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ABSTRACT

The oxic portion of the biosphere is a metastable mixture of different oxidation
states of carbon, sulfur and oxygen energetically poised from equilibrium by the net rate
differentials between photosynthetic carbon fixation and its metabolic or abiotic
oxidation. The direct reaction of dioxygen with reduced carbon or sulfur is spin
forbidden and therefore kinetically slow, but ferric and ferrous iron species serve as
catalysts for enabling their oxidation and therefore play critical roles in the environment.
This thesis reports exploratory and hypothesis driven research that seeks a better
understanding of the physical and chemical limitations on the effectiveness of iron to
catalyze interaction between the different oxidation states of these elements. These
include studies of the relationship between iron speciation and its ability to generate
reactive oxygen species (Chapter 1); the role of heterogeneous iron oxide suspensions in
controlling reactive oxygen species yield during the spontaneous reaction of Fe(Il) and
O, (Chapter 2), an exploration of the system of natural iron-containing soils, sulfide and
oxygen and how they produce superoxide and hydrogen peroxide (Chapter 3) and a
preliminary report of reactive oxygen species and antioxidant enzyme formation in the
salt marsh muds (Chapter 4). The results are showing that ferric iron catalyzed oxidation
of hydrogen sulfide is an important reservoir for the generation of reactive oxygen
species except for the photoinduced processes. The ferrous iron oxidation in the presence

of ferric oxides shows a faster oxidation rate and produces a higher yield of reactive

v
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oxygen species, which is indicating the catalysis of the process by removing ferric

species from the iron cycle.
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CHAPTER 1

KINETICS AND THERMODYNAMICS IN IRON OXIDATION: THE TENSION BETWEEN K(RATE)

AND K(STABILITY)

Iron is an important transition metal in microbial biotic systems, which is essential
for many redox processes such as oxygen transportation, etc. In recent years, it is well
established that the biogeochemical cycling of iron is a critical micronutrient in marine

ecosystem and higher level of iron is beneficial for phytoplankton fertilization.'

As a first row transition element, iron can exist in several different oxidation states
with Fe(Il) and Fe(III) as the most common oxidation states and Fe(IV) to a lesser extent.
The redox chemistry of iron, which is one of the most abundant elements in the earth’s
crust, dissolved iron in oceans is in a range of 0.1 to 9 nmol/kg.* This is due to the lower
solubility Fe(III), approximately 10" M at pH 7 comparing with Fe(IT) (10"'M) under the
same pH.? Inorganic Fe(III) forms precipitates and eventually more stable crystalline

minerals and this affects its bioavailability.**

Although Fe(III) is the thermodynamically stable form over Fe(Il), in natural

environment, however, both forms occur and they are dynamically cycling between each

3

other.”"® Fe(Il) is generated from either direct photolysis of complexed or colloidal

ferric iron species, indirect processes such as reduction by superoxide or other reductive

2,14-19

species, as well as biological processes. In oxic zones of water column, Fe(II) is

not stable and can be oxidized rapidly by dissolved oxygen (primary oxidation) and the
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generated reactive oxygen species (ROS) such as superoxide, peroxide and hydroxyl

radical (secondary oxidation), efc.

As the mechanism illustrated, in natural environment, when dissolved oxygen is
available, Fe(II) is oxidized into Fe(IIl). During this process, redox cycle between Fe(II)

and Fe(IlII) also occurs, as Figure 1 shows.

Mineral or
colloidal Fe(lll)

05| photolysis

Reduction 0, 0,

1° oxidation
Fe(ll)
-. H .
Oy 0,/HOO a
[
3
=%
s
5
H20,
Fe(lll) precipitate

Fe(lll) 2° oxidation

Fe(lll)-L, HO-
ligands, hydrolysis

Precipitation
Figure 1.1 The redox cycle between Fe(Il) and Fe(IIl) during the oxidation of Fe(II).

Fe(Il) includes dissolved Fe(II) species in all forms including labile and complexed
Fe(Il). Fe(IlI) at the bottom refers to dissolved Fe(Il), which has two fates: form
complexes with natural organic matter (Fe(Ill)-Ly) and remain dissolved, or bind with

precipitating ligands to form insoluble complexes and escape from the redox cycle.
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1.1 Thermodynamics of iron in natural waters
The interaction between trace metal cations and anions/ligands as well as the
speciation of these metals present in natural waters had received intensive studies in the

2022 The speciation of metals in natural waters is highly dependent

past several decades.
on the ionic strength and composition of the system. Different models were proposed
based on the studies of speciation in natural waters. The most common models are: (1)
ion pairing model proposed by Sillen® and Garrel ez al;** (2) the specific ion interaction
model proposed by Biedermann;* and (3) the Pitzer’s model,”' which was applied in a
variety of areas to determine the association between ageous species,the solubility of
minerals, and the solubility of atmospheric gases in natural waters.”® Millero has used the
combination of ion pairing model and Pitzer’s model to study the speciation of rare
earth’s metals in natural waters® and the speciation of Fe(II) and Fe(III) in natural waters
with organic complexes considered.*

Generally, the formation of a complex between metal M and ligand L can be

expressed by the following reaction:
M™* + [ > ML
The stoichiometric stability constant Ky, for the formation of this complex is given
by

Ky = Kypymyr/vme

where Kj;; is the thermodynamic constant in pure water, and the y; values are the activity
coefficients of the ions the the formed complex. The fraction of the free metal ion M is

given by

[M]F/[M]T = (14 ZKyu[Lin)™
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and the fraction of free ligand L is given by

[L]F/[L]T = (1 + 2Ky [M]p) 7"

Using the equations above, the fraction of a given complex can be determined from
MX x x
XY gy, = Ko [X1e/ QL+ KL

XY 1, = KianIM1e /(L + 3K [M)
When Kj,; is known, the speciation of a given ion can be determined by solving equation
(12)-(14).%°
The kinetics of Fe(II) oxidation is highly dependent on the speciation of iron in both
oxidation states since the complexation reaction may be the rate determining step, or the

produced iron complex may show different reactivity to dissolved oxygen.

1.2 Fe(II) oxidation

The well-accepted mechanism was proposed by King et al, which is known as the

Haber-Weiss mechanism,”’ and Fe(II) reacts as follows:
Fe(Il) + 0, —» Fe(III) + 03"
Fe(Il) + 05" + 2H* —» Fe(III) + H,0,
Fe(1l) + H,0, > Fe(Ill) + HO- + OH™
Fe(ll) + OH- - Fe(Il]) + OH™

However, the term Fe(II) can refer to both complexed and labile Fe(II).

Thermodynamic models have approved the co-existence of various iron complexes based
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the the present ligands/anions, and complexed and labile Fe(II) are usually present in

either the same or greater concentration levels than labile Fe*". > **

1.2.1 Oxidation of the hydrolyzed Fe(Il) ---- the pH dependent mechanism

The most basic ligand in aqueous system is hydroxide, which involves the pH
dependence mechanism, which has been studied by numerous researchers.”*>° Under the

condition of pH <2, the rate law is given by

B d[Fe(II)]

——= = k[Fe(ID][0,]

From a pH of 2 to 5, the rate law becomes

_@ = k[Fe(ID][0H"][0,]

and while between pH 5 to 8 the rate law is given by

_% = k[Fe(ID][0H™1?[0]

The reaction scheme involves acid-base equilibria as well as the change in the
speciation of Fe(I).”! The hydrolysis of Fe(IT) becomes critical with the pH increases.

The hydrolysis of Fe*" is given by

Fe?t + H,0 - Fe(OH)* + H*
Fe?* + 2H,0 - Fe(OH)S + 2H*

Fe?* + 3H,0 —» Fe(OH); + 3H*
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If all the hydrolyzed forms of Fe(Il) are considered, the oxidation of total Fe(II)

species can be expressed as several steps in parallel,
ko
Fe** + 0, > Product
kqy
Fe(OH)* + 0, - Product
ka
Fe(OH)S + 0, = Product

k
Fe(OH); + 0, 3 Product
and the overall reaction rate becomes

_@ = kops[Felr = kolFe?**] + k [Fe(OH)*] +

k,[Fe(OH)3] + k3[Fe(OH)3]

where ks is the overall pseudo first order rate constant. ko is 1.1x10° sec™,** which is

quite small comparing with the other rate constants, which k; = 1.7 min™ in water and
2.2 min" in seawater, k,=3.5x10° min"' and ks = 1x10® min"'** The rate determining
steps of Fe(Il) oxidation are the first three steps (reaction 8-10). When the oxidation of
Fe(Il) occurs, it is a combined reactions involving the oxidation of all Fe(II) species, and

the rate of the oxidation is the sum of the oxidation rates of various Fe(II) species, and the

expression of the overall rate constant kops is

33
kops = 4(k1Qpe2+ + kZaFe(OH)"' + ksaFe(OH)‘z’ + -+ kpay)
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where ki, ko, ks, ..., k; are rate constants for the oxidation reactions of different Fe(II)

species by dissolved oxygen, and « is the fraction of each iron species in solution.

1.2.2 The effects of other inorganic and organic ligands

The oxidation of Fe(Il) can be greatly affected by various organic and inorganic
ligands as well as colloids.”™* Sung and Morgan®' have determined the rate constant &
of Fe(Il) oxidation given by

d[Fe']
dt

= k[Fe"'][OH™]2P,,

in the presence of NaClO,4, NaCl and NaSOy, in pH less than 7. Results were indicating
that log(k) is showing a linear relationship to ionic strength (adjusted by NaClOy).
Meanwhile, their results showed reduced oxidation rates in the presence of NaCl and
NaSOy. Their results are indicating the formation of species such as FeCl", FeCl, and
FeSO,” ion pairs. The oxidation of these species must be the rate determining steps.
Similar results of the effect a series of anions on the rate of Fe(II) oxidation from Millero
are also indicating the formation of complex is competing with the oxidation reaction of
labile and hydrolyzed Fe(II). The overall order or the rate constants is HCO3™ >> Br™>

NO; > ClO4 > CI'>> SO4* >> B(OH),".”’

According to Millero’s results, bicarbonate anion shows the most obvious effect on

increasing the oxidation rate, and this was attributed to the formation of FeCO5’,

Fe?* + CO?~ — FeCO? (12)
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and the formed iron carbonate complex has a faster rate of oxidation than Fe(OH),’.
Bicarbonate anion is an important ligand exists in aqueous phase because of the slightly
higher solubility of carbon dioxide and, more importantly, the presence of natural carbon.
In attempt to prove the role of bicarbonate anion and provide a consistent model for iron
oxidation in natural waters, King investigated Fe(II) oxidation reactions in the presence
of carbonate anion and proposed a model for the oxidation of Fe(II) in the presence of
carbonate and calculated the oxidation rate constant for each formed Fe(II) species in the
presence of bicarbonate ion.”> The results are showing FeCO;" is the dominant species of
Fe(Il) under circumneutral pH, which may be kinetically reactive to oxygen. A
disagreement of this study on the previous hypothesis of Millero® is that the oxidation

reactions of Fe(HCO3)" and FeCO; are both very slow.”

Burns et al** also observed an acceleration of the net oxidation of Fe(II) in the
presence of CO3™ as well as PO,> over a pH range of 6.5-8.5. However, this outcome
was attributed to the formation Fe(IIl) precipitates and the removal of the produced Fe(III)

— . . 40,43-44
species in the iron cycling.”

Emmenegger ef al also investigated the effects of bicarbonate anion on Fe(II)
oxidation in a pH range of 6.8-8.3. For pH above 7.4, the oxidation rates are in consistent
of King’s model. However, under lower pH (6.8 < pH < 7.4), higher rates were observed,
which was not expected. This was attributed to some unknown organic ligands present in
lake water, which can form strong complex with Fe(Il) and the resulting complex will be

oxidized into the corresponding Fe(IIl) complex so that the cycle between the two
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oxidation states continues, and the net oxidation rate of Fe(Il) observed may be increased

45
or decreased.

In natural waters, the presence of various types of natural organic matter results in
complicated reaction systems as well as difficulties on studies. The existence of strong
complex of Fe-organic ligands in natural waters has been demonstrated by previous
work.*® %8 Efforts were made in order to fully understand the kinetics of Fe(II)

oxidation in the presence of organic ligands and resolve the effects of these ligands.

The formation of Fe(II)-L is an important step and may be the rate limiting step
during the oxidation process, and the oxidized Fe (III)-L complex may be reduced to
Fe(Il) again, in which the cycle continues. The oxidation rate may be accelerated or
decelerated depending of the actual properties of the present organic matter. Harris ef a/

45 . 49-50
and Kurimura et al

reported their results of Fe(Il) oxidation in the presence of
several organic chelating reagents. Both of their results indicated the enhance of Fe(II)

oxidation reaction by some chelators.

A strong correlation between the Fe(Il) rate constants and the stablility constants of
the corresponding Fe(I)-L complex was observed by Kurimura ef al, **~° and they
suggested the mechanism may be initiated by the formation of Fe(II)-L followed by the

oxidation of these complex.

In Theis’ studies”' on the effect of some reductive naturally occurring organic acids
(gallic acid, tannic acid, syringic acid, etc), most of them decclerated the oxidation
reaction of Fe(Il) due to the formation of oxidation resistant complex except for the

reductive property of these acids. Acceleration of Fe(Il) oxidation in the presence of
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fulvic acid and polyglutamate under neutral pH was observed by Liang et al,’* which

indicated that the formed Fe(II)-L were more reactive.

Those results confirmed the importance of the formation complex and the creation
of two pathways of oxidation in parallel. Detailed kinetic models were developed by
Santana-Casiano ef al>> who studied the effects of several naturally occurring organic
matter including amino acids and aminopolycarboxylic acids on the oxidation of Fe(II).>*
Their model was based on the two parallel pathways involving the oxidation of inorganic
Fe(Il) (may include hydrolyzed Fe(Il) and/or carbonate complex) and organic Fe(II)

complex, and the overall rate constant is given by

koc = ajk; + a k;

where a;and a; are the fraction of Fe(Il) in inorganic and organic complex forms, and k;
and k; refer to the rate constants of the oxidation reactions, respectively. According to
their results, the term involving the oxidation of chelated Fe(II) is not negligible. Some
types of chelators (e.g. EDTA), the oxidation of Fe(II) can be completely inhibited, while
other organic matter can enhance the oxidation of Fe(II)-L to Fe(III)-L, which can be
reduced by either biological processes or superoxide, and accelerate the cycling of iron
between the two oxidation states. They also suggested the formation of intermediates
between the chelators and the hydrolyzed Fe(II), Fe(OH)iL,, which is dependent on pH
and concentrations of the chelators.

The model proposed by Rose and Waite accounted for the complexation of Fe(II)
and Fe(III) as well as the “back reaction” of Fe(III) reducing by produced superoxide (the
back reaction of reaction (1)). When strong Fe(IlI) binding chelators are present,

acceleration of the Fe(Il) oxidation was observed, which agrees with the ideas reported

10
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previously. However, except for the formed Fe(II) is acting as a more reactive reagent to
dissolved oxygen, Rose et al also attributed the increase on the reaction rate to the
consumption of ROS, since some ligands may be very selective and only form stable
complex with Fe(III). Their model suggested that, when most of the Fe(Ill) in the system
is stabilized, the produced superoxide from reaction (2) will not be consumed by Fe(III)
species any more. Since there is more superoxide available for Fe(Il), even not in
complex form, an increase net oxidation rate will still be observed.

Table 1.1. Selected thermodynamic constants and oxidation rate constants of some
iron complexes in pure water, 25°C

Species logK logk(0y) * Ref.
Fe** -0.63 28
Fe2* + HCO; < FeHCO3 1.47 <0.1 2
Fe?* + C0%2~ & FeCOJ 5.69 <-0.4 28
Fe?* +2C0% & Fe(C03)?” 7.45 -4.04 2
Fe?* 4+ CO2™ + OH™ & Fe(C03)(0H)"~ 9.97 2.2 2%
Fe?* + H,0 & FeOH* + H* -9.51 0.84 26
Fe?* + 2H,0 < Fe(OH), + 2H* -20.61 5.94 26
Fe?** + Cl~ & FeCl* 0.30 -4.8 2%

11
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Fe?t 4+ S0?~ & FeSO) 2.42 4.8 8

Fe3* + H,0 & FeOH?* + H* -2.20 2
Fe3* + 2H,0  Fe(OH)} + 2H* -5.54 2
Fe3* +3H,0  Fe(OH)Y + 3H* -11.80 2
Fe3* + 4H,0 © Fe(OH); + 4H* -21.60 2

Fe3* 4+ Cl- & FeCl?* 1.28 2
Fe3* + 502~ o FeSO;} 4.27 2

® The rate constants were calculate by King ez al ™

Larger stability constant does not necessarily result in faster oxidation rate. This
was discussed by Theis based on their work about the oxidation reaction of Fe(II)

complex.”’ The oxidation reaction of Fe(IT)L involves the following steps:

02
Fe?* + 0, —> Fe’*

k, 0,
Fe?+t + L ‘—k_~ Fe(ll)-L —k> Fe(Ill)
3 4

k is the rate constant for each step, and the stability constant of the formed Fe(II)-L is

given by

12
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ks

K=->2
ks

Based on the rate constant k and stability constant K, there are different combinations

which may explain either the enhance or deceleration of Fe(Il) oxidation by ligands.

When K is very small and k;>>k4, most oxidized ferrous iron should be in the labile
form, and the presence of the ligand is not showing any obvious effect. In the opposite
situation, when K is large and k;<<k4, since the oxidation of ferrous ions is slower than
complex, most of the ferrous ions are binding with the ligand when being oxidized and
the ligand is accelerating the oxidation reaction. Slightly more complicated situations
such as that involves a large K and k;>>k4 can also occur, which is indicating an
inhibited oxidation by the ligand. A special form of this case if that K is moderate which
indicates the dissolution and formation of the complex are occurring in very similar rates,
with k;>>k; and k;>> k4. In this case, the complexed Fe(II) slows down the oxidation
while the fast oxidation of ferrous ions occurring at the same time. At the beginning,
when most of the Fe (II) are still labile, it will show a fast initial oxidation trend until

most of the left over Fe(Il) are complexed, when the net oxidation starts to slow down.

The possible reasons for the acceleration/ deceleration effects caused by ligands
vary to the types, structures and other properties of the ligands. For example, after
forming a complex, the oxygen attack on the Fe(II) center can be hindered and the
oxidation reaction is decelerated. Other than the effects on Fe(II), the fate of Fe(Ill) is
also important during the process of oxidation reaction because of the availability of the
“back reaction” of Fe(IlI) reduced by either superoxide or reducing bacteria in natural

environment,
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1.2.3 The fates of Fe(I1I)

Ferrous iron is more soluble in water, and more reactive. Recent results have
showed that, in seawater, dissolved Fe(II) is present in both labile and complexed forms
such as FeCOs, Fe(CO3)OH', FeCl", or Fe-NOM when binding with natural organic
matter (NOM). >"**3¢ A similar situation applies to the small amount of dissolved Fe(III)
is mostly binding with organic matter in natural waters." >>°

To keep cycling between the two oxidation states, after Fe(Il) is oxidized into
Fe(I1I), the back reaction (reduction of Fe(Ill)) must occur as a feedback. Regarding to
Fe(IIT) reduction, there are two major pathways: photo-induced Fe(III) reduction, and the
“back reaction” of Fe(II) oxidation, which is the reduction of Fe(III) by superoxide.”
The minerals can undergo this kind of process and therefore they are reduced into Fe(II)

which forms soluble species and comes back to the redox cycle. The reduction of Fe(III)

by superoxide, on the other hand, must occur in aqueous phase.

It has been demonstrated that Fe(IIl) is the limiting factor in iron redox cycle due to
its low solubility.”” In aqueous solutions, when dissolved Fe(II) is oxidized, the resulting
Fe(IIT) undergoes pH dependent hydrolysis and produces insoluble solid forms and the
mechanism is well-established.”®®® It is known that Fe(OH)*" and Fe(OH); are the
dominating species of Fe(III) in seawater under neutral to slight basic pH.”® Zafiriou et
al® proposed the rate constant of the reaction for formation of Fe(OH)*" from Fe(OH); as
3x 10" M" s, and Rose et al estimated the rate constant for the hydrolysis of Fe(III) as
8 x 10> M s™! based on the assumption that this reaction is the rate-determining step.’
The produced Fe(OH)s, which is more stable and less reactive, will exist in colloidal form

and be removed from the redox cycle. Under the condition of excess amount of Fe(Ill),
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the formed monomeric Fe(OH);, can aggregate and/or polymerize to form larger
particles.” Under lower pH (below 3), the polymerization of small monomers are easily
reversible.”> However, once a relatively large chain polymer forms, the bonds between
iron atoms are stronger and the resulting polymers are more stable. These results in a

much slower depolymerization, and the process of precipitation occurs.”

Pham e al demonstrated the existence of Fe(OH);" and suggested that it is the
dominant precursor in Fe(IIl) polymerization reactions as well as the subsequent
precipitation. They also calculated the rate constant of Fe(OH); precipitation to be

Kreomyg =2-0 x10" M's™.%

Ligands in which oxygen is the electron donating atom tend to stabilize Fe(III) and
decrease the reduction potential of iron. The structure, composition and reactivity of the
formed hydrolysis product can be affected when certain oxyanions (e.g. COs>, POy,
etc)® or organic matter is present.” ®®" On the other hand, those ligands in which
nitrogen or sulfur are the electron donating atoms tend to stabilize Fe(Il) and increase the
reduction potential of iron.” The formed complexes are usually thermodynamically stable
with large stability constants. However, the other important factor we need to consider is
the rate of the complexity, which is determining the speciation of iron in both oxidation

states.

Due to the low solubility of Fe(III) species, there are various types of iron-rich
minerals present in natural environments. The combination of dissolved Fe(II) and those
minerals received intensive studies. The kinetic and thermodynamic properties of

heterogeneous systems will be reviewed in the coming section.
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1.3 Heterogeneous systems

In natural environments, soil, sediments, or minerals are wide spread, and they can
affect the iron oxidation rate and/or pathways as well as the mechanisms. Therefore, it is
important to understand the mechanism(s) of the oxidation reaction on the solid-liquid
interface. In this section, the kinetics of the oxidation of ferrous iron minerals in
heterogeneous systems and some thermodynamic properties of those iron-rich will be

reviewed.
1.3.1 The formation and thermodynamic properties of iron oxides

The formation of iron-rich minerals is a part of the iron cycle. Since Fe(Ill) species
are less soluble, they may form precipitate and iron-bearing minerals when binding with
precipitating ligands and/or through polymerization. The formed iron oxides and
hydroxides can also affect the kinetics of Fe(II) oxidation. They can be reduced by
photoredox reactions and microbial processes so that the cycling continues,” or, more
commonly, associate with Fe(II) to form Fe(II)-surface species. Studies have agreed that
the adsorbed Fe(II) on iron oxide surfaces is more reductive to organic and inorganic

. 69-72
contaminants. 7

Thermodynamically speaking, surface complexed Fe(II) is more reductive than
aqueous Fe™*,”>"* even though some results reported by Scherer et al ' indicated that it
was the coexistence, rather than sorbed Fe(II) only, of sorbed Fe(II) and dissolved Fe(II)

making the redox potential lower and sufficient to reduce some organic contaminants in

natural waters.
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Figure 1.2 Representative redox couples at pH 7.0 (data from Klausen et al ™).
phen = phenanthroline, sal = salicylate, porph = porphyrin

Figure 1.2 shows us some redox potentials of various iron species. The iron-bearing

minerals associated with dissolved Fe(II) are mostly at the level of -0.5-0.0 V, which is

indicating that the oxidation Fe(II) associated with those iron(III) or Fe (II, III) oxides is

thermodynamically favored.
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1.3.2 The interactions between Fe(II) and mineral surfaces----the formation of

surface-cation complexes

In heterogeneous systems, the interactions between solid phase and dissolved ions is
quite complicated and not fully understood. It is proved that metal oxide surfaces may
undergo a series of processes in the presence of soluble species, which include physical
adsorption, surface complexation, hydration of surfaces, adsorption of soluble species,
and charge transfer reactions. Oxide particles can be treated as an oxoacid (or base)
which has the tendency to undergo proton-transfer reactions and coordination with metal
ions. The center ion (e.g. iron, in the cases of iron oxides) in the surface layer can be
considered as Lewis acids. The coordinated hydroxyl groups can undergo ligand

. : 68, 76
exchange and be replaced by anions or weak acids.®®’

Many experimental evidences have proved that, in the presence of iron-bearing
minerals, the resulting Fe(Il) species are more reactive to reduce organic contaminants
under anoxic environments, which cannot be done by dissolved Fe(II) in the absence of
surfaces.” The high reactivity of Fe(II) in the presence of some surfaces was commonly
attributed to the adsorption of Fe(II) complexed with hydroxo ligands on those
surfaces.”®”” The reduction rate5 of the oxidant by adsorbed Fe(II) is proportional to the
concentration of the adsovrbed Fe(II) in most of the cases. However, except for the
adsorbed Fe(Il), other factors, such as structure of the surface and Fe(II) surface

.. . 8
speciation, must also be taken into account.’

Interactions between dissolved Fe(II) and iron-bearing minerals (mostly Fe’* oxides)

are complicated, which involves sorption, electron-transfer reactions, atom-exchange, and
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sometimes dissolution and the formation of new minerals.'> ®" Generally, the
interaction between dissolved ions and surfaces as well as the surface reactivity are both
affected by the formed surface functional group.® In the cases of hydrous oxides and
some silicates, the most important functional groups are surface hydroxyl (—-OH) groups.

Il _ OH on iron oxide surfaces are donor ligands, which

Surface hydroxyl groups, = Fe
can increase the electron density of the metal center and form complexes with metal ions.

According to the surface complex model proposed by Schindler and Stumm,* the iron

hydroxide surface binding of metal ions may be given by
= Fell — OH® + M** & Fe — MOHS + H*

I _ 0HO is the oxide surface, M?*is the dissolved metal ion, and Fe —

where = Fe
MOHS3 is the resulting complex. This surface complex model is indicating the formation

of stable complex on the ligand binding sites of the oxide surface. Similarly, the surface

can bind with anions or weak acids via ligand exchange:

=Fell —QH+ X~ o Fe—0X" +OH™

As a typical example, the dissolved Fe(Il) associated with various surfaces on either
iron oxides or other surfaces such as Al,Os, silica gel, or TiO; has been reported in a

. 12, 71,75, 83-84
number of studies.

Larese-Casanova et al reported the first spectroscopic evidence of the sorbed stable
Fe(Il) species on Fe,Os surface. Their results suggested a quick electron-transfer reaction

between Fe(Il) and Fe,Os at lower dissolved Fe(Il) concentration, while a co-existance of
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both stable sorbed Fe(II) on Fe,Os surface and electron-transfer reaction. The sorbed

Fe(II) phase include both Fe*" and Fe(OH), precipitation.®

Electron transfer between dissolved Fe(II) and structural Fe(III) in iron oxides starts
from the sorption of dissolved Fe(Il) onto the oxide surface, followed by inner- or outer-
sphere electron-transfer reactions between sorbed Fe(Il) and structural Fe(III) in bulk
oxide, which induces a growth of Fe(III) on the solid surface which is similar to the
structure of the bulk oxide. Since many of the iron oxides and oxyhydroxides are
semiconductors with significant charge carrier mobilities, the electrons injected are in a
higher degree of freedom in the bulk oxide.*® This may be one of the possible reasons
that the resulting sorbed Fe(II) is more reactive. For example, many studies have shown
that the resulting iron oxides are capable of reducing organic contaminants such as

nitrobenzene in faster reaction rates.”” *"™

However, this reduction reaction can only
occur in the presence of dissolved Fe(II), and this is suggesting a new mechanism which

is not completely understood.'

Surface precipitation is another result of sorption of metal ions on surfaces. A
surface precipitation model based on the surface model proposed by Farley et al/ predicts
the surface precipitation resulting from the sorption of metal cations as well as anions,
and the sorption isotherm behavior of dissolved metal as a function of metal
concentrations is shown in Figure 1.3.”° In brief, this model is predicting the transition
between surface reactions and bulk solution precipitation (the formation of a new phase
on the surface) of the sorbate when the dissolved metal concentration increases: when
metal concentration is in a lower range (<10~ M), monolayer adsorptive coverage

dominates; as the metal concentration increases, both adsorption and solid solution
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precipitation become important, and the sorption of dissolved metal follows a Freundlich
isotherm; and when the metal concentration reaches a higher level, solid solution

precipitate dominates the sorption process.

Surface precipitation/coating is sometimes accompanied with the formation of a
secondary mineralization. This occurs when the initial solid is an unstable amorphous
iron oxide, such as iron (oxy)hydroxide, ferrihydrite, or lepidocrocite, *” ' but rarely
observed for more stable iron oxides (e.g. goethite, hematite, magnetite, etc.).'>*** In
all iron oxide minerals, Fe;O4, or magnetite, is a special one because of the presence of
Fe(Il). Fe;0;4 can reduce ArNO; even in the absence of dissolved Fe*”, and the rate of
this reaction was found to be proportional to the stoichiometry (x=Fe*/Fe’").”**
Several models were built and studied to explain this heterogeneous redox reaction, and
most of the results indicated that the diffusion of Fe2+ from the bulk solid to the surface

is playing an important role on determining the rate of the reduction of ArNO2 and other

organic contaminants.

Electron-transfer reactions and atom exchange are also proved by experimental
results. Electron-transfer reaction occurs when the surface is exposed to the dissolved
metal ions. A typical example is when an iron oxide (e.g. hematite, magnetite, goethite,
ferryhydrite) is exposed to dissolved Fe(Il), a stable Fe(II)-iron oxide complex forms in
the first place, followed by the electron-transfer reaction occurring at the interface

between the associated Fe(IT) and the Fe(III) on the iron oxide surface.'>®
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Figure 1.3 Sorption isotherm behavior for the surface precipitation model (data
from ref 90)

It is critical to understand that sorption, electron transfer, surface precipitation, atom
exchange and dissolution are not independent but occurring sequentially in most of the
cases. Handler et al proposed a conceptual model involves all five steps, which is

illustrated in Figure 1.4.

Redox-Driven Conveyor Belt

W bh oyt

1. Sorption \A /

2. Electron e.------------.,
transfer » 5. Reductive
3. Oxide Fe dissolution
growth

4. Bulk conduction

Figure 1.4 Conceptual model for the five steps associated with the redox-driven
conveyor belt mechanism proposed by Handler et al *
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1.3.3 Kinetics

Due to the reductive property of the sorbed Fe(Il) on surfaces, the reduction of
organic contaminants by Fe(II) associated with iron oxides has been studied extensively.
Experimental evidences have shown that either the dissolved Fe(II) or the iron oxide
(except stoichiometric Fe;O4) can barely reduce these contaminants, but the
heterogeneous system including both species can dramatically increase the rate of the
reduction reaction. It was found that, even though it was agreed that the adsorbed Fe(II)
is more reactive and dominants the reduction reaction, the dissolved Fe(II) is still
required to reduce some of the contaminants such as ArNO,."

The kinetics of Fe(II) oxidation in heterogeneous systems can be affected by a

variety of factors including surface area, structures of solids, pH, present anions, etc.

In surface-controlled reactions, if the reactions upon the surfaces are slower than
diffusion or other steps in bulk solutions, the steps occurring on the surfaces would be the
rate-determining steps and the concentrations of solutes on surfaces are equal to those in
solutions. When the system is dominated by a steady-state on the surface, the kinetics
follows a zero-order rate law, and the reaction rate is proportional to the surface area of

the solid a (m?),
r =k

where k’ is the zero-order rate constant, which is sensitive to the concentration of the

surface and their structure identity.*®
Other than the surface area, the formation of iron oxide in the solid phase can also

affect the kinetics of the oxidation reaction. Larese-Casanova et al’® have investigated
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the kinetics of the reduction reaction of organic contaminant by Fe(II) associated with
aluminum oxide. A slow kinetics was first observed, and, after the formation of a yellow

color precipitate (amorphous goethite), the reduction reaction was obviously accelerated.

The present iron oxides can also be a sink of Fe’” by co-precipitating. In this case,
the mechanism of the oxidation reaction will barely be affected by the addition of
surfaces except that the oxidation rate can be enhanced. In our recent work, the reactive
oxygen species (including hydrogen peroxide, superoxide, and hydroxyl radical)
generated during the oxidation of Fe(Il) in the presence of four different types of iron
oxides were monitored and no obvious difference on the detected level of reactive
oxygen species was observed. This is indicating that when the sorbed Fe(Il) was
oxidized by dissolved oxygen, it was going through the same pathway as when the
surfaces are absent. However, the observed reaction rate was increased by the addition of
surfaces and was not proportional to the surface area. From the mechanism, it is
reasonable to conclude that the surfaces are acting as sinks of Fe(III) species, which is

similar to the role of those Fe(Ill) precipitating ligands such as bicarbonate and phosphate.
1.4 Summary

In summary, the ferrous iron oxidation kinetics is highly dependent on the present

ligands in homogenous systems as well as the solid phase in heterogeneous systems.
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CHAPTER 2

THE YIELD OF THE EFFICIENCY OF HYDROXYL RADICAL PRODUCTION BY FE(II)

OXIDATION'

Abstract

The oxidation of Fe(II) by dioxygen is known to generate a sequence of reactive oxygen
species, including superoxide, hydrogen peroxide and hydroxyl radical. Understanding
the stoichiometry of this process at circumneutral conditions should facilitate the
development of Fe-based oxidation systems for remediation and lead to a better
understanding of the biogeochemical consequences of Fe(Il) oxidation in natural waters.
In this paper we report the yields of superoxide, hydrogen peroxide and hydroxyl radical
observed during the oxidation of Fe(II) by dioxygen in solution and in suspensions of

iron oxides (hematite, magnetite, goethite, and ferrihydrite). The addition of anoxic Fe(Il)
solutions (100 micromolar) to air saturated aqueous solutions at pH 7.5 (bicarbonate

buffer) resulted in the immediate formation of superoxide as indicated by flow through

'S. Meng, B. M. Solomon, D. M. Dias, T. J. Shaw and J.L. Ferry, Department of
Chemistry and Biochemistry, University of South Carolina, Columbia, SC 29208. To be
submitted to Environmental Science: Impacts and Processes
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chemiluminometry. Superoxide appeared to reach a stable steady state within
approximately 30 seconds after addition that typically varied between 25 and 40 nM and
the value of the steady state did not correlate to the presence of a surface. Hydrogen
peroxide was generated immediately upon Fe(II) addition and after an initial generation
pulse proceeded to decay in a coincident manner with Fe(II), suggesting that on the
timescale of the experiments decay through reaction with Fe(Il) with a more significant
loss route than reaction with or adsorption on iron oxide surfaces. Hydroxyl radical
production was monitored through its reaction with terephthalic acid. Measured hydroxyl
radical was compared to the theoretical yield based on known rate constants for the
Fe(IT)/hydrogen peroxide reaction manifold and yields determined. Yields ranged from a
low of 30% (based on peroxide consumed) in solution to a high of 150% in magnetite
suspension. The latter was interpreted as evidence for direct reaction of peroxide with

magnetite.

Introduction

Microbial metabolism in flow-restricted soils and sediments often leads to oxygen
depletion and locally high concentrations of reduced transition metals, particularly Mn
and Fe.””™ When the flow regime is altered, for example by inundation, rhizosphere
intrusion or physical perturbation of sediments microbially produced reduced metals re-
equilibrate with oxygen in the atmosphere. In the case of ferrous iron oxidation the
fundamental reaction between oxygen and ferrous iron is an inner sphere one-electron
transfer that results in the formation of superoxide, O~ (Eqn 1). *"'°*'°! Superoxide can

then react with itself to produce hydrogen peroxide or in the presence of excess Fe(II)
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could be reduced again to hydrogen peroxide (Eqn 2, 3).'” An additional equivalent of

ferrous iron can then lead to HO formation (Eqn 4).'"

Fe(Il) + 0, 2 Fe(IIl) + 05" (1)
05+ 05 +2H* 2 Fe(Ill) + H,0, (2)
Fe(Il) + 05 + 2H* 2 Fe(IIl) + H,0, (3)
Fe(I) + H,0, @ Fe(IIl) + HO- + OH~ (4)

This family of reactions has been shown capable of oxidizing biogenic carbon and also
anthropogenic carbon and they are often proposed for remediation of environmental

. 103-108
contaminants.

The effects of suspended particles on these reactions is not yet quantitatively
understood. Generally speaking, suspended particles (particularly Fe oxides) appear to

accelerate reaction 1, as indicated by the loss of Fe(II).* '*

This outcome appears to be
a result Fe(III) scavenging by particles, leading to particle growth and minimizing the
back reaction for reaction 1."'° Superoxide has been qualified in iron oxide suspensions
but there is not yet a clear relationship between the rate of Fe(Il) oxidation and the

quantity or rate of appearance of superoxide.''' !

Hydrogen peroxide has been
quantified in iron oxide suspensions and soils under many different conditions but these
studies are typically for added or photochemically generated hydrogen peroxide and are
addressing the in-situ chemical oxidation process or photo-Fenton process. ** 1”7
Many of these studies have addressed the rate of peroxide degradation in suspensions and

it is analogous the Haber-Weiss process, where the conjugate base of hydrogen peroxide

reacts with particle-associated Fe(III) to produce superoxide and Fe(Il) (Eqn 5).
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Resulting Fe(II), whether free in solution or associated with the surface then reacts with

hydrogen peroxide to yield hydroxyl radical and hydroxide ion (Eqn 4).
Fe(IIDsurf + H,0, 2 Fe(Il) + 05" + 2H™ (5)

Eqn 5 is kinetically slow at most environmentally relevant pHs, probably because of the
high pKa for H,O; (11.6) and these reactions are often measured over an hours-days
timescale. Hydroxyl radical has been measured in these environments and its yield varies
widely, ranging from less than 1% (based on peroxide consumed) to higher than 30% for

. 113, 115-116
some soils.” ™

In this study we report the simultaneous quantification of Fe(Il), superoxide,
hydrogen peroxide and hydroxyl radical in solution and in suspensions of several iron
oxides (hematite, magnetite, goethite, and ferrihydrite). The primary objective of this
work was to test the hypothesis that rapid Fe(III) deposition on particles rendered them
essentially equivalent with respect to their ability to support or promote reactive oxygen
species formation during the oxidation of Fe(II) by oxygen. Reactions were carried out
by adding degassed Fe(Il) solutions to aerated receiving solutions in the presence or
absence of iron oxide and observing the loss of Fe(II) and growth of reactive oxygen
species. The identity of the starting particle had no statistically significant impact on the
outcome for every case except magnetite, which showed a strong ability to increase the

yield of hydroxyl radicals.

Experimental
Materials and methods
Reagents. All chemicals were uses as purchase without further purification.

Diethylenetriaminepentaacetic acid (98+%), teraphthalic acid, iron (III) oxide (gamma
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Fe,03) and iron(Il) chloride anhydrous (99.5+%) were purchased from Alfa Aesar.
Iron(II) chloride was stored in a desiccator and all solutions were kept under nitrogen in a
glove box. Catalase (from bovine liver, 11,000 units/mg solid, 14000 units/mg protein),
Iron (II, IIT) oxide (Fe3;04, nanopowder, >98%), goethite (30-60% Fe), 3-(2-pyridyl)-5,6-
diphenyl-1,2,4-triazine-p,p’-disulfonic acid mono sodium salt hydrate (ferrozine),
horseradish peroxidase (HRP, 162.9 units/mg) and 2-methyl-6-(p-methoxyphenyl)-3,7-
dihydroimidazo[ 1,2-a]pyrazine-3-one (MCLA) were obtained from Sigma Chemical
Company. 10-acetyl-3,7-dihydroyphenoxazine (amplex red) was purchased from
American Advanced Scientific, and the latter three reagents were stored in a desiccator at
-5°C. Dimethyl sulfoxide (DMSO, 99.9%) were purchased from Fisher Scientific.
Hydrogen peroxide (30%, w/w), sodium bicarbonate, sodium hydroxide and ammonium

acetate were purchased from VWR international company.

All aqueous solutions and suspensions were prepared with Barnstead E-Pure water
(18 mQ) deionized (DI) water, and all the pH values of buffer solutions were adjusted by
using sodium hydroxide (0.1 M) and hydrochloric acid (0.1-3 M). The stock solution of
and sodium bicarbonate buffer (4 mM, with 1mM terephthalic acid, pH 7.50 =+ 0.10) were
stored at ~5°C when they are not in use. DTPA solution (0.01 M) was prepared in 0.05
M sodium phosphate buffer (pH 7.50 + 0.05) in and stored at room temperature.
Ferrozine solution (0.01 M, buffered in 0.1 M ammonium acetate without further pH

adjustment) was prepared in water and stored at ~5°C.

Stock suspensions of iron (II) oxide, iron (II, IIT) oxide and goethite (2g/L) were
prepared daily by suspending the corresponding solid in 18 mQ DI water with more than

10 minutes of pre-equilibration. Ferrihydrite suspension was synthesized following the
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reported procedure.'®

Deoxygenated DI water was prepared by boiling 18 mQ DI water for ~5 minutes on
a hot plate to remove most dissolved oxygen and kept deoxygenized by purging with N,.
H,0O,-free water was prepared by dissolving 3-5 mg of catalase in about 1 L of regular DI

water, stirring for 30 minutes followed by boiling for 20 minutes.

Analytical Methods. Spectroscopic measurements for all observations were performed
on a Molecular Devices™ SpectraMax M5 Multi-mode Microplate Reader. All samples
of suspensions were centrifuged for 30 seconds to isolate the liquid phase at 3075-3375

rpm with a Dade Immufuge™ II centrifuge.

Dissolved Fe (II) concentrations were quantified by using ferrozine method revised

by Viollier et al.'"”

The produced colorimetric complex absorbs light at 562 nm with an
extinction coefficient of 27,900 M cm™. Hydrogen peroxide measurements were
performed by using amplex red method as previously reported.'* In brief, an indicator
solution was made by mixing 100 uL of 10 mM amplex red/DMSO solution, 200 uL of
10 U/mL horse radish peroxidase and 9.7 mL of 0.05 M sodium phosphate buffer (pH
7.50+ 0.05). 200 uL of sample was transferred into a microplate followed by the addition
of 100 uL of the indicator solution to each sample. After 30 minutes of incubation in the
dark, samples were excited at 530 nm, and the emissions at 585 nm were measured.

Since hydrogen peroxide is known to degrade over time, all samples were centrifuged

and analyzed within 10 minutes after generated.

Hydroxyl radical was measured with the hydroxyl terephthalic acid method.'*’

Samples were excited at 310 nm and the emissions at 420 nm were measured.
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Experimental procedure

All reactions were run at pH 7.5 buffered by 2mM sodium bicarbonate buffer (pH
adjusted by sodium hydroxide and hydrochloric acid) at room temperature (25°C).

Solutions and iron oxide suspensions were made up to 50 mL and stirred by magnetic
stirring for 15 min to achieve saturation. FeCl, (5 mM) solutions were prepared by
dissolving anhydrous FeCl, in deoxygenated water, handled under nitrogen and stored in
a glove box when not in use. At the beginning of each experiment, an aliquot (ImL) of
the SmM Fe(II) stock solution was injected into 50 mL of the buffered suspension with
an Eppendorf pipette and three identical samples were withdrawn immediately by using a
multichannel pipette and injected immediately into three 1.5 mL plastic centrifuge tubes
containing ferrozine solution, DTPA solution and methanol, respectively. At each
following time points samples were collected in the same way. Other analytes were

sampled for as indicated above.

Results and Discussion

Results

Fe oxidation in oxygen-saturated solution. Ferrous iron chloride was added to aeriated
bicarbonate buffer as well as suspensions of four types of iron oxides buffered at pH 7.5.
The systems were monitored for changes in ferrous iron, superoxide, hydrogen peroxide
and hydroxyl radical for up to 900 seconds (which allows enough time to consume most
of the ferrous iron) upon the addition of ferrous iron. In order to understand the
interactions between aqueous Fe(Il) and particles, the adsorption experiments in
suspensions were performed in the absence of oxygen. Figure 2.1 is showing the

consumption of aqueous Fe(II) by the added particles (the Fe(IIl) loading is 1mM).
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Consumption of Fe(II) was observed in all iron oxides suspensions with the same loading
of Fe(IIlI), in which Fe203 (hematite) consumed the most aqueous Fe(II) while the

amorphous ferric oxide consumed the least.

Ferrous iron in oxygen-saturated solution is consumed rapidly by the dissolved
oxygen, which follows the profile of a typical first order reaction as Figure 2.2 shows and
the half live is about 300 seconds. Reactive oxygen species such as superoxide (O,
(Figure 2.3), hydrogen peroxide (H,0,) (Figure 2.4) and hydroxyl radical (Figure 2.5)
were detected during this process.

Superoxide is showing a steady state during the oxidation of ferrous iron, while
hydrogen peroxide is showing a quick initial jump immediately after the addition of
ferrous iron into the oxygen-saturated buffer, followed by a decay until all the ferrous
iron is consumed.

The hydroxyl radical generation shown in Figure 2.5 is the integrated signal, which
is the sum of the total generated hydroxyl radical at each time point. It shows a linear
relationship until the last data point, which may be indicating a constant amount of
hydroxyl radical was generated until the ferrous iron was completely consumed.

Fe oxidation in suspensions. The added solid accelerated the ferrous iron oxidation rate
without changing the order of the oxidation reactions. Figure 2.6 is showing the observed
first order oxidation rates in the presence of four types of iron oxides (Fe,Os, Fe;Oy,
FeOOH, and ferrihydrite) in different loadings, and ferrihydrite was showing the most
obvious effect on the Fe oxidation rate.

Superoxide formations in suspensions (and the maximum yield) is shown in Figure

2.7. The maximum yield of superoxide does not vary to the loadings or types of the
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added iron oxide. However, FEOOH (goethite) yields about twice the amount of the
other iron oxides, which is shown in the insert plot.

A rapid production of hydrogen peroxide was detected in the presence of all
loadings/types of iron oxides, followed by a slow decay, which is shown in Figure 2.8.
The decay rate is dependent on the type of the underlined particle. The maximum
hydrogen peroxide (the insert plot) was not significantly different between different iron
oxides.

Plots of hydrogen peroxide concentration as a function of aqueous Fe(II) (Figure 2.9)
are all showing a non-linear relationship. The addition of particles enhanced the
generation of hydroxyl radical (Figure 2.10 and Figure 2.11). The yield of hydroxyl
radical was enhanced obviously in magnetite suspension (up to ~20 %).

Discussion

The generation of hydrogen peroxide involved the first two steps in the mechanism,

Ko
Fe?* 4+ 0, — Fe?* + 05

2H*
Fe*t + 0, — Fe3* + H,0,

where k is the second order rate constant for each step, and the theoretical yield of

hydrogen peroxide is given by

[H202]rheoreticat = 1/2 [F€2+]l-

where [Fe?*]; is the initial Fe(I) concentration. The factor 1/2 is based on the
assumption that two moles of Fe(Il) is producing one mole of hydrogen peroxide. In all

of our reaction systems, the initial concentration of Fe(Il) was 100 uM. Therefore the
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theoretical yield of hydrogen peroxide should be 50 uM. However, no more than 3.5 uM
of hydrogen peroxide was detected from all reaction systems. This is indicating a fast
consumption rate of hydrogen peroxide competing with the production. Here we set up a

simple kinetic model for estimating the net reaction rate of hydrogen peroxide.

The production rate of hydrogen peroxide is given by

d[H;0,]

T koy [Fe?*][07 ]a

where k- is the rate constant for the reaction between Fe(Il) and superoxide, and « is

the fraction of superoxide reacted with Fe(Il), and a can be calculated as

. Koy [[Fe*1[05]
B kos-[[Fe?*][0;] + krein-o; [[Fe3*]1[0;5 ]

where Kre(mn-02-. 18 the rate constant for the back reaction of Fe(IlI) and superoxide, and
the consumption rate is given by
d[H;0,]

- T = kH202 [F92+][H202]

where ky, ¢, is the rate constant for Fenton reaction. The net rate of hydrogen peroxide

can be estimated by (production rate — consumption rate). All the rate constants are listed

in Table 2.1.

Since the superoxide dismutation rate is fairly slow under the current pH (< 0.3 M
's™), the dimutation of superoxide was not considered in this model. The speciation of

Fe(Il) and Fe(III) are also important for this estimation. Due to the limited availability of
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the rate constants for the complexation of Fe(II)/Fe(IIl) with bicarbonate anion, we also
assumed these reactions are much slower than the reactions between those with

superoxide, thus the complexation reactions are not considered.

Figure 2.12 is a typical plot with the calculated net reaction rate of hydrogen
peroxide as a function of time in the absence of any particles. According to this model,
the net reaction rate is possitive in the earlier period of the oxidation reaction, and

becomes negative at around 200 seconds after the reaction started.

However, our actual hydrogen peroxide data showed a sudden jump after the Fe(II)
spike in about 5 seconds. There are two possible reasons for this sudden jump: (1) from
the physical equilibrium at the initial mixing of the stock solution, or (2) a hydrogen
peroxide contamination in the stock solution. The background hydrogen peroxide level
was tested in an anoxic glovebox and no higher than 0.5 uM of hydrogen peroxide was
tested. Therefore, we can conclude that the hydrogen peroxide jump should be from
initial dilution of the much more concentrated Fe(II) stock solution. In order to calculate
the net generation of hydrogen peroxide, we modeled the consumption of hydrogen
peroxide based on the initial hydrogen peroxide by treating the first hydrogen peroxide

datapoint seprately. The integrated second order rate law for Fenton reaction, is given by

1 [H,0,]:[Fe(ID], _
[H,05]0 — [Fe(D], ' [FeUN].[H;01o

Rearrage this equation, and the final concentration of H,O,, [H,0;];is given by

In[H,0,]; = kt([H,0,], — [Fe(ID],) + In[Fe(II)]; + In[H,0,], — In[Fe(I)],
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The modeled hydrogen peroxide at each time point can be calculated by the equation
above, and the “net generation” of hydrogen peroxide was calculated by subtracting the
modeled hydrogen peroxide from the actual data at each time point. A typical modeled
dataset of hydrogen peroxide is shown in Figure 2-6. The production of hydrogen
peroxide is showing two phases: the formation is dominant until 250 seconds, and a
consumption-dominating phase after 250 seconds.

0.1
0.05 T

4102 ® 1o 0 { 380 t 4003E 500

-0.1 { E ® No solid
-0.15 ® Fe203

-0.2 E ®Fe304
-0.25 { E E i { { ® :FeOOH

-0.3 55} FH
-0.35

-0.4

In[Fe(ID)]t/[Fe(Il)]o

Time (s)

Figure 2.1 The consumption of aqueous Fe(II) by particles in the absence of oxygen
(Fe(III) loading = 0.98+/-0.16 mol/L)
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Figure 2.2 Fe(Il) autoxidation in oxygen saturated solution
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Figure 2.3 Superoxide formation during the oxidation of ferrous iron in solution
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Figure 2.4 Hydrogen peroxide formation during the oxidation of ferrous iron in

solution
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Figure 2.5 Integrated hydroxyl radical generated during the ferrous iron oxidation
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Figure 2.6 Rates of ferrous iron oxidation as a function of the added Fe(IlI)
loadings
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Figure 2.7 The measurement of superoxide in real time in the absence and presence
of iron oxide (shown as Fe,0s3, the gray line). Same levels of superoxide (~25 nM)
were detected in every iron oxide except goethite (~50 nM)
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Figure 2.8 Hydrogen peroxide was detected in all conditions showing a quick
increase at the beginning followed by a decay. The maximum hydrogen peroxide
concentrations in the presence of particles are shown in the insert
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Figure 2.9 Hydrogen peroxide concentrations plotted as a function of the
corresponding ferrous iron in the presence of iron oxides
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Figure 2.10 Hydroxyl radical generation in solution and 0.20g/L Fe;O4 suspension
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Figure 2.11 The yield of HO in the presence of all solids. Magnetite system is
showing the highest level of HO return
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Figure 2.12 A typical plot with the calculated net reaction rate of hydrogen
peroxide as a function of time in solution phase

Table 2.1 Reactions and rate constants

Rate
# Reactions Constants Ref.
(M'ls'l)
KkKAH—.
1 Fe* + 0, =3 Fe¥* + 05" 1.0x107 o
KEe(111-0=
5 Fe* + 05 Fe(Il)-03 Fe?* + 05 1.5%108 122
k
3 Fe(ll) + Hy0, —23 Fe(IIl) + OH™ + HO" 63 53
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CHAPTER 3

HYDROUS FERRIC OXIDES IN SEDIMENT CATALYZE FORMATION OF REACTIVE OXYGEN

SPECIES DURING SULFIDE OXIDATION?

Abstract: The formation of reactive oxygen species is reported as a result of the
oxidation of dissolved sulfide by Fe(IlI)-containing sediments suspended in oxygenated
seawater over the pH range 7.00 and 8.25. Sediment samples were obtained from across
the coastal littoral zone in South Carolina, US, at locations from the beach edge to the
forested edge of a Spartina dominated estuarine salt marsh and suspended in aerated

seawater. Reactive oxygen species production was initiated by the addition of sodium

2 Sarah A. Murphy, ' Shengnan Meng, ' Benson A. Solomon," Dewamunnage M. C. Dias,’
Timothy J. Shaw, ' John L. Ferry*? (AUTHOR ADDRESS: 1. Department of
Chemistry and Biochemistry, University of South Carolina, Columbia SC 29208. 2.
Nanocenter at the University of South Carolina, Columbia SC 29208, *indicates

corresponding author); submitted to Frontiers in Marine Science on 6/15/2016.
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bisulfide and the subsequent loss of HS-, formation of Fe(II) (as indicated by Ferrozine),
superoxide and hydrogen peroxide were monitored over time. After an initial increase
above baseline superoxide persisted at an apparent steady state concentration
ofapproximately 500 nM at pH 8.25 and 200 nM at pH 7.00 respectively until >97%
hydrogen sulfide was consumed. Measured superoxide was used to predict hydrogen
peroxide yield based on superoxide dismutation and observed to over predict the
measured peroxide yield by a factor of 2-134 respectively. Experiments conducted with
episodic spikes of added hydrogen peroxide indicated rapid peroxide consumption could
account for its apparent low instantaneous yield, presumably from Fe(II) species,
polysulfides or bisulfite. All sediment samples were characterized for total Fe, Cu, Mn,
Ni, Co and hydrous ferric oxide. The salt marsh sediment and intracoastal waterway
sediment, the two with the highest loadings of hydrous ferric oxide, were the only
sediments that produced significant dissolved Fe(Il) species or ROS as a result of sulfide
exposure.

KEYWORDS nanomaterial, ISCO, hydroxyl radical, mineralization, catalytic

Introduction: Reactive oxygen species (ROS, including superoxide, hydrogen peroxide
and hydroxyl radical) are critical for enabling abiotic reaction paths between organic
carbon and atmospheric oxygen in surface waters. Abiotic ROS production in seawater is
usually attributed to photoprocesses involving the direct reduction of oxygen by
photoexcited natural organic matter or by Fe(II) generated from photoinduced ligand to

123-124

metal charge transfer. In the latter case oxidizable ligands can include a wide

variety of organic molecules and some ligands that are not ordinarily considered

114, 125-126

reductants, including water and chloride. However there are other abiotic
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sources of reductive equivalents that can reduce Fe(III) to Fe(Il) without the need for
sunlight; including hydrogen sulfide, polysulfides, some forms of organic carbon (e.g.
polyhydroxylated phenols, organothiols etc.) and superoxide.'*’"** Our own interest in
Fe(Il) is associated with the tidally driven efflux of anoxic porewater and this has led us
to investigate the potential for ROS formation as a consequence of the thermal reduction

of Fe(Ill) by sulfide and other reduced sulfur species (Figure 3.1).

The thermal (i.e. aphotic) interaction between the carbon, oxygen and sulfur cycles
as ROS sources is interesting because the potential ROS generation capacity is so large,
as (very speculatively!) indicated by the number of moles of Fe(Il) produced/yr globally
by the reoxidation of microbially reduced sulfate. The oxic portion of the biosphere is a
metastable mixture of different oxidation states of carbon, sulfur and oxygen
energetically poised from equilibrium by the net rate differentials between photosynthetic
carbon fixation and its metabolic or abiotic oxidation.'*! Sedimentary carbon burial
widens this gap by imposing a significant mass transfer limitation on the rate of carbon
transport between the lithosphere, atmosphere and hydrosphere. It also restricts oxygen
transport, forcing microbial metabolism of buried material to rely on alternative electron
acceptors such as sulfate or carbon dioxide. The anaerobic microbial metabolism of
buried carbon results in the reduction of approximately 11.3x10'*-75x10'* moles of

14219 This range is

sulfate to sulfide per year in marine sediments and coastal marshes.
compiled from recent efforts to reconcile older sulfate reduction estimates based on

spatial averaging to more recent measurements correlating the global carbon flux to

sediment with sulfate reduction (see the recent work by Bowles and co-workers and

142

references therein).'** Based on the more conservative estimate of 11.3x10'? moles of
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microbially produced sulfide/yr, and applying accepted percentage outcomes for the fate
of sulfur in the sulfur cycle, approximately 2.3x10'* moles of this is immobilized
annually in the process of pyrite burial. The remaining 9.0x10'* moles sulfide is
reoxidized and returned to the water column (primarily as sulfate). The direct oxidation
of sulfide by dioxygen is kinetically unfavorable and requires the intercession of a
catalyst such as sedimentary Fe(IIT) or Mn(IV) (Eqns 1-9)."%% ¥ %130 Here we consider
the ferric/ferrous iron system given its relative geographical importance and kinetic
facility. The initial oxidation of sulfide and bisulfide by Fe(Ill),q or hydrous ferric oxides
(represented collectively Fe(III)OHy in the following equations) results in a mixture of

. . o1 135, 140, 151-155
Fe(Il)-containing species as summarized in Eqn 1-6.7> "™

These may undergo
rapid oxidation by dissolved O,, generating the reactive oxygen species superoxide (O,-)
and hydrogen peroxide (H,O,) while regenerating Fe(III)OHy to continue sulfide
oxidation (Eqns 5,6). The self-reaction of superoxide with its conjugate acid HOO- (Eqn
8) is the kinetically favored outcome for superoxide at typical seawater pH unless there is

a significant quantity of Fe(Il) present, in which case superoxide may be reduced directly

by Fe(II) to yield Fe(III) and hydrogen peroxide (Eqn 9).'%* %

Fe(III)OH, + HS™ 2 Fe(III)S™ + H,0 (1)
Fe(Il)S™ 2 Fe(IDS- (2)
Fe(I)S- + HO 2 Fe(Il) + HS- + HO’ (3)
Fe(I) + HS™ 2 [Fe(I)SH]" 4)
Fe(II) + O, 2 Fe(IIT)(OH), + O, (5)
[Fe(II)SH]" + O, @ Fe(IIT)(OH), + Oy + Soxidized (6)
0, + H,0 2 HOO- + HO- (pKa =4.83) (7)
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0, +HOO- + H,0 2 H,0, + HO )

0,/ HOO-+ Fe(Il) + H,O 2 H,0, + HO +Fe(III) )
If one conservatively assumes a 1:1 stoichiometry between Fe(IIl) and HS™ this implies a
1:1 conversion of the reductive equivalents in sulfide to superoxide. Given the most
significant loss of superoxide is through formation of hydrogen peroxide (Eqns 7-9) this
implies an annual global sulfide-driven ROS formation potential of 9.0x10'* moles -
4.5x10'* moles, depending on whether the terminal ROS is superoxide or hydrogen
peroxide. There are relatively few estimates of annual photochemical ROS production in
surface waters to compare this to, but recent work by Powers and Miller suggests the
marine average is between of 2.9x10'* - 10.9x10'* moles ROS in the top meter of the
oceans/yr.'** There are other sources of sulfide not considered in this estimate such as
volcanic and hydrothermal vents so the overlap between potential sulfide-driven ROS
production and the estimated photochemical ROS production demonstrated here is not

134, 157-159

quantitative. There are also other sources of Fe(II), such as the direct reduction

105, 160-162 :
’ Nonetheless, the estimated values are

of Fe(III) by facultative anaerobes.
intriguingly close, certainly within the same order of magnitude, and that serves as

justification for studying potential mechanisms for sulfide-driven ROS generation.

Here we report an investigation of the sources and mechanisms of ROS formation in
sediment suspensions containing dissolved hydrogen sulfide (and bisulfide) and oxygen.
These conditions are rarely observed in the open water column but are often encountered
at the sediment/water interface. Specific examples include conditions associated with
bioturbation, undersea mudflow, dredging, wave-driven mixing and the trailing edges of

135, 147, 163-169

the tidal prism. This work is a continuation of an investigation of ROS
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generation associated with the oxidation of reduced transition metals at sediment

42, 65,149, 170
surfaces.

It reports a test of the hypothesis that the conditions of frequent
episodic anoxia set the stage for pulsed ROS production in marine littoral zones, focusing
on the roles of hydrogen sulfide, ferric oxides and pH on superoxide and hydrogen
peroxide production (Figure 3.1). The oxidation of reduced sulfur species by dissolved
Fe(IIT) and hydrous ferric oxides is much more rapid than by more crystalline iron oxides
such as goethite, lepidocrite or magnetite, and a central hypothesis tested by this work
was that hydrous ferric oxides would play a correspondingly more important role in ROS
formation than other ferric iron sources.” '*> °7 140 194 171172 g diments were collected
from across the marine littoral zone in South Carolina, from the beach face to the forested
inland edge of a saline Spartina alterniflora-dominated estuary. The addition of pulses of
HS" to aerated suspensions of collected sediments resulted in rapid Fe(II) production with
concomitant superoxide and hydrogen peroxide formation. After a brief initiation phase
superoxide was essentially steady state in the tested systems while hydrogen peroxide
was more dynamic and sensitive to instantaneous concentration of Fe(Il). This pump-
and-probe experimental strategy of interrogating sediments for ROS production capacity
was applied to all sediments tested and marsh sediments were additionally exposed to

multiple sequential pulses of HS™ and hydrogen peroxide. All sediments tested consumed

HS- but only marsh sediments produced significant ROS.

Materials and Methods: Reagents Iron(IIl) chloride hexahydrate (99+%) and sodium
sulfide nonahydrate (99.99+% trace metal free), potassium superoxide (98%) and
chromatographic sand were purchased from Aldrich and used without further

purification. Hydrochloric acid (ACS grade) was obtained from BDH. Horseradish
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peroxidase and 2-methyl-6-(p-methoxyphenyl)-3,7-dihydroimidazo[1,2-a]pyrazine-3-one
(MCLA) were obtained from Sigma-Aldrich. 10-Acetyl-3,7-dihydroxyphenoxazine
(Amplex Red, 97%) was purchased from American Advanced Scientific and the latter
three reagents were stored in a desiccator at -5°C. Diethylenetriaminepentaacetic acid
(98+%) and iron(II) chloride anhydrous (99.5+%) were purchased from Alfa Aesar.
Iron(II) chloride was stored in a desiccator and all solutions were kept under nitrogen in a
glove box. Ferrozine iron reagent (98%) was purchased from VWR. All other salts used

as purchased from (Fisher, 99%).

Sediment Characterization Sediment samples were obtained from the top 2 cm of
material at five locations (Figure 2) across the marine littoral zone of coastal South
Carolina, including (progressing toward the ocean) the landward forested edge of a
Spartina alterniflora dominated salt marsh (33°20'24.36"N; 79°12'9.23"W) the bank of a
dredged canal between the marsh and a barrier island (33°42'51.22"N; 78°55'17.79"W),
the sand dunes on the same barrier island (33°42'0.74"N; 78°52'10.77"W), the swash
zone at the surf’s edge (33°42'0.69"N; 78°52'8.54"W) and at a depth of 1 m below the
surf edge at low tide (33°42'0.11"N; 78°52'7.28"W). A control sample was prepared
from commercially available sand (Sigma Aldrich) that was triple washed with aqua regia
(60 min exposure/wash) followed by a triple rinse with 18 MQ deionized water to purify
the sample of solution accessible acid soluble metals. Samples were sieved, dried and
analyzed for metal content using inductively coupled plasma mass spectrometry. Fe was
the dominant transition metal in all samples. Acid digestion of sediments showed 25% of
the total Fe in sample A from the forested marsh edge was hydrous ferric oxides, all other

samples were less than 10% hydrous ferric oxides (Figure 3.2).'”
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Experimental procedure Sediment samples were suspended in 500 mL pH-adjusted

seawater (adjusted by dropwise addition of HCI).'*'7

After a thirty minute
equilibration period aqueous hydrogen sulfide was added to the suspension sufficient to
yield a concentration of 300 x 10 M and aliquots of known volume were periodically
withdrawn for analysis of sulfide accessible Fe, HS™ and H,O, over time.'”*'"® 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 in the top layers of many coastal
surface sediments.'® Samples were removed from the reactors and centrifuged on a
Baxter Dade Immufuge II centrifuge at 3225 rpm for 30 seconds to remove suspended
solids before subsequent spectroscopic assays. This basic experimental design was
varied by adding replicates that included episodically spiked “refreshers” of hydrogen

sulfide or hydrogen peroxide to determine the effect of rapidly resupplying or depleting

Fe(II) on the system.

Analytical Tron(Il) and sulfide measurement. Fe(Il),q and hydrogen sulfide were
monitored colorimetrically using the Ferrozine and methylene blue methods respectively
as previously reported.”” *>'>'77 Samples were withdrawn from the reactors and added
directly to developing solutions (varied by analyte). Particulates were removed by
immediate centrifugation (3225 rpm; Dade Immufuge II). Supernatant was removed by
pipetting and transferred to a 96-well glass microplate. Absorption spectra were recorded

on a Spectramax M5 plate reader.

Hydrogen peroxide measurements were episodic. Slurry samples were withdrawn from
reactors and dispensed into precharged vials containing 0.01M

Diethylenetriaminepentaacetic acid adjusted to pH 7.4. Particles were removed by
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immediate centrifugation and an aliquot of the supernatant was transferred to a 96 well
plate before subsequent derivatization and spectroscopic analysis using the Amplex Red
technique.'”® Horseradish peroxidase was dissolved in a 0.05 M sodium phosphate buffer
at pH = 7.4 and a 100 pL aliquot was added to each sample, followed by 100 pL of 10
mM 10-acetyl-3,7-dihydroxyphenoxazine prepared in dimethyl sulfoxide. The samples
were incubated at room temperature for 30 minutes and then analyzed for development of
the indicator resorufin by fluorescence and absorbance spectroscopy.'’® At least one full
calibration curve was run with each plate, for a minimum of 5 replicate calibration curves
per day of analysis. All glassware was cleaned in a muffle furnace and acid washed in a
10% HCI/1 M oxalic acid mixture. After rinsing with 18MQ deionized water glassware
was handled and stored as trace metal clean glassware to prevent inadvertent oxidation of
sulfide in the absence of added metals. Superoxide was continuously measured by flow
injection analysis (Waterville Analytical) with the MCLA chemiluminescence
technique.'”®'” All initial flow rates (sample and MCLA) were 2.5 mL/min. The flow
cell volume was 2.0 mL and the PMT integration time set to 0.200 s. Calibration was
performed daily against spectroscopically verified superoxide stock solutions (UV
absorbance at 240 nm) made up at pH 10 (NaOH) or higher.

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
the optical absorbance of the concentrated stock at 254 nm. The detection limit for each

method was defined by the linear dynamic range of the calibration curves.
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Results and Discussion: Hydrogen sulfide was added to separate, aerated
suspensions of all sediments studied or a sediment-free control at pH 7.00, 7.50, 8.00 and
8.25. The systems were monitored for changes in sulfide, Fe(II), superoxide and
hydrogen peroxide for 120 min following sulfide addition. Sulfide consumption followed
two profiles; an extremely rapid decay (95+%) in the first 30 seconds with a slow decay
thereafter or an overall slow decay that in many cases was not statistically different than
the control (Figure 3.3). Sediments from the marsh fell in the former category at all pHs
studied, whereas the sediments from the intracoastal waterway, dune or beach swash zone
displayed the latter. Marsh sediments were also the only samples to experience
significant increases in Fe(Il) (as indicated by Ferrozine) over the timescale of the
experiments (Figure 3.4), obtaining a maximum Fe(II) of 45.0x10°® M very rapidly (less
than 60 sec) at pH 8.25. In contrast intracoastal waterway sediment yielded the second
highest apparent Fe(I) concentration of 7.3x10° M at approximately 600 sec. These
results justified focusing primarily on the marsh system. For marsh sediments the
instantaneous concentration of Fe(II) at a given time never exceeded an amount
corresponding to an Fe(II) yield above 15% of HS™ consumed at the same time. The
apparent half-life for Fe(Il) was also considerably slower than would be expected based

- L 42,65, 180-181
on existing Fe(IT) oxidation models.*” ** ¢

These results can be explained by two
exclusive models of the system; one where Fe(II) oxidation was slowed by the presence
of a stabilizing ligand or one where Fe(Il) oxidation was kinetically facile and the
measured concentration was actually the product of simultaneous Fe(III) reduction and

Fe(I) oxidation. The two models were resolved by examination of the concentration vs

time profiles for superoxide (Figure 5) in marsh sediments. Both pH conditions
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experienced a sudden increase in superoxide upon the addition of hydrogen sulfide,
indicating at least some of the total Fe(Il) was available for oxidation by dioxygen (Eqn
5). The half-lives for superoxide were calculated at the maximum superoxide
concentration obtained from the data based on loss through dismutation (Eqn 10):

L1 (10)
SICAT

where at pH 7.00 k= 5.01x10° M's™" and superoxide = 204x10° M and at pH 8.25 k =
1.78x10* M's™ and superoxide = 514x10”° M (conditional k values obtained from a

156 Under these conditions t, was 9.8

comprehensive review by Bielski and colleagues).
sec and 109.0 sec at pH 7.00 and 8.25 respectively. Given the apparent stability of
superoxide in the experiments (Figure 3.5) and the truism that dismutation sets the
minimum rate of superoxide decay in aqueous systems we concluded that superoxide was

continually replenished by the oxidation of Fe(Il) in both cases; i.e. the kinetically facile

model was correct.

The stoichiometry of the process was investigated by considering the total quantity
of ROS produced. The production of superoxide between any two time points (time a
and b) can be estimated by calculating the loss from time a to time b from dismutation

and adding the difference between the new concentration and that observed (Eqn 11):

1
Oz_produced net ([oz], = [051a) + ([0 ] — —1) (11)

kt+[0—2_]

a

where k = the conditional pH dependent dismutation value, t = the elapsed time between

times @ and b (0.5 s in this study) and assuming measurement times were close enough so
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not all superoxide was consumed between times @ and . The accumulated superoxide
was summed over the duration of the experiment (7200 seconds) and plotted against time
to obtain a nearly linear net increase in superoxide (r* = 0.998 and 0.991 for pH 7.00 and
8.25 respectively, Figure 3.6). Given that superoxide production came at the cost of
Fe(II) oxidation, the negatives of the slopes in Figure 3.6 were the rate of Fe(Il) oxidation
at the two pHs and the reaction was zero order in Fe(Il). This was consistent with the
model of ferric and ferrous iron playing the role of a kinetically saturated catalyst for HS
oxidation. The stoichiometry of the process was investigated by assuming all superoxide
produced was consumed by dismutation and comparing the measured hydrogen peroxide
yield to that predicted from dismutation (Figures 3.7 and 3.8 for pH 7.00 and 8.25
respectively). At pH 7.00 superoxide was consumed very rapidly with little hydrogen
peroxide production and at pH 8.25 superoxide was converted nearly quantitatively to
hydrogen peroxide. The insert plot of hydrogen peroxide predicted vs measured in
Figure 2.8 is notable for a slope of nearly 1. However this model was inadequate for
predicting hydrogen peroxide yield at pH 7 (Figure 3.7 and insert). Presumably this was
a result of a pH dependent reaction (or reactions) that consumed either superoxide or
hydrogen peroxide more effectively at the lower pH, such as the reaction of hydrogen

peroxide with bisulfite or Fe(II), or more likely their reaction with an FeS species.'?” '**

182185 1t was also possible that at the lower pH some hydrogen peroxide or superoxide

was consumed by reactions involving natural carbon in the sediments.'** *%'*

The effects of sequential reductant and oxidant additions were measured in marsh
sediments at pH 8.25. Additional hydrogen sulfide or hydrogen peroxide additions

occurred at time = 1800, 3000 and 4500 seconds after the initiating hydrogen sulfide
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pulse, with each addition sufficient to bring the system to a nominal concentration of
300x10° M HS™ or experience a net increase of 10x10° M hydrogen peroxide. Each
additional HS™ spike oxidized rapidly and the nominal concentrations were only directly
observed in blanks. In sediment suspensions measured sulfide fell typically by 95%
within the first 30 sec after addition. The concentration of Fe(Il) roughly followed the
time profile of HS™ over multiple additions, indicating the sediments sustained their
ability to oxidize sulfide with very short reoxidation times (Figure 3.9). The ROS
response of this system was also monitored. The sequential addition of HS™ spikes to
these samples resulted in an apparent decrease in superoxide immediately after each
addition, however hydrogen peroxide tended to increase in concentration after the pulse
while superoxide fell or plateaued (Figure 3.10). Peroxide did not rise to higher levels
than previously observed, indicating that consumption was occurring simultaneously with
production. Regardless of brief changes in the relative slope of the time profile of
superoxide or hydrogen peroxide, the introduction of multiple HS™ pulses reduced the
apparent plateau concentrations of superoxide by approximately 25% and hydrogen
peroxide by approximately 50%. It is possible these reductions were an outcome of the
accumulation of partially oxidized S species in the system such as Sg, which coat
sediment surfaces and inhibit their ability to act as catalysts or directly scavenge

. 135, 152
oxidants. ~™

In contrast added hydrogen peroxide pulses did not have a statistically significant
effect on measured HS™ or Fe(Il) under these conditions (Figure 3.11). However
superoxide appeared to experience a (50-100)x10” M increase after each addition (Figure

12). The most interesting result from this experiment was the changing slope of
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hydrogen peroxide post-spike; it was evident that the initial spike was consumed rapidly
while the latter two appeared to demonstrate more of a step function-like increase.
Presumably this was due to consumption of oxidizable sulfur species, at least on the time

scale of this study, so that later additions were more stable.

Conclusions:

This work demonstrated the potential for the global sulfide reoxidation flux to
participate in ROS production in parallel to more recognized photoproduction of ROS.
Specifically addition of hydrogen sulfide to oxic muds resulted in the rapid production of
Fe(Il) species, superoxide and hydrogen peroxide. The production of ROS was not
stoichiometric and less than 20% of the sulfide consumed appeared to contribute to ROS
production in this system. Hydrous ferric oxides played the most significant role in
promoting ROS formation over short time scales. The time scale of the experiments
shown corresponds to previously measured efflux of the anoxic portion tidal prism
through estuarine muds during the falling tide, suggesting that hydrous ferric oxides will
be important sources of ROS in those ecosystems. They are also likely to be influential
for ROS production in other episodic events, such as bioturbation, storm-driven agitation,
dredging etc. It is notable that elevated levels of antioxidant enzymes are frequently

observed in biota at environmental compartments that fall in this category, including

186-188 9

hydrothermal vents, cold seeps'™ and the surface sediments of many coastal salt

marshes.'**!?

These observations range from single-celled (planktonic) to complex
multicellular organisms (limpets, worms) and suggest ROS may have an unexpected

ecological importance even in niches that are reliably aphotic because of depth.
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Seawater

Figure 3.1 Microbial oxidation of buried carbon results in the production of Fe(II)
and HS'. At the oxic/anoxic interface these equilibrate with dissolved O, to yield ROS
and regenerate Fe(IIl) and eventually sulfate.
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Metal

Intracoastal Beach Low Tide

(+/-k(;g)5mg Control Marsh (A) waterway (B) Dune (C) Face (D) Line (E)

Total Fe 353 38876 3830 1653 63085 3382

Hydrous - 9838 387 59 61 286
ferric oxide

Cu (ppm) 24 27 47 4.0 4.7 2.7
Co (ppm) 02 85 10 0.4 0.8 0.9
Ni (ppm) 20 25 47 1.7 22 29
Mn (ppm) 12 257 126 65 5773 49

Figure 3.2 Sediment collection points and metal content (dry weight). 214 Sediment
surface samples were collected from several points across the South Carolina marine
littoral zone, including a coastal marsh (A), manmade intracoastal water way (B), a
barrier island dune crest (C), the beach face or swash zone (D) and at a depth of 1 m
below the low tide line (E). Samples were sieved (4 mm) and air dried before analysis for
metals or use in experiments. Characterization was achievedby acid extraction followed
by inductively coupled plasma mass spectrometry or ascorbate/HCI extraction with
Ferrozine (amorphous Fe only).
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Figure 3.3 The effect of sediment slurries on sulfide oxidation. Sediment suspensions
(1.00 wt%) were made up in pH adjusted seawater. Suspension were maintained and
aerated through rapid mixing. At time = 0 sec H>S(q) was added to bring its solution
concentration 300x10° M. HS™ was monitored for a minimum of 7200 seconds from
zero. Results from pH 8.25 shown.
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Figure 3.4 Fe(Il) evolution after HS™ addition. The introduction of H,S,q) to aerated
sediment suspensions (1.00 wt%) seawater resulted in the formation of Ferrozine-
responsive Fe(Il). The highest yields of Fe(Il) were obtained from sediments with high
concentration of hydrous ferric oxides. Results from pH 8.25 shown.
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Figure 3.5 Superoxide formation followed HS™ addition. Fe(Il) generated from the
interaction of sediments and added HS- oxidized in suspension and generated superoxide
at pH 7.00 and pH 8.25 (0.1 wt% sediments in pH adjusted seawater).

1.80E-04
1.60E-04 ——pH 7.00
1.40E-04 —pH8.25
1.20E-04
1.00E-04
8.00E-05
6.00E-05
4.00E-05
2.00E-05
0.00E+00

Total generated superoxide (M)

0 2000 4000 6000 8000
Time (s)

Figure 3.6 Modeled superoxide production. Instantaneous superoxide concentrations
were used with Eqn 11 solve for the total number of moles of superoxide generated over
the course of the experiment at pH 7.00 and pH 8.25. The higher yield of superoxide
estimated at pH 7 was a function of its more rapid dismutation at the lower pH.
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Figure 3.7 Modeled vs predicted hydrogen peroxide, pH 7.00. Modeled superoxide
was used to predict hydrogen peroxide observed in sediment suspensions. In marsh
sediment suspensions at pH 7.00 the model overpredicted hydrogen peroxide by
approximately a factor of 100, indicating the presence of an unknown hydrogen peroxide
sink. Poor correlation between model and data shown in the insert.
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Figure 3.8 Modeled vs predicted hydrogen peroxide, pH 8.25. Modeled superoxide
was used to predict hydrogen peroxide observed in sediment suspensions. In marsh
sediment suspensions at pH 8.25 the model predicted hydrogen peroxide with an r* =
0.992, indicating dismutation was the sink for superoxide.
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Sulfide spike, marsh, pH 8.25

300 ‘ ‘ ‘ )

o 50
20 - 40
2 —~
215 30 %
Q =
NS =
=10 - 20 %
a &%
5 - 10
O T T T T 0
0 2000 4000 6000 8000
Time (s)
—=—Fe(Il) —&—Sulfide

Figure 3.9 Sulfide spiked into sediments correlated with brief reappearances of
Fe(II). Multiple aliquots of sulfide were added to sediments in the presence of oxygen.
Sulfide was consumed rapidly in all cases with the nominal concentration of 300x10° M
at each spike not detected. Dissolved Fe(Il) increased slightly corresponding with each
addition but was reoxidized on a similar timescale to that of the initiating pulse ({
indicates time of sulfide addition, pH 8.25, 1.00 wt% marsh mud shown)
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Figure 3.10 Hydrogen sulfide addition decreased instantaneous ROS concentrations.
The repeated addition of separate aliquots of hydrogen sulfide resulted in initial declines
in ROS followed by slow recovery to pre-spike level. However the system was robustly
catalytic for ROS production overall and the variance between the highest and lowest
ROS concentrations was generally less than a factor of 2 (} indicates time of sulfide
addition, pH 8.25, 1.00 wt% marsh mud shown, each addition sufficient for a net 300x10
% M increase in sulfide).
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Figure 3.11 Contrasting sequential additions of hydrogen peroxide had no
statistically significant effect of Fe(Il) and HS". Hydrogen peroxide was not a source
of feedback or reductive equivalents that affected Fe(Il) or the rate of HS™ oxidation (}
indicates time of peroxide addition pH, 8.25, 1.00 wt% marsh mud shown, each addition
sufficient for a net 10x10° M increase in peroxide).
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Figure 3.12 Sequential sulfide spikes were increasingly stable. The initial hydrogen
peroxide addition decayed rapidly while the latter two were essentially stable additions;
indicating that peroxide-consuming reactions were still taking place at the time of first
addition. (} indicates time of peroxide addition pH, 8.25, 1.00 wt% marsh mud shown,
each addition sufficient for a net 10x10° M increase in peroxide).
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CHAPTER 4

THE PRELIMINARY INVESTIGATION OF ANTIOXIDANT ENZYMES IN COASTAL MARSH

Abstract

High concentrations of hydrogen peroxide in cells can cause great damage due to its
high capacity of unrestricted oxidation. To maintain homeostasis, antioxidant enzymes
like catalase, peroxidase and reductase are important in the processes of degrading
hydrogen peroxide. Results from previous studies indicated an obvious difference on the
capacity of generating hydrogen peroxide in sterile and non-sterile sediment samples.
This chapter focuses on the preliminary investigation of peroxidase in non-sterile
sediment samples. The results are showing that peroxidase ranged from 0.001% (1 ppm)

to 0.004% (4 ppm) in coastal marsh samples.
4.1 Introduction

The antioxidant enzymes are critical in processes such as cell detoxification during
oxidative stress, which is caused by the accumulation of reactive oxygen species (ROS).
As one of those reactive oxygen species, high concentration of hydrogen peroxide in cells
is toxic due to the high reactivity of this species. Antioxidant enzymes which help to
degrade hydrogen peroxides are important in the mechanisms in cells to maintain
homeostasis.'” Previous studies on the ROS generation with sterile and non-sterile mud

samples are showing obvious difference are showing obvious difference on the hydrogen
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peroxide levels. In the presence of sterile samples, 20-25 uM of hydrogen peroxide was
detected,'”* while ~2 pM as a maximum H,O, concentration was detected in non-sterile

pore waters.'”
4.2. Field study

Sediment samples were collected from Folly Beach, SC every hour from 12: 00 pm
to 5 pm on Aug. 28" 2015. At each time point, three samples from different locations
were collected from the ~ 3 cm top layer of the sediment, as Figure 5.1 shows. Samples
were put into 50 mL centrifuge tubes, frozen by liquid nitrogen immediately. Frozen
samples were kept in dry ice during transportation and transferred to a -70-degree freezer.

Foranalysis, each sample was allowed a slow thawing in a fridge at 5 degrees.

Water
&—— _ Sample 1, sediment
under surface water
Dock
Sample 2, /
water coast RU Sty B an k
Sample 3

Figure 4.1 Locations of sample collection. Sample 1 was collected from the sediment
under the surface water; sample 2 and 3 were collected from the riverband. All
samples were collected in 50 mL plastic centrifuge tubes
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4.3 Materials and Methods

BurBuster HT protein extraction reagent was purchased from Novagen. Coomassie

Brilliant Blue G250 (CBB) was purchased from Sigma.

Each thawed sample was taken out from the fridge and treated by using 5 mL of
0.05 M phosphate buffer (pH 7.5) and 500 uL of BugBuster protein extraction reagent.
The resulting sample was vortexed for about 2 minutes followed by 5 minutes’ centrifuge.
The pellet was treated again in the same way to ensure the complete extraction of
proteins in the sample. 200 uL of each supernatant was transferred into a quartz plate,
and treated by CBB solution (Bradford assay) or amplex red/ H,O; indicator solution for

total proteins and peroxidase detection.

Total protein was detected by using Bradford assay as reported.'”® In brief, CBB
(100 mg) was dissolved in 100 mL 95% methanol. 100 mL of 85% (w/v) phosphoric
acid was then added to this solution. The resulting solution was diluted to 1 L by
ozonated DI water. To detect the total protein in a sample, 10 uL sample was transferred
to a quartz plate, and 300 uL of the CBB solution was added to the sample. After ~15

min of incubation, the absorbance at 595 nm was measured by microplate reader.

The peroxidase was detected by using amplex red method reported by Gorris et
al.”’ A indicator solution was made by mixing 50 uL of 10 mM amplex red (dissolved
in DMSO) solution, 0.5 mL of 20 mM hydrogen peroxide solution and 4.45 mL of
phosphate buffer (pH 7.5). 200 uL of each sample was transferred into a quartz plate and
treated with 100 uL of the indicator solution, incubated for 30 minutes. The resulting

samples were excited at 530 nm and the emission at 585 nm was measured.
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4.4 Results and discussion

Peroxidase was detected in most of the sediment samples. Results of the detected

total proteins and peroxidase are listed in Table 5.1.

Table 4.1 The detected total proteins and peroxidase in the sediment samples

Sample Peroxidase Total protein .
number (ug/g wet sample) (ug/g wet sample) 7o peroxidase
12pm-1 0.00436 -

12pm-2 0.0053 419.71 0.001262777
12pm-3 0.00286 216.05 0.001323768
Ipm-1 0.00209 263.08 0.000794435
1pm-2 0.012 159.29 0.00753343
1pm-3 0.00753 191.2 0.003938285
2pm-1  Below detection limit -

2pm-2 0.00812 190.61 0.004260007
2pm-3 0.073 -

3pm-1 0.00389 2124 0.00183145
3pm-2 0.00526 140.66 0.003739514
3pm-3 0.00353 219.19 0.001610475
4pm-1 0.0039 -

4pm-3 1.12 -

S5pm-1 0.0043 299.73 0.001434624
Smp-3 0.0131 -

The results showed that the peroxidase weight percent ranged from 0.001-0.004%

(1ppm - 4 ppm). Since peroxidase is an efficient and highly selective enzyme, even at the

percentage of 0.001% can degrade hydrogen peroxide very efficiently. This can be one
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possible reason for the low detected hydrogen peroxide level from pore water samples
collected over non-sterile mud. On the other hand, the treatments for sterile sediment
sample deactivated most of the enzymes, and the resulting sediment samples cannot

degrade hydrogen peroxide any more.
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CHAPTER 5
CONCLUSIONS

In chapter 1, the thermodynamics and kinetics of iron species in homogeneous
and heterogeneous systems were reviewed. Focusing on the oxidation of Fe(Il) binding
with various ligands as well as ferric oxides. Oxitation of associated ferrous iron species
(Fe(II)-L) with a range of stability constants (K) have been studied by researchers, and
the resulting rate constants for are not showing a correspondingly proportionality with the
known stability constants. This is indicating the effects of the ligands are not limited to

Fe(IT) but sometimes Fe(IIl) and the generated ROS.

Chapter 2 discussed the generation of ROS during the autoxidation of Fe(II) in
heterogeneous systems and the effects of the added ferric oxides. The yields of ROS
under all conditions in the presence of iron oxides are much lower than the theoretical

yields, which is indicating some process occurring which are not generating ROS.

Chapter 3 demonstrated a potential pathway of ROS generation, the reoxidation of
sulfide catalyzed by iron-containing sediments, which is in parallel of the well-known
photo-induced process. Among the sediment samples under investigation, significant
aqueous Fe(II) as well as ROS were only produced in the presence of those contain the
highest loadings of hydrous ferric oxide, which is indicating the important role of

hydrous ferric oxide as a catalyst in the process of sulfide reoxidation.
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In chapter 4, a preliminary investigation on the detection of anti-oxidant enzymes in
sediment samples was introduced. An assay was developed for extracting horseradish
peroxidase from samples. Future work needs to focus on improving the techniques of

sample handling and the extraction process.
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APPENDIX A — GEOCHEMICAL PRODUCTION OF REACTIVE
OXYGEN SPECIES FROM BIOGEOCHEMICALLY REDUCED FE
(THE SUBMITTED VERSION)'

ABSTRACT

The photochemical reduction of Fe(IIl) complexes to Fe(Il) 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(III) rich sediments.
Sediment samples were collected from the top 5 cm of sediment in a saline tidal creek in
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

" Sarah A. Murphy, Benson M. Solomon, Shengnan Meng, Justin M. Copeland, Timothy
J. Shaw, and John L. Ferry. 2014. Department of Chemistry and Biochemistry, University
of South Carolina, Columbia, South Carolina 29208, United States, Environmental
Science and Technology. 48 (7): 3815-3821. Reprinted with permission from

Environmental Science and Technology. Copyright 2014 American Chemical Society.
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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(Il) and Fe(IlI). 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.

KEYWORDS submarine groundwater, reactive membrane, remediation, transient

oxidants

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."* 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(Ill)-ligand (L) complexes, particularly when L = carboxylic
acids (eq 1).>” The resultant Fe(Il)4q is thermodynamically unstable in the presence of
dissolved oxygen and its oxidation leads to the production of the superoxide anion radical
(eq 2). The superoxide anion radical is the conjugate base of the hydroperoxyl radical
(pKa 4.8). This radical can react with a second Fe(Il),q or disproportionate to generate

8-10

hydrogen peroxide (eqs 3, 4). Hydrogen peroxide in turn can react with reduced

11,12

transition metals (M*") to yield the hydroxyl radical (eq 5). In sediments, aquifers,
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and anoxic porewaters microbial respiration can replace photons as the source of
reductive equivalents to drive Fe(Il),q production. This is accomplished through a
combination of direct microbial reduction and indirect reduction by microbially produced

13, 14 : .
’ Reduced sulfur species, derived from

agents such as hydrogen sulfide (eq 6).
anaerobic microbial reduction of sulfate, can occur in groundwaters at concentrations as

high as millimolar."

Reaction Eq# Ref. #
hv,LMCT
Fe(IIN)L —— Fe(Il)sq + Lox (1)
Fe(I)yq + O, 2 Fe(Ill) + Oy ) 16
+
Fe(Il) + HO>» I 1,0, 3) i
(_
+
O, + HOy H_, H,0; + O 4) v
(_
M* ., +H,0, 2 M*V" + HO- + HO" (5) 8
Fe(Ill) + HS" 2 Fe(Il),, + HS- (6) o

Reactions 1-5 suggest microbially generated Fe(Il),q can have the same impact on
ROS production as photochemical sources of ROS, but with magnitude mediated by mass

transport rather than light intensity.*’**

Major sources of Fe(Il),q 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

27-29

human population densities near coastal regions. Recent studies indicate the volume

of groundwater associated with subterranean estuary emission represents a major,
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3032 Estimates

continuous flux of Fe(Il),q to the groundwater/seawater mixing zone.
based on Ra isotope inventories suggest that on the order of 30 kg water m~>day™ 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.*>>*® These
numbers are rough estimates yet still suggest an important hypothesis: the number of
moles of reactive oxygen species derived from Fe(Il),q 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.”>"**

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).
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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),q and sulfide in solution in the presence of Fe(Ill) (central
composite design, 15 conditions interrogated, vide infra).

Experimental Methods

Materials: Iron(Ill) 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(II) 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 HO,.

Analytical Methods:

Iron(Il) and Sulfide Measurement. Fe(Il),; and hydrogen sulfide were monitored
colorimetrically using the ferrozine and methylene blue methods respectively.*”**
Samples were withdrawn from the reactor and added directly to developing solutions

(varied by analyte). Absorption spectra were recorded on a Spectramax M5 plate reader.
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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).*” *
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 (S1-
S61).

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 (S1-S4). 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 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 NaHCO;
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(0.050 M). Samples were removed from the reactors and spun down on a Baxter Dade
Immufuge II 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(Il),q, total Fe(III), 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
componenet 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.

The concentration ranges for each factor were chosen based on reported field

. 15,46-48 - .
measurements to ensure environmental relevance. ™ Similar models have previously
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been shown competent for accurately predicting net oxidation rates in complex multistep
reaction systems.*"" *>

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(IT)aq,
1.50 x10™* M Fe(III), 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 (S1-S53, S1-S54) 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(Il), HS™ and Fe(IIl) 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 (S1-S61). Separate Fe(IlI) solutions and
hydrogen sulfide solutions were monitored over time and no hydrogen peroxide evolution

was detected. However the joint addition of Fe(Il) and Fe(Ill) to oxic HS  solutions

108

www.manaraa.com



resulted in the oxidation of Fe(II) and HS™ along with the initial rapid reduction of some
Fe(Ill) (Figure 1). The ratio of the first derivatives of [HS'] and [Fe(II)] plotted vs time
approached unity after the initial Fe(IlI) reduction phase, indicating the catalytic function
of Fe(Il) in enabling the oxidation of HS™ by O, (Figure 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 2). An ANOVA table was constructed to
determine the relationship between the hydrogen peroxide and the initial concentrations
of Fe(Il), HS and Fe(IlI). 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 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, #4. The statistical significance of each term to
the outcome was determined by applying the #-test to the hypothesis that g, # 0 at the
95% level of confidence. Factors with S, values that did not test as significantly different
from 0 were statistically and practically unimportant to hydrogen peroxide. [Fe(II)]ag,
[HST], [Fe(II)]aqz, [HS]* and the [Fe(ID)]ag-[HS'] interaction terms were significant to the
outcome at the 95% level of confidence. The sign on the associated f, 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
terms and the intercept (Table 2) were included, the resulting empirical model for

predicting the maximum concentration of hydrogen peroxide was (eq 7):
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[H,0, 102, = —0.3064 + 1.673 x1072([Fe(I1)]44x10°) (7)

+ 1.305x10~2([HS~]x106)

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

— 4.325x1075([Fe(II)] 4qx10°)°

—2.529x1075([HS~]x108)?
A sum of squares value was obtained from the ANOVA table for the model and each
factor (Table S1-S2). 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 yield of hydrogen peroxide (Table 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(Il) and HS™ were then entered into the model (eq 7) to
generate predicted H,O, 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 (S1-S4), 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(II) (detection limit of 2.0 x10° M, whereas [HS] and [H,0,] were both
below their respective detection limits (3.0 £1.5 x10° M and 2.50 +£0.90 x10”7 M, S1-

S64). Native Fe(Il) sources in the samples contributed to an Fe(Il) background of 9.1+£2.9
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x10°M. Additional suspensions were prepared and sufficient hydrogen sulfide added to
raise the nominal initial concentration to 3.00 x10™* M (Figure 3) or 6.00 x10™* M (Figure
4). These conditions were chosen to emulate tidally driven measured groundwater

14, 50-55 . : .
’ Dissolved O, reduction in the

exchange (the outward pulse) through sediments.
latter suspensions was rapid with concurrent oxidation of hydrogen sulfide and formation
of Fe(Il)aq (Figure 3 and 4). Fe(Il),q 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.'* **®°  Subsequent additions of hydrogen sulfide to the
sediment suspensions resulted in essentially identical reactant/product production and
consumption profiles (S1-S58, S1-S59, S1-S60) as long as oxygen concentrations were
maintained. Fe(Il),q 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 (eqgs 2, 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 and 4). Fe(Il),q achieved a maximum concentration within 30 s and maintained at a
pseudo-stationary state until [HS™] < [Fe(II)]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

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
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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

0168 They equilibrate rapidly on mixing

corresponding to a large range of flow regimes.
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(II) or Fe(Ill)-L in the studied system. Under the conditions
of this study (pH 8.28, 5.0 x10> M total CO5* species, [Fe(ID)], < 3.00 x10™* M) net
Fe(Il) oxidation in the absence of sulfide was expected to be quite rapid with an Fe(II)

41, 42

lifetime of less than 10 s. Based on this assumption and eq 1-5 the appearance of

superoxide and H,O, should have mirrored the rapid loss of Fe(Il). However, previous

>%-%0 n this study

work has shown sulfide capable of rapidly reducing Fe(Ill),q to Fe(Il).
sulfide addition resulted in a net apparent decrease in Fe(Il) oxidation rates, with ROS
formation coupled to sulfide oxidation and Fe(Il) oxidation as a result (as distinguished

from previous work reporting ROS formation as a result of Fe(Il) oxidation alone). ' *"

* % The observation is supported by the results from the multifactorial experiment
(Table 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(II) 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(Ill) by sulfide to produce Fe(I) was a more important source of

reductive equivalents in the studied system than the direct oxidation of FeS. Given that

the oxidation of Fe(II) and FeS both yield superoxide, comparison of the FeS and Fe(II)
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terms also suggested that the reduction of superoxide by Fe(Il) (eq 3) was a more

significant source for H,O, than disproportionation. * ™

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(IIl) to maximum [H,O:] (as indicated by analysis of the
model in Table 2) supported commutability of the solution-phase model to experiments
containing natural sediments. Comparison of predicted H,O, maxima from eq 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). It was
particularly notable that doubling the initial HS™ loading had no statistically significant
effect on the maximum H,0, 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 < for the significant squared factors (Table 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

organic C in the suspensions eq 7 predicted the outcome of both HS™ spike concentrations
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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). The low bias in eq 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 H;O, 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.” "7

Table 1. Factor Concentration Range Subdivisions: Experimental factors and initial

concentrations corresponding to the ranges chosen for the trivariate experiment.

Coded value for each factor:

v -2 -1 0 1 2

Uncoded value for each factor (i.e. initial molar concentration):

[Fe(I1)].x10°M | 0 61 150 239 | 300

[Fe(II1)] x10°M |0 61 150 239 | 300

[HS]x10° M 0 101 250 399 | 500
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Table 2. Uncoded coefficients (#4) obtained by modeling the maximum H,O; yield as a

function of initial [Fe(IT)], [Fe(II1)] and [HS]. (R*model = 0.919; R%giustea = 0.899)

P Value Sum of Squares | Estimated % p-value
contribution
Bo tintercep) -0.3064 57.69 <0.0001
Brean 1.673 x10™ 20.16 34.9 <0.0001
Bren NS* 0.08 NS* 0.4523
Bus. 1.305 x10™ 23.10 40.0 <0.0001
Bregpreamn NS* 0.15 NS* 0.2948
Breas. 2243 x107 2.12 3.7 0.0003
Buis-Feqi NS* 0.31 NS* 0.1382
B Fen2 -4.325 x10” 3.29 5.7 <0.0001
Breqin): NS* 0.00 NS* 0.9745
B sz -2.529 x107 8.68 15.0 <0.0001

* NS indicates “not significant” at the 95% level of confidence.
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Table 3: Comparision of Sediment Experimental Hydrogen Peroxide Data to Model
Predictions

[HS-] initial | [Fe(ID)]aq [Fe(IID)] Sediment Data | Model

initial initial Prediction

3.00x10* M | 7x10° M 22x10°M |3+1.8x10°M | 2+09x10°M

6.00x10* M | 7x10° M 22x10°M |4+£1.8x10°M | 2+09x10°M

—
T3 P
2'!3‘1‘:'

500 1000 1500 2000

AHS-/AFe(ll)
R S T

Time (s)

0 7 ) n -
0 500 1000 1500 2000
Time (s)
Figure 1. The concentration of (m) Fe(Il)oq and () [HS'] during the oxidation of 1.50
x10™ M initial Fe(Il),q and 2.50 x10™* M initial hydrogen sulfide in the presence of 1.50
x10™* M initial Fe(III) 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(I)], with a thick

solid line to illustrate the approach to unity, six replicates shown.
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Figure 2. The concentration of peroxide with time. Initial conditions: (m), 1.50 x10™* M
Fe(Il)aq, 2.50 x10™ M HS; (+) 1.50 x10™* M Fe(Il),q, 1.50 x10™* M Fe(III), 2.50 x10™* M
HS’; (o) 1.50 x10™ M Fe(III), 2.50 x10™* M HS"; (A) 1.50 x10™ M Fe(Il),q, 1.50 x10™* M

Fe(IlI). Error bars shown are +1 standard deviation based on n = 3 experiments.
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Figure 3. Concentration of () hydrogen sulfide, (A) Fe(Il),q, and (m) H>O, 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 4. Concentration of () hydrogen sulfide, (A) Fe(Il),q, and (m) H>O, 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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ABSTRACT: The photochemical reduction of Fe(III) pl to
Fe(1II) 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 ndally
driven, episodic movement of anoxic gr d

Fe(1III) rich sedi ples were collected from the top
S cm of sediment in a saline tidal creek in 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, pended in aerated solution, then exposed to aq
sulfide at a range of ions chosen to repli the diti
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

ofhydrogen ide, with i ions of 3.85 uM. The hanism of hyd; ion was tested
using a su'nphﬁed three factor lepresentatlon of the system based on hydrogen sulﬁde Fe(II) and Fe(III) The resulting
predictive model for i gen p ide agreed with ide in field-derived samples at the 95%
level of confid; Itk wnth a persi gative bias suggesting a minor undiscovered peroxide source in sediments.
B INTRODUCTION Fe(Il),, + O, 2 Fe(Ill) + O, @)
The cydmg of Fe between fermus and ferric oxidation states 16
a ly ism of el t in
aqueous environments ranging from sediments to surface HY
waters."~* This cycle is coupled to atmospheric oxygen through Fe(Il) + HO,: = H,0, @3)
the reduction of O, by ferrous iron. In the photic zone, ferrous 17
iron formation is generally photoinduced through the
photolysis of Fe(III)—ligand (L) complues, particularly when y LB
L = wboq’llc auds (eq 1).>77 The rwultant Fe(].l)“l is O, +HO, = H,0, 0, ®
th e d 17
oxygen and its oxidation leads to the produchon of the .
superoxide anion radical (eq 2). The superoxide anion radical is M“',q + H,0, 2 M&D* 4 HO-+HO™ )
the conjugate base of the hydroperoxyl radical (pK, 4.8). This 5
radical can react with a second Fe(II),q or dlspro omonate to
generate hydrogen peroxide (eqs 3 and 4).°”'° Hydrogen Fe(IlI) + HS™ 2 Fe(Il),, + HS- ©)
peroxide in turn can react with reduced transition metals (M**) =
to yield the hydroxyl radical (eq 5).''* In sediments, aquifers, 1
and anoxic p microbial ion can replace Reactions 1—$ suggest microbially generated Fe(II),, can
plwtons as the source of reducuve eqmwalents to dnve Fef have the same impact on ROS production as photochemical
This is gh a sources of ROS, but with magmtude mediated by mass
direct microbial reduction and indirect reducti by biall t rather than light intensity.”° > Major sources of

produced agents such as hydrogen su].ﬁde (eq 6) s Reduced Fe(lI) and hydrogen sulfide-rich waters include the outflow of
sulfur species, derived from

3 "
sulfate, lc:rn occur in gr at as hngh as Recateads N ber 20, 2013
millimol Revised:  February 18, 2014
v, LMCT Accepted: March 5, 2014
Fe(IL > Fe(Il),g + Lox (6] Published: March S, 2014
v ACS Publications  © 2014 American Chemical Society 3815 dx.doi.org/10.1021/es4051764 | Environ. Sci. Technol. 2014, 48, 38153821
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subterranean estuaries,” the release of sediment-associated
porewater during low tide,** mme 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 proxu'm to hlgh
human population densities near coastal regions.”’ >’ Recen

studies indicate the volume of groundwater assocmted vnth
subterranean estuary emission represents a major, continuous
flux of Fe(II),, to the groundwater/seawater mixing zone.™
Estimates based on Ra isotope inventories suggest that on the
order of 30 kg water m™day ™" is circulated through the shallow
aquifer in the South Carolina saltmarsh system alone.*® This
yields an estimate for the entire South Carolina coastline (est.
2000 km? saltmarsh) of approximately 6.0 X 10'° 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 X 107 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. These numbers are rough

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 H,O,.

Analytical Methods. Iron(ll) and Sulfide Measurement.
l'-'e(]l),q and hydrogen sulfide were monitored colorimetrically
using the ferrozine and methylene blue methods respec-
tively.*~*2 Samples were withdrawn from the reactor and
added directly to developing solutions (varied by analyte).
Absorption spectra were recorded on a Spectramax MS plate
reader.

Hydrogen Peroxtde Hydrogen peroxide was measured by
the acridinium ester que utilizing a
flow injection analysis instrument with a chemiluminescence
detector (Waterville Analytical, Waterville, ME).*** Chem-

from the ion b 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 i dently verified (UV absorbance at 2.54 X 1077 m)

estimates yet still suggest an important hypothesis: the b
of moles of reactive oxygen species derived from Fe(II),, ri
groundwater is potentially on par with that obtained from
photochemical processes, with biogeochemical reductants (eg,
sulfide) acting as initiators in a manner anal to [

pewxide soluhons, with hourly drift checks based on standard
comparison. New calibrations were performed at least twice/
measurement period or when instrument drift exceeded 10%.

Direct measurement of the ROS product.lon mpaaty 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 settmguns This work reports
application of that strategy to test the hypothesis expressed in
the precedlng paragraph. This was done by infusing oxic

from a p d coastal marsh with sulfidic
luti (the step) and ing subseq ROS
formation. Sedi les were obtained from the surface of

a pristine saline tidal creek at low tide (ie, top five cm of
exposed creek bottom, flooded with seawater at high tide, pH
8.0, salinity of 28 ppt). Varying concentrahons of hydrogen
sulfide were spiked into sedi d h

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(II) and sulfide in solution in

All gla e 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 (Suppomng lnformahon (SI) S1-861).

were coll

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 (SI S1-S4). Collected sedi luded both
oxic and anoxic layers. Anoxic portions were sulfidic with a
loading of 26.5 umol/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% porostz’) observed in the top layers of many coastal
surface sediments.** Sediments were stirred for 20 min prior to
the addition of sulfide and buffered to pH 8.28 with NaHCO,
(0.050 M). Samples were removed from the reactors and spun
down on a Baxter Dade Immufuge II centrifuge at 3225 rpm for
30 s 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 soluti dard
were interrogated for peroxid ysis at a frequency of 1

f check/S unk determinations. Peroxide reference

the presence of Fe(III) (central composite design, 15
conditions interrogated, vide infra).

B EXPERIMENTAL METHODS

Materials. Iron(IlI) chloride hexahydrate and sodium
sulfide nonahydrate (99.99+% trace metal free) were purchased
from Aldrich. Hydrochloric acid (ACS grade) was

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.

B EXPERIMENTAL DESIGN

from BDH. N,N-dimethyl-p-phenylenediamine sulfate salt was
acquired from Acros O Diethylenetriami
acid (98+%) and u'on(Il) chloride anhydrous (99. 5+%) were
purchased from Alfa Aesar. Iron(II) chloride was stored in a
desiccator. FerroZine iron reagent (98%) was purchased from
VWR. All other salts (99%) were obtained from Fisher

ic
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The multifactorial experiments were designed to interrogate the
relationship between peroxide yield and the initial concen-
trations of Fe(II),,, total Fe(III), and hydrogen sulfide. Specific
conditions for eag 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 (Table 1). This

dx.doi.org/10.1021/es4051764 | Environ. Sci. Technol. 2014, 48, 3815-3821
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Table 1. Factor C
Experimental Factors and Initial Concentrations
Corresponding to the Ranges Chosen for the Trivariate
Experiment

coded value for each factor:

a -2 -1 0 1 2
uncoded value for each factor (ie., initial molar concentration):
[Fe(IN)],y X 107° M 0 61 150 239 300
[Fe(1)] X 10°* M 0 61 150 239 300
[HS"] x 10 M 0 101 250 399 500

design was chosen to allow an estimate of feedback terms, a
necessary experimental c for sy 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
expenmental outcom&s with initial conditions without ex-

ding of the fund | equilibria and
kinetic constants for every step of the system.

The concentration ranges for each factor were chosen based
on reported field measurements to ensure environmental
relevance."**~* Similar models have previously been shown
competent for accurately predictin, g net oxidation rates in
complex multistep reaction systems.

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 X 10~* M Fe(1I),,, 1.50 X
107 M Fe(Ill), and 2.50 X 107" M HS~), which was
performed n=6 txmes The experimental sequence was

ized to eli time dependent artifacts. All experi-
ments were conducted in a dark room to minimize photo-
chemical reactions. The correlation between pH variability and
measured outcomes (SI S1—S53, S1—S54) was less than 0.1,
indicating pH was not a statistically significant factor across the
experimental design.

B RESULTS
The multifactorial expenmenrs were justified based on the
hypothesis that compl ples could be reducti

/
modeled as equivalent to mixtures of aqueous solutions of
Fe(II), HS™ and Fe(Ill) as they came to thermodynamic
equilibrium with dissolved oxygen. Air saturated solutions of
HS™ were stable at pH 828 in the p and ab of

300 2
250 o_‘,"_:g" h v
200 % . 500 1000 1500 2000
2
o) i
g 150 -
x
100
50
0
0 500 1000 1500 2000
Time (s)
Figure 1. The concentration of (red square) Fe(II),, and (blue circle)

[HS™] during the oxidation of 1.50 X 10~* M initial Fe(1I),, and 2.50
X 107* M initial hydrogen sulfide in the presence of 1.50 X 107 M
initial Fe(III) 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(II)], with a thick solid line to illustrate the approach to
unity, six replicates shown.

to range from a minimum below the detection limit and a
maximum of 2.3 X 107 M (Figure 2). An ANOVA table was

18
16

[y
H

[H,0,] x10° M
=
O N & OO ON

o

1000
Time (s)

2000 3000

Figure 2. The oonoenmﬁon of peroxide with time. Initial conditions:
(red square), 150X 107 M Fe(ll)ﬂ, 2.50 X 107 M HS™; (yellow X)
1.50 X 10~ M Fe(II),,, 1.50 X 10~ M Fe(III), 2.50 X 10~ M HS™;
(blue circle) 150 X 10~ M Fe(III), 2.50 X 10-* M HS; (black
triangle) 1.50 X 10~* M Fe(II),,, 1.50 X 10~* M Fe(II). Error bars
shown are +1 standard deviation based on n = 3 experiments.

added hydrogen peroxide (SI S1—S61). Separate Fe(III)
solutions and hydrogen sulfide solutions were monitored over
time and no hydrogen peroxide evolution was detected.
However the joint addition of Fe(II) and Fe(III) to oxic HS™
solutions resulted in the oxidation of Fe(II) and HS™ along
with the initial rapid reduction of some Fe(III) (Figure 1). The
ratio of the first derivatives of [HS™] and [Fe(II)] plotted vs
time approached unity after the initial Fe(III) reduction phase,
indicating the catalytic function of Fe(II) in enabling the
oxidation of HS™ by O, (Figure 1 inset).

The evolution of hydrogen peroxide was monitored under all
conditions of the trivariate experiment (Table 1) and observed

3817

constructed to determine the relationship between the
hydrogen peroxide and the initial concentrations of Fe(II),

HS™ and Fe(III). The conc of hy g
p de for each experi | condition was correlated a
all three individual f:cto:s, their squared terms (curvatu:eg and

the possible interactions in accordance with the quadratic fit of
the central composite design algorithm (Table 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, f,. The statistical significance of
each term to the outcome was determined by applying the t-

dx.doi.org/10.1021/es4051764 | Environ. Sci. Technol. 2014, 48, 3815-3821
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Table 2. Uncoded Coefficients (f,) Obtained by Modeling
the Maximum H,0, Yield As a Function of Initial [Fe(II)],
[Fe(11I)] and [HS™]*

sum of estimated %
B value squares contribution p-value
Bo (mercspry —03064 57.69 <0.0001
(1) 1673 x 1072 20.16 349 <0.0001
()
Beem Ns? 0.08 Ns® 04523
Bus-. 1305 X 102 2310 400 <0.0001
HS
Beeayremy NS* 0.15 Ns? 02948
Preyus- 2243 X 107° 212 37 0.0003
Bussewy  NS® 031 Ns? 0.1382
B —103.255 X 329 57 <0.0001
Beec,  NS® 0.00 Ns? 09745
Biess-n -2529 x 8.68 150 <0.0001

107
R poda = 09195 R g = 0.899. NS indicates “not significant” at
the 95% level of confidence.

test to the hypothesis that f, # 0 at the 95% level of
confidence. Factors with f, values that did not test as
mgmﬁmntly dlﬂ'erent from 0 were statistically and practically

tant to ide. [Fe(I)],, [HS ], [Fe-
(II)] [HS™]3 and the [Fe(II)] -[HS™] mtemcnon terms
were sxgmﬁcant to the outcome at the 95% level of confidence.
The sign on the associated f, 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 f, terms and the intercept (Table
2) were included, the resulting empirical model for predicting
the maximum concentration of hydrogen peroxide was (eq 7):

[H,0,]/2 = —0.3064 + 1.673 x 107*([Fe(11)],, X 10°)
+ 1.305x X1072([HS™] x 10°%) + 2243
X 107°([Fe(1)],, X 10°)([HS™] X 10°)
— 4.325 X 107([Fe(10)],q x 10°)*
- 2.529 x 107%([HS ] x 10°)* )

A sum of squares value was obtained from the ANOVA table
for the model and each factor (SI Tables S1 and S2). 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 yield of hydrogen peroxide (Table
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(II) and HS™ were then entered into the model (eq
7) to generate predicted H,0, 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
(SI S1—-54), 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 Sampla
removed prior to sulfide addition i
of Fe(II) (detection limit of 2.0 X 105 M, whereas [HS ] and
[H,0,] were both below their respective detection limits (3.0

3818
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+ 1.5 X 107 M and 2.50 + 0.90 X 10~7 M, SI S1—S64). Native
Fe(II) sources in the samples contributed to an Fe(II)
background of 9.1 + 2.9 X 10 M. Additional suspensions
were prepared and sufficient hydrogen sulfide added to raise the

 initial conc to 3.00 X 10~ M (Figure 3) or
300 5.0
80 4.0
s s
S 60 309
'; x
= 40 2008
3 z
= 20 1.0
2 0 0.0
0 1000 2000 3000 4000
Time (s)

Figure 3. Concentration of (blue circle) hydrogen sulfide, (purple
triangle) Fe(l]) and (green square) H,O, during the injection of
3.00 X 10™* 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.

600 5.0

§ 20 40
S 100 s
é 80 3.0 §
7 60 205
= 40 Q
g 20 10X

0 0.0

0 1000 2000 3000 4000
Time (s)

Figure 4. Concentration of (blue circle) hydrogen sulfide, (purple
triangle) Fe(II),,, and (green square) H,0, during the injection of
6.00 X 10~* 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.

6.00 X 107* M (Figure 4). Th&e condmons were chosen to
emulate tidally driven h (the
outward pulse) through d O,
reduction in the latter suspensions was rapid with concurrent
oxidation of hydrogen sulfide and formation of Fe(II),, (Figure
3 and 4). Fe(Il),, fell to presulfide 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."***~% Subsequent additions of
hydrogen sulfide to the sedi d in
essentially identical reactant/product pmduchon and con-
sumption profiles (SI S1-S58, SI—SS9, §1-560) as long as
oxygen were maintained. Fe(II),, never reached
the concentration that would be predicted from the reductive

di 14,50-55 Di This
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Table 3. Comparison of Sediment Experimental Hydrogen Peroxide Data to Model Predictions

[HS-] initial [Fe(I)],, initial [Fe(IMI)] initial Sediment Data Model Prediction
300X 10°* M 7X10°M 22%X10°M 3+18X10°M 2+09X10°M
600 X 10°* M 7X10°°M 22X 107 M 4+18X10°M 2+£09%X10°M

equivalents added (as hydrogen sulfide), presumably due to its
simultaneous oxidation by dissolved oxygen (eqs 2 and 6).
Hydrogen peroxide concentration increased as sulfide concen-
trations fell to near the dets limit, hing a

of 3.85 and 2.83 X 10~ M for 300 and 600 X 10~ M
hydrogen sulfide added, respectively (Figures 3 and 4). Fe(H),‘1
achieved a maximum concentration within 30 s and mai

commutability of the solution-phase model to experiments

ining natural sedi . Comparison of predicted H,0,
maxima from eq 7 to the outcome of experiments measuring
the equilibration of sediments with air; postsulfide addition,
howed close b the two sets of experiments
(Table 3). It was particularly notable that doubling the initial
HS™ loading had no statistically significant effect on the

at a pseudostationary state until [HS™] < [Fe(II)],,, then fell

B 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 waters as a result
of mass trasport. They are iated with the t of
aqueous solutions across sharp redox gradients, particularly
those imposed by l ¢ ion of oxygen or the
action of sulfate reducers. Examples include the tidally driven
release of submarine gr across the sedi —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(III) or Fe(IlI)-L in the studied
system. Under the conditions of this study (pH 8.28, 5.0 X 1072
M total CO,* species, [Fe(I)], < 300 x 107 M) net Fe(II)
oxidation in the absence of sulfide was expected to be quite
rapid with an Fe(II) lifetime of less than 10 s.*"** Based on this
assumption and eq 1—$S the appearance of superoxide and
H,0, should have mirrored the rapid loss of Fe(II). However,
previous work has shown sulfide capable of rapidly reducing
Fe(1Il), to Fe(11).*>*° In this study sulfide addition resulted in
a net apparent decrease in Fe(II) oxidation rates, with ROS
formation coupled to sulfide oxidation and Fe(II) oxidation as a
result (as distinguished from previous work re})ortm ROS
formation as a result of Fe(II) oxidation alone).'>**#>* The
observation is supported by the results from the multifactorial
experiment (Table 2) that indicate HS™ and FeS combined
account for nearly 50% of the maximum hydrogen peroxide.
Given that the direct reaction of HS™ with O, is spin forbidden
this large positive impact indicates the intermediacy of Fe(II) as
an electron shuttle between reduced S species and O, in the
system. The relatively minor impact of FeS indicates that the
reduction of Fe(III) by sulfide to produce Fe(II) was a more
important source of reductive equivalents in the studied system
than the direct oxidation of FeS. Given that the oxidation of
Fe(1I) and FeS both yield superoxide, comparison of the Fe$
and Fe(II) terms also suggested that the reduction of
superoxide by Fe(I.I) (eq 3) was a more sxgmﬁca.nt source for
H,0, than disp 2270 , changes in
environmental conditions such as those associated with ocean
acidification are likely to change the mechanism of H,0,
production, probably increasing the relative importance of
dismutation if conditions are closer to pH 7.

The lack of significance of Fe(III) to maximum [H,0,] (as
indicated by analysis of the model in Table 2) supported

tionation.

3819

maximum HzOz 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 time
scale of days, freshly prepared (amorphous) FeS is known to
oxidize on the time scale 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 f, for the
significant squared factors (Table 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

bly a faithful rep ion of organic carbon in the
field environment. Despite the large excess of organic C in the
suspensions eq 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 X 10~ M HS~
spike, although both sets of predictions were biased slightly low
(Table 3). The low bias in eq 7 could have also been a result of
H,0, produced during the peroxidation of organic C
postoxidation by HOe, but the bias was so small organic C
was probably not a significant contributor to the H,O,
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.**”"7%

B ASSOCIATED CONTENT

© Supporting Information

Preliminary work, all [Fe(Il)],, [HS7], and [H,0,] data,
matrix outcomes, quality assurance/quality control data re pH,
run order, etc; and peroxide consumption experiments can be
found in the Supporting Information. This material is available
free of charge via the Internet at http:/ /pubs.am.org.
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