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Abstract 

 

Iron oxide nanoparticles are a promising resource for solving some of today’s 

most pressing global challenges in the developed and developing world, including the 

removal of toxins from drinking water resources, treatment of mining wastes, and 

remediation of groundwater contaminated by industrial activity. There is still much to be 

understood, however, about the reactivity of iron oxide nanoparticles in actual 

groundwater systems, where mineralogy and solution conditions are complex and 

variable over time. In this thesis, iron oxide nanoparticle reactivity was measured as a 

function of environmental variables, including pH, ionic strength, and the presence of 

organic matter or secondary mineral phases. The chosen variables simulate severe and 

impacted environments, such as pesticide-polluted groundwater and acid mine drainage. 

Additionally, kinetic studies paired with complementary solid-state characterization were 

used to elucidate evolving reactivity (changes in reactivity and iron oxide properties over 

time) as a function of environmental variables. This interdisciplinary research 

incorporated analytical quantification, diffraction, magnetism, microscopy, statistical 

analyses, cryogenic microscopy, and fluorescence spectroscopy. The overall result of this 

thesis demonstrated that the reactivity of iron oxide nanoparticles towards contaminants 

in aqueous systems is dynamic with respect to environmental variables and reaction 

extent. By increasing our understanding of how iron oxide nanoparticles will react in the 

subsurface, predictions of efficiency and expected outcome of environmental remediation 

will improve. 
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Introduction 

 A recent United States Geological Survey report estimated that 76 billion gallons 

of groundwater were pumped per day across the United States and that nearly 14% of 

Americans rely solely on fresh groundwater for domestic use, especially in rural zones.1 

Significant population growth and rising food demand has threatened groundwater 

resources with chemical contamination from a variety of sources, including industrial 

wastes and agricultural runoff.2,3 Increasing attention on groundwater contamination and 

the associated negative health repercussions validate the demand for an efficient and 

realistic remediation method. For example, a brief literature search for the research topic 

“environmental remediation” using the SciFinder Database® reveals a rising trend in the 

development of remediation methods in the scientific communtiy (Figure 1.1), 

particularly in the last decade.4  

 

Figure 1.1: Frequency of articles per year with research topic “environmental 

remediation”, 1990-2015, using the SciFinder Database. 

 

Current remediation methods can be categorized as either ex situ or in situ, and ex 

situ methods (e.g., above ground pump-and-treat) can be costly, time intensive, and 
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impractical.5 Consequently, there is considerable focus on the development of in situ 

remediation methods, such as below ground chemical transformations using natural 

sediment materials or engineered systems.6,7 For example, one in situ route for 

transforming oxidized contaminants, such as nitroaromatic compounds (NACs), is 

through chemical reduction by aqueous Fe(II), a common groundwater ion.7 Previous 

work has demonstrated that Fe(II) can reductively degrade oxidized contaminant 

molecules and, in particular, rates of reaction increase dramatically when iron oxide or 

oxyhydroxide mineral surfaces are present.8 Nanoparticles of these minerals, hereafter 

collectively referred to as iron oxides, are even more promising for in situ remediation 

due to their relatively higher specific surface areas, natural presence in sediments, and 

relative ease of synthesis.6,9  

The reduction of oxidized contaminants by Fe(II) in the presence of an iron oxide 

mineral surface occurs via three steps (Figure 1.2). First, adsorption of Fe(II) occurs by 

complexation to surface hydroxyl groups on the iron oxide. An overlap in Fe(II) and 

Fe(III) d-orbitals results in electron delocalization and an overall decrease in the redox 

potential of Fe(II)−Fe(III), therefore stabilizing the Fe(III) oxidation state and making the 

transfer of an electron from Fe(II) more favorable.10–13 Specifically for minerals that 

contain Fe(III) in their bulk structure, like iron oxides, electron delocalization is not 

always limited to the mineral surface but instead can occur within the bulk mineral. This 

second stage is described as interfacial electron transfer.14 Interfacial electron transfer has 

been demonstrated for various iron oxides in the presence of aqueous Fe(II), including 

hematite, goethite, and others.14,15 In addition, reduction of NACs by magnetite 
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(Fe(III)2Fe(II)O4) in the absence of aqueous Fe(II) is expected to be due to interfacial 

electron transfer within the Fe(II) and Fe(III) in the bulk mineral.16,17 Finally, during the 

third stage, the contaminant species nears the surface of the iron oxide and electron 

transfer occurs, resulting in a chemically reduced contaminant. 

 

Figure 1.2: Illustration showing the reduction of a nitroaromatic compound by surface-

mediated reaction with Fe(II). 1) Adsorption of Fe(II) and electron delocalization at the 

mineral surface. 2) Interfacial electron transfer within the bulk mineral. 3) Approach of a 

nitroaromatic compound at the mineral surface and subsequent electron transfer. 

 

 A great number of studies have investigated the reactions of Fe(II) adsorbed on 

iron oxide nanoparticles with various contaminants, either in abiotic, biotic, or 

photocatalyzed environments. Example contaminant classes that have been abiotically 

reduced by adsorbed Fe(II) on iron oxides include explosives,18–20 pesticides and 

fertizilers,21–24 drinking water disinfection byproducts,25–27 toxic metal ions,28,29 and 

chlorinated solvents.30–32 Similar microbe-mediated reactions are possible when coupled 

with dissimilatory Fe(III) reduction and subsequent Fe(II) adsorption on an iron 

oxide.33,34 In natural surface waters, redox transformations can also occur through 

photocatalyzed Fe(II) oxidation.35,36 In dark groundwater systems, Garg et al. 

demonstrated that photocatalyzed organic matter is relatively stable in acidic waters and 
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can even contribute to the Fe(II)/Fe(III) cycle in dark systems hours later.37 In summary, 

all of these studies demonstrate the potential of Fe(II) as an efficient chemical reductant 

for groundwater contaminants in the presence of iron oxide nanoparticles. 

Given the widespread occurrence of iron oxide nanoparticles in soils and bedrock 

and the ease by which they can be synthesized, their application in the reduction of 

oxidized contaminants is promising. A major challenge to their application, however, is 

predicting their performance in environmental settings, where several variables including 

groundwater chemistry, exposure time, and fluctuations in exposure must be considered. 

For instance, the accessible reactive surface area (ARSA) of iron oxide nanoparticles is a 

controlling factor in reactivity but also greatly depends on the groundwater chemistry. 

Also, while there is a significant amount of information detailing the reactivity of Fe(II), 

oxidized molecules, and iron oxide nanoparticles in laboratory settings, few have 

considered the effects of extended reaction periods as well as fluctuating exposure. Thus, 

the aims of this review are two-fold. First, what is currently known about the ARSA of 

iron oxides in the presence of Fe(II) and groundwater contaminants is evaluated, with 

specific attention on how it has been measured and the influence of common 

environmental variables. Second, the evolving reactivity, or changes in the properties or 

chemistry of Fe(II)/iron oxide reactive systems with time or extent of exposure, is 

described. Not much is known about the evolving reactivity of these systems, despite its 

understanding being an essential step towards predicting reactivity in natural 

environments. Therefore, possible mechanisms of change and the experimental designs 

and characterization techniques available to detect these changes are described. With 
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further study into the effects of environmental variables and extended reaction properties, 

predictions of environmental reactivity for in situ contaminant transformations will be 

improved. 

Accessible reactive surface area (ASRA) of iron oxide nanoparticles 

The iron oxides are a class of minerals, comprising of a variety of crystal 

structures, sizes, and morphologies. Although there are many iron oxide minerals, some 

of the most common iron oxides studied for their reactivity in groundwater systems 

include goethite, hematite, and ferrihydrite. For instance, goethite (-FeOOH) is one of 

the most frequently used iron oxides for environmental studies due to its common 

occurrence and stability in the environment. Typical synthetic goethite nanoparticles are 

acicular (rod-like) and can range in length and width.38,39 The {110} and {100} faces 

dominate the sides of the particle, enclosed by a diamond-like cross section of 

predominantly {021} terminations.38,40 Hematite (-Fe2O3), another common iron oxide, 

often grows as rhombohedra or hexagonal plates, with the (001) face serving as the basal 

planes. In contrast, ferrihydrite (Fe10O14(OH)2) nanoparticles have a uniquely low 

structural order and elusive crystal structure.41 Akaganeite and lepidocrocite, less 

thermodynamically stable polymorphs of goethite, are not as frequently studied but 

exhibit remarkable reactivity in the presence of Fe(II). Akaganeite (-FeOOH) 

nanoparticles can be synthesized as somatoids (cigar-shaped) or acicular rods, and 

lepidocrocite (-FeOOH) crystallizes as platy or tabular nanoparticles.38 Magnetite 

(Fe3O4), a mixed-valent iron oxide mineral, forms as octahedral nanoparticles and 
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displays unique properties compared to other iron oxides due to both octahedral and 

tetrahedral structural iron species.38 

Considering their unique composition, crystallography, and morphology, iron 

oxide nanoparticles vary greatly in their ARSA, which can be defined as the number of 

surface sites directly exposed to the solution phase in combination with a composition 

and structure that can participate in the reaction. When adsorbed Fe(II) is the reductant in 

aqueous systems, the measure of ARSA is largely determined by the aggregation state 

and Fe(II) adsorption capacity of the iron oxide, and both of these properties are 

dependent on the mineral morphology, size, and crystallography. In addition, the 

surrounding environment is a critical variable in reactivity, with pH, ionic strength, 

organic matter, and even the presence of other mineral phases impacting ARSA. 

Quantifying ARSA 

For nanoparticles in aqueous systems, a major challenge in quantifying ARSA is 

the variable adsorption capacity and aggregation state with even minor changes in iron 

oxide structure or environmental conditions. This means detailed characterization of the 

nanoparticles and their properties in the aqueous media is essential to quantifying ARSA. 

For example, reactive surface area can be described by measuring Fe(II) adsorption 

capacity and using structural analyses such as crystallographic modeling with Fourier 

transform infrared (FTIR) spectroscopy, both describing the total number of reactive 

adsorbed Fe(II) surface sites. To quantify accessible surface area, examination of 

aggregation state as the particles exist in the aqueous media is essential. Other techniques 

that measure surface area on dried particles may not be accurate estimates of accessible 
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surface area (e.g., gas adsorption with Brunauer-Emmett-Teller (BET) analysis). 

Advancements towards quantifying ARSA of iron oxide nanoparticles in reactive 

aqueous systems are described in the following paragraphs, including Fe(II) surface 

complexation, Fe(II) adsorption capacity, and particle aggregation state. 

Fe(II) sorption can provide a measure of reactive surface area, and several surface 

complexation models and adsorption isotherms for Fe(II) on iron oxides have been 

developed. For instance, adsorption of Fe(II) may occur through mono- and/or bi-dentate 

complexation with surface hydroxyl groups and may be favored on particular crystal 

faces.29,42,43 These surface complexation models provide fundamental insight into Fe(II) 

adsorption at the mineral-water interface, but empirical studies of Fe(II) adsorption 

capacity can provide a different means for estimating the total number of reactive sites. 

For example, Figure 1.3a provides an experimental adsorption isotherm for Fe(II) on 

goethite nanoparticles, providing an estimate of the total number of Fe(II) reactive sites 

as a function of particle loading. Other studies of Fe(II) adsorption on goethite,44 

hematite,45–48 ferrihydrite,29,49,50 and magnetite51–53 have been performed, the results of 

which vary greatly depending on the nanoparticle properties and experimental conditions. 

In some cases, the addition of Fe(II) to iron oxide suspensions (e.g., akaganeite, 

lepidocrocite) induces phase transformations.24,54–58 Together, these studies demonstrate 

that estimates of reactive surface area require an understanding of both microscopic 

complexation mechanisms and experimental adsorption studies. 
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Figure 1.3: Experimental estimates of ARSA through a) Fe(II) adsorption capacity and 

b) cryogenic transmission electron microscopy (cryo-TEM) for goethite nanoparticles 

suspended in 10 mM carbonate buffer at pH 7 and initial Fe(II) concentration of 1 mM. 

Figures adapted from Chapter 3. 

 

Aggregation state can provide an estimate of the accessible surface area. 

Techniques measuring aggregation state in aqueous systems, such as cryogenic 

microscopy or dynamic light scattering (DLS), are often used. For instance, goethite 

aggregates of various sizes and densities have been directly imaged using cryogenic 

microscopy and measured using DLS in a variety of aqueous media.59,60 An example 

cryogenic transmission electron microscopy (cryo-TEM) image of goethite nanoparticles 

is shown in Figure 1.3b, showing side-to-side particle contacts which may suggest a 

decrease in accessible surface area relative to that of the dispersed nanoparticles, 

especially for the {110} and {100} side crystal faces. Previous work has demonstrated 

that the percentage of side-to-side contacts can be quantified by measuring the contact 

angles of goethite nanoparticles.59 Researchers have also reported estimates of 

aggregation state for ferrihydrite61–63 and hematite64 in aqueous media. There is limited 

information, however, on the native state of other iron oxide aggregates in aqueous 

systems. For instance, while interesting aggregate structures have been observed in situ 
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for surfactant-coated magnetite nanoparticles (ferrofluid),65 uncoated magnetite 

aggregation in aqueous media with Fe(II) has not yet been resolved. Given the broad 

study of iron oxides in reactive aqueous systems, however, more in situ evidence of iron 

oxide aggregate formation is expected in the coming years. 

In summary, in situ observations of iron oxide surface chemistry, Fe(II) 

adsorption, and aggregation state have offered a means to quantify ARSA of iron oxide 

nanoparticles for the reduction of oxidized groundwater contaminants by adsorbed Fe(II). 

This review of the literature, however, suggests that all three properties are also highly 

dependent on the surrounding environment, which varies considerably between natural 

groundwater systems. 

Impact of environmental variables on ARSA 

In contaminated groundwater zones, there are several variables that control 

aggregation state and adsorption capacity of iron oxides nanoparticles, including solution 

parameters such as pH and ionic strength. While organic matter makes up only a small 

fraction of the total subsurface, it can greatly influence iron oxide nanoparticle surfaces 

and their resultant reactivity. Additionally, the presence of secondary mineral phases 

(e.g., binary or heterogeneous mineral mixtures) is not as commonly explored in relation 

to Fe(II)/iron oxide reactivity, yet the ubiquity of complex mineral mixtures in the 

subsurface advocates for future work in this field. 

pH and ionic strength. Solution chemistry is an important consideration for 

surface-mediated reactions in groundwater systems, where small changes in pH and ionic 

strength or composition can lead to large deviations in ARSA. The point of zero charge 
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(PZC) determines the surface charge of an iron oxide at a given pH and when the pH is 

near the PZC (generally 6 – 9 for iron oxides66), particles hold a near neutral surface 

charge. Thus, Fe(II) adsorption (which occurs through surface hydroxyl groups) generally 

increases as pH increases, with each curve dependent on mineral phase, mass loading, 

specific surface area, and other solution variables.20,42,44,50,57,67 While little detectable 

adsorption of Fe(II) occurs at pH values lower than 5, isotope tracer experiments 

demonstrated that some interfacial electron transfer still occurs.68,69 In addition to 

adsorption, the pH of the system has been regarded as a master variable for predicting 

aggregation state, leading to estimates of colloidal stability.70 When the pH is near the 

PZC, iron oxides tend to form larger aggregates due to less surface charge repulsion, 

which can result in decreased accessible surface area.66,71–74 

Ionic strength and composition also affect the Fe(II) adsorption capacity and 

aggregation state of iron oxides. Several works have identified adsorption of anions and 

other metal cations on iron oxide surfaces.75–77 Competitive reduction of NACs and 

nitrate ions by adsorbed Fe(II) on iron oxides has also been detected.24,78 Likewise, 

aggregation is influenced by the ionic strength and can be promoted by compression of 

the electric double layer and/or charge neutralization, affecting the colloidal stability, 

transport, and reactivity of iron oxides in the subsurface.62,79,80 One unique case of iron 

oxide aggregation induced by ionic strength with significant environmental relevance is 

estuaries, where induced iron oxide aggregation and settling following the mixing of 

freshwater with seawater is known to affect the availability of iron in the ocean.81–83 

Given this brief summary of the literature, it is clear that both pH and ionic strength are 
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important parameters to reporting ARSA of iron oxides and that many studies have 

examined the influence of these variables in great detail. 

Organic matter. The presence of organic matter (OM) can also alter the properties 

and reactivity of iron oxides in aquatic systems.84 OM is produced by microbes and the 

decay of terrestrial organisms, and it is known to have a complex molecular structure 

consisting of varied functional groups.85 Fractionation of OM on iron oxide surfaces is 

possible (e.g., adsorption of OM fractions with high molecular weights86,87), and OM 

adsorption may be favored for a particular iron oxide (e.g., goethite over ferrihydrite 

when normalized to BET surface area88). These studies demonstrate that OM can 

decrease the amount of ARSA through coverage of the reactive sites and/or changes in 

aggregation state. In addition, Fe(II) can strongly bind to OM, impacting the 

concentration of aqueous Fe(II) available for sorption on iron oxides.89,90 In some cases, 

this competitive adsorption may decrease the number of sorbed Fe(II) sites on an iron 

oxide, thus decreasing the amount of ARSA. On the other hand, OM can act as an 

electron shuttle and promote reaction contaminant reduction by further decreasing Fe(II)-

Fe(III) redox potentials.91  

 Several studies have demonstrated changes in reactivity of adsorbed Fe(II) on iron 

oxides towards contaminants or model organic compounds when in the presence of OM. 

In Luan et al., the presence of humic acid (a fraction of OM) significantly slowed the 

reduction rate of nitrobenzene by Fe(II) sorbed on goethite, hematite, and magnetite.92 

They proposed two possible mechanisms: competitive Fe(II) complexation by humic acid 

and/or interference with electron transfer through humic acid adsorption on the iron 



 

13 

 

oxide. This is supported by earlier works demonstrating decreased NAC reduction rates 

in the presence of OM.93,94 Recently, it has been shown that the character of OM (e.g., 

aromaticity or carbon content) can be used as a predictor for reaction rates between 4-

chloronitrobenzene and Fe(II) sorbed on goethite in the presence of different OM 

fractions.95 These results highlight the importance of OM in the environmental 

remediation of contaminants by Fe(II)-iron oxide complexes. A recent review by these 

authors summarizes in greater detail the interactions between iron oxides and OM in 

relation to environmental reactivity.85 

Presence of secondary minerals. The mineralogy of the subsurface is 

heterogeneous and complex, and iron oxides are rarely the sole mineral to consider 

during in situ environmental reactions. Since oxygen, silicon, aluminum, and iron are the 

most common elements of the Earth’s crust, mixtures of aluminosilicate clays and iron 

oxides are common in many environments, both produced by chemical weathering 

processes.38,96,97 Figure 1.4 demonstrates four possible mechanisms by which clays might 

affect the surface-mediated reactions of adsorbed Fe(II) on iron oxide nanoparticles in the 

presence of groundwater contaminants. Clays with structural Fe(III), such as 

montmorillonite with Fe(III) substitution in the octahedral layer, can enhance the 

reduction of contaminants through Fe(II) adsorption and subsequent interfacial electron 

transfer,10 although these clay minerals are often less effective when compared to iron 

oxides tested under the same conditions.8,23,32,98–101 On the other hand, clay minerals with 

or without structural iron can affect Fe(II)/iron oxide reactivity through several 

nonreactive processes. For example, adsorption of Fe(II) or the targeted contaminant on 
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clay minerals is possible through several processes, such as ion-exchange in the 

intercalation spaces, electrostatic attraction on edges and basal planes, or coordination to 

interlayer cations.102–104  

 

Figure 1.4: Possible mechanisms by which a clay mineral can affect the surface-

mediated reactions of adsorbed Fe(II) on iron oxides nanoparticles. 

 

Additionally, clay-iron oxide particle interactions, including intercalation or 

heteroaggregation, are possible. Intercalated or “pillared” iron oxide nanoparticles can be 

achieved when particles are thermally annealed in the presence of the clay, creating a 

hybrid material with relatively high ARSA.105,106 In these hybrid materials, iron oxides 

are present in the interlayer spaces of the clay mineral and therefore cannot aggregate or 

grow to large diameters. In contrast, the heteroaggregation of clays and iron oxides could 

result in a decrease in ARSA, although few studies have directly imaged these 
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heteroaggregates in aqueous suspension.107–109 Despite the evidence of clay-iron oxide 

interactions, few have exclusively studied binary mixtures of nonreactive clays and iron 

oxides in the presence of aqueous Fe(II) and oxidized contaminants. In Chapter 3, 

addition of the clay mineral kaolinite (shown to be nonreactive in this study) decreased 

the reactivity of Fe(II) on goethite towards 4-chloronitrobenzene, the result of 

competitive Fe(II) adsorption on kaolinite.110 In situ observations using cryo-TEM 

suggested insignificant loss of accessible surface area through heteroaggregation. The 

common occurrence of clay minerals and their potential to affect ARSA of iron oxide 

nanoparticles through multiple mechanisms make heterogeneous mineral mixtures 

equally important to study. 

 Other common minerals have affected the surface-mediated reactions of Fe(II) 

and iron oxides. Some such as quartz (SiO2) contain no structural iron, are considered 

nonreactive, and affect reactions of adsorbed Fe(II) on iron oxides similar to the 

mechanisms by which clays with no structural iron influence reactivity. While Klausen et 

al. described the observed increased reactivity of silica suspensions in the presence of 

aqueous Fe(II), they predicted it was the result of goethite precipitation on the silica 

surface, resulting in an iron oxide coated sand (IOCS).8 IOCSs are as important for the 

fate and adsorption of contaminants. These hybrid materials, whether synthesized or 

natural, have different surface and transport properties in environmental systems than 

their iron oxide or sand counterparts.111,112 Moreover, other minerals that contain 

structural Fe(II), some also with Fe(III), have demonstrated catalytic surface reactivity 

towards contaminants (e.g., pyrite (FeS2) or sulfate green rust 
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(FeII
4FeIII

2(OH)12SO44H2O)).32 These examples are only a small sampling from the list 

of minerals that can co-exist with iron oxides, leaving many other likely mineral 

combinations yet to be explored. 

 This section has emphasized that both the iron oxide properties and the 

surrounding groundwater chemistry are key factors in the reactivity of adsorbed Fe(II) 

towards oxidized molecules, linking reactivity with ARSA. Many of these studies, 

however, have measured ARSA in fixed or controlled laboratory systems with 

application to short-term (e.g., a single addition of a NAC) reactivity studies. As a result, 

many questions remain about the long-term results of in situ remediation using Fe(II) and 

iron oxide nanoparticles in dynamic environmental systems, where reaction time and 

extent of exposure will fluctuate. 

Evolving reactivity of Fe(II) and iron oxides 

 Depending on the degree of contamination and the properties of the contaminant, 

in situ remediation systems may remain operational for extended periods of time. In some 

engineered systems, for example, the reactive material is continually exposed to the 

targeted contaminant for years or even decades.113 As the duration or extent of exposure 

increases, properties such as the stability, structure, and composition of the reactive 

material, the reaction rate, and the reaction products may evolve over time. 

 Figure 1.5 illustrates several possible mechanisms of evolving reactivity in 

contaminant reduction by adsorbed Fe(II) on iron oxides. Reactivity can evolve at the 

solid-state level, including changes resulting from oxidative growth, reductive 

dissolution, phase transformation, and nucleation of new particles. In addition, ARSA is 



 

17 

 

affected by reaction extent, either through varying solution chemistry or solid-state 

properties, which may in turn affect the reaction rate and organic byproducts over time. 

 

Figure 1.5: Possible mechanisms of evolving reactivity in the possible reactions between 

Fe(II), iron oxide nanoparticle surfaces, oxidized organic species (circles), and reduced 

organic species (triangles). 

 

Solid-state changes 

 In reactions between oxidized contaminants, Fe(II), and iron oxide nanoparticle 

surfaces, chemical reactions occur at the mineral-water interface in a variety of ways.  

When adsorbed Fe(II) is the reductant, Fe(III) is produced, which results in three 

potential processes: new oxidative mineral growth on existing nanoparticles, new mineral 

phases, and/or new nucleated particles. In the reverse reaction, lattice-bound Fe(III) is the 
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oxidant and reductive mineral dissolution occurs. In either case, the total ARSA in the 

system will change, a property often overlooked in current kinetic studies which are 

limited to short-term reactions. 

 Oxidative mineral growth is the result of produced Fe(III) incorporated as the 

same mineral phase on existing nanoparticles. On the condition that all facets of the iron 

oxide have identical surface chemistry and crystallography, oxidative mineral growth can 

occur evenly on the nanoparticle surface. It is known, however, that the arrangement and 

density (sites/nm2) of the reactive sites for each facet will differ, which is expected to 

result in preferential oxidative mineral growth on a particular face or faces. Several works 

from this group have detailed the oxidative growth of goethite and demonstrated the 

generally most reactive sites were on the tips, or {021} faces, resulting in growth along 

the c direction.114,115 In Chapter 2, it was demonstrated that variable environmental 

conditions affected the relative reactivity of major types of goethite crystal faces, at times 

resulting in the relative contribution of growth rate for {021} faces decreasing compared 

to {110} or {100} faces (i.e., growth on side crystal faces became detectable).116 

Nevertheless, the role of the reactive faces is still unclear from these studies. It is possible 

that adsorption of Fe(II) and electron transfer to the contaminant both occur at the {021} 

face. On the other hand, adsorption may occur and then, through interfacial electron 

transfer, the electron may wander toward a different crystal face before transferring to the 

contaminant. These evolving solid-state results have only sparked more questions about 

the specific interactions between aqueous Fe(II) and iron oxide mineral surfaces in 

aqueous systems. 
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 Phase transformations can lead to dramatic changes in ARSA. Phase 

transformations can occur in aqueous suspensions containing Fe(II), either with or 

without an oxidized contaminant. It has been proposed that interfacial electron transfer 

causes a decrease in crystal lattice stability, leading to mineral dissolution and 

precipitation of a more favorable iron oxide mineral phase.117 Jeon et al. reported partial 

hematite conversion to magnetite that may result in rapid electron transfer with 

Fe(II),67,118 a possibility that is particularly significant for reactions between oxidized 

contaminants and adsorbed Fe(II). Phase transformation in the presence of Fe(II) was 

also observed for other iron oxides such as ferrihydrite, goethite, and lepidocrocite55,119–

121 as well as recently for akaganeite (Appendix B).58 Preferential phase transformation on 

certain crystal faces has been reported in some studies, which could greatly vary the 

ARSA over time depending on the crystallography of the new mineral face.122,123 These 

studies show that by altering the ARSA, phase transformations could greatly change the 

reaction rate and mechanisms of reaction for iron oxide suspensions in contact with Fe(II) 

and oxidized contaminants. 

 Finally, in cases where the iron oxide is the electron acceptor, lattice-bound 

Fe(III) is reduced to Fe(II). The produced Fe(II) may remain surface-bound or be released 

into solution. The latter process, called reductive dissolution, has been observed in the 

oxidation of reduced organic species, such as phenols and oxalates, by a variety of iron 

oxides.124–127 These functional groups have been detected in OM, thus reductive 

dissolution is an important process in groundwater systems. Similar to oxidative growth, 

dissolution on preferred crystal faces is likely depending on the character of the reactive 
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sites. Larsen and Postma measured length and width distributions of lath-like 

lepidocrocite nanoparticles at different stages of reaction with ascorbic acid and found 

that both size and morphology evolved with reaction time.127 Preferential reductive 

dissolution of hematite has also been observed at crystal defects and rhombahedra 

corners.128 Changes to mineral morphology and surface structure via reductive 

dissolution will likely affect ARSA and should be considered when interpreting long-

term stability and transport of iron oxides in the environment.  

 Changes to the structure or phase composition of iron oxides will have 

repercussions for current models and kinetic studies on in situ reactions of Fe(II)/iron 

oxides in the presence of oxidized contaminants. If only initial reactions are explored, it 

will be difficult to predict the effect of long-term reactions between contaminants and 

iron oxides with a limited understanding about the evolving solid-state properties. For 

example, mineral dissolution may decrease the ARSA and thus reaction rate. In contrast, 

the emerging reactive sites may be relatively more reactive and demonstrate an increase 

in reaction rate. Before predictions can be made for in situ environmental applications, 

evolving reactivity must be quantified at the solid-state level. Changes to iron oxides will 

influence their reactivity and transport properties, affecting the fate and transport of 

natural or engineered nanoparticles in the environment. 

Changes in ARSA and solution chemistry 

 Many kinetic studies have assumed that the initial reactive sites are identical to 

the post-reaction sites, imparting a steady-state assumption on the ASRA. With the 

evolving solid-state properties of iron oxides, the possibility that the steady-state 
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assumption will fail should be considered, especially in cases where contaminant 

exposure is extensive. The major variables controlling ARSA, such as solution chemistry 

(e.g., pH, Fe(II) concentration), particle morphology, and particle size, are likely to 

evolve. Many of these evolving variables have not been explicitly explored in long-term 

reactions of Fe(II)/iron oxides in context of ARSA. 

 If, for instance, the reduction of contaminants by adsorbed Fe(II) produces or 

consumes protons, the pH will vary locally depending on the degree of reaction and 

groundwater flow rate, among other variables. Spatial variations in pH would affect 

ARSA. For example, a decrease in pH would result in a decrease in the number of 

reactive sites (as seen in Chapter 2, with the net reaction between a NAC and adsorbed 

Fe(II) on goethite decreasing the pH116). Alternatively, aggregation or disaggregation of 

particles can be driven by similar changes in pH, which would also affect the 

accessibility of the reactive sites. With PZC values of 6 – 9 for most iron oxides, minor 

pH changes in circumneutral groundwater will considerably alter the aggregation state 

and particle stability, and therefore, the ARSA. The data of Palomino and Stoll reveal 

that a decrease in pH from 8 to 6, for example, would result in a decrease in hematite 

aggregate sizes from 1.2 µm to 200 nm, possibly increasing the ARSA and thus reactivity 

of hematite over time.74  

 Changes in ARSA can also be induced by the evolving characteristics of the 

nanoparticles themselves, such as growth or dissolution on certain crystal faces, further 

emphasizing that the observed change in reactivity is generally a sum of different 

mechanisms of evolving reactivity. If growth or dissolution occurs on a preferential face, 
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more complex situations may be considered, such as elongation of acicular goethite 

crystals resulting in drastic changes to particle stability and relatively rapid increases in 

aggregate size. Additionally, phase transformations or nucleation of new particles may 

result in changes to adsorption capacity or even affect interfacial electron transfer 

processes, further affecting ARSA. 

 A significant gap in the current literature is the exploration of evolving 

contaminant byproducts over the extent of reaction. In the reduction of 4-

chloronitrobenzene by adsorbed Fe(II) on iron oxides, the intermediate 4-

chlorophenylhydroxylamine was detected at initial stages of reaction and then later 

completely reduced to 4-chloroaniline.8 In similar evolving reactivity experiments, 

complete conversion to the aniline was maintained after five sequential additions of 4-

chloronitrobenzene to the same reaction system.114 While complete conversion of 

nitrobenzene to aniline was shown to continue under these conditions, other contaminant 

reactions may not follow this trend. For instance, in a long-term field assessment of 

trichloroethene reduction by zero-valent iron (ZVI), increasing concentrations of certain 

daughter products (e.g., 1,2-trans-dichloroethene) were observed at different sampling 

localities and at different times.129 The amount of research exploring the persistence of 

certain contaminant byproducts is limited for the Fe(II)/iron oxide system, making future 

explorations important for elucidating evolving reaction byproducts in contaminated 

groundwater.   

 The many mechanisms of evolving reactivity and limited understanding of the use 

of iron oxide nanoparticles for long-term environmental applications means the future 
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outlook must involve both fundamental analyses through controllable laboratory 

experiments as well as representative samplings from natural settings. The conflicting 

predictions of how ARSA might change with evolving properties (e.g., acidity, oxidative 

mineral growth) underscore the importance of expanding current studies to include long-

term reactions. In this section, possible mechanisms have been described, including the 

results of current studies that recently explored evolving reactivity for Fe(II)/iron oxide 

systems. The following section aims to review methods of quantifying evolving reactivity 

which will enable elucidation of the many questions remaining. 

Quantifying evolving reactivity 

 While it is speculated that evolving properties will have great significance on the 

reactions between Fe(II), iron oxides, and contaminants, it is impossible to make accurate 

predictions of in situ observations without more research using approaches specifically 

designed for detecting evolving reactivity. One of the most challenging aspects of 

studying evolving reactivity is determining how to model natural settings using 

controllable laboratory experiments while allowing for analysis at multiple stages and 

extents of reaction. It is not surprising that with several properties and variables to 

consider, experimental design often begins with a less complex approach and then 

increases the number of variables to consider. In addition, analysis of multiple reaction 

properties and components means complementary characterization is required, often 

through combinations of analytical quantification, microscopy, diffraction, spectroscopy, 

and other less common but promising techniques. 
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Figure 1.6: Three experimental designs used to study evolving reactivity of groundwater 

contaminant degradation by a reactive material, adding more variables to consider from 

left to right. 

 

Experimental design 

 Three experimental designs have emerged for exploring evolving reactivity: 

sequential-spike batch reactors, continuous flow columns, and field studies (Figure 1.6). 

Each design has its own advantages and disadvantages, and using a combination of 

approaches will allow for a more thorough interpretation of the evolving reactivity in a 

given environment. 

Sequential-spike batch reactors. Evolving reactivity as the result of a consecutive 

number of contaminant exposures, often referred to as spikes, to a single reaction system 

is observed via sequential-spike batch reactors. In these experiments, replicate batch 

reactors containing a closed, well-mixed suspension of Fe(II) and iron oxide 

nanoparticles are prepared and reacted with a known amount of contaminant or model 

contaminant species. These reactors are buffered around an environmentally relevant pH 
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using organic or, less commonly, carbonate buffers. One reactor may be sacrificed for 

analyses of reaction rate, products, and particle properties. The remaining unsacrificed 

reactors are replenished (e.g., Fe(II) concentration brought back to initial conditions) 

following complete degradation of the spike contaminant and then subjected to a second 

spike of contaminant. This procedure is repeated, sacrificing reactors after a certain 

number of spikes during the process, until no more reactors remain. 

There are some variations to the procedure. For example, Vikesland and 

Valentine measured Fe(II) reduction of monochloramine by preparing sequential-spike 

batch reactors with a large excess of monochloramine and spiking Fe(II).130 Chun et al. 

prepared a single reactor of Fe(II), goethite, and model contaminant, with a total of five 

spikes analyzed from the same reactor and accounting for the volume change between 

spikes.114  In Chapter 2, additional steps were taken to ensure the system was brought 

back to near-initial conditions, including adjusting the pH back to initial values with acid 

or base if necessary.116 

Sequential-spike batch reactors are relatively simple to prepare and offer the 

advantage of systematic data collection following exposure to exact quantities of 

contaminant in replicate systems. In addition, certain groundwater variables such as flow 

and mixing rate are disregarded so that elementary mechanisms of evolving reactivity are 

more easily explored. By using sequential-spike batch reactors, these works studied 

evolving properties such as reaction rate, oxidative mineral growth, and ASRA. A key 

element, which is generally not achieved in single-spike reactions, is that sufficient 

reaction occurs such that post-reaction solid-state characterization is useful. In other 
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words, there is a detectable amount of change to the particles, allowing for resolution of 

the primary reactive sites on iron oxide surfaces. In Chapter 2, for instance, the relative 

reactivity of different goethite crystal faces was elucidated given sufficient Fe(III) 

production to measure growth from microscopic images.   

Continuous flow columns. To include variables such as groundwater flow and 

sediment porosity in a laboratory setting, a column-based approach is necessary. Column 

design varies depending on the aims of the research.34,131–134 One of the simpler designs is 

a single column packed with a reactive material that has a solitary inlet and outlet. 

Solutions are passed through the column and the effluent is analyzed in intervals to attain 

breakthrough curves. The influent may contain both Fe(II) and contaminant or be divided 

into a two-stage process, where one component is passed through the column and 

equilibrated before initiating the reaction by introducing the other component. In more 

complex designs, parallel columns may be constructed, either sharing the same inlet to 

offer comparative studies between different packing materials or with separate inlets. To 

analyze effluent at different distances traveled, the column may be additionally fitted 

with several sampling ports. Fitting experimental data to geochemical models is 

complicated depending on the complexity of column design. Some have applied versions 

of advection-dispersion equations to account for linear velocity of the influent, porosity, 

and dispersion coefficient, among other variables.131,135–137 

Continuous flow columns introduce several more variables over sequential-spike 

batch reactors and should be used as an intermediate step towards the study of reactivity 

in natural settings. For instance, Simon et al. determined rates of p-cyanonitrobenzene 
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reduction in natural sediment columns, which were designed with ten sampling ports to 

measure reactivity as a function of column depth.138 The aggregation of iron oxide 

nanoparticles in continuous flow columns has been studied to elucidate their colloidal 

stability and transport in groundwater zones.62,139 Some researchers have used column 

studies to determine the role of surface corrosion products and Fe(II) produced from 

reactions between ZVI and groundwater contaminants.140,141 Given these preliminary 

studies, it is possible to study several mechanisms of evolving reactivity, such as reaction 

rate, solid-state properties, and aggregation state, while still including some groundwater 

variables by using continuous flow columns.  

Field studies. A direct method to study evolving reactivity during in situ 

contaminant degradation by adsorbed Fe(II) on iron oxides is to evaluate their reactivity 

directly in the field. Few researchers, however, have exclusively explored the reactivity 

of Fe(II) in natural iron oxide systems using field studies, despite being noted as a main 

compartment of contaminant degradation in the environment.142 Additionally, 

applications of ZVI in more than 50 pilot and full-scale operations143 have determined 

iron corrosion products are formed following contaminant reduction.144,145 This lends 

even more importance to studying long-term reactions of Fe(II)/iron oxides in 

environmental systems. While the benefit to performing field studies is the direct 

relevance to predicting reactivity in environmental systems, disadvantages include the 

necessary regard for numerous complex variables as well as the costs and permissions of 

operation. Despite these challenges, field tests focused on evolving reactivity of iron 
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oxides are an essential step towards improving predictions about reactivity and thus fate 

and transport of groundwater contaminants and reactive nanoparticles. 

Characterization 

 Sequential-spike batch reactors, continuous flow columns, and field studies all 

have in common the advantage of data collection as a function of reaction time and extent 

as well as for different components (i.e., solution and solid-state reactants). The 

combination of several methods facilitate interpretation of evolving reactivity and 

comprise both analytical techniques and solid-state characterization. 

Analytical techniques. Andreu and Picó identified several challenges to 

quantifying contaminants in natural settings, such as the low concentrations, diverse 

molecular structures, and adsorption properties of the analytes.146 Efficient extraction 

along with selective and sensitive analytical methods that suit the nature of a wide range 

of contaminants are required. Pesticides, for example, have been extracted using 

accelerated solvent extraction (ASE), which saves both time and solvent volume.147 

Quantification using gas chromatography (GC) and liquid chromatography (LC) methods 

is most common.146 Several reviews are available for other contaminant molecules, 

although similar GC and LC methods are used depending the nature of the contaminant 

and byproducts.148–150  

Specific to evolving reactivity, analytical quantification paired with stable isotope 

analyses provides detailed insight into not only the mechanisms and kinetics of 

contaminant degradation on iron oxide surfaces but also the transport behavior and 

byproducts of contaminants. Isotopic fractionation of model organic species through 
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processes such as chemical reaction, sorption, and diffusion in groundwater systems 

offers unique opportunities for use of compound specific stable isotope analysis (CSIA). 

CSIA with carbon, hydrogen, and nitrogen isotopes has been applied for quantifying 

contaminant degradation in a variety of polluted waters, such as those contaminated with 

monoaromatic hydrocarbons, chlorinated solvents, fuel additives, and explosives.151,152 

CSIA may also enable the elucidation of evolving organic byproducts over time and 

distance traveled by facilitating identification of specific bonds broken and sources of 

contamination. 

Microscopy. Microscopy is useful for detection of evolving solid-state properties, 

particularly when there is sufficient change to the nanoparticles from extended reaction 

periods. Commonly used microscopic techniques include transmission electron 

microscopy (TEM) and scanning electron microscopy (SEM). Advancements in 

cryogenic sample preparation and imaging have also led to unique in situ investigations 

of particle-particle interactions in aqueous media, where the reaction suspension is 

rapidly cooled to vitrify the water and particles are trapped in their native aggregation 

state. 

Conventional TEM is used to detect and quantify iron oxide growth, dissolution, 

or phase transformations on bulk crystal faces of nanoparticles. To compare growth or 

dissolution on different crystal faces, measuring particle dimensions from conventional 

TEM images can assess deviations in the average size of iron oxide nanoparticles, like 

the lengths and widths of acicular nanoparticles (e.g., goethite, akaganeite, and 

lepidocrocite). For example, the initial and post-reaction length and width distributions 
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have been compared for acicular iron oxide nanoparticles participating in the oxidation or 

reduction of organic species.114,127 In Chapter 2, collection of a representative data set 

and application of appropriate statistical analyses was described.116 Measurement of 400 

– 500 particles at minimum using blind analysis was recommended, along with additional 

assessments to check for user-based uncertainties or bias. Data are generally represented 

as histograms of normalized frequency as a function of length or width and can be 

statistically compared (e.g., nonparametric tests) to other histograms to describe changes 

in particle morphology. Figure 1.7, adapted from Chapter 2, provides examples of 

histograms showing the oxidative growth of goethite in identical systems except with 

added OM in one set of experiments. By applying the Kolmogorov-Smirnov (K-S) test, it 

was statistically determined that the growth rate on the side crystal faces was relatively 

faster when OM was present.  
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Figure 1.7: Normalized frequency of goethite (0.325 g/L) length and width reacted with 

4-chloronitrobenzene (0.1 mM) in 1 mM Fe(II) and 10 mM carbonate buffer at pH 7 

using sequential-spike batch reactors. Bottom histograms collected from when 10 ppm 

Suwannee River natural organic matter was added in the same conditions. Using the K-S 

test, the relative extent of difference, D, between the two Spike 5 histograms and the 

probability, p, that the two histograms are statistically the same are provided to compare 

both length and width of the particles after reaction. 

 

Conventional TEM often results in aggregation of particles due to the removal of 

the solvent, making cryogenic TEM (cryo-TEM) and cryo-SEM more conclusive 

techniques for assessing aggregation state of nanoparticles in their native state.153 This is 

accomplished by either comparative observations or statistical analysis. Qualitative 

comparisons of cryo-TEM images identifying differences in aggregation state of iron 

oxide nanoparticle suspensions in different aqueous media have been provided.95,110 On 

the other hand, Stemig et al. quantified frequency of side-to-side contacts of goethite 

nanorods and particle density using aggregate measurements from cryo-TEM images.59 

In addition, cryo-TEM provides detailed information about iron oxide nanoparticles at 

subnanometer scale, including growth and phase transformations.154 On the other hand, 
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cryo-SEM has been applied more frequently in industrial and biomedical fields, 

providing powerful in situ imaging of diverse materials like cheese microstructures or 

encapsulated bacteria.155,156 The application of cryo-SEM in nanoparticle studies is less 

common, due to the relatively small particle sizes, but has potential to elucidate 

nanoparticle aggregation, and more specifically heteroaggregation or porosity, in natural 

systems which contain larger sediment materials.157,158 In Chapter 3, cryo-SEM was used 

to image heteroaggregation of goethite and the clay mineral kaolinite in aqueous reactive 

media, although more work was needed to optimize the technique at the studied particle 

loadings.110 

Other solid-state characterization. Other techniques detect the evolving 

properties of nanoparticles following reaction with contaminants in groundwater systems, 

including diffraction and magnetism. Diffraction techniques, such as X-ray diffraction 

(XRD), provide information on evolving mineral composition, crystallography, size, and 

other characteristics. Powder XRD is frequently used for characterizing nanoparticles, 

with detection limits for quantitative phase analysis between 1 and 5%.159 Crystallite size 

can also be estimated from peak widths using the Scherer equation.160 This technique 

may reveal evolving solid-state properties through detection of secondary iron oxide 

products or through broadening or narrowing of certain peaks, indicating solid-state 

changes with extent of reaction.  

Other diffraction methods have been applied to characterize iron oxides. For 

example, Jun et al. evaluated iron oxide nucleation, distribution, and topology on quartz 

substrates using an in situ time-resolved characterization technique that simultaneously 
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combined small-angle X-ray scattering (SAXS) with grazing incidence SAXS 

(GISAXS).161 This technique was later used to quantify evolving characteristics of 

nucleating iron oxide nanoparticles as a function of environmental variables.162 

Magnetic characterization can be used to detect and often quantify vanishingly 

small amounts of magnetic minerals (with one reported detection limit of < 0.01 % in 

natural calcites163) while maintaining sufficient information for identification.116,164 The 

unique magnetic properties of iron oxides provide reason to apply magnetic 

instrumentation such as a Magnetic Property Measurement System (MPMS) with a 

superconducting quantum interference device (SQUID) magnetometer or a vibrating 

sample magnetometer (VSM). Observable magnetic transitions, such as the Morin 

transition for hematite and Verwey transition for magnetite, can indicate whether trace 

secondary iron oxide phases are present.38,154 Smaller particles may display 

superparamagnetic behavior, detectable through low-temperature and room-temperature 

measurements.165–167 Different magnetic properties have also been measured for various 

morphologies of the same iron oxide phase.168,169 Thus, magnetic characterization offers a 

highly sensitive alternative to diffraction techniques like XRD.  

Spectroscopy. Lastly, spectroscopy, especially Mössbauer spectroscopy, has 

proven a powerful technique for monitoring interfacial electron transfer between Fe(II) 

and iron oxide nanoparticles. Just over a decade ago, Scherer and coworkers used 

Mössbauer spectroscopy to demonstrate interfacial electron transfer in Fe(II)/iron oxide 

systems and have since published a range of works investigating variables affecting 

electron transfer.10,14,48,101,170 Mössbauer spectroscopy could also enable elucidation of 
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evolving interfacial electron transfer and the environmental variables that affect it. 

Larese-Casanova and Scherer proposed that for hematite, interfacial electron transfer is 

limited when Fe(II) surface saturation is achieved, which may be due to the formation of 

a new layer of hematite that is somehow different from the bulk structure. It is not yet 

known whether similar observations would be seen in systems with oxidative growth or 

phase transformations after extended reaction with groundwater contaminants. 

Additionally, Latta et al. determined over 10% Al substitution in goethite decreased the 

amount of interfacial electron transfer over long reaction periods.171 This would be 

particularly relevant for Fe(II)/goethite heterogeneous systems with clay minerals, which 

has been shown to result in Al and Si incorporation into the goethite crystal structure 

during oxidative growth as a result of clay dissolution.110 It remains clear that the 

pioneering work using Mössbauer spectroscopy to elucidate Fe(II)/iron oxide interactions 

has only paved the way for its future use as a promising characterization tool in studying 

evolving reactivity. 

X-ray spectroscopy facilitates structural characterization of iron oxide surfaces 

and interactions with complexing ligands, offering an atom selective and nondestructive 

approach to study evolving reactivity at the mineral surface–water interface. 

Modifications in local coordination geometry or oxidation state for a suite of iron oxides 

and adsorbates has been elucidated using X-ray absorption near edge structure (XANES). 

The redox transformations of arsenic by adsorbed Fe(II) on goethite were investigated by 

Amstaetter et al. using XANES, observing As(III) oxidation in the presence of goethite 

only when aqueous Fe(II) was added.172 Using XANES and extended X-ray absorption 
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fine structure (EXAFS) spectroscopy, Boland et al. identified incorporation of U(V) into 

the newly formed goethite during reduction of U(VI) by Fe(II) in the presence of 

ferrihydrite, which catalyzed phase transformation.173  In Li et al., different atomic 

surface structures and Pb(II) coordination chemistry between different crystal phases of 

Fe2O3 was identified using EXAFS and X-ray photoelectron spectroscopy (XPS).174 No 

matter the technique, X-ray spectroscopy can elucidate chemical surface interactions 

between Fe(II), iron oxides, and contaminants at a fundamental level and, more 

importantly for evolving reactivity, at different stages of reaction.  

A recent shift in the literature has focused on OM interactions with iron oxide 

surfaces and the resultant effect on short- and long-term reactions with contaminants. 

Excitation-emission matrix (EEM) fluorescence spectroscopy has an advantage over 

other techniques to characterize OM content in that sample preparation is relatively 

simple. For example, Cory and McKnight collected EEMs for nearly 400 natural samples 

and applied parallel factor analysis (PARAFAC), which divides complex EEMs into 

components that represent certain functional groups, to reveal a universal presence of 

quinone-like components in natural waters.175 In this context, EEMs enabled 

characterization of a class of materials that is heterogeneous over both time and location. 

Using EEM spectroscopy, OM interactions with contaminants and iron oxides has been 

detected.176–178 In some cases, fractionation onto iron oxides is also observable and, at 

times, quantifiable given advancements in fluorescence integration.179 One disadvantage 

of using EEMs is its relative novelty, yet development in technique and data 

interpretation is ongoing.180 For example, Poulin et al. provided a solution to the 
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interference of aqueous iron fluorescence in EEM spectra.181 Despite these challenges, 

the mechanisms of OM interactions on iron oxide surfaces using EEM spectroscopy is 

likely in the coming years. 

In conclusion, this section has outlined potential routes for quantifying evolving 

reactivity, including a variety of experimental designs and characterization techniques. 

The majority of current studies on Fe(II)/iron oxide nanoparticle systems are limited to 

short-term observations, and while they have provided critical information regarding the 

mechanisms of reactivity, we have only started to describe the influence of time and 

reaction extent. The techniques provided herein provide a guide to future exploration of 

these systems for environmental applications, such as in situ groundwater remediation. 

Future outlook 

As described in the earlier sections of this review, the current literature showcases 

a broad understanding of iron oxide nanoparticles as reactive surfaces for single, short-

term contaminant reactions in different environmental conditions. Yet, efforts to describe 

evolving reactivity have led to more questions regarding the mechanisms of long-term 

changes in reactivity of Fe(II) and iron oxide nanoparticles. In view of recent work 

demonstrating that the properties of Fe(II)/iron oxides evolve in aqueous systems, it is 

critical to explore long-term reactions further using different experimental designs and 

complementary characterization. Results will facilitate improved predictions for actual 

groundwater applications. For instance, although results collected in the laboratory have 

revealed fundamental mechanisms of reaction, they are not always translated in field 
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studies. A number of reviews in the last year have identified this challenge for various 

groundwater remediation methods.182–185  

Prior to this review, potential causes and effects of evolving reactivity for 

Fe(II)/iron oxide systems had not been summarized. The studies mentioned herein have 

all taken steps toward the exploration and quantification of evolving reactivity for 

Fe(II)/iron oxide systems, providing novel procedures, techniques, or results to guide 

future work in this field. Some studies have started to characterize core components of 

evolving reactivity, such as mineral growth on select crystal faces, causes of declining 

reaction rates, or sources of variability in aggregation state. As evidenced by these works, 

environmentally relevant variables, including pH, ionic strength, presence of secondary 

minerals, and reactant identity and concentrations, remain critical variables in predicting 

remediation efficiency at different stages of reaction.  

The future for this field of research must incorporate complementary analyses to 

systems with variable solution conditions and mineral phases in order to elucidate 

evolving reactivity in groundwater systems. For example, sequential-spike batch reactors 

with systematic characterization of properties at the solid-state and solution level can 

establish how experimental parameters fundamentally influence these systems at different 

reaction stages. Cryogenic microscopy can provide information on the mechanisms of 

mineral growth, dissolution, and phase transformation, and magnetic measurements can 

detect trace phase transformations, which could have a considerably larger impact at field 

scale. X-ray absorption spectroscopy can reveal unique changes in surface chemistry and 

cation complexation with changes in groundwater chemistry over reaction time. These 
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types of smaller-scale, laboratory studies may be more feasible in the approaching years 

and would begin to elucidate the complex combination of numerous evolving properties 

that produce a net change in reactivity. The rising number of these studies would then 

make opportunities for local- or regional-scale field tests more possible. By using a suite 

of methods and models, including broad sampling practices, stable isotopic analyses, 

product characterization, and advection-dispersion models, a clearer understanding of 

evolving reactivity in natural studies can be achieved. 

In conclusion, this review has summarized the environmental variables that 

influence the short-term reactions between Fe(II), iron oxide nanoparticles, and 

groundwater contaminants and also described where the literature falls short at the 

present moment (i.e., long-term studies). Given that in situ remediation techniques are 

one of the most promising pathways to addressing issues of contaminated groundwater 

and that they often correspond to extensive reaction periods, possible mechanisms of 

evolving reactivity in the Fe(II)/iron oxide system and details on how to quantify it were 

described. The recent examples of studies exploring evolving reactivity have sparked a 

movement in connecting fundamental interpretations to observations in the natural 

environment, and more research in this area is anticipated. In addition, given the vast 

amount of evidence that has been collected about synthetic iron oxide nanoparticles, 

future research will likely incorporate such factors like the use of natural soils in 

comparison to synthetic counterparts, continuous flow columns with unique and complex 

design, and regionally applicable field tests. That is not to say that the number of 

fundamental studies will decline. The imminent advancements of instrumentation with 
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higher resolution and exceptional selectivity will only improve our capability of studying 

finer details of the interactions between Fe(II), iron oxides, and contaminants. With 

additional investigations, the link connecting microscopic observations of iron oxide 

reactivity to regional-scale predictions of remediation may be illuminated. 
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Chapter 2. Facet-dependent oxidative goethite growth as a function of 

aqueous solution conditions 

 

 

 

 

 
 

 

 

This chapter describes the outcome of a research project carried out by Jennifer H. 

Strehlau, Melissa S. Stemig, advised by R. Lee Penn and William A. Arnold. Supporting 

information is located in Appendix B.  
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Summary 

Nitroaromatic compounds are groundwater pollutants that can be degraded 

through reactions with Fe(II) adsorbed on iron oxide nanoparticles, although little is 

known about the evolving reactivity of the minerals with continuous pollutant exposure. 

In this work, Fe(II)/goethite (α-FeOOH) reactivity towards 4-chloronitrobenzene (4-

ClNB) as a function of pH, organic matter presence, and reactant concentrations was 

explored using sequential-spike batch reactors. Reaction rates for all reaction conditions 

did not change with the number of 4-ClNB spikes but were slower with lower pH, 

introduction of organic matter, and diluted reactant concentrations. Under all conditions, 

oxidative goethite growth was demonstrated through X-ray diffraction, magnetic 

characterization, and transmission electron microscopy. Nonparametric statistics were 

applied to compare histograms of lengths and widths of goethite nanoparticles as a 

function of varied solution conditions. The conditions that slowed the reaction also 

resulted in statistically shorter and wider particles than for the faster reactions. 

Additionally, added organic matter interfered with particle growth on the favorable {021} 

faces to a greater extent, with statistically reduced rate of growth on the tip facets and 

increased rate of growth on the side facets. These data demonstrate that oxidative goethite 

growth is dependent on major groundwater variables, which could implicate current 

models of nanoparticle fate and transport in contaminated groundwater. 

Introduction 

Whether naturally occurring or engineered, iron oxide and oxyhydroxide (herein 

referred to as iron oxide) nanoparticles are of interest for their contributions to subsurface 
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oxidation/reduction chemistry. Aqueous Fe(II) adsorbed on iron oxide nanoparticles in 

natural groundwaters or simulated systems has been shown to efficiently reduce oxidized 

contaminants.1 Specifically, Fe(II) adsorbed on goethite (-FeOOH) can reduce 

nitroaromatic compounds (NACs), such as those used as pesticides and explosives.2–5 In 

the reduction of NACs by Fe(II)/goethite, decreases in pH lead to slower reaction rates as 

a result of less Fe(II) adsorption and less net proton production.5–7 The presence of 

organic matter is known to interact with the nanoparticle surface and affect reactive sites, 

although the exact mechanism of interaction remains elusive given the complexity of 

organic matter.8–11 Furthermore, Fe(II) concentration and nanoparticle properties 

including mass loading, aggregation state, size, and shape directly influence the amount 

of accessible reactive surface area.12,13 

Questions remain about the evolving reactivity of the Fe(II)/goethite system in 

polluted groundwater, particularly, the changing physical and chemical properties as a 

result of continuous reaction with pollutants. Evolving reactivity is a critical 

consideration when interpreting environmental processes using the results of laboratory 

studies. Several field studies have demonstrated changing characteristics of permeable 

reactive barriers containing zero-valent iron, including declining remediation efficiency 

and oxidized iron corrosion products.14,15 In contrast, long-term effects of reactions 

between oxidized contaminants, aqueous Fe(II), and iron oxide nanoparticles in polluted 

groundwater zones have not been explored in detail. From the solid-state perspective, 

evolving reactivity in these systems can manifest as mineral phase transformations,16 

oxidative growth,17,18 reductive dissolution,19,20 and varying aggregation state and 
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adsorption capacity.21–24 In addition, reaction rate, contaminant byproducts, and solution 

chemistry may vary over time.17,18,25 

Few studies have specifically explored evolving reactivity for the reaction 

between adsorbed Fe(II) on goethite and NACs. It has been demonstrated that produced 

Fe(III) is incorporated into the bulk mineral, a process defined as oxidative mineral 

growth when the new surface-bound Fe(III) is integrated as goethite.17,26 Acicular 

goethite nanoparticles are bound by {110} faces on the sides with ends comprised mostly 

of {021} planes.27 Earlier work demonstrated that oxidative mineral growth for goethite 

occurs primarily along the c-direction with the most reactive sites residing on the {021} 

faces.17 The results were limited, however, in that the work only studied one set of 

reaction conditions and did not explore the effect of environmental variables. For 

example, the aggregation state and reactivity of iron oxides in the presence of various 

humic substances was determined to be sensitive to the properties of the humic substance 

(e.g., carboxyl concentration, aromatic content).9 Given the complexity of natural 

systems, further exploration into evolving reactivity as a function of environmentally 

relevant variables will advance our understanding of the long-term sustainability of 

reactions mediated by iron oxides in polluted groundwater zones. 

In this work, the evolving reactivity of goethite as a function of 4-

chloronitrobenzene (4-ClNB) exposure was explored using complementary techniques 

while systematically varying reaction conditions. Sequential-spike batch reactors were 

prepared with differing goethite mass loading, pH, Fe(II) concentration, and Suwannee 

River natural organic matter (SRNOM) concentration. Each sample was reacted with 1 – 
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10 cycles of 4-ClNB such that the initial [Fe(II)] to [4-ClNB] ratio was always 10 to 1 

and with re-equilibration of Fe(II) and pH in between each reaction cycle with 4-ClNB. 

Rates of 4-ClNB reduction were quantified and solid-state products characterized using 

diffraction, magnetic analyses, and microscopic imaging. Oxidative goethite growth was 

elucidated as a function of reaction conditions through measurements of particle lengths 

and widths following spikes of 4-ClNB. In addition, a protocol was established for the 

collection, quantification, and analysis of a statistically representative data set when 

comparing nanoparticle growth between experiments. The results offer new insight into 

the relative reactivity of goethite crystal faces under different conditions and also 

establish new practices for quantifying evolving reactivity, with sequential-spike 

experiments enabling direct characterization of reactive surfaces on iron oxide 

nanoparticles give the production of sufficient mass. 

Experimental 

Materials 

Goethite nanoparticles were synthesized by the method of Anschutz and Penn28 

and stored as an aqueous suspension at pH 4 with known mass loading. Sources of 

materials and preparation of the carbonate buffer (10 mM, pH 7.0), stock Fe(II) solution 

(175 mM), and ferrozine solution (5 mg/mL) are described in the Supporting Information 

(Section C.1). All experiments and stock solutions were housed in an anaerobic glove bag 

(Coy, 95% N2/5% H2). 
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Kinetic experiments 

Sequential-spike batch reactors were performed in triplicate for each set of 

reaction conditions. For the reference condition, goethite nanoparticles (0.325 g/L, 

denoted G325) were volumetrically added to three 120 mL serum bottles and then 

transferred to the glove bag. Freshly made carbonate buffer (pH7) was added so that the 

final volume was 120 mL, including the volume to come from Fe(II) and 4-ClNB 

additions. Reactors were capped with Teflon stoppers and only removed during sampling 

for a minimum amount of time to avoid outgassing. To each of the triplicate reactors, 

0.686 mL Fe(II) stock solution was added for an initial concentration of 1 mM (Fe1) and 

equilibrated for 21 to 24 h. The reference condition is denoted as G325Fe1pH7. 

Spike 1 was initiated by adding 1.2 mL (1% by volume) of a 10 mM 4-ClNB 

stock solution in methanol to all three reactors (0.1 mM 4-ClNB per spike). One of the 

three reactors was sacrificed for analysis via high pressure liquid chromatography 

(HPLC) and characterization of the solids, labeled Spike 1, while the other two reactors 

were not sampled. HPLC analysis involved withdrawing 0.5 mL with a plastic syringe 

periodically over 2 h and filtering (13 mm Acrodisc filters with 0.22 m nylon 

membrane) into amber HPLC vials (HPLC method in Supporting Information). Each day 

thereafter, 0.5 mL of all three reactors were withdrawn, filtered, and analyzed by HPLC 

until no detectable amounts of 4-ClNB remained (<0.001 mM, typically after 2 d). The 

remaining aqueous Fe(II) concentration was quantified by the ferrozine method, with 

absorbance measured at 562 nm on an Agilent 8453 UV-Visible spectrometer.29 Solids 

from Spike 1 were collected by centrifuge (Eppendorf 5804 at 7000 rpm for 3 min), 
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washed, and dried for characterization. For the remaining two reactors, the pH was 

adjusted back to 7.0 with 0.5 M NaOH (~ 0.1 mL), and the appropriate amount of Fe(II) 

stock was added to bring the aqueous Fe(II) concentration back to 1 mM (~ 0.5 – 0.7 mM 

was consumed). After 21 to 24 h equilibration, Spike 2 was initiated by adding 1.2 mL of 

freshly prepared 10 mM 4-ClNB methanolic stock solution to yield a 4-ClNB 

concentration of 0.1 mM. This process was repeated, sacrificing one reactor after Spike 3 

and the last reactor after Spike 5. A flowchart depicting the entirety of this process is 

provided in the Supporting Information (Figure B.1). 

To characterize the impact of pH, organic matter, particle loading, and reactant 

concentration, all subsequent experiments were compared to G325Fe1pH7. The kinetics 

and characterization of four different systems were evaluated in the same manner except 

with the following modifications. To test the effect of pH, the carbonate buffer was 

prepared at pH 6.5 and the reactors were adjusted to pH 6.5 following each 4-ClNB spike 

(G325Fe1pH6.5). To test the effect of SRNOM (10 ppm organic carbon; 

G325Fe1pH7NOM10), 0.6 mL of 2000 ppm organic carbon SRNOM was added following 

goethite addition. To test the effect of reactant concentration, two systems were studied: 

1) half of the goethite, Fe(II), and 4-ClNB (G163Fe0.5pH7) and 2) the same goethite mass 

loading but with half Fe(II) and 4-ClNB (G325Fe0.5pH7). For the latter, ten 4-ClNB spikes 

were performed so as to produce an equivalent mass of Fe(III) per goethite surface area 

as compared to the other systems. In all systems, the amount of carbonate buffer was 

adjusted so the final volume remained 120 mL for all reactors. The reaction conditions 

are compiled in Table 1. 
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Table 2.1: Matrix of reaction conditions explored using batch reactors in 10 mM 

carbonate buffer. For each reaction cycle, the solution conditions were re-adjusted to the 

initial pH and Fe(II) concentrations before spiking in the 4-ClNB to initiate the next 

reaction. 
Sample Goethite 

(g/L) 

pH Fe(II)aq 

(mM) 

4-ClNB 

(mM) 

SRNOM 

(ppma) 

G325Fe1pH7 0.325 7.0 1.0 0.10 0 

G325Fe1pH6.5 0.325 6.5 1.0 0.10 0 

G325Fe1pH7NOM10 0.325 7.0 1.0 0.10 10 

G163Fe0.5pH7 0.163 7.0 0.5 0.05 0 

G325Fe0.5pH7 0.325 7.0 0.5 0.05 0 

a SRNOM represented as parts per million organic carbon. 

 

Diffraction and magnetic characterization 

X-ray diffraction patterns were collected using a PANalytical X’Pert Pro X-ray 

diffractometer with a cobalt source (wavelength 1.79 Å) and X’Celerator detector. Post-

reaction solids were analyzed from 20° to 80° 2θ over a collection time of 75 min and 

compared to the goethite powder diffraction file #29-0713. Low-temperature magnetic 

characterization was completed on a Quantum Designs Magnetic Property Measurement 

System (MPMS) cryogenic magnetometer (10-10 Am2 sensitivity). Field cooled-zero field 

cooled (FC-ZFC) analyses were performed with a 2.5 T applied field as previously 

described.30 

Microscopy 

For TEM characterization, samples were prepared by resuspending a small 

amount of dried post-reaction solid in 1 mL Milli-Q water (~ 0.1 mg/mL), sonicating for 

20 s, and drop-casting to a 3 mm holey carbon-coated copper grid (SPI supplies). Grids 

were imaged using a FEI T12 TEM at 120 kV, collecting at least 20 images from a 

minimum of 4 locations and using the same magnification. 
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Particle measurements 

Particle lengths and widths were measured using ImageJ software (National 

Institute of Health, 1.47v). To obtain a representative distribution of particle lengths and 

widths, measurements were made for at least 400 particles per sample, stopping after 

either 500 particles or 20 analyzed images. Length and width measurements were plotted 

as histograms of 10 nm and 1 nm bins, respectively. A series of pairwise Kolmogorov-

Smirnov (K-S) tests were performed to assess the degree to which the particle length and 

width for the last spike of 4-ClNB in experimental conditions differed from those in the 

reference condition. Eight K-S tests in total (4 conditions × 2 outcomes) were conducted. 

The hypothesis that all experimental conditions would result in particles that were shorter 

and wider than those under the reference condition was tested. 

Several controls were instituted to provide statistically representative sampling. 

To prevent user-based bias, sample images were randomly assigned (i.e., unrelated file 

names) by another individual and decoded following measurement (blind analysis). The 

same ten particles were measured 20 times on separate days to quantify user-based 

uncertainty. Finally, the method by which grids were prepared was tested, comparing 

grids prepared from previously washed and dried solids (as described above) to grids 

prepared from diluting ~ 10 L of sample withdrawn directly from the reactor. 

Results and Discussion 

Nitrobenzene reduction rates 

Relative reaction rates were dependent on the number and availability of reactive 

sites, and the two strongest inhibitors of reactivity were decreased pH and the presence of 
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organic matter. Further, the rates did not change over many sequential spikes. Average 

pseudo-first order reaction rates (kobs) for each sample as a function of the number of 4-

ClNB spikes are provided in Figure 2.1 (all kobs values and uncertainties are provided in 

Table 2.2). The reactors maintained at pH 6.5 (G325Fe1pH6.5) had slower reaction rates 

than the reference condition (G325Fe1pH7). Because there is proton production during the 

reduction of 4-ClNB by adsorbed Fe(II), a lower pH would shift the equilibrium for the 

reaction. Additionally, there is less Fe(II) adsorption on goethite at more acidic pH,6 

reducing the overall number of reactive sites. The addition of 10 ppm SRNOM also 

decreased overall reaction rates, an observation which has been previously attributed to 

either blocking of Fe(II)-goethite surface complexes or alteration of the reactive sites by 

certain humic substances, including SRNOM.9 

The concentration of Fe(II) and goethite mass loading also affected average rates 

of 4-ClNB reduction, depending on the Fe(II) to goethite ratio. At pH 7 and without 

SRNOM, results tracking Fe(II) adsorption demonstrated that similar Fe(II) density (0.2 – 

0.3 mmol m-2) resided on the particle surface (Appendix C) for the G325Fe1, G163Fe0.5, 

and G325Fe0.5 conditions. The kobs values, in increasing order, were G163Fe0.5 < G325Fe1 < 

G325Fe0.5. Compared to the reference condition, G163Fe0.5 reactors were slower due to the 

lower concentration of the reductant (and thus fewer reactive sites) present. In contrast, 

the reference goethite loading with half Fe(II) concentration reactors were faster due to a 

greater ratio of adsorbed Fe(II) to 4-ClNB (because the 4-ClNB was lowered to 0.05 mM 

to maintain a 10:1 Fe(II):4-ClNB ratio). If the reaction at the surface is the rate limiting 
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step, a lower 4-ClNB concentration will lead to faster reaction kinetics due to less 

competition for reactive sites.31 

 

Figure 2.1: Average pseudo-first order reaction rates from triplicates of 4-ClNB 

reduction by Fe(II)/goethite in different reaction conditions as a function the number of 

4-ClNB spikes. In the legend, the subscripts refer to goethite (G) loading in mg/L, the 

Fe(II) concentration (Fe) in mM, the pH, and the added Suwannee River NOM 

concentration (ppm organic carbon). 
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Table 2.2: Pseudo-first order reaction rates and length and width measurements for 

reduction of 4-ClNB by adsorbed Fe(II) under different reaction conditions. R2 values 

were greater than 0.97 for all kobs values.  

Sample Stage kobs (h-1) 
Length 

(nm) 

Width 

(nm) 
N 

Initial - - 65 ± 18 11 ± 4 500 

G325Fe1pH7 Spike 1 0.74 ± 0.06 - - - 

 Spike 3 0.76 ± 0.06 93 ± 24 11 ± 4 1449 

 Spike 5 0.67 ± 0.07 116 ± 28 12 ± 5 1500 

G325Fe1pH6.5 Spike 1 0.36 ± 0.05 - - - 

 Spike 3 0.35 ± 0.03 89 ± 23 12 ± 4 450 

 Spike 5 0.35 ± 0.03 104 ± 28 14 ± 7 457 

G325Fe1pH7NOM10 Spike 1 0.41 ± 0.04 - - - 

 Spike 3 0.39 ± 0.04 81 ± 18 12 ± 4 500 

 Spike 5 0.44 ± 0.05 87 ± 23 15 ± 4 410 

G163Fe0.5pH7 Spike 1 0.43 ± 0.04 - - - 

 Spike 3 0.53 ± 0.04 86 ± 22 12 ± 4 458 

 Spike 5 0.45 ± 0.03 101 ± 26 13 ± 5 500 

G325Fe0.5pH7 Spike 1 0.96 ± 0.09 - - - 

 Spike 5 1.0 ± 0.1 88 ± 25 12 ± 4 500 

 Spike 10 1.0 ± 0.1 110 ± 31 12 ± 6 500 

Length and widths were not measured for Spike 1 

N = number of particles measured for each data set 

 

Reaction rates were constant over all 4-ClNB spikes for all reaction conditions. 

This was initially surprising due to previous work of similar experimental design 

observing decreases in reaction rate of 4-ClNB reduction with the number of contaminant 

spikes.17,18 We hypothesize that the steady kobs values seen herein were the result of 

additional steps taken to maintain pH between spikes. The pH was measured at the end of 

each spike and readjusted to initial pH (7 or 6.5, depending on the sample) before adding 

the necessary amount of Fe(II). The pH was then measured again after the equilibration 

period, immediately prior to 4-ClNB addition, to ensure pH was  0.1 from the initial 

value before the start of the spike. These results highlight the importance of monitoring 

and reporting solution parameters in sequential-spike series, especially those that may 
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vary with extent of reaction. The 10 mM carbonate buffer chosen based on environmental 

values for carbonate concentrations in groundwater did not provide sufficient buffer 

capacity to maintain the pH, which dropped to 6.6  0.1 and 6.8  0.1 for each spike 

when Fe(II):4-ClNB was 1:0.1 mM and 0.5:0.05 mM, respectively. When left unadjusted, 

the pH would continue to decrease, which would cause a decrease in the number of 

reactive sites (due to lower Fe(II) sorption) and may even alter the relative abundance of 

different protonation states of the reactive sites. 

Mineral identification 

Both XRD and magnetic analyses determined that oxidative mineral growth 

occurred, rather than precipitation of new phases or nucleation of new goethite 

nanoparticles. XRD results (Figure 2.2a) demonstrate no detectable difference in phase 

composition of the pre-reaction and post-reaction materials. In addition, control particles 

that were stirred for 18 days in carbonate buffer with Fe(II) but were not reacted with 4-

ClNB provided no indication that phase transformation occurred (Appendix C). 



 

53 

 

 

Figure 2.2: a) XRD patterns of the initial (unreacted) nanoparticles and samples 

G325Fe1pH7 and G325Fe1pH7NOM10 (10 ppm organic carbon SRNOM added) after five 

spikes of 4-ClNB compared to the powder diffraction file for goethite (#029-0713, 

straight lines). b) Low-temperature magnetic characterization of sample G325Fe1pH7 

following five spikes of 4-ClNB. Field cooling = FC, open circles. Zero-field cooling = 

ZFC, filled circles. Both panels demonstrate goethite was the only mineral present before 

and after reaction. 

 

 XRD is a relatively quick technique for the detection of phase transformations but 

it has a relatively high detection limit of ca. 1 – 5%, depending on the particle size and 

phases of the materials characterized.32 Magnetic methods have substantially lower 

detection limits for iron oxides; therefore, low-temperature magnetic characterization was 

used to detect possible formation of new phases at much higher sensitivities. We have 
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previously used this technique to detect trace magnetic minerals in speleothem samples, 

which contained < 0.01% magnetic mineral concentration by mass.30 Figure 2.2b 

provides a representative FC-ZFC plot for G325Fe1pH7 after five spikes of 4-ClNB, which 

was similar in pattern to all other samples after five spikes of 4-ClNB. The observed 

separation of the FC and ZFC curves is characteristic of goethite.33 In addition, no other 

transitions were observed (e.g., Morin transition for hematite or Verway transition for 

magnetite), indicating that goethite was the primary product (at least > 99.9%). 

Nucleation of new goethite particles was not observed in TEM images of goethite 

nanoparticles following five spikes of 4-ClNB (Figure 2.3). Thus, this system underwent 

oxidative mineral growth up to the measured number of 4-ClNB spikes.  

 
Figure 2.3: Representative TEM images of a) initial (unreacted) nanoparticles, b) after 

five spikes of 4-ClNB for 0.325 g/L goethite, 1 mM Fe(II) and pH 7, and c) after five 

spikes of 4-ClNB for 0.325 g/L goethite, 1 mM Fe(II), pH 7, and 10 ppm SRNOM. Scale 

bars are equal. 
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Quantifying oxidative mineral growth 

The dynamics of oxidative mineral growth of goethite nanoparticles was 

dependent on the reaction conditions, with slower reactions leading to shorter and wider 

particles after five spikes of 4-ClNB. The presence of organic matter had the largest 

impact on the relative reactivity of goethite crystal faces, resulting in the shortest and 

widest particles. Examples of measured TEM images are shown in Figure 2.3. Immediate 

observations suggest elongation of the particles in both samples after five 4-ClNB spikes 

compared to the initial particles, although significant differences between the two post-

Spike 5 samples were not easily observable by eye. Statistical analyses were therefore 

necessary to explore the effect of reaction conditions on oxidative goethite growth. 

Average length and width measurements (Table 2.2) demonstrated that length 

increased gradually with the number of 4-ClNB spikes, regardless of the reaction 

conditions. Direct comparisons between reaction conditions were difficult to summarize 

given the large standard deviations in the averages, therefore histograms were plotted 

(Figure 2.4) and statistically compared using the nonparametric K-S test. Length 

histograms for the last measured spike of 4-ClNB in each reaction condition were 

statistically compared to the length histogram for the fifth spike of 4-ClNB in the 

reference condition. In Figure 2.4, this process is visualized as the comparison between 

the solid black line for G325Fe1pH7 length and the solid black line for length for the other 

four reaction conditions. The same process was then repeated except for the width 

histograms. The K-S test was applied with the hypothesis that lengths or widths are 

different from the reference condition, providing a test statistic D, which corresponded to 
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the extent of difference between the two histograms, and p, the probability that the two 

histograms are statistically the same. Much like reaction rate, the dynamics of oxidative 

mineral growth were strongly dependent on the reaction conditions. Relative differences 

are evident through the magnitude of D, where a larger D means that the histogram is 

more different from that of the reference condition (G325Fe1pH7). Differences between 

each condition, therefore, followed: 

G325Fe1pH7  G325Fe0.5pH7 < G163Fe0.5pH7  G325Fe1pH6.5 < G325Fe1pH7NOM10 

In other words, the reaction condition that caused the most difference in length (negative 

difference, shorter) and width (positive difference, wider) was added SRNOM. In other 

words, goethite particles in the presence SRNOM have a faster growth rate on side facets 

and slower growth rate on tip facets compared to those in the absence of SRNOM, 

holding all other variables constant. 
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Figure 2.4: Normalized frequency of goethite length and width reacted with 4-ClNB in 

different reaction conditions compared to the initial goethite nanoparticles (dotted line). 

Reference conditions were 0.325 g/L goethite, 1 mM Fe(II):0.1 mM 4-ClNB, pH 7, and 0 

ppm SRNOM (G325Fe1pH7). Top four sets are measurements after Spike 3 (dashed line) 

and Spike 5 (solid line). Last set (G325Fe0.5pH7) are measurements after Spike 5 (dashed 

line) and Spike 10 (solid line). The relative extent of difference, D, between the 

corresponding Spike 5 (or 10) to the reference condition Spike 5 and the probability, p, 

that the two histograms are statistically the same are provided. Larger D values indicate 

greater difference from the reference condition. 
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Protocols were established to eliminate bias in the measurement of particle 

lengths and widths. Besides setting extensive criteria for collecting representative data, 

several controls were implemented (data in Appendix C). By encoding the image file 

labels, any tendency to measure certain samples in a predisposed way given the 

knowledge of sample identity was eliminated. In addition, measurements from three 

different trials of G325Fe1pH7 show little variability in length and width histograms 

(Figure B.4). The uncertainty for both length and width measurements was ~ 1.3 pixels, 

equivalent to ~  0.8 nm at the magnification in this study (Table B.1). Finally, resultant 

length and width histograms from two TEM grid preparation techniques were compared. 

In our previous works, grid preparation involved sampling directly from the reactor, 

diluting, and drop-casting on a TEM grid.17,18 This method resulted in grids with highly 

aggregated particles induced by drying, making measurements especially tedious. Here, 

particles were first washed and dried before grid preparation. The same sample prepared 

using these two different methods showed very little difference in length and width 

histograms (Figure B.5). While the averages were nearly identical, there was some 

variation in width distributions. In this work, measurements were easier to obtain and 

perhaps even more accurate given reduced aggregation. Thus, consistency in technique 

was critical. 

Due to the duration of the sequential-spike experiments (~ 2 – 3 weeks), the effect 

on goethite lengths and widths from extended contact with Fe(II) and carbonate buffer at 

pH 7 was investigated. Histograms (Figure B.6) reveal that the Fe(II)/goethite system was 
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relatively unreactive when 4-ClNB was absent. Consequently, the observed particle 

growth seen in the sequential-spike batch reactors must be the result of oxidative mineral 

growth caused by the reaction of Fe(II) and 4-ClNB. 

Factors controlling relative reactivity of goethite crystal faces.  

These results suggest that the surface-mediated reactions between Fe(II)/goethite 

and NACs are even more complex than previously understood. While changes in several 

parameters (e.g., rate constant) have been attributed to changes in solution conditions, 

these results demonstrate that even the relative reactivity of certain crystal faces are also 

dependent on common environmental variables. Compared to the reference conditions, 

particles were shorter and wider when the pH was more acidic, organic matter was added, 

and the Fe(II), goethite, and 4-ClNB concentrations were decreased by a factor of two. 

The pseudo-first order reaction rates for these conditions were also slower. In contrast, 

when goethite mass loading was left the same but the Fe(II) and 4-ClNB concentration 

decreased, the reaction rate was faster and the particles were less different from the 

particles reacted in the reference condition. Reaction rate (or blockage/reduction in the 

number of highly reactive sites), therefore, appears to be a controlling factor in the 

oxidative mineral growth of goethite, specifically the crystal face on which reaction 

occurs.  

Another controlling factor may be the pH and point of zero charges for each 

crystal face. Weidler et al. discussed the favorable atomic structure of the {021} faces for 

Fe(II) adsorption but emphasized that the relative reactivity of each goethite face is 

dependent on several factors, including surface charge and pH.34 Others have explored 
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the point of zero charges, proton affinities, and Fe(II) adsorption capacities for goethite 

crystal faces, although values vary depending on the applied model and set parameters.35–

38 Goethite commonly forms acicular particles, elongated in the c-direction, meaning the 

{021} faces are observably the most reactive sites, with the edge faces {110} and {100} 

less reactive. Our results demonstrate that {021} is still reactive but the ratio of 

{021}:edge reactivity varies in different conditions. Barrón and Torrent determined that 

the surface hydroxyl density was 8.2 and 3.0 m-2 for {021} and {110}, respectively.39 A 

larger proton affinity for {021} could therefore make growth on the edge {110} faces 

more favorable in acidic pH, due to displacement of Fe(II) from the {021} face. 

 The addition of 10 ppm SRNOM had the largest effect on the length:width growth 

ratio (i.e., shortest and widest particles after five spikes of 4-ClNB). The exact 

mechanism of SRNOM attachment or interaction on goethite nanoparticles remains 

unknown. Due to the complex structure of organic matter, few studies have conclusively 

modeled trends in organic matter affinities for different goethite crystal surfaces. Despite 

this, there is general agreement that ligand exchange is possible between organic matter, 

particularly carboxylic functional groups, and goethite surface hydroxyl groups.40,41 With 

the higher surface hydroxyl density on the {021} than on {110}, this could lead to 

preferential inhibition of Fe(II) adsorption on the acicular tips and thus decreased {021} 

reactivity. This is supported by our length and width measurements, which demonstrate 

that the {110} becomes more reactive in the presence of added organic matter. 

In addition, the volume of goethite produced was estimated from average length 

and width measurements in Table 2.2 (assuming a density of 4.26 g/cm3 for goethite27 
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and a cross-sectional rhombus composed only of {110} faces28) to calculate experimental 

Fe(III) produced, which was compared to theoretical values based on reaction 

stoichiometry (Figure B.7). The reaction conditions that resulted in wider particles 

(G325Fe1pH6.5 and G325Fe1pH7NOM10) overestimate the amount of Fe(III) produced. This 

is likely because if {100} faces are present, the assumption of a rhomboid shape 

composed only of {110} faces leads to an overestimation of the cross sectional area (and 

thus volume), especially because growth on {110} faces would result in expansion of the 

{100} faces as the reaction proceeds (see schematic in Figure B.7). 

This work demonstrated that oxidative goethite growth in the reduction of NACs 

is dependent on the reaction conditions, such as pH, organic matter, and reactant 

concentration. While oxidative mineral growth on the {021} faces occurred in all cases, 

slower reactions had relatively more reactive {110} side faces than faster reactions and 

therefore particles grew statistically wider as well. This was observed for more acidic pH 

and dilute reactant concentrations. Organic matter, while also causing slower reaction 

rates, interfered to a greater extent, preferentially blocking or complexing to the more 

reactive {021} sites and therefore the {110} faces were relatively more reactive than for 

the other slower reaction conditions.  

With these results, the redox transformations of NACs or other oxidized 

contaminants by adsorbed Fe(II) on iron oxides nanoparticles, including both the reaction 

efficiencies and nanoparticle properties, are more complicated at a mechanistic level. Not 

only will estimates of reaction rate be affected by groundwater chemistry, predictions of 

iron oxide nanoparticle fate and transport will be greatly influenced by the environmental 
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conditions. Differences in growth of certain crystal faces may influence the aggregation 

state of the reacted nanoparticles and subsequently the colloidal stability in groundwater 

systems. On the other hand, the assumption that the initial reactive sites on iron oxides 

are equivalent to the reacted sites may not hold if oxidative mineral growth influences the 

chemistry of the surface. Additionally, the reaction efficiency of goethite did not decrease 

with continuous exposure, although this was only observed for the 5 – 10 spikes 

administered. With longer reaction, reaction efficiency may change from a variety of 

factors, including evolving particle morphologies, aggregation state, or adsorption 

capacity. The evolving reactivity of goethite, therefore, may be more difficult to predict 

than previously thought. 
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Chapter 3. Influence of kaolinite on the reduction of 4-

chloronitrobenzene by Fe(II) in goethite-kaolinite heterogeneous 

suspensions 
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Summary 

 The surface-mediated reduction reactions of Fe(II) adsorbed on iron oxides are 

important for groundwater systems, which contain both natural and anthropogenic 

oxidized molecules. The effect of heterogeneous mineral mixtures on these reactions is 

less understood, despite being environmentally relevant. The effect of kaolinite 

(Al2Si2O5(OH)4), a clay mineral, on the reactions of Fe(II) and 4-chloronitrobenzene (4-

ClNB) in goethite (-FeOOH)-kaolinite suspensions was explored. Increasing the 

amount of kaolinite present decreased the reduction rate of 4-ClNB and competitive 

Fe(II) adsorption on kaolinite occurred. Cryogenic transmission and scanning electron 

microscopy (cryo-TEM and cryo-SEM) images did not reveal significant loss of 

accessible reactive surface area as a result of heteroaggregation. Sequential-spike batch 

reactors revealed that in the presence of kaolinite, 4-ClNB reduction rate decreased with 

extended reaction, the result of kaolinite dissolution and consequential incorporation of 

Al and Si in goethite or on the goethite surface. The reactive sites residing on the {110} 

faces were therefore relatively more reactive in the presence of a large loading of 

kaolinite, resulting in shorter and wider goethite particles after reaction. These results 

elucidate the mechanisms by which nonreactive clays affect the reactions of Fe(II)/iron 

oxides in aquatic systems, indicating that nonreactive clays are not passive participants. 

Introduction 

 Fe(II) adsorbed on iron oxides affects the reduction of oxidized molecules in 

groundwater systems, including nitroaromatic compounds (NACs) which are commonly 

used as explosives and pesticides.1–3 In these systems, Fe(II)-Fe(III) electron transfer 
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occurs at the iron oxide-water interface, leading to lower reduction potentials.4 Through a 

similar mechanism, iron-containing clay minerals can also serve as effective reductants.5–

8 Because clay minerals are commonly found in sediments that are rich with iron oxides,9 

the effect of heterogeneous clay-iron oxide mixtures on the reduction of oxidized 

molecules by Fe(II) are important for predicting reactions in the natural environment. The 

mechanisms by which nonreactive clays, such as kaolinite (Al2Si2O5(OH)4) and other 

clays that contain no or trace redox active metal cations, affect the redox reactions of 

Fe(II) in mixed mineral suspensions with iron oxides have not yet been studied. Potential 

mechanisms by which nonreactive clays could influence redox reactions on iron oxide 

surfaces include reducing available Fe(II) or NAC by adsorption onto the nonreactive 

mineral surface, poisoning reactive surfaces by dissolved species produced by clay 

dissolution, or decreasing accessible surface area of reactive surfaces by way of 

heteroaggregation.  

 Firstly, competitive adsorption of certain ions and NACs has been previously 

shown for heterogeneous suspensions containing clays and iron oxides. For instance, co-

adsorption of various ions (e.g., phosphate, Pb(II)) has been modeled and experimentally 

determined for kaolinite in the presence of iron oxide minerals,10–12 but Fe(II) adsorption 

in iron oxide-kaolinite heterogeneous systems has not been presented. Additionally, 

adsorption of NACs on kaolinite has also been demonstrated, particularly for substituted 

kaolinites.13,14 Secondly, dissolution of aluminosilicate minerals can occur at 

circumneutral pH.15 The release of Al and Si ions would alter the solution chemistry, and 

the presence of Al and Si ions during iron oxide growth has been shown to affect the size, 
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morphology, and composition of resulting particles, which may in turn alter the relative 

reactivity of iron oxide surfaces for reduction of NACs by Fe(II).16,17 

 Lastly, heteroaggregation, or the formation of aggregates composed of a 

heterogeneous mineral mixture, could decrease the number of accessible reactive surface 

sites.18–20 Points of zero charge depend on various factors, but iron oxides are generally 

neutral at pH 6 – 9 and kaolinite at pH 3 – 4.21,22 At circumneutral pH, therefore, these 

two minerals could be expected to heteroaggregate based on attractive surface charges. 

The best technique for directly imaging aggregates as they exist in aqueous suspension is 

cryogenic microscopy,23 such as cryogenic transmission and scanning electron 

microscopy (cryo-TEM and cryo-SEM). Cryogenic microscopy has been previously used 

to study aggregation in solely iron oxide aqueous suspensions,24,25 but few have imaged 

mixed iron oxide-clay suspensions in their native state using cryo-SEM.26 At this time, no 

studies have been found that provide cryo-TEM images of clay-iron oxide suspensions in 

solutions with chemistry similar to groundwater.  

 The objective of this work was to elucidate mechanisms by which nonreactive 

clays affect the surface-mediated redox reactions of Fe(II)/iron oxides in groundwater 

systems. The kinetics of 4-chloronitrobenzene (4-ClNB) reduction by Fe(II) in 

suspensions containing goethite (α-FeOOH) and/or kaolinite were quantified. Cryogenic 

SEM and TEM were used to examine the aggregation state of the suspended mineral 

particles. The oxidative growth of goethite was quantified from calibrated TEM images 

and the relative rates of growth along and perpendicular to the long axis of the goethite 

particles quantified. The results, coupled with elemental analysis of supernatants, 
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demonstrate that the most important control parameter is the solution chemistry, with 

dissolved species generated by partial dissolution of the kaolinite particles serving to alter 

the relative reactivity of goethite crystal faces. The results offer novel insight into the 

influence of nonreactive clay minerals in iron oxide suspensions at different stages of 

reaction with NACs. 

Experimental 

Materials 

 Chemicals were purchased from the following sources: FeCl24H2O, NaOH, 

methanol, and acetonitrile from Fisher, HCl from BDH Aristar, ammonium acetate and 

H2SO4 from Mallinckrodt, NaHCO3 from Sigma Aldrich, and ferrozine from Alfa Aesar. 

All solvents were HPLC grade. Ultrapure water (18.2 MΩ·cm, Milli-Q) was the only 

water source used. Acrodisc syringe filters (0.2 m nylon membrane) were purchased 

from PALL Life Sciences. Goethite nanoparticles were prepared by the method of 

Anschutz and Penn and stored at 4 C in Milli-Q water with known mass loading.27 Well-

crystallized kaolinite (KGa-1b, Washington County, Georgia) was purchased from The 

Clay Mineral Society with characterization provided by Pruett and Webb.28 Kaolinite 

stock suspensions were prepared fresh by weighing kaolinite in 20 mL scintillation vials 

and diluting with ultrapure water. A concentrated stock (80 g/L) was used for preparation 

of reactors with high kaolinite loadings. When the desired mass loading was low, a dilute 

stock (8 g/L) was prepared by diluting the concentrated stock. Magnetic stirring was 

maximized to eliminate settling effects. Controls were performed periodically to ensure 

that the delivered volume provided the expected mass of kaolinite. 
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Single-spike reactors 

 All reactions were performed in an anaerobic environment (Coy glovebag, 95% 

N2/5% H2) and prepared in 10 mM carbonate buffer at pH 7, made on the same day by 

adding 0.840 g NaHCO3 to 1 L ultrapure water and adjusting pH with 1 M H2SO4. Five 

120 mL glass reactors were prepared, including one with no minerals, one with only 

0.325 g/L kaolinite, one with only 0.325 g/L goethite and two mixed mineral suspensions 

(0.325 g/L goethite with either 0.05 or 2 g/L kaolinite). The final reactor volume was 120 

mL. The general procedure for reactor preparation included adding the appropriate 

amount of goethite stock suspension to the reactors, followed by the necessary amount of 

kaolinite stock suspension. Carbonate buffer was added to reach 118.11 mL and the 

reactors were immediately capped with Teflon plugs to prevent outgassing. To each 

reactor, 0.686 mL of a fresh stock solution of 175 mM Fe(II) made from FeCl24H2O in 

30 mM HCl was added (reactor concentration of 1 mM Fe(II)). After the reactors were 

magnetically stirred for 21 – 24 hours, 1.2 mL of a 10 mM methanolic 4-ClNB solution 

was spiked in to initiate the reaction (initial reactor concentration of 0.1 mM 4-ClNB).  

 After the initial spike of 4-ClNB, samples were withdrawn periodically over 2 h 

using a plastic syringe and filtered into amber glass HPLC vials. An Agilent 1100 Series 

system with UV detector and Zorbax SB-C18 column (4.6 mm × 150 mm, 5 m) was 

used to quantify 4-ClNB concentration from a five-point calibration curve (0.02 – 0.1 

mM). HPLC parameters included a 20 L injection, 70% acetonitrile and 30% 

ammonium acetate (1 g/L, pH 7) mobile phase, detection wavelength of 254 nm, and 7 

min separation time. 
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 When the effects of kaolinite dissolution were tested, the same amount of 

kaolinite stock suspension was added during reactor preparation except filtered 

beforehand. To a 20 mL scintillation vial, filtrate was added from ~ 5 mL of the kaolinite 

stock suspension (either 1 or 7 d old) using a 0.2 m nylon membrane. Then, the 

appropriate amount of the filtrate was added directly to the reactors. 

Fe(II) quantification 

 Fe(II) adsorption was determined using a ferrozine colorimetric assay.29 For 

adsorption capacity in each reactor, ~ 1 mL of a prepared reactor described above before 

4-ClNB addition was filtered into a vial for analysis. For adsorption isotherms, separate 

vials containing various mass loadings (0 – 2 g/L) of goethite or kaolinite were prepared 

anaerobically in the carbonate buffer (15 mL total volume). To each vial, 0.2 mL of 175 

mM Fe(II) was spiked and equilibrated for 21 h before samples (~ 1 mL) were withdrawn 

and filtered for analysis. The general procedure for ferrozine analysis added 0.2 mL 

filtrate, 2.4 mL Milli-Q water, and 0.2 mL ferrozine stock solution (5 mg/mL in Milli-Q 

water) into a polystyrene cuvette. Each cuvette was capped, inverted three times, 

removed from the glovebag, and analyzed with an Agilent 8452 UV-Visible spectrometer 

at 562 nm. Aqueous Fe(II) was quantified from a five-point calibration curve (0.01 – 0.08 

mM) and average adsorbed Fe(II) calculated from the difference between controls that 

contained no particles and resultant aqueous Fe(II) from three trials. 

Sequential-spike batch reactors 

 Triplicate sequential-spike batch reactors were prepared in a process identical to 

the single-spike experiments. Two mixed mineral systems were tested, 0.05 or 2 g/L 
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kaolinite with 0.325 g/L goethite, for a total of six reactors for one trial (3 reactors × 2 

mass loadings). After preparation, Fe(II) addition, and equilibration as described above, 

4-ClNB (0.1 mM) was added to all six reactors, defined herein as a 4-ClNB spike. One 

reactor of each kaolinite loading was then sacrificed for analysis, which included 

sampling for HPLC and solid collection (described below). The other reactors were 

sampled minimally (1 – 3 times) to monitor the reaction progress. Once 4-ClNB 

concentration was < 0.001 mM, the remaining aqueous Fe(II) was quantified, the pH 

raised to 7 using 0.5 M NaOH, and the appropriate amount of Fe(II) stock added to 

replenish the reactor back to 1 mM Fe(II). After 21 – 24 h equilibration, the pH was 

checked to ensure a value of 7.0  0.1 and the second spike of 4-ClNB was added. This 

process was repeated for a total of five 4-ClNB spikes, sacrificing reactors after one, 

three, and five 4-ClNB spikes. 

 Filtrates of suspensions from both kaolinite loadings after one and five spikes of 

4-ClNB were analyzed by inductively coupled plasma optical emission spectroscopy 

(ICP-OES) to quantify dissolved Si and Al concentrations. Additionally, a separate 

experiment involved adding 0.325 g/L goethite and 1 mM Fe(II) to a 250 mL Erlenmeyer 

flask, diluted to 200 mL with carbonate buffer. In a dialysis membrane, 20 mL of a 22 

g/L kaolinite suspension in the same carbonate buffer was added (the equivalent amount 

for 2 g/L in 220 mL). The membrane was closed and added to the flask containing 

goethite. The flask was capped and stirred magnetically inside the glove bag. After 14 d, 

~ 5 mL of the goethite suspension was filtered for ICP-OES analysis. The solid goethite 

was collected as described below and analyzed by ICP-OES. Major elemental analyses of 
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filtrates and solids were performed using a Thermo Scientific iCAP 6500 duo optical 

emission spectrometer with simultaneous charge induction detection from five replicate 

sample injections. Samples were acidified prior to analysis and an internal standard of 

yttrium was added. 

Solid collection and characterization 

 Solid collection included centrifuging (7000 rpm for 3 min), washing (3 × 20 mL 

ultrapure water), and air drying the particles. Post-reaction solids for goethite reactors 

containing 0.05 or 2 g/L kaolinite after five spikes of 4-ClNB were characterized by low-

temperature magnetic characterization (10 – 300 K) on a Quantum Designs Magnetic 

Property Measurement System (MPMS) cryogenic magnetometer (10-10 Am2 sensitivity) 

with a 2.5 T applied field for field cooled-zero field cooled (FC-ZFC) analyses. 

Microscopy 

 Conventional TEM was performed on a FEI Tecnai T12 TEM microscope at 120 

kV with a LaB6 electron source and Gatan charge-coupled device (CCD) camera. 

Samples were prepared by diluting ~ 10 L of reactor suspension to 1 mL, sonicating 20 

s, and air drying a single drop on a holey carbon 200 mesh copper grid (SPI Supplies). 

Goethite length and width measurements (~ 500 particles per sample) were collected 

from a minimum of 20 images at 4 grid locations and the same magnification using 

ImageJ (National Institute of Health, v1.47). Cryo-TEM was performed using a FEI 

Technai G2 Spirit BioTWIN TEM with a LaB6 source and Eagle 2k CCD camera. Grids 

were prepared by dropping ~ 3 µL of sample on a 3 mm 200-mesh lacey carbon coated 

copper grid (SPI Supplies), blotting with filter paper for 1 s using a Vitrobot Mark IV 
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(FEI), plunging into liquid ethane, and transferring to a cryo-TEM holder under liquid 

nitrogen. Grids were imaged at 120 kV on a cryo stage. 

 Conventional SEM was performed on a Hitachi S-4700 SEM microscope with 

cold field emission gun at 3 kV. Samples were prepared by drying a drop of the reactor 

suspension directly onto copper tape. Cryo-SEM was performed on the same microscope, 

imaged at 3 kV and -160 C. A drop of reactor suspension was placed on a Si wafer chip 

(5 × 7 mm), which was previously scored in the center and cleaned by 30 sec of plasma 

glow discharge in a DV-502A Denton Vacuum system. The chip was then manually 

plunged into liquid ethane and transferred immediately to liquid nitrogen. Under liquid 

nitrogen, the chip was placed into a cryo-SEM sample holder and cracked in half along 

the score with precooled tweezers, revealing a cross section of the sample. The sample 

holder was then cryogenically moved to an Emitech K-1250 Cryo Preparation Unit, 

sublimed at -96 C for 10 min, sputtered with Pt (~ 2 nm layer), and transferred to the 

microscope for imaging. 

Results and discussion 

Effect of kaolinite on initial 4-ClNB reduction by Fe(II)/goethite 

 Pseudo first-order rate constants (kobs) of 4-ClNB reduction by Fe(II) for the 

goethite-containing reactors are provided in Table 3.1. Initial reduction rate of 4-ClNB by 

adsorbed Fe(II) on goethite was slower in the presence of 2 g/L kaolinite. Three viable 

hypotheses that could explain the decrease in reactivity are adsorption of 4-ClNB or 

Fe(II) onto kaolinite, which may limit the availability of 4-ClNB or Fe(II) at the goethite-

water interface; heteroaggregation, which could effectively sequester some goethite 
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surface area from the aqueous medium; and kaolinite dissolution, which would result in 

the production of dissolved species that could interfere with Fe(II) adsorption or 

oxidation.  

Table 3.1: Average pseudo-first order rates for 4-ClNB reduction by Fe(II) adsorbed on 

goethite and resultant length and width measurements in suspensions containing goethite 

(0.325 g/L) and various kaolinite mass loadings. Reactions were performed in 10 mM 

carbonate buffer at pH 7 with initial Fe(II) concentration of 1 mM. 
Kaolinite 

(g/L) 
Stage kobs (h-1) 

Length 

(nm) 

Width 

(nm) 
N 

0 Before reaction NA 110 ± 41 12 ± 5 500 

 Spike 1 0.75 ± 0.04 NM NM NM 

0.05 Spike 1 0.74 ± 0.04 NM NM NM 

 Spike 3 0.42 ± 0.04 146 ± 46 12 ± 5 500 

 Spike 5 0.26 ± 0.01 177 ± 56 13 ± 4 405 

2 Spike 1 0.55 ± 0.05 NM NM NM 

 Spike 3 0.11 ± 0.01 133 ± 41 14 ± 4 413 

 Spike 5 0.069 ± 0.006 157 ± 46 18 ± 4 473 

Rate constants were determined by linear regression, where errors are the 95% confidence intervals and R2 

values were greater than 0.98. 

For lengths and widths, errors are the standard deviations and N is the number of particles measured.  

NA = not applicable. 

NM = not measured. 

 

 Adsorption of 4-ClNB by kaolinite was not detected and reactors containing no 

particles or only kaolinite with 4-ClNB and Fe(II) were relatively unreactive (Figure 

C.1), evidence that Fe(II) adsorbed specifically on the goethite surface was the reductant. 

Kaolinite dissolution and the release of Al and Si ions has been previously observed and 

kinetically modeled at circumneutral pH.15,30,31 In this study, when Fe(II), goethite, and 4-

ClNB were reacted in the presence of the filtrate from the kaolinite stock suspension 

which was equilibrated for < 1 day, no differences in reactivity were observed (Figure 

C.2). Filtrate from the kaolinite suspension after 7 days of equilibration, however, 

resulted in a slight decrease in reaction rate. Kaolinite dissolution over time and resultant 

variations in solution chemistry could influence Fe(II)/goethite reactivity for aged 
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systems, such as in the sequential-spike experiments or natural environmental settings, 

but not on the single-spike reactions, which are freshly prepared and reacted in < 2 days. 

  

 

Figure 3.1: a) Fe(II) adsorption isotherms on either goethite (Gth) or kaolinite (Kln) as a 

function of particle mass loading. b) Adsorbed Fe(II) in systems containing, I: 0.325 g/L 

Gth only, II: 0.325 g/L Gth with 0.05 g/L Kln, or III: 0.325 g/L Gth with 2 g/L Kln. Error 

bars are the standard deviations from triplicate trials. Both studies were performed in 10 

mM carbonate buffer at pH 7 with an initial Fe(II) concentration of 1 mM. 

 

 Competitive Fe(II) adsorption between goethite and kaolinite was quantified 

through adsorption isotherms and measurement of adsorbed Fe(II) in the reactors (Figure 

3.1). Adsorption isotherms (Figure 3.1a) as a function of particle mass loading revealed 

that both goethite and kaolinite adsorbed Fe(II) in the 10 mM carbonate buffer at pH 7. In 

the reactors (Figure 3.1b), those with only goethite and those with goethite and 0.05 g/L 

kaolinite had similar adsorption capacities for Fe(II). When kaolinite loading was 2 g/L, a 

greater amount of Fe(II) was adsorbed, consistent with co-adsorption of Fe(II) by 

goethite and kaolinite. Competitive adsorption of Fe(II) on kaolinite could influence the 

competition for reactive sites on goethite, therefore decreasing the reaction kinetics of 4-

ClNB reduction. 
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 Although Fe(II) adsorbed onto kaolinite, it was still relatively unreactive towards 

4-ClNB (Figure C.2). In contrast, Klausen et al. described the detectable reactivity of 

Fe(II) on kaolinite towards similar NACs.1 The difference between the study described 

here and that of Klausen et al. could be the source of kaolinite (i.e., extent of iron 

isomorphic substitution) and/or the production of an iron oxide coating as stated in 

Klausen et al., both of which would lead to increased NAC reduction rates. The results 

shown in this study demonstrated that certain kaolinite samples can serve as nonreactive 

competitors for Fe(II) sorption in a heterogeneous mineral system, thereby influencing 

overall rates of reduction by reducing the number of Fe(II) species on the iron oxides. 

 Finally, heteroaggregation is possible given the attractive electrostatics of goethite 

and kaolinite in aqueous media at pH 7, which may decrease the accessible surface area 

of goethite for reaction. Figure 3.2a and 3.2b show representative images using 

conventional SEM and TEM, respectively. While it appeared that considerable 

heteroaggregation occurred, conventional microscopy cannot directly reveal particle 

aggregates in their native state due to drying effects, such as aggregation induced from 

the removal of the solvent.23 Thus, the application of cryogenic techniques was critical to 

obtaining accurate representations of aggregation state. 
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Figure 3.2: Images of goethite (Gth) and kaolinite (Kln) mixed-mineral suspensions in 

10 mM carbonate buffer at pH 7 using microscopic techniques at different mass loadings. 

(a-c) Goethite and kaolinite (0.325 g/L of each) taken by a) SEM, b) TEM, and c) cryo-

SEM. (d-f) Cryo-TEM images of 0.325 g/L goethite and either d) 0.05 or e-f) 2 g/L 

kaolinite. 

 

 Cryo-SEM (Figure 3.2c) was used due to the larger particle size of kaolinite, 

although the methodology is not yet developed for aqueous clay-iron oxide suspensions 

similar to the particle loadings used here. Thus, more work is needed to optimize sample 

preparation. The few images that were obtained did not show evidence of extensive 

heteroaggregation. In addition, the SEM was not equipped with energy-dispersive X-ray 

spectroscopy (EDS), making particle morphology and size the only two identifiers 

available to distinguish the larger kaolinite platelets and goethite acicular nanoparticles 

from the surrounding matrix. 
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 Cryo-TEM images also did not provide evidence of extensive heteroaggregation 

or loss of accessible goethite surface area (Figure 3.3d-f). Kaolinite was distinguished 

from hexagonal ice formations by purposeful beam damage (examples in Figure C.3). 

Despite extensively searching through multiple grids, no kaolinite platelets were found in 

the cryo-TEM images of reactors containing goethite and 0.05 g/L kaolinite. In the 

reactors with 2 g/L kaolinite, all goethite aggregates were found in contact with at least 

one kaolinite platelet (forming heteroaggregates) but goethite aggregation state did not 

differ from those imaged in 0.05 g/L kaolinite, indicating minimal loss of accessible 

goethite surface area as a result of heteroaggregation. In addition, preferential 

heteroaggregation between goethite and either the basal planes or the edges of kaolinite 

was not observed. 

 As revealed primarily through cryo-TEM images, the extent of heteroaggregation 

in the goethite-kaolinite mixed-mineral reactors was minimal, which means 

heteroaggregation cannot explain the significant decrease in reduction rate of 4-ClNB by 

adsorbed Fe(II) on goethite in higher kaolinite loading. Therefore, competitive Fe(II) 

adsorption is the only cause with substantive evidence to explain the slower 4-ClNB 

reduction rates during single-spike reactions. 

Relative reactivity of goethite crystal faces in suspension with kaolinite 

 Sequential-spike reactions were performed to provide sufficient reaction to 

quantify relative reactivity of goethite crystal faces as a function of kaolinite loading. 

Reduction rates for 4-ClNB in both 0.05 and 2 g/L kaolinite loadings decreased with each 

sequential spike of 4-ClNB (Figure 3.3, kobs values provided in Table 3.1). We have 
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previously demonstrated that reduction rates in identical conditions except in the absence 

of kaolinite did not decrease with the number of 4-ClNB spikes,32 therefore the presence 

of kaolinite was the controlling factor for the declining rates. 

 

Figure 3.3: Pseudo first-order reduction rates of 4-ClNB in reactors containing goethite 

(0.325 g/L) and various loadings of kaolinite (0, 0.05, or 2 g/L Kln) as a function of the 

number of 4-ClNB spikes in 10 mM carbonate buffer at pH 7 and initial Fe(II) 

concentration of 1 mM. 

 

 A decrease in rate was observed when the filtrate from an aged kaolinite stock 

suspension was added to the goethite reactors (Figure C.2), therefore, it was hypothesized 

that kaolinite dissolution occurred in the sequential-spike reactors and that the released 

ions affected the surface chemistry of goethite. Several filtrates and solids were digested 

and analyzed by ICP-OES (Table C.1), revealing that Al and Si ion concentrations 

increased with the number of equilibration days. The dialysis experiment, which allowed 

goethite to contact dissolved ions of kaolinite but kept the two minerals separated by a 

dialysis membrane, demonstrated that the goethite particles also contained Al and Si after 

several weeks in suspension.  
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 The similar ionic radii of Al and Fe(III) (0.67 and 0.78 Å, respectively17) suggest 

that Al could substitute into the goethite crystal structure, and aluminous goethite is 

known to occur naturally in sediments and can be synthesized in the laboratory.33,34,16 

Although the ionic size of Si (0.54 Å) is smaller than that of Al, its incorporation into the 

octahedral sites of goethite has been previously noted.17,35 In all of these studies, the 

reactive properties of Al- or Si-goethite differed from its unsubstituted counterpart, 

depending on the extent of isomorphic substitution. For example, the amount of atom 

exchange and interfacial electron transfer in aluminous goethite was less than that for 

goethite.16 In Quin et al., acicular goethite nanoparticles with 2.5 mole % Si were shorter 

in length as compared to goethite with no Si substitution, with preferential adsorption of 

Si ions occurring on the tips of the goethite. Similar variations in goethite nanoparticle 

morphology has been observed for Al-substituted goethite, with more Al substitution 

resulting in shorter and wider nanoparticles.36 In this study, Al and Si incorporation into 

goethite or adsorption on the goethite surface led to fewer reactive surface sites, 

inhibition of interfacial electron transfer, or a combination of both, thereby decreasing 

observed 4-ClNB reduction rates. 

 The conclusion that extent of Al and Si substitution controlled 4-ClNB reaction 

rates was further supported by quantitative analysis of oxidative mineral growth, or 

formation of new goethite from produced Fe(III) on the existing particles. Oxidative 

growth occurred preferentially on certain goethite crystal faces depending on the amount 

of kaolinite present. No evidence of new particle nucleation was seen in conventional 

TEM images (Figure 3.4) and no magnetic transitions indicative of other iron oxide 
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mineral phases were present in magnetic analyses (Figure C.4) of solids after five spikes 

of 4-ClNB. Magnetic characterization was used over other more commonly applied 

techniques (e.g., X-ray diffraction) for its very low detection limit even when a large 

amount of kaolinite is present.37 Both samples (goethite with 0.05 or 2 g/L kaolinite) have 

similar FC and ZFC curves when normalized to the maximum magnetization, and the 

minor differences are more likely attributed to variations in grain size and morphology 

than isomorphic substitution.38 

 

Figure 3.4: Representative conventional TEM images of 0.325 g/L goethite nanoparticles 

in 10 mM carbonate buffer at pH 7 either a) before reaction with 4-ClNB or b-c) after 

five spikes of 4-ClNB. b) 0.05 g/L kaolinite. c) 2 g/L kaolinite. 

 

 The conventional TEM images in Figure 3.5 show that goethite nanoparticles 

grew with the number of 4-ClNB spikes, with the particles becoming significantly longer. 

In previous work which quantified oxidative mineral growth for acicular goethite 

nanoparticles, growth dominated on the {021} faces located on the tips of the particles.39 

In the 2 g/L kaolinite reactors, however, goethite nanoparticles also appeared to grow on 

the edges, or {110} and {100} faces, in comparison to goethite in the 0.05 g/L kaolinite 

reactors. Goethite growth for each kaolinite loading was quantified from length and width 

measurements of goethite nanoparticles (Figure 3.5, averages and standard deviations 
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provided in Table 3.1). The histograms provide quantitative evidence that at both 

kaolinite loadings, growth on the {021} faces occurred. Goethite nanoparticles with 2 g/L 

kaolinite, however, grew relatively less long and significantly more wide with each 4-

ClNB spike as compared to goethite particles with 0.05 g/L kaolinite. 

 

 

Figure 3.5: Histograms of goethite length and width measurements, normalized to the 

number of particles measured, in suspension with either 0.05 or 2 g/L kaolinite before 

reaction (initial), after three spikes of 4-ClNB, and after five spikes of 4-ClNB in 10 mM 

carbonate buffer at pH 7 and 1 mM initial Fe(II). 

 

 Given the results of chemical analyses and occurrence of kaolinite dissolution, 

isomorphic Al and Si substitution occurred simultaneously with oxidative goethite 

growth. Since oxidative growth is favorable on the {021} faces,39 those sites may be 

initially susceptible to Al or Si incorporation. On the other hand, Si and Al incorporation 

or adsorption could be preferential on the {021} faces due to crystallographic constraints, 

as was seen for Si on goethite nanoparticles in Quin et al.17 In both scenarios, oxidative 
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mineral growth on the side crystal faces of goethite would be more favorable than for 

goethite in the absence of dissolved Al or Si ions, forming shorter and wider goethite 

particles when more kaolinite is present. The results of the sequential-spike reactions 

demonstrated that even trace or slowly occurring changes in ionic composition and 

strength of aqueous media can drastically vary the reactivity of iron oxides in 

groundwater systems. In addition, these results emphasize the importance of including 

long-term studies when interpreting iron oxide reactivity in natural systems. Kaolinite 

dissolution, which led to Al and Si incorporation during oxidative growth, declining 

reaction rates, and variable goethite particle dimensions, was only observed after 

additional spikes of 4-ClNB were performed. Consideration of the variable particle 

dimensions following redox reactions with contaminants is especially important for 

current models predicting the transport of nanoparticles in environmental systems. 

 This study has demonstrated that the presence of nonreactive clay minerals like 

kaolinite can significantly affect the surface-mediated reactions of Fe(II) on iron oxides 

with NACs in groundwater systems. Fe(II) on kaolinite was not an effective reductant for 

4-ClNB; thus, the mechanisms by which it affected the reactions between adsorbed Fe(II) 

on goethite and 4-ClNB was explored. Kaolinite initially only served as a competitor for 

Fe(II) adsorption, thus increasing competition for reactive sites on goethite and slowing 

4-ClNB reduction rates. The first cryo-TEM images of a clay and iron oxide mixed-

mineral (to the best of our knowledge) revealed that heteroaggregation did not affect the 

accessibility of goethite reactive sites at the explored particle loadings. Kaolinite 

dissolution had a greater effect on the Fe(II)/goethite system during reactions of longer 
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equilibration time, and Al and Si were incorporated into goethite during oxidative 

mineral growth, especially at higher kaolinite loadings. As a result, reactive sites were 

inhibited and 4-ClNB reduction rates slowed considerably with time. In addition, the 

incorporation of Al and Si varied the chemistry of the goethite crystal faces, with 

oxidative mineral growth occurring more on side crystal faces and less on the tip faces 

when the kaolinite loading was relatively higher. 

 In natural groundwater systems, clays that are nonreactive towards oxidized 

molecules should not be assumed as passive participants during interpretations of iron 

cycling in environmental systems. In other nonreactive clay and iron oxide systems, 

competitive Fe(II) adsorption, heteroaggregation, and/or clay dissolution may be more 

significant. While kaolinite and goethite did not heteroaggregate, other clays with greater 

negative surface charge at circumneutral pH may be more likely to heteroaggregate with 

positively charged goethite.40 These interactions could impact the accessible surface area 

as well as the transport properties of iron oxides more so than the kaolinite-goethite 

mixed-mineral suspensions studied here. In addition, the extent of isomorphic 

substitution or crystal defects in kaolinite, or another nonreactive clay, as well as in the 

iron oxides themselves can greatly change its chemical and physical properties.41,42 

Further investigations and microscopic analyses of evolving reactivity in Al and Si 

substituted iron oxide suspensions will elucidate the specific mechanisms defining the 

relative reactivity of each goethite crystal face. 



 

84 

 

Acknowledgments 

 This work was funded by NSF grant ECS-1012193 (R.L.P. and W.A.A.), the 

Graduate School Doctoral Dissertation Fellowship at the University of Minnesota 

(J.H.S.), and the Undergraduate Research Opportunity Program at the University of 

Minnesota (J.D.S.). Cryo-SEM was performed with the invaluable assistance of Chris 

Frethem (Characterization Facility, University of Minnesota). Magnetic characterization 

was performed at the Institute for Rock Magnetism (IRM) at the University of Minnesota 

with support from Becky E. Strauss, Joshua M. Feinberg, and Mike Jackson. The IRM is 

a US National Multi-user Facility supported through the Instrumentation and Facilities 

program of the National Science Foundation, Earth Sciences Division, and by funding 

from the University of Minnesota. Analyses by ICP-OES were performed by Rick Knurr 

with the Analytical Geochemistry Lab, part of the Department of Earth Sciences at the 

University of Minnesota. Parts of this work were carried out in the Characterization 

Facility, University of Minnesota, a member of the NSF-funded Materials Research 

Facilities Network (www.mrfn.org) via the MRSEC program.  

 

 

 

 

 

 

  



 

85 

 

Chapter 4. Adsorption of humic substances on goethite observed by 

excitation-emission matrix (EEM) fluorescence spectroscopy with 

methylene blue 
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Summary 

 The use of excitation emission matrix (EEM) fluorescence spectroscopy can 

elucidate organic matter adsorption onto reactive iron oxide surfaces, yet the effect of 

trace iron oxide nanoparticles in EEM spectroscopy is unknown. The following work 

details preliminary data quantifying humic substance (HS) adsorption on goethite 

nanoparticles by centrifuging HS-goethite (α-FeOOH) suspensions after various 

equilibration times. The supernatants, however, contained residual goethite nanoparticles 

(~ 0.5 – 3% of the original mass loading) which may quench HS fluorescence. Methylene 

blue was proposed as a possible internal standard, and while methylene blue-HS 

interactions were observed by EEM and UV-Vis spectroscopy, HS concentration was still 

quantifiable after EEM spectra were normalized to the maximum peak intensity of 

methylene blue. Methylene blue-goethite interactions have not yet been explored. 

Maximum adsorption of Suwannee River natural organic matter (SRNOM), humic acid 

(SRHA), and fulvic acid (SRFA) on goethite likely occurred within 2 h of equilibration, 

observed with and without normalization to the internal standard, and no fractionation 

was detected. Time was a constraint, therefore highlighting an important next step of 

performing these experiments in triplicate. In any case, these results present a novel and 

potentially promising characterization tool for quantifying OM adsorption and 

fractionation on iron oxide surfaces in environmental systems. 
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Introduction 

 Iron oxide nanoparticles in the presence of aqueous Fe(II) are known to mediate 

the reductive transformations of a variety of oxidized molecules in groundwater, 

including contaminants from agricultural and industrial sources.1–6 The rate of reduction 

by Fe(II) increases when iron oxide mineral surfaces are present, with adsorption of 

Fe(II) resulting in a lowered reduction potential promoted by electron delocalization 

within the bulk mineral.7–9 Reduction rate is dependent on the available surface area and 

amount of adsorbed Fe(II) on iron oxides. Nanoparticles of iron oxides, which occur 

naturally in many environments, contribute even higher specific surface areas compared 

to bulk minerals and are consequently of particular interest in these studies.10–12 

 It is well known that these surface-mediated reactions are influenced by certain 

solution variables (e.g., pH, ionic strength), which affect the properties and accessible 

reactive surface area of iron oxides.13–15 The influence of organic matter, however, is less 

understood. Organic matter (OM) is a diverse component of all groundwater, produced 

by aquatic organisms or through the decay of terrestrial organic matter and composing of 

several fractions including humic and fulvic (smaller and more highly charged) acids.16 

The molecular structure of OM is complex, including various functional groups such as 

carboxylic acids, alcohols, esters, and amines, to name only a few.17 Interactions between 

OM and iron oxide nanoparticle surfaces have been previously researched, although 

many questions regarding the extent and mechanisms of these interactions remain given 

the complexity of OM in natural systems.18,19  
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 In the effort to describe OM properties and its interactions with other subsurface 

components like iron oxide nanoparticles, fluorescence spectroscopy has proven to be a 

promising tool. For instance, excitation-emission matrices (EEMs) not only provide 

intensity of fluorescence, which can be related to OM concentration, but also valuable 

information about the composition and molecular structure of OM from the matrix peak 

positions.20,21 For these reasons, EEM spectroscopy offers several advantages for the 

characterization of OM, including high sensitivity and selectivity with rapid measurement 

times.20 Several challenges exist, particularly in protocols for correction of instrument-

response and solution variables that quench OM fluorescence.22 For example, aqueous 

Fe(II) and Fe(III) are known to quench OM fluorescence in EEM spectroscopy.23,24 To 

date, no works have presented similar effects on OM fluorescence by the presence of iron 

oxide nanoparticles in suspension with OM. 

 This work summarizes preliminary data toward elucidation of OM adsorption and 

fractionation processes on iron oxide nanoparticles using EEM fluorescence 

spectroscopy. The main goal was to describe the adsorption of various OMs (as 

purchased humic substances (HS) from the International Humic Substance Society) on 

goethite. Suspensions of goethite and HS were prepared, equilibrated for certain time 

periods, and centrifuged. Centrifugation allows for EEM characterization of the 

supernatant, which in theory would contain the fraction of HS that did not adsorb on 

goethite. Trace goethite nanoparticles in suspension, however, could affect measured HS 

fluorescence. A possible solution to this challenge will be an internal standard, and the 

following work details the potential use of methylene blue in EEM spectroscopy. 
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Although there is much work remaining, these results may lead to a novel route for 

characterizing complex OM-iron oxide interactions in environmental systems. 

Experimental 

Goethite-HS suspensions 

 Acicular goethite nanoparticles were prepared using the method of Anschutz and 

Penn25 and have been previously characterized as 65 ± 18 by 11 ± 4 nm in size.13 They 

were stored in suspension at 5 ºC with known mass loading (27.4  0.1 g/L). All humic 

substances, including Suwannee River humic acid II (SRHA), Suwannee River fulvic 

acid II (SRFA), Suwannee River natural organic matter (SRNOM), Pahokee Peat humic 

acid (PPHA), and Pahokee Peat fulvic acid (PPFA), were purchased from the 

International Humic Substances Society. Only ultrapure water (Millipore, 18.2 Ω·cm) 

was used. All suspensions were prepared in fresh carbonate buffer, made by dissolving 

0.841 g NaHCO3 (Sigma Aldrich) in 1 L deoxygenated water and adjusting pH to 7 with 

1 M H2SO4 (Mallinckrodt) on the same day as suspension preparation. Goethite-HS 

suspensions were prepared at different mass loadings and concentrations, depending on 

the nature of the study, as described below. 

 Methylene blue controls: To 20 mL scintillation vials, appropriate amounts of 

carbonate buffer and 20 ppm HS stock solution (in ppm organic carbon) were added in 

order to achieve a range of HS concentrations (0 – 10 ppm). When exploring the effect of 

methylene blue on EEM spectroscopy of HS-goethite suspensions, 0.1 mL of 20 ppm 

methylene blue stock solution (in ppm of total methylene blue mass, stored in a Nalgene 
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bottle in the dark) was added to 4.9 mL of the sample immediately before analysis (0.4 

ppm methylene blue, < 5 min of total exposure including analysis time).  

 HS adsorption on goethite: When determining the adsorption of HS on goethite 

over time, 1.42 mL of goethite stock suspension was volumetrically added to 120 mL 

glass serum bottles and diluted with 118 mL carbonate buffer. Within 2 min, 0.6 mL of a 

2000 ppm HS stock solution (in ppm organic carbon) was added to each bottle (either 

SRHA, SRFA, SRNOM, PPHA, or PPFA). The bottles were immediately capped with 

Teflon stoppers and magnetically stirred. At 2, 24, and 72 h, ~ 40 mL of each reactor was 

transferred to a polystyrene centrifuge tube and centrifuged for 20 min at 7000 rpm using 

an Eppendorf 5804 centrifuge. The supernatant was carefully collected by pipette, added 

to 20 mL scintillation vials, capped, and stored at 5 C in the dark until analysis. 

Spectroscopy 

 EEM fluorescence spectroscopy was performed using a Horiba Scientific 

Aqualog fluorimeter with an excitation range of 240 – 600 nm with a 3 nm increment and 

emission range of 275 – 800 nm. Bin size was set to 2.33 and integration time was 1 s. 

Spectrosil® Quartz cuvettes (1 cm, 4 clear sides) were used. If methylene blue was added 

to the sample, the EEM was normalized by dividing the entire matrix by the intensity (Z) 

of the highest peak at 291 and 682 – 687 nm for excitation and emission wavelengths, 

respectively. UV-Vis spectroscopy was performed using an Agilent 8453 UV-Visible 

spectrophotometer in 1 cm polystyrene cuvettes, scanning absorbance from 300 – 800 

nm. 
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Iron quantification 

 Dissolved Fe(II), dissolved Fe(III), and total Fe were quantified using a method 

adapted from Viollier et al.26 The ferrozine reagent (0.01 M) was prepared in 0.1 M 

ammonium acetate. The hydroxylamine reagent (1.4 M) was prepared by dissolving 

hydroxylamine hydrochloride in 2 M HCl. The buffer (10 M ammonium acetate, pH 9.5) 

was prepared by dissolving ammonium acetate in ultrapure water and adjusting pH using 

30% ammonium hydroxide. For all cases, the ferrozine–Fe(II) complex was quantified by 

UV-Vis spectroscopy. Absorbance was measured at 562 nm and standards for a five-

point calibration curve (5 – 50 M) were prepared by diluting 1 mM FeCl2  4H2O, with 

each cuvette containing 0.2 mL ferrozine reagent. 

 Step 1, dissolved Fe(II): For dissolved Fe(II) species, supernatants (~ 2 mL) were 

filtered through Acrodisc 13 mm syringe filters with a 0.22 m nylon membrane (Pall 

Life Sciences). To a polystyrene cuvette, 1 mL of the filtrate, 0.2 mL ferrozine reagent, 

and 1.8 mL ultrapure water were added. The cuvette was capped, inverted three times, 

and analyzed. 

 Step 2, dissolved Fe(III): To the same cuvette from Step 1, 0.3 mL hydroxylamine 

reagent was added. The cuvette was capped, inverted three times, and allowed to react. 

After 10 min, 0.1 mL of the ammonium acetate buffer was added and the cuvette was 

inverted before analysis. Dissolved Fe(III) was quantified by subtracting the 

concentration determined from Step 1 (dissolved Fe(II)) from the concentration 

determined from Step 2 (dissolved Fe(II) + dissolved Fe(III)). 
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 Step 3, total Fe: Total Fe (including residual iron oxide nanoparticles that 

remained in the supernatant) was determined by HCl digestion of the solids and 

subsequent colorimetric analysis. A sample of the supernatant (1 mL) was added to a 20 

mL scintillation vial with 2 M HCl (2 mL), hydroxylamine reagent (0.5 mL), and 

ferrozine reagent (0.5 mL) and diluted to 10 mL with ultrapure water. The vial was 

tightly capped and aged at 40 C for 6 d. After aging, the vials were cooled to room 

temperature, mixing periodically. Once cooled, the vials were opened and ammonium 

acetate buffer (1 mL) was added. The solution was transferred to a polystyrene cuvette 

and analyzed.  

TOC analysis 

 Total organic carbon was measured using a Shimadzu TOC-L Total Organic 

Carbon (TOC) Analyzer operated in non-purgeable organic carbon mode. Samples were 

acidified with HCl, sparged with humidified air to remove inorganic carbon, and 

combusted at 680 ºC with Pd catalyst beads. CO2 production was quantified using a 

nondispersive infrared (NDIR) detector and a calibration curve of potassium hydrogen 

phthalate (99.9%, Sigma). 

Results and discussion 

Challenges associated with EEM fluorescence spectroscopy of HS-goethite suspensions 

 HS sorption on goethite was characterized by EEM spectroscopy and results are 

consistent with no fractionation. While fluorescence for HS was detected in supernatants 

of HS-goethite suspensions equilibrated for 21 h, it remains unclear what effect the 

presence of iron (residual goethite that was not removed by centrifugation) had on the 



 

93 

 

intensity of HS fluorescence. Figure 4.1 provides representative EEM spectra for 

SRNOM, SRFA, and PPHA and corresponding supernatants from suspensions containing 

goethite and HS in carbonate buffer. Spectra for solutions containing only HS in 

carbonate buffer are different than for corresponding supernatants collected after 

equilibration with goethite for 21 h and then centrifuged. At first observation, the 

decrease in intensity of HS fluorescence may suggest that significant adsorption of HS on 

goethite occurred, therefore decreasing the concentration of HS in the supernatant. 

 On the other hand, a large increase in intensity of the first and second order 

Rayleigh scattering (elastic scattering) is notable in the supernatants. First order Rayleigh 

scattering occurs when emission equals excitation wavelength and second order when 

emission equals twice the excitation wavelength.27 In addition, supernatants had a slightly 

orange tint, suggesting some goethite particles remained in suspension after 

centrifugation. As previously described, aqueous Fe(II) and Fe(III) are known to quench 

the fluorescence of OM.23 Therefore, the decrease in intensity of OM may be due to 

either adsorption of OM on goethite resulting in less OM present after centrifugation or 

quenching of fluorescence by residual goethite (no dissolved Fe(II) or Fe(III) species 

were detected). 
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Figure 4.1: Representative EEM fluorescence spectra of SRNOM, SRFA, and PPHA (10 

ppm OC) in 10 mM carbonate buffer at pH 7 (left panel) and the supernatant of the 

identical system except with 0.325 g/L goethite (Gth, right panel) equilibrated for 21 h.  

 

Use of methylene blue as an EEM internal standard 

 The first step to facilitate quantitation of the HS concentration in solution is 

identification of a suitable internal standard, which may help distinguish between HS 

quenching and loss via sorption on goethite. An appropriate internal standard in EEM 

spectroscopy would be a molecule that has different fluorescence maxima than the suite 

of humic substances. As seen in Figure 4.1, the majority of HS fluorescence generally 

falls between emission wavelengths of 400 – 600 nm. Several different dye molecules 

were investigated, and only methylene blue had suitable fluorescence peak positions for 
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use as an internal standard. Because the use of an internal standard in EEM fluorescence 

spectroscopy is a new idea, the EEM spectra for all the dye molecules tested are provided 

in Figure 4.2. Excitation of methylene blue produced a peak with a reproducible 

maximum at excitation and emission wavelengths of 291 and 682 – 687 nm, respectively. 

This unique peak could make the parameters for fluorescence normalization particularly 

simple and repeatable. In contrast, Rhodamine B and 2’,7’-dichlorofluorescein had 

emissions at wavelengths greater than 550 nm but lacked a clearly identifiable and 

reproducible maximum for which to normalize intensity. Brilliant blue and 

hydroxyterephthalic acid had overlapping fluorescence maxima as compared to the humic 

substances, and several other dyes were not detectable by EEM spectroscopy. Of the dyes 

tested, methylene blue had the most optimal properties for use as an internal standard for 

characterizing the fluorescence intensity of humic substances. 
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Figure 4.2: EEM spectra of various dyes categorized by their applicability as an internal 

standard in solutions containing humic substances (excitation range of 240 – 550 nm and 

emission range of 400 – 600 nm). 
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 To determine whether methylene blue could be used as an internal standard in 

HS-goethite suspensions, two possible interactions needed to be explored: methylene 

blue-HS and methylene blue-goethite. While we have not yet explored methylene blue-

goethite interactions, the effect of added methylene blue on the fluorescence of HS was 

tested at different SRNOM concentrations (Figure 4.3) in carbonate buffer at pH 7 and 

the absence of goethite. In Figure 4.3a, the fluorescence peak height (Z) of SRNOM was 

linear as a function of concentration, demonstrating that EEM spectroscopy can be used 

to quantify HS concentrations in suspensions free of iron. The fluorescence peak height 

of methylene blue, however, was not constant. Methylene blue was always added 

immediately before EEM spectra were taken (< 5 min). Because the amount of methylene 

blue did not change and yet the intensity decreased, methylene blue-HS interactions may 

be occurring in that short time period, resulting in the quenching of methylene blue 

fluorescence. UV-Vis spectroscopy of similar solutions provided a comparable story 

(Figure 4.3b), although the concentrations differed compared to those used in EEM 

spectroscopy (in UV-Vis spectroscopy, methylene blue concentration was 5 ppm to 

increase absorbance and decrease signal-to-nose ratio). Absorbance of methylene blue 

(550 – 700 nm) decreased as OM concentration increased, more evidence of methylene 

blue-HS interactions. 
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Figure 4.3: a) Fluorescence intensity (Z) of SRNOM and methylene blue (MB) and the 

normalized Z of SRNOM (ZSRNOM divided by ZMB), collected by EEM fluorescence 

spectroscopy. b) Absorbance of methylene blue (5 ppm) in solution with different 

concentrations of SRNOM, collected by UV-Vis spectroscopy. All solutions were 

prepared in 10 mM carbonate buffer at pH 7. No goethite or Fe(II)/Fe(III) species were 

present in these samples. 

 

 Significant interactions between humic acid and methylene blue have been 

observed in previous work. Exchange interactions between carboxylic acid groups of 

humic acids or electrostatic interactions with aromatic backbones of humic acids have 

been described as possible mechanisms of methylene blue-humic acid interactions.28 

Quenching of methylene blue fluorescence by HS does not necessarily mean that it is not 

a possible internal standard. When the fluorescence of HS was normalized to that of 

methylene blue, an exponential trend is observed between normalized maximum and HS 

concentration, suggesting that HS may still be quantifiable. Without knowing how 

methylene blue fluorescence changes in the presence of goethite, we cannot conclusively 

determine whether methylene blue is an appropriate internal standard for samples 
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containing residual iron oxide nanoparticles. The subject of future studies will include 

possible methylene blue-goethite interactions. 

Preliminary data towards elucidating HS adsorption on goethite 

 The following preliminary data offer the first insight into characterizing 

interactions between HS and iron oxide nanoparticles using EEM fluorescence 

spectroscopy, suggesting no detectable fractionation occurred during HS sorption on 

goethite. Supernatants of HS-goethite suspensions were analyzed by EEM spectroscopy 

both with and without added methylene blue. It should be noted, however, that this data 

came from performing only one trial of the experiment, given the current time constraints 

of the researcher. Additionally, only Suwannee River humic substances are shown. 

Pahokee Peat humic and fulvic acid were analyzed but had strikingly more fluorescence 

compared to that of 0.4 ppm methylene blue, therefore requiring more work to optimize 

HS and methylene blue concentrations for EEM spectroscopy. 
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Figure 4.4: EEM spectra of SRNOM (10 ppm OC)/goethite (0.325 g/L) supernatants 

following 2, 24, and 72 h equilibration. Suspensions were prepared in 10 mM carbonate 

buffer at pH 7. Top panel contains 0.4 ppm methylene blue (MB). Plot shows 

fluorescence intensity (Z) of SRNOM with and without MB and the normalized Z of 

SRNOM (ZSRNOM divided by ZMB). 

 

 Figure 4.4 provides EEM spectra for supernatants of SRNOM-goethite 

suspensions after 2, 24, and 72 h equilibration. The fluorescence intensity remained 

relatively constant over time, and it did not make a significant difference if intensity was 

normalized to methylene blue. The data suggest that adsorption of SRNOM is either 

limited or occurred within the first 2 h of equilibration and then quickly stabilized. The 

former possibility is less likely; several studies in various experimental conditions have 

demonstrated that SRNOM adsorbs onto goethite nanoparticles and affects the reactivity 

and properties of goethite surfaces.13,29,30 Chekli et al. described maximum adsorption of 
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SRNOM on hematite (α-Fe2O3) nanoparticles was achieved in under 2 h,31 and Lv et al. 

showed a similarly quick increase in SRNOM adsorption on goethite (maximum 

adsorption in < 10 h).32 Thus, it is likely that maximum adsorption of SRNOM on 

goethite was achieved by the time the first EEM spectra were taken.  

 

Figure 4.5: EEM spectra of SRHA (10 ppm OC)/goethite (0.325 g/L) supernatants 

following 2, 24, and 72 h equilibration. Suspensions were prepared in 10 mM carbonate 

buffer at pH 7. Top panel contains 0.4 ppm methylene blue (MB). Plot shows 

fluorescence intensity (Z) of SRHA with and without MB and the normalized Z of SRHA 

(ZSRHA divided by ZMB). 

 

 Identical experiments except with SRHA had a similar result. A change in SRHA 

intensity, whether or not it was normalized to methylene blue, was not observed as a 

function of equilibration time. SRHA-goethite interactions are similarly known,30 and 

therefore equilibrium of SRHA adsorption on goethite may have been achieved in under 
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the 2 h point where our first measurements were made. In a recent paper from this group, 

the character of humic substances was related to its effect on aggregation and reactivity 

of goethite nanoparticles.30 Humic acid fractions, as compared to fulvic acid fractions, 

had fewer interactions with goethite nanoparticles and weakly inhibited the reactions on 

goethite surfaces. 

 

Figure 4.6: EEM fluorescence spectra of SRFA (10 ppm OC)/goethite (0.325 g/L) 

supernatants following 2, 24, and 72 h equilibration. Suspensions were prepared in 10 

mM carbonate buffer at pH 7. Top panel contains 0.4 ppm methylene blue (MB). Plot 

shows fluorescence intensity (Z) of SRFA with and without MB and the normalized Z of 

SRFA (ZSRFA divided by ZMB). 

 

 In contrast to SRNOM and SRHA, the properties of SRFA adsorption as 

characterized by EEM spectroscopy were not as clear (Figure 4.6). In spectra normalized 

to methylene blue, concentration of SRFA in the supernatant generally increased, 
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suggesting desorption of SRFA on goethite over time. On the other hand, the spectra 

from supernatants in the absence of methylene blue were not comparable. These results 

may be the result of an experimental error (an unfortunate possibility given that time 

allowed for only one trial). Additional work is necessary to determine whether the data 

are consistent over multiple trials. Even more, TOC measurements do not reflect a steady 

concentration of HS as observed by EEM intensities for SRNOM, SRHA, and SRFA as a 

function of equilibration time (Figure 4.7). Given these discrepancies, more trials are 

required before suggestions of adsorption kinetics and mechanisms can be provided. 

 

Figure 4.7: Plot of residual goethite (Gth) mass loading as measured by colorimetric 

analysis and TOC measurements for supernatants of SRNOM-, SRFA-, and SRFA-

goethite mixtures after varied equilibration times. TOC measurement of SRHA at 72 h 

was unrealistic (TOC > 100 ppm) and therefore was not shown. 

 

  There is much work to be done before any conclusions can be drawn on HS 

adsorption on goethite or the use of methylene blue as an internal standard in EEM 

spectroscopy. No evidence for fractionation of HS on goethite was observed at the given 

equilibration periods. Evidence for fractionation would be apparent if the relative peak 
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intensities or even peak locations shifted as a function of equilibration time, meaning that 

a specific fraction (e.g., smaller, highly charged molecules like fulvic acids) 

preferentially adsorbed on to goethite. This could be observed regardless of the relative 

intensities. Since no changes in the relative “shape” of the peaks were observed in 

SRNOM, SRHA, and SRFA experiments, no detectable fractionation occurred within the 

equilibration period examined. Future work will include similar experiments with 

supernatants collected after < 2 h equilibration time to determine if changes in intensity 

or peak position occur. 

 The completion of this work may reveal unique characteristics of OM adsorption 

on goethite surfaces. While several studies have quantified OM and HS adsorption on 

goethite, few have looked at the preferential adsorption of certain fractions (e.g., greater 

adsorption of fulvic acids as compared to humic acids), and even fewer have applied 

EEM spectroscopy to answer these questions. Future work should include a detailed 

investigation into the interactions of methylene blue on goethite and its effect on EEM 

spectra. In addition, several more experiments are required in order to both confirm that 

methylene blue can be used as an internal standard for EEM and establish a protocol for 

its application. Once that has been determined, adsorption of OM on goethite can be 

explored in greater detail, including shorter equilibration periods and other humic 

substances like PPFA and PPHA. 
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Chapter 5. Accessible reactive surface area of iron oxyhydroxides in 

acidic brines 
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Summary 

The reactivity of iron oxyhydroxide nanoparticles in low pH and high ionic 

strength solutions was quantified to assess abiotic contributions to oxidation-reduction 

chemistry in acidic brine environments, such as mine groundwater seepage, lakes in 

Western Australia, and acid mine drainage settings, which are of global interest for their 

environmental impacts and unique geomicrobiology. Factors that influence accessible 

and reactive surface area, including Fe(II) adsorption and aggregate size, were measured 

as a function of pH and CaCl2 concentration and related to the kinetics of redox reactions 

in aqueous suspensions of synthetic goethite (-FeOOH), akaganeite (-FeOOH), and 

ferrihydrite (Fe10O14(OH)2) nanoparticles. Quinone species were used as redox sensors 

because they are well-defined probes and are present in natural organic matter. Fe(II) 

adsorption to the iron oxyhydroxide mineral surfaces from aqueous solution was 

measurable only at pH values above 4 and either decreased or was not affected by CaCl2 

concentration. Concentrations at or above 0.020 M CaCl2 in acetate buffer (pH 4.5) 

induced particle aggregation. Assessment of Fe(II) adsorption and particle aggregation in 

acidic brine suggested that accessible reactive surface area may be limited in acidic 

brines. This was supported by observations of decreasing benzoquinone reduction rate by 

adsorbed Fe(II) at high CaCl2 concentration. In contrast, the hydroquinone oxidation rate 

increased at high CaCl2 concentrations, which may be due to suppressed adsorption of 

Fe(II) generated by the reaction. Results suggest that iron geochemical cycling in acidic 

brine environments will be substantially different than for iron oxyhydroxides in low-
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saline waters with circumneutral pH. These findings have implications for acidic brine 

lakes and acid mine drainage locations that contain precipitated iron oxyhydroxides. 

Introduction 

Acidic brine environments form through rock alteration reactions in climates 

favoring evaporite deposition.1 Development of acidic conditions in these natural waters 

is strongly linked to iron geochemistry and the onset of oxidizing conditions. 

Specifically, high acidity develops through pyrite oxidation or, in sulfide-limited systems, 

through oxidation of Fe(II) and hydrolysis of Fe(III). Naturally formed acidic waters with 

brine or hypersaline ionic strength (as high as 300,000 mg/L salt content2) have been 

reported in northern Chile and Bolivia,3,4 Western Australia,5,6 and the United States.7 

These acidic brines have been investigated for their environmental impacts as well as 

their potential to serve as Martian analogs of geology and microbiology.1,4,8 Acidic brines 

also form in human-impacted settings, such as acid mine drainage and pit lakes of mines, 

which are of broad public concern and have been extensively studied.9–11 

In some acidic brines, iron oxyhydroxide nanoparticles participate in the 

oxidation or reduction of organic contaminants or phenolic groups in natural organic 

matter through direct reaction with mineral surface sites or with adsorbed Fe(II).12 

Quinone moieties present in organic matter also act as electron shuttles between iron 

oxyhydroxides and redox active bacteria.13,14 In human-impacted settings, such as 

polluted groundwater or acid mine drainage, the potential for iron oxyhydroxides to 

incorporate or degrade contaminants can be exploited for remediation efforts.10,15 Several 

studies have demonstrated that the accessible and reactive surface area of iron 
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oxyhydroxides in aquatic systems depends on solution chemistry variables, such as ionic 

strength, pH, and concentration of reactive species,16,17 but extreme environments such as 

acidic brines have yet been fully explored. Ionic strength and acidity likely impact the 

reactivity of iron oxyhydroxide nanoparticles by affecting processes such as ion 

adsorption and aggregation, which in turn influence accessible and reactive surface 

area.18–21 

Understanding abiotic iron cycling in acidic brines has the potential to elucidate 

fundamental processes in geochemistry as well as lead to improved remediation methods. 

A significant challenge, however, is the occurrence of both biological and abiotic 

influences. For example, some iron-rich saline and hypersaline microbial mats, such as 

those found in hydrothermal vents and solar salterns, are the subject of geomicrobial 

research.22–25 While the microbial reactivity in these iron-rich mats has been studied,26,27 

the chemical behavior of the iron oxyhydroxides in high ionic strength and low pH 

conditions has not yet been evaluated, making it difficult to elucidate the mechanisms 

controlling iron redox cycling. 

In this work, we assess the abiotic redox reactivity of iron oxyhydroxide 

nanoparticles in acidic brines. To model a natural environment, experiments were 

performed using solution chemistry similar to groundwater seepages found in the 

microbial mats of Soudan Underground Mine, USA, which features an acidic brine 

environment with both microbial and abiotic contributions to iron cycling and where 

aqueous Fe(II) undergoes oxidation and hydrolysis upon exposure to the ambient air. 

Analysis of one location in the mine shaft with exposed groundwater seepage found three 
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iron oxyhydroxide mineral phases present: goethite (-FeOOH), akaganeite (-FeOOH), 

and ferrihydrite (Fe10O14(OH)2
28)  In addition, the Fe(II) concentration was high (0.342 

mM), the pH acidic (~ pH 3), and the ionic strength high (> 2 M).29 Here, CaCl2 was used 

to set ionic strength, and synthetic goethite, akaganeite, and ferrihydrite nanoparticles 

were prepared as model minerals. The first objective of this work was to characterize 

accessible reactive surface area as a function of low pH and high ionic strength by 

quantifying adsorbed Fe(II) and assessing aggregation state. The second was to quantify 

rates of p-benzoquinone (referred to as benzoquinone hereafter) reduction via adsorbed 

Fe(II) or hydroquinone oxidation by iron oxyhydroxides as a function of increasing ionic 

strength at low pH. The results, along with consideration of thermodynamics, allow us to 

elucidate the relationship between surface redox reactions and acidic brine solution 

conditions due to the influence on accessible reactive surface area. These results offer a 

unique perspective on iron cycling in extreme environments, highlighting the potential 

importance of abiotic reactivity in acidic brines. 

Experimental 

Materials 

Chemical sources and purities are listed in the supplementary material. All 

solutions were prepared in ultrapure water. For delivering aqueous Fe(II) to experiments, 

a stock solution of 200 mM Fe(II) was freshly prepared each day under anaerobic 

conditions by adding 0.55 mol FeCl2·4H2O to 5 mL of water or 0.67 M CaCl2 and 0.5 mL 

of 1 M HCl. When performing buffered experiments at pH 4.5, 40 mM acetate buffer was 
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prepared by diluting glacial acetic acid with ultrapure water and adjusting the pH to 4.5 

with 1 M NaOH. 

Nanoparticle synthesis and characterization 

Details of the synthetic procedures summarized here are provided in the 

supplementary material. Goethite nanoparticles were synthesized using a modified 

version of the method from Anschutz and Penn (2005) by adding 0.48 M NaHCO3 to 0.40 

M Fe(NO3)3·9H2O followed by aging and purification. Akaganeite nanoparticles were 

synthesized by aging 0.035 M FeCl3·6H2O in a hydrothermal bomb. Ferrihydrite 

nanoparticles were synthesized by forced hydrolysis and aging of a 0.20 M 

Fe(NO3)3·9H2O solution as described in Schwertmann and Cornell (2000). The 

nanoparticles were stored as a suspension with known mass loadings in a Nalgene bottle 

at 5 °C to be delivered by volumetric pipette. Mass loading measurements were 

performed frequently to ensure accuracy. Considering ferrihydrite reactivity has shown to 

change as a function of particle age, fresh ferrihydrite nanoparticles were prepared after 

three weeks of storage.32 Particle composition, size, morphology, and surface area were 

determined by a combination of X-ray diffraction (XRD), transmission electron 

microscopy (TEM), and nitrogen sorption analysis (see supplementary material). 

Iron adsorption 

Iron adsorption was measured by quantifying the remaining Fe(II) in solution 

after filtration using the ferrozine colorimetric analysis.33 In brief, nanoparticle 

suspensions were prepared in either 0 M or 0.67 M CaCl2 at pH 3 – 7 and equilibrated for 

21 h. Following equilibration, an aliquot was filtered, added to cuvettes containing 
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ferrozine, and measured by UV-Vis spectroscopy. Details are provided in the 

supplementary material. 

Aggregate size and zeta potential 

Aggregate sizes and zeta potentials were collected by dynamic light scattering 

(DLS) as a function of CaCl2 concentration using a ZetaPALS Zeta Potential Analyzer 

(Brookhaven) with the 90Plus/BI-MAS Multi Angle Particle Sizing Option installed. 

Goethite, akaganeite, or ferrihydrite samples (0.325 g/L) were prepared in 20 mL 

scintillation vials by volumetrically delivering particle stock suspension and 40 mM 

acetate buffer at pH 4.5 with either 0 or 0.67 M CaCl2 so that the final CaCl2 

concentration ranged from 0 to ~ 0.67 M. The effect of added Fe(II) was examined by 

adding the Fe(II) stock solution so that the Fe(II) concentration was 0.342 mM. 

Aggregate sizes and standard errors were reported as mean number-based effective 

hydrodynamic diameters from 5 runs of 15 s each with a dust cut-off of 30 (instrumental 

parameter for filtering out rare intensity spikes most likely due to large dust particles). 

Average zeta potentials and standard errors were reported from 3 runs of 20 cycles. For 

monitoring aggregate size during reaction, a 3 mL sample from the reaction was 

measured using the same instrumental parameters. 

Reaction kinetics 

Benzoquinone reduction and hydroquinone oxidation experiments were run in 40 

mM acetate buffer at pH 4.5 with either 0 or 0.67 M CaCl2. To 38 mL glass serum 

bottles, the appropriate iron oxyhydroxide suspension was volumetrically delivered so 

that the final mass loading was 0.325 g/L. When all three iron oxyhydroxides were added 
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to one reactor, the total mass loading was either 0.325 or 0.975 g/L (equal mass ratios of 

each iron oxyhydroxide). Reactors were then transferred to an anaerobic chamber and 

diluted with 20 mL of 0 or 0.67 M CaCl2 buffer. To vary the CaCl2 concentration, 

appropriate ratios of the 0 and 0.67 M CaCl2 buffers were added. For benzoquinone 

reduction, 0.342 mM Fe(II) was added using the Fe(II) stock solution. The reactors were 

then brought to a final volume of 35 mL with the appropriate buffer, crimp capped, and 

sonicated for 20 min outside of the anaerobic chamber. Following sonication, the reactors 

were wrapped in aluminum foil to block light and magnetically stirred in the anaerobic 

chamber for 21 h of equilibration. 

Reactors were spiked with benzoquinone or hydroquinone (0.1 mM) from a 10 

mM stock solution prepared in the appropriate buffer solution. Samples (1 mL) were 

withdrawn using a plastic syringe and filtered into an amber glass HPLC vial. 

Benzoquinone and hydroquinone were quantified at 235 nm using an Agilent 1100 series 

HPLC (see supplementary material). Benzoquinone reduction was analyzed using a 

pseudo-first-order rate model, and hydroquinone oxidation was analyzed using the rate of 

benzoquinone production. The post-reaction suspensions were transferred to centrifuge 

tubes and collected using an Eppendorf 5804 centrifuge (6000 g for 3 min). Samples 

were washed three times with deoxygenated Milli-Q water (only opening when inside the 

anaerobic chamber). Collected solids were dried at room temperature in air, ground using 

mortar and pestle, and characterized by XRD in the same manner as the unreacted 

minerals. 
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Results 

Synthetic nanoparticle characterization 

TEM micrographs and XRD patterns are shown in the supplementary material. 

The synthetic goethite particles have an acicular morphology with dimensions of 110 ± 

41 nm in length and 12 ± 5 nm in width. The synthetic akaganeite nanoparticles are also 

acicular but smaller in size, with an average length of 36 ± 16 nm and width of 5 ± 2 nm. 

The synthetic ferrihydrite particles are 2 to 3 nm in diameter. No evidence of secondary 

phases was detected by XRD for any of the three samples. TEM surface area was 

determined to be 190 m2/g, 240 m2/g, and 510 m2/g for goethite, akaganeite, and 

ferrihydrite, respectively, using the assumption that goethite rods are prisms similar in 

shape as described in previous work,34 akaganeite rods are square cuboids (where a = b  

c), and ferrihydrite dots are spheres. Nitrogen sorption-BET analysis yielded a specific 

surface area of 140 m2/g for goethite, 278 m2/g for akaganeite, and 130 – 280 m2/g for 

ferrihydrite. The low and variable specific surface area measured for ferrihydrite by BET 

is consistent with considerable aggregation during drying, which would prevent 

condensation of N2 on all mineral surfaces. For akaganeite, the higher specific surface 

area determined by BET analysis than by measurements from TEM images suggests that 

the square cuboid assumption may under-represent the akaganeite surface area. These 

akaganeite rods may be rounded at the ends or have a porous surface, similar to the more 

pronounced cigar-shape morphology and tunnel structure seen in larger akaganeite 

nanoparticles.35 
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Aggregation state vs. adsorbed Fe(II) and CaCl2 concentration 

Accessible surface area of iron oxyhydroxide nanoparticles in suspensions 

(buffered at pH 4.5) was monitored by DLS. Hydrodynamic diameter and zeta potential, 

which serve as proxies for aggregation state and surface charge, respectively, are shown 

in Figure 5.1. In general, aggregate size increased with increasing CaCl2 (Fig. 5.1a), with 

the largest changes in size observed at lower concentrations of CaCl2 (below 0.1 M). The 

maximum quantitative size of this DLS instrument (3000 nm, provided in the manual, 

indicated by a dashed line in Fig. 5.1a) was observed for most suspensions below or at 

0.1 M CaCl2. Additionally, suspensions prepared with and without Fe(II) were 

distinguishable at lower CaCl2 concentrations but not statistically different above 0.1 M 

CaCl2. The observed decrease in zeta potential with increasing CaCl2 concentration (Fig. 

5.1b), approaching 0 mV in suspensions with 0.67 M CaCl2, indicates decreasing surface 

repulsion of the particles. 
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Figure 5.1. a) Log number-based mean hydrodynamic diameter and b) zeta potential of 

goethite (Gth), akaganeite (Ak), and ferrihydrite (Fh) as a function of CaCl2 

concentration as measured using dynamic light scattering. Open symbols are data 

obtained from suspensions with no Fe(II) and closed symbols with 0.342 mM Fe(II). 

Samples were prepared in 40 mM acetate buffer at pH 4.5. Note x-axis break between 

0.10 and 0.64 M CaCl2. 

 

Iron adsorption vs. pH and CaCl2 

To characterize the reactive surface area as a function of pH and ionic strength, 

Fe(II) adsorption edges (Fig. 5.2a-c) were collected and normalized to the number of 

reactive sites for each mineral (Fig. 5.2d and 5.2e, see supplementary material for 

calculations).36–38 Fe(II) adsorption onto all three iron oxyhydroxides increased with 

increasing pH and measurable Fe(II) adsorption did not occur until pH values were 

greater than 4, consistent with previous works.39,40 Generally speaking, the degree of 
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adsorption was greatest on goethite and least on ferrihydrite when normalized to the total 

number of reactive sites. In the cases of goethite and ferrihydrite, Fe(II) adsorption 

decreased at high CaCl2 concentration. In contrast, Fe(II) adsorption onto akaganeite was 

independent of CaCl2 concentration, less than that observed for goethite, and greater than 

that observed for ferrihydrite.  

 

Figure 5.2. (a-c) Average percent of Fe(II) added that adsorbed on the mineral surface of 

a) goethite, b) akaganeite, or c) ferrihydrite as a function of pH, with either 0 M or 0.67 

M CaCl2. Initial conditions of 0.325 g/L particle loading and 0.342 mM Fe(II) in water. 

(d-e) Percent of reactive sites occupied on the mineral surface as a function of pH for 

each iron oxyhydroxide in d) 0 M CaCl2 or e) 0.67 M CaCl2. 

 

Kinetics 

Relevant one-electron transfer reduction reactions are summarized in Table 5.1, 

including the reduction potentials at pH 7 and pH 4.5. Thermochemical considerations of 

EH,pH 4.5 are necessary when comparing the relative reaction rates of each iron 

oxyhydroxide mineral in an acidic brine environment. Based strictly on thermodynamics, 



 

117 

 

ferrihydrite is predicted to be the most favorable in iron oxyhydroxide reductive 

dissolution whereas goethite is predicted to be the most favorable in iron oxyhydroxide 

oxidative growth. 

Table 5.1: Reduction potentials of half reactions at pH 7 and pH 4.5 (relevant for acidic 

brines) and 25 °C, calculated using the Nernst equation. Dissolved Fe(II) concentrations 

were set to 10-4 M, and sorbed Fe(II) sites set to 10-6 M. For the quinone reaction, 

concentrations of Q and QH2 were set equal to each other. 

Reaction EH
0 (V) EH, pH 7 (V) EH, pH 4.5 (V) 

Fe(III) + e- = Fe(II) +0.77b +0.77 +0.77 
1/2 Q + H+ + e- = 1/2 QH2 +0.70c +0.28 +0.43 

Iron oxyhydroxide dissolution    

[Gth] -FeOOH + 3H+ + e- = Fe(II) + 2H2O +0.68calc -0.32 +0.12 

[Ak] -FeOOH + 3H+ + e- = Fe(II) + 2H2O +0.75calc -0.25 +0.19 

[Fh] amorph Fe(OH)3 + 3H+ + e- = Fe(II) + 3H2O +0.97calc -0.04 +0.41 

Iron oxyhydroxide growth    

[Gth] -FeOOH + Fe(III)OH + 2H+ + e- = Fe(III)OFe(II)+ + 2H2O +0.17d -0.60a -0.30a 

[Ak] -FeOOH + Fe(III)OH + 2H+ + e- = Fe(III)OFe(II)+ + 2H2O – – – 

[Fh] Fe(OH)3 + Fe(III)OH + 2H+ + e- = Fe(III)OFe(II)+ + 3H2O +0.24d -0.53a -0.23a 
calc Calculated from Gibbs free energies, where Gf

0 is -488.6 kJ/molb for Gth, -481.7 kJ/mole for Ak, and -

699 kJ/molb for Fh 
a Assuming [Fe(III)OFe(II)+] is 10-6 M (~ 1 % of initial [Fe(II)]) and [Fe(III)OH] is 10-5 M (calculated 

from the site densityd and the TEM surface area in Table 5.2) 
b Brezonik and Arnold (2011) 
c Schwarzenbach et al. (2003) 
d Silvester et al. (2005) 

e Navrotsky et al. (2008) 

– Not found in the current literature 

 

The kinetics of abiotic redox reactions were quantified to compare the redox 

reactivity of goethite, akaganeite, and ferrihydrite in acidic brine solutions. Benzoquinone 

reduction by adsorbed Fe(II) significantly decreased in 0.67 M CaCl2 as compared to 0 M 

CaCl2 (Fig. 5.3a). In contrast, the hydroquinone oxidation rate increased with higher 

CaCl2 concentration (Fig. 5.3b) in the case of ferrihydrite, did not change with changing 

CaCl2 concentration in the case of akaganeite, and was altogether undetectable in the case 

of goethite. Detailed reaction rate constants for each system and CaCl2 concentration, 
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along with surface area measurements from TEM and BET, are provided in Table 5.2. To 

determine the effect of ionic strength, rates of benzoquinone reduction as a function of 

CaCl2 concentration were determined for Fe(II)/goethite (Fig. 5.3c) and 

Fe(II)/ferrihydrite suspensions (Fig. 5.3d, rate constants in Table D.1). With both iron 

oxyhydroxides, reaction rates decreased with increasing CaCl2 concentration. 
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Figure 5.3. a) Degradation of benzoquinone (Q) by adsorbed Fe(II) on goethite (Gth), 

akaganeite (Ak), or ferrihydrite (Fh) and b) production of benzoquinone from the 

oxidation of hydroquinone by each iron oxyhydroxide as a function of time. Suspensions 

were prepared with either 0 M (open symbols) or 0.67 M (closed symbols) CaCl2 in 40 

mM acetate buffer at pH 4.5. Solid lines are results of linear regression (data summarized 

in Table 1). Error bars are standard deviations from triplicate trials. Dashed lines 

represent the extrapolation of initial rates over longer reaction times. c-d) Benzoquinone 

(Q) degradation by Fe(II) adsorbed on either c) goethite or d) ferrihydrite in varied CaCl2 

concentration and 40 mM acetate buffer at pH 4.5. Solid lines are results of linear 

regression (data summarized in Table S1). 
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Table 5.2. Pseudo-first-order rate constants of benzoquinone (Q) reduction by adsorbed 

Fe(II) or initial rate of hydroquinone (QH2) oxidation by goethite (Gth), akaganeite (Ak), 

ferrihydrite (Fh), or a combination of all three minerals. Reaction suspensions were in 40 

mM acetate buffer at pH 4.5. R2 values are in parentheses. ND = not detectable. NA = not 

applicable. 

Particle(s) 
SATEM 

(m2/g) 

SABET 

(m2/g) 

Total mass 

loading (g/L) 

[CaCl2] 

(M) 

Q  QH2 QH2  Q 

kobs (h-1) d[Q]/dt (µM h-1) 

Gth 190 140 0.325 0 1.02 ± 0.02 (1.0) ND 

     0.67 0.16 ± 0.01 (0.99) ND 

Ak 240 278 0.325 0 0.17 ± 0.01 (1.0) 0.72 ± 0.31 (0.84) 

     0.67 0.061 ± 0.002 (1.0) 0.93 ± 0.15 (0.98) 

Fh 510 130-280 0.325 0 0.64 ± 0.09 (0.98) 3.2 ± 0.3 (1.0) 

     0.67 0.073 ± 0.004 (1.0) 8.4 ± 1.6 (0.99) 

Gth+Ak+Fh   0.325 0 0.51 ± 0.01 (1.0) NA 

     0.67 0.091 ± 0.002 (1.0) NA 

Gth+Ak+Fh   0.975 0 0.85 ± 0.02 (0.99) NA 

     0.67 0.22 ± 0.01 (1.0) NA 

 

Rate constants for individual iron oxyhydroxides were also compared to the rate 

constants obtained using a mixture of three (Table 5.2, Fig. D.7), which is more 

analogous to the natural modeled system. Similar to the individual results, the addition of 

0.67 M CaCl2 decreased benzoquinone reduction rate by adsorbed Fe(II). The observed 

rate for suspensions containing all three iron oxyhydroxides at a total mass loading of 

0.325 g/L was approximately equal to the sum of one-third the rates observed for each 

mineral alone at 0.325 g/L. When normalized to mass loading, benzoquinone reduction 

rate is faster for the lower mass loading (0.325 g/L versus 0.975 g/L), despite the 

identical amount of Fe(II) added. 

Discussion 

Accessible reactive surface areas of iron oxyhydroxides in acidic brines 

Accessible surface area 
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Estimates of accessible reactive surface area for each iron oxyhydroxide in an 

acidic brine is fundamental to interpreting relative reactivity in such environments, 

among other factors, such as thermodynamic properties. Increasing CaCl2 concentration 

led to the formation of larger aggregates as evidenced by increasing hydrodynamic 

diameters and decreasing zeta potentials. It has been shown that larger aggregate size 

correlates to decreases in accessible surface area of iron oxyhydroxide nanoparticles in 

typical aquatic systems.45 Given these results, accessible surface area of goethite, 

akaganeite, and ferrihydrite nanoparticles is expected to decrease in natural acidic brine 

environments. While the amount of adsorbed Fe(II) is limited, the low amount of inner-

sphere complexation of Fe(II) may change the surface potential enough to affect 

aggregation at low CaCl2 concentrations, as seen nominally in Fig. 5.1. At high CaCl2 

concentrations, however, the ionic strength primarily controls aggregation. 

In this study, we provide hydrodynamic diameters collected by DLS, which is an 

indirect but relatively efficient method for characterizing aggregate size in suspensions. 

At large aggregate sizes, however, the limitations of the technique46 along with faster 

settling rates21 must be acknowledged, especially in the case of high CaCl2 concentrations 

seen here. Previous work indicated that when DLS results demonstrate aggregates in the 

100 nm size range, data from DLS and cryogenic transmission electron microscopy 

(cryo-TEM), a direct method of characterizing aggregate sizes, match well. When DLS 

results demonstrate larger sizes in the micron size range, cryo-TEM can provide more 

detail regarding the size distribution, especially since DLS is so strongly dominated by 

the largest suspended objects, yet the results are qualitatively consistent.45 
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Reactive surface area 

Extent of Fe(II) adsorption was measured to assess the amount of reactive surface 

area available for each iron oxyhydroxide in 0 and 0.67 M CaCl2. Our results (Fig. 5.2) 

suggest only a small fraction of total Fe(II) resides on the iron oxyhydroxide surface at 

any given time in an extremely acidic brine environment (pH < 4), with the largest 

fraction of adsorbed Fe(II) sites on goethite. In moderately acidic (pH 4 – 6) settings,6,47 a 

greater fraction of total Fe(II) residing on the surface may lead to faster kinetic rates of 

reactions involving adsorbed Fe(II) on iron oxyhydroxides.  

The presence of 0.67 M CaCl2 decreased overall adsorption for goethite and 

ferrihydrite. Possible causes include less accessible surface area and/or competitive 

Ca(II) adsorption. Previous studies have shown that iron oxyhydroxide minerals weakly 

sorb Ca(II)48,49 but sorb other metal ions more strongly,50,51 particularly when the pH is 

below the point of zero charge. This is the first study to our knowledge that has measured 

Fe(II) adsorption edges on akaganeite as a function of ionic strength and pH; although 

previous work has shown adsorption of other ions on akaganeite.52,53 The fact that high 

CaCl2 concentration did not decrease Fe(II) adsorption indicates that there is a unique 

chemistry for akaganeite, such as competitive ligand exchange with chloride tunnel ions 

as described in the works of Song and Boily38,54 and Kozin and Boily.55 

These adsorption edges were collected in the absence of a buffer to determine 

effect of pH. In the subsequent studies, 40 mM acetate buffer was used to maintain pH 

4.5. While attempts were made to measure differences in Fe(II) adsorption on each 

mineral in this buffer, average dissolved Fe(II) concentrations were not statistically 
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different and were within the quantification limit of 0.01 mM Fe(II) for the method. 

Acetate adsorption on an iron oxide has been described as solvent-surface hydration-

separated ion pairs and surface hydration-shared pairs, which are favorable in mildly 

acidic conditions.56 Given what is known about acetate adsorption, we argue that overall 

Fe(II) adsorption decreases in our buffered system (consistent with our difficulty in 

detecting statistical differences in adsorption between minerals) but that the pH and ionic 

strength trends are expected to remain the same. 

Iron oxyhydroxide reactivity in acidic brines 

Benzoquinone reduction 

 For reduction of benzoquinone (Fig. 5.3a), reaction rates were fastest with 

goethite, followed by ferrihydrite and then akaganeite, which can be attributed to their 

individual reduction potentials and number of reactive sites. A reduction potential for 

Fe(II)-sorbed on akaganeite was not found in the literature; thus, it is difficult to compare 

akaganeite to goethite and ferrihydrite, although it is hypothesized that it would be less 

favorable given this data. 

The presence of brine, in this case high CaCl2 concentration, decreased the 

reaction rates for all three minerals. Exploration of reaction rate as a function of ionic 

strength for goethite and ferrihydrite (Fig. 5.3c and 5.3d) demonstrated that rates 

systematically decreased with increasing ionic strength, consistent with a loss of 

accessible reactive surface area due to either particle aggregation or decreased Fe(II) 

sorption. This trend is most evident in the comparison between reaction rates in 0.05 M 

and 0.67 M CaCl2. For goethite, the two rates were statistically indistinguishable, 
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consistent with a relatively small difference in measured aggregate size as seen in Fig. 

5.1. With ferrihydrite, aggregate size largely increased between the two CaCl2 

concentrations, and the rate was much slower at the higher ionic strength. 

Hydroquinone oxidation 

The fastest rate of oxidation by ferrihydrite is agreeable with the low degree of 

crystallinity and favorable reduction potential, which drives reductive dissolution.  

Akaganeite was also faster than goethite (longer reaction times in 0.67 M CaCl2 are 

shown in Fig. D.5). In contrast to the benzoquinone reactions, hydroquinone oxidation by 

ferrihydrite was significantly faster in 0.67 M CaCl2. Despite decreases in accessible 

surface area, the number of free reactive Fe(III) sites increases in CaCl2 with the 

inhibition of adsorbed Fe(II) (which drives the reverse benzoquinone reduction reaction), 

thus increasing oxidation rate. 

In both redox systems, especially in the case of ferrihydrite (and after ~ 6 h for 

hydroquinone oxidation by akaganeite in Fig. D.5), pseudo-first-order reaction kinetics 

do not always produce excellent fits, suggesting possible phase transformation or changes 

in aggregation. No evidence for new mineral phases was observed by XRD (Fig. D.2, 

though a difference in preferred orientation was observed for the 0 M CaCl2-

benzoquinone-goethite and -akaganeite system, possible evidence of mineral growth). 

Although numerous studies have detected phase transformations in similar suspensions at 

circumneutral pH and aerobic conditions,57,58 no work has demonstrated phase 

transformations at more acidic pH and anaerobic conditions. In addition, no evidence for 

changing aggregate size of ferrihydrite during reaction with hydroquinone in 0 M CaCl2 
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(Fig. D.6) was detected. It is then likely that the nonlinearity of the reaction kinetics is 

caused by the reverse reaction. In other words, with benzoquinone reduction, the 

hydroquinone produced could react with new iron oxyhydroxide reactive sites. Because 

hydroquinone oxidation is thermodynamically favorable for ferrihydrite, the reverse 

reaction is expected to be significant. Concurrently, with hydroquinone oxidation, the 

benzoquinone product could react with adsorbed Fe(II) produced from the reaction and 

would be more significant in systems at 0 M CaCl2. 

Mixed mineral suspensions 

Finally, mixed mineral suspensions provide a better comparison to natural acidic 

brine environments. Benzoquinone reduction rate was faster for 0.325 g/L total mass 

loading compared to 0.975 g/L. Both suspensions had the same amount of Fe(II) added 

and were well mixed based on the observation that the particles were completely 

suspended in the reactors. Also, DLS measurements aggregate size in 0 M CaCl2 as 

measured by DLS was ~ 200 nm for both suspensions. For those reasons, it is more likely 

that differences in the amount and distribution of adsorbed Fe(II) among the three 

minerals is the cause, although attempts to quantify a statistical difference in Fe(II) 

adsorption were problematic due to the low degree of Fe(II) adsorption at pH 4.5, as 

observed for the single mineral studies. These results demonstrate that the consideration 

of the entire system, including all reactive minerals present, is necessary when predicting 

the abiotic contributions to iron redox cycling in acidic brines. 
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Implications for iron geochemical cycling in acidic brines.  

The unique chemistry between iron oxyhydroxides and organic species in acidic 

brines is significant for several systems with potential environmental impact. In acidic 

brines such as those found in the Soudan Mine, reaction with between adsorbed Fe(II) on 

an iron oxyhydroxide mineral and an oxidized quinone species is expected to be minor. 

Significant adsorption of Fe(II) is limited under such acidic conditions and only decreases 

further in waters with high ionic strength. In contrast, reductive dissolution is a possible 

contributor to iron cycling in acidic brines, with high ionic strength promoting oxidation 

of reduced quinone species by iron oxyhydroxides. Specifically, ferrihydrite was 

experimentally shown to be a strong abiotic oxidant under saline and acidic conditions 

which has significance for oxidative degradation of organic matter and dissimilatory iron 

reduction. 

This work represents a controlled exploration of abiotic reactivity in conditions 

similar to the Soudan Mine groundwater seepages, and future work will explore the effect 

of using collected groundwater samples from the mine. While this location represents 

only one environment where these redox reactions are important, these findings have 

implications to other sulfur-deficient acidic brines or evaporative settings across a global 

setting, such as acidic brine lakes and acid mine drainage locations that contain 

precipitated iron oxyhydroxides. For example, abiotic oxidation of organic matter by iron 

oxyhydroxides could compete with acidophilic microbial iron cycling in the extremely 

acidic evaporative sites found in Western Australia. For moderately acidic brines, we 

have shown that estimates of iron oxyhydroxide abiotic reactivity are important for 
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interpretations of iron cycling. In conclusion, although many of the studies discussed 

previously have provided contributions to the understanding of biotic reactivity in these 

rare but distinctive environments, future study of the abiotic iron oxyhydroxide reactivity 

could greatly improve our understanding of these complex sites. 

Acknowledgments 

We thank E.C. Alexander and S. Alexander (University of Minnesota) for 

providing unpublished geochemistry data for Soudan Mine groundwater seeps, B.E. 

Wilson for nitrogen sorption analyses, and K. Sabyrov for akaganeite synthesis 

procedure. This work was supported by the John Wertz Fellowship, as part of the 

Department of Chemistry Fellowships for Excellence in Graduate Studies at the 

University of Minnesota (J.H.S.), NSF grants ECS-1012193 and CHE-1507496 (R.L.P. 

and W.A.A.), and Minnesota Environment and Natural Resources Trust Fund as 

recommended by the LCCMR (B.M.T.). Parts of this work were carried out in the 

Characterization Facility, University of Minnesota, a member of the NSF-funded 

Materials Research Facilities Network (www.mrfn.org) via the MRSEC program. 

 

 

  



 

128 

 

Chapter 6. Conclusions 

 

 

As described by the culmination of results in this thesis, the reactivity of iron oxide 

nanoparticles towards oxidized contaminants in groundwater systems will change as a 

function of environmental variables and extent of reaction. The presence of organic matter 

and secondary mineral phases altered both short- and long-term reactions between iron 

oxide nanoparticles, aqueous Fe(II), and nitroaromatic compounds. In addition, other 

solution variables like pH, ionic strength, and reactant concentration affected the rate and 

products of reactions, the extent of which depended on the variable and reaction time. 

While the effects of these variables on short-term reactions of iron oxide nanoparticles are 

well known, evolving reactivity is not well understood but has the potential to affect both 

the fate and transport of contaminants and nanoparticles in natural groundwater settings. 

The results of this study, therefore, provided essential contributions to current groundwater 

remediation literature as well as established protocols to studying evolving reactivity in 

these complex and dynamic systems. 

On a broad-scale, this work has the potential to help solve the water crisis we are 

faced with. Most agricultural zones rely on groundwater resources but are often the most 

contaminated sites, with high concentrations of pesticides containing nitroaromatic 

functional groups. Industrial and developing areas are also faced with both a higher 

production of hazardous waste and a growing population. By increasing our understanding 

of how iron oxide nanoparticles will react in the subsurface, the efficiency and expected 

outcome of remediation will improve. In addition, the fundamental concept of accessible 
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reactive surface area as a function of solution variables will also impact current research 

that is beyond this thesis scope. For example, the findings could affect interpretations of 

microbial iron cycling in aqueous iron-rich environments, industrial production methods 

of nanoparticle synthesis, or geological studies of iron oxide formation. 
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Appendix A. Simple and efficient separation of magnetic minerals from 

speleothems and other carbonates 
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Summary 

 Trace concentrations of iron oxide minerals in carbonate sediments can preserve 

fine details about Earth processes, from high-resolution recordings of the Earth’s ancient 

magnetic field to microscopic remnants of extraterrestrial impacts. This paper presents a 

novel flask extraction method which uses a neodymium magnet and an orbital shaker for 

simple and efficient separation of magnetic minerals from carbonate sediments. A mineral 

assemblage of magnetic standards (titanomagnetite, magnetite, goethite, and hematite) 

combined with other mineral standards (kaolinite, quartz, and nanoscale TiO2) was 

subjected to the extraction procedure and compared to a natural speleothem sample. 

Exposure of the magnetic standards to a mildly acidic acetate buffer (pH ~ 4) did not cause 

physical or chemical alteration. The strongly magnetic minerals were reproducibly 

extracted, with greater than 90% efficiency (by mass), from mixtures of the mineral 

standards. XRD and low-temperature magnetic characterization demonstrated phase purity 

of the extracts. Quantitative comparison with two commonly used literature methods 

showed that the flask extraction method was more reproducible and efficient. The addition 

of surfactant (Na(PO3)6) did not significantly improve extraction efficiency. Sequential 

dissolution and flask extraction of a simulated speleothem containing magnetic particles 

resulted in consistent extraction efficiencies for samples containing large (> 1 µm) strongly 

magnetic grains, but a reduction in efficiency was observed for smaller (< 1 µm) grain 

sizes. No method successfully extracted the weakly magnetic goethite and hematite. 

However, unprecedented, representative characterization of these minerals was possible 

through quantitative analysis of the remainder after the collection of the magnetic extract. 
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This approach may facilitate detailed characterization of a wide range of carbonates, such 

as pelagic limestone, dolostone, unlithified carbonate ooze, speleothems, and freshwater 

and pedogenic carbonates. Such mineral extractions can lead to new insights into 

paleoenvironmental processes as well as an improved understanding of the recording of 

the Earth’s magnetic field.  

Introduction 

Carbonate speleothems in a natural cave are secondary deposits typically composed 

of calcite or aragonite crystallites.1 Assemblages of magnetic minerals trapped within this 

carbonate matrix have been demonstrated to be effective tools for recording the direction 

and intensity of the Earth’s magnetic field at the time of carbonate precipitation.2 The 

combination of high-resolution 230Th isotopic dating of speleothems with paleomagnetic 

measurements makes them useful archives of Earth’s ancient magnetic field behavior.2,3 

Noncarbonate material trapped in a speleothem’s crystallite matrix often includes minerals 

derived from surficial soil, sediment, and bedrock, such as quartz, phyllosilicates, and 

feldspars.4,5 Smaller concentrations of ferrimagnetic iron oxide minerals, such as magnetite 

(Fe3O4) and titanomagnetite (Fe3-xTixO4), and antiferromagnetic minerals like goethite (β-

FeOOH) and hematite (α-Fe2O3), have also been described in speleothem samples through 

rock magnetic characterization and direct microscopic observation.2,6–8  

Latham et al. first demonstrated that magnetizations preserved in speleothems 

capture the Earth’s magnetic field at the time of deposition and correlate well to established 

paleomagnetic records.9 This work was followed by a series of studies showing that the 

magnetic minerals in speleothems lock in an accurate recording of the Earth’s geomagnetic 
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field direction, largely accounted for by detrital remanent magnetization (DRM), shortly 

after their deposition.10–12 The nearly continuous recording of remanence13,14 and readily 

identifiable signatures of post-depositional alteration with no evidence for compaction 

effects2,4,15 make speleothems an appealing alternative to more commonly used 

paleomagnetic archives like igneous rocks and marine sediments.  

While DRM from allochthonous magnetic grains is commonly described as the 

primary remanence mechanism in stalagmites,2 it is theoretically possible for magnetic 

minerals to precipitate directly on the surface of a growing stalagmite under certain 

conditions.8 As these autochthonous magnetic minerals grow through a critical volume, 

they lock in a weak magnetization aligned parallel to the Earth’s magnetic field, producing 

a chemical remanent magnetization (CRM). The origin of the remanence of magnetic 

minerals in stalagmites, whether a DRM or a CRM, continues to be an important question 

in paleomagnetic research, especially with respect to the identification of grains that may 

hold a CRM.2,6–8,16 The answers to these questions will in turn determine whether the 

concentration and composition of the magnetic minerals in stalagmites are in any way 

related to local environmental conditions at the surface above a cave, such as mean annual 

precipitation and temperature. 

The low concentration of magnetic minerals in speleothems compared with 

concentrations in most igneous and sedimentary rocks presents a considerable challenge, 

requiring large initial sample sizes to yield a representative and readily characterized 

magnetic subsample. For instance, Strauss et al. described discrepancies between estimates 

of the grain size of magnetic minerals provided by rock magnetic methods and those 
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provided by microscopic imaging, introducing the possibility of nonrepresentative 

sampling during microscopy preparation.8 Additionally, certain extraction techniques 

involve steps that may alter the surface texture of the magnetic minerals via acid etching 

or cause compositional transformations (e.g., goethite to hematite). If undetected, this 

alteration can lead to misinterpretation of the formation and transport history of the 

magnetic mineral assemblage. These challenges emphasize the importance of developing 

a nondestructive, high-yield dissolution technique for the extraction of magnetic minerals 

in speleothems and carbonates in general. 

Early attempts to extract magnetic minerals from speleothems have been partially 

successful. The standard practice for magnetic mineral extraction begins with the 

dissolution of the carbonate in an acidic solution. Extraction relies on the application of a 

small magnetic field to the resulting solution to separate the magnetic minerals; to this end, 

paleomagnetic researchers have used various techniques ranging in complexity. For 

example, Perkins described a complex peristaltic pump-driven system with a magnetic 

joint that achieved extraction efficiencies over 75% with marine sediment samples 

dominated by strongly magnetic minerals,17 and added the surfactant sodium 

hexametaphosphate (Na(PO3)6) to residues before extraction to discourage flocculation of 

mineral grains, thereby improving extraction efficiencies.6 A simpler design for extraction 

from siliciclastics (including silts, fine sands, and soils) suspends sediments in water, and 

a magnet wrapped in a plastic bag is submerged into the mixture and manually agitated.18 

Comparison and quantification of efficiencies and compositional yields between 

techniques using combinations of standard materials have not yet been performed but 
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would aid in the evaluation of methods to extract magnetic minerals from speleothems and 

other carbonates.  

The aims of this paper are to quantitatively compare methods of speleothem 

dissolution and magnetic separation and to perform subsequent microscopy and 

compositional analysis, X-ray diffraction, and magnetic characterization in tandem. A 

novel, simple, and highly efficient flask magnetic extraction method is described. Three 

types of samples are compared: heterogeneous mixtures of pure mineral samples, synthetic 

carbonates precipitated in the presence of pure samples of magnetic minerals, and a natural 

speleothem. These methods of magnetic mineral separation are applicable to a wide variety 

of carbonate materials, such as unlithified carbonate ooze, pelagic limestone, dolostone, 

speleothems, and freshwater and pedogenic carbonates. The magnetic mineral assemblages 

in such carbonates offer unique insights into paleoenvironmental processes as well as the 

mechanisms by which the Earth’s magnetic field is recorded over geologic time.  

Approach and Methods 

Mineral Standards 

Mineral standards included titanomagnetite, magnetite, goethite, hematite, 

kaolinite, quartz, and TiO2 nanoparticles. Each mineral standard was chosen for its 

common occurrence in carbonate mineral assemblages and its importance for 

paleomagnetism studies, with the exception of TiO2. The nanoparticle size and diamagnetic 

properties of TiO2 allow assessment of the effects of small, diamagnetic minerals in 

speleothem residues on the efficiency and mineralogy of a given extraction method. 

Kaolinite (Al2Si2O5(OH)4) was selected as a representative clay mineral. Kaolinite, quartz, 
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and TiO2 are herein defined as the residue standards and abbreviated as KQT when used 

together. 

Mineral standards were either purchased or synthesized. More detailed information 

is provided in the Supporting Information, and characterization is described in the Results 

section of this study. Submillimeter titanomagnetite grains were purchased from Gold-

Nugget Designs, a private online supplier. Nanoscale magnetite particles were synthesized 

by partial oxidation of an Fe(II) solution, using a method described by Schwertmann and 

Cornell.19 Large goethite nanorods were synthesized using the method of Mazeina and 

Navrotsky.20 Hematite nanoparticles were synthesized by the method of Schwertmann and 

Cornell.19 KGa-1b, a well-crystallized kaolinite from Washington County, Georgia, 

U.S.A., was purchased from the Source Clay Minerals Repository (University of Missouri–

Columbia, U.S.A.). Ottawa sand of 20–30 mesh (Fisher Sci.) was used as the quartz 

standard. Titanium Dioxide P25 (Degussa) was used for TiO2 nanoparticles. 

Carbonate Materials 

Two carbonate-based materials were used for evaluation of the combined 

dissolution and extraction procedure: 1) synthetic carbonate containing a magnetic mineral 

assemblage and 2) natural speleothem sample NC11-1, described in Strauss et al.8  

Synthetic calcite was crystallized by the slow addition of a CaCl2 solution to a 

suspension of magnetic particles in Na2CO3 solution.21 A suspension of 1 mg/mL magnetic 

particles (titanomagnetite, magnetite, or goethite) in 50 mL of 0.40 M Na2CO3 was 

prepared and ultrasonicated for 2 min. At a rate of approximately 5 mL/min, a total of 20 

mL of 1.1 M CaCl2 was added to the magnetic suspension by adding 0.83 mL every 10 s, 
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with constant agitation in between additions. A precipitate immediately formed. After 

complete addition and 20 min of settling, 40 mL of supernatant was removed by pipette 

and the suspension dried at 35 °C. The dried solid was then washed with Milli-Q (Millipore, 

18.2 MΩ·cm) water using a Büchner filtration system with 55 mm cellulose round filters 

(Whatman) to remove soluble side products. The remaining solid was dried at room 

temperature. 

Sample NC11-1 is a short massive stalagmite, approximately 15 cm tall and 24 cm 

in diameter, with abundant detrital material preserved in the calcite matrix and indicated 

by dark brown layers parallel to annual growth surfaces. NC11-1 was collected by the 

owner of Niagara Cave (43° 30′ 50.02″ N, 92° 3′ 18.02″ W), located in southeast 

Minnesota.22 The top of this stalagmite has been U-Th dated to 539 ± 102 years (Calvin 

Alexander, personal communication, 2013). NC11-1 is known to include titanomagnetite, 

magnetite, hemoilmenite, and goethite in its magnetic mineral assemblage.8 

Dissolution and Flask Extraction 

 The dissolution and flask extraction method described here results in the acquisition 

of three subsamples from each speleothem specimen (Fig. A.1). In brief, the speleothem is 

dissolved in a mildly acidic buffer solution and centrifuged to collect the residue, which 

contains the entirety of the noncarbonate mineral assemblage and often a large amount of 

silicates relative to a small concentration of magnetic minerals. Flask extraction of the 

residue yields two subsamples: 1) minerals collected with an applied magnetic field, 

defined as the extract, and 2) minerals that were left behind, defined as the remainder. 
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Figure A.1: Schematic of the dissolution and flask extraction processes, including the 

pathway of collection for the residue, extract, and remainder from a speleothem sample. 

 

The acetate buffer solution used for the speleothem dissolution procedure was 

described by Perkins6 and is repeated here as a 4:1 ratio of 2 M CH3COOH (Mallinckrodt) 

and 1 M NaCH3COO (Aldrich). In a 250 mL Erlenmeyer flask, approximately 5 to 6 g of 

the carbonate material was added to 200 mL of the buffer. When a natural speleothem was 

used, it was coarsely ground to < 1 cm3 using a ceramic mortar and pestle, as described by 

Strauss et al.8 The flask was continuously mixed on a Cole Parmer Orbital Shaker 51300 

Series at 220 rotations per minute (rpm) for 1–3 days or until the sample was completely 

dissolved. The contents of the flask were then transferred to a polypropylene centrifuge 

tube and centrifuged at 14000 g (g-force) for 3 min in an Eppendorf 5804 centrifuge. The 

supernatant was removed, and the residue washed three times with Milli-Q water. The 

residue was either dried for characterization or transferred to a 50 mL Erlenmeyer flask for 
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magnetic extraction. For comparison, weighed magnetic standards without accompanying 

carbonate were also subjected to the dissolution procedure using either the acetate buffer 

or 2 M acetic acid. Dissolved iron was quantified by ferrozine analysis as in Stookey using 

an Agilent 8453 UV-Vis spectrophotometer with a detection limit of 0.01 mM Fe(II).23 

The flask extraction procedure applied to the residue is similar in design to the 

method briefly described by Strauss et al.,8 but it does not use a differential magnetic 

extraction technique. Instead, the procedure described here uses only one magnetic 

extraction step. Milli-Q water (~ 30 mL) was added to a 50 mL Erlenmeyer flask with 

either the residue collected after dissolution or standard mineral mixtures. In extraction 

trials involving mineral standards, known masses of the strongly magnetic minerals were 

used (summarized in Tables A.1–3) and repeated in triplicate. Standard mixtures were 

prepared by combining the strongly magnetic minerals with 10 mg goethite or 10 mg 

hematite and/or 0.25 g kaolinite, 0.25 g quartz, and 5 mg TiO2 (KQT). In some trials, 50 

µL of 0.1 g/mL sodium hexametaphosphate (Na(PO3)6) was added to the residue prior to 

suspension. A 1 cm3 neodymium magnet (with an ~ 10–400 mT field at a distance of 1 

mm) was affixed to the outside of the flask, just above the convex curve at the bottom, as 

shown in Figure A.1. The flask was secured on an orbital shaker at 220 rpm for 15 min. 

With the magnet still firmly attached, the cloudy suspension containing the remainder was 

carefully decanted to a centrifuge tube, taking care not to disturb any particles adhering to 

the glass adjacent to the magnet. The flask was carefully rinsed with approximately 5 mL 

of Milli-Q water without disturbing the particles attracted to the magnet, and the rinse was 
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also added to the centrifuge tube. The resulting suspension was centrifuged at 14,000 g for 

3 min, the supernatant decanted, and the remainder dried. 

To rinse the magnetic extract, 2–4 mL of Milli-Q water was added to the flask after 

the remainder had been separated and the magnet was removed. The flask was gently 

swirled to dislodge any particles previously held by the magnet. The magnet was reattached 

to the flask to repeat the magnetic extraction for a total of three rinses; the rinse was 

discarded. To collect the magnetic extract, the magnet was removed and 1–2 mL of Milli-

Q water was used to transfer the particles to containers for drying at room temperature. A 

microbalance was used to weigh extracts from sample NC11-1. 

Other Extraction Methods 

The complex pump extraction set-up, hereafter referred to as the pump method, was 

fashioned after Reynolds et al., similar to the system described in Perkins and Peterson et 

al.6,24,25 Combinations of mineral standards were suspended in 10 mL of Milli-Q water and 

then added to the reservoir with 200 mL Milli-Q water. The suspension was driven by a 

Masterflex L/S (Cole Parmer) peristaltic pump at ~ 200 mL/min and passed through Tygon 

L/S flexible plastic tubing (Saint Gobain) oriented vertically, with a joint that contained a 

Nd magnet covered with a plastic sleeve to collect the magnetic material. After 90 min, the 

magnetic extracts were washed from the sleeve with Milli-Q water and collected for 

analysis. The remaining suspension in the reservoir was collected as the remainder. 

A simple extraction method, in which a magnet wrapped in a plastic bag is 

submerged into a sediment mixture, was modified from the method used for magnetic 

extraction of lake sediments by Israde-Alcántara et al. and is hereafter referred to as the 
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bag method.18 In our trials, combinations of standards were added to 20 mL of Milli-Q 

water contained in a glass Pyrex dish. The same Nd magnet was wrapped tightly with thin 

plastic and held so that there would be as little interference by the plastic between the 

magnet and particles as possible. The covered magnet was then manually agitated in the 

glass dish for 2 min. The covered magnet with affixed particles was transferred to another 

glass Pyrex dish and rinsed in 30 mL of Milli-Q water for 2 min by the same agitation 

method. The magnet was then carefully removed as to not disturb the extracted particles 

collected on the plastic. With the magnet removed, the particles were collected by rinsing 

with 1–2 mL of Milli-Q water and then dried. The initial dish containing the remainder in 

suspension was also dried for analysis. 

Characterization 

Scanning electron microscopy (SEM) was performed on a JEOL 6500 microscope 

with a Thermo-Noran Vantage EDS system for elemental analysis. Transmission electron 

microscopy (TEM) was performed at 120 kV on a FEI T12 high-resolution TEM (HRTEM) 

with a LaB6 electron source, a Gatan charge-coupled device (CCD) camera, and an Oxford 

model 6767 EDS system. Particles were suspended in Milli-Q water (~ 100 µg/mL for 

SEM and ~ 10 µg/mL for TEM), and 1–3 drops placed directly on a 12 mm square of 

carbon tape (SPI Supplies) for SEM or a 3 mm 200 mesh holey carbon-coated copper grid 

(SPI Supplies) for TEM, then dried in air. Approximate particle sizes were estimated from 

SEM or TEM calibrated images. 

 X-ray diffraction (XRD) patterns were acquired using a PANalytical X’Pert Pro X-

ray diffractometer with a Co source and X’Celerator detector. Data were collected from 
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15° to 90° 2θ over a minimum collection time of 50 min. The detection limit for 

compositional mixtures is approximately 1% by volume. Resulting peaks were compared 

to the corresponding powder diffraction files (PDFs): #19-0629 (magnetite), #29-0713 

(goethite), #33-0664 (hematite), and #46-1045 (quartz). The PDF file for magnetite was 

used to identify both the magnetite and titanomagnetite grains, as the change in d spacing 

was not significant enough to detect a separate shifted peak. Peak intensities and positions 

for kaolinite and TiO2 were determined by collecting XRD patterns of the pure mineral 

standards. 

 For magnetic characterization, samples were analyzed through two low-

temperature experiments conducted on Quantum Designs Magnetic Property Measurement 

System (MPMS) cryogenic magnetometers with nominal sensitivities of 10-10 Am2: 

1) In a Field Cooled-Zero Field Cooled (FC-ZFC) experiment, samples are cooled 

from room temperature to 10 K in a 2.5 T field, given a 2.5 T isothermal remanent 

magnetization (IRM) at 10 K, and warmed back to room temperature in zero field. This 

process is then repeated, albeit with the cooling step in zero field. 

2) In a low-temperature cycling of room-temperature saturation isothermal 

remanent magnetization (RTSIRM) experiment, a 2.5 T IRM is imparted to each sample 

at room temperature. Magnetization is then measured during cooling to 10 K and warming 

back to room temperature in zero field. 

Results 

Characterization of Standards 
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All standards were characterized using a combination of electron microscopy, 

MPMS, and XRD. Electron micrographs of titanomagnetite, magnetite, goethite, and 

hematite standards are shown in Figure A.2. FC-ZFC and RTSIRM curves for the magnetic 

standards are shown in the Supporting Information. XRD patterns were consistent with the 

PDF patterns for each mineral standard.  

 

 

Figure A.2: Microscopy of magnetic standards. A) SEM image of natural submillimeter 

titanomagnetite grains after exposure to the dissolution buffer. Textures seen on grains are 

representative of both before and after buffer exposure. B–D) TEM images of synthetically 

prepared (B) magnetite nanoparticles, (C) goethite nanorods, and (D) hematite 

nanoparticles. 

 

Titanomagnetite grains were approximately 200 µm in diameter and rounded, with 

several grains exhibiting textures produced by igneous exsolution processes (example 

shown in top left of Fig. A.2). The dimensions of these grains are consistent with the size 
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of particles deposited on stalagmites during flooding events.26 Compositional analysis by 

EDS indicated that the grains are titanomagnetite of varied composition; the few grains 

with exsolution textures displayed Fe:O ratios consistent with hemoilmenite, a solid 

solution of hematite (Fe2O3) and ilmetnite (FeTiO3). Low-temperature magnetic 

characterization displayed evidence of the Verwey transition, suggesting that there is a 

range of compositions within the titanomagnetite standard, at least a portion of which is 

Ti-poor. In contrast, the synthetic magnetite nanoparticles were approximately 100 nm in 

size and euhedral in shape, and EDS analysis indicates that the material is composed only 

of iron and oxygen. Low-temperature magnetic characterization of the magnetite also 

displayed the Verwey transition through cooling; however, on warming the remanence was 

constant until 90 K, when partial demagnetization occurred.  These results are similar to 

the stoichiometric 100 nm magnetite nanoparticles described by Özdemir et al.27 

Synthetic goethite particles were acicular in shape, approximately 500 nm long and 

10 nm wide, although the distribution of particle sizes was broad. Low-temperature 

magnetic characterization revealed a systematic separation between the field-cooled (FC) 

and zero field-cooled (ZFC) curves, consistent with the magnetic behavior of goethite. 

Synthetic hematite nanoparticles were polygonal to rounded in shape, approximately 50 

nm in size, and had coarse surface textures. Low-temperature magnetic analyses showed 

behavior consistent with the Morin transition of hematite, although the observed transition 

occurred at a lower temperature than expected (260 K) due to the small particle size of 

hematite.28 
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The composition and morphologies of the residue standards (kaolinite, quartz, and 

TiO2) are well described by the manufacturers; therefore, SEM and TEM analyses are not 

shown. Reported grain sizes were 0.1–3.5 µm for kaolinite (KGa-1b),29 600–800 µm for 

quartz (Ottawa sand standard, Fisher), and 25 nm for TiO2 (Degussa). Low-temperature 

magnetic characterization of these standards (see Supporting Information) did not display 

any magnetic behavior that could interfere with the measurement of the magnetic 

standards, with the exception of the quartz standard, which demonstrated a muted Verwey 

transition, suggestive of minute magnetite impurities. However, in comparison with the 

magnitude of the signal from the titanomagnetite and magnetite standards, this response is 

expected to be insignificant. 

Effects of Dissolution Buffer 

 The titanomagnetite standard was characterized by SEM for grain morphology and 

composition before and after exposure to the acetate dissolution buffer (pH ~ 4). Similar 

grain sizes, morphologies, compositions, and rare exsolution textures were observed in the 

pre- and post-treated titanomagnetite. Ferrozine analysis of the post-dissolution 

supernatant from several trials containing 10 mg of either titanomagnetite, magnetite or 

goethite in 50 mL of the acetate dissolution buffer yielded no detectable levels greater than 

the detection limit of 0.01 mM dissolved Fe(II) or Fe(III), further evidence that the buffer 

did not significantly alter the iron oxides by dissolution. In contrast, after exposure to a 

more acidic 2 M acetic acid (pH ~ 2), ferrozine analysis of the post-dissolution supernatant 

detected dissolved Fe(II) or Fe(III) (up to 0.03 mM for the nanoscale magnetite after four 

days of exposure), demonstrating that this more acidic solution partially dissolves iron-



 

172 

 

containing minerals. Finally, ferrozine analysis of the supernatant collected after 

dissolution of NC11-1 demonstrated no detectable dissolved Fe(II) or Fe(III).  

Flask Extraction 

Triplicate trials were conducted using simulated residues made from combinations 

of standards. These trials included 1) the strongly magnetic minerals alone or with residue 

standards, and 2) titanomagnetite and either goethite or hematite with residue standards. 

Efficiency is reported as the mass of the material extracted as a percentage of the initial 

mass of the strongly magnetic minerals added, defined as the percent recovery. 

I. (Titano)magnetite.--- Results of flask extraction using standards are 

summarized in Table 1. Extraction efficiencies were reproducible, with recoveries > 90%. 

The addition of residue standards did not affect the percent recovery of titanomagnetite; 

however, the percent recovery of magnetite in systems with small mass loading did 

decrease. It is possible that the magnetite nanoparticles adhered to either the glassware or 

residue standards, making extraction more difficult with increasing particle interactions. 

For example, earlier studies have shown nanometer-scale magnetite grains strongly 

adhered to clay particles due to differences in electrostatic potential.30 When both 

titanomagnetite and magnetite were added to the same extraction trial, no significant 

difference in percent recovery was observed compared to each magnetic standard alone. In 

general, trials employing the surfactant solution yielded smaller percent-recovery values 

than trials without surfactant. 
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Table A.1: Summary of trials using the flask extraction method. Trials contained 

titanomagnetite (TMag), magnetite (Mag), or a combination of both, either alone or with 

residue standards kaolinite, quartz, and TiO2 (KQT). Initial range of strongly magnetic 

mineral masses added and average percent recoveries with standard deviations are 

summarized as a function of surfactant (Na(PO3)6) addition from triplicate trials. 

System 
Magnetic 

Standard(s) 

No Surfactant With Surfactant 

Magnetic 

Mass (mg) 

Recovery  

(%) 

Magnetic 

Mass (mg) 

Recovery  

(%) 

Magnetic 

Only 

TMag 5.1 - 7.6 99 ± 4  5.3 - 6.9 98 ± 10  

Mag 5.3 - 8.6 100 ± 2 5.2 - 9.6 96 ± 9 

TMag + Mag 9.4 - 13.1 96 ± 3 11.8 - 13.0 95 ± 6 

Magnetic + 

KQT 

TMag 
4.8 - 8.8 99 ± 5  

5.9 - 8.2 93 ± 6 
160.1 97* 

Mag 
4.9 - 8.9 95 ±19  

5.7 - 8.3 105 ± 12 
145.6 100* 

TMag + Mag 8.8 - 16.4 99 ± 3 12.4 - 12.9 102 ± 2 

*Trials containing large amounts of TMag and Mag with KQT were performed once. 

 

Three of the trials that were subjected to the flask extraction procedure were further 

analyzed by XRD, including titanomagnetite with residue standards, magnetite with 

residue standards, and a combination of titanomagnetite and magnetite with residue 

standards. XRD patterns of the extract and remainder in each case are shown in Figure A.3. 

Results demonstrate that extracts contained only the strongly magnetic minerals and no 

detectable residue standards for all three trials. XRD patterns of remainders demonstrate 

the presence of the residue standard minerals without detectable (titano)magnetite.  
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Figure A.3: Compositional analysis of the magnetic extract and remainder from 

representative flask extraction trials containing either titanomagnetite (TMag, TM), 

magnetite (Mag, M) or a combination of both, and with residue standards kaolinite (Kln, 

K), quartz (Qz, Q), and TiO2 (T), together as KQT, as demonstrated by XRD patterns of 

the extract and remainder in each trial. 

 

II. Goethite and Hematite.--- Separate flask extraction trials containing 

titanomagnetite, residue standards, and either goethite or hematite were conducted to test 

extraction effectiveness for the weakly magnetic minerals. The extract and remainder from 

these trials were analyzed by XRD. The XRD patterns are shown in Figure A.4, 

demonstrating that only the strongly magnetic titanomagnetite was detected in the extract. 

Further, goethite or hematite was detected only in the remainder, in which no 

titanomagnetite was detected. 
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Figure A.4: Compositional analysis of the magnetic extract and remainder from flask 

extractions containing titanomagnetite (TMag) and either goethite (Gth) or hematite 

(Hem), with residue standards kaolinite (Kln), quartz (Qz), and TiO2 (together as KQT). 

Peaks noted with arrows indicate the detection of the weakly magnetic goethite or hematite 

in the remainder. 

 

XRD results are consistent with low-temperature magnetic characterization of the 

pre-extraction sample, extract, and remainder (Fig. A.5). In samples containing 

titanomagnetite and either goethite or hematite, the dominant character of the magnetic 

remanence is held by titanomagnetite, swamping any evidence that might indicate goethite 

or hematite. Characterization of the extract yields a similar response, albeit at higher 

magnitudes of magnetization, indicating that titanomagnetite is the primary holder of 

remanence in the extract. In contrast, characterization of the remainder reveals a 

contribution from either the goethite or hematite. For goethite, a clear, systematic 

separation of the FC-ZFC curves, which is not observed in either the pre-extraction sample 
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or the extract, can be readily detected in the remainder. A Morin transition, consistent with 

the presence of hematite, is observed only in the hematite trial remainder. 

 

 

Figure A.5: Low-temperature magnetic characterization of magnetization (M) collected 

by MPMS of flask extraction trials containing titanomagnetite (TMag) and either goethite 

(Gth) or hematite (Hem), both with residue standards kaolinite, quartz, and TiO2 (KQT). 

Before extraction (top row), magnetic extract (middle row), and remainder (bottom row) 

for representative trials are shown, with RTSIRM measurements (filled black circles on 

cooling, open gray circles on warming) at left and FC-ZFC measurements (filled black 

circles on FC, open gray circles on ZFC) at right of each pair. 

 

III. Comparison with Other Extraction Methods.--- Mixtures of 

titanomagnetite, goethite, and residue standards were subjected to the flask, pump, and bag 
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extraction methods, enabling detailed comparison between techniques. The mass of 

titanomagnetite added and the corresponding percent recoveries for all three methods are 

listed in Table 5.2. In most cases, both the pump and bag methods recovered significantly 

less magnetic material than the flask method (~ 10–30% less) and were less reproducible. 

Additionally, both the pump and bag methods included at least one trial with percent 

recoveries exceeding the theoretical 100% limit. This excess in percent recovery was not 

observed in trials with the flask method and is attributed to the presence of residue 

standards (KQT) in the extract; XRD patterns of extracts and remainders (Fig. A.6) confirm 

the presence of residue standards in the extracts of the pump and bag methods. However, 

no method extracted goethite at sufficient concentrations to be detectable by XRD. For 

both the pump and bag methods, percent recoveries generally decreased or remained about 

the same with the addition of the surfactant. 

Table A.2: Extraction efficiencies of three trials with titanomagnetite (TMag), goethite, 

and residue standards kaolinite, quartz, and TiO2 using the flask, pump, and bag extraction 

methods. Initial mass of titanomagnetite and percent recoveries of each trial are 

summarized as a function of surfactant (Na(PO3)6) addition. Percent recoveries larger than 

100% indicate the presence of residue standards in the extract. 

  Flask Pump Bag 

 
TMag 

(mg) 

Recovery 

(%) 

TMag 

(mg) 

Recovery 

(%) 

TMag 

(mg) 

Recovery 

(%) 

No 

Surfactant 

4.2 

6.0 

6.8 

98 

93 

96 

8.4 

6.0 

7.1 

114 

67 

59 

4.5 

4.3 

7.9 

109 

86 

89 

Average  96 ± 2  80 ± 30  95 ± 13 

With 

Surfactant 

4.2 

5.5 

6.9 

105 

95 

99 

8.4 

5.2 

5.9 

73 

92 

98 

4.7 

5.4 

7.9 

123 

78 

73 

Average  99 ± 5  88 ± 13  92 ± 28 
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Figure A.6: Compositional analysis of the magnetic extract and remainder in 

representative trials using the flask (top section), pump (middle section), and bag (bottom 

section) extraction methods with identical samples containing titanomagnetite (TMag), 

goethite (Gth), and residue standards kaolinite (Kln), quartz (Qz), and TiO2 (together as 

KQT). Peaks noted with arrows indicate residue standards detected in the magnetic extracts 

or goethite detected in the remainder. 

 

Extractions from Carbonates: Synthetic Calcite and Sample NC11-1 

 Carbonate precipitated in the presence of titanomagnetite, magnetite or goethite 

was processed using dissolution followed by the flask extraction technique to test recovery 

of magnetic material with inclusion of the dissolution step. Percent recoveries after 

dissolution and flask extraction are provided in Table A.3, where the extracted mass is 

divided by the theoretical magnetic mass in the carbonate added to the dissolution. Percent 

recovery of titanomagnetite after carbonate dissolution was > 90%. However, the percent 

recovery of magnetite was lower than for trials with no dissolution (refer to Table A.1). As 

with previous trials, no detectable goethite was collected in the extract. For both magnetite 
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and goethite, particles adhered to centrifuge tube walls, which may account for the lower 

percent recovery of magnetite when dissolution is included. 

Table A.3: Masses of titanomagnetite (TMag)-, magnetite (Mag)-, and goethite (Gth)-

spiked synthetic calcite (Cal) added to the dissolution process and percent recoveries of the 

magnetic standard following flask extraction.  

Sample 
Total Mass Added  

to Dissolution (g) 

Magnetic Mass 

Added (mg) 

Recovery 

(%) 

TMag-Cal 1.403 47 94% 

Mag-Cal 1.475 44 70% 

Gth-Cal 1.476 42 0%* 

*No measurable amount of weakly magnetic goethite was extracted. 

 To demonstrate the application of the flask method to a natural speleothem, 5 to 6 

g of sample NC11-1 was subjected to the dissolution and flask extraction procedures, 

yielding ~ 50 mg of residue (mass concentration of roughly 1%). Following the flask 

extraction, approximately 0.1 mg of strongly magnetic extract was collected (mass 

concentration of roughly 0.2% of the residue and 0.002% of the bulk sample). Low-

temperature magnetic characterization of a representative residue, extract, and remainder 

of NC11-1 is presented in Figure 7. The residue plots are consistent with bulk sample 

characterization,8 showing that the dominant magnetic mineral is strongly magnetic 

titanomagnetite or magnetite. Characterization of the extract and the remainder, however, 

reveal the presence of goethite in sample NC11-1, indicated by the systematic separation 

between FC and ZFC curves. 
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Figure A.7: Low-temperature magnetic characterization of magnetization (M) collected 

by MPMS of representative samples of NC11-1 following dissolution and flask extraction. 

The residue (top), extract (middle), and remainder (bottom) are shown, with RTSIRM 

measurements (filled black circles on cooling, open gray circles on warming) at left and 

FC-ZFC measurements (filled black circles on FC, open gray circles on ZFC) at right of 

each pair. 

 

Discussion 

Necessity of a Mildly Acidic Buffer in Dissolution 



 

181 

 

 Removal of insoluble minerals from the carbonate matrix of speleothems involves 

simple acidic dissolution, accompanied by the evolution of gaseous CO2. However, to 

assess morphology and composition of grains for the study of the origin of remanence, the 

dissolution process must not chemically or physically alter the magnetic mineral 

assemblage. Characterization via electron microscopy before and after exposure to the 

acetate buffer solution used here demonstrates no detectable changes in surface texture, 

morphology, or composition. The absence of detectable dissolved Fe(II) or Fe(III) in the 

supernatant following dissolution further supports this conclusion. In comparison, 

dissolution experiments employing the more acidic 2 M acetic acid (pH ~ 2) resulted in 

detectable amounts of dissolved Fe(II) or Fe(III). Therefore, we emphasize the importance 

of maintaining a mildly acidic pH at all times. 

Assessment of the Flask Extraction Method 

The flask extraction design first described by Strauss et al. (2013) and further 

improved upon in this paper has been shown to be more efficient than previous methods 

described in the literature. A key advantage of the flask extraction design is its simplicity 

and the use of inexpensive and readily obtained materials. It is also consistently 

reproducible and relatively quick to perform. The percent recoveries obtained in the trials 

using various combinations of magnetic minerals and residue standards (Tables A.1 and 2) 

demonstrate the efficiency of the flask method, which yields recoveries greater than 90% 

without the addition of a surfactant. Compositional analysis of the extracts by XRD 

resulted in detection of only titanomagnetite and/or magnetite (Figs. A.3, 4, and 6). The 

flask extraction method successfully isolates high percentages of strongly magnetic 
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minerals from a speleothem sample with nearly complete separation of any remainder 

minerals like clays or silicates. 

Previously described methods have been partially successful in the extraction of the 

magnetic mineral assemblages in speleothems;6,8 however, this is the first study to 

quantitatively compare the results. The pump and bag methods serve as models of the range 

of complexity of common practices. The pump method is fairly complicated to assemble, 

while the bag method is relatively simple. The pump method requires expensive 

components and a large space for set-up. Compared to the flask method, the pump method 

produces inconsistent percent recoveries and collects additional residue standards in the 

magnetic extract. We attribute this to the complexity of the pump extraction design. In the 

pump system at the Institute for Rock Magnetism, joints in the tubing combined with 

segments of vertical flow moving against gravity frequently result in a build-up of 

sediment, with visible amounts of titanomagnetite (observed as black material in samples 

of known composition) trapped in these areas. In contrast, the bag method has several 

desirable qualities in common with the flask method, such as a simple design, inexpensive 

materials, and short extraction times. However, results demonstrate lower percent 

recoveries of the strongly magnetic minerals and significant collection of unwanted residue 

standards. It is important to note that these previously described methods have been broadly 

successful in obtaining magnetic extract from residues, though our data demonstrate that 

the flask extraction method provides a substantial improvement in recovery and requires 

less starting material. 
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Finally, the surfactant does not improve extraction results and is at times 

detrimental to extraction efficiency (Tables A.1 and 2). The addition of the surfactant 

generally resulted in poorer and less reproducible recoveries in all three methods. In trials 

that contained both the nanoscale magnetite and surfactant, visible black residue remained 

on the walls of the flask after rinsing and removal of the extract. By limiting the aggregation 

of the magnetite, the addition of surfactant could enhance the electrostatic attraction of the 

magnetite grains to the negatively charged glass wall of the flask. Thus, we conclude that 

the surfactant is an unnecessary component in magnetic extraction from speleothems. We 

therefore exclude this step from the flask extraction procedure, adding to the simplicity and 

cost-effectiveness of this method. 

Magnetic extraction of goethite and hematite 

 Previous studies have demonstrated the co-extraction of weakly magnetic particles 

in magnetic extracts through microscopy.6–8 Strauss et al. applied an extraction procedure 

similar in design but used magnets at different proximities to the flask, producing variable 

magnetic intensities with the goal of differentially extracting strongly and weakly magnetic 

grains.8 While this procedure was successful in collecting magnetite, titanomagnetite, 

goethite, and other magnetite iron oxide grains, it was uncertain whether the phase 

composition of the recovered materials were representative of the amounts present in the 

bulk sample. The use of well-characterized and well-separated mineral standards 

demonstrates that weakly magnetic minerals will not necessarily accompany the strongly 

magnetic minerals during magnetic extraction. At the same time, the very efficient removal 

of the strongly magnetic minerals means that the weakly magnetic minerals can be readily 
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characterized in the remainder. Results from trials combining titanomagnetite with either 

goethite or hematite demonstrate that no detectable goethite or hematite is extracted. 

Complementary low-temperature magnetic characterization of the extracts in each case 

produced similar results (Fig. A.5), where the magnetic behavior observed was 

characteristic of only titanomagnetite. While the flask method cannot extract goethite or 

hematite from the insoluble mineral assemblage, the highly efficient extraction of the 

strongly magnetic material represents substantial improvement in sample preparation for 

detecting and quantifying the presence of the weakly magnetic minerals in the remainder. 

This challenge is not limited to the flask extraction method described here. We hypothesize 

that the successful collection of weakly magnetic minerals may have been achieved in 

previous studies due to adhesion to the strongly magnetic minerals. This problem has likely 

presented unrecognized difficulty for previous researchers attempting to extract weakly 

magnetic minerals for characterization. 

 Characterization of the remainder represents an opportunity to obtain quantitative 

information about the weakly magnetic minerals. For example, low-temperature magnetic 

characterization of remainders following flask extraction on samples containing weakly 

magnetic minerals (Fig. A.5) reveal magnetic behavior not detectable in the original 

sample. In pre-extraction materials, neither the separation of FC and ZFC curves (for 

samples containing goethite and titanomagnetite) nor a Morin transition (for samples 

containing hematite and titanomagnetite) are observed. However, after the efficient 

removal of titanomagnetite through extraction, both of these behaviors are readily observed 
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in their respective remainders. Similarly, XRD patterns (Fig. A.4) of remainders from trials 

employing goethite or hematite demonstrate detectable amounts of these minerals. 

Broader impacts 

The dissolution and flask extraction method described here improves on previous 

techniques for magnetic extraction from speleothems in two primary ways: 1) the mass of 

speleothem required has been reduced, and 2) the efficiency and reproducibility of 

extraction have been substantially improved.  

Required sample mass is of particular importance in speleology, as speleothems are 

rare and irreplaceable. The need for dissolution of any speleothem sample is problematic, 

as this means that further studies on the bulk sample cannot be performed. By using the 

flask extraction method, we have reduced the required sample mass for dissolution from 

60 g in Perkins,6 12 g used by Strauss et al.,8 to < 10 g. This technique enables the study of 

smaller speleothems with higher spatial and temporal resolution, where earlier methods 

would have required complete dissolution. 

The flask extraction method has higher reproducibility and recovery efficiency, 

representing substantial improvement upon previous extraction methods. Furthermore, the 

magnetic separation does not pull substantial amounts of weakly magnetic minerals from 

the insoluble mineral assembly while nearly all of the strongly magnetic material is 

collected. Magnetic extracts free of residue minerals are more readily characterized by 

microscopy, XRD, and magnetic methods. In addition, the shorter time required for 

extraction means that a greater diversity of samples can be characterized in a smaller time 

frame. 
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Efficient magnetic extraction from speleothems is a useful tool for addressing 

current questions regarding the respective origin, roles, and reliability of DRMs and CRMs 

in speleothems. Strauss et al. applied a preliminary version of the dissolution and flask 

extraction methods described in this study to natural stalagmite sample NC11-1 and 

extracted usable amounts of strongly magnetic minerals for electron microscopic analyses, 

finding evidence for the presence of magnetic minerals that could hold a DRM (e.g., 

magnetite and titanomagnetite grains with morphologies indicating physical transport).8 

However, the results of this study suggest that the majority of weakly magnetic minerals 

like goethite and hematite are left behind in the remainder, which is typically discarded and 

not analyzed. Thus, the remainder likely holds the greatest potential for the analysis of such 

weakly magnetic minerals and may be crucial to elucidating the process of CRM 

acquisition in stalagmites. We conclude that the magnetic extract and remainder should be 

analyzed in tandem. By way of example, characterization of the remainder from the flask 

extraction of sample NC11-1 (Fig. A.7) demonstrates the presence of goethite, which was 

difficult to detect in both the bulk sample8 and the residue. 

 The application of the flask extraction method is not limited to the separation of 

magnetic minerals from speleothems, but extends to a broad list of materials, from pelagic 

limestones and dolostones to unlithified marine sediments to freshwater carbonates. For 

example, pelagic marine carbonates contain biogenic magnetic minerals that may provide 

clues to the types of ocean environments in which they were formed.31 By magnetically 

separating the biogenic magnetic minerals from these sediments and analyzing by TEM, 

researchers have been able to interpret magnetic mineral morphologies as evidence of 
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certain magnetotactic bacteria, which may serve as a proxy for environmental conditions 

at time of deposition.32–34 More specifically, studies of the magnetic mineral assemblages 

within carbonate-rich marine sediments across the ~ 55 Ma Paleocene–Eocene Thermal 

Maximum, one of the largest and least understood periods of climate variability, have been 

used to create environmental paleothermometers35 and to infer a possible cometary impact 

as a trigger.36 Application of an efficient extraction technique such as the flask extraction 

method would allow for more representative characterization of magnetic mineral 

assemblages, thereby providing a clearer picture of these environmental 

paleothermometers.  

In addition, Roberts et al. described the complications of detecting goethite or 

hematite in marine sediments, as magnetite is the dominant magnetic mineral present and 

oftentimes dictates the magnetic properties detected.33 Similarly, Channell et al. detected 

hematite in marine sediments by rock magnetic characterization but did not observe 

hematite in magnetic extracts collected by a peristaltic pump-driven magnetic extraction 

system.34 The results described here suggest that these weaker magnetic minerals may be 

efficiently analyzed through the characterization of residue portions after primary 

extraction is complete. 

The flask extraction method could also be used for magnetic separation from 

noncarbonate materials, enabling the collection of magnetic minerals for characterization 

in an extensive list of geological materials, including sands, soils, and other noncarbonate 

sediments. We therefore propose that this improved, highly efficient magnetic separation 

technique and additional characterization of remainders following magnetic extraction will 
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improve upon previous observations in a wide range of sediments. Future study includes 

an analysis of flask extraction efficiencies using these materials. 
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Supporting Information 

Standard Minerals & Synthetic Procedures 

Magnetic mineral standards were either purchased or synthesized, including 

titanomagnetite, magnetite, goethite and hematite, and are described in detail below. 

Solutions and suspensions in syntheses were prepared using Milli-Q water (Millipore, 18.2 

MΩ·cm) in glassware that was soaked in a 0.1 M oxalic acid bath at pH 3.5 for 2 days. 

Chemicals for syntheses were purchased from Fisher Scientific and of anhydrous, ACS 

grade unless otherwise noted. 

Submillimeter titanomagnetite grains were acquired from Gold-Nugget Designs, a 

private supplier. The purchased magnetic grains originated from a beach sand enriched in 

magnetite near Otter Point State Recreation Site, Oregon, approximately four miles north 

of Gold Beach, Oregon, U.S.A. The supplier extracted the strongly magnetic grains seven 

consecutive times by using a rare-earth magnet to reduce the nonmagnetic concentration.  
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Nanoscale magnetite particles were synthesized by partial oxidation of an Fe(II) 

solution, described by Schwertmann and Cornell (2000). In a 500 mL separation flask, 280 

mL of 0.51 M FeSO4·7H2O was heated to 90 °C using a water bath under constant flow of 

N2 (Matheson, UHP). In a separate beaker, 120 mL of a solution containing 0.27 M KNO3 

and 2.92 M KOH was prepared and deoxygenated for 30 min with N2. The hydroxide 

solution was added dropwise to the Fe(II) solution over 45 min, resulting in a black 

precipitate. The black suspension was then heated at 90 °C for 45 min under N2, cooled to 

room temperature, transferred to centrifuge tubes and centrifuged at 8200 g for 2 min using 

an Eppendorf 5804 centrifuge. The supernatant was discarded and the particles were 

washed three times with Milli-Q water and dried in an anaerobic chamber under 95% 

N2/5% H2. Once dried, the particles were removed from the chamber and stored at room 

temperature in aerobic conditions. 

Large goethite nanorods were synthesized using the method of Mazeina and 

Navrotsky (2005). Using a peristaltic pump, 500 mL of 2.5 M KOH was added to 120 mL 

of 0.5 M Fe(NO3)3·9H2O at a rate of approximately 20 mL/min with stirring. The resulting 

dark brown precipitate was aged at 60 °C for 100 hr, then transferred to dialysis tubing and 

submerged in 2 L Milli-Q water. Dialysis water was changed three times per day with a 

minimum of three hours in between changes. After three days, the particle suspension was 

moved to a Nalgene bottle, diluted and stored in a refrigerator. Suspension of known mass 

loading was volumetrically delivered into extraction flasks, or air-dried particles were 

directly massed into standard mixtures. 
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Hematite nanoparticles were synthesized by the method of Schwertmann & Cornell 

(2000). While stirring, 60 mL of 1 M KOH was added quickly to 100 mL of 0.2 M 

Fe(NO3)3·9H2O, followed by a dilution with 40 mL Milli-Q water. The brown suspension 

was stirred for 20 sec, then 57 mg of oxalic acid (C2H2O4·2H2O) was added. After an 

additional 5 min of stirring, the suspension was transferred to dialysis tubing and dialyzed 

in 2 L Milli-Q water. Following the dialysis procedure employed with the above goethite 

particles, the suspension was aged in a Nalgene bottle at 90 °C for 29 hr to form hematite 

and stored likewise to the goethite. 
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Figure A.8: Low-temperature magnetic characterization of magnetic standards 

titanomagnetite (TMag), magnetite (Mag), goethite (Gth), and hematite (Hem) collected 

by MPMS. RT-SIRM measurments (filled black circles on cooling, open gray circles on 

warming) at left and FC-ZFC measurements (filled black circles on FC, open gray circles 

on ZFC) on right. 
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Figure A.9: Low-temperature magnetic characterization of residue standards kaolinite 

(Kln), quartz (Qz) and TiO2 collected by MPMS, including RT-SIRM measurments (filled 

black circles on cooling, open gray circles on warming) at left and FC-ZFC measurements 

(filled black circles on FC, open gray circles on ZFC) on right. 
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Figure A.10: XRD patterns of synthetic calcite (Cal) crystallized in the presence of ~2% 

w/w titanomagnetite (TMag), magnetite (Mag), or goethite (Gth). Vaterite (Vtr, CaCO3 

polymorph) seen in the magnetite-synthetic calcite sample is a result of drying at room 

temperature conditions (Wray and Daniels 1957). 
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Table A.4: Data of flask extraction trials using TMag, Mag or both with and without 

surfactant (corresponds to manuscript Table 1). 
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Table A.5: Data of flask extraction trials using TMag, Mag or both with KQT and 

with/without surfactant (corresponds to manuscript Table 1). 
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Table A.6: Data of flask, pump and bag extraction trials using TMag, Gth and KQT with 

and without surfactant (corresponds to manuscript Table A.2). 
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Appendix B. Supporting information for Chapter 2 

 

Section B.1: Additional experimental methods 

 

SRNOM was purchased from the International Humic Substance Society (IHSS). 

Acetonitrile (HPLC grade), FeCl24H2O, methanol (HPLC grade), and NaOH were 

purchased from Fisher, NaHCO3 from Sigma Aldrich, ferrozine from Alfa Aesar, 4-ClNB 

from Acros, NH4CH3COO and H2SO4 from Mallinckrodt, and HCl from BDH Aristar. 

All aqueous experiments were performed in carbonate buffer (10 mM, pH 7.0), 

anaerobically prepared by adding NaHCO3 to deoxygenated ultrapure (18.2 M·cm, 

Milli-Q) water and adjusting pH with 1 M H2SO4. The stock Fe(II) solution was prepared 

by adding ~ 0.23 g FeCl24H2O to 0.2 mL of 1 M HCl and the appropriate amount of 

ultrapure water so that the final concentration was 175 mM. This stock solution was 

remade every seven days. For Fe(II) concentration analyses, a 5 mg/mL ferrozine stock in 

ultrapure water was prepared. 

 

An Agilent 1100 Series system and ultraviolet detector was used to quantify 4-ClNB 

concentration. Each sample (20 L) was injected into the system, equipped with a Zorbax 

SB-C18 column (4.6 × 150 mm, 5 m) and set to measure absorbance at 254 nm. The 

mobile phase (0.7 mL/min) was 70 : 30 acetonitrile : 1 g/L ammonium acetate at pH 7. 
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Figure B.1: Flowchart for the sequential-spike batch reactors. Adjustments to initial 

conditions included 1) quantifying [Fe(II)aq] with ferrozine analysis, 2) adjusting pH to 7 

(or 6.5) with 0.5 M NaOH, 3) adding Fe(II) stock solution so that [Fe(II)aq] = 1 (or 0.5 

mM), and 4) equilibrating 21 – 24 h before initiating the next 4-ClNB spike. 
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Figure B.2: Percent adsorbed Fe(II) and Fe(II) density on goethite after 21 hours of 

equilibration for samples with adjusted goethite mass loading and Fe(II) concentration. 

Initial conditions: G325Fe1pH7 = 0.325 g/L goethite, 1 mM Fe(II); G163Fe0.5pH7 = 0.163 

g/L goethite, 0.5 mM Fe(II); G325Fe0.5pH7 = 0.325 g/L goethite, 0.5 mM Fe(II). Reported 

are the averages and standard deviations of triplicate trials. Numerical values in bold 

italics are the kobs values for each reaction condition. 
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Figure B.3. XRD patterns of the initial nanoparticles and goethite after 18 days of 

stirring in buffer with 1 mM Fe(II) (control). Powder diffraction file for goethite = #029-

0713, straight lines. 

 

 

 

Figure B.4. Measurements from triplicate trials for G325Fe1pH7 after three (top row) or 

five (bottom row) spikes of 4-ClNB. 
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Table B.1. Uncertainties of particle measurements taken 20 times on separate days. 

 
Length 

Uncertainty 

Width 

Uncertainty 

Mean (pixels) 

Mean (nm) 

1.3 

0.8 

1.1 

0.7 

Max (nm) 1.2 0.9 

Min (nm) 0.4 0.5 

 

 

 

 

 

Figure B.5. Histograms of length and width measurements of the same sample 

(G325Fe1pH7) prepped for TEM by either sampling directly from the reactor and diluting 

(never-dried, black line) or resuspending dried particles and sonicating (dried, red line). 
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Figure B.6. Histograms of length and width measurements of the initial nanoparticles 

(black line) and goethite after 18 days of stirring in buffer with 1 mM Fe(II) (control, red 

line). 
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Figure B.7. Experimental Fe(III) produced compared to theoretical values calculated 

from reaction stoichiometry. Experimental Fe(III) was estimated by calculating the 

volume of new goethite growth given the average length and width measurements of 

particles (listed in Table 2.2). A cross-sectional rhombus composed of {110} faces was 

assumed, as in the previous work of Anschutz and Penn (2005). A density of 4.26 g/cm3 

(Cornell and Schwertmann, 2003) was used for goethite. Conditions that resulted in wider 

particles (pH 6.5 and added SRNOM) have overestimates of produced Fe(III), indicating 

that the {100} faces are less reactive and thus would contribute more surface area with 

continued reaction (as demonstrated by the schematic). 
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Appendix C. Supporting information for Chapter 3 

 

 

Figure C.1: Reduction of 4-ClNB in reactors containing Fe(II) and no particles or Fe(II) 

and 0.325 g/L kaolinite, demonstrating undetectable reaction and minimal adsorption of 

4-ClNB on kaolinite. 

 

Figure C.2: Reduction of 4-ClNB in reactors 0.325 g/L goethite and equivalent volume 

of kaolinite stock solution filtrate freshly prepared or after 7 days of equilibration. Data 

from goethite only (black squares) and goethite with 2 g/L kaolinite (blue triangles) are 

replicated from Figure 3.1 for easier comparison here. 
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Figure C.3: Cryo-TEM images of two goethite-kaolinite aggregates in suspensions 

containing 0.325 g/L Gth and 2 g/L Kln. Images taken before (a,c) and after (b,d) 1 min 

of electron beam exposure, demonstrating that the hexagonal shaped particles are 

kaolinite as opposed to ice or other artifacts of cryo-imaging. 
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Figure C.4: Low-temperature magnetic characterization of post-reaction solids from 

0.325 g/L goethite and either 0.05 or 2 g/L kaolinite in 10 mM carbonate buffer at pH 7 

with [Fe(II)]i = 1 mM after five spikes of 4-ClNB. FC = field cooled. ZFC = zero-field 

cooled. Magnetization normalized to the maximum of the FC curve for each sample. 

Both samples demonstrated magnetic properties characteristic of only goethite.  

 

 

 

Table C.1: Concentrations of Si and Al in filtrates and goethite as analyzed by ICP-OES. 

Goethite was 0.325 g/L for all cases. Control experiment was goethite and 1 mM Fe(II) 

equilibrating in buffer for 18 days. Dialysis experiment was goethite and 1 mM Fe(II) 

equilibrating in buffer for 18 days in the presence of a dialysis membrane filled with 

equivalent 2 g/L kaolinite. Goethite analyzed for the dialysis experiment did not come 

into direct contact with kaolinite solids. 

 

Filtrates 

Kaolinite 

(g/L) 
Stage 

Equilibration 

(d) 

[Si] 

(ppm) 

[Al] 

(ppm) 

0 Control 18 3.0 0.06 

0.05 Spike 1 1 0.5 0 

0.05 Spike 5 18 3.0 0.04 

2 Dialysis 18 4.8 0.08 

2 Spike 1 1 3.2 0 

2 Spike 5 30 6.3 0.05 

Goethite after 18 days equilibration 

Kaolinite 

(g/L) 
Stage 

Equilibration 

(d) 

[Si] 

(wt%) 

[Al] 

(wt%) 

0 Control 18 0.2 0 

2 Dialysis 18 0.6 0.2 
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Appendix D. Supporting information for Chapter 5 

 

 

 

 

 

 
 

 

 

 

 

 

 

Section D.1. Materials 

All glassware, Nalgene bottles, and Teflon coated magnetic stir bars were soaked in 0.1 

M oxalic acid at pH 3.5 for two days and rinsed with Milli-Q water prior to use. All 

solutions were made using ultrapure Milli-Q water (18.2 MΩ·cm). Fe(NO3)3·9H2O (ACS 

grade), FeCl3·6H2O (ACS grade), FeCl2·4H2O (>99%), and NaOH (50% w/w) were 

purchased from Fisher. CaCl2·2H2O (ACS grade) was purchased from Macron. Ferrozine 

(B-(2-pyridyl)-5,6-bis(4-sulfophenyl)-1,2,4-triazine disodium salt hydrate, >98%) was 

purchased from TCI. Concentrated HCl was purchased from Aristar, and glacial acetic 

acid (ACS grade) was purchased from BDH. 1,4-Benzoquinone (>99%) was purchased 

from Acros. NaHCO3 (ACS grade), hydroquinone (>99%) and acetonitrile 

(CHROMASOLV grade) were purchased from Sigma. Benzoquinone, hydroquinone, and 

FeCl2·4H2O were all stored anaerobically. Norm-Ject Tuberkulin 1 mL plastic syringes 
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and Pall Acrodisc 13 mm syringe filters with 0.2 µm Nylon membrane were used for 

sampling and filtering particle suspensions. Anaerobic experiments were conducted in a 

Coy anaerobic chamber (95% N2/5% H2, Matheson). 

 

Section D.2. Nanoparticle synthesis 

Goethite: Goethite nanoparticles were synthesized using a modified version of the 

method from Anschutz and Penn. By peristaltic pump addition, 500 mL of 0.48 M 

NaHCO3 (Sigma Aldrich) was added to 500 mL of 0.40 M Fe(NO3)3·9H2O at a rate of 

approximately 7 mL/min with constant stirring. The dark brown suspension was 

transferred to several 250 mL Nalgene bottles, and each bottle was microwaved for a 

total of 60 s with a pause at 30 s for manual mixing. Boiling was reached within the first 

30 s interval for all bottles. The contents of each bottle were combined into a 1 L Nalgene 

bottle set in an ice bath. When the entire suspension reached 20 °C, the particles were 

purified by dialysis in Spectra/Por 7 dialysis membrane tubing (MWCO 2,000) and 

placed in 2 L of Milli-Q water at 5 °C, with water changes three times per day over three 

days with a minimum of 3 h between each water change. The suspension was transferred 

to a 1 L Nalgene bottle, adjusted to pH 12 using 5 M NaOH, and aged at 90 °C for 92 h. 

The resulting orange goethite nanoparticles were cooled and allowed to settle to remove 

200 mL of clear supernatant. The nanoparticles were stored as a suspension with known 

mass loadings in a Nalgene bottle at 5 °C to be delivered by volumetric pipette. 
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Akaganeite: Akaganeite nanoparticles were synthesized by aging 100 mL of 0.035 M 

FeCl3·6H2O in a Teflon-lined hydrothermal bomb (Parr Instrument) at 200 °C for 90 min. 

After cooling to room temperature, the dark brown suspension was neutralized with 5 M 

NaOH. The particles were washed three times with Milli-Q water using an Eppendorf 

5804 centrifuge at 14000 g for 3 min. After washing and suspending in 50 mL of Milli-Q 

water, the suspension was adjusted to pH 4.5 with 2 M HCl for storage at 5 °C in a 

Nalgene bottle with a measured mass loading. 

 

Ferrihydrite: Ferrihydrite nanoparticles were prepared by rapid addition of 11.5 mL of 1 

M KOH to a stirring 25 mL solution of 0.20 M Fe(NO3)3·9H2O as described in 

Schwertmann and Cornell. The resulting brown suspension stirred for 20 s and 

immediately was loaded into dialysis tubing for purification, as described in the goethite 

synthesis procedure above. Fresh ferrihydrite nanoparticles were prepared after three 

weeks of storage at 5 °C in Nalgene bottles.  

 

References 

Anschutz A. J. and Penn R. L. (2005) Reduction of crystalline iron(III) oxyhydroxides 

using hydroquinone: Influence of phase and particle size. Geochem. Trans. 6, 60–
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Section D.3. Nanoparticle characterization 

Particle composition, size, morphology, and surface area were determined by a 

combination of X-ray diffraction (XRD), transmission electron microscopy (TEM), and 

nitrogen sorption analysis (see SI). XRD patterns were collected from 20° to 80° 2θ over 

a collection time of 50 min using a PANalytical X’Pert Pro X-ray diffractometer with a 

Co source and X’Celerator detector. Resulting peaks were compared to the corresponding 

powder diffraction files (PDFs): #29-0713 (goethite), #34-1266 (akaganeite), and #29-

0712 (ferrihydrite). TEM grids were prepared by air-drying 1 to 2 drops of a ~10 µg/mL 

particle suspension on a 3 mm 200 mesh holey carbon coated copper grid (SPI Supplies), 

and images were obtained with a FEI T12 high-resolution TEM at 120 kV. Particle 

dimensions for goethite and akaganeite were averaged from measurements of at least 300 

particles using Image J (National Institute of Health, 1.47v). Nitrogen sorption was 

performed using a Quantachrome Autosorb iQ instrument. Samples were outgassed for 

12 h at 100 °C to remove surface contaminants prior to analysis. For ferrihydrite, this 

temperature has been shown to be sufficient in removing contaminants without resulting 

in phase transformations.38 XRD analysis of the post-nitrogen sorption ferrihydrite 

sample confirmed that phase transformation did not occur during sample pretreatment. 

Total surface area was calculated by the Brunauer-Emmett-Teller (BET) adsorption 

model from points between 0 and 0.35 P/P0. 
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Section D.4. Mass loading experiments 

Mass loading experiments performed by delivering a volume (0.1 - 0.5 mL, five volumes 

total) of the suspension to a weigh boat with known mass then letting them dry at room 

temperature for 2 d or until the dried mass remained constant. The dried mass was plotted 

against the delivered volume and fitted with a linear trendline (intercept set at zero) to 

obtain the mass loading. Accuracy of the mass loading experiments were good (R2 = 0.98 

- 1.0), accomplishing a reactor mass concentration with low error (on average 0.325 g/L 

± 0.003 g/L). These measurements were performed frequently, approximately once every 

1 - 2 months to account for any evaporation in the solution. As the stock solutions were 

stored at 5 °C and kept capped, mass loading for each iron oxyhydroxide varied no more 

than 0.1% per month.  

 

Section D.5. HPLC parameters 

The Agilent 1100 series HPLC was equipped with an Agilent Zorbax SB-C18 column 

(4.6 mm  150 mm  5 µm). The mobile phase was an 80:20 mixture of 40 mM acetate 

buffer at pH 3.75 and acetonitrile, the flow rate was 1.0 mL, and the injection volume 

was 10 µL, at which benzoquinone and hydroquinone had retention times of 3.9 min and 

2.4 min, respectively. Five standards (0.02 to 0.1 mM) for both quinones were prepared 

by diluting the stock solutions with acetate buffer (there was no significant difference in 

calibration curves when standards were prepared in acetate buffer with 0 or 0.67 M 

CaCl2). 

 



 

215 

 

Section D.6. Fe(II) adsorption 

Suspensions were prepared in 20 mL glass scintillation vials by volumetrically adding 

nanoparticle suspensions so as to achieve 0.325 g/L in each batch reactor. The vials were 

then moved into the anaerobic chamber and diluted with deoxygenated 10 mL of water or 

0.67 M CaCl2. An aliquot of the Fe(II) stock solution was added to attain 0.342 mM 

Fe(II) initially. The pH of the suspension was adjusted to cover a range of pH 3 to 7 using 

10 mM HCl or NaOH prepared in either water or 0.67 M CaCl2. Water or 0.67 M CaCl2 

was then added to bring the final volume to 15 mL. The vials were capped and stirred 

continuously for 21 h, after which the pH was measured. Approximately 1 mL of the 

suspension was then sampled using a plastic syringe and filtered. Triplicate cuvettes were 

prepared such that each contained 3 mL of water or 0.67 M CaCl2, 0.25 mL of 5 mg/mL 

ferrozine in water and 0.25 mL of the filtered sample. Absorbance values for each sample 

were measured in triplicate at 562 nm using an Agilent 8453 UV-Vis spectrophotometer. 

Dissolved Fe(II) concentration was calculated from a five-point calibration curve (0.01 to 

0.08 mM Fe(II)). The average dissolved Fe(II) for each sample was compared to the 

average of two controls that contained no particles to calculate the percent of Fe(II) 

adsorbed.  

 

To obtain the percent of occupied reactive sites, the number of reactive sites was 

calculated from TEM surface area and the calculated number of surface sites per unit 

surface area (goethite: 3.0 nm-1 for {110} faces and 7.0 nm-1 for end faces, akaganeite44: 

3.1 nm-1 for {100} faces and 3.5 nm-1 for {010} faces, and ferrihydrite45: 7.2 nm-1 for 
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total surface area) provides a comparison of the fraction of reactive sites occupied by 

Fe(II) for each iron oxyhydroxide (Figure 5.1d-e). 

 

Goethite: Hiemstra T. and van Riemsdijk W. H. (2007) Adsorption and surface oxidation 

of Fe(II) on metal (hydr)oxides. Geochim. Cosmochim. Acta 71, 5913–5933. 

Ferrihydrite: Hiemstra T. and Van Riemsdijk W. H. (2009) A surface structural model 

for ferrihydrite I: Sites related to primary charge, molar mass, and mass density. 

Geochim. Cosmochim. Acta 73, 4423–4436. 

Akaganeite: Song X. and Boily J. (2011) Surface hydroxyl identity and reactivity in 

akaganeite. J. Phys. Chem. C 115, 17036–17045. 

 

 

 

 

Figure D.1: TEM micrographs of synthetic a) goethite, b) akaganeite, and c) ferrihydrite. 
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Figure D.2: X-ray diffraction patterns of goethite (Gth), akaganeite (Ak), and ferrihydrite 

(Fh). I = before reaction, II = after benzoquinone reduction in 0 M CaCl2, III = after 

benzoquinone reduction in 0.67 M CaCl2, IV = after hydroquinone oxidation in 0 M 

CaCl2, and V = after hydroquinone oxidation in 0.67 M CaCl2. Sample holder peak 

indicated by arrow. Based on the amount of Fe(II) oxidized in the benzoquinone 

reactions, mineral mass could increase up to 5% (well within the detection limit). PDF#s: 

29-0713 (Gth), 34-1266 (Ak), 29-0712 (Fh). 

 

 

 

 

 

 

 

 

 



 

218 

 

 

Figure D.3: Benzoquinone (Q) degradation by Fe(II) in solutions containing no 

nanoparticles and 40 mM acetate buffer at pH 4.5 with initial 0.1 mM benzoquinone and 

0.342 mM Fe(II). Open symbols are suspensions prepared with 0 M CaCl2 and closed 

symbols with 0.67 M CaCl2. Linear regression provided kobs values, with R2 values in 

parentheses, of 0.017 ± 0.002 h-1 (0.95) and 0.003 ± 0.002 h-1 (0.17) for 0 M and 0.67 M 

CaCl2, respectively. 

 

 

Figure D.4: Benzoquinone (Q) production in solutions containing no nanoparticles and 

40 mM acetate buffer at pH 4.5 with an initial hydroquinone concentration of 1 mM. 

Open symbols are suspensions prepared with 0 M CaCl2 and closed symbols with 0.67 M 

CaCl2. Linear regression provided d[Q]/dt values, with R2 values in parentheses, of 0.08 

± 0.16 µM hr-1 (-0.12) and -0.34 ± 0.08 µM hr-1 (0.69) for 0 M and 0.67 M CaCl2, 

respectively. 
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Figure D.5: Benzoquinone (Q) production by goethite (Gth), akaganeite (Ak), and 

ferrihydrite (Fh) in 40 mM acetate buffer at pH 4.5 and 0.67 M CaCl2 over 32 h. 

 

 

Figure D.6: Log number-based mean hydrodynamic diameter of ferrihydrite as a 

function of reaction time with hydroquinone as measured using dynamic light scattering. 

Reaction conditions include 40 mM acetate buffer at pH 4.5, 0 M CaCl2, and 0.1 mM 

hydroquinone (equivalent to open triangles seen in Figure 5.3b). Each data point was 

calculated as an average of 5 runs. Outlier runs for each data point were determined either 

by the quantitative detection limit of 3000 nm or by the Q-test. 
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Table D.1: Pseudo-first order reaction rates for benzoquinone reduction by adsorbed 

Fe(II) on goethite (Gth) and ferrihydrite (Fh) in 40 mM acetate buffer at pH 4.5 and 

various CaCl2 concentrations. Errors are the 95% confidence intervals. 

 

[CaCl2] (M) Gth kobs (h-1) Fh kobs (h-1) 

0 1.02 ± 0.02 0.64 ± 0.09 

0.005 0.51 ± 0.01 0.41 ± 0.04 

0.02 0.30 ± 0.01 0.24 ± 0.01 

0.05 0.18 ± 0.01 0.150 ± 0.005 

0.67 0.16 ± 0.02 0.073 ± 0.004 

 

 

 

Figure D.7: Benzoquinone (Q) degradation by adsorbed Fe(II) on a mixture of goethite, 

akaganeite, and ferrihydrite at different mass loadings in 40 mM acetate buffer at pH 4.5. 

Open symbols are suspensions prepared with 0 M CaCl2 and closed symbols with 0.67 M 

CaCl2. Total mass loading of the three iron oxyhydroxides was either 0.975 g/L or 0.325 

g/L at equal mass ratios. 

 

 

 


