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CHAPTER 1. INTRODUCTION: BACKGROUND, OBJECTIVES AND

APPROACH

1.1 INTRODUCTION
1.1.1 BACKGROUND

Awareness of the immense toxicity of mercury (Hg) was heightened in the
beginning of the migtentury with reports of &illage in Minimata Bay, Japan plagle
with disease due to contamination of the fish supply. Since then, scientists have
discovered an abundance of aquatic systems which suffer from Hg contamination
(Fitzgerald and Clarkson 1991he atmosphere has been recognized as a significant
reservoir of Hg, and as the major source of the element to natural (Fategerald et
al. 1991; Hurleyet al. 1998) Long distancéransport of Hg in the atmosphere can lead
to deposition great distances from the source, as is evident from the contamination of
remote lakegFitzgerald et al. 1998; Lucotteet al. 1995) The most toxic form
commonly foundin aquatic systems is monomethylmercury (MMHg), formed by the
methylation of the reactive, ionic form, principally Hg({Morel, et al. 1998) This
organometal readily bioaccumulates and biomagnikéggerald and Clarkson 1991)
posing a serious threat to aquatic ecosystems and human populations.

Figure 11 is a simple schematic of procesties affect the speciationf Hg in
the atmosphere and natural watetise Two inorganic forms of Hgre elemental, Hg
and ionic Hg principally present as Hg(I()onic Hg will be referred to as Hg(ll)Both
exist in the gas phase in the atmosphere, but with greatly diffedpgies. H&g) 5
relatively inertwith low solubility (H= 0.11M atmi* at 20°C (Morel and Hering 193)),

readivity and deposition velocity. ffe lifetime of Hf, in the atmosphere is extensive,



approximately 1 yegiMason et al.1994) due to these propertie® contrastjonic Hg
(Hg(l)) exists as a variety of complexes and overall this fraction has been termed
reactive gaseous meny (RGHQ. This fraction is highly soluble (e.g. for one species,
HgCl, H =2.78x16M atm™* (Schroederet al.1991)) and reactive, which results én

high deposition velocitgand short lifetime in the atmosphefédere are several processes
which can lead tRGHgdeposition. It can be deposited directly, absorbed by
atmospheric water, or adsorbed to atmospheric particles (aertfsatsorbed by water,

it can be removed from the atmosphere when it rdinis is known as wet deposition.
RGHg can also badsorbedo an aerosaolvhich can alsde deposited directly, knowas
dry deposition, oremoved by wet depositioin the latter case¢he aerosol itself is
absorbed into atmospheric water or serves as condensation nuclei for the creation of a
new cloud droplefFinlaysonPitts and Pitts 2000; Hedgecoekal.2003). Due to the

long lifetime of Hd, it is the domiant form of Hg in the atmosphefieindberg and
Stratton 1998)Still, the presence of RGHg is greathportant, since it can significantly
increasehe deposition of Hg to land and water surfgtesirier, et al. 2003)

HgP and Hg(ll) are also found iaqueousiroplets inthe atmosphere and in
natural water bodie$ig’ exists as a dissolved gas and is referred to as dissolvexligas
Hg (DGHg), while the Hg(llexists in the aqueous phase anafierred to ageactive Hg
(RHg). DGHg and RHg are the operational definitionglgimental and ionic Hg based
on the method of measuremefgain, Hd is relatively inert, while ionic Hg is reactive
and readily forms complexes (HgC) with dissolved and particulate constituents. The
weakest of the known dissolved complexes is HggO8iightly stronger are complexes

with halides, mainly chloride, e.g. HgGInd bromide, e.g.HgRrStronger complexes



are formed with organic matter and sulfides. Complexation with particulate matter can
lead to storage of the metal if it is incorporated itfite structure, or reactions may
continue if the complex is sucfal (Morel and Hering 1993)

lonic Hg can be methylated to form the highly toarmd bioaccumulativeiMHg.
Thus, the processegich control the conversion betweklg® andHg(ll), known as
redox processegplay a critical role in determingnthe toxicityand environmental
availability of Hg in natural waters. This is because reduction of the labile Hg(ll) to the
inert HJ and possible subsequent evasion can remove Hg from the aquatic system before
it can be taken up by organisms as Hg(ll) or, after methylation, as MMHg.
1.1.2LITERATURE REVIEW : FINDINGS OF PREVIOUS STUDIES

The focus of the research presented here is on the abiotic redox processes which
affect Hg speciation in natural waters. While some studies suggest the importance of
biotic oxidation and reduction in natural watévtason et al.1995; Siciliang, et al.
2002) most recent studidsmvefocusedon abotic processesand primarily those that are
photochemically mediated

Oxidation of Hg habeen documented in freshwagelines and Brezonik 2004;
Amyot, et al.1997a; Lalondeet al.2001) and seawatdiMason et al.2001; Amyot, et
al. 1997a; Lalondeet al. 2001; Lalondeet al. 2004) It has been proposed thaet
hydroxyl radical, OH is the primary oxidant of Hg in natural watékines and Brezonik
2004; Gardfeldtet al.2001c), and it has been suggested the halides play an important
role in enhancing oxidatiofMason et al. 2001; Lalondeet al.2001; Hines and
Brezonik 2004) Some pocessesvhich produce OMin natural waters are the photolysis

of nitrate and nitrit€Brezonik and FulkerseBrekken 1998)ligandmetal charge



transfer reactionfvaughan and Blough 1998nd phote~enton chemistrySouthworth

and Voelker 2003)Thus, the oxidation of Hg in natural waters is highly dependent upon
photochemistryas has been demonstrated.layonde et al.(2001) and Lalondeet al.
(2004).This is evident in the dependence of the Hg oxidationfoated in the brackish
waters of the St. Lawrence Estuary UV radiation(Lalonde et al.2004) (Fig.1.2), in

the coastal waters of the Gulf of Mexi@dmyot, et al. 1997a) and in tk diel pattern of
DGHgidentified in the freshwater of the Florida Everglaff@smbbenhoftet al. 1998)
Second orderate constantir Hg oxidation by OF agree well for artificial and natural
waters 1x1@M™s* (Hines and Brezonik %), 1x1 M™s* (Lin and Pekonen

1999) and 2.4x1®M™* s* (Gardfeldt et al.2001c) (Table 11).

Preliminary experiments in this research suggest the predominance of oxidation
over reduction in seawater. This may be due to the phenomenon in whixkbdbece of
halides, for instance chloride and bromide, enhamedlig oxidation rat@Vlason et al.

2001; Lin and Pehkonen 199%)r which two mechanisms have been proposed. The first
is the production of additional oxidargach a$OCI (Lin and Pehkonen 1999; Masast

al. 2001)or aqueousalideradicalslike dichloride (C}*) and dibromide (B) (Mason

et al. 2001) Lin and Pehkone(l999) state thaDCI is responsible for up to 90% of the

Hg oxidation in nighttime marine atmospheres, with thecatestanof 2.1x16M™*s™.
Mason et al. (2001)suggests that rhight additionally oxidize Hg in surface seawater.
The second mechanisrelates to the stabilizing capacity of chloride on Hg ions, Hg(l)
and Hg(ll). Complexation between the two after oxidation can minimize the back

reaction, or the reduction of the Hg i(Pehkonen and Lin 1998; Masat al. 2001)



Reduction of Hg in natural waters is better characterized, and has been identified
in freshwateAmyot, et al. 2000; Amyof et al.1994; Amyot, et al.1997b), seawater
(Rolfhus and Fitzgerald 2004; Amyet al.1997a), and in brackish wate(€ossa and
Gobeil 2000) Again, photochemical processes have been identified as dominating the
reduction of Hg in freshwate(&myot, et al. 1997b) the brackish waters of the Florida
EvergladegKrabbenhoftet al. 1998) as seen in the diurnal pattern to the reduction rate,
and in seawatgRolfhus and Fitzgerald 2004; Amyet al.1997a) with the positive
correlation between reduction rates and solar irradiance. Fitpdesdl 4, taken from
Gardfeldt,et al. (2001b) represent this dependency on syl

Reduction in natural waters has also been correlated with organic matter content
(Xiao, et al.1995). Hg forms strong complexes with DOM/DOC (dissolved organic
matter/carbon), and the value of the stability constgmert adog K) for these
complexesare estimated as low as 1QB®noit et al. 2001)and as high a&4 (Lamborg
et al. 2002) If the latter is correcthe majority of Hg irboth freshwater ancbastal
seawatewill be organically complexeddditionally, it has been found that some DOM
acts in a photosensitizing manri€pokes and Liss 1995)his DOM contains
chromophores which can absorb ligimdeach absorbeghotoncaninitiate reactions
(Spokes and Liss 1995)hereare two suggested mechanisms for photoreduction of Hg.
The first is direct reduction by chromophoric material via arldjto metal charge
transfer (LMCT)(Allard and Arsenie 1991; Xiaet al. 1995) The second is reduction
by the formation of reactive intermediates; reactants produced by the reaction of DOM
and an oxidized substrate. The most abundant of these intermediates, formed by DOM

photolysis is the superoxide radicaD{®’) (Zhang and Lindberg 2001yhichcan also be



produced by the photolysis of organic acids such as ox&atkonen and Lin 1998)
While very shoHlived, it has been shown to reduce Hg in agueousigpiiwith a rate
constanpf 1.7x1d M?* s'(Pehkonen and Lin 1998hterestingly, thigateconstant
decreases to 1.1x4®01™ s in the presence of chloride (Tabld)] most likely a result of
enhanced reoxidation from the formatioradtitional oxidants, odue to the
stabilization of the ionic fan of Hg in the chloride complefPehkonen and Lin 1998)
1.1.3 LIMITATIONS IN PREVIOUSSTUDIES

Studies of the redozhemistryof Hg in natural waters have been hampered in
several waydrirst, the mateals and techniquéisathavebeenusedintroducesignificant
error, producing large uncertainties in the rate constants calculatbdday
measurementSecondrecent evidence suggts that a basic assumptithrat has been
appliedin the calculation of rate redox rate constants is falsé thathefailure to
measure oxidation and reduction simultaneously has resulted in the calculation of net
rather tha actual rate constants. The development of a method which reduces sources of
error and that alles for the concurrent measurermhehoxidation and reduction was
therefore a key goal of this research.

An extensive search of the literature indicates thatiss involving incubation
and successive sampling of waters have large uncertainties, or neglect to report measures
of error at all (Fig. 1.5)Mason et al.2001; Lalonde et al.2001; Lalonde et al.2004).
Certain error is expected owing to the nature of the experiments; reaction rates are fast,
on the order o1 ® to 1 M s?, while sample collection and analysis times are slow, on
the order of minutes. However, the high levels of error found in these experiments

severely decreases confidence in the measurement, and makes discerrsndjftreultl



Inspecton of incubation experimentgcubations of sample water to identify changes in
speciationfound in the literaturand the results of several preliminary incubations for
this research reve#that much of therror can be attributed to thechniquesised

namely the creation of headspace in rieactesselswhich allows forHg® evasion, and
the use of several reaction vessels, creatingbitle effect”.Some error may also be
introduced by the type of material used as reaction vessekssa éxperiments.

Evasional losses of Hdn incubation experiments though inevitable, represent a
loss of Hg from a closed system. It is therefore critical to minimize evasion. This fact was
discovered belatedly in some studsesh ad alonde,et al.(2001), whose incubation
experiments utilized one large bottle, which was-saimpledat set timepoints. As
sample water was removed from the bottle, headspace was created, allowing for the
evasion of H§ DGHg measurements and any calculations based onvikesrtherefore
inaccurate. This is true for the measurement of both reduction and oxidation. In the case
of oxidation, the calculated oxidation rate based upon the disappeafd@Gélg would
be erroneously high because it would count DGHg evaded to #ldsfheece as DGHg
oxidized. In contrast, the calculation of the rate of reduction would be erroneously low
due to the loss of newly created DGHg by evasion. Even if RHg rather than DGHg
measurements were used in the calculation, oxidation and reductiowoatdse
inaccurate because the loss of DGHg would alter the redox equilibrium. The fow Hg
concentration in the water would decrease oxidation, while the lack of back reaction
would increase reduction.

Other incubation studies utilized several smaltlbstrathethanone large one

(Rolfhus and Fitzgerald 2004; Mas@hal .2001; Amyot, et al.1994; Amyot, et al.



1997a; Amyotet al.1997b; Hines and Brezonik 2004kach bottle received the same
treatment, and all were deployed for incubation simultaneously. Instead of subsampling
from the large bottle at set time points, one of the smaller bottles was simplyec:ifor
analysis.The assumption in this method suvdna because each bottle svaeated
idertically, the same processes woolckur in all. Large measures of error and scatter in
the data of these experiments prove this assumption incorrect, most likeiy d
differences among the bottles and their placement in the incubation chamber. This
phenomenon has been coined “the bottle eff@dtison et al.2001). Figurel.6 is an
example of the scattered data which result from the use of this method.

Anothercause of erroin Hg incubation experiments can égcribed to the use of
FEP Teflof? bottles. Several experiments utilizing these bottles have seen Hg losses
which could not be attributed to evaston bottle headspad®olfhus and Fitzgerald
2004; Mason, et al.2001; Lalondet al. 2001) Preliminay experiments of this research
indicatethat FEP Teflofi absorbs DGHgThis finding is supported by study conducted
to test various Hg sample storage methods, which determined that storage of solutions
containing DGHg in (FEP) TeflStwas futile due to rapid log®arker and Bloom 2005)
Results indiate that the material is poroasd suggest that varying wall thickness as well
as the ag and frequency of use a@ltthe materialporosity, making DGK absorption
vary between bottles

Incubations investigating Hg redox chemistry in natural waters have suffered
from one other serious limitatioasboth oxidation and reductidmave not bee
measuresgimultaneusly. To simplifythe calculationsa spike is added of one form of

Hg andit is assumed thanitially back reaction is negligible, allowing us to use the rate



equation for an elementary reaction rather than the relersitaction that characterizes
redox processes. The detection of both net reduction and net oxidation of Hg in natural
waters suggests that this assumption is fdleson et al.2001; Amyot, et al. 1997a;
Gardeldt, et al.2001b; Hines and Brezonik 2004; Cossa and Gobeil 2000; Arsyal.
1997b; Amyot et al.1994; Rolfhus and Fitzgerald 20Q4Yonsequentlyprevious work
hascalculaed net rather than actual rate constants for Hg redox chgnfistr example,
if the rate of reduction is larger than that of oxidation in a system, what is measured is
“net reduction”, the rate of the forward reaction, or reduction, minus the back reaction,
oxidation. Conversely, if the rate of oxidation is lartiean that of reduction in a system,
“net oxidation” is measured, where the forward reaction is oxidation and the back
reduction.The inability to measure Hgk@ation and reduction simultaneouslgd the
subsequent failure to determine their specific retggedes theability to ascribe a
mechanism to these reactiohmiting the knowledge and informatig@ained from these
experiments.
1.2 OBJECTIVES

The previous work highlighted above has suggested the importance of sunlight,
organic carbon ahhalides in the oxidation and reduction of Hg in natural waters. It is the
aim of this research to test these theories via the determination of actual (rather than net)
rates of oxidation and reduction in fresh, brackish and seawater, whicthegspecsum
of organic carbomand halde concentrationsA new method was developed which
eliminated several sources of error found in our previous experiments, and that allowed

for the simultaneous measurement of oxidation and reduction.



In order to accomplisthts, the development of a new method which would decrease
error and allow for the simultaneous measurement of oxidation and reduction was
necessary, and therefore a primary aim of this research.
1.2.1 HYPOTHESES
1) Both oxidation and reduction of Hg in nedl waters are predominately
photochemically mediated.
2) Photochemical reduction of Kt is controlle by the concentratioof DOC in the
medium thus reduction will be greater in waters of terriginous origin
3) Photochemical oxidation ratesll beenhancedn seawater compardeshwaterdue
to reactions involving reactive halogen species in solution.
1.3 APPROACH

In order to investigate the primary processes which control the redox chemistry of
Hg in aquatic systems, incubatierperiments with atural water samplesere
performed. The effects of sunligahd water type were investigated by varying the timing
of theexperimentsand type of wateused A new method was developed to address the
sources of error identified in previous incubationd Bmmeasure the concurrent
processes of oxidation and reduction. Error in the method was reduced with the use of
deflatable bags composed of an inert material for reaction vessels. To measure both redox
processes simultaneously it was necessary to ackehtrke spiks of inorganic Hg to the

sample water. Thus, isotopically labeled spikes of both inorganic Hg species were used.
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1.3.1 METHOD DEVELOPMENT
1.3.1.1INTRODUCTION

In the research presented here, two significant modifications were made to the
traditional incubation methodology found in the literature. To reduce error introduced by
headspace and the bottle effect, custom 5L PFA Tebags, manufactured by
American Durafilm Inc., were designedifuse as reaction vessels. These bags were
filled and deployed in the incubation chamber in lieu of either several small bottles with
the same treatment, or one large bottle. Furthermore, the two species of Hg added as
spikes were isotopically labelet?®Hg(I1) and?®*Hg’. In short term kinetics experimisn
reduction and oxidation could thus be identified by changes in the speciation 09the 19
and 202 isotopes
1.3.12 BAGS

The advantages to the utilization of bags over bottles as reaction vessels are
twofold. Like the use of one large bottle, the lbag be sutsampled from, reducing error
associated with the bottle effect. In contrast to the large bottle however, the bag is
deflatable, such that no headspace is created as sample water is removed. Coupled with
the use of glass collection bottles anpideanalysis after collection, a minimum of
DGHg is lost from evasion.

It was quickly discovered that in order to be effective, several other properties
were required of the bags. They must be thick enough to withstand repeated acid
cleanings as well abe pressure of large volumes of water. They must be thin enough,
however, to properly deflate upon the removal of water, and to allow formmaxiight

penetration. Finallythey must be inert, and not react with or absorb any species of Hg on
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its surfacesAfter several ineffective trials, a bag was designed which met all of these
requirements. The foremost properties of these bags are that they are made of PFA
Teflon® (FEP is not inert), hold B of water, and are 1mL thick, allowing for 99%
guantity andvavelength light penetratiq@imerican Durafilm, Inc.).
1.3.13 STABLE ISOTOPES

The last decade has witnessed the proliferation of the use of stable isotopes in
many types of scientific endeavors, for instaneehe source identification of pollutants.
It is a natural progression that isotopes be used to investigate important and poorly
understood reactions, especially reversible reactions, which affect the toxicity of such
pollutants. With this in mind, the research presented here utilized the stablgess of
Hg to investigate the factors controlling the redtemistryof Hg in aquatic surfaces.

This was accomplished with the addition of isotopically labetedcury as
199Hg(11) and***HgP to sample waters in shogrtkinetic incubation experimésn By
measuring for RHg and DGHg isotopes, this study was able to differentiate and follow
the changes in Hg speciation, and calculate rates of both oxidation and reduction as they
occured simultaneously.
1.3.2 INCUBATION EXPERIMENTS

All experiments caducted for this research were incubation®fg” and
199Hg(11) spiked natural waters. A large volume of sample water (20 t9 #@s filtered
upon collectionredistributed amongst the bags, and deployed in the sunlight via a flow
through incubationtamber (to regulate temperature). The bags wersaoipled from

at set timepoints, and the watewllected measured for DGHg and Rtdgassess
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changes in speciation and for ratsstantalculation, and for total Hg (HgT) to identify
complexation and dosses.
1.3.2.1 EXPERIMENAL DESIGN

Individual experiments conducted for this research differed in the following ways
depending upon the process being investigated. The influence of water type and
constituents was examined by incubating waters from tmgaatic systems which
bracket the major properties of interest: fresh river water containingbrgtentrations
of DOC and low cogentrations of halidegoastal seawater containing low [DOC] and
high [halides], and brackish bay wateith high concentri@gons of both(Fig. 1.7).

To investigateaole of photochemistrgn experiment was conducted to measure
changes in Hg redox rate constat®ughout the day. This was accomplished by filling
and deploying into the incubation chamber four unspiked bagsdtamsously before
sunrise. Individual kinetics experiments were then performed in each of the reaction
vessels at four different times of the day, spanning sunlight conditions. Each kinetics
experiment began with the addition of the Hg spikes to oneegirétviously deployed
reaction vessels. Several ssdimples were then taken within a short time, up to 7 within
1 to 2 hours. Measurements of the chamgedg speciation through this short period of
time allowedfor the calculatiorof oxidation and reduin rate constant€hanges in

these rates were then assedsediependence on time of dagd light intensity.
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Figure 1.2. Photooxidation of Hgn brackish waters.
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Figure 1.5. Results of photooxidation studies with no error bars, or other measure of
uncertainty. Note also the use of a corion ratio in Fig. 5, which serves to reduce

variability in the data. Lalondet al. (2001)
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Cited Reference Summary of Water Type 2" Order Rate
Study Constant
Deter mined
M7s)
. | Role ofO,* in the DI
Pehk?lngegnS();md Lin photochemical with Red. 1.7x1b
reduction of Hg. 0"
Addition of CI to
above expt.
decreases net
reduction. DI
Pehkonen and Lin Mechanism, ;
(1998) whether hampering .W'th Red. 1.1x16
) 0," and Cl
reduction of
enhancing
oxidation,
unknown.
Determination of
net reduction in FW
Lin%lrtl)zrr]g é%%l) sunlight exposed with 1 to 6x10
lake water spiked Fe(ll1)
with Fe(lll)
, Role of OH in the DI
Lin argfgl;g;lkonen photochemical with 1x10
oxidation of Hg. OH*
: .| Role of OH in the DI
Hines (azré%jrezomk photochemical with 2x10
oxidation of Hg. OH*
Role of OH in the DI
Gardzfgléjlt;t al. photochemical with 2.4x10
oxidation of Hg. OH*

Table 1.1. Summary of experiments and results found in the literature investigating th

redox of Hg in water, and the role of water type/constituents.
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CHAPTER 2. THE DEVELOPMENT OF A NEW METHOD FOR THE

STUDY OFAQUEOUSOXIDATION AND REDUCTION OF Hg

2.1 INTRODUCTION

Redox chemistry dflg in natural waters igoorly understood. Seartypes of
studies have attempted to characterize it and to identify the dominant mechanisms which
control the oxidation and reduction of Hg in natural waters, but they have only been
partially successful due to existing experiment methodaldtason et al. 2001;
Lalonde et al.2001; Lalonde et al.2004; Amyot, et al.1994; Amyot, et al. 1997b;
Amyot, et al.1997a; Rolfhus and Fitzgerald 2004; Hines and Brezonik 2004;, X¥ias.
1995; Allard and Arsenie 1991; Ferraenal .2000; Gardfeldf et al.2003). Many of
these studies have been incubationgeziments involving the incubation of sample
water in reaction vesselisom which subsamples are periodically taken to assess the
changes in Hg speciation. These studies havelbeied in two important ways.
Current methodologies lead to large errorélg measurements, and have been unable to
measure both oxidation and reducttbnughthey occur simultaneously. It was therefore
a principal aim of this research to develop a method which addressed these issues in order
to obtain a more thorough undersiang of the redox chemistry of Hg in natural waters.
2.1.1 ERROR IN PREVIOUS WORK

Measures of error in scientific experiments represent uncertainties in the data.
When error is large relative to the measurement, confidence in that measurement
decreasesnd trends are difficult to identify and prove. It is thus important to eliminate
as many sources of error as possiblew&gresently execute themncubation studies of

the redox 6Hg in water introduce significamrror, attributableto the type of@action
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vessels used.lEre are twanethods found in the literaturghich employ two different
reaction vessels, but both of whigtoduce large amounts efror. They ar¢he single
large bdtle method andhe several small bottles methdwnl addition to hese sources of
error, this research suggests that the reaction vessel matenat often used in
incubation experiments of this typgeEP Tefloff and PETG plastics, cantroduce
uncertainties and error
2.1.1.1 SINGLE LARGE BOTTLBMETHOD

This methodused in experiments conducted by Laloratlal.(2001), involves
the collection of sample water into one large bottle (generally several ks is
deployed inan incubation chamber. Water is periodicaliyasampledrom the bottle
and analyzed tassess changes in Hg speciatld@adspace is created in the bottipon
removal of waterand giverthe low vapor pressure of Plig aqueous solutior@®lorel
and Hering 1993)DGHg evades from the water into this headspace. The evaded DGHg
is not measured or otherwise aaated for, and theesult is that measurements of DGHg
in the waterare inaccuratas are subsequecglculations based on either DGHg or RHg
measuremenisncludingcalculations of redox rateshis is becausegeilibrium between
the two reactions, oxidation and reduction, is dependent upon DGHg and RHg
concentrations. Measured DGHg centrations are less than the actual DGHg created by
reduction because of the loss due to evasion. The lowertdoHgentration reduces
oxidation, resulting in inaccurate RHg concentrations. Finally, the reductiochaateps
due to thealteration of theRHg concentratioffsee 1.1.8 The consequence of DGHg
evasion is therefore that DGHg and RHg measurements, as well as the calculated rates of

oxidation and reduction based on those measurements, are erroneous.
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2.1.1.2 SEVERAL SMALL BOTTLESMETHOD

Thismethod, used in experiments conducted by Mason, et al. (2001), Rolfhus and
Fitzgerald (2004), Amyot, et al. (1994), Amyot, et al. (1997a), Amyot, et al. (1997b), and
Hines and Brezonik (2004involves the simultaneous deployment of several small
bottles, treated identically, into the incubation chamber. Rather thaisauipling at set
time points, as in the above method, one bottle is simply renfov@cthe incubation
chamberand analyzedl'his method assumes that because the sample in each bottle is
treaed identically, the same processes will occur in both, and error will be minimal. The
assumption of less error was proven fdleeeverjn an experiment conducted by
Mason,et al. (2001) Error was compounded due to disparity among thiéelsaind their
placement. In other words, conditions could not be identical for all of the bottles.
Examples of potential differences include the cleanliness of the bottles or variation during
the addition of spikes. Some bottles might receive less lggdause of their position in
the incubation chamber, or due to greater wall thickness or opaqueness of the bottles. For
instance, light penetration was found to be altered in FEP fafiotiles, the most
commonly used reaction vessels, in studies condumstétblfhus and Fitzgeral@004)
andAmyot, et al. (1994) This is important considering that photochemistry has been
suggested as an important mediator of Hg redox reacfitveserror associated with this
method has been dubbed “the bottle effect”.
2.1.1.3 REACTION VESSEL MATERIAL

Asidefrom the error introduced from the number and size of reaction vessels
used, it has been determined that the most commonly used material, FEB, E$lon

introduces error télg speciatiormeasurements. This is becauserttagerial absorbs
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DGHg. Most likdy, removalof DGHgfrom the water occurs via absorption into the
pores of the material. The obvious concern is the removal of DGHg from the sample
water, however this could potentially be measured and accounted for. More worrisome is
that porosity variebetween bottles, attributed to natural variation of the material during
manufacturing, as well as changes occurring through repetitive acid cleaning and use.
This variation makes accounting for the DGHg loss in each bottle extremely difficult.
2.1.2 ANEWREACTION VESSEL

To reduce the error associated with the two methods described alreaetion
vessel was needdiat isinert and large enough to subsample from, but which does not
create headspace in the process. The result is a PFA®bfignwhichdeflates upon the
removal of water. Each bag hold$ ®f water such that several saamples can be
taken.

All four sides of tle bag are completely sealed exdeptone corner in which a
“lay flat valve' is installed (Fig. 2.1)¢consising of a tubularpiece of the bag material,
approximately 1” wide and 6” long, that is inserted and sealed into the corner of the bag.
Approximately 1” of this tube is in the interior of the bag, the rest is exterior, serving as
the entrance. Pressure from the liquidnea bag pinches the lay flat valve clostgereby
sealing the entrancéhougha clamp is attached during an experiment to ensure against
leaks. In order to open the valve, a rigid Teflonbe, %" or ¥ in diameter, is inserted
into the lay flat valve. Té pressure of this tube on the opip® side of the water pressure
opens the valve so that fluid can exit the bag. A similar rigid tube is used to open the bag
to pump in sample water, and the 25% nitric (HN&nhd hydrochloric (HCI), and MiHi

Q water usé for cleaning.
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In order to assess the competency of these new bags, incubation experiments were
conducted. Specifically, it was necessary to test 1) that the bags were inert (several pilot
bags were found to absorb DGHg) and 2) that error associatethwiitluse was
significantly small.

2.1.3 NET REDOX RATES

Heretofore, investigations of the redox processes which control Hg
speciation in natural waters have not measosadation and reductioreparatelylt was
assumed that one form of Hg was adetl as a spike at higher concentration that in the
initial stages of the experiment that teck reaction was negligible so that the rate
equation for elementary reactions could be used to calculated redox rate comktants.
methodis detailed in figur@.2 The data from the experiment, namely the values for the
inorganic species concentration at the subsample timepaietased in the plot of the
line described by the integrated rate equation for an elementary redctidetermine
rate constants usy this method the data is plotted in the following manner: the natural
log is taken of the concentration of RHg or DGHg determined at each subsample time.
These values are then plotted against that subsample time, often resulting in a straight
line interpeted to be the rate constant for the change in speciation (oxidation or
reduction) over time. In the case of reduction, for instance, a plot might be created for the
natural log of RHg concentrations over time, producing a straight line. This would
indicate an exponential decay of RHg concentrations over time, suggesting a decrease in
the rate of reduction over the course of the experiment. Such an occurrence was often

interpreted as depletion in the ionic Hg concentration available for reaction, known as
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substrate limitation. It is also possible however that back reaction, in this case oxidation,
was significant, and becoming increasingly important as concentrations ofdrzased.
Indeed the assumption of negligible back reactisprobably often fak as is
evident by the detection of both net reduction and net oxidation in all measured types of
natural watergMason et al. 2001; Amyof et al.1997a; Gardfeldtet al.2001b; Hines
and Brezonik 2004; Cossad Gobeil 2000; Amyott al.1997b; Amyot, et al.1994;
Rolfhus and Fitzgerald 2004)n important consequence a$ing the rate constant
determination method based on an elementary reaction when back reaction is significant
is thatonly net redox rateonstantsan bedetermined. For example, if reduction
outweighs oxidation in a particular water sample, the net rate of reduction, and the only
rate actually determined in these experiments, is the actual rate of reduction minus the
actual rate of oxidain. Experiments have thus ontlentified which redox process
dominates in a particular water sample. Moreover, the inability to determine actual rates
severely limits our understanding of the mechanisms which drive oxidation and reduction
in natural vate's, because we cannot separate and accurately quantify the impact of each
mechanismThis indicates the importance thfe ability to simultaneously measure
reduction and oxidation of Hg.
2.1.4 STABLE ISOTOPES
In incubation experiments, tleolution to tle above problem is toalculate rate
constants based on the rate equdaomeversible reactions. This requires the addition of
traceable Hg. In this experimetite sample watevas spikedvith isotopically labeled
Hg. Measurement ddGHg orRHg by ICRMS allows for the assessment of the changes

in speciation in such a way that both oxidation and reduction can be tracked separately,
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and rate constants calculated for bdththe incubation experiments conducted for this
research, sample waters were sgiketh **Hg(ll) and***Hg° (see 1.3.1.3)Rate
constants could be determined for both oxidation and reduction from the disappearance of
9¥9Hg(11) or 2°Hg". This was accomplished using the method described in figure 2.3, in
which the rate equation is farreversible reactiomhis method will be described in more
detail in later section®Both species were spikeslich thatwo values were determined
for each rate constant. Comparison of the two provided an additional measure of success
of the method.
2.2 MATERIALS AND METHODS
2.2.1 STUDY SITES

Several experiments were conducted in this rese@eh.of these are presented
in Chapter 2o aid in the discussion of the development of the new method. Water for
these experimenigas collected in the Fall @04 from two sites on the east coast of the
U.S., from the Patuxent River (PAXpcated in the Chesapeake Bay watershed
Maryland, and off the shores of Brigantine Island, near Atlantic City New Jersey (ATC)
(Fig. 2.4. Collection occurred in the upperaches of the Patuxent River, above tidal
forces, where the water is fresh and of terriginous origin. In contrast, water collected
from Brigantine Islandvas seawatedominantly of marine origin.
2.2.2SOLUTION PREPARATION

Clean techniques devised batferson and Sett([@976)and Gill and Fitzgerald
(1985)were used at all stages of the experiment including preparation, water collection,
and during the incubations. Materials to which the sample water was exposed were

rigorously cleaned by submersion &ndilling, first with nitric (25% Baker instra
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analyzed reagent, J.T. Baker, Phillsburg) and then hydrochloric (25% Baker instra
analyzed reagent, J.T. Baker, Phillsburg) acids for 3 days, followed by liberal rinsing
with Milli -Q reagent ultrapure (~18®) deionized water after each. Filters (O 4B
AquaPrep 600 certified trace metal clean, PALL Corporation, East Hills, NJ), were filled
with 10% HCI for one day, to ensure cleanliness while keeping their fragility in mind.
Powder free nitrilggloves(N-Dex Free, Best Manufacturing Gdvenlo, GA were worn
at all times.

To perform Hg speciation analysis, the following solutions were prepared in the
lab, using Milli Q reagent ultrapure (~18®) deionized water and Instemalyzed
reagent grade hydrochloracid (J.T. BakerPhillsburg), where indicate@tannous
chloride was used to reduce RHg for analysis, and was prepared by the addition of 200 g
of SnCh-2H,0 (Fisher Certified A.C.S., Fisher Scientific, Fair Lawn, NJ) to 100 mL
concentrated HCI, which as added to 1.0 L water. After RHg analysis, approximately
1% Bromine Monochloride was added to the sample in its bottle to eliminate Hg
complexation and completely reduce the sample for HgT analysis (note that because the
sample is first purged of DGHdhis measurement is actually HIPGHQg). The BrCl
solution was prepared by the dissolution of 27 g reagent grade KBr (Baker analyzed
A.C.S., J.T. Baker, Phillsburg) (muffled overnight at 500°C) in 2.5 L HCI, which stirred
for at least one hour in a fume ho@8 g KBrQ (Baker analyzed A.C.S., J.T. Baker,
Phillsburg) (muffled overnight at 500 °C) was slowly added to the solution which
remained in the fume hood in a loosely capped bottle, continuously stirring for an
additional hour. To eliminate excess reduntt(BrCl), hydroxylamine hydrochloride was

added to the sample after one hour. This solution was created by the dissolution of 300 g
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NH,OH-HCI (Fisher Certified A.C.S., Fisher Scientific, Fair Lawn,) NJ1 L water, to
which 1 mL SnC] was added for Hgyification. All of the above solutions were purged
overnight with ultrahigh-purity argon gas (UHP Ar) at 500 mL rffito remove Hg

A standard curve for thastrumentused in isotopic Hg analysis, &uctively
Coupled Plasma Mass Spectrometer (IGRS) (HewlettPackard4500 quadrapo)e
was created using a NIST certified 10,000 ppm Hg oxide solution (NIST 3133). A
working standard was created via serial dilutions with reagent water and 0.5% BrCl
solution. The"*RHg standard was created from theaeilution of ***Hg(OH), (Oak
Ridge National Laboratory) stock solution with reagent water, to which 0.5% HCI was
added to stabilize it. THE’DGHg stock standard was created by the insertion of a small
drop (barely visible) of elementdHg’ (Oak Ridye National Laboratory) into a 4”
section of permeable silicanbing Cole Parmer, Vernon Hills, NJThe tubing was then
cappedat both ends with TeflShplugs, and submerged into a nearly full (to minimize
headspace) bottle of reagent water. The bai#le set overnight in a daplace too allow
diffusion while discouragingxidation, after which the tubing was removed. Evasion was
minimized by opening the bottle as little and for as short a time possiblé®DigHg
standard was measured for DGHg arigfbefore every use to determine concentration
and detect oxidation. The workiRfDGHg standard was created by serial dilution
minutes before use, as degradation via evasion is rapid. All standards were stored
refrigerated in the dark.
2.2.3CLEANING PROIoCoOLS

Any material to which sample water was exposed (except for the pump and

filters) was rigorously cleanaasing techniques designed for the elimination of trace
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metals as well as organidsach piece went through 2 stages of acid cleaning; 1) 25%
HNO; (trace metal grade) to remove trace metals, as well as to breakdown and remove
organics, and 2) 25% HCI (trace metal grade) to remove trace metals, but also to
eliminate nitrates which HNgxan introduce. Sample lines, bottles, and carboys were
rinsed ad then filled with the acid. All other pieces were carefully filled and immersed in
the acid. The pieces were exposed to the acid for at least 3 days.

Liberal rinsing with Mill-Q water occurred before and after each acid step. Both
the exterior and intesr of each piece was rinsed in the following pattern; 3 times as soon
as possible (within one day) after use in an experiment, 3 times before theskNO
and 5 times each after both acid steps. All pieces except the bags and carboys, which
were conditimed upon filling, were set to dry in a trace metal clean laminar flow hood.

The pump was not filledith acid due to its fragility, thouglopious amounts of
each acid (also 25%) were pumped through, followed by a liberal rinse witbhQMilli
water. The sdace area of the pump to which the sample water is exposed is small (a few
cubic inches), and is unlikely to contaminate the sample, especially considering the
volume of sample water which is pumped through it (approximately between 30 and 60
L). To be sue however, several liters of sample water was pumped through and wasted
before the flow was deemed usable forgampling

The filters used in these experiments are fragile and degradable by strong acids
The filters are manufactured in a low particleiemnment, however, such that rigorous
acid cleaning is not critical. Instead, filters were rinsed copiously+&th Milli -Q
water, filled with 10% trace metal grade HCI, set to soakferdayand rinsed again

with Milli -Q water (~10).
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2.24 SAMPLE COLLECTION

Sample water was collected from both sites several hours past sunset,
commencing at 11pm and 2amAdiC and PAXrespectively. Water was pumpglhe
Silencer, Shurflo, Elkhart, NdhroughTeflon® lined (Tygon SE200, Cole Parmer,
Vernon Hills, NJ tubing(dubbed the sample lineJhe water was filtereih situ (0.45
um AguaPrep 600 certified trace metal clean, PALL Corporation, East HillgridJ)
collected into 1 or 2 acid cleaned RLDPE carboys, filled entirely teliminate
headspace/als were also filled for ancillary analysis, consisting of DOC and chloride
concentrationsCarboys were kept in a black bag (to block light) and on ice in order to
minimize reactions, especially redox chemistry. The water was then distributed amongst
thebagsatin the lab atCBL as soon as possible
2.25 EXPERIMENTAL DESIGN

The experiments presented here were incubations using the two types of natural
water collected, freshwater and seawater. They are used to demonstrate the typical error
found to be asociated with the incubation bags and with the method overall.
Additionally, bothexperiments effectively represent the benefit of using stable isotopes
to simultaneously measure oxidation and reduction of Hg in water.
2.25.1 INCUBATION CHAMBER

Incubatiors in this research involdethe collection of water samples into bags,
and deployment into an incubation chamber. This apparatus was designieaic
conditionsjust below the surface of the water column. The incubation chamber is simply

a four chambereglexi-glass box with no lidwhich wa placed in direct sunlight (Fig.
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2.95). The batom and sides of each chamber weaated flat black to ensureathonly
light from above reacheithe bags. This is a conservative way to mimic the water column
where thegreat majority of light is received from above, substantially decreasing down
the water column such that oblique exposure is miniBlalvater wa pumped into the
chamber to create a slow flow of water throughourderto ensure consistency in
temperatee. DI over natural water was chosen for its optical properties, in that light
penetration is maximal, as it would be just below the surface of the water column.
2.25.2 KINETICS EXPERIMENTS

Other than the type of water, the two experiments were Mitiddntical; both
were*“short termkinetics experiments”. Two bags vedilled anddeployed in the
incubation chamber before sunset. The assumpgosis that each bag will undergo the
same processes, including photochemistry, throughout th&dgg.wee approximately
4 inches in depth when full, and the water was a@augh that light propertiesowld
not change significantly with depthn the baghe kinetics experiment began nudy, in
which the two bags were treated as duplicates undergoingrtieetseatment.

Thekinetics experimestwereinitiated by he addition of*Hg(Il) and*°Hg°
each(1 to 5 pM)to the deployedags accomplished throughée insertion of &” rigid
Teflon® tubeinto the lay flat valve of the baghis concentration of spike is small, yet
background Hg concentrations were less th@¥b of the spike concentrationg?all
experiments, such thatterference was minimal, armduld be neglected’he exterior
end of the tube wsattachedo a 10 mL HDPE syringe which was filled with the
199Hg(11) spike solution Sample water vepulled into fill the syringe to maximum

capacity, followed by a careful plung® completely empty tlbcontents of the syringe
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into the bag. The filhg and plunging of the syringe sveepeated 2 times to ensure the
maximum transfer of the spikeh@& syringe wathen detached from the tube to allow air
in to empty the water from thelda into the bag, antthe tube carefully removed. The bag
was thenvigorously agitated to indeamixing, while the next spike warepared (~0.5 to
1 min). Thisspiking procedure vearepeated for th&’Hg” spike.

Immediately after the addition of the sad spike, the firstiddssample wa taken
from the bagThe protocol for subsampling was as follows. The bagjaggtded for 1
min to mix. The clamp waremoved from the lay flat valve, and a ¥4" rigid Tefloube
inserted. 5 to 10 mL of water wdlushed through the tube tose, after which aub
sample bttle (1 L amber colored glass) svanserted ito the stream. When the bottle sva
5% full, the tube wa lifted upwardo stop flow, and the bottewirled to condition. Each
bottle wa only conditioned once due to the limiteglume of sample, however bottles
were dried after cleaninguch that rigorougnsing with sample water \@ainnecessary.
The bottle was then filled completely to avbidadspacehich would encourage
evasion.

To quench chemistry in the sample so thatsuesment reflects the
concentrations of Hg at the time of ssdimpling, the sample bottle svplaced in a dark,
ice-filled cooler immediately after Wwas taken. The bag wthen clamped closemhd
placed into the incubation chamber. Again, to ensureaghhttle change as possible
occuredin the sample from ongoing chemistry, ganple wa literally run to the lab for

DGHg purging(less than 5 min)

34



2.26 SAMPLE ANALYSIS

Three measurements were performed on each subsample, DGHg, RHg and HgT,
all of which were analyzed for isotopic chaecby ICRMS (HewlettPackard4500
guadrapolg The basis of each measurement was to reduce the fraction to be analyzed in
the sampleéo Hd (obviouslynot necessary for DGHg), and then to purge the sample
with arga gas for adsorption onto gold, followed by desorb&nd measurement
Purging took place ia trace metal clean arasingtwdifferent types of reaction
vessels for DGHg, and RHG and HgT respectivEhis method is a modified version of
that devisedy Gill and Fitzgerald1987)

The overarching objectivef the ATC and PAX experimentgas to @termine Hg
redox rates in naturafatess during the peak of daily sunlight activitgowever, the
results provide important information regardihg validity of the method. This was
measured by the error in the method and between the bags, and in the successful use of
the stable isotopes to simultaneously measure oxidation and reduction. The method error
is reported as the standard error, or doeffit of variation for replicate runs of the same
sample. The bag error is reported as the standard deviation of measurements from the
duplicate bags.
2.26.1 DGHg ANALYSIS

The initial purge of DGHg was conducted in the bottle thatsubsample was
collected in This was accomplished by attaching a modified cap to the [(afttbes
wasting approximately IbmL of sample to create headspaajch contained
attachments for a sparger and soda lime and gold traps. The spasg&iached to a gas

line which was submerged into the sample. Ultvigh purity (UHP) argon gasas
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pumped into the bottland dissipated by the sparger. As the bubblesgoinagas moved
through the sample DGHg warirained. The gas thesurfacedo the headspaand
exitedthroughan opening in theap to which a soda lime trap sveonnected, followed
by a gold trap. It is reessary to purge withO times the volume of sample water wghs
in order to completely strip the sample of DGHuythis case, samples wagrargal at
200 mLmin™ for 1 hour for a 1. sample To determine th€*’Hg° spike concentration,
the spike was added to M in a clean bottle and purged. A second purge was then
performed to check for residue. Residue of standards and samples were éetéorbm
negligible belowthedetection limit
Sodalime traps consistedf 0.9 cm ID by 10 cm Tefldhheat shrink tubing,
filled with 2-3 grams of 8.4 mesh indicating soda lime (BaRgrcapped on either side
by quartz wool (to eliminate escape of stidee particles into gold trap) and Teffdn
stoppers which have a small hole drilled in them. Jing@ose of theoda limewas to
absorbmoisture from the exiting gas, which can create false readings upon desorption.
Gold traps consisteaf 0.6 cm ID by 10 cm quartz tubing filled with 3 cm of gold
coated glass beads (BroelRand, Seattle, WA), held in the center of the tube with quartz
wool. As the exiting gas nved through the trap, Hgpmalgamated to the gold. This trap
was then placed in thgHP argon gadine leading into the ICRMS, where it wa
wrapped with a Nichrome heating coil and rapidly heatadrariacto desorb the trapped
Hg® into the instrumentAgain, this is a modified version of the commonly used method
for Hg analysigGill and Fitzgerald 187), with analytical measurement performed by
ICP-MS rather tharrold vapor fluorescencgectroscopy. Unlike the latter method, an

analytical trap was not used, only the sample trap was desorbed.
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2.26.2 RHg AND HgT ANALYSIS

A similar method as above waised for the analysis of RHg and Hglso
modified version of the method devised by Gill and Fitzgerald (39&nh two major
differences. First the reaction vessel was not thesauntple bottle, bia 500mL Pyrex
Bubbler intowhich an aliquot of theample was poured. The Bubblersvadfixed with a
sparger attached to an UHP argon gas source, as well as the requisite soda lime and gold
traps. The necessity of using a separate reaction vessel comes from the second major
difference in the method, thits necessary to reduce RHg and HgT to DGbtg
measurement via the gold amalgamation and desorption method

RHg, also known as easily reducible Hg, is operationally defined. It is Hg that is
present as a free ion, Hg(ll) for instance, or exists inakwemplex, Hg(OH)and
Hg(Cl), for example. The complex is weak enough such that reduction occurs upon the
addition of stannous chloride (SnCITo measure RHdhe Bubbler was prepared by
attaching the gas lines and soda lime and gold traps and &fifing SnCl, solution.
An aliguot (108500mL depending upon the concentration) of one sample was poured
into the Bubbler which was then tightly closé@the sample wathenpurged at a flow
rate of 300 mlmin™ with UHP argon gafor 15 minuteslt is necesary to be consistent
in an experimentvith both the volume and the period of the purge, as reduction occurs
continuouslyand a small amount of reduction may still occu gample ipurged longer
than the set time periodnalysis follows thelesorptiormethod described above.

Analysis for HgT requires the complete reduction of all Hg present in the
solution. This requires the break down of all Hg complexes, accomplished with the

addition of a strong reductarBromine monochloride (BrCl) vgathe redueint usegdas
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in the method deveped and described by Gill and Fitzgerald (1987dBloom and
Creceliug(1983) Depending upon the concentration of DOC, 2 tol5(generally 1% of
the sample)was added to evg liter of sample water directly intinesulbsample bottle
once satisfactory DGHg and RHgeasurements had beexecuted BrCl digestion
occurredfor 1 hour, after which aaqual aliquobf hydroxylamine hydrochloride vga
added to halt reduction and neutralize left over reductant, which is dayriaghe traps
and instrumentTin chloride solution was &m added andche sample wapurged and
analyzed following th@rocedure described for RHg analysis.
2.2.7 DATA ANALYSIS

Each sample was analyzed for 199, 201 and 202 isotopes. 199 and 202
concentrations were calculated by their ratios to 201 against a standes,cgoren
known ratios for thé**Hg(OH),, ?**Hg° and stock Hg standard©xidation and
reduction were determined by the disappearané®D6GHg and"**RHg, respectively.
Pseudo first order rate constants) @r each were determined by fitting thiatd tothe
curve described by Fig. 2e8juation a, in which the disappearance"6RHg] is usedas
an example. If the fit was significant, individual rate constants for oxidation and
reduction were determined using Fig. 28uation b and the values éf|L;and (k+ko)
determined by the curve fit. Error was determined fgr(ky) from the curve fit, and
then divided between the two rate constants according to its percentage of the sum. This
method of rate constant calculation will be referred to asathersible reaction method.
In addition, a pvalue was generated for the fit of the dataset to the curve, which was used
to determine the goodness of fit. A higiv@lue represented a high probability thatr¢he

was no relationshiprhis was énoted as “no fit”.
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T tests were employed to compare these rates to assess sipatatitiius
reproducibility among the bagkput data consisted of three values each for the rate
constants of oxidation and reduction at all three sites. These value$ ke constant
determined from the average of both bags and both methods of determination, i.e. the
constant determined from ATC bags 1 and 2 using P&HGHg and"**RHG datasets, 2)
this value minus the average standard error, and 3) the averageghsa the average
standard error. The t values returned from this tgg) (were compared to the critical t
value (t;it = £ 3.747), determined from 4 degrees of freedom and 99% confiderce (
0.01). If tac wasnotless thant; or greater than ti;, the hypothesis that they are equal
cannot be rejected, or the values stedisticallysimilar.
2.3RESULTS AND DIS@SSION
2.3.1 DGHg LOSS IN TRIAL BAGS

As mentioned in the introduction, a dominant factor contributing to the large
uncertainties and scattered data seen in many of the Hg redox incubation experiments
identified in the literaturewas the use of reactionssels composed of materials which
absorb DGHg. This phenomenon veasmfirmed whendentified in two trial incubation
bags used in preliminary experiments for this resedmatnetrial, thebag were
composed okx mm thickFEP Tefloif, the material obottlesmostoften used in Hg
incubations. The bag was determirtedeinsufficient for use as a reaction vessel due to
thehighly variable resultebtainedduring an incubation experimemfloreover, the
concentration of®Hg in thesubsampled wateof this experimenivas measured to be

over an order of magnitude less than the spike concentration, suggesting a loss of DGHg.
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A separate experiméwas conducted to determine the cause of the DGHgAoss
clean FEP Teflofibag was filled with MilliQ water spiked with 5 pM*DGHg, and
deployed in the incubation chamber. The bag wassantpled at 0, 10 and 30 minutes
after the spike, returning values of 5.0, 2.6, and 2.1 pM respectively (detection limit
0.003 pM). This confirmed the loss of DGHg. The bag then emptied of its contents
and rinsed with a dilute HCI solution which was subsequently measuredpdl 4Téhe
recovery of the lost Hg suggests thaithin the experimental error of the measurements,
thatit was either adsorbed to the walls bé FEP Tefloff bagas HJ complexesor
absorbeds Hd into its pore spaces. Both effectively remove DGHg from solution, but
the latter is most likely considering thaipid reduction of DGHg in MiliQ water is
unlikely.

Another trial incubation bag, anufactured fron®.5 mmPETG film, also
suffered from DGHg loss. The following experiment was performed to determine the
method of loss. Two clean bags were filled with Miliwater, spiked with 15pM
22DGHg, and deployed in the incubation chamber. Adte hour, the bags were
removed and subampled. Analysis of this water produced measurements of 4 and 0.01
pM, confirming the loss of DGHg. Both were then emptied of their cositend rinsed
with a dilute HClsolution similar to the experiment descritzdsbve. Measurement of
these solutions returned values below the detection limit of the instrument (0.005 pM).
The failure to recover the 108¥Hg suggests that DGHg was not only sequestered into
the walls of the bag, but channeled through it entdehng the duration of the

experiment and lost to thveaterflowing throughthe incubation chamber.
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Though PETG bottles are often used in the collection of water samples for
mercury analysis, this phenomenon has not loéserved or otherwise presented
previously. The disparity is most likely due to the difference in the wall thickness of the
vessels. The bottles are severdlimeters thick while the bags used in these experiments
were only 0.5 mm. The thickness of thettle walls would mad& the creation of channels
passingcompletely through the wallsss likely. Still, the PETG bottles probably do
absorb DGHg into its pore spaces, much like the FEP Teftaterial. These results
suggest that neither FEP Teffonor PETG materials should be used in experiments
involving the analysis of DGHdndeed, in most studies which have us&P or PETG
bottles, samples have been acidified and this would reduce the loss a8 teukdgbe
oxidized to HJ under the acidic coniins.

2.3.2 INCUBATION BAG

The use of th®FA Teflor incubation bags as reaction vesshktsweverproved
successfyldemonstrated by low measures of error in the two experiments. This is true
for the overall method error, measured as the averageateeffof variation of replicate
analysis, and for the error associated specifically with the bags, measured as the standard
deviation between similar measurements performed on two bags (duplicates). These
measures of error are reported in Tables 2.1 ghdvithod error for Hg speciation
analysis in the ATC experiment ranged from 0.032 to 0.068 pM, representing between
2.1% and 11.1% of the average of the respective measurement. The highest percentage
was for the measurement8fDGHg, which is used to &aulate oxidation. However,
when compared to the average percent chantfé0GHg concentration as a result of

oxidation, 36% (Table 2.3), 11% is more than acceptable.
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Method error for the PAX experiment was the same order, between 0.056 and
0.087pM. This represented between 1.2% and 10.0% of the average measurement. The
highest percentage for the PAX experiment was for the measurentéiRtdg, which
was used to calculate reduction. Again, when compared to the average percent change in
19RHg concetration however, 32%, 10% is reasonable. More disputable, however is the
5% of sample method error for the measuremefitbiGHg in the PAX experiment,
because the average percent change in its concentration wa&wonly ases such as
this, where ovell reduction or oxidation is small, the error becomes important.

Error between the bags was low for the ATC experinf@hie 2.2) and
measurements for the 199 and 202 isotopes were of similar order and comparable to the
overall method error. The perdages of error were high for tA#RHg and"**DGHg
measurements compared to the other measurements in this expéatleri2.3)

Considering that their presence in the sample first requires their production, this error is
attributable to the low conceations of these two forms of Hg found in most of the
samples. The percentage errorfRHg is also relatively large in the ATC experiment,
14%, though the absolute error is small. This is because the spiki&Rbfg was small,

less than 2 pM. Additionlly, the average change 1"/RHg concentration in this

experiment was 46%, such that@% error is acceptable. In this context, it is apparent
that error was significantly small in the ATC experiment, for the method overall and for
the bags specificallyalidating the use of the PFA Teffdincubation bags.

Similar results were found in the PAX experiment, with bag error of the same
order as in ATC. The exception is #fféDGHg measurement, which was larger because

the spike was larger at approximat&/pM. Note that the percentage of this error for
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this measurement in geneveds low however. Additionally, a pattern of higher
percentages for tH&8RHg and"**DGHg measurements was seen in PAX as in ATC.
Similar to the method error for the PAX expeent, the 8% bag error for the
measurement df*'RHg is reasonable considering the average percent change of its
concentration, 32%. However, thé% bag error for the”DGHg measurements is more
guestionable considering the small change in its coratent, an average of only 7%.
Results from PAX do indicate that the incubation bags can be successfully used for
reaction vessels in incubatiom$owever, they also show that error can become
significant when the change in absolute concentrations is.small

The low measures of uncertainty produced in these experiments are a direct result
of the minimization of DGHg losses, a consequence of the incubation bags. Evidence of
this can be seen in Figures 2.6 and RI@ts of HgT for the spiked isotopes. If sigrant
Hg losses occurred, HgT would decrease drastically through the experiment, however no
significant drop in HQT was seen for either isotope in either experiment. ATC HgT
measurements renmad between 1.1 and 19/. The duplicate 202 measurements do
slope down slightly, but not to thedegree thaduld beexpeced as a result of loss from
the bag. If this negative slope is due to DGHg ldss,most likelyaresult from evasion
during the switching of bottle lids for the DGkgrge. The 199 measurements appear to
have a slightly positive slope, however indicating that these small slopes do not represent
losses or gains, but adee toanalyticalerror, a consequence of the calculation of HgT.
Recall hat HgT analysis was performed subsequent to purging for DGHg, resulting in an
actual measurement of HgIGHg. The values for HgT in plots 2.6 and &fé a

summation of DGHg and HgDGHg, with cumulative error (calculated as the square
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root of the sum othe squared individual measurement errors measurements) of 0.055 pM
and 0.083 pM for ATC, and 0.097 pM and 0.11 pM for PAX, for the measurement of 199
and 202 HgT, respectively.

HgT results were generally similar in the PAX experiment, however there were
two obvious differences. The first is that the 202 measurements produce both positive and
negative slopes, again suggesting that these small slogée aesult of the inherent
error, and do not represent a systemic loss of DGHg. The secderckdie is that the
202 spike in the PAX experiment was greater thanl®0 spike in PAX, closer toBv
than 1pM. This is because the Hg spikes in preliminary experiments of this research
were all between 5 and 10 pM. The PAX experiment was the fieshpt to decrease the
spike to determine if error could be kept small in a system more representative of a
natural environment where concentrations can be low. In the PAX experiment, just the
199 spike was decreased because error in the RHg, but not D@HgLIrements were
previously consistently low. Both spikes were decreased in the ATC experiments. As
discussed above, results indicate that spikes of less than 2 pM rendered low measures of
error, indicating that the method is sound.

2.3.3 SIMULTANEOUS MEAUREMENT OF OXIDATION AND REDUCTION

The second objective of the new method, the simultaneous measurement of
oxidation and reduction, was also successful, allowing for the calculation of rate
constants for both. Concurrent measurement of reduction anatioxi¢an be seen in
Figures 2.8 and 2,9vhich show a general pattern of exponential de¢ay"/RHg and
22DGHg, respectively. This data was fit to a curve descritnythe equation in figure2.3

equationa. Figure 2.1@s an example of this curvd.fif the fit was significan{low p
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value) rate constants for oxidation and reduction were then determined by sbking

two equations in figure 2.3 by substitutigiven the curve fit values for [AJand

(ki+ko). Using datasets tracking the disappeeesof botht*RHg and®*DGHg, two

values could be determined for both processeislation and reductiomhese values are

listed in table 2.4, and the t values for the comparison of those rates can be found in table
2.5.

Several important details arevealed irthese tables. Firstonstants determined
using the?®DGHg and**RHg datasets were generabgreement. This can also be said
for constants determined from the duplicate bags. Comparisons between all ATC
oxidation data sources returngg.tvalues whictpassed thetest except for one. In
other words, this test determined that all of the rate constants determined for ATC
oxidation arestatistically similar except for the comparisortl?*°DGHg and"**RHg
datasets from bag Z{t = -4.68). Considering that these constants are statistically similar
to the others determined for oxidation in the ATC water, it is safe to assume the constants
are valid. The low p values for the fit of these data to the curve, ranging from 0.0258 to
0.0933, imlicate that there was no interference by processes other than Hg redox. The
average rate constant for Hg oxidation in ATC waters is 4.1(+0.89)x10

Rate constants calculated for Hg reduction in ATC waters also agreed fairly well.
Four out of the sixomparisons returneght values within the;; range so that they did
pass the-test. The twovaluesthat did not pass the@stresulted from the comparison of
the'®™RHg dataset in bag 1 with both isotopic datasets in bag 2 (tcalc = 4.53 and 6.07,
respectively). There is agreement between the constants determined fréfil®thg

and'**RHg datasets in bag 2, and between them individually and other constants. Thus,
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the constant determined from the 199 isotopic data in bag 1 is potentially aer.oliig
value did agree with t®°DGHg data from the same bag, but the error in the latter
measurement was relatively large. The excellent agreement amdfitpBelg datasets
in both bags an®*RHg dataset in bag 2, and the considerably small ertivedbtter
constant suggest that the value is most likely on the ordef‘*1@hough 2 out of 6
comparisons suggested that the Hg reduction rate constants for ATC water were
statistically different, a review of their errors and fit to the curveyelsas the
comparisons with other datasets, suggests that the values agree reasonably well. These
results suggest that the use of the new method in the ATC experiment was successful.
Comparison such as that performed above on the results of the ATQrexqutsri
is more difficult for PAX. This is because rate constants could not be determined for
either bag from th&”DGHg data., thus the “no fit” designated by the higrajues. Note
in figure 2.9the appearance of a linear rather than exponential decal/for the PAX
data. This is aesult of an incomplete datas2tmeasurements from each bag are
missing, a consequence of a leak in the sesagfor the DGHg purge. Results of the t
tests suggest that the rates calculated for Hg oxidatiosiratlar, while those for
reduction are not. Considering the relatively large error associated with the Hg reduction
rate constant determined from badP150.1960), it is likely the actual value is closer to
that determined from bad)
An important point is thathe rate of both reactisis rapid,with rate constantsn
the order ofL0™ - 10* s*. Thus steady state between the production and consumption of
the measuk Hg species is reached rapidhythese experimentsith characteristic times

approximatingone hourTherefore, m order to determine accurate rate constants, the
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change in speciation before the Hg speagsoachesteady state must be assessed. This
implies an additional flaw in the methotifmthavebeen previouslysedfor Hg
incubationswhere measurements were made @veglatively long time scaler
additionalHg was not added to the water. In the former case, the Hg speyiéave
reacled steady state before or shortly after the second timewasrteken. An example
of such an experiment isultrated in figure 1.6 in where subsamplesanaken every
hour. In thdatter case, background Hg haldeady reached steady state. Therefiwe
changes in speciation measured in both types of experisianil/ reflectchanges in
the steady state concentration of the Hg spewitstime due to changes in the amounts
of photochemical reactants

Considering the large errors reported undgts discussed from the literature, and
those studies where no measure of error was reported at all, the results of these
experiments are excellent. Moreover, they signify success in the use of this new method
in the ATC and PAX experiments. This is s@mgtated in two ways. First, the
similarities indicate good reproduction of Hg regomrcessebetween the bags. This
suggests that there is no “bottle effect” associated with the use of these bags. Second, rate
constants for both Hg oxidation and reductabe quantifiableFurthermore, the rate
constants determined from béfRDGHg and®*RHg datasets were similar, indicating
that both Hg oxidation and reduction rate constants can effectively be determined from
the addition of just one isotopically lakdlinorganic Hg species, though the use of both
is suggested to aid in the identification of the role of complexation, which will be
discussed in detail in chapterRnally, rate constants for Hg oxidation and reduction at

both sites were on the same @rdsuggesting that both processes can be important in
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natural waters. This implies the importance of the use of the rate equation for a reversible
reactionin the calculation of rate constamtsd of the addition of traceable Hglearly
this approach adirms theneed for the approach taken here, hik new method.
2.4 CONCLUSIONSAND RECOMMENDATIONS

The results from these two experiments uphold the validity of this new method for
the investigation of Hg redox mvater through incubations. The low occurrence of error
and small measures of uncertainty between duplicate bags suggests that the incubation
bags are excellent reaction vessels in this context. The redox rate constant results also
suggest that the methpdoduced good replication of the processes between bags. The
implication is that the incubation bags are an excellent solution to the limitations found in
some methods, and consequently that the bags can be used successfully in the
investigation of Hg redoprocessessing incubations. Similarly, these results indicate
that the method as a whole was sound.

Results of these experiments also indicated that the addition of isotopically
labeled inorganic Hg species aided in the identification and quantificattidg
oxidation and reduction. The spikes allowed for the calculation of first order rate
constants for Hg oxidation and reduction, while other methods have only measured the
net rate of the two processes. Most datasets in the experiments for thishreseduced
a good fit to the rate equation, suggesting that there was no interference by processes
other than redoxThis fact will be expanded upon in chapteFhally, the similarity
between rate constants calculated fron?ti2GHg and'**RHg datases suggest that
both processes, Hg oxidation and reduction, can be identified through the spike addition

of either Hg speciesand that both can be important in natural waters
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The successes of these experiments indicate that the method can be used for Hg
redox incubation experiments. Specifically, the method reduces uncertainty, thereby
improving confidence in the results, facilitating the identification of trends. In addition,
the method allows for more precise quantification of Hg rqgmfoxessesncreasing our
capacity to understand the mechanisms which control Hg redox in natural waters, and
aiding in the comparison of different water types and bodies.

This new method can be used in incubations of natural waters to identify the Hg
redox properties od specific water body, and it can be used inribebation of
artificially produed waters to study the specific mechanisms controlling Hg redox
chemistry Similarly, it can aid in the investigation of other important processes which
affect the fate of i in aquatic systems, for instance methylation and demethylation.
Finally, a similar method can be created to study other complementary reactions in
agueous solutions, for example to investigate important redox pathways of other metals.

An important recommndation for the future use of the method developed in this
research is the alteration of the Hg spike addition methodology. As can be seen by th
initial concentrations in figures 2.8 and 2t®ese additions were not always equivalent or
consistent. Potdial loss pathways are adsorption or absorption to the walls of the HDPE
syringes used to transfer the spike to the bag, or, in the case’&DiBéig spike,
evasion during preparation for the spike addition. Though the discrepancy in initial spike
concentrations did not appear to affect the results of these experiments, this may not be

the case for other processes.
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Fig 2.1 Dagramof the incubation bag with lay flat valve. The rigid Teflanbe used to

open the valve tallow outflow, or to fill and spike the bags is also shown.
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Fig. 2.2 Kuations used in the elementary reaction method of redox rate constant

determination.
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(AL =[ A+ Ay [Algle 7!

K _[Bleg _ [Aly—[Aleg)
k, [Aleg [Aleg
where if A ='*RHg and B Z**DGHg,
[A] is theconcentration of**RHg at time t
[A] eqis the concentration dP°RHg at steady state
[A] o is the concentration df*RHg at time zero
ki is the reduction rate constant
k> is the oxidation rate constant and

[B]eq is the concentration 6f*DGHg atsteady state

Figure 2.3 Equations for the calculation of oxidation and reduction rate constants. Note
that the example given here uses the disappearanterifif] to calculate rate
constants, but thi@“DGHg dataset can be used as well, in which pake 2*DGHg and

[B] = **RHg.
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Fig. 2.4 Map water collection sites on the Patuxent River (PAX),at Brigantine Island

(ATC), and at the Chesapeake Biological Laboratory (CBL).
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Fig. 2.5Diagramof incubation Chamber, deployed in direct sunlight on the CBL

Seawater Pad in Solomons, MD.
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Fig. 2.6 Plot of total HT measurements throughout the experiment. Demonstrates that

there was no significant DGHg loss during the ATC experiment.
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Fig. 2.7 Plot of total HQT measurements throughout the experiment, Demonstrates that

there was no significant DGHg loss during the PAX experiment.
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Fig. 2.8 Measurements bfRHg over time in duplicate bags for short term kinetics

experiments performed at ATC and PAX.
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Fig. 2.9 Measurements BPZDGHg over time in duplicate bags for short term kine

experiments performed at ATC and PAX.
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Table 2.1. Method error, presented as the coefficient of variation between replicate analysis of the measurement. Also presented, the

percentage that error is of the average measurement concentration in pM.
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Site Measurement 199pM) % of ave. 202(pM) % of ave.
DGHg 0.026 12.6 0.059 7.1
ATC RHg 0.053 14.6 0.066 15.9
HgT - DGHg 0.072 6.5 0.036 8.4
DGHg 0.027 13.3 0.241 4.6
PAX RHg 0.027 8.2 0.056 13.4
HgT - DGHg 0.063 4.2 0.067 4.0

Table 2.2. Error ass@ted with the bags, presented as the average error for each type of measurement. Each was calculated as

the standard deviation of that measurement between the duplicate bags
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Ave. % Changein ““DGHg
(Oxidation)
Bag Error - % of Ave. Sample
Method Error - % of Ave.

Sample
Ave. % Changein ™RHg
(Reduction)
Bag Error - % of Ave. Sample
Method Error - % of Ave.
Sample

Table 2.3 Comparison of the average change in isotopic Hg speciation due tmoxidat
and reduction with the average error for the measurements to determine if that error is

acceptable
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Rate Constants (s7)

Oxidation Reduction

202 199 202 199
4.4x10" 4.2x10" 6.2x10% 1.1x10°

1.8x10* | 0.0933 | 7.0x10° | 0.0258 [l 2.6x10* | 0.0033 | 1.8x10* | 0.0258

w
&

2.6x10* 5.3x10" 4.4x10* 4.4x10*

1.0x10* | 0.0600 | 1.6x10° | 0.0521 [ 1.7x10* | 0.0600 | 1.3x10° [ 0.0521

no fit 8.0x10" no fit 2.%10%

| 0.9999 | 4.810* [ 0.0605 | 0.9999 | 1.8x10* [ 0.1960

no fit 1.5x10° no fit 1.1x10°

TN TN |-

Table 2.4 Comparison of rate constants determined from both isotopes for the ATC and

PAX experiments. SE is the standard error and P is the P valuedbthie data.
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Oxidation

ATC 1 202
ATC 1 199
ATC 2 202
PAX 1 199

Reduction

ATC 1 202
ATC 1 199
ATC 2 202
PAX 1 199

Table 2.5 T values for one tailedtest between rates determined from both datasets

(*“DGHg and"**RHg) and duplicate bags 1 and 2. For 4 degrees ofdnead 99%

confidence ¢ = 0.01),{ (critical) = + 3.747. Iit... (calculated) <t or > +1g, the

hypothesis that the two values are equal cannot be rejected, or the values are similar.
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CHAPTER 3. INVESTIGATING Hg REDO>CHEMISTRY IN

NATURAL WATERS

3.1INTRODUCTION

Theories concerning the abiotic mechanisms which control the cdeowistryof
Hg in naturdwaters abound, yet fehave been proven through repeated teslihgis
due to the limitations of the incubation methods usedany of the studies investigating
Hg redoxprocessesThese theories can now be rigorously testédizing the new
method designed in this researdimerefore, the aim of this research was to test three
theories commonly found in the literature usingribes method outlined in chapter 2.
While the experiments performed do not conclusively substantiate mechanisms for Hg
redoxchemistry they do prove that such assessments can be performed using the new
method. The three hypotheses tested are 1) that bateddgtion and oxidation in
natural waters are photochemically mediated; 2) that reduction will be greater in
freshwater due to higher concentrations of organic matter; and 3) that oxidation will be
greater in seawater due to higher concentrations ofdsalid
3.1.1 Hg OXIDATION

Oxidation of HJ has been identified in seawaf®tason et al. 2001; Lalondeet
al. 2001; Amyot et al. 1997a; Lalondeet al. 2004)and freshwatefHines and Brezonik
2004; Lalondeet al. 2001) Studies suggest that the dominant oxidant of Hg in Hatura
watersis OH® (Hines and Brezonik 2004; Gardfelet al. 2001c)(see 1.1.2)The
processewhich produce OMin natural waters have been found to be photochemically
mediatedVaughan and Blough 1998; Brezonik and FulkerBoekken 1998;

Southworth and Voelker B3). Consequentlyit has been suggested that the oxidation of
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Hg® is photochemically mediatétialonde et al. 2001; Lalondeet al. 2004) In
incubation experiments conducted by Lalord@). (2001)and Lalondeet al. (2004)
spiked HJ concentrations were observed to significantly decrease in natural saline
waters upon irradiation with UV light, while no dease occurred in dark controls.
However, here are two problems associated with the rate constant determined for the
oxidaion in this research. First, only the net oxidation rate constant could be determined
because of the inability to separate the forward and reverse reactions. Second, the method
used to calculate the rate constant weethentary rather than reversible (or
complementary) reactionslhe resulting rate constants are inaccurate because the method
assumes that Hgs completely consumedidng the experiment. Figure 2d2scribeshe
equations to describe redox kinetics used in these experiments, henedfifoed to as
the elementary reaction methofirate constant calculation

In an experiment conducted by Amyettal. (1997)1997a) incubations of
unspiked seawater under ambient sunlight resulted in a decrease of DGHg after an initial
increase. The rate constant determined forakidation was approximately 2.8x16™.
Unfortunately, the method of rate constant determination was not reported, such that its
accuracy could not be assessed.

In order to test the theory that Hg oxidation is photochemically mediated, this
study emplogd incubations of isotopically labeled Hg(Il) and’tspikes of natural
waters. Short term kinetics experiments were performed throughout the day to determine
oxidation and reduction rate constants which could be compared to assess the impact of

sunlight.
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It has also been suggested that halides, such as chloride and bromide, may

enhance the oxidation of Hg in natural wai@sson et al. 2001; Lalondeet al. 2001,
Hines and Bezonik 2004) Several mechanisms have been proposed. The first is that
additional oxidants are formed by the reaction of the halides with foHexampe with
chloride to produc®dC!". It has been suggested that this mechanism dominates Hg
oxidation inthe aqueous solutions of the marine atmospthéneand Pehkonen 1999)

The second proposed mechanism is that halides form complexes with Hg ions,
Hg(l) and Hg(ll), stabilizing them such that the back reaction, or reduction, is decreased.
In this case, oxidation is not directly enhathcetler the back reaction is reducetlich
causegreater net oxidation. A third process may also be responsible for enhanced Hg
oxidation in seawater; the production of dichloride{Thnd dibromide (B") radicals
in seawate(Mason et al. 2001) however thenechanisms controlling th@roduction of
these radicals is poorly understo&atperiments with simple artificial solutions have
proven that these mechanisms potentially oficur and Pehkonen 199%ut studes in
natural waters have been unable to confirm any theory because of the previous inability
to simultaneously measure Hg oxidation and reduction.

In order to understand which mechanism, if any, enhances the oxidation of Hg in
natural waters, mechanisstudies are required. While this research does not attempt to
answer this question, the methodology developed by this research may aid in
investigatinghese mechanismis future studies. This research does however propose to
test the overarching theotyat the presence of halides in natural waters enhances Hg
oxidation. This was accomplished by comparing similar incubation experiments

performed on three different natural water types; saline coastal water, brackish water, and
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fresh river water. The rat@ostants for oxidation can be compared to determine if
oxidation was greater in saline waters over fresh.

Thus,Hypothesig states thatPhotochemical oxidation rates are enhancesttawater
over freshwatedue to reactions involving reactive halogen sgem solution.

3.1.2 Hg REDUCTION

Hg reduction has also been identified in seaw@elfhus and Fitzgerald 2004;
Amyot, et al. 1997) and freshwatefAmyot, et al. 1994; Amyof et al. 1997b; Amyotet
al. 2000) It has also been suggested tHgtreduction is highly photochemically
mediated. For example, in incubation experiments conducted by Aehght(2000)and
Amyot, et al. (1994)usingunspiked natural waters, a positive correlation was identified
between DGHg production and UV radiation. In addition, in a study conducted by
Gardfeldt,et al. (2001a) a diurnal pattern in Hgevasion over both seawater and river
surfaces wasbserved, with maximum evasion during daylight hours.

In addition, 1 has been suggested that Hg reduction in natural waters is correlated
with organic matter conteq€osta and Liss 1999; Xiaet al. 1995; Allard and Arsenie
1991) which can act in a photosensitizing manfaesra chromophor¢ppokes and Liss
1995)(see 1.1.2). There are two suggested mechanisms regarding the link between
DOC/DOM and Hg reduction. First, is the direct reduction of Hg(l) or Hg(ll) via ligand
metal charge transfer by chromophoric mateffdlard and Arsenie 1991; Spokes and
Liss 1995) Second, is the formation ofactive intermediate reductangsich ag0,*
(Voelker, et al. 1997; Zhang and Lindberg 20019rmed via the photolysis of DOC.

The theory that Hg reduction and [DOC] are correlai@n also be tested using

the method designed for this reseaRR&ite constants can be determined and then
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compared between incubation experiments performed on the three water types. If this
theory is correct, iis expected that the reduction rate constaould be greater in
freshwaterwhich generallyhashigher concentrations of organic mateer seawateit
is also expected th#te rate constant for brackish water would be between these two end
members.
Thus,Hypothesi? states thtaPhotochemical reduction of 19 is controlled by the
concentration and form of DOC in the mediutrus reduction will be greater in waters of
terriginous origin
3.1.3 PHOTOCHEMICALLY DRIVEN Hg REDOXCHEMISTRY

As described in sections 3.1.1 and 3.it.Bas been suggested that both oxidation
and reduction of Hg in natural waters are photochemically mediated. This hypothesis can
be tested using the method designed for this research and described in chapter 2. The rate
constants for oxidation and redwct can be determined from short term incubation
experiments conducted on the same water through different stages of ambient sunlight.
Thus,Hypothesis3 states thaBoth oxidation and reduction of Hg in natural waters are
predomirately photochemicallynediated.
3.2 MATERIALS AND METHODS

The two experiments performed to test the validity of the new method, described
in chapter 2, were also used for this research. Therefore, section 2.2 should be referred to
for the materials and methods for this sectbthe study, with the following exceptions

and additions.
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3.2.1STUDY SITES

In addition to the two study sites described in 2.2.1, water wasd@llsated off
of the research pier at the Chesapeake Biological Laboratory (CBL), located where the
mouthof the Patuxent River meets the Chesapeake Bay, in late summer ¢FRP04
2.4). Thiswater is a mix of freshwater from the rivaard brackish water from the bay.
3.2.2EXPERIMENTAL DESIGN

In addition to the midday experiments described in 2.2.5,| @dperiment was
performed to compare rates of oxidation and redudtedween times of day and light
conditions. It was amcubation which spanned almost 24 hours, in which 4 separate
short termkinetics experiments we performed on 4 bags. In raikligug of 2004, 40L
of filtered water wa collected off of the CBL pidp fill four 5L bags. All fou bags were
treated identically andeployed simultaneously before sunrise at 4am. Each batheras
used in a separatghort ternkinetics experiment conductat four different times of the
day chosen to span the days light activity.

The first experimenbeganjust before sunriseat 6am. At this time in the morning
it is expected thdtght activity and concentrations of long lived oxidants and ctthis
produced the daydfore would be minimal (Fig. 3)1The second experiment
commencedt 10am, whefight activity was rapidlyincreasingwhereast was near its
peakduring the tird experiment, performed at 1pm. The final experinbeganat
10pm, 3 hourgfter sunset, when light activity wagain at a minimum, but also when
long lived oxidants and reductamsght have still been prese@imilar to the other

experiments described, spike additions consistédtitéfj(OH), and***Hg".
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3.2.3 RATE CONSTANT ETERMINATION

As described briefly in section 2.2.7, the rate constants for Hg oxidation and
reduction were determined using the reversible reaction method which fits the data to a
curve describing equationimfigure 2.3 using the Sigma Plot 8.0 compymegram.
Specifically, the input data consisted of the multiple valueS#®Hg] or F*DGHg] at
time t, its original concentration, and the time in secondfié#&s)he respective sub
sample was taken from the initial. The derivation of this equatioina more thorough
explanation of this method can be foundigure 3.2 The most important features of
figure 32 are the reaction type, reversible, and the resultant rate equation which includes
the rate constants for both Hg oxidation and reductibg.ifitegrated version of this
equation was transformed to include the concentration of the spiked Hg species at steady
state, [Hgdq This value and the value for,fi,) were the unknowns in the equation,
defined by the fit of the data to the curve. Hignificant fit was obtained, such as the fit
of the?®DGHg data set for the 1pm CBL experiment (pueat 0.0303) shown in figure
2.1Q the values returned fol’ fRHg]eq or [*DGHgleq, and for (k+kz) became the inputs
into the equilibrium, osteady tate equation (Fig. 2.8gn. b) in order to determine the
individual rate constants for oxidation and reduction.

A high pvalue indicates that the dataset does not fit the curve described by the
reversible reaction rate equati@md in this situation, thresultis denoted as “no fit”.
This pvalue is generated by the SigmaPlot program to describe the fit of the dataset to
the equation appliedThere are several reasons a data set might fail to produce a
significant fit. The first is that the procebeing described by the equation did not occur.

Such a dataset would most likely appear scattered, with no indication of any trend. It is
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also possible to fail to obtain a significant fit when the process did occur. There are at
least twosituations whetthis might be the cas@&he first is when the data skere
representinghe change in Hg speciation, is influenced by processes other than the one
being studied. The data in this casght appear scattered as in the latter case. The
second can occur the timescale of the experiment was too short to capture the changes
in speciation required to apply the equation. In contrast to the other examples, the data in
this case would not be scattered, but would appear to adhere to the initial portion of the
curve. Such a process would be slow enough to be considered negligible for the
timescales in this research.

Comparison of rate constants was substantiateddstd. Two different methods
were used in the photochemistry and Hg redox experiments. Photochemmstriment
input data consisted of three values each for the rate constants of oxidation and reduction
at all three sites. These values were 1) the constant determined from the average of both
bags and both methods of determination, i.e. the constmideed from ATC bags 1
and 2 using botA’DGHg and®*RHG datasets, 2) this value minus the average standard
error, and 3) the averaged value plus the average standard error. Input data for the Hg
redox experiments consisted of the rate constants datban and reduction determined
by all methods at all three sites, i.e. those determined from ATC bags 1 and 2 using both
22DGHg and'*RHG datasets for ATC, etc-Values revealed the larger of the two

inputs, and p values returned the probability thatvalues are the same.
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3.3 RESULTS AND DISCUSSION
3.3.1 PHOTOCHEMICALLY MEDIATED Hg REDOXCHEMISTRY
3.3.1.1 Hg PHOTOREDUCTION

Consistent with reduction?®RHg was observed to decline over time in several of
the CBL incubation bags. Figure 3ilBistrates that there was no visible decrease in
19RHg at 6anor 10am some at 10 pm, and that the maximum decay &Hg during
the CBL experiment was observed at 1pm. In order to confirm the occurrence of Hg
reduction and to quantify it, the rate constdatghis process must be defined. Those
determined for Hg reduction in the four CBL experiments are listed in table 3.1.

There was no significant change'ifRHg or?®DGHg concentrations during the
6am experiment, and neither isotope dataset couldtee fa he curve described in
figure 3.2 As mentioned in section 3.2.3, there are several possible explanations for an
absence of fit. In this case the data were scatteredhaweed no overall change i
concentration with time, and therefore did not leisua significant fit This suggest that
there was simply no identifiable Hg reduction at 6anather wordseither
photaeduction was not occurring, or the rate of reaction was insufficient to produce a
measurable change in concentratigimgnthe analytical erroassociated with the
method.

As in the 6am experiment, the 10afRHg data was scattered and did not
producea significant fit to the curve. In contrast, an excellent fit was obtained with the
22DGHg data from this experiment, returning a p value of 0.0157. A reduction rate

constant of 4.8(+ 1.0) x10s* was determined, suggesting that Hg reduction did oacur i
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the CBL water at 10am. Greater Hg reduction rate constants were calculated with both
isotopic data sets for the 1@Rrperimen{t-test p values between 202 10am and 202 1pm
and 199 1pm are 0.0039 and 0.1077 that they are equal). The values deterniiped for
from both data sets were similaitést p value = 0.8013 that they are equivalent),
averaging 6.5(+2.6)x1bs. Results from the 10pm experiment were analogous to those
at 6am, scattered and without a significant fit by either of the isotopicetiataaggesting
that no significant Hg reduction occurred at 10pm.

In summary, the results of this experiment indicate that no measurable Hg
reduction occurred in CBL water at 6am and 10pm, both twhes light was absent
(Fig. 3.1. Significant Hg redction was identified however, during the daylight hours of
10am and 1pm. Furthermore, the Hg reduction rate constant at 1pm was at least 5 times
faster than at 10am, correlating to the sharp increase in light int@figityd.1) The
indication is that Hgeduction in these waters was photochemically mediated.
3.3.1.2 Hg PHOTOOXIDATION

22DGHg was observed to decrease with time in somieofaur CBL
experiments (Fig3.4). Specifically, no decline was evident at 6am or 10pm, however a
significant decrese in>DGHg was observed at 10am and 1pm. The shape of the curves
at 10am and 1pm do reveaiportant information in thatdsh clearly indicate
exponential decay, a sign of oxidation. Moreover, the 10am curve is less steep than that
for 1pm, and does naippear to reach the same degree of plateau. This would suggest
that the steady state 9fDGHg production and loss was achieved more rapidly at 1pm.

Thus, the rate of Hg oxidation was higher at 1pm than at 10am. To confirm this

74



observation, the rate cdasts for Hg oxidation were determined for all four bags in the
CBL experiment. They are listed in table 3.1.

As mentioned in section 3.3.1.1, neither 6am isotopic data set produced a
significant fit to the curve due to scatter. This indicates that nsuregale Hg oxidation
occurred in the CBL water at 6am. TH&DGHg data set for 10am does indicate
significant Hg oxidation, returning a rate constant of 2.1(+0.4$sf0Hg oxidation rate
constants for 1pmvere of the same ordard averaged of 7.2(x2) x10*s?, also
indicating that there was significant Hg oxidation at 1pm. Once more, analogous to the
results for 6am, neither 10pm isotopic data set could be fit to the loeicaeise of scatter
indicating that no measurable Hg oxidation occurretiénGBL water at this time.

The temporal pattern of Hg oxidation in the CBL water was similar to that of its
reduction, namely that the process occurred during daylight hours, at 10am and 1pm, and
was absent in the dark hours of 6am and 1(gion 3.J. Similar to the results for
reduction, the rate of Hg oxidation at 1pm was greater than at 10am, though the increase
in rate was not as large as that for Hg reduction. These results indicate that Hg oxidation
in the CBL water was photochemically mediated.

3.31.3 PHOTOCHEMICALLY MEDIATED Hg REDOXCHEMISTRY
CONCLUSIONS

The finding that both Hg oxidation and reduction are photochemically mediated
in CBL waters upholds the stated hypothesis tb#t bxidation and reduction of Hg in
natural waters are predominately photochemically medi@edourse, it is incorrect to
extrapolate from CBL water to all natural waters, however two facts suggests that such an

argument is plausible. First, as mentionedection 3.2.1, CBL water is a fairly
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representative mix of the general types of water bodies. There is freshwater input from
the Patuxent River and brackish input from the Chesapeake Bay, itself a mix of
freshwater from its many tributaries and coadténtic seawater.

Secondly, this data supports the many other studies found in the literature which
suggest the importance of photochemistry to Hg redox. Gardéeadt,(2001a)detected
maximal Hd evasion during the daytiover fresh and seawater surfaces. Krabbenhoft,
et al. (1998)found that DGHg concentrations in the brackish waters of the Florida
Everglades peaked around noon, while its production halted in the dark. Ladoaide,
(2001) and Lalondeet al. (2004)observed a systematic decrease in DGHg upon
irradiation with UV light in fresh and brackish waters, respectively. The oxidation rate
constants determined in both of these experiments were similanxapgting
1.7x10*s?, and were on the same order as those determined in this experiment.
Comparison of Hg oxidation rate constants is hampered however because the constants
were calculated using the elementary reaction method in the former studlye daitielr
did not report their method of rate constant determination (see section 3.1.2).

Amyot, et al. (1994)detected a correlation between gJMdiation and sunlight on
DGHg production in lake waters, however rate comparison was not possible because
none were reported. Finally, Amyat, al. (2000)detected a peak in DGHg
concentrations in freshwater immediately following sunrise, and found a correlation
between UV radiation and DGHgoduction. The rate of Hg reduction was determined to
be approximately 6.1x1B™, similar to the results of this research, though this rate was

determined from unfiltered water. These studies, and the results of this research indicate
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that Hg oxidatiorand reduction are predominately mediated by photochemistry in natural
waters.

Although this study was not designed to determine the specific mechanisms of Hg
redox in natural waters, the results might shed some light. For example, at 10am the rate
of Hg oxidation (~7.4x1d pM s*) was more than five times faster than the rate of Hg
reduction (~1.2x18 pM s%). Yet, at 1pm the rates were on the same order, ~2-0gliD
s'and 3.3x10 pM s* for Hg oxidation and reductiorespectively. Explanations fetch
a discrepancy include the prospect that Hg oxidation in these waters required less light. It
is also feasible that the processes require different wavelengths of light, as suggested in
the Hg reduction experiments by Amyetal. (1994)and Amyot.et al. (2000) Another
explanation for greater Hg oxidation over reduction at lower light levels is the possibility
that oxidation relies more heavily on secondary processes, suchf@asrtagon of
reactive intermediates as suggested by Magah, (2001) Such a discrepancy points to
the necessity for more detailed studies aimed at identifying the mechanisms which cause
Hg redox.

3.3.2 Hg REDOXCHEMISTRY: SITE AND WATERTYPE COMPARISON
3.3.2.1 Hg OXIDATION AND REDUCTION RESULTS

Hg reduction was evident in both duplicate blegsATC and PAX, as can be
seen by the exponential decay BRHgfor all four bags in figure 2.8n order to
quantify Hg reduction and to moreggisely compare the process between the two sites,
it was necessary to determine their rate constants. A thorough discussion of all of the rate
constants determined in this experiment can be found in section 2.3.3, but for the sake of

simplicity in compaison, the rates were averaged and listed in table 3.2. The average Hg
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reduction and oxidation rate constants for the midday CBL experiment was also included
in this table. In this wayan additional water type, brackish and spanning [DOC] and
[halide], canbeused in the site comparisdig reduction rate constants were similar at

all three sitegt-tests produced-palues of 0.9013, 1.0 and 0.9311 for the probability that
the values were the equivalent between ATC and PAX, ATC and CBL and PAX and
CBL, respectively), and were on the order of 7x19".

Hg oxidation waslsodetected in both duplicate bags ATC and PAX. This
fact is na well represented by figure 2.the measurements OfDGHg overtime for
these two experiments, due to the incompletasgatfor the PAX experiment. The trend
in this data appears linear rather than the expected exponential decay. Unfortunately, a
leak in the setufor the sample DGHg purgeas discovered too late and four of these
samples (two from each bag) were lostc@idirse, the rate could also be determined from
the'®RHg dataset which was not affected by the |&hle'*°RHg dataset for the ATC
experiment not only fit the model for exponential decay, but appeapproach steady
state.The averaged rate constanfdHg oxidation for these experiments can be found in
table 3.2. The highest value was determined for PAX, 1.2(+0.4)%1,dollowed by
CBL, and then ATC, 4.1(+0.9xT&™).

It should be noted that these results are in conflict with those expectadimgve
hypotheses that the rate of reduction would be greater in PAX than in ATC waters, and
that the rate of oxidation would be greater in ATC waters than those of PAX. These
results indicate that reduction rates were similar at all sites, and thaietloéa@tation

was greater in PAX than ATC watg@test pvalue of 0.0328 that they are equal).
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3.3.2.2 Hg REDUCTION

The occurrence of reduction in Heewaters, and the similarity in ratenstants at
all sitesindicateghe importance of this redoxqaess in these waters specifically, and
suggests its importance in natural waters in general. In addition, these results imply that
Hg reduction is important in seawater, especially considering that the rate constant for
reduction was greater than thatoeddation in this water {test p = 0.2018). A review of
studies found in the literature reveals a plethora of data which support this fifaling.
instancethe large ratios dHg?] to [Hg(ll)] (greater than expected from thermodynamic
calculations) foud in open ocean watéMason et al. 1995; Masonet al. 1998; Mason
and Sullivan 1999; Mason and FHjerald 1993)andin brackish water§Cossa and
Gobeil 2000) as well as the significant evasion of’Higtected over seawater surfaces
(Gardfeldt et al. 2001a; Ferrareet al. 2000)suggest significant Hg reduction activity can
occur in saline waters. Moreoyan incubation experiment performed Rglfhus and
Fitzgerald (2004) on Hg(ll) spiked coastal water detected net reduction.

Considering the results of these experiments, and more generally that typical
concentrations of DOC in open ocean wasggroximate 100M (Stumm and Morgan
1996) the suggestion that significant retion occurs in open ocean waters necessitates
a mechanism for Hg reduction other than the photolysis of DOC. For instance, some of
the Hg reduction implicated or observed in the above studies may have been biotic in
nature. Indeed, it was suggested tl@262f the photoreduction identified in the above
incubation experiment could be attributed to microbial redu¢kRmtithus and Fitzgerald
2004) Furthermore, several studies which identified Hg reduction by heterotrophic

bacteria support this finding/lason et al. 1995; Sicilianget al. 2002; Barkayet al.
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1989. Studies have also implicated the importance of Hg reduction by algae as a means
of detoxification(BenBassat and Mayer 1977; B&assat and Mayer 197.8)

It is less likely that biotic processes explain Hgereduction in these experiments
considering the sample waters were filtenthile it is feasible that some bacteria could
have passed through the Quabfilter used, it is doubtful that significant microbial
reduction occurred from such a small concaidn of bacteria. Other proposed
mechanisms for Hg reduction not linked to DOC photolysis include the direct photolysis
of certain Hg complexes, such as those Wit and C1(Nriagu 1994)

There is also the potential that there exist other mechanisms involtresl i
production of the superoxidadicd (O,*) which may be responsible for signifi¢atg
reduction in natural waters. For example, Zhang and Lindberg (2001) propose that the
photolysis of Fe(lll) in the presence of natural organic ligands may create highly
reducing organic free radicals as wedl*". Of course, this process requires th
presence of DOC and is in fact an additional method of reductant production via DOC
photolysis. It should therefore be noted that DOC photolysis may have significantly
contributed to Hg reduction in ATC waters as welP&s<. As is evident in figure 3,5
DOC concentrations were low in both waters, but more importantly, they were only
slightly larger in PAX (518M) versus ATC (158M) waters.The DOC concentratioim
the ATC water was higher than typically found for the open ocean (%100

Calculations performed to determine the potential complexation of Hg(ll) in both
of these waters suggest that 45 to 100%het**RHg spiked into the ATC waters was
organically complexed. These values are based on the assumption that the dominant Hg

complexes in these waters are with OH and DOM. [CI] was determined by major
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ion analysis, [OH was determined from antesated pH of 8, and [DOM] was estimated
from [DOC] assuming a molecular weight of 1000 g Tramd approximating that DOM
was 50% by mass DO@Benoit et al. 2001) The inclusion of [Bi, estimated as 0.35%
[CI]T (Stumm and Morgan 1996Jid not affect the results, thus it was left out of this
discussion. Stability constants for Hg complexes with @td Cl were obtained from
Stumm and Morga(iL996) and two stability constants for organic complexation of
Hg(ll) were taken from the literature, log K = 1@Benoit, et al. 2001)and log K = 24
(Lamborg et al. 2002) These values represent the -emeimbers of the Hg(HPOM
complex stability constants defined in literature studies, and werercimoae attempt to
span the breadth of DOM affinity for Hg(ll) given the efided nature of the DOC in
thesestudies experimental solutions. Estimates of Hg(ll) complexation by organic matter
using both constants were high (45% from log K = 10.6 and Xf6f%olog K = 24),
indicating that DO@omplexation anghotolysis was important in ATC wateighe
fraction of the total ionic Hg as RHgRHgJ/[Hgr — DGHQg]) also gives some measure of
the degree of complexati@s thehe nonRHg fraction ismostly of ioganially-bound
Hg. For the ATC water, this fractiomas xx, suggesting significant organic
complexation. Such higorganic complexation coufabtentially explairthe large
reduction rate constant determined for this wakternatively, the higlreduction rate
constants in both watersay also indicate simply that ligand to metal charge transfer is
more important to the reduction of Hg than indirect photochemical processes, such as
DOC photolysis.

It was also neessary to confirm the validityf @sing the change in RHg

concentration to determine rate constants for reduction. Such a method assumes that
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reduction of the complexed fraction is negligible. Therefore, the same method of rate
constant calculation was applied using the concentration thfeaibnic Hg in the sample
for the ATC and PAX experiments. This was accomplished by using theDi&dAg
measurement determined from every sample. Briefly, no fit was obtained for either bag in
either experiment. One significant difference existed howdaver plot data appeared
scattered for the ATC experiment, while the PAX data produced a straight line. This
indicates that no significant reduction of the complexed fraction occurred during the ATC
experiment, while reduction diis fraction occurred, bwtas slow during the PAX
experiment. The data for the latter experiment represéimeditial portion of a curve
that might fit the reversible reaction rate equation, so that if the experiment ran longer, a
fit may have been produced identifying a slowd & this experiment negligible rate of
reduction. This suggests that applying the change in RHg concentration to determine the
reduction rate constant was valid in this case.

Recall that rate constants for Hg reduction calculated frorffabh&Hg and
%9RHg datasets were similar. This fact is significant in that it provides information about
the kinetics of complexation, in this case that it was rapid and much fast¢holse of
Hg redox processes. If comp#gion was slow, one would expect to seerigrence in
the reduction of®RHg (directly after it is produced by the oxidatiorf8OGHg),
thereby changing its rate. Not thhistinformation can only be obta&d by the use of two
inorganic Hy tracers.

To determine if it is feasible that,Dwas responsible for the reduction in these
experiments, second order rate constants were calculated using typical concewtrations

0,* in natural waterslx10* M (Goldstone and Voelker 2000Jherate constantalues
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for bags 1 and 2 of the ATC experiment, 1%a0d 1x1®6 M™ s*, [are these calculations
correct—my quick calculations suggest thiae values should be higherespectively
agree well with values found in the literature (table 1.1). This suggests that the
superoxide radical may have been the dominant reductant doeidgrC experiment.
3.3.2.3 Hg OXIDATION

The detection of oxidation in the waters of all three sites tested, and the finding
that rate constants for Hg oxidation were on the same order as that for its reduction,
indicates the importance of this redox psxe these waters specifically, and suggests
its importance in natural waters in general. This is especially significant given the
previous assumption that Hg oxidatiaras negligible, a theory based on the inert
properties of HY§ Another implication ofhe results of thesexperiments, specifically
that the rate constant for oxidation in the PAX water was greater than irf{tA@< p =
0.0328) and that the rate of oxidatievas equal to or greater thrat of reduction in
PAX (t-test p =0.4848)is that oxidation is important in freshwater

Hg oxidation rate constants increase in magnitude from ATC to CBL to PAX.
Considering the hypothesis of this research regarding Hg oxidation, this order is the
reverse of expected. Furthermdiegse results are pdiar because there is little in the
literature to support iDne example diindings that do support those found in this
resarch are those from a studpnducted by Hines and Brezoi(2004) who detected
oxidation in lake water and determined first order loss rates fdinHbe range of 1.1 to
2.1x10%s™. This rae constant is lower than that determinedf8X, however it is likely

their value would increase if the actual rather than the net m@en®asured. The same
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study also concluded that the net rate of oxidation increased upon the addition of chloride
to the freshwater sample however, a result inconsistent with those of this research.

Lalonde,et al. (2001)also identified a systematic Pilpss in their unspiked
freshwater incubations, following an initial increaSke oxidationrate constant
determined fom this rate of loss (6.9xP&™) is smaller than that in the PAX experiment,
(1.2(x0.4)x10%), again potentially attributable to the calculation of a net rate
Compounding the difficulty in evaluating this data is the facttth@mmethod of rate
constat determination was not described in the ariitieugh the data plot axes
insinuate the use of the elementary reaction metlaod) the data appeared scattered,
most likely due to the measurement of very small changes in small concentrations.
Finally, the apparent loss of Bgvaslargerin the seawataested(k = 1.86x10 s?) than
thefreshwater tested in these experiments.

There is more data in the literature that are inconsistent with the results of the
three experiments in this researbtost notake are the incubation experiments
performed on unspiked freshwater Amyot, et al. (1994; 1997h)Amyot, et al. (1997)
andAmyot, et al. (2000)where DGHg production was observéicshould benoted that
during the latter two experiemtsthe concentration of Hgeached a plateau. This
phenomenon was attributed to substrate limitation, a definite possibility considering the
small (fM) concentration of Hg(ll) in these waters, but it is alsoiptesthat the plateau
was indicative of Hg oxidation. First ondeate constantdetermined for Hg i@duction in
the 2000 experimeng.8 to 5.6x1U s*, appear to agree fairly well with those calculated
for PAX. Both methods of rate constant calculatielenentary and reversible) were

performed in this study, returning similar results, howévemrate constants for
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oxidation, which are intrinsically determined hretreversible reactiomethod, were not
reported.

It is necessary to consider mechanisnas fotentially explairthe results
obtained for Hg oxidatiom the three waters tested in this research, especially
considering their incongruity with the findings of some studies. For instance, the larger
oxidation rate constants determinedtfoe PAX ad CBL waters over those of ATC-(t
test p values of 0.0328 and 0.1533 and negative t values indicated that ATC<PAX and
ATC<CBL) may be a consequenckgreater concentrations thfe constituents that
produce OH upon photolysisn PAX and CBL Several sucimechanisms have been
identified, includingthe photolysis of nitrite and nitra{Brezonik and Fulkersen
Brekken 1998)Mason et al. (2001) showed thatttguld be reduced in distilled water
solutions spiked with nitriteThe redox gcle of iron has also been implicated in the
production of OH via Fentors reagen{Kwan and Voelker 2003; Southworth and
Voelker 2003)

Perhaps most importantly, considerihgt concentrations of DOC are typically
much higher in freshwater than seawataighan and Bloug{1998)proved thaDH*
can be produakby the photolysis of DOMhenthey detected its production (via probe
loss)upon irradiation of Suwannee River fulvic acid stripped of nitrites, nitrates and
metal ions As described in section 3.2.h@weverthe difference in [DOC] bateen the
PAX and ATC may not have been significant in regard to complexation, thus photolytic
production of oxidantaas potentially similar in the two waters

Second order rate constants were calculated for the ATC experiment for the

hypothetical oxidatio of Hg by OH given typical steady state concentrations in natural
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waters, 1x18° M (Brezonik and FulkerseBrekken 1998; Hines and Brezonik 2004)
Rate constant values k10" M™* s* and 9x16° M s*for bags 1 and 2 respectively, do
not compare well with those in the literature (table 1.1gyTdre much higher and
thereforesuggesthat OH may not have been the predominant oxidant in the ATC
experiment.

A simple calculatiorwas performedising the second order rate constants for Hg
oxidation by OH taken from the literature in Table 1.1 to determine the expstgady
stateconcentratiorof the oxidant given the rates of oxidation found in the experiments
for this researchl'he purpose of this estimate was to ascertain ifiykeoxyl radical
could be esponsible for the majority ofgHoxidation seen in these watdrgyure 3.6
illustrates that using approximations of 1X1@*s* and 1x10 s* for that rate constants
for Hg oxidation for the second order reaction with®@idd the pseudo first order
reaction respectively, theteady stateoncentration of OMHwould have to be on the order
of 10"2 M. Considering that typicaloncentrations are between1@nd 10" M, it
seems unreasonable that Odduld be dominantly sponsible for the Hg oxidation seen
in the ATC, PAX and CBL experiments.

A feasible explanation for these results is @At and PAX waters contained
higher concentrations of other oxidants such as singlet oxy@@nar the peroxyl
radical (ROO). Other common oxidants in natural waters are hydrogen peroxida)H
(Amyot, et al. 1997b)and ozone (€) (Hall 1995; Munthe 1992)Yhough the rates of Hg
oxidation by these two oxidants have been determined to be relatively slow
Alternaively, there may be other oxidants present that have not been characterized in

detail. For example, Mason et al. (20@hpwed that the rate of oxidation was enhanced
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in NaCl or NaBr solutions in the presence of nifriieggesting that there may be some
catalytic reactions occurring in the solutions that provide reactive halogen oxidants.
Species such as ClI, Br and BrO haeen shown to be important in Hg oxidation in the
atmosphere and further studies should investigate the role of such potentiahsaiacti
surface seawater.

An alternative explanatiofor these results that theranay have beegreater
consumption of oxidants by constituents other than the spikEahiige ATC water than
in the waters of PAX and CBL. However, this is not likelyegivthat the major sinks for
many of these oxidants are characteristically found at higher concentrations in freshwater.
For example, the dominant sinks for O&te probably DOC and carbonate/bicarbonate
(Voelker, et al. 1997; Brezonik and Fulkersddrekken 1998)Finally, these differences
may result in varying light properties between the two experiments, since they were not
conducted simultaneously, but on two different days.
3.3.2.4 Hg REDOXCHEMISTRY CONCLUSIONS

The results of these experiments prove that both redox processes are important in
natural waters. Furthermore, the rates of oxidation and reduction are of similar
magnitude. This is especially important in the case of oxidation which wasysigvio
thought to be negligible in natural waters. A review of the literature regarding Hg redox
in natural waters for the purposes of comparison makes apparent two limitations in our
present understanding of the subject. First, there is severe paucitg.dbeleond,
comparison between data from different studies is severely hampered by the lack of
consistency among methodologies, which may explain the many discrepancies in the

results of those studies.
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The lack of data regarding Hg redprocesses natual waters is especially true
in the case of oxidatiorin large part this is because Hgas considered inersuch that it
wasonly recently considered that Hg oxidation in natural waters might be significant.
Moreover it appars that since this recogoin the investigation of Hg oxidation has
been focused on seawater. Whatever the reason, it is obvious that more information is
greatly needed in order to better understand Hg redox in freshwater.

Additionally, the numerous methodologies used in theistuldave produced
results that are difficult to confirm and compare. Incubation experiments appear to
provide the most information on the redox of Hg, however there is significant divergence
in the performance of such studies which make even compariseedrethese
problematic. These differences include the use of the single large bottle versus the several
small bottle methods and the absence or application of inorganic Hg spikes. Finally
another feature of ast of these studies which maketer-comparisa difficult, and
makes comparison with the results from this research even more difficult is that these
studies measured net rates rather than actual rates. The latter is preferred as it provides
added and more specific information, the individual ratebdth oxidation and
reduction.
3.4 CONCLUSIONSAND RECOMMENDATIONS

Inconsistencies among the results of studies found in the literature, and between
some of these studies and the findings of this research, highieghtany discrepancies
that exist in ar theories regarding Hg redox processes in natural waters and in the
methods weise to test those theories. mmportant outcome of this researchsihe

acknowledgement that more data is necessary, that some consistency in methodology
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would greatly enhase our ability to quantifiably compare the results of different studies,
and that more controlled mechanistic studies are crucial.

No contradiction was found between the results of this study and those found in
theliterature regarding the role of photechistryin Hg redox Significant oxidation and
reduction was identified during the daylight hours of 20am and 1pm, while none was
observed in the dark hours of 6am and 10pm. The indication is that both Hg oxidation
and reduction are predominately photocleathy mediated. This finding is well
supported by the literature.

Thesimilarity of Hg reduction rate constants at all three sites faileghbold the
hypothesis that reduction would be greater at PAX than ATC due to a greater
concentration of DOCHowever, the overall range in DOC studied in these experiments
was small, and differences may occur over the much larger range of DOC found in
natural watersA review of the literature supports these findings however in that net
reduction has been identifiea both seawater and freshwater

The comparison of Hg oxidation at the three sites yielded the opposite of the
expected rault given the stated hypothesis that oxidation would be greater at ATC than
PAX due to greater concentrations of halides. Resulisatelthat Hg oxidation rate
constants increased between ATC and CBL, and then between CBL and PAX. A review
of the literature revealed some support for these findings, as well as studies which
contradicted these results. Several suggestions were dexseding the mechanisms of
Hg oxidation in order to establish theories which might explain the results.

The assessment of redox in seawater and freshwater revealed the large diversity in

theories and methodologies for Hg redox investigations, and expesbceadth of the
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information we have yet to understand. In large part the latter is a consequence of the
attempt to understand Hg redox in natural waters when there is still little known about
redox processes in these waters in general. An importannoeitddhis studywas that it
alsolead to improvements of thiecubation methods whiclf, used by others might
greatlyenhance andccelerat@ur knowledge of the subject

The impediments that consistently interfevath this regarch were
discrepanciebetween the manstudies which made comjpson with my results
difficult. These impediments manifest themselves in several ways. First, there is a glaring
paucity of data, especially with regard to Hg oxidation. Second, few stualiesbeen
performed which address the investigation of a single mechanism in a controlled
environment. Finally, as is common with studies that attempt to gather information
directly from or to replicate the natural environment, there existed too maabpleari
different water types and bodies, varying light conditions and temperatures, and different
experimental methods used. This became most evident in the attempt to compare the rate
constants determined in this research with those found in the ligeratur

In many studies there were understandably large uncertainties, especially in
incubation experiments performed without spike additions. None of the studies reported
rate constants for both oxidation and reduction determined from the same water, Finally
the rate constants that were reportestewusually determined usingreethod which
assumes the total consption of the reactant that may not occlinere is an obvious
need for someniformity in the calculation of these rate constants such that casopari

between studies is possible.
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There are several ways to greatly improve our understanding of Hg redox in
natural waters as well as our abilityaffectively compare studieBirst, more data are
needed in general, but information regarding oxidatiamaiuiral waters is especially
lacking, thus more studies are requir8dcond, mechanistic experiments performed on
artificial solutions would greatly help constrain and quantify the dominant processes
which control Hg redoxhemistry For instance, more eshanistic experiments
investigating the roles of JHO,*" and halides in Hg redox are necessary. Though it is
difficult to assess if this information translates to the natural environment considering the
complex interactions among the constituents afinahtvaters, it would be helpful to
better constrain and to quantify the specific affect of these oxidants and reductants on Hg
redox. Furthermore, thaformation gleaned from mechatic studies can bapplied to a
mode] such as the Aqueous Phase Kmé&iodel devised by Dr. Siefert (1998), which
can incorporate the kinetics of all those processesurrently understand, in order to
assess how they interact. These results can then be compared to those of natural waters
and potentially explain the impartt processes occurring in them.

Finally, in order to compare the results of these studies, a consistency in
methodology is important. This includes the termination of the use of FEP ¥afien
application of the reversible reactiarethod for the calcation of rate constants, and if
possible, the addition of isotopically labeled inorganic Hg species.

To review, themost important themes exposed in a review of the results of this
part of my research and of the available literature are thesg.nore Hg speciation
data are necessary in all typesnaiters. The lack of information, a consequenicthe

paucity of dataseverely limits our ability to compare results and our understanding of
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Hg redox in general. 2) Some consistency regarding methodisloggded, especially
regarding the calculation ohte constants. 3) Finally, experiments like those conducted
for this research provide important information that can be directly applied to the system
being studied. However, more studies are necessach wivestigate the specific
mechanisms which control the redox of.Hdne number of variables introducidough

the use of natural waters and ambient stalignpede the constraint of mechanishsis

more Hg redox mechanism studies in controlled enmeants are required.
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Fig. 3.5 Concentrations of DOC and chloride at the three sites.
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First order rate equation for the oxidation of Hg

dHI"] _ Jerpge
—q = KiHg’]

approximate rate constant for Hg oxidation in ATC, PAX and CBL experiments
K,~ 1x10*s*
Second ordesteady state rate equation for the oxidation of Hg by OH

d[Hg’] _
dt

approximate rate constant for Hg oxidation by OH*

—K,[Hg°][OH "]

Ky, ~ 1x10° M* s?
substitute
Ka[Hg"] = Ke[Hg°][OH "],

rearrange

Ka _ . ..
E_[OH ]ss

insert approximated values for k, and ky

110*s™

=1x10 M
1x10°M st

Figure 3.6 Calculation afstimated steady state Okbncentration necessary to explain

Hg oxidation seen in ATC, PAX and CBL.
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Rate Constants (%)

Oxidation Reduction
202 199 202 199
no fit no fit no fit no fit
1.0000 1.0000
2.1x10" no fit 4.8x10° no fit

4.010° | 0.0157 | 05975 ||l 1.0x10° | 0.0157 | 05975

4.7x10" 9.7x10" 4.3x10" 8.7x10"

1.2x10° | 0.0303 | 4.510* | 0.0605 [fl 1.1x10° | 0.0303 | 4.0x10* | 0.1198
no fit no fit no fit no fit

Table 3.1 Comparison of rate constants determined for the CBL experiment. No fit

indicates that the data set did not fit the curve describe in figure 3.3. SE is the

standard error and P is the P value for fit of the data.

99



Average Oxidation || Average Reduction
Rate Constant (s?) | Rate Constant (s7)

4.1x10% 6.5x10"
8.9x10° 1.5x10%

1.%10° 7.0x10*
4.1x10 2.1x10%

7.%10* 6.5x10*
2.9x10" 2.6x10"

Table 3.2Averaged rate constants at midday ford#glation and reduction between

the three sites ATC, PAX and CBL. SE is the averaged stardard
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