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Abstract 

Iron minerals play dynamic roles in the sulfur cycle in natural environments and 

engineered systems. Although pure or synthesized iron minerals are widely studied for 

their importance in the sulfur cycle, heterogeneous iron-bearing materials are important 

since they are found naturally and may be economically feasible for engineered sulfur 

treatment. In this study, reaction capacities, products, and kinetics of two natural iron-

bearing minerals derived from taconite towards aqueous sulfide were studied using batch 

and column reactors. Siderite (SR)- and iron oxide (IO)-rich natural minerals were selected 

based on distinction in iron mineralogical characteristics and quantity. The siderite rich SR 

reacted with more sulfide per gram (FeR), over the iron oxide rich IO. SR produced more 

solid phase sulfur, liberated by 9 N HCl (AVS) and chromic acid, where IO produced more 

elemental sulfur and thiosulfate. Sulfate as an oxidation product was minimal for both 

materials in batch and column reactors. Reaction kinetics were dependent upon the molar 

ratio FeR/HSinitial. Generally, initial reaction rate increased with increasing FeR/HSinitial, or 

as iron becomes the dominant reactant. SR maintained an appreciable reaction rate with 

each sequential spike and differing particle sizes, reaction rate constant (k) falling only 

slightly below the expected relationship. IO exhibited a high initial reaction rate, but its 

reaction rate constant decreased substantially with sequential sulfide spikes and varied 

greatly with larger particle sizes. In continuous flow column reactors, both materials FeR 

and AVS increased over batch reactor values. A reactive-transport model was developed 

using batch reactor kinetic results to establish reaction rate, k, dependence on FeR/HSinitial, 

and was used to describe sulfide evolution through a column. In summary, the selected 
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materials generally reacted predictably with sulfide with respect to their iron mineralogy 

and experienced predictable sulfur reaction kinetics and capacities across different loading 

scenarios. These results represent an important step toward elucidating the reactivity of 

heterogeneous iron-bearing materials at the interfacial processes with the cycles of Fe and 

S and sulfur treatment systems.  
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Chapter 1. Introduction 

Iron-bearing minerals are ubiquitous in natural (soil, aqueous sediment, wetland) 

and engineered systems (permeable reactive barriers, iron-based scrubbers). These 

minerals can react with pollutants under specific environmental conditions, which can lead 

to the formation of new minerals. It is a particularly dynamic and complex interplay 

between iron (Fe) and sulfur (S) cycles in natural environments (Figure 1) and engineered 

systems. Kinetics and products of reactions between iron minerals and sulfide are widely 

studied for their importance in the natural sulfur cycle (Rickard 1974; Canfield 1988; 

Poulton, et al. 2004; Wan, et al. 2014). Sulfide can reduce ferric iron in iron (hydr)oxides 

to ferrous iron through electron transfer; ferrous iron can form a solid product with sulfide, 

including amorphous ferrous sulfide (FeS). Oxidized sulfur products can range from 

elemental sulfur and polysulfides to thiosulfate and sulfate, although elemental sulfur is 

commonly the dominant oxidation product (Herszage and Dos Santos Afonso 2000; 

Poulton, et al. 2004), and can lead to the formation thermodynamically stable pyrite (FeS2) 

(Berner 1985; Morse et al. 1987). Most studies have examined the interplay of Fe and S 

cycles with pure and synthesized iron minerals (e.g. goethite, hematite, magnetite, green 

rust) to identify mechanistic contributions in reactions with sulfur. Although the 

importance of studying pure iron minerals reactivity towards sulfide has led to great 

advances in our understanding of the mechanisms involved in reactions (Morse et al. 1987; 

Voelz et al. unpub.), most often natural iron minerals are found in part as heterogeneous 
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material mixtures in the environment. At present, limited information is available about the 

reactivity of heterogeneous iron-bearing materials towards sulfide. 

 

Figure 1. Environmental sulfur cycle (Muyzer and Stams 2008). 

The motivation for understanding the reactivity of iron and sulfur is, in part, driven 

by the need for controlling reaction rates in engineered systems, including sulfate 

treatment. Sulfate is the most common form of dissolved sulfur on Earth. In freshwater 

ecosystems, however, the introduction of high strength sulfate to ecosystems may lead to 

adverse environmental impacts. Anthropogenic sulfate sources include large industries, 

including metal mining (Dill, et al. 1998), like operations on the eastern edge of 

Minnesota’s Mesabi Iron Range near the sulfide-rich Duluth complex. Mesabi Iron Range 

iron-ore (largely taconite) mining operations produce tons of rock waste materials and 

neutral pH waste streams that contain elevated sulfate and vast quantities of solid wastes, 
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including overburden, waste rocks and tailings. Elevated sulfate in natural waters is linked 

to increased mercury methylation (Jeremiason, et al. 2006; Myrbo, et al. 2017), internal 

nutrient loadings (Lamers, et al. 1998), and in anaerobic conditions sulfate reducing 

bacteria reduces sulfate to sulfide, which is toxic to wild rice and other aquatic organisms 

(Armstrong and Armstrong 2005), highlighting a need for sulfate pollution control.  

Metal-sulfide precipitation has been applied to treat sulfate, in conjunction with 

biological sulfate reduction, producing a low soluble and potentially recoverable metal-

sulfide (Kaksonen and Puhakka 2007). Dijkman and Buisman (1999) review of sulfate 

reducing biotechnology produces not only recoverable metal-sulfide precipitates, but 

settleable elemental sulfur particulates through oxidation of free biogenic sulfide, which 

can be removed using various methods including filtration to centrifuging (Henshaw et al. 

1992). Additionally, biological sulfate treatment can be passive or active (Kaksonen and 

Puhakka 2007).  Though optimal pH for biological sulfate reduction is around 6 to 8 (Al-

Zuhair, et al. 2008), it can treat variable pH waste streams (Ayangbenro, et al. 2018). Since 

sulfate pollution is a widespread problem and natural iron-bearing minerals are an abundant 

and potentially useful for sequestering reduced sulfur, it is essential to investigate reactivity 

of natural iron-bearing materials toward sulfide for use in biological sulfate reduction 

treatment. 

To understand the reactivity of heterogeneous iron-bearing materials towards 

sulfide, Voelz et al. (unpub.) investigated the reactivity of a subset (n=9) of taconite mining 

materials, including rock wastes, tailings, ores and ore concentrates, as well as pure or 

synthesized iron minerals, including goethite, hematite and siderite, towards sulfide with 

https://agupubs.onlinelibrary.wiley.com/doi/epdf/10.1002/2017JG003788
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promising results. Results from small-scale, batch, lab studies show the reactivity, both 

kinetics and reaction capacities, of natural materials toward sulfide may be dependent on 

iron mineralogy, when compared to pure iron minerals detected in the heterogeneous 

mixtures of the iron materials (Voelz et al. unpub.). Siderite and goethite were found to 

react favorably with sulfide, with respect to fast reaction rates and substantial reaction 

capacities. The resulting sulfur mass balance concluded that, at circumneutral pH, most, if 

not all, sulfide is converted to solid FeS (Voelz et al. unpub.), which can be a promising 

result when considering sulfur treatment. 

Although Voelz et al. (unpub.) shed light on natural material reactivity toward 

sulfide, the study identified the need for additional work on the effects of different Fe and 

S loading on reaction kinetics, final sulfur products, with the potential of scaling up to an 

engineered treatment system. In this study a more comprehensive understanding of natural 

material reaction kinetics toward sulfide is gained by varying the molar ratio of material 

reactive iron to sulfide in laboratory studies.  Results form the basis for the development 

of a molar ratio dependent reaction rate that has implications for treatment system 

development. Furthermore, to understand the fate of sulfur, a sequential solid phase 

extraction identifies post-reaction iron-sulfur species which is essential to evaluate their 

stability. Lastly, a bench scale column study advances the understanding of reaction rates 

in scaled-up systems, including constraints for a reactive-transport model.  
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Chapter 2. Materials and Methods 

Material selection and characterization 

Two natural iron-bearing materials were selected for their difference in 

mineralogical composition. Heterogeneous particle size mixtures of the materials were 

sieved to three particle sizes with median diameters: 112 μm (75 to 150 μm), 225 μm (150 

to 300 μm), and 450 μm (300 to 600 μm). Additionally, surface area estimations were 

performed by measuring approximate particle diameters (n>50) from Scanning Electron 

Microscope (SEM) images (Figure A1) with the assumption of spherical particles (Pabst 

and Gregorova 2007). Different particle sizes were used to verify results and establish 

whether reactivity scales with surface area. Materials were washed via dialysis (Spectra/por 

7, MWCO 1000 to 50000) until conductivity of the washing solution reached 3 μS cm-1. 

The mineralogical compositions were characterized using X-ray diffraction (XRD) 

patterns (Co Kα radiation, Philips Xpert) and particle morphologies were examined using 

Tabletop Scanning Electron Microscopy (Hitachi 3030 Plus). The effects of micro-

particles present in material sample aliquots are determined, since the employed separation 

of particle size methods may leave residual micro-particles. Micro-particles were separated 

from a bulk material aliquot by: mixing a known mass of material with Milli-Q water; 

allowing the larger particles to settle; decanting the turbid, micro-particle containing 

supernatant into an aluminum weigh-boat; repeating until the supernatant is clear; allowing 

the water to evaporate. The mass fraction of micro-particles was determined as the mass 

removed from the sample aliquot. The median micro-particle diameter is approximately 

2.0 μm for both materials, determined by dynamic light scattering (SALD 2300). To further 
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characterize the bulk elemental composition of materials, aqua regia extractable and oxalic 

acid extractable iron contents were quantified. 

Aqua regia extractable iron corresponds to an approximate total iron amount and 

liberates other elemental constituents. The method is modified from EPA Method 3050B, 

section 7.5 (EPA Method 3050B). Briefly, approximately 0.1 g of material was combined 

with 10 mL of concentrated hydrochloric acid (HCl) and 2.5 mL of concentrated nitric acid 

(HNO3) in a 250 mL Florence heating vessel and refluxed at 95°C for 30 minutes. Residual 

material was filtered through a 0.45 μm PTFE filter, and solution is collected into a 100 

mL volumetric flask and brought to volume with 0.5% HNO3. The solutions were analyzed 

for total iron using atomic absorption spectrometry (AAS) (Varian AA240FS) and other 

elemental composition using inductively coupled plasma optical emission spectrometry 

(ICP-OES). 

Oxalic acid extractable iron was used as a proxy for surface extractable ferrous and 

ferric iron using a modified method of Phillips and Lovely (1987). Briefly, an oxalate 

buffer of 28 g L-1 ammonium oxalate and 15 g L-1 oxalic acid was degassed with nitrogen 

and transferred to an anaerobic chamber (COY Lab). Approximately 50 mg of material 

was combined with 20 mL of the oxalate buffer in a serum bottle. The serum bottles were 

wrapped with foil to prevent any photoreactions and shaken for 7 days. Total and ferrous 

iron were quantified using a ferrozine method with and without the reduction agent, 1.4 M 

hydroxylamine hydrochloride in 2 M HCl, respectively (Viollier et al. 1998). Ferrous-

ferrozine complex was quantified using UV/Vis (Thermo Scientific Multiskan Spectrum, 
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wavelength 565 nm). Ferric iron was calculated by subtracting ferrous iron from total iron. 

Total iron was also verified using AAS. 

Single- and sequential-spike batch experiments  

To determine material reaction capacities and kinetics, batch experiments were 

performed under anaerobic conditions (COY anaerobic chamber, 97.5 % N2, 2.5 % H2) at 

room temperature (20 ± 2 ˚C). Most experiments were performed on materials containing 

residual micro-particles, but also micro-particle and bulk materials for determining surface 

area influences. Single-spike experiments were conducted to determine material sulfide 

reactive iron or sulfide reaction capacity (FeR or ∆HS-). An excess amount of sulfide was 

injected into the serum bottle with a known amount of material and allowed to react until 

no sulfide change is experienced, where the total change in sulfide concentration 

constitutes material FeR. Sampling occurred initially, then approximately once daily. 

Sequential-spike batch experiments were performed to examine evolving reactivity of the 

materials towards sulfide under different molar ratios of sulfide reactive iron to initial 

sulfide concentration (FeR/HSi). Pseudo-first order rate constants (k, with respect to 

sulfide) are determined using linear regression for the xx% of the sulfide reduction for all 

first and sequential sulfide spike batch reactors. 

All batch reactors were composed of 60- or 25-mL amber serum bottles containing 

10 mM carbonate buffer (pH 8) and 0.1 to 1 g of material. The bottles were capped with a 

rubber butyl stopper and crimped with negligible headspace in an anaerobic chamber. To 

initiate each reaction, the reactors were spiked with a sodium sulfide stock of 3900 mg-

sulfide L-1 in deoxygenated water and 0.1% v/v 1 M sodium hydroxide. The range of initial 
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sulfide concentration was 0.002 to 4.250 mM. Prior to each experiment, the concentration 

of sodium sulfide stock solution was determined using an iodometric titration method 

(Standard Methods 2005) and if necessary, for low HSi experiments, diluted to a lower 

concentration before the spike. The reactors were mixed about their longitudinal axes on a 

rotator (Glas-Col rotator) at a speed of ~85 rpm. The samples were taken at selected 

intervals using a two-syringe method involving simultaneous injection of deoxygenated 10 

mM carbonate buffer to keep headspace negligible. Aqueous sulfide was quantified on 

filtered (0.2 μm) samples using the methylene blue method (Standard Methods 2005), as 

implemented by sequentially adding 5% v/v of Hach Reagent 1, and 5% v/v of Hach 

Reagent 2 and measuring absorbance at 640 nm. Sulfide standards were created from the 

sodium sulfide stock. Control reactors were performed by adding no material to a serum 

bottle and monitoring sulfide over a similar amount of time. For sequential spikes, after the 

final sulfide sample was quantified, the serum bottle cap was removed, and the solution 

was carefully allocated for other analytes, ensuring the solid material remains in the serum 

bottle for subsequent spikes. Fresh non-sulfide containing 10 mM carbonate solution is 

added back into the serum bottle. The next spike follows the general batch procedure, 

described above. At the completion of each experiment, materials undergo a sequential 

sulfur extraction for sulfur speciation 

Sulfur balance 

To determine the fate of sulfur throughout the reaction process a sulfur species 

balance is taken as the sum of all quantified sulfur species, less any remaining free sulfide, 

including aqueous: sulfate and thiosulfate and elemental sulfur; and solid: methanol 
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extractable sulfur (MES), acid volatile sulfur (AVS) and chromium reducible sulfur (CRS). 

Sulfur balances were determined for sulfur reactive iron single-spike batch experiments, 

less any sulfur liberated from unreacted material. At the end of all spikes, remaining 

solution was quantified for sulfide using methylene blue, sulfate and thiosulfate using ion 

chromatography (IC), elemental sulfur with high performance liquid chromatography 

(HPLC), ferrous and ferric iron with ferrozine and verified with AAS. To analyze sulfate 

and thiosulfate in solutions containing free sulfide, an aliquot was brought to a pH below 

4 with HCl, bubbled with a gentle stream of carbon dioxide gas for several minutes, and 

brought to a pH below 4 with HCl again, if needed. Elemental sulfur was analyzed by high 

pressure liquid chromatography after trichloroethylene (PCE) extraction (1:1 sample: PCE) 

and mixed overnight (McGuire and Hamers 2000). A calibration curve was created by 

diluting a stock made by dissolving elemental sulfur (Sigma Aldrich CAS 7704-34-9) in 

PCE to 1 to 100 mg L-1 sulfur.  

Solid phase sulfur was quantified on the post-experiment material through a 

sequential extraction in an anaerobic chamber: MES for methanol liberated elemental 

sulfur (Wijsman, et al. 2001), AVS for amorphous iron sulfides (Standard Methods 2005), 

and CRS for more stable solid sulfur species (Burton, et al. 2008). Water content of wet 

material was determined by weighing out a wet sample aliquot, letting dry in a 100 °C oven 

overnight, then weighing the dry material. MES was extracted by placing a weighed sample 

aliquot in a reusable filter apparatus, rinsing with degassed 0.5 M NaCl to remove free 

sulfur, and rinsing with 15 mL of degassed methanol two or three times, capturing the 

effluent. The effluent was quantified for sulfur using HPLC. AVS was completed on the 
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same sample following MES extraction by placing the sample aliquot into a 50 mL falcon 

tube, liberating the sulfide with a 9 N HCl 0.53 M stannous chloride solution, and capturing 

the sulfide gas in a trap solution of 10 % v/v 1 M zinc acetate in 0.05 N NaOH, contained 

in an inner vial in the 50 mL flacon tube. The sulfide volatilized for 4 to 6 hours on a shaker 

table, when the sulfide containing trap solution was quantified using methylene blue. CRS 

was completed similar to AVS, with a chromic acid volatilizing solution, prepared by 

dissolving 50 g of chromium chloride in 100 mL of concentrated HCl, combining the 

dissolved chromium (III) with 20 g of zinc shot in a 250 mL Pyrex media bottle under a 

constant stream of nitrogen gas for 3 hours. The sulfide capture solution is the same as 

AVS. In CRS extractions, the sulfide volatilized for 48 hours on a shaker table after which 

the sulfide containing trap solution is quantified using methylene blue. 

Flow-through experiment and mathematical model development  

Column reactors were constructed by packing a 1 cm diameter glass column (Bio-

Rad Econo Column) with a recorded amount of 112 μm material (Figure A2). Pore volume 

was approximated by pumping water through the inlet at a known flow rate and measuring 

the time for water to break through the outlet. The packing beds were rinsed continuously 

with Milli-Q water until the effluent conductivity reached 3 μS cm-1. Column experiments 

were performed in an anaerobic chamber, where 100 mg L-1 sulfide solution in 10 mM 

carbonate (pH 9) from a sodium sulfide stock was pumped at approximately 1 mL hr-1 

upward through the columns with a syringe pump (Chemyx Fusion 200). Effluent was 

collected in a syringe attached to the outlet, where volume was recorded and analyzed daily 

for sulfide by methylene blue, sulfate by IC, ferrous iron by ferrozine, total iron by AAS, 
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and pH. Column experiments proceeded until appreciable sulfide breakthrough occurred, 

after which reacted materials was preserved in a -80 °C freezer until solid phase analysis. 

FeR for the columns was determined by integrating the difference between the inlet sulfide 

and quantified outlet sulfide concentrations over the experiment duration. Time for kmax (t 

kmax) was determined as time until initial sulfide breakthrough, and zero order k is 

determined as the slope of outlet sulfide concentration over time after kmax. Sulfide removal 

efficiency is calculated as 

Equation 1. 𝐸𝑓𝑓𝑖𝑐𝑖𝑒𝑛𝑐𝑦 % = (
[𝐻𝑆−]𝑖𝑛−[𝐻𝑆−]𝑜𝑢𝑡

[𝐻𝑆−]𝑖𝑛
) 100 

A reactive-transport model was developed to describe how sulfide and FeR is 

consumed in a flow-through reactor using an empirical relationship between FeR/HSi and 

k determined from batch experiments. A numerical, upwind advection model was used, 

where the moving fluid sulfide concentration (CHS) is affected by both advection (u) and 

reaction (k) 

Equation 2.  

and the stationary reactive iron concentration (CFeR) is only affected by reaction and is 

assumed to decay at the same rate as sulfide. 

Equation 3.  

Model initial and boundary conditions were constrained by parameters in column 

experiments, including pore space volume and velocity, inlet sulfide, and initial FeR and 

compared to experimental results. Diffusion is assumed to be negligible (sufficiently large 

Peclet number), where average linear velocity is fast enough to overwhelm diffusion. 

𝑑𝐶𝐻𝑆

𝑑𝑡
= −𝑢

𝑑𝐶𝐻𝑆

𝑑𝑥
− 𝑘𝐶𝐻𝑆 

𝑑𝐶𝐹𝑒𝑅

𝑑𝑡
= −𝑘𝐶𝐻𝑆 
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Model simulations with varying inlet CHS and velocity were considered, to elucidate how 

different loads in an engineered system will affect sulfide breakthrough.  
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Chapter 3. Results: Material Characteristics 

Extractable iron content 

Primary iron mineralogy determined by XRD for SR is siderite and for IO are ferric 

iron oxides (Table 1). Sulfide reactive iron (FeR) and oxalate extractable ferrous and ferric 

iron are presented in Figure 2. Oxalate extractable iron is consistent with XRD 

mineralogical analysis and the two materials are characteristically different in iron contents 

and amounts.  

Table 1. Material identification and characteristics. 

ID Meaning XRD Detected Minerals 
Iron 

Oxidation 

Taconite 

significance 

SR Siderite Rich Silica, Siderite, Chlorite Fe(II) Rock waste 

IO Iron Oxides Silica, Magnetite, Hematite, Goethite Fe(III) Rock waste 

For SR, approximately 30 to 50% of the oxalate extractable iron is ferrous iron, 

which is consistent with siderite (FeCO3). The oxalate extractable ferric iron is likely from 

various iron (III) (hydr)oxides which was not detected by XRD due to low quantity. For 

IO, approximately 90% of the oxalate extractable iron is ferric iron, which is consistent 

with XRD results. The primary iron minerals identified by XRD for IO material are ferric 

minerals, including hematite (Fe2O3), goethite (α-FeOOH) and magnetite, where magnetite 

(FeIIFeIII
2O4) is the likely contributor to oxalate extractable ferrous iron. Aqua regia 

extractable iron is approximately equal to the total amount of oxalate extractable iron for 

both materials and all particle sizes. Iron content results illustrate the characteristic 

differences between the two materials and consistency with previous XRD analyses.  
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Figure 2. Iron content for SR (a and b) and IO (c and d). Oxalate dissolutions (a and c) for 

ferrous (dark bar) and ferric (light bar) iron with errors bars of one standard deviation from 

average. Sulfide reactive iron (b and d) mass normalized (dark bar) [μmol g-1] determined 

experimentally and surface area normalized (light bar) [μmol cm-2] determined 

mathematically, assuming all particles are spheres. 

Sulfide reactive iron 

Material sulfur reactive iron (FeR), or the molar amount of total sulfide change, is 

normalized by mass, relevant when considering scaled up sulfur treatment, and estimated 

surface area. For both materials, mass normalized FeR [μmol S2- g-1] decreased 

approximately 20% with each doubling of mean sieve particle size, from 112 to 225 μm 
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and 225 to 450 μm. Although a decrease in FeR is expected, since solid surface area 

generally controls heterogeneous reactions (Pyzik and Sommer 1981; Poulton et al. 2001), 

the decrease is not as significant as anticipated based on the surface area to volume ratio. 

The doubling in particle size should result in half the mass normalized FeR. Therefore, 

increasing particle size results in increase in FeR normalized by estimated surface area 

[μmol S2- cm-2], almost 60% increase with each increase in particle size for both materials. 

The mass fraction [mg g-1] of micro-particles in experimental material aliquots is 

(Table A3) approximately 20 (2%) for SR and IO 112 μm size and decreases below 8 for 

increasing particle sizes. Average mass normalized FeR for the micro-particles are 495.8 

and 298.1 μmol g-1 for SR and IO, respectively. Next, the effects of removing micro-

particles from the bulk material on FeR is determined. Average mass normalized FeR for 

bulk 112 μm materials are 261.9 and 84.8 for SR and IO, respectively. Finally, average 

particle surface area is determined for all particle sizes by factoring in micro-particle 

surface area into sieve-estimated diameters (included in Figure 2 data) and including the 

micro-particle and bulk 112 μm materials (Table A2) and plotted together with mass and 

approximate surface area normalized FeR (Figure 3). Mass normalized FeR decreases 

lognormally with increasing particle diameter, where surface area normalized FeR increases 

exponentially with increasing particle diameter. This suggests that, likely due to the 

heterogeneity of the materials, the reaction between the materials and sulfide is not purely 

surface area controlled. 
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Figure 3. Mass normalized (solid) and surface area normalized (hollow) FeR versus log 

particle diameter. 

Sulfur balance 

After the reactions, sulfur species, FexSy, S
0, S2O3

-, SO4
2- were analyzed from both 

solid phase and filtered aqueous solution. Elemental sulfur and solid-phase sulfur are the 

dominant reaction products with less than 2% of sulfate for the siderite rich SR while IO 

oxidized a substantial amount of sulfide to elemental sulfur and thiosulfate (Figure 4). MES 

constitutes less than 1% of FeR and thiosulfate and sulfate percentage increased with 

increasing particle size for both materials. Again, micro particles and bulk materials are 

considered (Figure A4). For both materials, more solid phase sulfur was produced with 112 

μm materials than the larger particles. For all particle sizes for SR 20 to 27% of FeR is 

recovered as AVS, 6 to 20% as CRS, MES is less than 1%, 12 to 32% as aqueous elemental 

sulfur, 5 to 10% as thiosulfate, and 2 to 5% as sulfate. For all particle sizes for IO 4 to 23% 
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of FeR is recovered as AVS, 3 to 8% as CRS, MES is less than 1%, around 31 to 41% as 

aqueous quantified elemental sulfur, 10 to 18% as thiosulfate, and 4 to 6% as sulfate.  

  

Figure 4. Average sulfur balance (n=2) of percent recovered aqueous (sulfate, thiosulfate 

and elemental sulfur) and solid (MES, AVS and CRS) phase sulfur species for SR and IO 

for 112 μm, 225 μm and 450 μm, respectively. MES is present, although nearly negligible. 

The average reacted sulfide for particle size 112, 225 and 450 μm for SR are 298.1, 245.5 

and 189 μmol S2- g-1, respectively, and for IO are 115.4, 96.5 and 76.4 μmol S2- g-1, 

respectively. 

Siderite is the primary iron-bearing mineral present in SR detected by XRD and is 

a mineral whose interaction with sulfur is not well studied since its occurrence does not 

play a significant role in the natural sulfur cycle (Rickard and Luther, 2007). However, the 

reaction between siderite and sulfide is thermodynamically favorable, with ∆G of -32.6 kJ 

mol-1. 

Equation 4. 𝐹𝑒𝐶𝑂3(𝑠) + 𝐻𝑆− → 𝐹𝑒𝑆(𝑠) + 𝐻𝐶𝑂3
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Although chlorite is a minor component also detected by XRD, it may take many 

forms, including non-iron mineralogy or iron silicate, which is almost unreactive towards 

sulfide (Dos Santos Afonso and Stumm, 1992; Poulton at al. 2004). In addition to mineral 

species containing ferrous iron, oxalate extractable iron reveals SR contains 50-70 % ferric 

iron. The ferric iron may present as various ironIII(hydr)oxides in low quantity which 

cannot be detected by XRD. In general, the reaction between ironIII(hydr)oxides and sulfide 

primarily produces elemental sulfur (Poulton et al., 2004). Thus, 12 to 32% elemental 

sulfur as the reaction product by SR is consistent when compared to pure minerals. 

Additionally, the presence of siderite may corroborate how a key reaction product is solid-

phase sulfur, ranging from 31 to 44% for all particle sizes (as AVS and CRS), where solid-

phase sulfur is generally not a dominant reaction product for ironIII (hydr)oxides and sulfide 

(Poulton et al., 2004). Thus, the sulfur balance for SR is predictable and favorable, since 

elemental sulfur and solid-phase sulfur are the dominant reaction products, and, if 

considering sulfate treatment, sulfate constitutes less than 2% of the reaction products.  

The reaction mechanism between SR and dissolved sulfide likely includes 

reduction and dissolution of ferric iron, dissolution of ferrous iron, and formation of solid 

iron sulfides, FeS (used as a blanket term to include any solid-phase iron sulfides). The pH 

of FeR batch reactors increased with reaction, suggesting a dissolution of iron hydroxides 

or carbonates (Figure A5).  

Additionally, we measured the quantity and size of particles generated by the 

reactions. These particles are colloids and particles that may pass through 0.22 μm filter 

and are called micro-particles herein. The size of micro-particles ranges from 0.1 and 26 
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μm (median 2.2 μm). The amount of micro-particles increased with the reaction. For sulfide 

reaction with 112 μm SR, the amount (171 mg g-1 ) of micro-particles was 10 times greater 

than micro-particle present in the material prior to sulfide reaction. Micro-particle 

generation for 225 and 450 μm materials are consistent with 112 μm material although the 

micro-particle amount increases almost 20 and 30 times from the residual micro-particle 

amount, respectively (Table A3). This result also suggests dissolution, and since the 

precipitate is generally dark-gray to black, consistent with the production and precipitation 

of solid FeS.  

A proposed mechanism is illustrated in Figure 5 for siderite rich materials (SR). 

Aqueous sulfide reduces ferric (hydr)oxides, releasing alkalinity and electrons and forming 

a sulfur radical that can eventually oxidize to elemental sulfur, thiosulfate, sulfate or other 

unquantified sulfur species, including polysulfides (Pyzik and Sommer 1981). The reduced 

iron can then form solid FeS with additional free sulfide. Simultaneously, sulfide reacts 

with siderite, where ferrous iron may be liberated (sorbed and desorbed) from the surface 

as FeS precipitate, releasing carbonate and exposing additional surface sites. Alternatively, 

stoichiometric ferrous iron may form solid FeS on the particle surface and continue to react 

with previously oxidized elemental sulfur to form more stable FeS species (Berner 1985), 

which may be explained by the large percentage of FeR extracted by AVS and CRS. 

Moreover, it is suggested that sulfide may diffuse into micropores (Poulton et al. 2004) and 

continue to react with subsurface iron.  
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Figure 5. Proposed heterogonous reactions for siderite rich material and dissolved sulfide. 

Elemental sulfur accounts for a significant portion of IO reaction products, 50 to 

55%, where 12 to 33% accounts for solid phase sulfur for all particle sizes. This result is 

consistent with those in the previous studies with reference minerals. Based on XRD 

results, IO contains magnetite, hematite and goethite, all among studied reference minerals 

relevant to the natural sulfur cycle (Rickard and Luther, 2007; Poulton et al., 2004). The 

major sulfur oxidation product for the reaction between dissolved sulfide and goethite is 

elemental sulfur, which reduces ferric iron to potentially precipitate with sulfide (Poulton 

et al., 2004). Herszage and Dos Santos Afonso (2000) found the major sulfide oxidation 

product by hematite is sulfate, with minor thiosulfate, although Poulton et al. (2004) found 

no sulfate during similar reactions.  

The reaction mechanism between IO and dissolved sulfide likely includes reduction 

and dissolution of ferric iron with formation of solid phase iron sulfides as a small reaction 

product. Similar to SR, the pH of FeR batch reactors increased, suggesting a dissolution of 

iron hydroxides (Figure A5). Micro-particles are also produced, 104.9 mg g-1 for 112 μm, 

which is greater than 4x the residual micro-particle content prior to sulfide reaction, with 

98% between 0.4 and 36.5 μm (median 7.2 μm). Micro-particle results for 225 and 450 μm 
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are consistent with 112 μm, although the micro-particle amount increases almost 15 and 

25x from the residual micro-particle amount, respectively (Table A4).  

A proposed heterogeneous reaction is illustrated in Figure 6 for IO-rich materials . 

Aqueous sulfide reduces surface ferric (hydr)oxides, releasing alkalinity and electrons and 

forming a sulfur radical that can eventually become elemental sulfur, thiosulfate and sulfate 

or other unquantified sulfur species, including polysulfides. The reduced iron can then form 

surface FeS with additional free sulfide. It is assumed that the major reactive iron minerals 

present in IO are goethite and hematite, where magnetite, although detected by XRD, is 

likely less reactive in the short time-scale (10-20 days) the experiments were performed 

(Canfield and Berner 1987; Voelz et al. unpub.).  

 

Figure 6. Proposed heterogonous reactions for iron oxide rich material and dissolved 

sulfide. 

Summary 

 The characteristically different materials, as defined by mineralogical makeup and 

amounts, reacted consistently with sulfide when compared to reference minerals. Mass 

normalized FeR decreased with increasing particle size. However, due to the heterogeneity 

of the materials, it is assumed the reaction is controlled by more than just surface area. 

Elemental sulfur constituted a large portion of oxidized sulfide for both materials, but SR 
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also produced almost one-third of reacted sulfide as solid phase sulfur. Further 

investigation for using the materials as a sulfate treatment option is warranted, since little 

influent sulfide was converted to soluble sulfate for both materials.  
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Chapter 4. Results: Reaction Kinetics and Rate Relationship  

Reaction kinetics and FeR/HSi 

Reaction kinetics were investigated under various ratios of Fe and dissolved sulfide 

using a sequential spike approach to observe their evolving reactivity as the reaction 

proceeds. Plots of ln(C/C0) versus time were linear, and thus dissolved sulfide removal was 

well-described by pseudo-first-order kinetics (Figure A6). The first order reaction rate 

constants were evaluated against the FeR to initial sulfide concentration ratio, FeR/HSi [μM 

μM-1], including first spikes (Figure 7 solid points) and sequential spikes (Figure 7 hollow 

points). A Michaelis-Menten type empirical equation is used to establish a relationship 

between the first order reaction rate constants and FeR/HSi (Equation 5), where kmax and 

Km are material and single or sequential spike constants determined using least square 

regression analysis (Figure 7, lines). More results are gathered for particle size 112 μm 

(Figure 7a and c), and is the particle size used in column experiments, thus kmax and Km are 

only determined for 112 μm (Table 2), and, for comparison, plotted against observed values 

for larger particle sizes, 225 and 450 μm (Figure 7 c and d, squares and triangles, 

respectively). 

Equation 5.   

 

𝑘 =
𝑘𝑚𝑎𝑥(

[𝐹𝑒𝑅]
[𝐻𝑆𝑖]⁄ )

𝐾𝑚+(
[𝐹𝑒𝑅]

[𝐻𝑆𝑖]⁄ )
 or 𝑘 =

𝑘𝑚𝑎𝑥[𝐹𝑒𝑅]

[𝐻𝑆𝑖]𝐾𝑚 + [𝐹𝑒𝑅]
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Figure 7. Empirical relationship of initial first order reaction rate constant and FeR to initial 

sulfide concentration ratio for SR particle size 112 μm (a) and 225 and 450 μm (b squares 

and triangles respectively) and IO particle size 112 μm (c) and 225 and 450 μm (d squares 

and triangles respectively). First- and sequential-spike rate constants are represented by 

solid and hollow points, respectively. Least squares fits using Equation 1 for particle size 

112 μm for First, sequential and all spike values are represented by the solid, dashed and 

dotted lines, respectively (same lines for SR in a and b and for IO in c and d).  

Table 2. Empirical values for kmax and Km for SR and IO for the Michaelis-Menten like 

kinetics equation determined using least square regression for all experiments, first spikes, 

and sequential spikes. 

 SR IO 

Spikes All First Sequential All First Sequential 

kmax 1.83 3.21 1.22 4.94 7.27 0.21 

Km 30.42 51.69 33.00 163.37 102.28 1.68 
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In general, for both materials and all particle sizes, as FeR/HSi increases, the first 

order reaction rate constant increases. Reaction kinetics between SR and IO and sulfide 

may best be explained by Michaelis-Menten kinetics (Kostiv et al. 2015) or the surface site 

heterogeneity model (Liao and Shi 2005), since kinetics are affected by reactant 

concentrations. Thus, when reactive iron is in excess over sulfide, or when sulfide is 

limiting, the reaction rate will be first order with respect to sulfide, and the reaction rate 

will be kmax.  

Equation 6. [𝐹𝑒𝑅] ≫ [𝐻𝑆−] → 𝑘 = 𝑘𝑚𝑎𝑥  ∴
𝑑[𝐻𝑆−]

𝑑𝑡
= 𝑘𝑚𝑎𝑥[𝐻𝑆−] 

When sulfide is in excess over reactive iron, or reactive iron is limiting, the reaction rate 

will be first order with respect to FeR. 

Equation 7. [𝐹𝑒𝑅] ≪ [𝐻𝑆−] → 𝑘 =
𝑘𝑚𝑎𝑥

[𝐻𝑆−]𝐾𝑚
[𝐹𝑒𝑅]  ∴

𝑑[𝐻𝑆−]

𝑑𝑡
=

𝑘𝑚𝑎𝑥

𝐾𝑚
[𝐹𝑒𝑅] 

Michaelis-Menten kinetics have been used to describe the oxidation of sulfide by 

metals and iron previously (Hoffman and Lim, 1979; Kucera et al. 2011; Rubavathi et al. 

2016), although little with respect to natural environments, where studies generally 

determine reaction orders with respect to sulfide and iron (Rickard 1974; Pyzik and 

Sommer 1981; Poulton et al. 2004). This may suggest a necessity to investigate further the 

reaction kinetics between reference minerals and sulfide with respect to the evolving molar 

ratio to elucidate implications in the environment and in treatment systems. 

As reactions proceed, the size, morphology, and even the phase of iron oxide 

minerals change as shown in our sulfur balance above. The sequential reaction rate 

constants for SR decreased while those of IO increased with increasing particle sizes 
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(Figure 7 b and d). Although this result is consistent with the reaction being surface area 

controlled, generally seen in heterogeneous liquid-solid reactions (Wen 1968), it likely 

cannot be explained if the reaction were primarily or only controlled by surface area. 

Poulton et al. (2004) study of various synthesized iron (oxyhydr)oxides with dissolved 

sulfide found that surface area may not be the primary controller of reaction kinetics, and 

that site density and material acidity may help explain kinetic variability. Thus, with the 

introduction of a heterogeneous material mixture, even more material characteristics may 

affect reactivity kinetics, relevant in both natural and engineered systems.  

For SR, sequential spike reaction rates decrease with increasing FeR/HSi as 

compared to first spike reaction rates, kmax from 3.21 to 1.22 hr-1, but remains relatively 

constant with each sequential sulfide spike and continues to follow Michaelis-Menten type 

kinetics. First spike reactions for the larger particle sizes generally slow below the least 

square regression line created using 112 μm particles. Sequential spikes for lager particle 

sizes also slow below the least square regression line created using 112 μm particles. Again, 

this is consistent with surface area playing a role in reaction kinetics. 

For 112 μm first spikes, IO follows the Michaelis-Menten type relationship, and 

experiences an increase in reaction rates with increasing FeR/HSi, resulting in a kmax of 7.27 

hr-1. However, sequential spike reaction rates drop significantly, remaining almost constant 

with increasing FeR/HSi, kmax around 0.2 hr-1. This may be explained by easily accessible 

or reactive surface iron getting consumed initially, leaving less reactive iron for remaining 

free sulfide. First spike reaction rates for larger particles did not follow a similar trend as 

112 μm but resulted in reaction rates that follow no noticeable trend, as related to FeR/HSi. 
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Along with the high variability of mass normalized FeR for the largest particle size, 450 

μm (76.4 ± 17.3 μmol g-1), surface available iron may present less or become sporadic with 

increasing particle size, or other important heterogeneous reaction factors like crystalline 

orientation or surface impurities (Wen 1968) may become more prevalent.  

Although experimental and analytical methods were optimized to fill in specific 

points along the FeR/HSi axis of Figure 7, the ratio alone is not enough to discuss results 

with more context, especially when moving forward with an engineering system. Given 

that, reaction rates are plotted as bubbles against FeR and HSi in Figure 8. Generally, when 

HSi is low, at any concentration of FeR, reaction rates are high. Additionally, larger reaction 

rates are observed when FeR is high, even as HSi becomes elevated. Conversely, if FeR is 

low and HSi is high, smaller reaction rates are observed. For SR, generally for any spike 

type, when FeR is in excess, the highest reaction rates will be observed. For IO first spikes, 

the same relationship is observed; however, sequential spikes, although the relationship is 

the same, reaction rates evolve far less with varying FeR or HSi. This evaluation can be 

useful to consider in engineering design, when evaluating system sulfide loading rates 

(waste stream flow), natural areas where environments experience a flux of sulfide 

(wetlands and estuaries), and how reaction rates evolve in an advective system. Again, 

methods used in this work were optimized to fill in instances of the molar ratio FeR/HSi; 

however, for future consideration, filling in the Figure 8 paradigm may shed more light on 

the stoichiometric dependence of material reactivity towards sulfide. 
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Figure 8. Bubble (3-D) plot of reaction rate k (bubble size) with respect to reactive iron 

and initial sulfide for SR (left) and IO (right) for first (solid) and sequential (dashed) spikes.  

Summary 

First order reaction rate constant, k, is shown to evolve predictably with varying 

FeR to sulfide concentration molar ratio. In general, as FeR/HSi increases, or FeR is in 

excess, reaction rate with respect to sulfide increases. As FeR becomes limiting, the reaction 

rate decreases, and proceeds with respect to FeR. 
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Chapter 5. Results: Column Experiment and Mathematical Model 

Column sulfide removal  

Column experiments were performed to elucidate the extent to which kinetic and 

capacity characteristics from batch loading studies are realized in a continuous flow 

system. Column reactor results are presented in Table 3 and breakthrough curves in Figure 

9. Both materials reacted with almost all inputted sulfide until the initial sulfide 

breakthrough at 302 and 116 hours for SR and IO, respectively, at which point the outlet 

sulfide concentration increased approximately linearly (both R2>0.91) until the end of the 

column experiments. The amount of sulfur oxidized to sulfate by the end of the experiments 

are 5.5 and 6.1% for SR and IO, respectively. FeR are 413.2 and 142.1 μmol g-1 for SR and 

IO, a 39% and 23% increase over batch reactor FeR. Since column experiments ended prior 

to complete sulfide breakthrough, an adjusted FeR is determined by extrapolating the 

breakthrough curves through complete breakthrough, which added approximately 5% to 

the capacity.  

AVS constitutes 47.3% and 44.6% of FeR for SR and IO, a 78% and 96% increase 

over batch reactor values, respectively. Although the sulfur balance on the column reactors 

is not comprehensive, the low output of sulfate and significant increase in AVS are positive 

results. Additionally, experiencing a reaction capacity increase from batch to flow-through 

reactors is commonly observed for heterogeneous systems, from boron adsorption using 

fly ash to heavy metal removal (Clancy and Jennings 1988; Palma et al. 2003; Ozturk and 

Kavak 2005; Gabaldon et al. 2006). In short, Clancy and Jennings (1988) explain reaction 

capacities in batch or static systems undervalue those in advective systems. Considering 
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this, performing sequential spike extractions (as opposed to a single spike batch reactor) 

continuously until reaction capacity is reached may yield reaction capacities and reaction 

products for FeR that are more consistent with column reactors.  

Table 3. FeR, kinetic, and sulfur balance results for 2.5 cm columns. 

  FeR [μmol g-1]         

Col. Quantified Adjusted t kmax [hr] 

Zero order k 

[μM hr-1] AVS [%] SO4
2- [%] 

SR 413.2 433.8 302 16.7 47.3 5.5 

IO 142.1 149.2 116 20 44.6 6.1 

 

  

Figure 9. Column inlet and outlet sulfide and outlet sulfate concentrations and removal 

efficiency versus time for SR (left) and IO (right). 

When considering system design, FeR is likely the important parameter versus 

reaction rate. Given the column experiments in this study were constrained to one flow rate 

and sulfide concentration, the importance of reaction rate may be realized when system 

constraints change. For instance, Chowdhury et al. (2015) found increasing flow rate or 
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inlet concentration may lead to decreased reaction capacity and steeper breakthrough 

curves in flow-through reactors.  

Mathematical model development 

Model results for sulfide concentration at the outlet of a 2.5 cm column alongside 

experimental results are plotted in Figure 10. Modeled sulfide breakthrough curves are well 

fitted with experimental data for both materials. For the model FeR plus and minus one 

standard error is plotted in Figure 10 to give a model range, considering column FeR was 

found to be different than batch reactors. A numerical approach is taken for the model, 

using discretized space and time steps, while maintaining the product of u(∆t)(∆x)-1 around 

0.35 to ensure model stability. The equations for sulfide and iron concentration through 

time are Equations 2 and 3, respectively, where u is pore space velocity and k is reaction 

rate, as determined by Equation 5. Inlet sulfide concentration is constant at 3 mM, initial 

FeR is constant in space, and a zero-flux concentration gradient is assumed for the outlet. 

Reaction kinetics from “All Spike” kmax and Km values obtained from the sequential batch 

experiments are used (Table 2) for Equation 4, although the flow-through system will 

experience a changing gradient of reaction rates as material is exposed to more sulfide, as 

determined by sequential spike batch experiments. In general, the time length for sulfide 

breakthrough corresponds to the material FeR, and the slope of the sulfide breakthrough 

curve corresponds to the reaction rate. 
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Figure 10. Sulfide column plots of outlet sulfide concentration versus time for SR (left) 

and IO (right). Advective transport model applied as a range for FeR plus and minus 

capacity standard deviation against observed outlet concentrations. Reaction material 

specific kmax and Km values are 1.83 and 30.42 for SR, and 4.94 and 163.37 for IO (Table 

1, All Spikes). 

For SR, the model initial sulfide breakthrough occurred earlier than the observed 

results, but occurred gradually with time, where the observed column breakthrough curve 

is steep. For IO, model and observed sulfide concentration a similar from t=0 to 

approximately 175 hours. However, from 175 hours and on, the model breakthrough curve 

is steeper than the column results. The model may become more robust by including 

evolving kmax and Km, since with continued sulfide exposure kmax and Km change. 

Additionally, to the point Chowdhury et al. (2015) found experimentally, that changing 

flow or concentration will change breakthrough curves, by varying model parameters some 

of these differences can be explored (Figure A7). Increasing velocity or concentration may 

cause breakthrough sooner and cause a steeper breakthrough curve. Increasing 

concentration may also lead to an increased reaction capacity. 
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Summary 

A mathematical model for a flow-through system was developed using parameters 

established from batch reactor experiments, including reactive iron (FeR) and reaction rate 

(k). The model was developed to elucidate evolving sulfide reactivity using the FeR/HSi to 

k relationship. The model compared well with actual column outlet concentrations, 

implying reaction rates may be relatively insensitive to loading scenarios (i.e. batch versus 

flow-through reactors). 
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Chapter 6. Conclusions and Implications 

We have a general idea of the reactivity of sulfide with pure or synthesized iron 

minerals. Pure iron minerals have been studied to gain an understanding of the sulfur cycle 

and elucidate mechanisms. A natural next step is to examine the reactivity of heterogeneous 

iron mineralogy. Two mineralogically different iron-bearing materials, IO and SR, were 

studied for their reactivity with sulfide in a 10 mM carbonate solution at circumneutral pH. 

A large mass fraction of IO consists of strong acid extractable iron from several different 

iron oxides, including magnetite, hematite and goethite. SR consisted of primarily siderite, 

with some chlorite.  

Experiments were performed in serum bottles where material reacted with an 

excess amount of aqueous sulfide until no sulfide change was experienced, determined as 

sulfide reactive iron (FeR or ∆HS-). The molar percentage of sulfur reaction products 

(Figure 4) for IO consisted of almost 50% elemental sulfur, as realized in the 0.22 μm 

filtered post-reaction solution. Detecting elemental sulfur in circumneutral pH and filtered 

solution is interesting, since elemental sulfur is more stable at lower pH and analytical 

methods for elemental sulfur usually involve investigating unfiltered solution or solids. A 

small fraction of reacted sulfur was present as weak (9N) and strong chromic acid 

extractable solid phase sulfur. Chromic acid extractable sulfur may constitute more 

elemental sulfur (as the employed MES method did not liberate any solid phase sulfur), as 

well as more stable FeS species. Pyrite formation as a reaction product between iron oxides 

and sulfide has been shown to begin after 2 days, although faster when iron is in excess of 

sulfide, likely due to competition with the formation of amorphous FeS species (Wan, 
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Schroder and Peiffer 2017). Since our reactors continued until no sulfide change was 

experienced (>7 days, typically), there is potential for pyrite formation. Approximately 

50% of reacted sulfide for SR consists of acid extractable solid phase sulfur, with elemental 

sulfur as another substantial reaction product.  

In general, the reaction products for IO and SR are consistent with the likely 

reaction products of their individual iron minerals considering iron oxidation state. Iron 

oxides, including hematite and goethite, primarily produce elemental sulfur as a reaction 

product (Poulton et al. 2004), where the formation of FeS(s) is thermodynamically favorable 

between siderite and sulfide. Although different motivations and analytical methods were 

employed for this research, achieving comparable and consistent results may verify 

environmental implications of pure-phase mineral research cited in this work. 

For both materials, it is likely that there is an additional source of electron accepting 

capacity outside of ferric iron as their heterogeneous nature If it is assumed all electron 

accepting capacity in the reaction is from ferric iron, there remains an imbalance of 

electrons when considering the quantified sulfur species and ferrous iron (as extractable 

iron: acid volatile and chromium reducible). Of course, this is an approximate balance since 

the quantification of post-reaction free ferric and ferrous iron is absent, along with the 

quantification of other potential electron acceptors oxidation states, such as other redox-

active metals that may reside in the matrix of the natural materials.  

For both materials the reaction rate with respect to sulfide increased as the molar 

ratio of reactive iron to sulfide decreased, or iron becomes limiting (Equation 5). The first 

order reaction rate constants become proportional to iron as the ratio decreases well below 



36 

 

one, or sulfide becomes limiting. Additionally, as materials are exposed to more sulfide, or 

as reactive iron is consumed, reaction rate decreases, when compared to similar molar 

ratios for initial sulfide exposure (Figure 8). The employed relationship between first order 

reaction rate constant and the reactive iron to initial sulfide ratio (Equation 5) was used 

successfully to describe sulfide evolution in a small-scale column experiment. Column 

experiments reacted with more sulfide on a per mass basis, which is commonly experienced 

when larger dynamic systems are compared to small scale experiments. Consider a small 

segment of the column (∆x) where aqueous sulfide enters, reacts, and leaves; initially, 

reactive iron will be in excess and the first order reaction rate with respect to sulfide will 

be high. As reactive iron is consumed, sulfide will begin to overwhelm the iron, and the 

first order reaction rate will decrease. As a result of both reactive iron being consumed (i.e. 

reactive iron to sulfide ratio increasing) and the material experiencing repeated exposure 

to sulfide (i.e. sequential spikes), k will decrease as depicted in Figure 11.  

 

Figure 11. Reaction rate evolution through a column segment from initial contact to 

reactive iron exhaustion. Solid lines and dashed lines represent initial and sequential spikes, 

respectively, where arrows represent reaction rate progression through a column segment.  
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Environmental and treatment implications 

Although reactive iron decreased with increasing particle sizes, it was not a large 

enough decrease to be explained by surface area alone. Reaction kinetics with respect to 

the reactive iron to initial sulfide ratio may not critically dependent on surface area (Figure 

7). This suggests preparing raw iron-bearing materials for use in sulfur treatment may not 

require extensive processing (crushing, sieving, removing nano-particles, etc.). The key 

parameter gleaned from this work with regards to sulfur treatment is the molar sulfur 

capacity of the materials (FeR or ∆HS-), which are not strictly dependent on surface area or 

particle size, which differs from pure or synthesized minerals  

Although there was an increase in FeR from batch reactors to column reactors, a 

more careful methods regimen for future experiments may narrow the difference. Even if 

the increase between reactor types is consistent, the implications suggest a more dynamic 

treatment system (i.e. an active filter design) as opposed to a passive design, may be better 

suited for the studied materials. Regardless, moving forward the materials studied in this 

work should be considered for further investigation of various treatment methods, like an 

active filtration system (as motivated behind this research) to passive treatment systems 

(wetlands) to treating sulfide in sewers (Zhang et al. 2016) as an iron-salt substitute. We 

recommend continuing the research with a natural next step: perform larger scale 

experiments, both batch (representative of passive treatment options) and column (active 

treatment options) reactors to further shed light on potential uses of the studied materials. 
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A few material specific implications were realized as part of this work that should 

be considered for sulfur treatment. Both materials may be suited for sulfate treatment as 

soluble sulfate is a minor oxidation product. The removal of elemental sulfur from solution 

is relatively straightforward (Henshaw et al. 1992) and should be considered in treatment 

design. Lastly, it is advised that the design of a treatment system considers the increase in 

pH and formation of micro-particles when meeting water quality standards. Importantly, 

moving forward the stability of the sulfur containing reaction products need to be 

determined to establish the next steps in the treatment process (i.e. exhausted materials 

processing and handling). Understanding the stability of the reaction products are another 

key to establish what kind of treatment system the materials may be best applied. If further 

processing of the end products is required to produce a more stable product, than a passive 

wetland may not be a sustainable treatment option. 

We established what the reaction products and rates, but products are merely 

defined by what acid led to their quantification, and we understand the mechanisms behind 

the reactions in only general terms. If the materials are to be considered for use in an actual 

treatment capacity, the longer-term stability of the reaction products needs to be 

understood. The employed method of determining sulfide reactive iron in this work simply 

assumed a mole of iron reacted with a mole of sulfide. A method to quantify an electron 

balance from ferrous and ferric iron (along with other electron acceptors) from pre- to post-

reaction and a comprehensive sulfur balance will help elucidate of the mechanisms behind 

the reactions. It may be useful to perform sulfur balances at intermediate reactive iron to 

sulfide ratios to comprehensively describe sulfur evolution at different molar ratios.  
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Additionally, the three-axis reaction rate paradigm (Figure 8) could be completed, 

to understand the dependence of reaction rate constant on reactive iron and sulfide 

separately.  This would more fully resolve our ability to evaluate the evolution of sulfur 

reactivity in a dynamic system. A more thorough investigation into the reactions of 

different particle sizes could further the understanding of surface area influence, and 

potentially elucidate an optimal particle size range to consider in treatment design.  

Materials in columns reacted with approximately 50% more sulfide and produced 

approximately 30 to 50% AVS as compare to batch reactors, emphasizing a need to 

understand the reaction mechanisms under different loading scenarios. Additionally, only 

one size column experiment was performed, so few conclusions can be drawn about how 

column material reactive iron will change with differing system parameters.  

Finally, different solution sources should be investigated. The employed work used 

10 mM carbonate as a base solution for experiments. Careful study into different solution 

sources, especially biogenic sulfide sources, are needed to determine the influence on 

sulfide reaction capacities and kinetics. 
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Appendices 

Tables 

Table A1. Micro-particle mass content [mg g-1] present within different particle sizes in 

dialyzed (unreacted) materials. 

 112 μm 225 μm 450 μm 

SR 15.8 (± 0.9) 7.3 (± 0.3) 4.2 (± 0.3) 

IO 22.5 (± 1.6) 6.6 (± 0.4) 3.4 (± 0.8) 

Table A2. Estimated particle average diameter [μm]. 

 Sieve Averages   

 

SEM image measuring & 

 micro-particle factoring (not Bulk) DLS 

 112μm 225μm 450μm 112μm Bulk Micro 

SR 106.2 240.1 510.8 125.7 2.3 

IO 89.4 259.8 480.5 114.8 1.8 

 

Table A3. Micro-particle mass content [mg g-1] present in capacity batch reactors after 

complete sulfide reaction. 

 112 μm 225 μm 450 μm 

SR 171.0 (± 4.1) 138.3 (± 4.2) 127.0 (± 6.2) 

IO 104.9 (± 2.9) 107.3 (± 3.5) 91.5 (± 3.6) 

 

Table A4. Elemental composition [mg g-1] determined by ICP-OES.  

 Al B Ca Fe K Mg Mn Na P S 

SR Dialyzed 3.5 0.4 6.4 244.3 3.8 16.2 1.7 0.7 0.5 1.3 

 Bulk 3.5 0.4 5.2 249.8 2.0 15.7 1.7 0.6 0.5 1.0 

IO Dialyzed 0.8 0.3 3.9 466.7 3.5 0.7 14.0 1.3 1.5 0.3 

 Bulk 0.6 0.4 1.7 525.2 2.4 0.4 14.3 0.6 0.4 0.3 
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Figures 

 

  

 

Figure A1. SEM images of SR (top row) and IO (bottom row) for 112, 225 and 450 μm 

(left, middle and right columns, respectively) to illustrate particle shapes. 
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Figure A2. Flow-through reactor schematic. 
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Figure 4. Reactive iron limit for SR (left) and IO (right) for 112 μm particle size. Each 

point corresponds to a capacity batch experiment run until sulfide sequestration was 

complete. 

  

Figure A4. Sulfur balance for SR (left) and IO (right) on 112 μm Bulk (micro particles 

washed off) and micro particles. Micros were not extracted by solid phase sulfur sequential 

extractions. 
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Figure A5. Relationship of log hydroxide [μmol] and log reacted sulfide [μmol] for SR 

(left) and IO (right) to illustrate pH increase as sulfide reacts with the material. 

 

Figure A6. Exemplary figure of pseudo-first-order kinetics with respect to aqueous sulfide 

in batch reactor experiments. 
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Figure A7. Effects of changing pore-space velocity and inlet sulfide concentration 

parameters on model breakthrough curves.  
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Figure A8. Particle size distribution of micro-particles in for SR (a and c) and IO (b and 

d) before reaction (a and b) and in post-sulfide reaction solution (c and d) by dynamic light 

scattering. 
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Figure A9. XRD spectra and mineral composition for SR (left) and IO (right) (Voelz et al. 

unpub.). 
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Figure A10. SEM images of SR (top row) and IO (bottom row) of dialyzed 112 μm 

material containing micro-particles (left column) and micro-particles removed (right 

column). 
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Figure A11. Particle sizes determined by measuring particles from SEM images (SR 112 

n=52, 225 n=52, 450 n=32; IO 112 n=52, 225 n=52, 450 n=30). Error bars are one standard 

deviation from average. 

  

Figure A12. Relationship of log total iron [μmol] and log reacted sulfide [μmol] for SR 

(left) and IO (right) to illustrate iron dissolution as sulfide reacts with the material. 
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Figure A13. Mass normalized FeR versus log particle diameter (solid) and surface area 

normalized FeR versus particle diameter (hollow). 
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