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Abstract

Reactive oxygen species (ROS) are critical to global maintenance of the global
organic carbon cycle, sulfur cycle, oxygen cycle, and transition metal cycles. The primary
source of ROS is commonly considered to be photolysis or photochemically driven
reactions, however ROS also exist in aphotic zones. A geochemical mechanism for the
same in dark environments based on the tidally driven, episodic movement of anoxic
groundwaters through oxidized, Fe(ll1) rich sediments is shown. Predictive models were
developed based on in vitro experiments and tested using sediment samples collected
from a saline tidal creek in the estuary at Murrell’s Inlet, South Carolina. These
sediments were air dried, resuspended in aerated solution, then exposed to aqueous
sulfide at a range of concentrations chosen to replicate the conditions characteristic of a
tidal cycle, beginning with low tide. No detectable ROS production occurred from this
process in the dark until sulfide was added. Sulfide addition resulted in the rapid
production of hydrogen peroxide. The mechanism of hydrogen peroxide production was
tested using a simplified three factor representation of the system based on hydrogen
sulfide, Fe(11) and Fe(111). We show that changes in marine pH associated with predicted
ocean acidification are sufficient to quench hydrogen peroxide formation, potentially
reducing it by an order of magnitude relative to current marine conditions (e.g. from

18.3x10® M to 2.01x10°® M over the range of conditions studied).
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Chapter 1: Structure of the Manuscript

This dissertation is in manuscript style, structurally based on a literature review

and journal entries published, submitted, or in process.



Chapter 2: A new perspective on global ROS production: aphotic mechanisms from

biogeochemical sources

ABSTRACT

Reduced carbon and transition metals that coexist in the terrestrial biosphere lead
to unpredicted high concentrations of reactive oxygen species (ROS), which are critical to
maintenance of the global organic carbon cycle, sulfur cycle, oxygen cycle, and transition
metal cycles. The primary source of ROS is commonly considered to be photolysis or
photochemically driven reactions, however ROS also exist in aphotic zones. Here we
show biogeochemical sources for superoxide, which can lead to the formation of other
ROS. The contribution of sulfur to ROS production was calculated. This mini-review
focuses on these aphotic mechanisms for ROS production, a key component of many

elemental cycles.

INTRODUCTION

In most aquatic systems, photolytic reactions are limited to only a relatively thin
surface layer through which light passes. In addition to indirect and direct photochemical
reactions, aphotic mechanisms can produce significant concentrations of ROS, potentially
surpassing photochemical processes in biogeochemically mediated aphotic systems. ROS
production is often rapid, limited primarily by the presence of thermodynamically
available reductants. Although the reaction between hydrogen sulfide and dissolved

oxygen is spin forbidden, the oxidation of sulfide by dissolved oxygen is catalyzed by



dissolved metals, allowing fast oxidation of sulfide and production of ROS.

Additionally, a wide variety of bacteria produce superoxide directly?.

Sulfide is widely available due to sulfate reduction in aqueous solutions,
sediments, and biofilms by sulfate reducing bacteria. Two pathways have been proposed
for the oxidation of sulfide in ROS and Fe containing systems: oxidation by hydroxyl
radical (egn 1-2) and 2 electron transfer via nanoparticles or clusters of FeS (egn 3).
Although both processes certainly occur to some extent, an increased net production of
ROS in the presence of sulfide, indicates the 2 electron transfer (eqn 3) is likely the
dominate sulfide oxidation pathway resulting in a net increased concentration of ROS.
The kinetically rapid oxidation of sulfide is enabled by Fe redox chemistry upon mass
transport to oxic waters Environmental locations where this occurs include swamps,
marshes and groundwater outlets, particularly where there is rapid mixing such as in

coastal estuaries and beaches.

HS + HO- - HS: + HO’ (1) 3
HS-+ 02> S°+ O (2) 3
HS + 2Fe(lll) 2 S°+2Fe(ll) ©) 35

Although a variety of transition metals undergo similar processes®, Fe is the most
abundant and is a well-known producer of ROS through Fenton chemistry (eqn 4-5). This
initiates a suite of reactions that convert superoxide to hydrogen peroxide and hydroxyl
radical (egn 6-8). The Fe cycle is completed by subsequent reduction of Fe(lll) by
reduced sulfur species (eqn 3). Although sulfide has the potential to donate up to 8

electrons to reduce Fe(l11) and form superoxide, some oxidation states of sulfur may act



as a sink for ROS rather than a source (egn 9). Additionally, particularly as pH decreases

from modern day marine pH, other common molecules will compete as sinks for ROS

(egn 10).
hv,LMCT
Fe(IL —— Fe(Il)aq + Lox 4)
Fe(Il)aq + O2 2 Fe(lll) + Oy (5) 6
H+
Fe(Il) + HO2- - H20; (6) !
H+
202/HO2- _, H202+ 02 (7) !
Mg + H202 2 MO D* + HO- + HO (8) 8
H20, + HSO3” - HSO4 + H20 9) o
2- H+ - 10
HO- + COs3 . COz™ + HO (10)

There are many factors that directly influence the production of ROS, primarily
dissolution, reduction and oxidation rates of Fe. The dissolution rate of Fe is increased by
the presence of ligands such as carboxylic acids and sulfides*'**2, Dissolution, reduction
and oxidation rates are all strongly influenced by pH changes due to ocean pH

approaching several critical pKa values, including carbonate (6.4) and sulfite (7.2).

As pH decreases, ROS scavenging by carbonate and sulfite will increase
significantly. The rate of hydrogen peroxide scavenging by sulfite will increase by an
order of magnitude with a change in pH from about 8.2 to 7.5, As a global estimate,
based on 11.3 teramoles of sulfate reduced annually, one order of magnitude change in
the rate of bisulfite scavenging implies that up to 10 more teramoles of ROS may be

scavenged by sulfite, rather than reduced carbon. Currently, 12-29% of the organic



carbon flux to the sea floor is dependent on the reduction of sulfate through metabolic
activities'®. The global absolute minimum input of geochemical aphotic ROS is 51
gigamoles of ROS based on net rate of loss of superoxide!® and measured ROS
concentrations in aphotic marine waters*®, Because these samples were unaltered (net rate
calculations include bacterial production and consumption of ROS, presumably also
including indirect production of ROS through reduction of sulfates), the calculation of 51
gigamoles ROS defines the minimum contribution of mass transport and mixing of
thermodynamically reactive chemical species to the marine ROS cycle. Additionally,
tidal forcing promotes rapid mixing of reduced Fe and S with dissolved oxygen,’
allowing rapid indirect sulfide oxidation by dissolved oxygen through Fe catalysis®-%° or
direct oxidation by Fe(I11)%. The oxidation of sulfide results in the formation of S

radicals, polysulfides, bisulfite, thiosulfate, and eventually sulfate.

In this mini-review, biogeochemical sources of ROS were discussed and global
contributions were calculated. An overview of the positive and negative contributions
(production and consumption, respectively) of sulfur to global ROS production is
provided and the influence of pH on net production and consumption rates was briefly

discussed. Additional work is needed to quantify aphotic changes as a function of pH*& 2%
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Chapter 3: Geochemical Production of Reactive Oxygen Species from

Biogeochemically Reduced Fe!

Sarah A. Murphy, Benson M. Solomon, Shengnan Meng, Justin M. Copeland, Timothy J.
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Department of Chemistry and Biochemistry, University of South Carolina, Columbia,
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KEYWORDS submarine groundwater, reactive membrane, remediation, transient

oxidants

ABSTRACT

The photochemical reduction of Fe(111) complexes to Fe(ll) is a well known initiation
step for the production of reactive oxygen species (ROS) in sunlit waters. Here we show
a geochemical mechanism for the same in dark environments based on the tidally driven,
episodic movement of anoxic groundwaters through oxidized, Fe(lll) rich sediments.

Sediment samples were collected from the top 5 cm of sediment in a saline tidal creek in

! Sarah A. Murphy, Benson M. Solomon, Shengnan Meng, Justin M. Copeland, Timothy J. Shaw,
and John L. Ferry. 2014. Environmental Science and Technology. 48 (7): 3815-3821.

Reprinted with permission from Environmental Science and Technology. Copyright 2014
American Chemical Society.



the estuary at Murrell’s Inlet, South Carolina and characterized with respect to total Fe,
acid volatile sulfides and organic carbon content. These sediments were air dried,
resuspended in aerated solution, then exposed to aqueous sulfide at a range of
concentrations chosen to replicate the conditions characteristic of a tidal cycle, beginning
with low tide. No detectable ROS production occurred from this process in the dark until
sulfide was added. Sulfide addition resulted in the rapid production of hydrogen peroxide,
with maximum concentrations of 3.85 micromolar. The mechanism of hydrogen peroxide
production was tested using a simplified three factor representation of the system based on
hydrogen sulfide, Fe(ll) and Fe(lll). The resulting predictive model for maximum
hydrogen peroxide agreed with measured hydrogen peroxide in field-derived samples at
the 95% level of confidence, although with a persistent negative bias suggesting a minor
undiscovered peroxide source in sediments.
INTRODUCTION

The cycling of Fe between ferrous and ferric oxidation states constitutes a catalytic
mechanism of electron transport in aqueous environments ranging from sediments to
surface waters.1> 28 This cycle is coupled to atmospheric oxygen through the reduction of
O: by ferrous iron. In the photic zone, ferrous iron formation is generally photoinduced
through the photolysis of Fe(ll1)-ligand (L) complexes, particularly when L = carboxylic
acids (eqn 3.1).2°3! The resultant Fe(ll)aq is thermodynamically unstable in the presence
of dissolved oxygen and its oxidation leads to the production of the superoxide anion
radical (eqn 3.2). The superoxide anion radical is the conjugate base of the hydroperoxyl
radical (pKa 4.8). This radical can react with a second Fe(ll)aq or disproportionate to

generate hydrogen peroxide (eqns 3.3, 3.4).%23* Hydrogen peroxide in turn can react with



reduced transition metals (M**) to yield the hydroxyl radical (eqn 3.5).%% In sediments,
aquifers, and anoxic porewaters microbial respiration can replace photons as the source of
reductive equivalents to drive Fe(ll)aq production. This is accomplished through a
combination of direct microbial reduction and indirect reduction by microbially produced
agents such as hydrogen sulfide (eqn 3.6).”*® Reduced sulfur species, derived from
anaerobic microbial reduction of sulfate, can occur in groundwaters at concentrations as

high as millimolar.*

Reaction Eqn # Ref. #
hv,LMC

Fe(INL 225 Fe(I1)ag + Lox 3.1)

Fe(I)aq + Oz 2 Fe(lll) + Oz (3.2) 6

H+
Fe(ll) + HO2- ", H20: (3.3) !
H+

O2: + HO2: _, H202+ 02 (3.4) !

M**aq + H20;, 2 M&D*+ HO. + HO (3.5) 8

Fe(Ill) + HS 2 Fe(ll)aq + HS- (3.6) 21

Reactions 1-5 suggest microbially generated Fe(I1)aq can have the same impact on
ROS production as photochemical sources of ROS, but with magnitude mediated by mass
transport rather than light intensity.> 4-*1 Major sources of Fe(I1)sq and hydrogen sulfide-
rich waters include the outflow of subterranean estuaries,*? the release of sediment-
associated porewater during low tide,*® mine drainage** and the emissions of some
hydrothermal vents.* Subterranean estuaries and tidally driven mixing are particularly
significant among these sources because their releases are in close proximity to high human

population densities near coastal regions.***’ Recent studies indicate the volume of



groundwater associated with subterranean estuary emission represents a major, continuous
flux of Fe(ll)sq to the groundwater/seawater mixing zone.*®*® Estimates based on Ra
isotope inventories suggest that on the order of 30 kg water m-2day is circulated through
the shallow aquifer in the South Carolina salt marsh system alone.® This yields an estimate
for the entire South Carolina coastline (est. 2000 km? salt marsh) of approximately 6.0
x10'° kg of water exchanged between the oxic and anoxic conditions per day.>> The
implication is this ecosystem has a potential daily abiotic ROS flux of up to 1.5 x10” moles
day? (based on the accompanying dissolved oxygen flux). This number is comparable to
photochemical sources of ROS, based on measured steady state concentrations of reactive
oxygen species in near shore environments.3? 3% These numbers are rough estimates yet
still suggest an important hypothesis: the number of moles of reactive oxygen species
derived from Fe(ll)aq rich groundwater is potentially on par with that obtained from
photochemical processes, with biogeochemical reductants (e.g. sulfide) acting as initiators
in a manner analogous to photons.

Direct measurement of the ROS production capacity of a given environmental
compartment is a difficult challenge because of the transient nature of the analytes
involved. There is a long tradition in aqueous ROS chemistry of addressing that problem
by removing a representative fraction of the system in question from the field and initiating
ROS production in a laboratory setting.3! %% This work reports application of that strategy
to test the hypothesis expressed in the preceding paragraph. This was done by infusing
oxic sediment samples from a protected coastal marsh with sulfidic solutions (the initiation
step) and monitoring subsequent ROS formation. Sediment samples were obtained from

the surface of a pristine saline tidal creek at low tide (i.e. top five cm of exposed creek



bottom, flooded with seawater at high tide, pH 8.0, salinity of 28 ppt). Varying
concentrations of hydrogen sulfide were spiked into sediments and hydrogen peroxide
generation was measured as a function of added sulfide and time. The duration of peroxide
generation increased with increasing sulfide but the maximum concentration was constant,
consistent with catalytic Fe oxidation/reduction cycles that continued until the sulfide was
depleted. The mechanism of peroxide production was tested by comparing these outcomes
to those obtained from a trifactorial experiment based on the cooxidation of Fe(Il)aq and
sulfide in solution in the presence of Fe(lll) (central composite design, 15 conditions
interrogated, vide infra).
EXPERIMENTAL METHODS

Materials: Iron(l11) chloride hexahydrate and sodium sulfide nonahydrate (99.99+%
trace metal free) were purchased from Aldrich. Hydrochloric acid (ACS grade) was
obtained from BDH. N,N-dimethyl-p-phenylenediamine sulfate salt was acquired from
Acros Organics. Diethylenetriaminepentaacetic acid (98+%) and iron(ll) chloride
anhydrous (99.5+%) were purchased from Alfa Aesar. Iron(Il) chloride was stored in a
desiccator. FerroZine iron reagent (98%) was purchased from VWR. All other salts (99%)
were obtained from Fisher Scientific. All chemicals were used as received. Solutions were
made in Barnstead E-pure (18 MQ cm™) water which had been distilled under nitrogen to
remove trace H20..
ANALYTICAL METHODS

Iron(11) and Sulfide Measurement. Fe(ll)aq and hydrogen sulfide were monitored

colorimetrically using the ferrozine and methylene blue methods respectively.5’%° Samples
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were withdrawn from the reactor and added directly to developing solutions (varied by
analyte). Absorption spectra were recorded on a Spectramax M5 plate reader.

Hydrogen Peroxide. Hydrogen peroxide was measured by the acridinium ester
chemiluminescence technique utilizing a flow injection analysis instrument with a
chemiluminescence  detector  (Waterville  Analytical,  Waterville,  ME).5!%2
Chemiluminescence from the reaction between the hydroperoxyl anion and acridinium
ester at pH 11.4 was monitored in a flow through cell by a photon multiplier (PMT). All
initial flow rates (sample, carrier, acridinium ester, and buffer) were set at a constant 1.5
mL/min. The flow cell volume was 2 mL, with a PMT integration time of 0.200 s and a
constant voltage for every experiment set. Daily calibration was achieved by the use of
independently verified (UV absorbance at 2.54 x10" m) peroxide solutions, with hourly
drift checks based on standard comparison. New calibrations were performed at least
twice/measurement period or when instrument drift exceeded 10%.

All glassware used was cleaned in a muffle furnace and acid washed. After rinsing
with 18MQ deionized water, glassware was handled and stored as trace metal clean
glassware to prevent trace metal catalytic oxidation of sulfide in the absence of added
metals.

Sediment Experiments. Sediment samples were collected from a tidal creek (Bread
and Butter Creek) in North Inlet, part of the Baruch Institute reserve near the town of
Murrell’s Inlet, South Carolina (Figure 3.14). Collected sediments included both oxic and
anoxic layers. Anoxic portions were sulfidic with a loading of 26.5umol/g acid volatile
sulfides based on dry weight. Aqueous sediment loading was 10.00 g L™ of air dried,

sieved sediment, consistent with the low range of solid/liquid ratio (99% porosity) observed
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in the top layers of many coastal surface sediments.%® Sediments were stirred for 20
minutes prior to the addition of sulfide and buffered to pH 8.28 with NaHCO3 (0.050 M).
Samples were removed from the reactors and spun down on a Baxter Dade Immufuge 11
centrifuge at 3225 rpm for 30 seconds to remove suspended solids before subsequent
spectroscopic assays.

Quality Assurance/Quality Control. Replicate blanks (n=3) were obtained for all
reagents. Blanks were updated with preparation of fresh reagent solutions. Reference
standards were interrogated for peroxide analysis at a frequency of 1 reference check/5
unknown determinations. Peroxide reference standards were externally calibrated against
their optical absorbance at 254 nm. The detection limit for each method was defined by
the linear dynamic range of the calibration curves.

EXPERIMENTAL DESIGN

The multifactorial experiments were designed to interrogate the relationship between
peroxide yield and the initial concentrations of Fe(l1)aq, total Fe(l11), and hydrogen sulfide.
Specific conditions for each experiment were determined by processing the conditional
ranges for each variable through the central composite design algorithm, which solved for
specific points in parameter space that required experimentation. This design was chosen
to allow an estimate of feedback terms, a necessary experimental component for systems
based on free radical reactions that may involve self-disproportionation in the final
observables. This method of interrogation allowed development of models based on the
correlation of experimental outcomes with initial conditions without exhaustive
understanding of the fundamental equilibria and kinetic constants for every step of the

system.
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The concentration ranges for each factor were chosen based on reported field
measurements to ensure environmental relevance.3 64 Similar models have previously
been shown competent for accurately predicting net oxidation rates in complex multistep
reaction systems,>9-6% 67

The pH of each reaction was monitored to ensure consistency. A pH probe (Cole
Palmer pH electrode, general purpose, combination, refillable, glass body, BNC) was
calibrated at the appropriate ionic strength condition and used to monitor pH throughout.
Mean pH for the experimental array was = 8.28 + 0.07 reported as one standard deviation.
The ionic strength of the solutions was established by the buffer; the sum of all other ionic
species added contributed less than 2% to the total. All measurements were performed in
triplicate, except the midpoint (initial conditions 1.50 x10* M Fe(ll)aq, 1.50 x10* M
Fe(lll), and 2.50 x10* M HS"), which was performed n = 6 times. The experimental
sequence was randomized to eliminate time dependent artifacts. All experiments were
conducted in a dark room to minimize photochemical reactions. The correlation between
pH variability and measured outcomes (Figure 3.62, Figure 3.63) was less than 0.1,
indicating pH was not a statistically significant factor across the experimental design.
RESULTS

The multifactorial experiments were justified based on the hypothesis that complex
sediment samples could be reductively modeled as equivalent to mixtures of aqueous
solutions of Fe(ll), HS™ and Fe(lll) as they came to thermodynamic equilibrium with
dissolved oxygen. Air saturated solutions of HS™ were stable at pH 8.28 in the presence
and absence of added hydrogen peroxide (Figure 3.71). Separate Fe(lll) solutions and

hydrogen sulfide solutions were monitored over time and no hydrogen peroxide evolution
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was detected. However the joint addition of Fe(ll) and Fe(l11) to oxic HS™ solutions resulted
in the oxidation of Fe(ll) and HS™ along with the initial rapid reduction of some Fe(lll)
(Figure 3.1). The ratio of the first derivatives of [HS] and [Fe(ll)] plotted vs time
approached unity after the initial Fe(l11) reduction phase, indicating the catalytic function
of Fe(ll) in enabling the oxidation of HS™ by O, (Figure 3.1 inset).

The evolution of hydrogen peroxide was monitored under all conditions of the
trivariate experiment and observed to range from a minimum below the detection limit and
a maximum of 2.3 x10° M (Figure 3.2). An ANOVA table was constructed to determine
the relationship between the hydrogen peroxide and the initial concentrations of Fe(ll), HS
and Fe(l1l1). The maximum concentration of hydrogen peroxide for each experimental
condition was correlated against all three individual factors, their squared terms (curvature)
and the possible interactions in accordance with the quadratic fit of the central composite
design algorithm (Table 3.2). The factors could be fit to the maximum hydrogen peroxide
yield with an unadjusted R? of 0.919. The model was constructed assuming each term (x)
had a coefficient, fx. The statistical significance of each term to the outcome was
determined by applying the t-test to the hypothesis that fx # 0 at the 95% level of
confidence. Factors with fx values that did not test as significantly different from 0 were
statistically and practically unimportant to hydrogen peroxide. [Fe(I1)]aq, [HS], [Fe(11)]ag?,
[HS]? and the [Fe(I1)]ag-[HS] interaction terms were significant to the outcome at the 95%
level of confidence. The sign on the associated fx values indicated the direction of
contribution of that factor to the model outcome. Elimination of the remaining terms

yielded an adjusted R? of 0.899. When their corresponding uncoded px terms and the
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intercept (Table 3.2) were included, the resulting empirical model for predicting the

maximum concentration of hydrogen peroxide was (eqn 3.7):

[Hy04]me, = —0.3064 + 1.673 x1072([Fe(I1)] 44 x10°) (3.7)
+ 1.305x10~2([HS~]x10°)

+2.243x107%([Fe(11)] 44x10°) ([HS~]x10°)

— 4.325x1075([Fe(I)] 4qx10°)’

—2.529x107°([HS ~]x10%)2
A sum of squares value was obtained from the ANOVA table for the model and each factor
(Table 3.5). The ratio of the value for each factor over the value for the model provided a
rough estimate of the percent impact attributable to that factor on the maximum vyield of
hydrogen peroxide (Table 3.2).

A series of field-derived sediment samples were characterized (vide supra) and
suspended in aerated solution of hydrogen sulfide and equilibrated with oxygen. The
measured initial values of Fe(ll) and HS™ were then entered into the model (egn 3.7) to
generate predicted H20> maxima. The validity of the initial hypothesis was tested by
comparison between the measured and predicted hydrogen peroxide maxima at the 95%
level of confidence.

Equilibration experiments were conducted with aqueous suspensions of tidal creek
sediment (Bread and Butter Creek Figure 3.14), 1.00 wt % suspension; composition 21%
C, 2% N, 1.2% total Fe). Sediments were aerated in the dark in the absence or presence of
added hydrogen sulfide. Samples removed prior to sulfide addition contained detectable

amounts of Fe(l1) (detection limit of 2.0 x10® M, whereas [HS] and [H20,] were both
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below their respective detection limits (3.0 +1.5 x10® M and 2.50 +0.90 x10”" M, Figure
3.74). Native Fe(ll) sources in the samples contributed to an Fe(lIl) background of 9.1+2.9
x10° M. Additional suspensions were prepared and sufficient hydrogen sulfide added to
raise the nominal initial concentration to 3.00 x10 M (Figure 3.3) or 6.00 x10* M (Figure
3.4). These conditions were chosen to emulate tidally driven measured groundwater
exchange (the outward pulse) through sediments.'# %% Dissolved O, reduction in the latter
suspensions was rapid with concurrent oxidation of hydrogen sulfide and formation of
Fe(I)aq (Figure 3.3 and 3.4). Fe(ll)aq fell to pre-sulfide spike concentrations after added
hydrogen sulfide was consumed, in agreement with existing models of Fe-catalyzed O-
driven oxidation (e.g. the Udenfriend reaction and many subsequent works) and the results
of the trivariate model. 3 78 Subsequent additions of hydrogen sulfide to the sediment
suspensions resulted in essentially identical reactant/product production and consumption
profiles (Figures 3.68-3.70) as long as oxygen concentrations were maintained. Fe(ll)aq
never reached the concentration that would be predicted from the reductive equivalents
added (as hydrogen sulfide), presumably due to its simultaneous oxidation by dissolved
oxygen (egs 3.2, 3.6). Hydrogen peroxide concentration increased as sulfide
concentrations fell to near the detection limit, approaching a maximum of 3.85 and 2.83
x10® M for 300 and 6.00 x10* M hydrogen sulfide added respectively (Figures 3.3 and
3.4). Fe(ll)aq achieved a maximum concentration within 30 s and maintained at a pseudo-
stationary state until [HS™] < [Fe(11)]aq, then fell.
DISCUSSION

Aqueous solutions of ferrous and ferric iron, dissolved oxygen and hydrogen sulfide

are a thermodynamically unstable mixture that occurs frequently if transiently in natural
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waters as a result of mass trasport. They are associated with the movement of aqueous
solutions across sharp redox gradients, particularly those imposed by microbial
consumption of oxygen or the action of sulfate reducers. Examples include the tidally
driven release of submarine groundwater across the sediment-water column interface; the
seasonal overturn of hypolimnetic waters, redox zonation in biofilms and other events
corresponding to a large range of flow regimes.”®%® They equilibrate rapidly on mixing
with concurrent oxidation of reduced iron and production of superoxide. The
corresponding rate of O reduction is controlled by several variables, including the rate of
precipitation of resulting Fe(l11) or Fe(Ill)-L in the studied system. Under the conditions
of this study (pH 8.28, 5.0 x102 M total COs* species, [Fe(l1)]o < 3.00 x10™* M) net Fe(ll)
oxidation in the absence of sulfide was expected to be quite rapid with an Fe(ll) lifetime of
less than 10 s.°9%° Based on this assumption and eqn 3.1-3.5 the appearance of superoxide
and H20: should have mirrored the rapid loss of Fe(ll). However, previous work has
shown sulfide capable of rapidly reducing Fe(lll)aq to Fe(ll).”"8 In this study sulfide
addition resulted in a net apparent decrease in Fe(ll) oxidation rates, with ROS formation
coupled to sulfide oxidation and Fe(l1) oxidation as a result (as distinguished from previous
work reporting ROS formation as a result of Fe(ll) oxidation alone).3” % 60 67 The
observation is supported by the results from the multifactorial experiment (Table 3.2) that
indicate HS™ and FeS combined account for nearly 50% of the maximum hydrogen
peroxide. Given that the direct reaction of HS™ with O is spin forbidden this large positive
impact indicates the intermediacy of Fe(ll) as an electron shuttle between reduced S species
and O in the system. The relatively minor impact of FeS indicates that the reduction of

Fe(I1l) by sulfide to produce Fe(ll) was a more important source of reductive equivalents
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in the studied system than the direct oxidation of FeS. Given that the oxidation of Fe(ll)
and FeS both yield superoxide, comparison of the FeS and Fe(ll) terms also suggested that
the reduction of superoxide by Fe(l1) (eqn 3.3) was a more significant source for H2O» than
disproportionation.8”88  However, changes in environmental conditions such as those
associated with ocean acidification are likely to change the mechanism of H.O> production,
probably increasing the relative importance of dismutation if conditions are closer to pH 7.

The lack of significance of Fe(lll) to maximum [H202] (as indicated by analysis of
the model in Table 3.2) supported commutability of the solution-phase model to
experiments containing natural sediments. Comparison of predicted H.O> maxima from
eqn 7 to the outcome of experiments measuring the equilibration of sediments with air;
post-sulfide addition, showed close agreement between the two sets of experiments (Table
3.3). It was particularly notable that doubling the initial HS loading had no statistically
significant effect on the maximum H.O; yield. This suggested the family of associated
reactions had reached a steady state limited by a factor independent of added sulfide,
speculatively the rate of FeS oxidation. Although FeS is stable in oxic solution on the
timescale of days, freshly prepared (amorphous) FeS is known to oxidize on the timescale
of seconds to minutes, depending on solution conditions. The appearance of a steady state
was consistent with the self-reactions of ROS that limit their concentrations and with the
observation of negative fy for the significant squared factors (Table 3.2).

It was notable that the sediments in this study had very a high concentration of
organic carbon, approximately 20% by mass. This carbon was not deliberately extracted
or modified during the experimental procedure and therefore was presumably a faithful

representation of organic carbon in the field environment. Despite the large excess of
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organic C in the suspensions eqn 7 predicted the outcome of both HS™ spike concentrations
to within the 90% confidence interval; and to within the 95% confidence interval for the
3.00 x10™ M HS" spike, although both sets of predictions were biased slightly low (Table
3.3). The low bias in eqn 3.7 could have also been a result of H.O> produced during the
peroxidation of organic C post-oxidation by HOe, but the bias was so small organic C was
probably not a significant contributor to the H2O, maximum. The high concentration of
natural organic materials in the studied system indicated they were certainly the primary
sink for secondary ROS such as HOe generated during the process yet they did not affect
its outcome. These observations have significant implications for micropollutant fate and
carbon cycling and suggest an abiotic link between microbial metabolism and carbon
oxidation. If the partial oxidation of refractory carbon or other electron donors/acceptors
through sulfide driven ROS production leads to modifications making them better
microbial energy sources, this suggests an alternative pathway for microbial alteration and

consumption of natural and anthropogenic organic carbon.*? 89-
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Table 3.1. Factor Concentration Range Subdivisions: Experimental factors and initial

concentrations corresponding to the ranges chosen for the trivariate experiment.

Coded value for each factor:

B -2 -1 0 1 2
Uncoded value for each factor (i.e. initial molar concentration):

[Fe(1)]ag x10°M | O 61 150 239 300
[Fe(ll)] x10°M |0 61 150 239 300
[HS]x10°% M 0 101 250 399 500

Table 3.2. Uncoded coefficients (5x) obtained by modeling the maximum H2O: yield
as a function of initial [Fe(11)], [Fe(111)] and [HS']. (R%model = 0.919; RZagjusted = 0.899)

Bx Value Sum of Estimated % p-value
Squares contribution
po (intercept) -0.3064 57.69 <0.0001
Pre(in) 1.673 x107 20.16 34.9 <0.0001
Preqi) NS8 0.08 NS? 0.4523
PHs- 1.305 x107 23.10 40.0 <0.0001
LreqnFein NS? 0.15 NS? 0.2948
Pre(inHs- 2.243 x10° 2.12 3.7 0.0003
SHs-Fe(i) NS? 0.31 NS? 0.1382
Breqny)2 -4.325 x107° 3.29 5.7 <0.0001
Pren)2 NS? 0.00 NS8 0.9745
P(Hs-)2 -2.529 x10°® 8.68 15.0 <0.0001

4 NS indicates “not significant” at the 95% level of confidence.
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Table 3.3: Comparision of Sediment Experimental Hydrogen Peroxide Data to

Model Predictions

[HS] initial | [Fe(ID]ag | [Fe(lI)] Sediment Data | Model Prediction
initial initial

3.00x10*M |7x10°M |2.2x10°M |3+1.8x10°M |2+0.9x10° M

6.00x10*M | 7x10°M |2.2x10°M |4+1.8x10°M |2+0.9x10°M

L
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AHS-/AFe(ll)
Y SV P )

Time (s)

0 . - d e ]
0 500 1000 1500 2000
Time (s)

Figure 3.1. The concentration of (m) Fe(ll)aq and (e)
[HS] during the oxidation of 1.50 x10* M initial
Fe(ll)aq and 2.50 x10* M initial hydrogen sulfide in
the presence of 1.50 x10* M initial Fe(l11) is shown.
Error bars shown are £1 standard deviation based on
n = 6 experiments. Inset: the ratio of the first
derivatives of [HS] and [Fe(Il)], with a thick solid
line to illustrate the approach to unity, six replicates
shown.
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Figure 3.2. The concentration of peroxide with time.
Initial conditions: (m), 1.50 x10* M Fe(ll)aq, 2.50
x10* M HS’; () 1.50 x10* M Fe(ll)ag, 1.50 X104 M
Fe(l11), 2.50 x10* M HS"; (#) 1.50 x10* M Fe(lIl),
2.50 x10* M HS~; (A) 1.50 x10* M Fe(l1)sq, 1.50
x10 M Fe(lll). Error bars shown are +1 standard
deviation based on n = 3 experiments.
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Figure 3.3. Concentration of (e) hydrogen sulfide,
(A) Fe(l)ag, and (m) H202 during the injection of
3.00 x10* M hydrogen sulfide into a slurry of Bread
and Butter Creek sediment (10.00 g sediment/L).
Error bars are +1 standard deviation based on n = 3
experiments.
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Figure 3.4. Concentration of (e) hydrogen sulfide,
(A) Fe(ll)ag, and (m) H202 during the injection of
6.00 x10* M hydrogen sulfide into a slurry of Bread
and Butter Creek sediment (10.00 g sediment/L) are
shown. Error bars shown are +1 standard deviation
based on n = 3 experiments.
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Figure 3.5. Hydrogen peroxide integration plotted
against Fe(Il) concentration. All matrix runs are
represented by a unique point.
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Figure 3.6. Hydrogen peroxide integration plotted
against Fe(lll) concentration. All matrix runs are
represented by a unique point.
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Figure 3.7. Hydrogen peroxide integration plotted
against hydrogen sulfide concentration. All matrix
runs are represented by a unique point.
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Figure 3.8. Hydrogen peroxide maximum
concentration measured plotted against Fe(l1)
concentration. All matrix runs are represented by a
unique point.
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Figure 3.9. Hydrogen peroxide maximum
concentration measured plotted against Fe(111)
concentration. All matrix runs are represented by a
unique point.
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concentration measured plotted against hydrogen
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represented by a unique point.

Figure 3.11: Change in absorbance at 562 nm
obtained from monitoring the reaction of Fe(ll)
(17.5 x 10® M) with a stoichiometric excess of
Ferrozine reagent at pH = 7 using a Hi-Tech
Scientific SF-61 DX2 Double Mixing Stopped-Flow
System with a Hi-Tech Scientific Control Unit and
Hi-Tech Lamp Power Supply PS-678 Xenon lamp.
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Figure 3.12: Change in absorbance at 562 nm
obtained from monitoring the reaction of Fe(ll)
(17.5 x 10® M) with a stoichiometric excess of
Ferrozine reagent at pH = 8 using a Hi-Tech
Scientific SF-61 DX2 Double Mixing Stopped-Flow
System with a Hi-Tech Scientific Control Unit and
Hi-Tech Lamp Power Supply PS-678 Xenon lamp.
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Figure 3.13: Change in absorbance at 562 nm
obtained from monitoring the reaction of Fe(ll)
(17.5 x 10°° M) with a stoichiometric excess of
Ferrozine reagent at pH = 9 using a Hi-Tech
Scientific SF-61 DX2 Double Mixing Stopped-Flow
System with a Hi-Tech Scientific Control Unit and
Hi-Tech Lamp Power Supply PS-678 Xenon lamp.
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Figure 3.14: Baruch Institute — tidal creek sediment contained 4.7% carbon, 0.4%
nitrogen, 0.26% iron, and 79% water.
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Figure 3.15: Measured hydrogen peroxide in the
oxidation of 250 x10°® M HS" in the presence of 150
x10® M added Fe(l11). Data reported is the average
of 3 replicate measurements, with error bars
corresponding to 1 standard deviation.
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Figure 3.16: Measured sulfide in the oxidation of
250 x10° M HS" in the presence of 150 x10% M
added Fe(l11). Data reported is the average of 3
replicate measurements, with error bars
corresponding to 1 standard deviation.
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Figure 3.17: Measured Fe(ll) in the oxidation of 250
x10° M HS" in the presence of 150 x10° M added
Fe(ll). Data reported is the average of 3 replicate
measurements, with error bars corresponding to 1
standard deviation.
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Figure 3.18: Measured hydrogen peroxide in the co-
oxidation of 101 x10M HS™ and 61 x10 M Fe(ll)
in the presence of 61 x10° M added Fe(l11). Data
reported is the average of 3 replicate measurements,
with error bars corresponding to 1 standard
deviation.
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Figure 3.19: Measured sulfide in the co-oxidation of
101 x10° M HS  and 61 x10° M Fe(ll) in the
presence of 61 x10°® M added Fe(l11). Data reported
is the average of 3 replicate measurements, with
error bars corresponding to 1 standard deviation.
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Figure 3.20: Measured Fe(ll) in the co-oxidation of
101 x10° M HS  and 61 x10° M Fe(ll) in the
presence of 61 x10° M added Fe(ll1). Data reported
is the average of 3 replicate measurements, with
error bars corresponding to 1 standard deviation.
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Figure 3.21: Measured hydrogen peroxide in the co-
oxidation of 399 x10° M HS  and 61 x 10°M Fe(ll)
in the presence of 61 x10° M added Fe(l11). Data
reported is the average of 3 replicate measurements,
with error bars corresponding to 1 standard
deviation.

450
400 «

350

w
=
53

250

[HS]x10°M
~
=}
S

150
100
50

0 500 1000 1500 2000 2500 3000
Time (s)

Figure 3.22: Measured sulfide in the co-oxidation of
399 x10° M HS™ and 61 x10° M Fe(ll) in the
presence of 61 x10°® M added Fe(l11). Data reported
is the average of 3 replicate measurements, with
error bars corresponding to 1 standard deviation.
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Figure 3.23: Measured Fe(ll) in the co-oxidation of
399 x10° M HS™ and 61 x10° M Fe(ll) in the
presence of 61 x10°® M added Fe(l11). Data reported
is the average of 3 replicate measurements, with
error bars corresponding to 1 standard deviation.
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Figure 3.24: Measured hydrogen peroxide in the co-
oxidation of 101 x10M HS™ and 61 x 10° M Fe(lI)
in the presence of 239 x10° M added Fe(l11). Data
reported is the average of 3 replicate measurements,
with error bars corresponding to 1 standard
deviation.
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Figure 3.25: Measured sulfide in the co-oxidation of
101 x10° M HS  and 61 x10° M Fe(ll) in the
presence of 239 x10® M added Fe(I11). Data reported
is the average of 3 replicate measurements, with
error bars corresponding to 1 standard deviation.
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Figure 3.26: Measured Fe(ll) in the co-oxidation of
101 x10° M HS  and 61 x10° M Fe(ll) in the
presence of 239 x10° M added Fe(l11). Data reported
is the average of 3 replicate measurements, with
error bars corresponding to 1 standard deviation.
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Figure 3.27: Measured hydrogen peroxide in the co-
oxidation of 399 x10° M HS  and 61 x 10°M Fe(ll)
in the presence of 239 x10 M added Fe(ll1). Data
reported is the average of 3 replicate measurements,
with error bars corresponding to 1 standard
deviation.
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Figure 3.28: Measured sulfide in the co-oxidation of
399 x10° M HS™ and 61 x10° M Fe(ll) in the
presence of 239 x10°® M added Fe(l11). Data reported
is the average of 3 replicate measurements, with
error bars corresponding to 1 standard deviation.
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Figure 3.29: Measured Fe(ll) in the co-oxidation of
399 x10° M HS™ and 61 x10° M Fe(ll) in the
presence of 239 x10® M added Fe(I11). Data reported
is the average of 3 replicate measurements, with
error bars corresponding to 1 standard deviation.
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Figure 3.30: Measured hydrogen peroxide in the co-
oxidation of 250 x10 M HS™ and 150 x10% M Fe(ll)
in the presence of no added Fe(lll). Data reported is
the average of 3 replicate measurements, with error
bars corresponding to 1 standard deviation.
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Figure 3.31: Measured sulfide in the co-oxidation of
250 x10°M HS™ and 150 x10°° M Fe(ll) in the
presence of no added Fe(lll). Data reported is the
average of 3 replicate measurements, with error bars
corresponding to 1 standard deviation.
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Figure 3.32: Measured Fe(ll) in the co-oxidation of
250 x10° M HS™ and 150 x10° M Fe(ll) in the
presence of no added Fe(l11). Data reported is the
average of 3 replicate measurements, with error bars
corresponding to 1 standard deviation.
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Figure 3.33: Measured hydrogen peroxide in the
oxidation of 150 x10° M Fe(ll) in the presence of
150 x10® M added Fe(l11). Data reported is the
average of 3 replicate measurements, with error bars
corresponding to 1 standard deviation.
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Figure 3.34: Measured sulfide in the oxidation of
150 x10® M Fe(ll) in the presence of 150 x10% M
added Fe(l11). Data reported is the average of 3
replicate measurements, with error bars
corresponding to 1 standard deviation.
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Figure 3.35: Measured Fe(ll) in the oxidation of 150
x10° M Fe(l1) in the presence of 150 x10° M added
Fe(ll). Data reported is the average of 3 replicate
measurements, with error bars corresponding to 1
standard deviation.
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Figure 3.36: Measured hydrogen peroxide in the co-
oxidation of 250 x10 M HS™ and 150 x10% M Fe(ll)
in the presence of 150 x10° M added Fe(l11). Data
reported is the average of 6 replicate measurements,
with error bars corresponding to 1 standard
deviation.
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Figure 3.37: Measured sulfide in the co-oxidation of
250 x10°M HS™ and 150 x10°° M Fe(ll) in the
presence of 150 x10°® M added Fe(I11). Data reported
is the average of 6 replicate measurements, with
error bars corresponding to 1 standard deviation.
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Figure 3.38: Measured Fe(ll) in the co-oxidation of
250 x10° M HS™ and 150 x10° M Fe(ll) in the
presence of 150 x10°° M added Fe(111). Data reported
is the average of 6 replicate measurements, with
error bars corresponding to 1 standard deviation.
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Figure 3.39: Measured hydrogen peroxide in the co-
oxidation of 500 x10°® M HS and 150 x10° M Fe(ll)
in the presence of 150 x10 M added Fe(l1). Data
reported is the average of 3 replicate measurements,
with error bars corresponding to 1 standard
deviation.
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Figure 3.40: Measured sulfide in the co-oxidation of
500 x10°M HS™ and 150 x10°° M Fe(ll) in the
presence of 150 x10°® M added Fe(I11). Data reported
is the average of 3 replicate measurements, with
error bars corresponding to 1 standard deviation.
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Figure 3.41: Measured Fe(ll) in the co-oxidation of
500 x10°M HS™ and 150 x10°° M Fe(ll) in the
presence of 150 x10°® M added Fe(I11). Data reported
is the average of 3 replicate measurements, with
error bars corresponding to 1 standard deviation.
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Figure 3.42: Measured hydrogen peroxide in the co-
oxidation of 250 x10 M HS™ and 150 x10% M Fe(ll)
in the presence of 300 x10° M added Fe(l11). Data
reported is the average of 3 replicate measurements,
with error bars corresponding to 1 standard
deviation.
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Figure 3.43: Measured sulfide in the co-oxidation of
250 x10°M HS™ and 150 x10°° M Fe(ll) in the
presence of 300 x10® M added Fe(I11). Data reported
is the average of 3 replicate measurements, with
error bars corresponding to 1 standard deviation.
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Figure 3.44: Measured Fe(ll) in the co-oxidation of
250 x10° M HS™ and 150 x10° M Fe(ll) in the
presence of 300 x10°° M added Fe(l11). Data reported
is the average of 3 replicate measurements, with
error bars corresponding to 1 standard deviation.
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Figure 3.45: Measured hydrogen peroxide in the co-
oxidation of 61 x10°° M HS™ and 239 x10° M Fe(ll)
in the presence of 101 x10 M added Fe(l11). Data
reported is the average of 3 replicate measurements,
with error bars corresponding to 1 standard
deviation.
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Figure 3.46: Measured sulfide in the co-oxidation of
61 x10° M HS™ and 239 x10° M Fe(ll) in the
presence of 101 x10°® M added Fe(l11). Data reported
is the average of 3 replicate measurements, with
error bars corresponding to 1 standard deviation.
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Figure 3.47: Measured Fe(ll) in the co-oxidation of
61 x10° M HS™ and 239 x10° M Fe(ll) in the
presence of 101 x10® M added Fe(I11). Data reported
is the average of 3 replicate measurements, with
error bars corresponding to 1 standard deviation.
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Figure 3.48: Measured hydrogen peroxide in the co-
oxidation of 399 x10 M HS™ and 239 x10% M Fe(ll)
in the presence of 61 x10° M added Fe(l11). Data
reported is the average of 3 replicate measurements,
with error bars corresponding to 1 standard
deviation.

46



0 500 1000 1500 2000 2500 3000
Time (s)

Figure 3.49: Measured sulfide in the co-oxidation of
399 x10° M HS™ and 239 x10° M Fe(ll) in the
presence of 61 x10°® M added Fe(l11). Data reported
is the average of 3 replicate measurements, with
error bars corresponding to 1 standard deviation.
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Figure 3.50: Measured Fe(ll) in the co-oxidation of
399 x10°° M HS™ and 239 x10% M Fe(ll) in the
presence of 61 x10° M added Fe(ll1). Data reported
is the average of 3 replicate measurements, with
error bars corresponding to 1 standard deviation.
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Figure 3.51: Measured hydrogen peroxide in the co-
oxidation of 101 x10° M HS" and 239 x10° M Fe(ll)
in the presence of 239 x10 M added Fe(ll1). Data
reported is the average of 3 replicate measurements,
with error bars corresponding to 1 standard
deviation.
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Figure 3.52: Measured sulfide in the co-oxidation of
101 x10°° M HS" and 239 x10°° M Fe(ll) in the
presence of 239 x10°® M added Fe(l11). Data reported
is the average of 3 replicate measurements, with
error bars corresponding to 1 standard deviation.
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Figure 3.53: Measured Fe(ll) in the co-oxidation of
101 x10°° M HS" and 239 x10°° M Fe(ll) in the
presence of 239 x10® M added Fe(I11). Data reported
is the average of 3 replicate measurements, with
error bars corresponding to 1 standard deviation.
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Figure 3.54: Measured hydrogen peroxide in the co-
oxidation of 399 x10 M HS™ and 239 x10% M Fe(ll)
in the presence of 239 x10° M added Fe(l11). Data
reported is the average of 3 replicate measurements,
with error bars corresponding to 1 standard
deviation.
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Figure 3.55: Measured sulfide in the co-oxidation of
399 x10° M HS™ and 239 x10° M Fe(ll) in the
presence of 239 x10® M added Fe(I11). Data reported
is the average of 3 replicate measurements, with
error bars corresponding to 1 standard deviation.
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Figure 3.56: Measured Fe(ll) in the co-oxidation of
399 x10°° M HS™ and 239 x10% M Fe(ll) in the
presence of 239 x10° M added Fe(l11). Data reported
is the average of 3 replicate measurements, with
error bars corresponding to 1 standard deviation.
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Figure 3.57: Measured hydrogen peroxide in the co-
oxidation of 150 x10°® M HS" and 300 x10° M Fe(ll)
in the presence of 150 x10 M added Fe(l1). Data
reported is the average of 3 replicate measurements,
with error bars corresponding to 1 standard
deviation.
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Figure 3.58: Measured sulfide in the co-oxidation of
150 x10° M HS" and 300 x10°° M Fe(ll) in the
presence of 150 x10°® M added Fe(I11). Data reported
is the average of 3 replicate measurements, with
error bars corresponding to 1 standard deviation.
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Figure 3.59: Measured Fe(ll) in the co-oxidation of
150 x10° M HS" and 300 x10°° M Fe(ll) in the
presence of 150 x10°® M added Fe(I11). Data reported
is the average of 3 replicate measurements, with
error bars corresponding to 1 standard deviation.
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Figure 3.60: The variation of the rate of sulfide
oxidation across the run order is shown to have no
correlation. This indicates that there are no time
dependent artifacts evident in the rate of sulfide
oxidation.

52



25.00

. . . y = 0.0409x + 9.6129
R?=0.0074
20.00

15.00

10.00

Maximum [H,0,] x10°® M Detected
.

w

=

=]
*
*
-

a 10 20 30 40 50 60

Figure 3.61: The variation of the maximum
concentration of hydrogen peroxide across the run
order is shown to have no correlation. This indicates
that there are no time dependent artifacts evident in
the maximum concentration of hydrogen peroxide
detected.
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Figure 3.62: The variation of the rate of sulfide
oxidation across pH is shown to have no correlation.
This indicates that there are no pH dependent
artifacts evident in the rate of sulfide oxidation.

53



25.00

y = 3.9305x - 21,921
R? = 0.0015
20.00

3 LI

15.00

10.00

Maximum [H,0,] x10°® M Detected

w
=
=]

0.00
8.1 8.15 8.2 825 83 8.35 84
pH

Figure 3.63: The variation of the maximum
concentration of hydrogen peroxide across pH is
shown to have no correlation. This indicates that
there are no pH dependent artifacts evident in the
maximum concentration of hydrogen peroxide
detected.
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Figure 3.64: Measured hydrogen peroxide in the co-
oxidation of 150 x10° M HS" and 150 x10° M Fe(1l)
in the presence of 150 x10% M added Fe(l11) with 30

x10® M peroxide spiked. Data reported is the

average of 3 replicate measurements, with error bars

corresponding to 1 standard deviation.
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Figure 3.65: Measured sulfide in the co-oxidation of
150 x10°° M HS" and 150 x10°° M Fe(ll) in the
presence of 150 x10® M added Fe(I11) with 30 x107°
M peroxide spiked. Data reported is the average of 3
replicate measurements, with error bars
corresponding to 1 standard deviation.
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Figure 3.66: Measured Fe(ll) in the co-oxidation of
150 x10°° M HS" and 150 x10°° M Fe(ll) in the
presence of 150 x10°® M added Fe(I11) with 30 x107°
M peroxide spiked. Data reported is the average of 3
replicate measurements, with error bars
corresponding to 1 standard deviation.

55



o o o =3
= tn @ ~

Absorbance

o
w

o
i

o
[

o

0 100 200 300 400 500 600 700 800 900 1000
Time (s)

Figure 3.67: Formation and decay of amorphous
FeS at 630 nm over time; Measurements begin ~2s
post injection of anoxic 945 x10° M Fe(ll) into a
250 x10° M sulfide solution. See insert for
spectrum.
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Figure 3.68: Measured hydrogen peroxide in the
oxidation of 600 x10®M HS™ in a 10.0 g/L slurry of
Bread and Butter Creek Sediment with 3.00 x10°M
HS spiked at 2741 s.
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Figure 3.69: Measured sulfide in the oxidation of
600 x10°M HS in a 10.0 g/L slurry of Bread and
Butter Creek Sediment with 3.00 x10® M HS" spiked
at 2741 s.
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Figure 3.70: Measured Fe(ll) in the oxidation of
6.00 x10° M HS™ in a 10.0 g/L slurry of Bread and
Butter Creek Sediment with 3.00 x10 M HS" spiked
at 2741 s.
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Figure 3.71: Initial [HS] = 398 x 10 M; slow loss
over time (not catalytic oxidation as seen with added
metals). Fe(ll) and peroxide were below detection
limit for all time points sampled. When peroxide
was added to the same at t = 0, peroxide remained

stable(% = 0), and there was no change in the
rate of sulfide loss (volatilization or oxidation).
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Figure 3.72: Initial [HS] = 250 x 10°® M; [Fe(11)] =
150 x 10® M, [Fe(I1)] at nominal 0. The pseudo-first
order rate constant of 0.0015 s results in a half-life
(indicated by @) of sulfide in this system of 462 s.
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Figure 3.73: Initial [HS] = 250 x 10 M; [Fe(1D] =
150 x 10® M, [Fe(l11)] at nominal 0. The second
order rate constant of 0.000122 Ms? results in a
half-life (indicated by e) of sulfide in this system of
33s.
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Figure 3.74: Concentration of hydrogen sulfide,
Fe(I)aq, and H202 in slurry of Bread and Butter
Creek sediment (10.00 g sediment/L) with no added
sulfide are shown. Error bars shown are +1 standard
deviation based on n = 3 experiments.
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Table 3.4. Initial Reactor Conditions

Exp# |Run# |Fe(ll)x10%M |Fe(lll)x10%M | HS x10°M
20 1 60.8 239 399
22 2 239 239 399
15 3 60.8 60.8 399

9 4 60.8 239 101
11 5 239 239 101
25 6 0 150 250
48 7 150 150 250
21 8 60.8 239 399
30 9 300 150 250
28 10 300 150 250
12 11 239 239 101
27 12 0 150 250

4 13 239 60.8 101
10 14 239 239 101

3 15 60.8 60.8 101
14 16 60.8 60.8 399
38 17 150 150 0
23 18 239 239 399

8 19 60.8 239 101

2 20 60.8 60.8 101
32 21 150 0 250
46 22 150 150 250
42 23 150 150 500
36 24 150 300 250
24 25 239 239 399

5 26 239 60.8 101
31 27 150 0 250
41 28 150 150 500
44 29 150 150 250
16 30 239 60.8 396

7 31 60.8 239 101
39 32 150 150 0
26 33 0 150 250
40 34 150 150 500

6 35 239 60.8 101
43 36 150 150 250
35 37 150 300 250
33 38 150 0 250
34 39 150 300 250
19 40 60.8 239 399
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1 41 60.8 60.8 101
45 42 150 150 250
47 43 150 150 250
17 44 239 60.8 399
29 45 300 150 250
37 46 150 150 0
13 47 60.8 60.8 399
18 48 239 60.8 399
Table 3.5. Full Anova Report
ANOVA for Response Surface Quadratic Model
Analysis of variance table [Partial sum of squares - Type Il1]
Sum of Mean F p-value
Source Squares | df Square Value Prob > F
Model 57.69 9 6.41 47.61 | <0.0001
[Fe(1D] 20.16 1 20.16 149.71 | < 0.0001
[Fe(1IN] 0.08 1 0.08 0.58 | 0.4523
[HS] 23.10 1 23.10 171.57 | <0.0001
[Fe(ID][Fe(1IN)] 0.15 1 0.15 1.13 | 0.2948
[Fe(IN][HST] 2.12 1 2.12 15.77 | 0.0003
[Fe(1IN] [HST] 0.31 1 0.31 2.29 | 0.1382
[Fe(11)]? 3.29 1 3.29 24.43 | <0.0001
[Fe(111)]? 0.0001 1 0.0001 0.001 | 0.9745
[HS]? 8.68 1 8.68 64.44 | <0.0001
Residual 5.12 38 0.13
Lack of Fit 2.52 5 0.50 6.42 | 0.0003
Pure Error 2.59 33 0.08
Cor Total 62.80 47
Std. Dev. 0.37 | R-Squared 0.919
Mean 3.05 | Adj R-Squared 0.899
CV.% 12.03 | Pred R-Squared 0.869
PRESS 8.24 | Adeq Precision 22.508
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Table 3.6. Coded Confidence Interval of fx

Px Standard 95% CI | 95% ClI

Factor (x) Estimate | df | Error Low High VIF

Intercept 3.8193| 1 0.1494 3.5169 41216 | NA

[Fe(IN] 07014 | 1 0.0573 0.5853 0.8174 1.0000
[Fe(l1D)] 0.0435] 1 0.0573 | -0.0725 0.1596 1.0000
[HST] 0.7509 | 1 0.0573 0.6348 0.8669 1.0000
[Fe(ID][Fe(1IN)] -0.0796 | 1 0.0749 | -0.2312 0.0721 1.0000
[Fe(IN]J[HST] 02974 | 1 0.0749 0.1458 0.4490 1.0000
[Fe(11N] [HS] 01134 1 0.0749 | -0.0382 0.2651 1.0000
[Fe(1N]? -0.3441 ] 1 0.0696 | -0.4849 | -0.2032 1.3324
[Fe(11N]? 0.0022 | 1 0.0696 | -0.1387 0.1431 1.3324
[HS]? -0.5587 | 1 0.0696 | -0.6996 | -0.4178 1.3324
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Chapter 4: Geochemical Formation of Hydrogen Peroxide in Seawater is Quenched

at Lower pH?2

Sarah A. Murphy,! John L. Ferry,*? Timothy J. Shaw, *? Shengnan Meng, * Benson A.

Solomon.?

SUMMARY PARAGRAPH

Hydrogen peroxide is a reactive oxygen species (ROS) associated with carbon
cycling, the microbial generation of disinfectants and enzymatic production of
halogenated organics.®"% Geochemical or aphotic formation of hydrogen peroxide is a
consequence of the microbial utilization of alternate electron acceptors including Fe(l11)
and SO4% in oxygen-poor environments, such as pore waters in shallow sediments.®> Pore
water efflux to surface waters can be driven by tidal processes or advective groundwater
movement and bears the corresponding reduced forms of these electron acceptors into
oxygenated overlying waters, including Fe(Il) and HS.%* Their subsequent Fe-catalyzed
oxidation by atmospheric oxygen results in the formation of a suite of ROS, including the
superoxide anion radical and hydrogen peroxide.™ > However, the yield of hydrogen
peroxide from this reaction is sensitive to pH and Fe speciation. Here we show that
changes in marine pH associated with predicted ocean acidification are sufficient to

guench hydrogen peroxide formation, potentially reducing it by an order of magnitude

2 To be submitted.
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relative to current marine conditions (e.g. from 18.3x10° M to 2.01x10° M over the
range of conditions studied). The unexpected effect of changing pH is shown to be a
consequence of the interaction of hydrogen peroxide with an intermediate oxidation state
of HS’, sulfite. Peroxide yield and the interfering reaction are reported across five coastal
conditions based on sediments samples drawn from across the littoral zone, including the
low tide line, surf line, barrier dunes, a dredged ship channel and forested salt marsh
edge. Although all sediments measured produced some hydrogen peroxide the highest
yields and greatest pH sensitivity was observed for organic rich marsh sediments where

Fe speciation was dominated by ferrihydrite.

INTRODUCTION

ROS are produced in surface waters through a manifold of photochemical,
microbial and geochemical processes.®® Photoproduction of ROS is limited by light
intensity and the availability of reactive initiators such as Fe containing complexes,
nitrate and dissolved organic matter.>”*® The rate of photochemical ROS production is
difficult to estimate on the global scale, but anthropogenic activities are contributing to
conditions that favor increases in ROS; specifically referencing increased insolation
associated with ozone depletion and ice cover loss and localized increases in
photosensitizers, e.g. increased nitrate loading from fertilizer use.®*'% The ultimate
ecological impact of enhanced ROS input is difficult to forecast but photoderived ROS
have been demonstrated to be genotoxic to both single-celled and multicellular marine
organisms.191-19% Geochemical ROS production is linked to mass transport of solutions
containing reduced metals across the sediment/water interface and its global scale is

correspondingly more difficult to estimate. However these processes are also potentially
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subject to global scale anthropogenic disruption, particularly associated with changes in
surface water pH driven by increases in anthropogenic carbon dioxide (e.g. ocean
acidification).1941% Recent work coupling ocean acidification models with the natural
geographical distribution of seawater pH indicates a natural variation of 0.5 units
against an atmospherically driven reduction of potentially 0.2 units is likely within the
next two hundred years.1%® Accommodating pH fluctuations across this scale is an

important step for estimating potential impact on geochemical ROS formation.

Estuaries and river deltas are geographic integrators for waterborne natural and
anthropogenic carbon during its transport from continental sources to the oceans. As
such, ROS generated in these environments have the potential to exert a broad
geographical impact despite their brief lifetimes. They are also subject to tidally driven
fluctuations in groundwater flow, pH, salinity, dissolved metals and total carbon.107-1%9
This study reports the effect of changing pH on the yield of hydrogen peroxide in these
critical environments. A series of sediment samples were drawn across the marine littoral
zone in South Carolina, US, proceeding from the surf line inland to the landward edge of

a Spartina dominated salt marsh.

Samples were sieved, dried and analyzed for metal content. Acid digestion of
sediments showed that crystalline Fe oxides were the dominant source of transition
metals except at the forested swamp edge, where Fe speciation was more amorphous
determined by ascorbate leeching analysis!!®. These samples were then resuspended in
pH-adjusted seawater to model the effects of tidally driven porewater export into oxic
overlying waters.>® The pH was adjusted from 8.5 to 7.0 to bracket the natural pH
variability in the near shore environment and the projected change in ocean pH due to
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increasing atmospheric carbon dioxide over the next 200 years. After equilibration of the
sediment sample in aqueous solution, sulfide was spiked in and aliquots of known
volume were periodically withdrawn for analysis of sulfide accessible Fe, HS  and H20-
for concentration over time.®% 111112 Syfficient hydrogen sulfide was added to the
suspensions to mimic concentrations of hydrogen sulfide commonly found in marshes
and at the sediment-water interface where sulfide rich oxygen depleted groundwater

mixes with marine water.

Hydrogen peroxide generation was immediate upon addition of hydrogen sulfide
under all conditions (Figure 4.1 and inset). From a maximum instantaneous yield of 18.3
x 10° M at pH = 8.25 to a minimum of 2.01 x10° M at pH = 7, there is nearly a 10 fold
decrease in maximum hydrogen peroxide measured. Solution pH was varied according to
projections based on anthropogenic carbon dioxide emissions. The sediment sample
from the forested marsh edge, which had the highest amorphous iron oxide content, was

the most vulnerable to changes in pH and showed the greatest change.

The complex nature of the samples limits the ability to pursue an exclusive
mechanism to explain this decline in yield. However, one possible explanation is the
reaction between hydrogen peroxide and a partial oxidation product of hydrogen sulfide,

the sulfite ion0?

HSO3™ + H202 @ HSO4™ + H20 Eqgn. 4.1

Qualitative analysis of sulfur oxidation products was achieved through direct

injection of 0.2 micron-filtered samples from the suspensions into a quadrupole-time of
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flight mass spectrometer (see methods section). This analysis indicated the co-presence
of sulfide, sulfite, thiosulfate and sulfate during the oxidation. The bimolecular rate
constant for the reduction of hydrogen peroxide by sulfite ions is strongly dependent on
pH, varying from 2*107 at pH 8.2 to 2*10 at pH 6.8, increasing linearly with ionic
strength. This is particularly true for sulfite at pH below 7.9, where a significant
percentage of total sulfite is expressed as bisulfite. This observation suggests the
hypothesis that hydrogen sulfite quenches apparent hydrogen peroxide formation through
scavenging hydrogen peroxide (and possibly other ROS). This hypothesis was tested by
measuring hydrogen peroxide degradation rates in bisulfite solution as a function of pH.
Measured degradation rates from these experiments inversely correlated with peroxide

yields vs pH (Figure 4.2 and inset).

The effects of this process on organic matter (carbon) were qualitatively
interrogated by indicated by high resolution orbitrap mass spectrometry, which showed
an approximate ~ 15% increase in the number of peaks in the 100-500 m/z range.
Nominally this outcome suggested sulfide-driven ROS formation may have a direct
impact on organic carbon speciation in coastal sediments. If these transformations are
borne out in field measurements, one implication is that ocean acidification may impact
coastal microbial degradation of organics by inhibiting the formation of low molecular

weight, water soluble carbon sources.
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Table 4.1. Metal Content of Sediment Samples.

Metal Marsh Canal Dune Beach Surf Control
Face Line

Fe total 38876 3830 1653 63085 3382 353
(ppm)

Fe amorphous 9838 387 59 61 286 -
(ppm)

Cu (ppm) 27 47 4.0 4.7 2.7 24
Co (ppm) 8.5 10 0.4 0.8 0.9 0.2
Ni (ppm) 25 4.7 1.7 2.2 29 2.0
Mn (ppm) 257 126 65 5773 49 12

Sediment samples were obtained from the top 2 cm. The Control sediment was sand,
triple washed with aqua regia followed by a triple rinse with 18 MQ deionized water to
purify the sample of solution accessible metals.
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Chapter 5: Conclusions

The cooxidation of Fe(ll) and HS™ results in the formation of ROS, including
hydrogen peroxide. The introduction of additional HS™ sustains ROS production,
indicating the catalytic role of Fe in the system. Although several species of Fe may co-
exist in environmental samples, assays for different forms in sediment samples indicated
that only colloidal material was efficient at the HS™ to ROS conversion of reductive
equivalents. The role of organic C in the system is as yet unquantified but circumstantial

evidence exists for it as a sink of ROS and potential source of superoxide.

In chapter 2, biogeochemical sources of ROS were discussed and global
contributions were calculated. Focusing on sulfide as a primary electron donor for oxygen
reduction, positive and negative contributions of the sulfur cycle to ROS and the potential
impact on carbon mineralization was discussed. Net production and consumption rates of

ROS were discussed as a function of pH, with changes in global ROS budgets calculated.

Chapter 3 discussed a geochemical ROS production mechanism, namely sulfide
as an electron donor to oxygen reduction through a catalyst, iron. Multivariate
experimental modeling resulted in a numerical model which was tested against
environmental sediment sample suspensions. Despite the large excess of organic carbon
in the suspensions, the in vitro model predicted the outcome of ROS generated when
sulfide was spiked into the suspension to within at least the 90% confidence interval.
Speculatively, it was suggested that the constant negative bias was a result of H>O>

production during the peroxidation of organic carbon post oxidation by hydroxyl radical.
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The high concentration of natural organic materials in the studied system indicated they
were certainly the primary sink for secondary ROS such as HO- generated during the
process. It was suggested that the impact of sulfide as an electron donor will be
significant to micropollutant fate and global carbon cycling. Additionally, sulfide was

proposed as an abiotic link between microbial metabolism and carbon oxidation.

Given known and predicted changes in ocean pH, it was critical to extend the
results of chapter 3 to lower pH values. Chapter 4 discusses the changes in ROS
production from sulfide and Fe across a range of pH values bracketing predicted ocean
pH changes over the next 200 years. Data showed a significant decrease in ROS
concentration at lower pH values, indicating potentially an order of magnitude decrease

in sulfide generated ROS micropollutant degradation and carbon mineralization.
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