX C.  SUPPLEMENTARY INFORMATION FOR 

CHAPTER 4  

C.1 Fe(II) Sorption Edge on HFO 

 

Figure C1: Model simulation results for adsorbed Fe(II) across the pH range 4 -10. 

Symbols represent the measured adsorbed Fe(II) concentrations from experiments within 

Boland et al.,. The solid red line is the model simulated results using the surface 

complexation model developed in this study, whereas the dashed black line is the 

simulated results using the site density, SSA and log K values reported in Boland et al.,35 

after Appelo et al.,.98
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C.2 Fe(II) Sorption Edge on HFO in the Presence of MES 

 

Figure C2: Model simulation results for adsorbed Fe(II) across the pH range 5 -10. Red circles 

represent the measured data for Liger et al., and the red line is the model simulated results using the 

site density, specific surface area and optimized log K values proposed by Appelo et al.,. Yellow 

triangles are the measured data for Kinsela et al.2,. The yellow line is using the adjusted log K values 

based on site density and SSA where the Fe(II)-MES surface complex is present. The black dashed 

line is the model simulated results where the Fe(II)-MES is absent.  

 

  



 

C.3 Re-optimized empirical model 

 

Figure C3 Observed and modeled fit for experiments B1-B6. The equations derived in the original 

study by Boland et al.,2 were used to re-optimize the rate constants for a slightly different initial 

ferrihydrite molar concentration, assuming a molar mass of 107g mol-1, instead of 89 g mol-1 used by 

the original authors, to remain consistent with how the ferrihydrite concentrations were calculated 

for the other data sets.  

C.4 Percentage adsorbed Fe(II), SO4
2-, H+ and OH- 

 

Figure C4: Model simulation results for adsorbed species (in %) for Fe(II), sulfate, H+ and OH- 

species across the pH range 6 -10 for experiments B1-B6. Symbols represent the initial adsorbed 

concentrations for experiments calculated using the surface complexation model (see Table 1 main 

text). Orange squares represent Fe(II), red squares represent H+, green squares represent sulfate, 

yellow squares represent OH-.).  
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C.5 Maximum rates of ferrihydrite dissolution 

 

Figure C5: Maximum rates of ferrihydrite dissolution for experiments H1-H4 and A1-A6. The 

dissolution of ferrihydrite was calculated as being equivalent to the combined rate of secondary Fe 

mineral formation using the pseudo-first order rates provided in the studies by Hansel et al.,1 and 

Aeppli et al.,4. The rates were then normalized to the measured (A1-A6) or calculated (H1-H4) 

surface area of ferrihydrite. 

  



 

C.6 Process-based model results versus empirical model results 

 

Figure C6: Simulated ferrihydrite transformation rates (solid lines) using the process-based model 

developed in this study versus rates derived using the empirical model developed in Boland et al.,2 

(symbols). Shaded areas are the time from time zero to when the first measurement took place (5 hrs 

for B1-B3, 10 hrs for B4-B6). 
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C.7 Surface Potential versus critical coagulation concentration 

 

Figure C7: Surface potential versus the critical coagulation concentration. Circles with solid line is 

the model output assuming a cation valence of +1 (e.g., potassium) and anion valence of -2 (e.g., 

sulfate). Squares with solid line assumes a cation valence of +2 (e.g., Fe(II)) and anion valence of -1 

(e.g., chloride). Purple symbols are from experiments B1-B9 (circles), A1-A6 (squares), H1/H3 

(FeSO4, triangles) and H2/H4 (FeCl2, diamonds). 

C.8 Magnetite thresholds explored further 

 

Figure C8: Left: Results for H3 (FeCl2 in 10mM PIPES). Right: The same as H3 but where 10mM 

bicarbonate is used instead of 10mM PIPES to buffer the suspension. Magnetite thresholds explored 

further. 

 



 

C.9 Magnetite thresholds explored further 

 

.Figure C9: Model results of magnetite formation at pH 6.0, 7.0 and 8.0 using 2.0 mM FeCl2 

compared against the measured amount from Hansel et al.,.1
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Anaerobic nitrate-dependent Fe oxidizing (NDFO) bacteria are thought to play a 

role in the generation of Fe minerals in systems low in other oxidants such as Mn(IV) and 

nitrite. However, the details of the processes involved in NDFO remain controversial as 

contradictory results in the literature have failed to resolve whether NDFO bacteria utilize 

an unknown enzymatic process or reactive intermediaries abiotically oxidize Fe(II). 

Therefore, this study was aimed at deciphering the relative contributions of NDFO-driven 

and abiotic processes to the oxidation of Fe(II). Three separate Fe mineral transformation 

pathways were investigated along with the fate of metal(loids). 

First, literature data from growth experiments using the NDFO bacteria Acidovorax 

strain BoFeN1 were used to develop and constrain numerical models and to assess the 

plausibility of different conceptual models. Dedicated column experiments were then 

performed with sand or Fe(III)-oxide coated sand inoculated with pure or cocultures of 

BoFeN1 and/or other bacteria. Each column was designed to understand Fe mineral 

transformation pathways driven by (i) dissimilatory nitrate reduction, (ii) dissimilatory 

Fe reduction, and (iii) NDFO using groundwater amended with aqeuos Fe(II) and nitrate. 

Dissolved arsenic (As) and zinc (Zn) were introduced into the columns, and the evolution 

of effluent composition was determined to understand the fate of contaminants.  

All sand columns produced goethite and ferrihydrite irrespective of bacteria used 

for inoculation, while only BoFeN1 columns produced minor amounts of green rust. 

Fe(III)-oxide coated sand colums differed in mineralogy, with magnetite forming in both 



 

the pure BoFeN1 culture and coculture with an Fe reducer. In all cases As and Zn were 

effectively removed from solution through adsorption and/or coprecipitation.      

Reactive transport modelling was used to quantify the biogeochemical processes 

responsible for the Fe mineral formation and metal(loid) immobilization on the basis of  

initial conceptual and numerical models where development was guided by literature 

data. 
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D.2 A Process-Based Model for Iron Mineral Transformation  
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Iron (Fe) (oxy)hydroxide minerals play a key role for determining the mobility of 

a wide range of contaminants in groundwater systems. [1]. 

Successive transformation of the meta-stable reactive mineral ferrihydrite to more 

thermodynamically stable Fe minerals has been observed in many natural environments 

and reproduced under controlled laboratory conditions [2]. Catalysis by aqueous and 

sorbed Fe2+ has consistently demonstrated a key role in the rate of Fe mineral 

transformation, where the terminal Fe mineral products have included: lepidocrocite, 

goethite, hematite and magnetite. To date the rates and pathways of the transformation 

processes have not been closely examined within any quantitative framework that 

describes the complex relationships between the transforming minerals and surface-

associated as well as aqueous Fe2+. Therefore, this study was aimed at developing a 

geochemical kinetic modeling framework reliant on surface complexation reactions to 

describe Fe mineral transformation rates and pathways.  

The resulting model was able to reproduce experimental data collected from two 

studies investigating the transformation of ferrihydrite to lepidocrocite, goethite and 

magnetite across a range of circumneutral pH conditions and aqueous Fe2+ concentrations 

[3,4]. The model highlighted the crucial role of sorbed Fe(II) and ligand type on 

controlling the transformation rates and secondary mineralization pathways, as sorbed 

Fe(II) concentration varied by close to an order of magnitude across the investigated pH 

range of 6.2 to 7.2.  Finally, the impact of competing metal(loid)s for sorption sites on Fe 

minerals was investigated using the model to quantify how it affects Fe mineral 

transformation rates, pathways and overall contaminant mobility.  

[1] Pedersen et al., GCA 70, 4116-4129 (2006) [2] Hansel et al., GCA 67, 2977-

2992 (2003) [3] Boland et al., ES&T 48, 5477-5485 (2014) [4] Hansel et al., ES&T 39, 

7147-7153 (2005) 




