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Abstract

Internal phosphorus loads, from bottom sediments to surface waters, are often comparable in
magnitude to external phosphorus loads, particularly in water bodies with a history of high
external phosphorus inputs from point and non-point sources. The benthic release of
phosphorus can be influenced by several factors including pH, redox potential, temperature,
microbial activity and the concentration of competitive anions at or near the sediment-water
interface. Dissolved silicate occurs ubiquitously in natural waters and may act as a competitive
ion to phosphate. Nonetheless, prior to the work in this thesis, the effect of silicate on internal
phosphorus loading remained poorly understood. This thesis addresses several of the
mechanisms through which silicate may influence the mobilization of aqueous phosphate from
sediments in aquatic environments. The thesis starts with a thorough literature review of
phosphorus biogeochemical cycling in relation to eutrophication, sediment-surface water
interactions, mineralogy, competitive anions and microbial activity (Chapter 1).

Next, adsorption/desorption of phosphate on/from goethite, a model ferric (hydr)oxide
mineral, is investigated in the absence and presence of dissolved silicate. The influence of
dissolved silicate on phosphate adsorption is evaluated through laboratory experiments and
application of the CD-MUSIC model (Chapter 2). The results show that increasing
concentrations of silicate decrease phosphate adsorption, leaving more phosphate in the
aqueous phase. The competitive effect of dissolved silicate is more pronounced under alkaline
conditions. Subsequently, phosphate desorption experiments were conducted under dynamic
pH conditions in the presence and absence of silicate (Chapter 3). The experimental results
show that the gradual transition from acidic to alkaline conditions induces the desorption of
phosphate adsorbed to goethite under acidic conditions. The presence of silicate in the
phosphate/goethite system does not affect phosphate desorption, because of the stronger
surface complexation of phosphate to goethite.

In addition to adsorption and desorption processes, the co-precipitation of phosphate with
iron and the potential subsequent dissolution of these co-precipitates as a result of changing
physico-chemical conditions may also control the mobility of phosphate in aquatic
environments. The effects of dissolved silicate on the co-precipitation of phosphate with iron

and the reactivity of the resulting solids are examined (Chapter 4). Ferric (co)-precipitates (i.e.,



Fe-P-Si) with variable Si:Fe ratios, were synthesized either via oxidation of Fe*'(yq) or by
increasing the pH of Fe*'(4q solution. The solids were characterized by a combination of
chemical and spectroscopic techniques including attenuated total internal reflectance Fourier
transform infrared spectroscopy (ATR-FTIR) and X-ray powder diffraction spectroscopy
(XRD). Similar solid phase P:Fe ratios were found in co-precipitates formed from solutions
with different dissolved silicate concentrations, regardless of the method of preparation. This
suggests that the interactions between phosphate and iron during co-precipitation were not
affected by dissolved silicate.

The ferric (co)-precipitates were subsequently reductively dissolved abiotically in
buffered ascorbate-citrate solution to determine their reactivity under reducing conditions. The
kinetic data show that the co-precipitates with higher Si:Fe ratios were more recalcitrant to
dissolution. For co-precipitates synthesized via oxidation of Fe*' (), reductive dissolution
experiments were also conducted in the presence of the facultative anaerobic iron reducing
bacteria Shewanella putrefaciens. XRD analyses of the residual solids imply that solids with
the higher Si:Fe ratios may be more resistant to microbially mediated reductive dissolution.
The relative reactivities of the co-precipitates obtained by the two synthesis methods are also
addressed in Chapter 4.

In Chapter 5, the effect of silicate on the mobility of phosphate in a natural sediment was
evaluated via flow-through experiments. The results show that dissolved silicate enhances the
mobility of phosphate at the sediment-water interface. Ferric (co)-precipitates were formed at
the oxic surface of sediment columns via the oxidation of ferrous iron supplied with upflowing
solutions containing variable silicate concentrations. The subsequent dissolution of these co-
precipitates under imposed anoxic conditions at the sediment-water interface indicates that the
co-precipitates formed at higher dissolved silicate concentrations were more reactive towards
reductive dissolution. These results are therefore in apparent contradiction to those observed
in Chapter 4.

The ferric (co)-precipitates (i.e., Fe-P-Si) evaluated in Chapter 4 were prepared from
solutions containing high concentrations of iron, phosphate and silicate, by imposing either
rapid aeration or pH increase. These conditions were selected to maximize the yield from the
syntheses. The synthesis methods in Chapter 4 are therefore most representative of aquatic

environments where co-precipitation occurs rapidly (e.g., groundwater springs) and the
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concentrations of these dissolved constituents are fairly high. However, in many other aquatic
environments, the diffusion-controlled release of Fe**(aq) from the deeper sediments results in
the gradual oxidation of Fe?" at the sediment-water interface under oxic conditions. This
process is typical in lake sediments with minimal advective exchange between surface water
and groundwater. This gradual oxidation (at relatively low concentrations of Fe?*) results in
the slow formation of ferric (co)-precipitates which may be dissimilar to those synthesized
herein and discussed in Chapter 4. The ferric (co)-precipitates synthesized with the flow-
through column system in Chapter 5 may be better analogues of slow forming co-precipitates
in diffusion dominated or moderately advection influenced aquatic sediments than those
synthesized in Chapter 4.

Finally, to elucidate the likely importance of the various influences of dissolved silicate
on phosphate mobility investigated in this thesis, concentrations of dissolved phosphate and
silicate as well as pH data are extracted from the US National Water Information System
(NWIS) network (data shown in Chapter 1 and Chapter 2). The NWIS data along with
combined experimental and modeling results suggest that silicate-mediated phosphate
mobilization is likely a commonly occurring process at the sediment-water interface of lakes
and reservoirs. This thesis also demonstrates the multiple roles of silicate on the mobilization
of phosphate in aquatic environments, and improves our fundamental knowledge of iron,

phosphorus and silicon cycling in freshwater environments.
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Figure 1.8. The relation between bicarbonate concentration and pH in open water bodies,
lakes, impoundments and reservoirs, according to the NWIS data (2010-2016, N=1735). The
concentrations of bicarbonate and pH were extracted for common sampling stations and dates
of sampling from all water depths available in the database. The dashed line represents the
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database. The dashed line represents the linear regression fit between the concentrations of
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Figure 1.12. Speciation of (a) phosphoric acid (H3PO4) and (b) silicic acid (H4SiO4) as a
function of pH. The speciation diagrams were made for 50 uM solution of phosphate and
silicate at 25°C and /=10 mM NaCl, using PHREEQC 3 and the phreeqc.dat database
(Parkhurst and Appelo, 2013). .ot et s 24
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Figure 1.13. Biotic reductive dissolution of ferric (hydr)oxide and abiotic re-oxidation of
reduced Fe(II) under anoxic conditions. Reproduced from Weber et al. (2000).................... 26
Figure 1.14. Eh-pH diagram for iron (10~ mol/kg) Fe-O»-H,0-CO> system at 25 °C. The
upper and lower boundary represent the stability field of H,O. Reproduced from (Kendall et
Y I () TSRS 28
Figure 2.1. Schematic diagram showing the inner-sphere phosphate surface complexes
formed with singly coordinated surface =FeOH(H) group on a metal (hydr)oxide. Electrolyte
ions are generally located in the plane 1 of the extended Stern layer (not shown here) where

they may form outer-sphere complexes. The figure has been reproduced from Antelo et al.

Figure 2.2. Kinetic data (symbols) for the individual adsorption of phosphate and silicate (50
UM each) on goethite (0.5 g/L). The adsorption experiments are conducted at pH 7 in 10 mM
NaCl and 1.0 mM HEPES solution at 25°C. Kinetic parameters shown in Table 2.2 are
extracted by fitting the experimental data to Equation 2.2 (dashed lines). The experimental
data from concurrent phosphate and silicate adsorption are not included here for clarity, but
the extracted kinetic parameters are included in Table 2.2. Error bars represent the range of
values measured between duplicate eXperiments. ..........cccueeeveerieeieerienieerieenieeieeseesreeeeens 47
Figure 2.3. Individual and competitive adsorption of phosphate and silicate (50 uM each) on
goethite (0.5 g/L) at 25°C and /=10 mM NaCl, between pH 2 and 12. Experimental results
(markers) and predictions by CD-MUSIC model (dashed lines) are shown for (a) adsorption
of phosphate (50 pM) in the absence and presence of silicate (50 uM); (b) adsorption of
silicate (50 uM) in the absence and presence of phosphate (50 uM); (c) individual adsorption
of phosphate and silicate (50 uM each), and (d) competitive adsorption of phosphate and
silicate (50 uM each). Error bars represent the range of values measured between duplicate
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Figure 2.4. The experimental results (observed) and the predictions from CD-MUSIC model
(estimated) for the simultaneous adsorption of (a) phosphate (50 uM) and (b) silicate (250,
500 and 1000 uM) on goethite (0.5 g/L) at 25°C and /=10 mM NacCl. Percentages of
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concentrations before and after the adsorption experiments. The numbers next to the points
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different solid markers identify the equilibrium pH. The black dashed lines indicate the 1:1
line where the experimental results and the model estimation are in complete agreement. The
calculated RMSE values between the average experimental data and the model-estimation for
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extracted from NWIS (2010-2016) data for groundwater, stream, standing water bodies, e.g.,
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shows the median value. The whiskers are drawn down to the 10" percentile and up to the
90", The blue double headed arrow represents the range of equilibrium aqueous phase Si:P
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Figure 2.6. Simultaneous adsorption of (a) phosphate (50 uM) at various initial Si:P solution
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represent the linear regression fits between the concentrations of phosphate and silicate,
which are extracted from all water depths available in the database............cccceeveerivieennennnne. 60
Figure 2.10. Dissolution of iron from goethite in the presence and absence of phosphate
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Figure 5.2. Schematic diagram of the experimental set-up of the flow-through column system
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(APW) with or without amendments of Fe** and/or Si for each column group are indicated in
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anoxic. The overlying water column of all columns was aerated and open to the atmosphere
during the first phase. In the second phase, groups B and C continued to be aerated, while
groups D, F and G were sealed from the atmosphere to create anoxic conditions (see text for
details). Groups A and E were sacrificed after phase-1 for solid phase analyses................. 123
Figure 5.4. Schematic diagram showing the sliced fractions of each sediment column. The
sliced subsamples (except the subsamples 2 to 3 cm and 4 to 5 cm) were used for the solid
PHASE ANALYSES. ...viiiiiiieiiieciie ettt et e et e e et e et e e e b e e etb e e e taeeebaeeenbeeenaeeeraeens 125
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the range of values measured between the columns shown on the figure by the capital letters.

Figure 5.7. Cumulative release of Fe to the overlying waters during phase-1 and phase-2 as a
function of time. The inflow solutions for the columns during phase-1 were (i) APW with
Fe?" (A and D) and (ii) APW with Fe?" and Si (E and F), and (iii) APW only (G). Before the
start of phase-2, columns A and E were sacrificed for solid phase analysis while columns D,
F and G were continued in phase-2 and the inflow solutions were replaced with APW only.

Error bars represent the range of values measured between duplicate columns................... 133
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Figure 5.8. Concentrations of Fe in the sediments extracted with a buffered ascorbate-citrate
solution. The inflow solutions for columns A and D during phase-1 was APW with Fe?*
while that for E and F was APW with Fe?" and Si, respectively. Columns A and E were
analyzed after the phase-1, but columns D and F were analyzed after the completion of
phase-2. The dashed line represents the concentration of Fe in the initial sediment. Error bars
represent the range of values measured between duplicate columns............cceeevveeciieennnnn. 136
Figure 5.9. Concentrations of total Fe (a-c) and the Fe?* (d-f) in the sediments extracted with
1 M HCI solution. The inflow solutions for columns A and D during phase-1 was APW with
Fe?" while that for E and F was APW with Fe?" and Si, respectively. Columns A and E were
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initial sediment. Error bars represent the range of values measured between duplicate
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Figure 5.10. Cumulative release of Mn to the overlying waters during phase-1 and phase-2 as
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citrate (a-c) and 1 M HCI solution (d-f). The inflow solutions for columns A and D during
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G were continued in phase-2 and the inflow solutions were replaced with APW only. Error
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1. Error bars for columns A and E represent the range of minimum and maximum values
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Figure 5.14. Cumulative release of P to the overlying waters during phase-1 and phase-2 as a
function of time. The inflow solutions for the columns during phase-1 were (i) APW with
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Figure 5.15. Concentrations of P in the sediments extracted with buffered ascorbate-citrate
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Chapter 1

General Introduction

1.1 Environmental importance of phosphorus

Phosphorus (P) has been an essential element for all biological systems since the emergence
of life on early earth (Pasek, 2008; Series and Mar, 2007). It has few allotropes, among them
white and red P are the more abundant (Ashley et al., 2011). The element P is, however, very
reactive and therefore usually found in the environment as compounds and ions. Phosphorus
has historically been used for different purposes; from human welfare to destructive war
weapons since its discovery in the 17% century (Figure 1.1). Even though P is a compulsory
nutrient for plant growth, over the last few decades, it has received global attention as a
contributor to the increasing problem of harmful and nuisance algal blooms, the decay of which

results in the degradation of surface water quality.
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Figure 1.1. Historical uses of P and the associated concerns. Reproduced from Ashley et al.
(2011).

The systematic application of P fertilizer in agriculture started in the early-20" century
to meet the growing needs of world’s increasing population. Its extensive and increasing use
as a fertilizer combined with pesticides, herbicides and detergents started after the 2"¢ World
War (Ashley et al., 2011; Filippelli, 2008). In agricultural lands, large amounts of P are
removed with each food harvest. Therefore, if P is not replaced with fertilizer, the amount of
P in the soil will decrease over time, which results in the decrease of agricultural yields. To
ensure good agricultural yield, an excess amount of P fertilizer is often added because farmers
do not want to risk a loss of yield due to limiting P, and P fertilizers are cheap compared to the

value of the crop. This unconsumed P builds up in the soil and eventually finds its way into



aquatic systems, e.g., aquifers, rivers, lakes and coastal environments. The environmental and
ecological consequences of elevated levels of P in surface waters are generally known as
eutrophication (Carolina, 2002; Heisler et al., 2008; Paytan and Mclaughlin, 2007; Ruttenberg,
2003; Smith and Schindler, 2009; Tilman et al., 2001). The major physical and biogeochemical
processes of P cycling on land and in aquatic environments are discussed in the following

sections.

1.2 Inland phosphorus cycling

Phosphorus is present in very small amounts in most bedrocks, soils and sediments. It
contributes to only about ~0.1% of the weight of the earth’s crust, moreover only a very small
fraction of P is readily available for biological uptake (Filippelli, 2008; Paytan and Mclaughlin,
2007). In typical sedimentary rocks, P is usually associated with authigenic carbonate-
fluorapatite, and the concentration of P in most sedimentary rocks is similar to that of the
crustal average (Filippelli, 2008; Filippelli and Street, 2002; Ruttenberg, 2003). However, the
concentration of P in the earth’s crust is highly variable and some individual rocks and minerals
may contain P at concentrations of approximately 100 times the crustal average (Paytan and
Mclaughlin, 2007). There are approximately 300 known P bearing minerals (Paytan and
Mclaughlin, 2007), of which fluorapatite in igneous rocks exhibits the highest P content
(Filippelli and Street, 2002; Ruttenberg, 2003).

Weathering of P-minerals results in the release of soluble orthophosphate, which is
readily accessible by plants and microorganisms in soil, sediment, and water (Filippelli, 2008;
Filippelli and Street, 2002; Ruttenberg, 2003). The application of P fertilizer on agricultural
lands also increases soluble phosphate (aqueous speciation shown in section 1.5.3.2.2) in soil
which (i) can be attenuated by the soil reactive components, or (ii) may enter into the primary
producers, e.g., plants, for supporting photosynthesis, and later to the higher animals through
the food chain (Filippelli, 2008). The abiotic immobilization of phosphate in soil generally
takes place by adsorption, precipitation, and co-precipitation, with the majority of the
immobilization associated with particulate inorganic phosphorus (PIP) fractions (Filippelli,
2008; Ruttenberg, 2003). The PIP in soil includes P sorbed and co-precipitated to metal
(hydr)oxides, carbonate minerals, and clay minerals. Generally, soluble phosphate is the most

bioavailable, although low molecular weight organic-P compounds can also support primary



production in phosphate-limited conditions (Orihel et al., 2017; Paytan and Mclaughlin, 2007).
The uptake of phosphate by phytoplankton can be represented by the general chemical equation
(Paytan and Mclaughlin, 2007):
106 CO, + 16 HNO; + H3P0, + 122 H,0 + trace elements and vitamins
= C106H2630110N16P + 138 0,

Major building blocks in plants and animals, e.g., DNA, RNA, ATP, phosphoproteins,
and phospholipids contain P in their structures (Paytan and Mclaughlin, 2007; Ruttenberg,
2003). When plants and animals die, the dead biomass can release phosphate due to enzymatic
hydrolysis (Filippelli, 2008; Filippelli and Street, 2002; Ruttenberg, 2003). The unaltered
biomass gradually builds up in soil as particulate organic-P (POP) (Filippelli, 2008). In higher
animals, P is also present in teeth and bones which are relatively stable and insoluble under
normal conditions (Filippelli, 2008).

The particulate forms of P, inorganic and organic, are usually less bioavailable compared
to soluble phosphate, although PIP in soil can further release phosphate usually due to
microbial activity or by the influence of organic acids released by plant roots (Filippelli, 2008;
Filippelli and Street, 2002; Ruttenberg, 2003). In the upper soil, the uptake by plants and
attenuation by soil components limit P leaching into the groundwater. Soil P may also be
introduced into nearby streams and rivers, as a result of physical, chemical and biological
weathering, and eventually enters into the receiving water bodies, e.g., lakes and the ocean
(Domagalski and Johnson, 2012; Filippelli and Street, 2002; Paytan and Mclaughlin, 2007;
Ruttenberg, 2003).

1.3 Eutrophication: a surface water problem

Phosphorus is an essential nutrient for the growth of phytoplankton and is often limiting in
freshwater systems (Filippelli and Street, 2002; Schindler et al., 2008). Therefore, additions of
P to the aquatic environment can result in an accelerated algal growth in surface waters, such
as rivers and lakes. The degradation of algal biomass often depletes water quality in multiple
different ways. For example, degradation of dead algae consumes dissolved oxygen (DO) and
often causes water column hypoxia and anoxia. The depleted DO level results in unsuitable
living conditions for many aquatic life forms. Furthermore, some algae (commonly

cyanobacteria) also produce toxins in freshwater environments which are harmful and



poisonous to living organisms (Landsberg, 2002). In addition, the presence of algal cells
generally increases turbidity in water; this prevents sunlight penetration and ultimately affects
benthic photosynthesis (Smith et al., 1998). These environmental and ecological problems
associated with algal blooms are generally known as eutrophication.

Depending on the degree of biological production, surface waters are generally classified
as oligotrophic, mesotrophic, eutrophic, or hypereutrophic. The oligotrophic, mesotrophic, and
eutrophic systems have low, intermediate, and high levels of biological productivity,
respectively. The hypereutrophic systems, on the other hand, experience extremely high levels
of biological productions and are generally less common. Surface waters are also classified
based on various water quality parameters, e.g., the concentrations of P, N, chlorophyll-a,
turbidity etc. For example, average concentrations of total P <10, 10-30, 30-100, and >100
mg/L are often used to distinguish oligotrophic, mesotrophic, eutrophic, and hypertrophic
lakes, respectively (Smith et al., 1998). Figure 1.2 shows an algal bloom in the west pond of
Cootes Paradise in Hamilton Harbor, ON. Cootes Paradise has a history of receiving high P
loads from the combination of a nearby wastewater treatment plant’s effluent as well as urban

runoff (Parsons et al., 2017).

Figure 1.2. Cootes Paradise, a eutrophic water body connected to Hamilton Harbor, Hamilton,
ON. Picture courtesy of Chris Parsons.



The depleted water quality as a result of eutrophication causes millions to billions dollar
of economic losses annually in many countries (Eitzmann et al., 2009; Hudnell, 2010; IISD,
2017; Mason et al., 2003). For example, because of severe eutrophication in Lake Erie
(Canada-USA), the drinking water supply for the residents of Toledo in Ohio (USA) had to
shut down for a week in 2014 (Fitzsimmons, 2003). The degraded water as a result of
eutrophication is not suitable even for recreational purposes (Chislock et al., 2013). Therefore,
understanding the biogeochemical cycling of P in aquatic environments (discussed in section
1.4 to 1.5) is important to identify the potential causes of eutrophication and to develop

management strategies.

1.4 Phosphorus cycling in the water column

Both dissolved and particulate forms of P are transported by streams and rivers into lakes where
they undergo a number of biogeochemical transformations (Orihel et al., 2017; Zhang et al.,
2016) (Figure 1.3).Dissolved forms of P generally include inorganic ortho- and poly-
phosphate and low molecular weight organic-P compounds. The particulate forms of P in
surface waters are also characterized as both inorganic and organic. Inorganic forms of
particulate P (PIP) can be associated with metal (hydr)oxides (where the metal is most
commonly Fe or Al) as well as with calcium, for example in bio-minerals which form teeth
and bone. Organic forms of particulate P (POP) generally includes living or dead biomass. The
degradation of biomass and the mineralization of particulate and dissolved organic-P generate
phosphate in water which can either be removed by further phytoplankton uptake or as PIP
through adsorption, precipitation or co-precipitation. Both dissolved and particulate P may be
relocated from surface waters with the outflow or removed from the water column by
sedimentation and downward diffusion into the underlying bottom sediments followed by

adsorption and secondary mineralization below the water-sediment interface.
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Figure 1.3. Schematic illustrating the P cycling in water bodies including lakes. DP and PP
represent dissolved and particulate phosphate, respectively and can be organic and inorganic.
DIP and PIP represent dissolved (H2PO4/HPO4* or polyphosphate) and particulate inorganic
phosphate. DOP and POP represent dissolved and particulate organic-P forms, respectively.
The chemical, biological and physical processes involved in P cycling shown by the arrows
are listed in Table 1.1.

Table 1.1. Chemical, biological and physical processes shown in Figure 1.3 for cycling of P
in surface waters.

Processes Description Increase (+) and decrease (-) of
phosphate (H,PO4/HPO4>) in
overlying water
1 External input +
2 Removal with outflow -
3 Adsorption or co-precipitation -
4 Uptake for photosynthesis -
5 Adsorption or downward diffusion -
6,7,8 Decay or degradation, and mineralization +
9 Uptake for photosynthesis -
10, 11 Sedimentation -
12,13 Benthic efflux +
14 Burial into deeper sediment -
15 Bacterial uptake -
16 Interconversion between PIP and DIP +/-
17,18 Similar processes as shown for 6, 7, 8 +




1.5 Phosphorus cycling in aquatic sediments

1.5.1 Phosphorus pools

Phosphorus can accumulate in sediments in any aquatic environment with a history of external
P loadings (Matisoff et al., 2016; Orihel et al., 2017; Scavia et al., 2014). In the sediment, P
can be associated with PIP and POP where both can be buried into the deeper sediment or may
re-release phosphate into the sediment pore-water. The efflux of phosphate from sediment to

the overlying water is known as internal phosphate loading.

1.5.1.1 Particulate organic phosphorus

Particulate organic phosphorus (POP) in sediments is generally associated with living biomass
or with necromass, primarily originating via sedimentation from primary production or higher
organisms, though it can also be supplied from the catchment area (Reitzel et al., 2007). The
sediment biota is also included in the POP pool because they consume dissolved phosphate
from sediment pore-water (Orihel et al., 2017). There are several classes of organic-P
compounds that are commonly found in aquatic environments including nucleic acids,
phospholipids, phosphoproteins, inositol phosphate, and phosphonates etc. (Baldwin, 2013).
Some low molecular weight organic-P compounds can also sorb to the surfaces or form
structural parts of metal (hydr)oxides or carbonate minerals (Lii et al., 2017; Ruttenberg and
Sulak, 2011; Wang et al., 2016). The organic-P in sediments represents on average about 40%
(by weight) of total sediment-P (Giles et al., 2015; Zhu et al., 2013).

1.5.1.2 Particulate inorganic phosphorus

Particulate inorganic phosphorus (PIP) in sediments can be associated with the surfaces of
metal (hydr)oxides, clay and carbonate minerals, incorporated in the structures of these
minerals, or precipitated with metal cations such as Ca, Fe, Mn, and Al (Christophoridis and
Fytianos, 2006; Orihel et al., 2017; Oxmann and Schwendenmann, 2015; Sendergaard et al.,
2003). The anion adsorption capacities of different sediment minerals vary depending on
factors such as surface charge, surface area, surface site densities, temperature, concentrations
and speciation of anions, etc. Therefore, phosphate released from one mineral can be
redistributed to other mineral surfaces in sediments with many different types of minerals. The

surface binding groups of metal (hydr)oxides and silicates are generally dominated by



hydroxyl groups which undergo acid-base reactions, forming S-OH", S-OH, and SO
depending on pH, where S generally denotes Fe, Al, Mn, or Si (Langmuir, 1997a). The
distribution of surface groups (S-OH>", S-OH, and SO") depends on pH, and the point of zero
net proton charge (PZNPC) of the solid (Langmuir, 1997a). The term PZNPC represents a pH
at which the net charge on a surface is zero. However, other cations or anions together with H*
and OH can contribute to the mineral surface charge and therefore, the pH referring to the zero
surface charge is represented as the point of zero charge (PZC). Table 1.2 shows the PZNPC,
surface area and site densities of some minerals commonly found in sediments. The potential

pools of PIP in sediments are discussed below separately.

Table 1.2. Surface area (SA), point of zero net proton charge (PZNPC) and site densities of
some common minerals. All the data were taken from Langmuir (1997a) except when
mentioned with a superscript which were taken from Kosmulski (2006).

Minerals PZNPC SA (m?/g) Site density (sites/nm?)
Goethite 421t06.9,7.7t0 9.32 45 to 169 2.6t018
Hematite 5.9106.7,5.5t0 10° 47 5to022
Ferrihydrite 8.5t08.8 250 to 600 20
Gibbsite 10, 6.4 to0 9.5* 120 2to 12
Al(OH)3 (amorphous) 7to11.5% 175 -
MnOy (general) 1.5t07.3 180-290 18
Kaolinite 21t04.6 10 to 38 1.3t03.4
Mlite 65 to 100 041t05.6
Silica (amorphous) 1to03,2.1t03.34° 5310292 4.5t012
Quartz 0.14 42t011.4
Calcite 8.5,8.10 0.22% 0.6t04

Ferric oxides and hydroxides: Ferric iron (hydr)oxides have long been implicated as a
controlling factor in the mobilization of phosphate in many aquatic sediments (Kosmulski,
2006). The role of ferric (hydr)oxides in phosphate mobilization at the sediment-water
interface is important for several reasons: (i) these minerals have high natural abundances and
very high surface areas (Jambor and Dutrizac, 1998; Liu et al., 2014), (ii) they are redox
sensitive (Christophoridis and Fytianos, 2006; Melton et al., 2014; Sendergaard et al., 2003;
Weber et al., 2006), (iii) the surface charge of ferric (hydr)oxides is most responsive at near
neutral pH, (iv) phosphate adsorption on these minerals is highly pH dependent (Geelhoed et
al., 1997; Mayer and Jarrell, 2000; Nowack and Stone, 1999), and (v) ferric (hydr)oxides can
transport P in colloidal form (Baken et al., 2016a, 2016b; Hartland et al., 2015).



Aluminum oxides/hydroxides: Aluminum (Al) is the most abundant element in the earth’s
crust (~8%, by weight) after silicon and oxygen. Al-(hydr)oxides in sediments are generally
stable under dynamic redox conditions across the range of pH (pH 5 to 9) found most
commonly in natural waters. The adsorption of phosphate on Al-(hydr)oxides generally takes
place with the exchange of surface ~OH or -OH»" group (Géchter and Miiller, 2003; Gérard,
2016). The phosphate adsorption capacities of Al-(hydr)oxides are often comparable to those
of Fe-(hydr)oxides because of their similarities in PZC and surface areas (Borggaard et al.,

2005; Danen-louwerse et al., 1993; Gérard, 2016).

Carbonate minerals: In carbonate minerals, e.g., calcite, the surface sites are assumed to
derive from >Ca-OH and >CO3zH (Van Cappellen et al., 1993). The adsorption site densities
on the surface of carbonate minerals are comparable to ferric (hydr)oxides (Antelo et al., 2010,
2005; Atouei et al., 2016; Geelhoed et al., 1997; Van Cappellen et al., 1993), although the
specific surface areas of pure carbonate minerals are typically much lower, 0.6 to 4 m%/ g
(Pokrovsky et al., 1998; Wang and Tzou, 1995), compared to metal (hydr)oxides (Table 1.2).
Therefore, the maximum phosphate adsorption capacity of carbonate minerals is significantly
lower, about a hundred to a thousand times smaller than pure ferric (hydr)oxides (Hamad et

al., 1992; Van Cappellen et al., 1993).

Calcium phosphates: In sediments, Ca-phosphate phases commonly occur as carbonate
fluorapatite (CFA) impurities within CaCO3 rather than as individual minerals (Orihel et al.,
2017). In carbonate minerals, the conversion of adsorbed phosphate or its direct precipitation
with Ca?>" promotes the formation of various Ca-phosphate phases (Oxmann and
Schwendenmann, 2015). For example, adsorbed phosphate on calcite results in the initial
formation of dicalcium-phosphate (DCP) which slowly converts to octacalcium-phosphate
(OCP) (Freeman and Rowell, 1981). The adsorbed or precipitated phosphate on/in carbonate
minerals may partially diffuse into the interior structure (Avnimelech, 1983). The formation
and dissolution of individual Ca-phosphate phases, or P in association with calcium carbonate
minerals are sensitive to pH (Orihel et al., 2017). Alkaline pH generally favors the formation
of Ca-phosphate phases whereas acidic conditions (below ~4) promote their dissolution

(Oxmann and Schwendenmann, 2015; Van Cappellen et al., 1993). Generally Ca-phosphate



phases with lower solid phase Ca:P ratios are more water soluble than those with higher Ca:P
ratios (Dorozhkin, 2016). For example, the solubility constant (logKs,) of DCP with a Ca:P
ratio of 1.0 is much higher than that of OCP with a Ca:P ratio of 1.3, with logKy, values of -
6.5 and -96.6 at 25 °C, respectively (Dorozhkin, 2016). The burial of apatite phases, which
progressively achieve a more stable structure over time, represents the endpoint of early

diagenesis for phosphate and calcium in a similar manner to phosphate and Fe in vivianite.

Clay minerals: Clay minerals are also important as a potential pool of phosphate (Gérard,
2016; Norton and Amirbahman, 2005). The phosphate adsorption capacities of clay minerals
have been found to vary largely depending on the mineral type (Gérard, 2016). The presence
of Fe and Al in clay minerals can significantly increase phosphate adsorption, even higher than
typical Fe/Al-(hydr)oxides (Gérard, 2016). Clay minerals, in general, have relatively lower
PZC compared to other minerals, e.g., metal (hydr)oxides in soil/sediment (Table 1.2). The
maximum phosphate adsorption on clay minerals generally takes place between pH 4 to 7
which is overall controlled by the binding sites provided by Fe and Al (Gérard, 2016), mostly
along the clay edges (Pissarides et al., 1968). Yet, the phosphate binding capacity of clay
minerals may be decreased significantly under neutral to slightly alkaline conditions (Gérard,

2016).

1.5.2 Geochemistry of phosphorus in aquatic sediments

The cycling of P in sediments and the diffusion of P from sediment to the overlying water
largely depends on the depth of oxygen penetration into the sediment. The downward diffusion
of oxygen from oxic bottom water in combination with photosynthetic activities by autotrophic
benthic diatoms and other algae primarily control DO levels at the sediment-water interface
(SWI) (Santschi et al., 1990). Oxygen influx into the sediment generally takes place by simple
molecular diffusion or by physical activities such as tidal/wave action or bioturbation (Precht
et al., 2004; Santschi et al., 1990). Sediment texture and grain size are also important in
determining sediment hydraulic properties and hence, the depth of DO penetration (Silburn et
al., 2017). The aerobic respiration of labile organic matter further controls DO penetration in
sediment (Silburn et al., 2017), although the DO in sediment is also consumed in the oxidation

of reduced species, e.g., NH3, Mn?", Fe?", H,S, and CHa, via biotic and abiotic processes
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(Santschi et al., 1990). Therefore, the depth of oxygen penetration in sediments is usually
limited to a few millimeters, or even less in mesotrophic and eutrophic conditions (Holmer and
Storkholm, 2001; Silburn et al., 2017). In sediments, redox potential also decreases along the
downward oxic to anoxic gradient. The pore-water pH, on the other hand, changes with

complex oscillation pattern in different biogeochemical redox zones (Figure 1.4).

Chemical Zone Overlying Bottom Water
Oxic o _— Carbonate
Oxic Mineralisation| — : ;
< Dissolution)
Oxic re-oxidation (NH* _#
Fe?t Mnt 5%) 7 4
-
g
(Suboxic) P
Nitrogeonus | | Denitrification (pH dependent)

————

Manganous N Mn Oxide Reducticr;

Increasing Depth

,

\x Fe Oxide Reduction

-
-

Ferruginous

{

D &
{Anoxic) / Sulphate Reduction
Sufidic 2 i dsmwien)

—

Increasing pH

Figure 1.4. The change of pH and associated biogeochemical processes along the sediment.
The green and orange lines represent pH depth profiles measured from two locations of the
Central North Sea. The arrows show the influence of major biogeochemical processes on pore-
water pH. Reproduced from Silburn et al. (2017).

In sediments, oxidative degradation of organic matter generates carbon dioxide (CO>)
which may form bicarbonate or carbonate depending on the pH. The generated soluble CO»
can produce acidity if not buffered by sediment pore-water. In addition, the oxidation of some
reduced species, e.g., Mn>" and Fe?", during their upward diffusion from the deeper sediment,
lowers pH near the oxygen penetration depth (Silburn et al., 2017). The degradation of organic

matter in sediment is also enhanced with the increased activity of phenoloxidase enzymes or
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by Fenton’s reaction in the presence of Fe?" ions (Hall and Silver, 2013; Van Bodegom et al.,
2005). The re-oxidation of Mn?" and Fe*" near the oxic-anoxic boundary (i) by molecular
oxygen, or (ii) by NO3™ or chlorate (ClO4") catalyzed by microorganisms can result in the
further formation of Fe/Mn-(hydr)oxides (Weber et al., 2006). The formation of Fe/Mn-
(hydr)oxides in sediment result in immobilization of phosphate through adsorption and co-
precipitation.

In going deeper in the sediment profile, the release of phosphate can take place by
concurrent mineral dissolution of and desorption from metal (hydr)oxides (Christophoridis and
Fytianos, 2006; Géichter and Miiller, 2003; Orihel et al., 2017; Sendergaard et al., 2003).
Nitrate (NO3”) when present at high concentrations, can delay, or prevent the reductive
dissolution of Fe/Mn-(hydr)oxides in sediment because NOj" is reduced before Fe*" and Mn**
(Orihel et al., 2017; Parsons et al., 2017; Smolders et al., 2006). The reductively dissolved
phosphate from Fe/Mn-(hydr)oxides can be redistributed onto the Al-(hydr)oxides and
carbonate minerals or as precipitates of reduced iron, e.g., vivianite (Fe3(PO4)2.8H20) (Connell
et al., 2015; Géchter and Miiller, 2003; Orihel et al., 2017; Rothe et al., 2014). Authigenic
precipitation of phosphate as reddingite (Mn3(POs)2-3H20) is also thermodynamically possible
under anoxic conditions, with slightly lower solubility than vivianite (Connell et al., 2015).
However, reddingite has received less attention most likely due to lower natural abundance of
Mn relative to Fe, and insufficient evidence necessary for its phase identification in freshwater
sediments (Orihel et al., 2017).

In sulfidic sediment, H»S produced from SO4? reduction precipitates with Fe** as FeS
that may convert to FeS> during further diagenesis. This is the terminal sink of Fe in sulfidic
sediment making dissolved phosphate more available (Gachter and Miiller, 2003; Orihel et al.,
2017). MnS, however, is not commonly the terminal sink for Mn?* as the adsorption of Mn?*
on the surface of FeS is more favorable than the precipitation of MnS (Arakaki and Morse,
1993). Increased concentrations of H2S can also enhance vivianite dissolution, forming FeS
and releasing phosphate to the pore-water (Gachter and Miiller, 2003). Therefore, permanent
burial of phosphate can be decreased or prevented in sulfidic sediment and depends on the

relative concentrations of Fe>*, S*-

and phosphate.
In addition, aqueous Fe?" and Mn?*, produced by reductive dissolution, can be

immobilized as siderite (FeCOs3) (Géchter and Miiller, 2003) and rhodochrosite (MnCO3)

12



(Parkhurst and Appelo, 2013), respectively, with comparable formation and solubility
constants (Bottcher, 1998). The solubility of siderite is higher than that of vivianite with logK
values -10.9 and -36.0, respectively (Gachter and Miiller, 2003; Parkhurst and Appelo, 2013).
Therefore, the preferential dissolution of FeCOs supplies Fe*" for FeS formation buffering
phosphate release from vivianite dissolution (Gachter and Miiller, 2003). The permanent burial
of phosphate in anoxic sediment is generally associated with vivianite and Ca-phosphate
phases (Nriagu and Dell, 1974).

The role of aqueous silicate in the stability of phosphate minerals in anoxic sediment is
not well documented. Under anoxic conditions, with high concentrations of silicate, the
formation of Fe;SiOs is theoretically possible but may be unimportant in the environment
because its formation would require extremely low sulphide, and HCO; or COs*
concentrations (Curtis and Spears, 1968). The presence of aqueous silicate during the
precipitation of Fe(OH)s(s) can result in the formation of silica-ferrihydrite type materials
(Cismasu et al., 2014; Dyer et al., 2010; Karim, 1984; O’Melia and Stumm, 1967; Senn et al.,
2015). Laboratory experiments have shown that increased silicate concentrations inhibit the
re-solubilization and recrystallization of initially formed phases such as Ca-Fe-P during the
oxidative precipitation of Fe?" in the presence of phosphate and Ca** ions (Senn et al., 2015).
The authors using data obtained from X-ray absorption spectroscopy and transmission electron
microscopy, proposed that the surface of Ca-Fe-P precipitates is stabilized by a thin layer of
silica-ferrihydrite. The influence of aqueous silicate on a) the removal of phosphate from
solution by co-precipitation with metal (hydr)oxides, and b) phosphate release by mineral
dissolution is still not well understood. These effects are discussed in more detail in sections

1.5.3.2 and 1.5.3.3.

1.5.3 Re-mobilization of phosphate from sediment

The remobilization of phosphate from sediments generally can take place by (i) degradation
and mineralization of organic-P compounds, (ii) the desorption of sorbed phosphate from
mineral surfaces, and (iii) the dissolution of phosphate containing Fe/Mn-(hydr)oxides. The
phosphate released into the aqueous phase within sediment can enter into the overlying surface
water by upward diffusion plus bio-irrigation. The efflux of aqueous phosphate from bottom

sediments is known as internal phosphate loading (Orihel et al., 2017). Internal phosphate
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loadings are often comparable to external loads in aquatic environments with a history of high
P inputs from point and non-point sources (Matisoff et al., 2017, 2016; Niirnberg and Lazerte,
2016; Orihel et al., 2017; Paytan et al., 2017). The internal phosphate loads when combined
with external loads may trigger algal blooms in surface waters (Matisoff et al., 2016; Parsons
et al., 2017). The sections below discuss the mechanism for the release of phosphate at the

sediment-water interface.

1.5.3.1 Phosphate release from particulate organic compounds

In addition to phosphate mobilization from mineral sources, degradation and mineralization of
POP compounds release phosphate from many lake sediments (Giles et al., 2015; Joshi et al.,
2015; Shinohara et al., 2017). Particulate organic-P (POP) or its degradation product (e.g.,
DOP) mineralize to dissolved phosphate by enzymatic hydrolysis or photolysis (Baldwin,
2013; Liu et al.,, 2017; Orihel et al., 2017; Wang et al., 2016). Extracellular alkaline
phosphatase or phytase enzymes are usually responsible for enzymatic hydrolysis reactions
(Baldwin, 2013; Orihel et al., 2017; Ruttenberg and Dyhrman, 2012; Wang et al., 2016). The
phosphatase enzyme can hydrolyze nucleic acids, e.g., DNA, RNA, and nucleotides, e.g., ATP.
The phytase enzyme is more sensitive to inositol phosphates but it can hydrolyze other organic-
P compounds (Baldwin, 2013). The enzymatic hydrolysis of organic-P compounds may occur
directly (Baldwin, 2013; Orihel et al., 2017; Ruttenberg and Dyhrman, 2012), or can be surface
catalyzed (Baldwin, 2013; Orihel et al., 2017). Similar to enzymatic hydrolysis, photolytic
mineralization of organic compounds may occur with or without mineral surface catalysis
(Baldwin, 2013). Furthermore, organic-P can also be mineralized during the heterotrophic
respiration in some organisms. The oxidation of P containing reduced organic compounds
during the reduction of Fe/Mn-(hydr)oxides may also result in the release of phosphate to

water.

1.5.3.2 Desorption of phosphate

1.5.3.2.1 Mechanism

The adsorption of phosphate on a metal (hydr)oxide is controlled by multiple mechanisms:
electrostatic attraction and repulsion, ligand exchange and Lewis acid-base reaction (Li et al.,

2016). At pH values below the PZC of an adsorbent, e.g., ferric (hydr)oxides, strong
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electrostatic attraction between deprotonated phosphate (H2PO4/HPO4>") and the positively
charged surface results in phosphate adsorption via the exchange of surface hydroxyl groups
(e.g.,—OH or —OH>") with the aqueous phosphate (e.g., ligand exchange process) (Figure 1.5).
However, at pH values above the PZC, the increasingly negative surface charge results in
unfavorable conditions for the adsorption of deprotonated and negatively charged phosphate,
e.g., HPO4>or PO4*". Phosphate adsorption under these latter conditions generally occurs with
the formation of a covalent bond directly to the metal ion (i.e., via the Lewis acid-base
reaction), leading to the formation of a mono-dentate surface complex, particularly on ferric
(hydr)oxides. This mono-dentate surface complex may also convert to a bi-dentate complex
with the exchange of a surface hydroxyl group (i.e., ligand exchange process) (Li et al., 2016).
The activity of other anions (sulphate, bicarbonate, silicate, hydroxyl ions) in the aqueous

phase may decrease the phosphate adsorption, but this effect is highly pH dependent.
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Figure 1.5. Schematic illustration showing the effects of pH on the adsorption and desorption
mechanisms of phosphate (e.g., H2POs/H,PO4*/PO4*) on/from ferric (hydr)oxides.
Reproduced from Li et al. (2016) with slight modification to highlight the role of OH ions in
phosphate desorption.

Similar to phosphate adsorption, desorption of phosphate from a mineral surface also

depends on phosphate aqueous speciation, the mineral’s PZC and the activity of anions
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competing for surface adsorption sites. Generally, desorption of phosphate from metal
(hydr)oxides is favored at pH values higher than the PZC of the adsorbents. Under alkaline
conditions, the hydroxyl ions (OH") are likely to induce phosphate desorption by displacing
the adsorbed phosphate from the metal (hydr)oxide surface (Figure 1.5).

The PZC is an intrinsic property of a solid and is different from one mineral to another,
even between the different ferric (hydr)oxides (Table 1.2). Within the most common pH range
in sediment (5-9), phosphate released from one mineral may persist in the aqueous phase or be
attached onto other surfaces (Oxmann and Schwendenmann, 2015; Parsons et al., 2017). The
presence and activity of some cationic and anionic species also influence the degree of
phosphate adsorption/desorption. For example, Ca®", Mg?*, and Fe?' can increase the
phosphate binding with ferric (hydr)oxides minerals by co-adsorption (Atouei et al., 2016;
Hinkle et al., 2015; Ler and Stanforth, 2003; Rietra et al., 2001). Common anionic species,
such as arsenate, bicarbonate, sulfate, and silicate on the other hand can compete with
phosphate for surface binding sites and therefore enhance P release.

To better understand the competitive interactions between phosphate and other anions
for the surface binding sites on minerals, the adsorption pH envelopes for the individual anions
provide useful information. The approximate shapes for adsorption envelopes for phosphate,
bicarbonate, sulfate, and silicate on ferric (hydr)oxides are shown in Figure 1.6. The possible
roles and the importance of some naturally occurring anions as a competitor to phosphate for

their adsorption onto the surface of ferric (hydr)oxides are discussed below.
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Figure 1.6. The adsorption pH envelope shapes (approximate) for phosphate, bicarbonate,
sulfate and silicate on ferric (hydr)oxides. The adsorption pH envelope shape for phosphate
and sulfate were re-drawn from Geelhoed et al. (1997), and that for bicarbonate and silicate
were redrawn from Rahnemaie et al. (2007a) and Hiemstra et al. (2007), respectively.

1.5.3.2.2 Roles of naturally occurring anions

Although this thesis deals primarily with reactions occurring between mineral surfaces and
pore-water within surficial sediments, a large database of pore-water chemistry within surficial
sediments is not available. In lieu of shallow pore-water chemistry data, concentrations of
phosphate and other major anions, plus pH were extracted from the National Water Information
System (NWIS) database (NWIS, 2017) for surface water i.e., streams, rivers, and standing
water bodies including lakes, impoundments, and reservoirs.

The data were extracted for the years between 2010 and 2016 and cover the mainland
continental USA, as well as Hawaii and Puerto Rico. These data sets include only analyses on
filtered samples, except pH data available for unfiltered water samples. The extracted data
were sorted using the Ablebits tool in Microsoft Excel. Figure 1.7 shows the concentrations of
major anions in the overlying water of standing water bodies (lakes, impoundments and
reservoirs) hence providing an indication of the relative importance of each anion as an

adsorptive competitor to phosphate at the sediment water interface.
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Table 1.3. Average pH and average concentration of dissolved anions in various aquatic
environments; groundwater, streams, and standing water bodies, e.g., lakes, impoundments
and reservoirs, according to the NWIS database (2010-2016). Except pH, anion concentrations
were obtained on filtered samples. The numbers in the 2" column represent the USGS
parameter code used to extract the data. The number in brackets represents the number of data

points (N) and the “+” sign denotes standard deviation between the values.

Parameter USGS Groundwater Stream Standing water
Parameter code mM (N) mM (N) mM (N)
pH 00400, 00403 7.3+£0.7 7.8£0.6 (11881) 8.0+£0.6
(2011) (1530)
Phosphate 00660 3.11x10+£8.85x1073 3.12x10+£8.85%1073 3.16x103+£8.5x1073
(2011) (11881) (1527)
Arsenic (total) 01000 9.24x107+6.59%x10* 5.05x10°+4.73x10* 9.79x104+4.63x1073
(2577) (16799) (749)
Bicarbonate 00453 5.04£7.51 2.69+2.31 2.65+6.52
(1700) (14119) (1736)
Nitrate 71851 0.32+1.15 1.01x10°'+1.83%10"! 2.22x102+4.43x1072
(12080) (40614) (3216)
Sulfate 00945 1.98+11.27 1.56+4.12 2.15+12.10
(5020) (41001) (3726)
Silicate 00955 3.96x10'+2.23x10"! 1.85%10'+1.26x10"! 1.46x10'£1.17x10"!
(2011) (11881) (1527)
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Figure 1.7. Concentrations of various dissolved anions in standing water bodies, e.g., lakes
and impoundments, and reservoirs according to the NWIS (2015). The number on each box
represents the number of data points, which are extracted from all water depths available in the
database. The lower and upper boundary of each box represents 25" and 75" percentile,
respectively, and the line within the box shows median value. The whiskers are drawn down
to the 10" percentile and up to the 90",
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Arsenic: Among the anionic species, arsenic in the form of arsenate (H2AsOs/HAsO4%) is
structurally similar to phosphate (H,PO4/HPO4*) and has very similar proton dissociation
constants (Gao and Mucci, 2003). There are some laboratory studies where arsenate is shown
to desorb phosphate sorbed to ferric (hydr)oxides (Hongshao and Stanforth, 2001; Neupane et
al., 2014; Puccia et al., 2009). The reported binding strength of arsenate with ferric
(hydr)oxides is comparable to that of phosphate, but this value is slightly higher for arsenate
(Neupane et al., 2014). Yet, the concentration of arsenic in majority of surface waters is much
lower than phosphate (Table 1.3 and Figure 1.7). Therefore, although arsenate can act as a
strong competitive ion to phosphate, except unexceptional cases, it’s role may be of minor
importance in phosphate mobility due to its relatively low concentrations compared to

phosphate.

Bicarbonate: In natural waters, bicarbonate (HCO3") is the dominant form of inorganic
carbon in the natural pH range (pH 5 to 9) (Orihel et al., 2017). In water, HCO3" is generally
produced due to solubilization of CO; or dissolution of carbonate minerals such as calcite,
aragonite or dolomite (Langmuir, 1997b). The concentration of HCO3 in standing water bodies
is influenced by the riverine and groundwater inputs. In addition, photosynthesis and
respiration control the concentration of HCO3™ in open water bodies (Verspagen et al., 2014).
For example, dissolved CO, and HCOs; are consumed by primary producers during
photosynthesis, causing the decrease of HCO3™ in the photic zone. The dissolved CO> and
HCOs™ are also generated as the by-products of respiration of organic matter (Verspagen et al.,
2014).

Bicarbonate has been reported to form inner-sphere complexes on ferric (hydr)oxides
with no, or minor contribution from outer-sphere complexes (Rahnemaie et al., 2007a). The
adsorption of HCO3™ on goethite increases with increasing pH from an acidic to near neutral
pH, while further increases of pH cause a decrease in HCO3™ adsorption (Figure 1.6) (Hiemstra
et al., 2007). Though HCO3™ forms much weaker surface complexes with goethite compared
to phosphate, it is typically present in natural waters at higher concentrations than phosphate
(Figure 1.7). Furthermore, the concentrations of phosphate and bicarbonate in natural waters
generally change in the same direction (Smolders et al., 2006). The latter authors propose that

HCOs" can increase phosphate concentration in water due to their direct competition for the
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mineral binding sites. Alternatively, HCO3™ can indirectly influence phosphate release by
neutralizing acids, which generally inhibit the decay of organic matter and hence, the organic
P compounds. In another study, HCO3™ has been shown to decrease phosphate adsorption on
goethite and akaganeite but the effect is limited to acidic conditions (Chitrakar et al., 2006).
The NWIS (2010-2016) data also show that higher concentrations of HCO3™ are generally
associated with alkaline pH (Figure 1.8) where the affinity of HCO3 to ferric (hydr)oxides is
minor (Chitrakar et al., 2006; Hiemstra et al., 2007). Therefore, HCO3" is unlikely to exert a

large influence on adsorption or desorption of phosphate in most aquatic environments.
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Figure 1.8. The relation between bicarbonate concentration and pH in open water bodies,
lakes, impoundments and reservoirs, according to the NWIS data (2010-2016, N=1735). The
concentrations of bicarbonate and pH were extracted for common sampling stations and dates
of sampling from all water depths available in the database. The dashed line represents the
linear regression fit between the concentrations of bicarbonate and pH. The dotted circles on
the figure show the possible effect of HCO3; on the mobility of phosphate from their
interactions with ferric (hydr)oxides, according to the bicarbonate adsorption isotherm on
ferric (hydr)oxides shown in Figure 1.6.

Nitrate: The concentrations of nitrate (NO3") in open water bodies are generally not as high
as other anions, e.g., HCO53", SO4* or silicate (Figure 1.7). In addition, NO3™ as a monovalent

anion has a much weaker affinity for ferric (hydr)oxide surfaces compared to phosphate. The
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reported affinity constant for NO3™ for the ferric (hydr)oxides is also weaker than for other
anions such as HCOs™ and SO4* (Rahnemaie et al., 2007a). According to the NWIS (2010-
2016) data, higher concentrations of phosphate are generally associated with lower
concentrations of NOs™ in standing water bodies, with no significant correlation (r’= <<0.01
and p value = 0.97) (Figure 1.9). Furthermore, the average concentrations of SO4>" and HCO5"
in surface waters of lakes are generally much higher than that of NO3™ (Figure 1.7, Table 1.3).
Therefore, NO3™ likely has a negligible effect on the adsorption or desorption phosphate

on/from metal (hydr)oxides in the majority of lakes.
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Figure 1.9. The relation between the concentration of phosphate and nitrate in standing water
bodies, e.g., lakes, impoundments and reservoirs, according to the NWIS database (2010-2016,
N=1815). The concentrations of phosphate and nitrate were extracted for common sampling
stations and dates of sampling from all water depths available in the database. The dashed line
represents the linear regression fit between the concentrations of phosphate and nitrate.

In sediments, NOs™ is generally reduced before Mn*" or Fe** reduction starts (Orihel et
al., 2017; Parsons et al., 2017; Smolders et al., 2006). Therefore, the role that nitrate plays as
an electron acceptor, preventing or delaying the reductive dissolution of iron, is of greater
importance compared to its role as a competitive ion for adsorption sites when considering

phosphate mobilization from sediment. However, high NO3™ availability in sediment may also
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increase phosphate release by enhancing the mineralization of organic-P (Schauser et al.,

2006).

Sulfate: The average concentration of SO4* (2.15£12.10 mM, N=3726) in standing waters is
orders of magnitude higher than phosphate (3.16x1073+8.50x10 mM, N=1527) according to
NWIS data (2010-2016). Furthermore, the concentrations of phosphate and sulfate in standing
waters are positively correlated, although this relationship is not strong (1> = 0.01 and p value
=<0.05) (Figure 1.10). Sulfate is known to form both outer- and inner-sphere complexes with
ferric (hydr)oxides, where inner sphere complexes are favored at acidic pH (Peak et al., 1999).
The affinity constants for the adsorption of SO4> on goethite are lower than those of phosphate.
Although SO4> has low affinity for ferric (hydr)oxides, it can decrease phosphate adsorption
or increase desorption at higher concentrations and under acidic conditions, similar to HCO3".
At alkaline pH, the influence of SO4>" becomes minor for phosphate desorption from ferric

(hydr)oxides (Geelhoed et al., 1997).
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Figure 1.10. The relation between the concentrations of phosphate and sulfate in standing
water bodies, e.g., lakes, impoundments and reservoirs, according to the NWIS database
(2010-2016,N=1763). The concentrations of phosphate and sulfate were extracted for common
sampling stations and dates of sampling from all water depths available in the database. The
dashed line represents the linear regression fit between the concentrations of phosphate and
sulfate.
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Silicate: Dissolved silicate occurs ubiquitously in natural waters in the form of silicic acid
(H4S104), which forms due to dissolution of diatom frustules, plant phytoliths, and detrital
silicate minerals (Iler, 1979; Struyf et al., 2009). The average concentration of silicic acid
(hereafter, simply silicate) in water decreases in the order: groundwater>streams/rivers>lakes,
ponds and reservoirs (Table 1.3). The relatively low silicate concentration in standing water
bodies compared to groundwater and river water is indicative of biological uptake by
macrophytes and siliceous algae such as diatoms, and subsequent burial into sediment
(Maavara et al., 2015).

According to the NWIS (2010-2016) data, the average concentration of silicate in
standing water bodies is significantly higher than that of phosphate. In addition, phosphate and
silicate concentrations show a positive correlation (r* = 0.17 and p value = <0.05) (Figure 1.11).
Because pH in lakes is often slightly alkaline in general (Table 1.3), high concentrations of
aqueous silicate may potentially affect phosphate mobilization under alkaline conditions due

to their competitive interactions with mineral surfaces.
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Figure 1.11. The relation between the concentrations of phosphate and silicate in standing
water bodies, i.e., lakes, impoundments and reservoirs, according to the NWIS database (2010-
2016, N=1527). The concentrations of phosphate and silicate were extracted from common
sampling stations and dates of sampling from all water depths available in the database. The
dashed line represents the linear regression fit between the concentrations of phosphate and
silicate.
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Silicate forms both monomeric and polymeric surface complexes with ferric
(hydr)oxides depending on its concentration and the solution pH (Christl et al., 2012;
Kanematsu and Waychunas, 2018; Swedlund et al., 2011, 2010a; Swedlund and Webster,
1999). However, the shape of the silicate adsorption pH envelope on ferric iron (hydr)oxides
is different than that of phosphate (Figure 1.6). This difference in adsorption pH envelope
results from the aqueous speciation of silicate and phosphate as the adsorbing surface of ferric
(hydr)oxides is the same for both.

Silicate in an aqueous solution at pH below 8 remains mostly in the fully protonated form
(H4S104) and gets deprotonated as the pH increases (Figure 1.12). Therefore, the adsorption of
silicate on ferric (hydr)oxides generally increases with increasing pH, and peaks at around pH
10 depending on the PZC of the solid (Christl et al., 2012; Hiemstra et al., 2007; Jordan et al.,
2007). Phosphate with multiple protonation states exists as a deprotonated anion (e.g., H2PO4
) even under strongly acidic conditions (e.g., around pH 3). Maximum phosphate adsorption,
does therefore, takes place under acidic conditions at around pH ~3 to 4 and decreases
continuously with increasing negative charge on the surface, which results from increasing pH

(Antelo et al., 2005; Geelhoed et al., 1997).
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Figure 1.12. Speciation of (a) phosphoric acid (H3PO4) and (b) silicic acid (H4SiO4) as a
function of pH. The speciation diagrams were made for 50 uM solution of phosphate and
silicate at 25°C and /=10 mM NaCl, using PHREEQC 3 and the phreeqc.dat database
(Parkhurst and Appelo, 2013).
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The number of published papers on the role of soluble silicate on phosphate mobilization
is limited. The majority of published studies have attempted to address the effect of silicate on
the release of phosphate from natural sediment (Koski-V&hild et al., 2001; Koszelnik and
Tomaszek, 2008; Tallberg et al., 2008; Tuominen et al., 1998) as well as from soil (Schaller et
al.,, 2019). Experiments with natural sediments and soils more closely resemble natural
conditions, but they are also inherently complex. Therefore, an understanding of the molecular

mechanisms through which silicate influences phosphate release is lacking.

1.5.3.3 Dissolution of phosphate bearing minerals

Dissolution of phosphate containing minerals can generate pore-water phosphate. Phosphate
bearing minerals can dissolve according to three different mechanisms: proton promoted
dissolution, ligand promoted dissolution and reductive dissolution. The release of phosphate
as a result of proton promoted dissolution of carbonate and apatite minerals generally occurs
under acidic conditions below pH 4 (Huang et al., 2005; Jin et al., 2006). The proton-promoted
dissolution of metal (hydr)oxides, on the other hand, is favored under strongly acidic
conditions (pH <3) (Cornell and Schwertmann, 2003), and this mechanism is unimportant for
the majority of aquatic environments as the natural pH range is usually between 5 and 9 (Orihel
etal., 2017).

Organic chelating agents and high concentrations of anionic species can also promote
the dissolution of metal cations, including iron, from (hydr)oxides (Cornell and Schwertmann,
2003; Kraemer, 2004; Reichard et al., 2007) and hence, increase the release of structurally
bound phosphate. Figure 1.13 shows the dissimilatory reduction of ferric (hydr)oxides and
chemical oxidation of Fe?" in sediments. In bottom sediments, hypoxic or anoxic conditions
with decreased redox potential favor microbial reduction of Fe/Mn-(hydr)oxides, where
organic carbon generally acts as electron donor (Lovley, 2004). Abiotic reductive dissolution

of those minerals is also possible by H>S under sulfidic condition (Mortimer et al., 2011).
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Figure 1.13. Biotic reductive dissolution of ferric (hydr)oxide and abiotic re-oxidation of
reduced Fe(Il) under anoxic conditions. Reproduced from Weber et al. (2006).

In NO;5 depleted anoxic conditions, the product of SO4* reduction, sulfide, can reduce
ferric (hydr)oxides and release the associated phosphate (Géchter and Miiller, 2003; Katsev et
al., 2006). Sulfide ions (S*) preferentially form insoluble complexes with reduced Fe?*,
forming for example, mackinawite (FeS), over phosphate (also discussed in section 1.5.2).
Furthermore, the microbial reduction of SO4* to S*" causes a pH increase which also can lead
to the desorption of phosphate (Caraco et al., 1989). Therefore, both processes during SO4*
reduction eventually facilitate phosphate release. However, the sorbed SO4*, like other
oxyanions (e.g., silicate), is known to affect the dissolution kinetics of ferric (hydr)oxides by
blocking surface sites (Bondietti et al., 1993). The concentration of SO4?" is typically higher
than phosphate in standing water bodies according to the NWIS (2010-2016) database (Figure
1.7 and Table 1.3). Therefore, SO4* may increase phosphate mobility under reducing
conditions due to the interactions of S* with Fe during diagenesis (Gichter and Miiller, 2003;
Katsev et al., 2006) and under acidic conditions, but not as a competitive ion in alkaline

environments.
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The removal of phosphate during the precipitation of silica-ferrihydrite (Si-Fh) material,
formed by the oxidation of Fe?" in the presence of silicate, has been suggested to exert a
potential control on phosphate mobility (Mayer and Jarrell, 2000). Si-Fh materials exhibit a
range of physical and chemical properties, with varying solid phase Si:Fe ratios (Cismasu et
al., 2014; Karim, 1984). However, existing literature lacks information as to whether newly
precipitated phosphate containing Si-Fh results only in temporary retention of phosphate or
whether under dynamic redox conditions phosphate may be re-released at the sediment-water
interface. Furthermore, due to the ubiquity of both aqueous silicate and phosphate in freshwater
sediments, it is unlikely that pure iron-silicate co-precipitates exist without at least some

incorporation of phosphate during oxidative precipitation.

1.6 Iron oxides in natural environments

1.6.1 Formation

Iron minerals are ubiquitous in natural environments, they are introduced to soil and sediments,
primarily from the lithosphere. Iron is the fourth most abundant element in the earth’s
lithosphere (7 to 8% by mass), and primarily exists as Fe*" (ferrous iron) and Fe** (ferric iron)
(Kendall et al., 2012). Iron in the lithosphere is mostly present in igneous rocks, and associated
with various minerals including silicate minerals (e.g., olivine, pyroxenes, amphiboles),
magnetite, pyrite (e.g., FeS2) and siderite (e.g., carbonates) (Kendall et al., 2012; Schwertmann
and Cornell, 2000a). Weathering of these primary minerals and the subsequent hydrolysis of
dissolved iron in the presence of oxygen forms various types of secondary minerals such as
ferric iron oxides and hydroxides, e.g., ferrihydrite, lepidocrocite, goethite, hematite etc.
Formation of other secondary ferrous iron minerals, e.g., vivianite and siderite may also occur
(Schwertmann and Cornell, 2000a), and is favoured under anoxic conditions.

The type of iron minerals forming in natural environments depends on various factors
such as temperature, pH, redox potential, and the presence of other dissolved constituents
(Langmuir, 1997¢; Schwertmann and Cornell, 2000b). For example, among the ferric iron
oxides and hydroxides, formation of ferrihydrite under oxic conditions is the most kinetically
favorable (Schwertmann and Cornell, 2000a). The re-crystallization of ferrihydrite leads to the

gradual formation of more thermodynamically stable iron oxides, e.g., goethite and hematite.
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The thermodynamic stability of dissolved iron (Fe** and Fe*"), siderite, and ferrihydrite, the

initial hydrolyzed product of Fe**, are shown in Figure 1.14.

Eh{V)

—0.5

—0.9

pH

Figure 1.14. Eh-pH diagram for iron (10~ mol/kg) Fe-O»-H,O-CO> system at 25 °C. The upper
and lower boundary represent the stability field of H,O. Reproduced from (Kendall et al. 2012).

1.6.2 Classification

Iron oxides differ from each other depending on their crystalline structures, where iron with
variable oxidation states (Fe*" or Fe?") may be surrounded by oxide (-O) and hydroxyl (-OH)
ions with an octahedral arrangement (Schwertmann and Cornell, 2000a). These coordinating -
O and -OH groups to iron form layers of hexagonal closed packed (hcp) or cubic closed packed
(ccp) with tetrahedral interstices. These characteristic hcp or ccp arrangements of the co-
ordinating groups around iron atoms are the building blocks of the crystalline structures of
different iron oxides (Schwertmann and Cornell, 2000a). Among the iron oxides, ferrihydrite
exhibits poorly ordered atomic arrangements whereas the goethite and hematite exhibit well
defined crystalline features. In natural iron oxides, the ferric iron atom in the octahedral
position may be replaced with other ions with comparable size and charge, e.g., Al**, Mn*",

Cr’* (Schwertmann and Cornell, 2000a). Iron oxides may also contain anions including
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phosphate and silicate on their surfaces or in their structures, and often are referred to as ferric
co-precipitates (Cismasu et al., 2014; Kaegi et al., 2010; Senn et al., 2015; Voegelin et al.,
2010). The formula of some common iron oxides and hydroxides are listed in Table 1.4. These
oxides, hydroxides or oxyhydroxides are commonly referred as iron oxides (Schwertmann and
Cornell, 2000a).

Table 1.4. Types of iron oxides and hydroxides. Contents reproduced from (Schwertmann
and Cornell, 2000a).

Oxyhydroxides Oxides
Mineral Formula Mineral Formula
Goethite a-FeOOH Ferrihydrite FesHOs-4H,O
Akageneite B-FeOOH Hematite a-Fe;03
Lepidocrocite y-FeOOH Maghemite y-Fe,03
Feroxyhyte 6'-FeOOH Magnetite Fes304

1.6.3 Reactivity

Iron oxides in soil and sediment provide active surface groups for the adsorption of various
organic and inorganic species including phosphate and silicate. This surface reactivity of iron
oxides greatly depends on their crystalline structures, specific surface areas, surface site
densities, particle size etc. These factors also influence the reactivity of iron oxides towards
their dissolution. The reactivity of iron oxides, in terms of both adsorption and dissolution,
generally increases as the crystallinity in the solids decrease (i.e., the reactivity of
goethite>hematite>ferrihydrite) (Bonneville et al., 2009, 2004; Gérard, 2016; Roden and
Zachara, 1996). Even within each class of iron oxides, such as ferrihydrite or goethite,
reactivity may also vary depending on their specific surface areas, site densities, and the
presence of other ions on their surface, and in their structural building blocks. These different
physico-chemical properties of iron oxides may arise from different precipitation conditions
(Langley et al., 2009).

Solubility of iron oxides has been shown to be correlated with their reactivity towards
reductive dissolution (Bonneville et al., 2004). These authors have demonstrated that both the
solubility of iron oxides and their rate of reductive dissolution decrease from amorphous to
well-crystalline iron oxides. In natural environments, particularly under anoxic conditions and
around near neutral pH, the reductive dissolution of ferric iron oxides is generally mediated by

iron reducing bacteria (discussed in section 1.5.3.3, Figure 1.13). During the microbial
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reduction of iron, contact between bacterial cells to the mineral surface typically enhances
electron transfer to Fe*" from an electron donor (e.g., reduced organic carbon) (Bonneville et
al., 2004). Therefore, the accessible iron centres on a mineral to the bacterial cells is important
in determining the dissolution kinetics of iron oxides. Thus, higher surface areas and higher
surface site densities of iron oxides increase their reactivity towards their chemical dissolution
or the dissolution mediated by iron reducing bacteria (Bonneville et al., 2009, 2004; Roden
and Zachara, 1996).

The physico-chemical properties of iron oxides, such as crystalline structure, specific
surface area, particle size, and impurities present in the iron oxides, greatly depend on synthesis
conditions, and thus their reactivity. For example, iron oxides formed via abiotic oxidation are
generally more reactive and exhibit more crystalline forms and larger particle size than those
formed via microbial oxidation (Chatellier et al., 2004). Even under both abiotic and biotic
oxidation, the presence of other dissolved constituents may influence the rate of oxidation, and
the reactivity of mineral products. For example, the presence of dissolved silicate decreases
the rate of abiotic oxidation of Fe** (Kinsela et al., 2016), whereas it increases the rate of
oxidation when mediated by Fe?* oxidizing bacteria (Gauger et al., 2016; Konhauser et al.,
2007). The dominant mechanisms of iron oxide formation may also depend on the availability
of Fe?" oxidizing bacteria, concentrations of Fe?" and other dissolved constituents, pH and
redox conditions (Chatellier et al., 2004; James and Ferris, 2004; Konhauser et al., 2007;
Phoenix et al.,, 2003), which may determine the reactivity of iron oxides in natural

environments.

1.7 Key questions and objectives

The concentrations of silicate and phosphate in standing water bodies, e.g., lakes, are positively
correlated (r*=0.17, p value=<0.05) according to the US NWIS data (Figure 1.11). In addition,
silicate, like other anions, can have multiple effects on the mobilization of phosphate
(discussed in sections 1.5.3.2 and 1.5.3.3). Yet, the influence of silicate on the internal loading
of phosphate is often ignored, except for a limited number of studies in the existing literature.
These studies have shown that dissolved silicate can increase the phosphate efflux from
sediment to the water column (Koski-Viahila et al., 2001; Koszelnik and Tomaszek, 2008;

Tallberg et al., 2008; Tuominen et al., 1998). However, the potential mechanisms by which
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dissolved silicate can influence phosphate mobilization are not yet fully understood. Besides

the role of dissolved silicate, co-precipitated silicate with iron and phosphate may also control

the reductive release of iron and the associated phosphate and hence, the efflux of phosphate

across the sediment-water interface. The role of co-precipitated silicate on the mobilization of

phosphate has not been assessed in the existing literature. To understand the potential roles of

dissolved and co-precipitated silicate on the mobilization of phosphate, this PhD research

investigates the interactions between iron, phosphate and silicate that are likely to take place

in deposited freshwater sediments. Numerous experiments were completed to address the

following key objectives.

To investigate the effects of dissolved silicate on the adsorption of phosphate onto ferric
(hydr)oxides;

To determine the role of dissolved silicate in the desorption of pre-adsorbed phosphate
from ferric (hydr)oxides;

Dissolved silicate co-precipitates easily with ferric (hydr)oxides, similar to phosphate.
Therefore, the role of silicate in the removal of phosphate from aqueous phase was
investigated by co-precipitating phosphate with ferric (hydr)oxides at various aqueous
Si:Fe ratios;

To determine the influence of co-precipitated silicate on the dissolution kinetics of iron
and phosphate from Fe-P-Si co-precipitates;

To understand the relative importance of the previously investigated processes, when

silicon, phosphorus and iron are present together in natural sediments.

The experimental results contribute to the understanding of potential roles of silicate in

natural freshwater systems and their relative importance in the mobilization of phosphate at

the sediment-water interface. Additionally, this study improves our fundamental knowledge of

the coupled silicon, phosphorus and iron cycling in freshwater environments.
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1.8 Thesis organization
Based on the potential roles of silicate in the mobilization of phosphate, this PhD thesis is

structured with five different chapters, as outlined below.

Chapter-1: General introduction

Contents: The biogeochemical cycling of P is discussed with focus on the uptake and release
mechanisms of phosphate at the sediment-water interface. The concentrations of dissolved
anions, e.g., phosphate, silicate and the pH are extracted from the NWIS (2010-2016) database

to provide context about their relative importance in phosphate mobilization.

Chapter-2: Effects of pH and silicate on the adsorption of phosphate on goethite

Contents: Batch adsorption experiments were conducted to (i) quantify the rate of adsorption
of phosphate and silicate on goethite at pH 7, and (ii) determine equilibrium adsorption
envelopes for phosphate and silicate on goethite, a model ferric (hydr)oxide, over a wide pH
range, both independently (P, Si) and simultaneously (P + Si). The experimental results were
used to parameterize a charge distribution multisite surface complexation (CD-MUSIC) model.
The model was further extended for the adsorption of phosphate and silicate on goethite to a
wide range of aqueous phase Si:P ratios. The experimental and modeling results isolate the
individual roles played by pH and silicate on the adsorption of phosphate on goethite. The
results from laboratory experiments and the CD-MUSIC model are used to interpret data from
the NWIS database to better understand the type of aquatic environments where silicate

mediated phosphate mobilization may be expected to be significant.

Chapter-3: Effect of silicate on phosphate adsorption and desorption under dynamic pH
conditions

Contents: The adsorption experiments presented in Chapter-2 were conducted using clean
goethite surfaces and at static pH. However, in sediment, ferric (hydr)oxides are loaded with
sorbates, including phosphate on their surfaces and the pH are dynamic. Therefore, desorption
of pre-adsorbed phosphate was conducted by applying a step-wise pH increase in the absence
and presence of aqueous silicate. Subsequent adsorption of phosphate was also investigated,
by the gradual addition of HCI, after each desorption experiment. The experimental data along

with results from the CD-MUSIC model simulating the experiment provide further information
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on phosphate desorption/adsorption mechanisms on/from goethite under dynamic pH

conditions and the role played by silicate.

Chapter-4: Iron-phosphate-silicate co-precipitates: Phosphate mobilization during reductive
dissolution

Contents: Co-precipitates of iron, phosphate and silicate were synthesized from variable Si:Fe
solution ratios. Two sets of co-precipitates were prepared by (i) oxidative Fe?" precipitation,
and (ii) Fe** precipitation via pH increase. The co-precipitates were characterized using
multiple physical and chemical techniques, X-ray Diffraction Spectroscopy, Attenuated Total
Internal Reflectance Fourier Transform Infrared Spectroscopy (ATR-FTIR), and total
elemental analysis. The co-precipitates were reductively dissolved in buffered ascorbate-citrate
solution at pH 7.5. The reactivity of the co-precipitates is discussed in terms of kinetic
parameters extracted by fitting experimental data to the reactive continuum model. The relative
reactivity of the co-precipitates obtained by the two different methods is analyzed. In addition,
the results of dissolution kinetic experiments of the co-precipitates in the presence of a

facultative anaerobic iron reducing bacteria are presented.

Chapter-5: Internal phosphorus loading from marsh sediments: Effect of silicate under
variable redox conditions

Contents: The experimental results discussed in chapter 2 to 4 consider processes in isolation,
under highly controlled conditions. These kinds of experiments are necessary to understand
individual mechanisms. However, integrating those findings to understand the overall effect
of silicate on phosphate mobilization under natural conditions is challenging because, in
natural environments, a plethora of processes occurs simultaneously, and the chemical
compositions of solids and aqueous phase are complex. Therefore, experiments with natural
sediments were conducted using a flow-through column system under oxic and anoxic
conditions. Experimental results are discussed based on the analysis of aqueous outflow and
chemical extractions of solid sediments. The relative importance of the individual effect of
dissolved and co-precipitated silicate on the mobilization of phosphate at the sediment-water

interface is addressed.
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Chapter 2

Effects of pH and silicate on the adsorption of phosphate on

goethite

2.1 Summary

Remobilization of sediment-bound phosphorus is one of the potential causes of eutrophication
in surface waters. Several physical and biogeochemical factors control the mobilization of
phosphate at the sediment-water interface. Among these, dissolved silicate at high
concentrations is hypothesized to facilitate the benthic return of dissolved phosphate to the
overlying water column. Yet, the potential role of silicate is not fully understood. In this study,
batch experiments were conducted to a) quantify the rate of phosphate and silicate adsorption
on goethite at pH 7, and b) determine equilibrium adsorption envelopes for phosphate and
silicate on goethite over a wide pH range, both independently and simultaneously. The results
from the kinetic study suggest that the rate of phosphate adsorption at pH 7 was independent
of aqueous silicate whereas that of silicate was strongly influenced by aqueous phosphate. As
expected, results from the pH dependent study show that the adsorption of phosphate was
higher under acidic pH and decreased with increasing pH from near neutral to alkaline
conditions. Maximum silicate adsorption took place around pH 10 with a symmetric adsorption
envelope shape. Experimental results from the independent and simultaneous adsorption of
phosphate and silicate were used to parameterize the CD-MUSIC model, built on past studies
that separately assessed the adsorption of phosphate and silicate on goethite. The optimized
model was used to study equilibrium adsorption of phosphate and silicate over a wide pH range
at various aqueous phase Si:P ratios and as a function of background electrolyte, Na" and CI,
concentrations. The model predicts that increasing silicate concentrations decrease phosphate
sorption on goethite. This competitive effect of silicate on phosphate adsorption is very minor
under acidic conditions, and more pronounced under alkaline conditions and at higher
concentrations of Na" and CI". Water quality monitoring data from the US National Water
Information System (NWIS) along with experimental and modeling results suggest that the
mobilization of phosphate at the sediment-water interface could be promoted by silicate in

lakes and reservoirs, under sufficiently alkaline pH conditions.
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2.2 Introduction

Phosphorus (P), in the form of phosphate, is an essential nutrient for the growth of plants and
phytoplankton (Schindler, 1977). As P often limits primary production in freshwater systems,
P additions to aquatic environments can accelerate algal bloom formation causing
eutrophication (Smith and Schindler, 2009). Anthropogenic external P input from non-point
sources such as fertilizer runoff from agricultural land, and point sources such as wastewater
treatment plants, are the important sources of P to surface waters (Carpenter, 2008; Correll,
1998; Scavia et al., 2014). However, internal P loading, from sediment to surface water, has
been found to be comparable to external P loading in many aquatic environments, particularly
in lakes with a history of significant P accumulation (Matisoff et al., 2017, 2016; Niirnberg and
Lazerte, 2016; Orihel et al., 2017; Paytan et al., 2017).

In surface waters, P is present in both soluble and particulate forms which may undergo
a number of biogeochemical transformations (Orihel et al., 2017; Zhang et al., 2016).
Biological uptake, adsorption and (co-)precipitation are important transformation mechanisms,
which convert dissolved-P to particulate-P. Both forms of P in the overlying water may be
partially exported to other places or removed by sedimentation. The particulate forms of P,
organic and inorganic, are usually less bioavailable and can be deposited at the sediment-water
interface. In sediments, P is generally associated with metal (hydr)oxides, carbonates and clay
minerals (Christophoridis and Fytianos, 2006; Orihel et al., 2017; Oxmann and
Schwendenmann, 2015; Sendergaard et al., 2003) as well as with organic matter, particularly
in shallow eutrophic lakes (Zhu et al., 2013).

Remobilization of P from sediment to the water column is the result of mineral
dissolution, desorption and the hydrolysis of particulate organic P (Joshi et al., 2015; Orihel et
al., 2017; Smolders et al., 2006). In particular, the reductive dissolution of phosphate
containing ferric (hydr)oxides (Orihel et al., 2017; Parsons et al., 2017; Smolders et al., 2006;
Sendergaard et al., 2003) and the desorption of phosphate from mineral surfaces are generally
considered major processes driving internal P loading in lakes (Antelo et al., 2007;
Christophoridis and Fytianos, 2006; Geelhoed et al., 1997; Smolders et al., 2006). Anionic
species including arsenate, bicarbonate, sulfate, and silicate are known to be competitive ions
to phosphate for mineral binding sites (Antelo et al., 2007; Geelhoed et al., 1997; Smolders et

al., 2006). Among these, silicate is ubiquitous in aquatic environments and is hypothesized to
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affect the mobilization of phosphate from sediment mineral surfaces. Aqueous silicate occurs
in natural waters mostly in the form of silicic acid (H4S104) which forms due to dissolution of
diatom frustules, plant phytoliths, and detrital silicate minerals (Iler, 1979; Struyf et al., 2009).

Several previous experimental studies have addressed the effect of silicate on the release
of phosphate from sediments (Koski-Véhila et al., 2001; Koszelnik and Tomaszek, 2008;
Tallberg et al., 2008; Tuominen et al., 1998). However, these experiments have left some open
questions. Specifically, the studies used natural sediments which, although more directly
relevant to the natural conditions present at specific sampling sites, are inherently complex
with many processes potentially contributing to P mobilization. Recently, Hiemstra (2018) has
shown that aqueous silicate decreases phosphate adsorption to ferrihydrite under alkaline
conditions. The study, however, does not provide detailed quantitative information,
particularly on phosphate adsorption under various Si:P aqueous ratios.

Most previous experiments have also used sodium silicate salts, which increase pH,
which in turn cause desorption of phosphate from metal (hydr)oxide surfaces. The role of
changes in pH in the presence of dissolved silicate however has not received much attention in
previous studies. Additionally, increased pH could promote the hydrolysis of particulate
organic-P to inorganic phosphate in natural sediments, which would lead to an overestimation
of mineral released phosphate by the influence of silicate, if this is the only mechanism
considered (Turner et al., 2005). Diatom frustules have also been used as a source of silicate
in some experiments (Tallberg et al., 2008). Frustules themselves may release some phosphate
upon dissolution, thus causing an overestimation of silicate induced phosphate release from
sediment (Baines et al., 2011). In some cases, the molybdate blue (Mo-blue) method
(Hartikainen et al., 1996) was used to determine phosphate concentrations and necessary
corrections for the overestimation of phosphate at high Si:P ratio by this method were not
documented and may therefore have not been applied. It has been widely demonstrated that
the Mo-blue method measures many organic-P species in addition to phosphate (He et al.,
2006; He and Honeycutt, 2005; Ivanoff et al., 1998). Therefore, results from previous work do
not provide a complete picture on the mechanisms by which silicate affects dynamics in
freshwater sediments.

The adsorption of phosphate (Arts et al., 2013; Geelhoed et al., 1997; Kim et al., 2011;
Nowack and Stone, 1999; Sabur and Al-Abadleh, 2015; Stachowicz et al., 2008; Swedlund et
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al., 2010b; Tofan-Lazar and Al-Abadleh, 2012) and silicate (Hiemstra et al., 2007; Jordan et
al., 2009, 2007) on ferric (hydr)oxides has been studied separately through experimental and
modeling work. However, the existing literature does not address the competitive effects when
both P and Si are present in solution. Therefore, the conditions under which silicate induced
phosphate mobilization from mineral surfaces occurs, and the relative importance of this
mechanism still require further investigation. In this study, a series of batch adsorption
experiments were conducted to a) quantify the rate of adsorption of phosphate and silicate on
goethite at pH 7, and b) determine their equilibrium adsorption envelopes, both independently
(P or Si) and simultaneously (P+Si). Goethite was chosen as sorbent as it is a stable and
abundant iron-mineral with a relatively large surface area (generally varies from 10 to 132
m?/g) in many natural sediments (Liu et al., 2014).

The experimental results from separate and simultaneous adsorption of phosphate and
silicate on goethite were used to optimize reaction parameters for the triple layer charge
distribution multisite surface complexation model (CD-MUSIC). The model has been
previously used in studies on adsorption of phosphate only and silicate only on goethite
(Hiemstra et al., 2007; Rahnemaie et al., 2007b). The optimized model developed here is used
to quantify the adsorption of phosphate and silicate for a wide range of Si:P solution ratios and
at various background electrolyte concentrations to quantitatively determine the influence of
silicate on the adsorption of phosphate. The environmental significance of silicate-promoted
mobilization of phosphate is addressed using the concentrations of phosphate and silicate in

surface water extracted from the US NWIS network.

2.3 Materials and methods

2.3.1 Chemicals

Goethite (Bayferrox 910 MU) used in the experiments was purified through repetitive washing
with 18.2 MQcm! water, followed by centrifugation. The washing procedure was discontinued
after 12 washes when the conductivity of the supernatant no longer changed. The purified dried
goethite was analyzed for iron, phosphate and silicate by dissolving a small amount of solid in
concentrated HCI (Schwertmann and Cornell, 2000b). The goethite purified in this study was
found to have iron, phosphorus and silicon contents of 10.22, 6.03x107 and 1.60x102 mmol/g,

respectively. Specific surface area was determined as 15.0 m?/g by the nitrogen gas adsorption

37



method using a Gemini VII instrument. The PZC was measured as 10.0 by potentiometric
titration as per Vakros et al. (2002).

Solutions of phosphate and silicate were prepared by dissolving sodium phosphate
monobasic (Sigma Aldrich, HoNaPO4, >99.0%) and sodium metasilicate nanohydrate (Aldrich,
Na;Si103.9H20, >98.0%), respectively, in background solutions containing 10 mM NaCl
(Fisher Scientific, 99.0%) and 1 mM N-(2-Hydroxyethyl)piperazine-N'-2-ethanesulfonic acid
(HEPES) as a pH buffer (Fisher Scientific, CsHi1sN204S, >99%). Unless otherwise stated all
solutions and reagents were prepared using 18.2 MQcm™! water (Millipore). The pH of the
solutions was adjusted using NaOH and HCI. The exact amount of goethite used in each
experiment was determined by weighing the adsorption vial using an analytical balance. All
experiments were performed at least twice to verify reproducibility. To minimize the
uncertainties associated with pH drift in adsorption experiments, HEPES (buffering pH range:
6.8 to 8.2) was used, an organic buffer with one -SO3H group to maintain pH. HEPES has been
shown to have no significant effect on the adsorption of arsenate and phosphate (Kanematsu
et al., 2011) on ferric (hydr)oxides because of its weak complexing ability with metal ions
(Nowack et al., 1996; Nowack and Sigg, 1996). An anaerobic chamber (Coy laboratory
products) with a <1 ppmv Oz, 97% N2, 3% H> atmosphere was used for all experiments to

avoid interference from bicarbonate in equilibrium with atmospheric COo.

2.3.2 Analytical methods

To avoid the interference from silicate in the determination of phosphate by colorimetry
(Hartikainen et al., 1996), inductively coupled plasma optical emission spectroscopy (ICP-
OES) was used. Total aqueous concentrations of iron, phosphate, and silicate (as elemental Fe,
P, and Si) were measured by ICP-OES (Thermo Scientific iCAP 6300) after acidification with
ultra-pure HNO3; (EMD Millipore Corporation) to < pH 2, with a precision of <5% RSD and
an accuracy of + 10% with respect to NIST validated solutions for all analytes. Three
wavelengths per analyte were selected and evaluated to ensure minimal interference from
solution components. The method detection limit for Fe, P and Si were 0.89, 1.61, 1.78 uM,
respectively. Matrix-matched standards were used for calibrations and all reagents were

prepared with analytical grade salts from isoSPEC and 18.2 MQcm-1 water (Millipore).
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2.3.3 Experiments

2.3.3.1 Adsorption kinetics

To determine the rates of phosphate and silicate adsorption, 15 polypropylene centrifuge tubes
(VWR, 50 mL) each containing 12.5 mg of goethite and 20 mL of the background solution (at
pH 7) were agitated on a rotary shaker at 30 rpm at 25°C (Glass-Col, 099A RD4512) to allow
equilibration of the goethite surface with the solution. All solutions were degassed thoroughly
with Ny to remove residual carbon dioxide before the experiments started. The pH was re-
measured after equilibration and a change of less than +0.05 was observed compared to the
initial values. Subsequently 5 mL of 0.25 mM phosphate solution (pH 7.00) was added to each
of the tubes inside the anaerobic chamber, resulting in a final phosphate concentration of 50
uM. The tubes were removed sacrificially at increasing time intervals (5, 10, 15, 20, 30 min,
... to 10 hours) during the adsorption experiment and centrifuged at 1690 RCF for 15 min
(Thermo Scientific, Sorvall ST 16R). The supernatant was filtered using 0.45 um pore size
polypropylene (VWR Scientific Inc.) syringe filters and the pH of the filtrate was re-measured
using a glass electrode (Thermo Orion 9107BNMD) equipped with a Symphony SP9OMS5 pH
meter. Filtrates were acidified to < pH 2 with ultra-pure nitric acid and were stored at 4°C until
analysis by ICP-OES. The same procedure was used for the kinetic studies with silicate only
and with equimolar concentrations of phosphate and silicate. To observe the effect of silicate
on the adsorption of phosphate on goethite, 50 uM phosphate solution was equilibrated with
goethite in the presence of 50 and 100 uM silicate. 5 mL solutions of phosphate or/and silicate
were also added to 20 mL of the background solution (without goethite) in a separate vial
acidified and stored for ICP-OES analysis. The concentrations of phosphate or/and silicate

were used as the background concentrations before adsorption.

2.3.3.2 Effect of pH on adsorption

Separate solutions of phosphate and silicate (50 uM each) were prepared and pH was adjusted,
using HCI or NaOH solution, between pH 2 to 12 at 1 pH unit intervals. In these experiments,
0.0125 g of goethite (0.5 g/L) was equilibrated for 6 hours with 25 mL of phosphate and/or
silicate solutions (50 uM each) at 25°C. The 6 hours equilibration time was determined based
on the results from the kinetic studies, as the time required for maximum adsorption under the

given experimental conditions (see section 2.4.1). In addition, a set of experiments was

39



conducted under similar conditions whereby phosphate and silicate (50 uM each) were added
simultaneously to study competitive adsorption effects. An experimental control was also
prepared whereby background solutions (10 mM NaCl and 1 mM HEPES) without added
phosphate or silicate were equilibrated under similar conditions but without goethite present.
HEPES was included in the pH dependent studies to maintain consistency with the kinetic
studies at pH 7 [Note: HEPES only works as a buffer between pH 6.8 and 8.2]. After pH
adjustments, aliquots of each solution were taken before mixing with goethite and were
analyzed by ICP-OES after acidification. For each adsorption experiment, equilibrium pH was
measured, and the aqueous sample prepared for the analysis with ICP-OES as above.

Similar experiments for the adsorption of phosphate (50 uM) in the presence of higher
silicate concentrations (250 to 1000 pM) were also completed at pH around 8, 9, and 10.

2.3.3.3 Surface complexation model

Several surface complexation models, e.g., diffuse double layer model (DLM), constant
capacitance model (CCM), and triple layer model (TLM), are commonly used to describe the
adsorption of cations and anions on ferric (hydr)oxides (Goldberg, 2014; Langmuir, 1997a).
These surface complexation models are thermodynamics based, and operationally different
from each other depending primarily on how the electrical double layer is defined (Goldberg,
2014; Langmuir, 1997a; Vieira, 2006). To describe the surface complexation of a sorbate on a
sorbent, a surface complexation model generally requires various types of model parameters,
e.g., the total number of surface sites, speciation of surface groups and the sorbate, and the
capacitances in the electrical double later (Goldberg, 2014; Langmuir, 1997a; Vieira, 2006).
The number of model parameters for surface complexation models increase in the order:
DLM<CCM<TLM. With an increasing number of model parameters models generally provide
increasingly better fits to the experimental data.

The DLM, CCM and a simple TLM have been used in past studies to successfully
quantify the independent adsorption of various sorbates (e.g., cations and anions) on various
solid surfaces including ferric (hydr)oxides (Davis et al., 2002; Gao and Mucci, 2003, 2001;
Spiteri et al., 2008). However, none of these models has been shown to better describe
experimental data, particularly under competitive conditions (i.e., more than one sorbate in

solution) (Gao and Mucci, 2003, 2001).
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The CD-MUSIC is a triple layer model, and considers heterogeneity in surface —OH groups,
e.g., attached to singly or doubly co-ordinated surface oxygen groups by Fe*' in ferric
(hydr)oxides. This additional factor in the CD-MUSIC model allows one to calculate the
interfacial charge distribution upon the adsorption of a sorbate. Reasonably, the
implementation of the CD-MUSIC model generally requires an additional interfacial charge
distribution coefficient for each of the defined surface complexes in the model. The CD-
MUSIC model should, therefore, provide better fit to the experimental data in comparison to
the other models. This CD-MUSIC model has been shown to describe the competitive
adsorption of anions, e.g., phosphate and arsenate, phosphate and selenite as well as phosphate
and carbonate (Hiemstra and Van Riemsdijk, 1999; Stachowicz et al., 2008). This study,
therefore, considers the optimization of the CD-MUSIC model against the experimental data
obtained herein from the independent and competitive adsorption of phosphate and silicate.

The surface complexation reactions for the adsorption of phosphate were taken from
Rahnemaie et al. (2007b), and those for silicate from Hiemstra et al. (2007). Here,
monoprotonated ~ mono-dentate ((EFeOPO,0OH!?), monoprotonated  bi-dentate
((EFe00),POOH"), and unprotonated bi-dentate ((=FeO),PO,?) complexes were considered
in the model (reactions 9, 10, and 11, respectively in Table 2.1). For silicate sorption, bi-dentate
monomer, tetramer and polymer surface complexes (reaction 12, 13, and 14, respectively in
Table 2.1) were included.

The adsorption of ions at a given pH depends on the chemical structure of the crystal-
water interface (Hiemstra and van Riemsdijk, 1996). For example, Fe*" at the goethite surface
can have singly, doubly and triply co-ordinated groups on the most dominant 110 plane. The
CD-MUSIC model considers singly =FeOH(H) and triply =Fe3sO(H) coordinated Fe-O
surface groups as the active sites on goethite for surface complexation reactions (Hiemstra and
van Riemsdijk, 1996). The doubly coordinated surface =Fe,O(H) group has been suggested to
be inert and remain as =Fe,OH® over a wide pH range. Hence, it is not likely to contribute to
the PZC of goethite (Hiemstra and van Riemsdijk, 1996). For the singly =FeOH(H) and triply
=Fe3;O(H) co-ordinated surface groups, the logK values are proposed to be very similar
(Hiemstra and Riemsdijk, 2006). Thus, for simplicity, only singly =FeOH(H) co-ordinated
surface groups of goethite are assumed to form surface complexes with oxyanions, including

phosphate and silicate (Hiemstra and Riemsdijk, 2006). The schematic diagram for phosphate
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surface complexes with singly co-ordinated surface =FeOH(H) groups on goethite are shown

in Figure 2.1.

Solid Stern
surface layer

Diffuse layer

Monodentate

Protonated
monodentate

Bidentate
@ H
@ Fe

Protonated
bidentate Q o
@ -

Plane 0 Plane | Plane 2

Figure 2.1. Schematic diagram showing the inner-sphere phosphate surface complexes formed
with singly coordinated surface =FeOH(H) group on a metal (hydr)oxide. Electrolyte ions are
generally located in the plane 1 of the extended Stern layer (not shown here) where they may
form outer-sphere complexes. The figure has been reproduced from Antelo et al. 2010.

The model assumes that the overall double layer capacitance in a metal
(hydr)oxide/water system is the combination of inner and outer Stern layer capacitance, due to
poorly ordered water molecules (Hiemstra and Riemsdijk, 2006). The type of surface
complexes generally used in the CD-MUSIC model are considered mostly on the basis of
spectroscopic evidence (Antelo et al., 2010; Hiemstra, 2018; Hiemstra et al., 2007; Rahnemaie
et al., 2007b). The specific adsorption of an oxyanion on a metal (hydr)oxide results in the
partial neutralization of surface charge as well as the charge on the oxyanion. For example, the

adsorption of aqueous H4SiO4 on a singly coordinated =FeOH™*> surface group of goethite
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leads to the change of overall charge Az, and Az; in the 0- and 1-plane, respectively (equation
2.1).
2 = FeOH ™5 + H,Si0) = = Fe,0, "*A%Si(OH)5™ + 2Hp0 -+ v veeov oo (2.1)

The interfacial charge distribution (CD) values (4z) for a surface complex are obtained
by optimizing its geometry with the Brown bond valence approach (Brown and Altermatt,
1985) using molecular orbital calculations by density functional theory (Hiemstra, 2018;
Hiemstra et al., 2007; Kersten and Vlasova, 2009; Rahnemaie et al., 2007b). The 4z values can
vary depending on the experimental conditions, e.g., ionic strengths, properties of solvents and
solids, and the presence of other aqueous ions (Hiemstra, 2018; Hiemstra et al., 2007; Kersten
and Vlasova, 2009; Rahnemaie et al., 2007b). The CD-MUSIC model parameters are also
dependent on the type and number of surface complexes used to fit the experimental data
(Hiemstra, 2018; Hiemstra et al., 2007; Kersten and Vlasova, 2009; Rahnemaie et al., 2007b).
The formation constants (/logK) for the surface complexes are obtained by fitting experimental
data against the simulated 4z values (Hiemstra, 2018; Hiemstra et al., 2007).

The previously reported surface site densities and the Stern layer capacitance for
synthetic goethite (Table 2.1) were used. The specific surface area and the point of zero charge
(PZC) of goethite determined in this study were used in the model. The experimental data
obtained from both individual and simultaneous adsorption of phosphate and silicate were
fitted to the model separately using different sets of previously reported 4z and logK values
(Antelo et al., 2010; Hiemstra, 2018; Hiemstra et al., 2007; Hiemstra and Riemsdijk, 2006;
Rahnemaie et al., 2007b). The CD-MUSIC model was implemented in conjunction with
PHREEQC 3. The phreeqc.dat database was used for other reaction parameters, e.g.,
protonation and deprotonation of phosphate and silicate in aqueous phase (Parkhurst and
Appelo, 2013). No single set of reported surface complexation reaction parameters used in the
model seemed to best describe the experimental data, that is, the data for both independent and
simultaneous adsorption of phosphate and silicate. This is not surprising because the
experimental conditions in this study were different from the experimental conditions used in
previous studies (see Table 2.1), in which the surface complexation reaction parameters were
optimized against experimental data. The different experimental conditions used in previous
studies also resulted in variable surface complexation reaction parameters. Thus, the 4z and

logK values were optimized to achieve the best fit to our entire dataset. This was done by trial
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and error, e.g., by manually changing the 4z and logK values. Best-fit parameters were
identified based on the root mean square error (RMSE) between the experimental data and the
model estimation (see supplementary material, section SM-2.1). Refer to Table 2.1 for the
surface complexation reactions and the CD-MUSIC model parameters used in this study, as

well as previously reported parameters.
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Table 2.1. Surface complexation reactions and respective CD-MUSIC model parameters for the adsorption of phosphate and silicate on
goethite. The value of logK represents the equilibrium constant for a given surface complexation reaction and 4zp and 4z; indicate the
change of charge upon formation of a complex at the 0- and 1- plane, respectively. The 4z> values in the model were assumed 0 (zero)
for all the surface species and, thus, they are not shown here. The model parameters with star mark (*) on the left were used in this

study.

Reaction | logK Azp Az;
Goethite (3.45 uni sites/nm?, 2.7 tri sites/nm?, 15 m*/g, 0.0125g, C;=C2=0.92 F/m?) (Hiemstra et al., 2007)

(1) =Fe;0H™5 = =Fe;0%5 + 0.5H" 10 0.5 0

(2) =Fe;0°% + H'= =Fe;0OH™5 9.20 1 0

(3) =FcOH 5= =Fe s 1 0.5H" 10 205 0

(4) =FcOHS + H' = =FeOH, 03 9.20 1 0

(5) =FeOH™3 + Na' = =FeOHNa - 20.6° 0" 1
(6) =FeOH™3 + Na® +CI = =FeOHCI03 8.5 o e
(7) =Fe307%3 + Na'= =Fe30ONa'03 -0.6 0? 12
(8) =Fe307%3 + Na' + CI- = =Fe3ONaCl%? 8.5% 1 -12

(9) =FeOH?5 + 2H' + PO4s? = =FeOPO0H"' + H20

*27.25, (27.97°,27.65¢,19.644,26.36%)

*0.32, (0.40P,0.28°¢,0.229)

*.1.32, (-1.40, -1.28¢%¢, -2.229)

(10) 2=FeOH"5 + 2H" + PO4? = (=Fe0):PO:2 + 2H,0

*28.45, (29.69%,29.77¢,27.734,28.31¢)

#0.46%4<, (0.48%)

*.1.46%4¢ (-1.48)

(11) 2=FeOH? + 2H" + PO43 + H' = (=Fe0)2POOH" + 2H20

*33.52¢, (34.4°32.069)

%0.65¢, (0.82°,0.58¢,0.63%)

%.0.65°, (-0.82%, 0.58¢, -0.63%)

(12) 2=FeOH™* + H4SiO4 = (=Fe0)2Si(OH)2! + 2H20

*5.75, (5.85)

#0.40, (0.297)

%.0.30, (-0.29%

(13) 2=FeOH*3 + 4H4Si04 = (=Fe0)2SiOHOSi302(0OH)7"! + 5H20

*13.98f

*0.29"

*.0.29"

(14) 2=FeOH™3 + 4H,Si0s = (=Fe0),SiOHOSi;05(OH)s? + 4H,0 + 3H+

747", (6.159)

*0.29f

*.0.29f

NOTE: With multiple values, those with an asterisk (*) on the left were used in this study.

*This study: HoNaPOs (50 pM), Na2Si03.9H20 (50 to 1000 uM), goethite (0.5 g/L, 15.0 m?/g, PZC=10), NaCl (0.01 M), 6 hours at RT, ICP-OES

aRahnemaie et al., (2006): NaCl and LiCl (0.01 to 0.1 M), goethite (16.5 g/L, 98.6 m?/g, PZC = 8.5 and 9.0 in LiCl and NaCl solution, respectively), at 20.0+0.1 °C
YRahnemaie et al., (2007b): NaHPO4 (0.01-10 mM) in NaNO3 (0.05 to 0.5 M), goethite (2.5 to 10 g/L, 100 m?/g, PZC=9.2), 24 hours at 20 °C, Mo-blue method

°Stachowicz et al., (2008): NaNOs (0.01 to 0.1 M), phosphate (0.25 to 0.75 mM), goethite (5 g/L, 100 m*/g, PZC =9.2), 24 hours at 22 °C, ICP-AES

dAntelo et al., (2010): NaNO3 (0.01 to 0.5 M), 24 hours at 25°C , ferrihydrite (1.0 g/L, 350 m%*/g, PZC= 8.7), Mo-blue method
*Hiemstra, (2018): NaHPO4 (0.039 mM), Na2Si03.9H20 (0.1 to 1.0 mM), NaNOs (0.01 to 2.0 M), ferrihydrite (0.12 to 0.40 g/L, PZC = 8.1, 610 m?/g), Mo-blue method
Hiemstra et al., (2007): Na2Si03-9H:0 (0.1 to 1 mM), NaNO3 (0.1 M), 1 to 3 g/L goethite (100 m?/g), Mo-blue method
gKersten and Vlasova, (2009): NaxSi03.9H20 (10 to 100 uM), goethite (1 g/L, 20 m?/g, PZC=9.1), NaNOs (10 to 100 mM), 24 hours at 10 to 25°C, Mo-blue method
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2.4 Results and discussion
2.4.1 Adsorption kinetics
Kinetic parameters for the adsorption of phosphate and silicate at variable aqueous phase Si:P
ratio were extracted by fitting the experimental data using Equation (2.2) according to Luengo
et al., (2007).
0(t) =0, +60,(1 —e "ty enennn (2.2)
where, 8(t) is the amount of phosphate or silicate covering the goethite surface (umol/m?) at
a given time t, and 8, and 0, (1 — e~ %) are the amounts of sorbed phosphate or silicate on the
goethite surface as a result of fast and slow adsorption processes, respectively. Fast phosphate
adsorption generally takes place within 5 min and the slow adsorption starts after that (Luengo
et al., 2007). The time required to complete these processes depends on factors such as the
nature of the sorbent and adsorbing species, their concentrations, and temperature (Luengo et
al., 2007). Adsorption is assumed to be completed when the slow process becomes negligible
(Luengo et al., 2007; Torrent et al., 1992), which depends on the rate constant k. The adsorption
rate at time t during the slow process (Rg,0) can be calculated using the following equation:
Ryow = kgze—k't ......... (2.3)
At t =0, the initial rate Ryow,0 is given by:
Rgiowo = kB -+ vevoe: (2.4)

The kinetic data for the individual adsorption of phosphate and silicate fitted to equation
(2.2) are shown in Figure 2.2. The extracted kinetic parameters for the adsorption of phosphate
and silicate are presented in Table 2.2. The comparisons between experimental data with the
kinetic model (Equitation 2.1) are shown in terms of chi-square (y?) values (Table 2.2). The
equation for the calculation of y? and a table with critical chi-square (x?2) values are available
in the supplementary material (section SM-2.2 and Table SM-2.2). According to Equation 2.2,
the rate of the fast adsorption process is infinity. The amount of phosphate sorbed to goethite
in the fast process (within 5 min) was about 1.4+0.1 pmol/m?, which was about 74% of the
total amount sorbed to goethite at pH 7. The 8, values show that the initial adsorption of
phosphate (50 uM) was unaffected by the presence of silicate (Table 2.2). The adsorption of
silicate (50 uM) at pH 7, on the other hand, was greatly influenced by the presence of
phosphate. For example, the 8, value for silicate adsorption was 0.39 umol/m? in the absence

of phosphate, which is about 38% of the total amount of silicate sorbed to goethite at pH 7.
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However, the 8, values for silicate adsorption in the presence of phosphate were nearly zero,

indicating the strong competitive effect from aqueous phosphate for the adsorption sites on

goethite.
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Figure 2.2. Kinetic data (symbols) for the individual adsorption of phosphate and silicate (50
uM each) on goethite (0.5 g/L). The adsorption experiments are conducted at pH 7 in 10 mM
NaCl and 1.0 mM HEPES solution at 25°C. Kinetic parameters shown in Table 2.2 are
extracted by fitting the experimental data to Equation 2.2 (dashed lines). The experimental data
from concurrent phosphate and silicate adsorption are not included here for clarity, but the
extracted kinetic parameters are included in Table 2.2. Error bars represent the range of values
measured between duplicate experiments.

The adsorption of phosphate and silicate on metal (hydr)oxides is generally sensitive to
the surface charge and hence, the pH. Therefore, the aqueous speciation of phosphate and
silicate and the PZC of ferric (hydr)oxides are important in determining the anion adsorption
at a given pH. The aqueous speciation diagrams for phosphoric acid (H3PO4) and silicic acid
(H4S104) as a function of pH (see section 1.5.3.2, Figure 1.12) show that the dominant species
of H3PO4 at pH 7 are the deprotonated forms (H,PO4™ and HPO4>, 1:1) whereas H4SiO4 exists
in the unprotonated form. Therefore, a very weak influence of silicate on phosphate adsorption

and a strong influence of phosphate on silicate adsorption is qualitatively in agreement with
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the much higher proportion of deprotonated phosphate at pH 7 compared to very little

deprotonated silicate.

Table 2.2. Kinetic parameters extracted for the adsorption of phosphate and silicate on goethite
(0.5 g/L) at pH 7 and 25°C by fitting the experimental data to the equation 2.2 with 95%
confidence limit and the goodness of fit is shown with chi-square (y?) value. The critical chi-
square (x2) value based on the degree of freedom for each set of data is 7.26.

Sorbate Si:P ratio 0, 0, k (bh Rsiow,0 x2
(umol/m?) | (umol/m?) (umol/m?)
0 1.29 0.46 0.83 0.38 1.8x108
Phosphate 1 1.46 0.49 0.86 0.42 1.3x10°®
(50 uM) 2 1.32 0.35 0.45 0.16 2.9x108
Silicate (50 uM) | no phosphate 0.39 0.65 0.41 0.27 9.3x10

The adsorption of phosphate is assumed to be completed via the slow adsorption process,
which accounts for about 25% of total phosphate sorbed to goethite by the end of the
experiments. The adsorption kinetics of phosphate are slightly slower at a Si:P solution ratio 2
compared to the silicate free case, as shown by the k and Rsiow,0 values in Table 2.2. The
adsorption of silicate, on the other hand, mostly occurs during the slow process in the absence
of phosphate, accounting for about 62% of the total amount sorbed to goethite. However, no
adsorption of silicate in the presence of phosphate was observed, even via the slow adsorption
process. The kinetic parameters for silicate adsorption in the presence of phosphate were
inconsistent and insignificant, likely due to the much stronger binding between phosphate and
goethite at pH 7. The kinetic parameters extracted for the adsorption of silicate in the presence

of phosphate are therefore not shown here.

2.4.2 pH effect

As observed by previous researchers, the adsorption of phosphate on goethite decreased with
increasing solution pH (Figure 2.3a). Under acidic conditions, at pH values above the first pKa
of H3PO4 acid (pH 2.15), the strong electrostatic attraction between deprotonated phosphate
(H2PO4/HPO4*) and the positively charged goethite surface results in maximum adsorption.
With increasing pH, the electrostatic attractions become increasingly less favourable as the
goethite surface becomes less positively charged, despite the transition to increasingly
deprotonated phosphate species (Figure 2.3a). Surface complexes between fully protonated

H4Si04 and the positively charged goethite surface under acidic conditions are not likely,
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although they are possible (Hiemstra et al., 2007; Swedlund and Webster, 1999). The
maximum goethite surface coverage by silicate was observed at around the PZC of goethite
(pH 10) shown in Figure 2.3b, above which the adsorption decreased again. Above pH 10, the
concentration of the deprotonated form of silicic acid (H3SiO4") exceeds the unprotonated form.
However, at a pH of greater than 10 the goethite surface also has a net negative charge.
Therefore, above pH 10, electrostatic repulsion between an increasingly negatively charged
surface and deprotonated silicate likely contributes to the decreased adsorption of silicate. A

similar effect on phosphate adsorption was observed above near neutral pH.
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Figure 2.3. Individual and competitive adsorption of phosphate and silicate (50 pM each) on
goethite (0.5 g/L) at 25°C and /=10 mM NaCl, between pH 2 and 12. Experimental results
(markers) and predictions by CD-MUSIC model (dashed lines) are shown for (a) adsorption
of phosphate (50 uM) in the absence and presence of silicate (50 uM); (b) adsorption of silicate
(50 uM) in the absence and presence of phosphate (50 uM); (c¢) individual adsorption of
phosphate and silicate (50 uM each), and (d) competitive adsorption of phosphate and silicate
(50 uM each). Error bars represent the range of values measured between duplicate
experiments.

49



In the experiments where both phosphate and silicate were present, the surface sites on
goethite were available for both species. Therefore, the speciation of phosphate and silicate in
solution plays a key role in determining their relative interactions with the active goethite sites.
In this study, silicate present at equimolar concentration with phosphate slightly decreased
phosphate adsorption under alkaline conditions, with no considerable effect below pH 7
(Figure 2.3a). This small but tangible competitive effect of silicate could not be statistically
justified via a T-test from experimental data as only two replicates were conducted under each
condition. The adsorption of silicate, on the other hand was strongly decreased by aqueous
phosphate over a wide pH range (Figure 2.3b). For example, adsorption of silicate in the
absence of phosphate was observed even at pH 3, but in the presence of phosphate, silicate
adsorption only occurred above pH 5. However, both in isolation and in the presence of
phosphate, adsorption of silicate reached a maximum around pH 10 (Figure 2.3b).

Further, the amount of sorbed silicate on goethite exceeded the amount of sorbed
phosphate between pH 8 and 9, when phosphate and silicate were sorbed independently (Figure
2.3c). However, this only happened above pH 9 in the competitive adsorption experiments
(Figure 2.3d). The results of the CD-MUSIC surface complexation modeling for the adsorption
of phosphate and silicate are also presented in Figure 2.3. The results show that the model
accurately reproduces the experimental data, confirmed by the RMSE and chi-square values

(Table 2.3).

Table 2.3. The calculated RMSE and chi-square (y?) values between the experimental data
and model estimated calculations for the adsorption of phosphate (50 uM) and silicate (50 uM)
on goethite (0.5 g/L) at 25°C and /=10 mM NaCl. The critical chi-square (y2)values based on
the degree of freedom are shown beside the observed y? values.

Adsorption adsorbate RMSE X2 X2
Individual Phosphate 0.12 0.17 3.94
Silicate 0.11 0.33
Competitive Phosphate 0.06 0.16 6.57
Silicate 0.08 0.60

2.4.3 CD-MUSIC model: assessment
The surface complexation reaction parameters were optimized in this study against the
experimental data obtained from the individual adsorption of phosphate and silicate plus the

simultaneous adsorption data from the 1:1 aqueous phase Si:P molar ratio experiments.
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However, in natural aquatic environments the concentrations of silicate and phosphate are
highly variable (see Figure 1.7). Typically, silicate concentrations are much higher than those
of aqueous phosphate. Therefore, the model was also compared to experimental results over a
wider range of conditions. Specifically, the adsorption of phosphate (50 uM) was evaluated in
the presence of higher silicate (250, 500 and 1000 uM) concentrations (Figure 2.4). The
experiments were conducted under alkaline conditions where silicate can potentially influence
the adsorption of phosphate. The results show that the model predictions are consistent with

the experimental results for the adsorption of phosphate (Figure 2.4a) and silicate (Figure 2.4b).
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Figure 2.4. The experimental results (observed) and the predictions from CD-MUSIC model
(estimated) for the simultaneous adsorption of (a) phosphate (50 uM) and (b) silicate (250, 500
and 1000 uM) on goethite (0.5 g/L) at 25°C and /=10 mM NaCl. Percentages of phosphate and
silicate removal (points) were calculated by comparing their aqueous concentrations before
and after the adsorption experiments. The numbers next to the points represent the initial
concentrations of aqueous silicate present with 50 uM phosphate. The different solid markers
identify the equilibrium pH. The black dashed lines indicate the 1:1 line where the
experimental results and the model estimation are in complete agreement. The calculated
RMSE values between the average experimental data and the model-estimation for the
phosphate and silicate adsorption are 0.80 and 0.63, respectively.
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2.4.4 CD-MUSIC model: effect of Si:P aqueous ratios
The CD-MUSIC model was applied to a wide range of Si:P solution ratios and a wide solution
pH range. The ranges were determined based on the dissolved Si:P ratios in groundwater and

surface water according to the NWIS data for 2010-2016 (Figure 2.5).
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Figure 2.5. The Si:P molar ratios calculated from the concentrations of phosphate and silicate
extracted from NWIS (2010-2016) data for groundwater, stream, standing water bodies, e.g.,
lakes and reservoirs. The number on each box represents the number of data points, which are
extracted from all water depths available in the database. The lower and upper boundary of
each box represents 25" and 75" percentile, respectively, and the line within the box shows
the median value. The whiskers are drawn down to the 10™ percentile and up to the 90™". The
blue double headed arrow represents the range of equilibrium aqueous phase Si:P ratio for
adsorption on goethite covered by the CD-MUSIC model calculations.

The model was implemented using the parameters for the adsorption of phosphate and
silicate on goethite presented in Table 2.1. The initial concentrations of phosphate and silicate
used in the model ranged from 20 to 50 uM and 50 to 1000 uM, respectively. Goethite used in
the model was a constant 0.5 g/L for consistency. The maximum Si:P solution ratio was 300
in equilibrium with goethite, for the lowest initial phosphate (20 uM) and highest initial silicate
(1000 uM) concentrations used in the model. For example, the aqueous phase Si:P ratio for the

20 uM initial phosphate and 1000 uM initial silicate is 50. Under acidic conditions, e.g., at pH
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4 the greater adsorption of phosphate (to goethite) over silicate results in the Si:P ratio of ~300
in solution.

The adsorption of phosphate and silicate on goethite at an initial aqueous Si:P ratio up to
10 (for 50 uM phosphate) is shown in Figure 2.6. The results show that a higher Si:P ratio
decreases the adsorption of phosphate. However, silicate exerts only a relatively minor
influence under slightly acidic conditions even at the highest aqueous Si:P ratio. Under alkaline
conditions, as the pH increases, the adsorption of phosphate is decreased by the influence of
dissolved silicate at higher concentrations. For example, the goethite surface coverage by
phosphate at an initial Si:P solution ratio of 10, decreases by 9% at pH 7, but by 29%, 75%
and 92% at pH 8, 9 and 10, respectively, compared to the conditions with no aqueous silicate.
The competitive effect of silicate, which inhibits phosphate adsorption, is maximal at around
pH 10, where the maximum silicate adsorption occurs and decreases above this pH (Figure

2.6).
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Figure 2.6. Simultaneous adsorption of (a) phosphate (50 uM) at various initial Si:P solution
ratio, and (b) silicate on goethite (0.5 g/L) at 25°C and /=10 mM NaCl, as a function of pH.
The adsorption of phosphate and silicate was calculated using the CD-MUSIC model with the
parameters shown in Table 2.1.

The amount of sorbed silicate on goethite increases with increasing Si:P ratio in solution
(Figure 2.6). Therefore, the decreased phosphate adsorption and increased silicate adsorption
with increasing aqueous phase Si:P ratio illustrates their competition for the goethite binding

sites. However, dissolved silicate, even at higher concentrations than phosphate, requires
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favorable pH conditions to affect phosphate adsorption. In other words, though higher aqueous
phase Si:P ratios decrease phosphate adsorption on goethite, solution pH plays a key regulatory

role in determining the amount of phosphate that will sorb to goethite or remain in solution.

2.4.5 CD-MUSIC model: Effect of ionic strength

The solution ionic strength affects the formation of both inner- and outer-sphere surface
complexes (Antelo et al., 2005; Goldberg, 2014; Hiemstra, 2018). The type of electrolyte in
solution contributing to ionic strength is also important in the formation of surface complexes.
The background electrolyte may compete with a sorbate for the surface binding sites, form
strong aqueous complexes with the sorbate, and change the surface charge and electrical double
layer thickness, and hence play an important role in the formation of surface complexes (Antelo
et al., 2005; Goldberg, 2014; Hiemstra, 2018; Spiteri et al., 2008).

The CD-MUSIC model is applied to elucidate the effect of ionic strength (i.e., NaCl used
herein) on the individual (P or Si) and simultaneous (P+Si) adsorption of phosphate and
silicate. Results from the model show that higher concentrations of NaCl enhance the
adsorption of phosphate (no Si) on goethite within the pH range of 4 and 12 (Figure 2.7a). For
example, the amount of sorbed phosphate on goethite at pH 7 in the presence of 10 mM NaCl
is 1.76 pmol/m?, and 1.99 pmol/m? in the presence of 1 M NaCl. This effect of NaCl
concentration is attributed to the increase of surface positive change via Na' adsorption,
causing an increased electrostatic attraction between the goethite surface and aqueous
phosphate, and hence increases phosphate adsorption.

The effect of NaCl concentration on increased phosphate adsorption increases as the pH
in solution increases (i.e., from acidic to alkaline conditions). For example, phosphate
adsorption (no Si) on goethite at pH 7 increases by 13% when the concentration of NaCl
increases from 10 mM to 100 mM, and by 36% at pH 10. This pH dependent effect of
background NaCl solution likely results due to higher Na* adsorption under alkaline conditions
on the ferric (hydr)oxides (e.g., goethite) surface. The adsorbed Na™ increases positive surface
charge favoring the electrostatic attraction between the surface and the sorbate, phosphate.
However, at pH below 3 (not shown in Figure 2.7), this effect of adsorbed Na' results in

decreased phosphate adsorption. Under these strongly acidic conditions, the electrostatic
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attraction between the fully protonated phosphoric acid (H3PO4), which exists at pH below 3,

and the positively charged surface is not as favored as under the pH conditions above pH 3.
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Figure 2.7. Adsorption of phosphate (25 uM) and silicate (250 uM) on goethite (0.25 g/L) at
25°C with varying NaCl concentrations (10 to 1000 uM). Phosphate and silicate adsorption
were calculated using the CD-MUSIC model with the parameters presented in Table 2.1.

Ionic strength in solution also influences the adsorption of silicate and may increase or
decrease silicate adsorption depending on the pH of the solution (Figure 2.7c¢). For example,
higher concentrations of NaCl increase the adsorption of silicate under alkaline conditions, due
to the neutralization of negative surface charge via Na* adsorption (Hiemstra, 2018), similar
to the effect on phosphate adsorption. However, below pH ~8, higher concentrations of NaCl
decrease the adsorption of silicate. This is because silicic acid under acidic conditions mostly
exists in the fully protonated form (section 1.5.3.2, Figure 1.12b), where the adsorption of
cations (e.g., Na") on goethite exerts an inhibitory effect on silicate adsorption (Hiemstra,

2018).
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Under competitive conditions, the adsorption of silicate on goethite under acidic
conditions is minor because of stronger adsorption of phosphate. Although higher
concentration of NaCl decrease the individual adsorption of silicate (no P) at pH below 8
(Figure 2.7c¢), this effect of ionic strength on silicate adsorption in the presence of phosphate
is not evident (Figure 2.7d). Therefore, the weak adsorption of silicate in the presence of
phosphate does not display ionic strength dependency on phosphate adsorption under acidic
conditions. However, the effect of higher NaCl concentrations on phosphate adsorption in the
presence of silicate is evident under alkaline conditions. Under competitive conditions, the
presence of aqueous silicate decreases the adsorption of phosphate on goethite under alkaline
conditions (discussed in section 2.4.4, Figure 2.6a). This inhibitory effect of silicate on
phosphate adsorption increases as the background concentration of NaCl in solution increase

(Figure 2.7¢c).

2.4.6 Limitations of the implemented CD-MUSIC model

The effect of aqueous Si:P ratios on the adsorption of phosphate on goethite as a function of
pH was investigated in simple solution-solid systems. For example, the phosphate and silicate
adsorption experiments were conducted in a NaCl background solution. However, the chemical
compositions of natural waters are generally much more complex, and typically contain a
variety of inorganic anions (e.g., HCO3", SO4%) and cations (e.g., Ca*" and Mg?") as the major
constituents. The concentrations of these dissolved anions (e.g., HCOs™ and SO4%) in natural
waters are also typically high relative to phosphate. These anions may decrease the adsorption
of phosphate on ferric (hydr)oxides, but the effect could be minor (discussed in section 1.5.3.2)
above neutral pH, where aqueous silicate affects the adsorption of phosphate. Therefore, the
role of these anions (e.g., HCO3™ and SO4%) in the silicate-mediated phosphate adsorption on
ferric (hydr)oxides may be unimportant under alkaline conditions.

In contrast to the effect of anions, the presence of divalent cations (e.g., Ca?" and Mg*")
are known to enhance phosphate adsorption on ferric (hydr)oxides via the formation of
bridging complexes (e.g., = FeOCaHPOZ, where " = " represents the mineral surface lattice)
between adsorbed phosphate and the solid surface (Spiteri et al., 2008; Talebi et al., 2016).
Further, Ca’>" and Mg*" ions form strong aqueous complexes with phosphate in solution

(Chughtai et al., 1968; Spiteri et al., 2008). The effect of aqueous complexation between
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phosphate and Ca** or Mg?" confines phosphate in solution, and thereby limits phosphate
adsorption on the solid surface. Thus, the competition between these opposing roles played by
Ca”" and Mg?" ions may determine the net adsorption of phosphate on ferric (hydr)oxides. The
Ca”" and Mg?" ions can form aqueous complexes with silicate in solution, similar to phosphate
(Santschi and Schindler, 1974). These cations may potentially also enhance the adsorption of
silicate on ferric (hydr)oxides via the formation of bridging complexes with silicate. Therefore,
accounting for these multiple processes in the surface complexation model may better describe

the distribution of phosphate and silicate at the ferric (hydr)oxides-water interface.

2.5 Environmental significance

The potential influence of dissolved silicate on phosphate mobilization from goethite surfaces
was assessed by comparing field level phosphate and silicate concentrations observed in
various aquatic environments. The data were extracted from NWIS network (discussed in
section 1.5.3.2.2). Based on the NWIS (2010-2016) data (shown in Table 1.3, Chapter 1), the
average groundwater silicate concentration is higher (0.39+£0.22 mM, N=2011) relative to
stream (0.19+£0.13 mM, N=11881) and standing water (0.15+0.12 mM, N=1527) (also
discussed in the general introduction, Table 1.3). The higher concentration of silicate in
groundwater generally occurs due to water-rock interactions (Davis, 1964) and decreases in
standing water, due to its uptake by some primary producers (Maavara et al., 2015; Rocha et
al., 2002; Struyf et al., 2009) as well as chemical precipitation and co-precipitation processes
(Williams, 1985). The aqueous phase Si:P ratio is also higher in groundwater (Figure 2.5). The
average phosphate concentrations are similar among groundwater (3.11x1073+8.85x10 mM,
N=2011), stream (3.12x10£8.85x10* mM, N=11881) and standing water (3.16x10
3+8.5x103 mM, N=1527). Therefore, based on the aqueous phase Si:P ratio, silicate would be

expected to exert a tangible effect on phosphate mobilization in alkaline groundwater.
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Figure 2.8. pH ranges in groundwater, streams, and standing waters bodies (lakes and
reservoirs) according to the NWIS (2010-2016) database. The number on each box represents
the number of data points, which are extracted from all water depths available in the database.
The lower and upper boundary of each box represents 25" and 75" percentile, respectively,
and the line within the box shows median value. The whiskers are drawn down to the 10™
percentile and up to the 90™.

The aqueous phase pH is another important factor that largely controls the influence of
silicate on the adsorption of phosphate on ferric (hydr)oxides. The NWIS data shows that the
pH in groundwater is lower than the pH in stream and standing water (Figure 2.8). The average
pH value in groundwater is 7.3+0.7 (N=2011) where the expected influence of dissolved
silicate on the removal of aqueous phosphate via adsorption on ferric (hydr)oxides should be
minor (see section 2.4.4). A similar effect of dissolved silicate can be expected for phosphate
adsorption on other metal (hydr)oxides due to their comparable phosphate binding capacities
with ferric (hydr)oxides (also discussed in general introduction, section 1.5.1.2). Furthermore,
the relation between the concentration of phosphate and silicate in groundwater does not show
any significant correlation (1 = <0.01, p value = 0.19) according to the NWIS data (Figure
2.9a). Therefore, even if, on average, the concentration of silicate and the aqueous phase Si:P
ratio are much higher in groundwater, the influence of silicate on the mobilization of phosphate

may be unimportant.
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Figure 2.9. The relationship between phosphate and silicate concentrations in (a) groundwater,
(b) stream water, and (c) in standing water bodies according to the NWIS data (2010-2016).
[Note: The relationship between aqueous phosphate and silicate shown in Figure 2.9c for
standing waters has already been presented in Figure 1.11 (section 1.5.3.2.2) and is repeated
here for comparison with that of other water bodies]. The dashed lines represent the linear
regression fits between the concentrations of phosphate and silicate, which are extracted from
all water depths available in the database.
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On average, stream water is slightly alkaline with a pH of 7.8+0.6 (N=11881) (Figure
2.8), and the Si:P ratio generally is high enough (Figure 2.5) to influence phosphate mobility
based on the predictions by the CD-MUSIC model. However, the NWIS data do not show any
strong relationship (Figure 2.9b) between aqueous phase phosphate and silicate (r*= <0.01, p
value = <0.05), which may indicate that the effect of silicate on the mobilization of phosphate
is of minor importance compared to other factors.

In standing water bodies, primarily lakes, impoundments and reservoirs, the
concentrations of phosphate and silicate are positively correlated (r>= 0.17, p value = <0.05)
(Figure 2.9¢). In addition, the average pH in standing water bodies is alkaline (8.0+0.6,
N=1530), which may arise from the combination of several factors. In some surface water
systems which are buffered by carbonate minerals e.g., CaCOs3, the pH can be alkaline
(Langmuir, 1997b). For example, the pH in some surface waters can be found above 8 where
the water is in equilibrium with CaCO3 and atmospheric CO2(g) (Langmuir, 1997b). Other
important factors can increase pH in water such as (i) photosynthesis, which may increase pH
up to about 9 when dissolved CO> and bicarbonate are used by plants and algae, and (ii) by
biogeochemical reduction processes (Langmuir, 1997d; Verspagen et al., 2014). Further, the
consumption of dissolved oxygen for the mineralization of biomass may increase pH in water,
and by the reduction of nitrate, sulfate or ferric (hydr)oxides (Smolders et al., 2006). Therefore,
higher aqueous phase Si:P ratio and the elevated pH levels in standing water bodies e.g., lakes
and reservoirs may potentially decrease the adsorption of phosphate on metal (hydr)oxides in
sediments. This effect of silicate may eventually promote the mobilization of phosphate in the

aqueous phase, if surface sites are limited for the adsorption of phosphate and silicate.

2.6 Dissolution of goethite during phosphate and silicate adsorption

During the adsorption experiments, goethite dissolution was found to release small amounts of
iron into solution (Figure 2.10). The dissolution of ferric (hydr)oxides is generally controlled
by three basic mechanisms: reductive dissolution, proton promoted dissolution, and ligand
promoted dissolution (Cornell and Schwertmann, 2003). The most common iron dissolution
processes in soil/sediment are promoted by the biotic and abiotic reduction of ferric
(hydr)oxides (Bonneville et al., 2004; Borch et al., 2010; Weber et al., 2006). The proton

promoted dissolution of ferric (hydr)oxides can occur under acidic conditions below pH ~3
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(Cornell and Schwertmann, 2003), which was also observed for goethite in this study (Figure
2.10).
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Figure 2.10. Dissolution of iron from goethite in the presence and absence of phosphate or/and
silicate as a function of pH. The solutions of phosphate (50 uM) and silicate (50 uM) were
equilibrated with goethite (0.5 g/L) at 25°C and /= 10 mM NaCl. In the control experiment,
goethite was equilibrated for 6 hours in the absence of phosphate and silicate at 25°C and /=10
mM NaCl.

In this study, the proton promoted dissolution of iron from goethite was higher in the
control system (with no phosphate and silicate) than in the presence of phosphate and silicate.
This difference in the amount of dissolved iron indicates that the adsorption of phosphate and
silicate may block the goethite surface sites, and hence restrict the release of iron. Furthermore,
the equilibration of phosphate with goethite resulted in lower amounts of dissolved iron in
solution relative to the silicate/goethite system. The formation of stronger surface complexes
by phosphate (with goethite) relative to silicate under acidic conditions may potentially explain
this difference in iron dissolution.

The presence of organic ligands and siderophores is known to cause the ligand promoted

dissolution of iron from ferric (hydr)oxides (Cornell and Schwertmann, 2003; Kraemer, 2004;
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Reichard et al., 2007). In this study, dissolution of goethite in the presence of phosphate was
observed above pH 5 and increased with increasing solution pH (Figure 2.10). However, no
iron was dissolved from goethite in the control solution (with no phosphate and silicate) above
pH 5. This stability of goethite above pH 5 may indicate that 6 hours of equilibration time
considered for the adsorption experiment was insufficient for the dissolution of iron. In
phosphate/goethite systems, the concentrations of dissolved iron increased with increasing pH
in the solutions (Figure 2.10). The adsorption of phosphate on goethite on the other hand
decreases with increasing solution pH (Figure 2.3a and 2.6a).

The adsorption of phosphate on ferric (hydr)oxides generally takes place with concurrent
desorption of adsorbed phosphate (Sabur and Al-Abadleh, 2015). Thus, net phosphate
adsorption at a given pH is determined by the competition between the adsorption and
desorption processes. Under alkaline conditions, the desorption of phosphate adsorbed
becomes more important compared to acidic conditions. Therefore, it is likely that the
desorption of phosphate (above pH 5) resulted in the dissolution of iron (attached to phosphate)
from the goethite surface.

The presence of silicate (with no phosphate) had no effect on the dissolution of iron
between pH 5 and 10, but enhanced iron dissolution above pH 10 (Figure 2.10). The pH
adsorption envelope of silicate on goethite shows that the adsorption of silicate increases with
increasing pH, with maximum adsorption at pH ~10 (Figure 2.3b and Figure 2.6b). Further
increase in pH (above pH 10) results in a gradual decrease of silicate adsorption on goethite.
Therefore, the silicate-mediated dissolution of iron above pH 10 may correspond to the
concurrent adsorption-desorption process of silicate on/from goethite, similar to the
phosphate/goethite system. Within the pH range of 5 to 10, no dissolution of iron in the
silicate/goethite system (with no phosphate) may indicate that the adsorption of silicate occurs
irreversibly (with little or no concurrent silicate desorption) on the goethite surface.
Alternatively, dissolved silicate may undergo co-precipitation with aqueous iron and form a
silicato-iron insoluble complex (e.g., (Fe(OH)3-Si02) below the pKa of H4SiO4 (pH 9.84)
(Ewers, 1983; Gallup, 1989).

The dissolution of iron during the simultaneous adsorption of phosphate and silicate is
moderate (Figure 2.10). For example, about 1.4 pmol iron was dissolved from each gram of

goethite in the presence of phosphate (with no silicate) at pH 7, compared to 0.7 pumol Fe when
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silicate co-existed with phosphate in solution. Note that no iron was dissolved from goethite in
the control system (i.e., in the absence of phosphate and silicate) above pH 5. The pH envelopes
for the competitive adsorption of phosphate and silicate on goethite show that the adsorption
of phosphate gradually decreases (from pH 3) with increasing solution pH, while that of silicate
increases up to pH 10. Under competitive adsorption conditions, increasing the initial aqueous
phase Si:P ratios resulted in decreased phosphate adsorption under alkaline conditions (Figure
2.6a). The decreased adsorption of phosphate on goethite in the presence of silicate is also
likely to decrease phosphate desorption, which occurs concurrently with the adsorption
process. Therefore, the decreased phosphate desorption concurrent phosphate
adsorption/desorption in the presence of silicate could have resulted in the decreased
dissolution of iron from goethite. In addition, the presence of aqueous silicate in the
phosphate/goethite system may decrease the solubility of dissolved iron (released via the
ligand promoted mechanism by phosphate) via the formation of insoluble Fe-Si co-
precipitates.

In sediments, if phosphate is associated with the surface of ferric (hydr)oxides,
desorption of phosphate to the aqueous phase may result in the dissolution of host oxide
minerals by the ligand promoted mechanism. However, if silicate co-exists with phosphate,
silicate may indirectly decrease the dissolution of iron by decreasing the interactions between
the aqueous phosphate and the solid goethite or by decreasing the solubility of dissolved iron
via the formation of Fe-Si co-precipitates. Therefore, although dissolved silicate increases the
mobility of phosphate in water by decreasing phosphate adsorption on ferric (hydr)oxides (see
sections 2.4.2 and 2.4.4), it may slightly decrease the availability of dissolved iron in water

under oxic conditions.

2.7 Conclusions

This study investigated the effect of aqueous phase Si:P ratio on the adsorption of phosphate
on goethite through batch experiments and use of the CD-MUSIC model. The batch
experiments were conducted to a) quantify the rate of phosphate and silicate adsorption on
goethite at a pH of 7, and b) determine equilibrium adsorption envelopes for phosphate and
silicate on goethite over a wide pH range, both as independent and competitive sorbates. The

results of the kinetic study at pH 7 show that the rate of phosphate adsorption is largely
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independent of aqueous silicate whereas that of silicate is strongly suppressed by aqueous
phosphate. Results from pH adsorption envelope experiments together with the predictions
from the CD-MUSIC model suggest that the effect of silicate on the adsorption of phosphate
is highly pH dependent. It is very minor below neutral pH even at a high initial aqueous phase
molar Si:P ratio (i.e., 10). However, under alkaline conditions, dissolved silicate exhibits an
inhibitory effect on phosphate adsorption on ferric (hydr)oxides and this effect increases with
increasing electrolyte concentration. The effect of aqueous phase Si:P ratio on the mobility of
phosphate at the ferric (hydr)oxides-water interface is summarized in the following conceptual

diagram (Figure 2.11).
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Figure 2.11. Conceptual diagram showing the effect of aqueous phase Si:P ratio on the
mobilization of phosphate to water when both silicate and phosphate from aqueous solution
interact with ferric (hydr)oxide surfaces. The mobility of phosphate increases from lighter to
deeper color where the lower and higher effect of aqueous phase Si:P ratio are shown in dashed
circles.

The water quality data extracted from the NWIS network together with experimental
results and the CD-MUSIC model suggest that aqueous silicate can enhance the mobility of

phosphate in high silicate standing water bodies (e.g., lakes) under alkaline conditions.
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Chapter 3

Effect of silicate on phosphate adsorption and desorption under

dynamic pH conditions

3.1 Summary

This study investigates the potential role of dissolved silicate in the interactions between
phosphate and goethite under dynamic pH conditions. Desorption and adsorption experiments
for phosphate were conducted in the absence and presence of silicate. Desorption of phosphate
sorbed to goethite at pH 3 was induced by increasing the pH from 3 to 11, followed by the re-
adsorption of phosphate by decreasing the pH from 11 to 3. Results show that increasing the
pH in the phosphate/goethite system caused phosphate desorption, as expected. However, the
amount of phosphate desorbed from goethite was lower than that estimated by a CD-MUSIC
model previously calibrated based on phosphate adsorption data on goethite. Therefore, the
fraction of sorbed phosphate that could not be desorbed by increasing the pH could correspond
to phosphate immobilized on goethite via surface precipitation or via the formation of stronger
bi-dentate surface complexes than represented in the CD-MUSIC model. In addition, the
magnitude of this un-desorbed fraction was not affected by silicate, even under strong alkaline
conditions where maximum silicate adsorption occurs. The silicate sorbed to goethite under
alkaline conditions, however, reduced the amount of phosphate that could be re-adsorbed when
the pH was brought down from 11 to 3. Thus, exposure to aqueous silicate reduces the number

of adsorption sites on goethite that are accessible to phosphate.

3.2 Introduction

The effect of dissolved silicate on the adsorption of phosphate to ferric (hydr)oxides has been
addressed in Chapter 2 where aqueous silicate at higher concentrations decreased phosphate
adsorption under alkaline conditions. The work in Chapter 2 was conducted under static pH
conditions and with pristine goethite. However, natural ferric (hydr)oxides surfaces generally
carry various sorbates, including phosphate, which may undergo diffusion, precipitation, co-
precipitation depending on the environmental conditions (e.g., pH). Initially adsorbed weaker
phosphate surface complexes e.g., outer-sphere or mono-dentate complexes may convert into

more stable forms, e.g., bi-dentate complexes (Zhong et al., 2007). The importance of such
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time-dependent aging processes in controlling the mobility of phosphate, under dynamic pH
variations, has not been addressed in the existing literature.

This study examines the effect of dissolved silicate in the desorption of phosphate caused
by raising the pH of the aqueous medium from pH of 3 to 11 in a phosphate/goethite system,
in the absence and presence of silicate. After reaching pH 11, the adsorption of phosphate was
initiated in the same system by decreasing the pH stepwise from 11 to 3. The entire experiment
is named a “time-series desorption and adsorption experiment”. The experimental results better
isolate the potential multiple roles dissolved silicate can play in controlling the interactions
between phosphate and ferric (hydr)oxides via adsorption and desorption processes under

dynamic pH conditions.

3.3 Experiments

3.3.1 Desorption kinetics

Goethite (0.5 g/L) (Bayferrox 910 MU) was equilibrated in 1995 mL of 10 mM NaCl solution,
in a Teflon vessel, on a magnetic stir plate for 24 hours to maintain a homogeneous suspension
at 22°C. The goethite suspension was degassed thoroughly by purging with nitrogen gas
(99.998% pure) to remove residual carbon dioxide. The purging of nitrogen gas was continued
throughout the experiment. Then 5 mL of 10 mM phosphate solution (prepared in 10 mM
NaCl) was added to the goethite suspension. The expected phosphate concentration in the
resulting solution was approximately 25 uM, assuming no adsorption. The goethite suspension
with phosphate was equilibrated for 24 hours and then the pH was adjusted to 3 by the gradual
addition of HCI. After further equilibration at pH 3 for 24 hours, an 11 mL sample from the
goethite/phosphate suspension was collected. The pH in the goethite/phosphate suspension was
then raised to 8 through the gradual addition of NaOH. The time taken to increase the pH from
3 to 8 was about an hour. Once a pH of 8 was achieved, the suspensions samples (11 mL each
time) were collected as a function of time from 10 min to 24 hours. The pH was then raised
from 8 to 9 and from 9 to 10 and desorption kinetic studies were conducted at each pH with a
similar procedure as for pH 8. The time taken for altering the pH to 9 and 10 was about 10 min
in each case. A total of 363 mL (11 mLx3pH’sx11 time points) sample was removed for
aqueous analysis throughout the entirety of the experiment, or roughtly 18% of the initial

solution volume. In every case, samples were centrifuged at 1690 RCF for 15 min (Thermo
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Scientific, Sorvall ST 16R) and the supernatant was filtered using 0.45 um pore size
polypropylene (VWR Scientific Inc.) syringe filters, acidified to < pH 2 with ultra-pure nitric
acid (EMD Millipore Corporation), and stored at 4°C until analysis by inductively coupled
plasma atomic emission spectroscopy (ICP-OES). Unless otherwise mentioned, adjustments
were done using a Metrohm 907 auto-titrator equipped with a Metrohm built pH glass electrode

and 5 mL dosing unit (Dosino 800) with 10,000 pulse resolution.

3.3.2 Time-series desorption and adsorption experiment

The goethite suspension was prepared by equilibrating goethite (0.5 g/L) in 1197 mL of 10
mM NaCl solution for 24 hours in an Applikon bioreactor (1.2 L). Then 3 mL of 10 mM
phosphate solution was injected into the system creating phosphate concentration of 25 pM.
The goethite suspension with phosphate was equilibrated for 24 hours and the pH was lowered
to 3 by the addition of HCI and further equilibrated for 6 hours. At that stage, an 11 mL sample
was collected and the pH in the system was increased stepwise by one pH unit increments,
using NaOH, to pH 11 to measure the release of phosphate from goethite. Next, the pH was
decreased again stepwise from 11 to 3, using HCI, and the re-adsorption of the released
phosphate back to goethite was monitored.

To investigate the effect of silicate on phosphate desorption, goethite was pre-
equilibrated with phosphate at a pH of 3 as previously and a 11 mL sample was collected after
6 hours equilibration. Then 4.30 mL of 100 mM silicate was injected resulting in a total silicate
concentration of 355 uM. Addition of silicate caused a pH increase to nearly 3.5 which was
re-adjusted to 3 and equilibrated for 6 hours. The stepwise increase of pH from 3 to 11, the
stepwise lowering back to pH 3, and the collection of samples were performed as per previous
experiments. Throughout the experiment, the reaction medium (goethite suspension with and
without phosphate and silicate) was degassed with nitrogen gas (99.998% pure) to remove
residual carbon dioxide, as stated in section 3.3.1. The samples collected at each time were

centrifuged, filtered and stored at 4°C for ICP-OES as described in above.
3.3.3 Aqueous analyses

To avoid the interference from silicate in phosphate determination by colorimetry (Hartikainen

et al., 1996), inductively coupled plasma atomic emission spectroscopy (ICP-OES) was used.

68



Total aqueous concentrations of iron, phosphate and silicate were measured (as elements; Fe,
P and Si) by ICP-OES (Thermo Scientific iCAP 6300) after acidification with ultra-pure HNO3
(EMD Millipore Corporation) to < pH 2. ICP-OES has a precision of <5% RSD and an
accuracy of = 10% with respect to NIST validated solutions for all analytes. Three wavelengths
per analyte were selected and evaluated to ensure minimal interference from solution
components. The method detection limit for Fe, P and Si were 0.89, 1.61, 1.78 uM,
respectively. Matrix-matched standards were used for calibrations and all reagents were

prepared with analytical grade salts from isoSPEC and 18.2 MQcm-1 water (Millipore).

3.4 Results and discussion

3.4.1 Desorption kinetics

Kinetic data for the desorption of phosphate sorbed to goethite at pH 8, 9 and 10 are shown in
Figure 3.1. Kinetic parameters were not extracted because of the very rapid desorption of
phosphate during each pH transition. For example, goethite surface coverage by phosphate was
decreased by 0.12 pmol/m? while the pH changed from 8 to 9, which corresponds to 50% of
the total amount of phosphate desorbed at pH 9 plus the amounts desorbed during this pH
transition. The results in Figure 3.1 were used to estimate the equilibration time for phosphate
desorption in the time series desorption and adsorption studies. The kinetic data indicate that
roughly 4 to 6 hours were required for the complete desorption of phosphate at each pH.
Therefore, 6 hours equilibration time was selected for the time series desorption and adsorption

experiments.
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Figure 3.1. Kinetic data for the desorption of sorbed phosphate from goethite. Goethite (0.5
g/L) was previously exposed to phosphate (25 uM) at pH 3 and desorption of phosphate was
conducted at pH 8, 9, and 10, respectively, at 22°C and /=10 mM NaCl. Error bars represent
the range of values measured between duplicate experiments.

3.4.2 Time series desorption and adsorption experiment

3.4.2.1 Desorption of phosphate: effects of pH and silicate

Desorption of phosphate from goethite was calculated with respect to the amount sorbed at pH
3. The goethite in equilibrium with phosphate (25 uM) at pH 3, sorbed 61% of the initial
solution phosphate. The stepwise increase of the pH from 3 to 11 resulted in the gradual release
of sorbed phosphate. This phosphate release was expected based on the pH adsorption
envelopes of phosphate on goethite, where the adsorption decreases with increasing pH
(Chapter 2, sections 2.4.2 and 2.4.4). The amounts of desorbed phosphate at a given pH were
compared with those estimated theoretically by the CD-MUSIC model. The model was
previously calibrated with phosphate adsorption data in the absence and presence of silicate
(Chapter 2). The results show that the percentages of desorbed phosphate measured
experimentally in this study were lower than the amounts calculated by the model, and that this
deviation increased during the transition from acidic to alkaline conditions (Figure 3.2). For

example, 21% of the initially sorbed phosphate (at pH 3) was desorbed at pH 7 in the absence

70



of silicate while the model predicts 42% desorption, a 21% difference (Figure 3.2). This
difference increased to 30% at pH 8. However, under strong alkaline conditions, e.g., above
pH 8, the fractions of un-desorbed phosphate remained fairly constant (Figure 3.2), at about
0.5 umol/m? (See supplementary material, Figure SM-3.1), similar to the amounts of phosphate
sorbed with slow kinetics at pH 7 (Chapter 2, Table 2.2). Thus, the remaining un-desorbed
phosphate with respect to the model prediction potentially indicates that a certain amount of

phosphate sorbed at pH 3 remains strongly bound to the goethite surface.
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Figure 3.2. Percentage of phosphate desorption from goethite as a function of pH, in the
absence (filled circles) and presence of 355 uM silicate (filled triangles), with respect to the
amount sorbed at pH 3. The phosphate (25 uM) solution prepared in 10 mM NaCl was
equilibrated with goethite (0.5 g/L) at pH 3 and at 22°C, which resulted in about 62%
adsorption (~2.11 pmol/m?) of the initial phosphate. The solid blue and dashed pink lines
represent the amounts of phosphate desorption in the absence and presence of silicate,
respectively, estimated by the CD-MUSIC model under the experimental conditions stated
above. Error bars represent the range of values measured between duplicate experiments.

The irreversible immobilization of phosphate on goethite may occur through multiple
possible mechanisms. For example, sorbed phosphate in long-term contact with goethite may
undergo surface precipitation or form strong bridging complexes with iron dissolved from

goethite (Ler and Stanforth, 2003), limiting its release back into solution. The transformation
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of relatively weaker outer-sphere and/or mono-dentate phosphate-goethite surface complexes
to the more stable bi-dentate form has also been suggested to take place with increasing
solution pH (Zhong et al., 2007). Further, the detachment of bi-dentate phosphate complexes
is thermodynamically less favorable compared to their formation on ferric (hydr)oxide surfaces
(Farrell and Chaudhary, 2013), because a bi-dentate complex requires the cleavage of an
O3PO-Fe bond in the first step to form a mono-dentate complex before leaving the surface
(Farrell and Chaudhary, 2013). The gradual diffusion of dissolved or sorbed phosphate into the
lattice structure of the mineral is also possible (Fuller et al., 1993; Luengo et al., 2007),
although this mechanism has been suggested to be unimportant for the phosphate/goethite
system (Hongshao and Stanforth, 2001). Therefore, phosphate immobilization on goethite
surface during the transition of pH from acidic to alkaline conditions could have resulted due
to surface precipitation or the formation of strong bi-dentate surface complexes.

No effect of silicate on the desorption of sorbed phosphate from goethite was observed
during the pH increase from 3 to 11 (Figure 3.2). Note that, the total concentration of silicate
was ~15 times higher than that of phosphate. An effect of silicate on the desorption of
phosphate could be expected from their competitive interactions with goethite, especially near
the first pKa of H4S104 (pH 9.84) where maximum adsorption of silicate on goethite takes place
(Chapter 2, sections 2.4.2 and 2.44). The adsorption of silicate, on the other hand, increased
with increasing pH as shown by the decrease of silicate concentrations in solution (Figure 3.3).
The lack of a silicate effect on phosphate desorption may indicate (i) either the desorption of
phosphate is not likely by silicate, or (ii) the immobilization of phosphate occurred on goethite

surface via surface precipitation or both.
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Figure 3.3. Concentrations of silicate (symbols) as a function of pH which was added into the
system after equilibrating phosphate (25 pM) solution with goethite (0.5 g/L) at pH 3 and 22°C
and /=10 mM NaCl. The dashed line represents the concentrations of aqueous silicate,
estimated by the CD-MUSIC model under the experimental conditions stated above. Error bars
represent the range of values measured between duplicates.

3.4.2.2 Adsorption of phosphate: effects of pH and silicate

The time-series re-adsorption experiments (pH 11 to 3) were conducted immediately after the
desorption (pH 3 to 11) phase in the same system. During the stepwise transition of pH,
adsorption of desorbed phosphate took place on goethite (Figure 3.4) which resulted in a near
linear phosphate adsorption envelope between pH 10 and 3. In contrast, the phosphate
adsorption envelope measured under static pH conditions presented in Chapter 2 (Figure 2.3a
and Figure 2.6a) shows a different non-linear pH trend. The non-linear phosphate adsorption
envelope under static pH conditions (Chapter 2, Figure 2.3a and 2.6a), with a distinctive change
in the adsorption gradient around near neutral pH, can be explained by the change in the
pronation state of H3;PO4 around pH 7 (shown in Figure 1.12a, Chapter 1). In this study, the
near linear pattern of phosphate adsorption envelope, instead of levelling off during the pH
transition from alkaline to acidic conditions may imply that the goethite surfaces may have

undergone significant changes during the imposed pH changes (3 to 11 followed by 11 to 3),
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compared to the initial (pristine) surfaces. For example, dissolution of iron from goethite (see
section 2.6, Chapter 1) and the possible reprecipitation of dissolved iron, could have altered

the chemical structure of the goethite surfaces.
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Figure 3.4. The percentage of adsorbed phosphate in the absence (filled circles) and presence
(filled triangles) of silicate during the stepwise decrease of pH from 11 to 3 by the addition of
HCI. The percentage of sorbed phosphate was calculated relative to the aqueous phosphate
remaining in solution in equilibrium with goethite (0.5 g/L) at pH 11. Error bars represent the
range of values measured between duplicates.

Adsorption of phosphate decreased in the presence of silicate, as compared to the system
that contained no silicate (Figure 3.4). The decreased adsorption of phosphate in the presence
of silicate was small (up to about 5%), but noticeable. In addition, no release of sorbed silicate
was observed during the decrease of pH from 11 to 3, though expected from the adsorption pH
envelopes of silicate on goethite by the CD-MUSIC model (Figure 3.5). The surface species
formed by silicate on ferric (hydr)oxides can be monomeric, oligomeric or polymeric (Christl
et al., 2012; Hiemstra et al., 2007, Swedlund and Webster, 1999). The monomeric or
oligomeric surface complexes also form polymer complexes when in contact with ferric
(hydr)oxides surface for an extended time (Christl et al., 2012). Thus, polymerization of silicate

on the goethite surface and other mechanisms (e.g., co-precipitation) may protect the silicate
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from desorbing during the transition of pH from alkaline to acidic conditions (Figure 3.5). The
sorbed-silicate may further block surface sites on goethite (Wu et al., 2009), and hence explain

the slight decrease in phosphate adsorption over a wide pH range (Figure 3.4).
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Figure 3.5. Concentration of silicate (filled squares) as a function of pH during the stepwise
decrease of pH from 11 to 3 by the addition of HCI. The experimental conditions are stated in
section 3.3.2. The dashed line represents the concentrations of aqueous silicate, estimated by
the CD-MUSIC model under the similar experimental conditions. Error bars represent the
range of values measured between duplicates.

3.5 Conclusions

This study investigates the effect of silicate in the desorption/adsorption of phosphate from/on
goethite under dynamic pH conditions. Experimental results show that the stepwise transition
of pH from acidic to alkaline conditions resulted in increased phosphate concentration in the
aqueous phase, indicating that phosphate sorbed to goethite was released to solution. However,
the amount of phosphate desorbed at a given pH was lower than the amount estimated by the
CD-MUSIC model. This difference in the amount of desorbed phosphate at a given pH
suggests that the sorbed phosphate could partially be irreversibly bound to the goethite surface.
This immobilization of phosphate possibly occurs via the (co-)precipitation of phosphate on

goethite, via the formation of strong bi-dentate surface complexes. This irreversibly bound
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phosphate does not desorb, even in the presence of silicate under strong alkaline conditions.
However, silicate presence on the surface of goethite and in solution decreased phosphate
adsorption over a wide pH range (pH 11 to 3). This effect of silicate on phosphate adsorption
is consistent with the results from their competitive adsorption on goethite presented in Chapter
2. In summary, silicate shows no influence on phosphate desorption; however, it limits
phosphate adsorption by competitively interacting with the goethite surface. Hence, the
presence of aqueous silicate may exert an important control over one of the key mechanisms
determining phosphate mobility in sediments by limiting the adsorption of phosphate on metal

oxide minerals.
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Chapter 4

Iron-phosphate-silicate co-precipitates: Phosphate mobilization during

reductive dissolution

4.1 Summary

Here, we investigate the dependence of the reductive dissolution of Fe-P-Si co-precipitates on
the Si:Fe ratio and the associated mobilization of phosphate to solution. Ferric iron precipitates
were synthesized in the presence of phosphate at various aqueous Si:Fe ratios via (i) the
oxidation of Fe?*, and (ii) direct precipitation of Fe** by pH increase. Ferric precipitates were
also prepared following both synthetic approaches in the absence of phosphate and silicate.
The synthesized ferric precipitates and Fe-P-Si co-precipitates were characterized by a
combination of chemical and spectroscopic techniques including ATR-FTIR and XRD. The
chemical analyses of the co-precipitates show that higher initial aqueous Si:Fe ratios during
co-precipitation resulted in higher solid phase Si:Fe ratios. However, variable aqueous Si:Fe
ratios during synthesis did not influence the final P:Fe ratios in the solid phase. ATR-FTIR and
XRD analyses indicated the absence of amorphous silica in any of the synthesized solids,
suggesting the predominance of co-precipitation of iron, phosphate and silicate. Synthesized
ferric (co-)precipitates were subsequently dissolved in buffered ascorbate-citrate solution at
pH 7.5. The results show that the co-precipitates obtained from Fe?" oxidation were more
reactive than those obtained via the pH increase method. However, regardless of synthesis
method, slower iron and phosphate dissolution kinetics were obtained for solids with higher
solid phase Si:Fe ratios. Furthermore, the reactivity of pure ferric precipitates was much lower
than those of the co-precipitates, irrespective of synthesis method. The reductive dissolution
of co-precipitates synthesized by Fe*" oxidation was also conducted in the presence of a
facultative anaerobic iron reducing bacteria, Shewanella putrefaciens, but these experiments
did not provide any clear trend in the reactivity of the co-precipitates. However, XRD analyses
of residual co-precipitates subsequent to microbial reduction suggest that solids with a high
Si:Fe ratio were more resistant to dissimilatory reduction, which agrees with the dissolution

kinetics determined via abiotic ascorbate-citrate extraction.
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4.2 Introduction

The potential effects of silicate on the mobility of phosphate through adsorption and desorption
processes have been addressed in the previous chapters (Chapter 2 and Chapter 3).
Experimental results have shown that silicate can decrease phosphate adsorption on goethite
at alkaline pH (Chapter 2). However, dissolved silicate has no measurable effect on the
desorption of phosphate already sorbed to goethite (Chapter 3). In aquatic environments,
dissolved phosphate and silicate may undergo co-precipitation with iron and the resulting co-
precipitates may also undergo dissolution during the redox cycling of iron. The removal of
phosphate by co-precipitation with iron in the presence of dissolved silicate has also been
suggested to affect the mobilization of phosphate in sediments (Mayer and Jarrell, 2000; Senn
et al., 2015). However, the existing literature lacks clear characterization of the stability of
ferric iron, phosphate, and silicate co-precipitates under dynamic bottom water redox regimes.

A limited number of published studies show that Fe-Si co-precipitates with variable Si:Fe
ratios exhibit different physical and chemical properties (Cismasu et al., 2014; Karim, 1984;
Saleh and Jones, 1984). For example, the specific surface area of Fe-Si co-precipitates has been
shown to increase (Karim, 1984) or decrease (Zeng, 2003) with increasing solid phase silicate
concentration. Further, silica-ferrihydrite (Fe(OH)s3-Si02) co-precipitates with Si:Fe ratios of
0.01 to 0.16 synthesized by oxidative Fe?" precipitation exhibit differing and complex
reactivity in oxalic acid (Karim, 1984; Saleh and Jones, 1984). For example, the reactivity of
Fe(OH)3-Si02 has been shown to increase (Si:Fe 0 to 0.01), then decrease (Si:Fe 0.01 to 0.02),
and increase again (Si:Fe 0.02 to 0.14) with increasing silicate concentration (Saleh and Jones,
1984). The rather unexpected decrease to reactivity at a solid phase Si:Fe ratio of (~0.02) was
explained by the possible formation of a more ordered Fe(OH)s-SiO2 phase (Karim, 1984;
Saleh and Jones, 1984).

One recent study has shown that iron in co-precipitates with high silicate concentrations
could be incorporated inside polymeric silica, based on solid phase characterization by X-ray
scattering and absorption spectroscopic techniques (Cismasu et al., 2014). The authors propose
that iron structurally bound to polymeric silica could be less bioavailable as electron acceptor
for microbial metabolism, and thus the release of iron from such solid co-precipitates to water
would be limited. However, the role that co-precipitated silicate plays in the stabilization of

ferric iron, that is, by inhibiting the reductive dissolution of Fe(IlI)-silicate co-precipitates, still
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lacks experimental evidence. The Si:Fe ratio in Fe-Si co-precipitates may potentially be an
important indicator of the reactivity of the co-precipitates in the reductive release of iron to
water. However, phosphate is also likely to co-exist with silicate in ferric co-precipitates that
form in natural environments. The chemical affinity of phosphate and silicate towards iron are
different during co-precipitation (Kaegi et al., 2010; Voegelin et al., 2010), which may result
in different reactivity of iron in Fe-P-Si and Fe-Si co-precipitates. Therefore, the effect of Si:Fe

ratio on the reactivity of solid Fe-P-Si towards reductive dissolution requires further study.
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Figure 4.1. Schematic diagram showing the formation of ferric (hydr)oxides in the presence
of phosphate and silicate during the upward diffusion of Fe?" from deeper sediments.

In this study, Fe-P-Si co-precipitates of variable Si:Fe ratios were synthesized by
oxidizing ferrous (Fe**) iron in solution containing phosphate and variable concentrations of
silicate. This simulates natural precipitation processes where the upward diffusion of
reductively dissolved Fe?" from deeper sediments may be oxidized in the surface sediments
(Figure 4.1) (Precht et al., 2004; Santschi et al., 1990) (also discussed in Chapter 1, section
1.5.2). The oxidation of Fe*" and resulting co-precipitates may also form at locations where
groundwater interacts with surface waters (Figure 4.2) (Shiraishi et al., 2018; van der Grift et
al., 2014). In aquatic environments, Fe-P-Si co-precipitates can also be deposited at the
sediment-water interface due to sedimentation from the water column (Figure 4.1). Analogues

of natural Fe-P-Si co-precipitates are often prepared in the laboratory to study geochemical
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processes in freshwater sediments (Cismasu et al., 2014; Dyer et al., 2010; O’Melia and
Stumm, 1967).

Although Fe-P-Si co-precipitates commonly form naturally by oxidative precipitation,
synthesized analogues are frequently prepared by increasing the pH of an acidic solution
containing aqueous ferric (Fe*") iron (Cismasu et al., 2014; Schwertmann and Cornell, 2000c).
Therefore, we synthesized a second set of co-precipitates by precipitation of Fe*" induced by
rapid pH increase, to compare their reactivity with those prepared by oxidative Fe*"
precipitation. The removal of iron, phosphate, and silicate from aqueous solution during co-
precipitation was determined by analyzing the aqueous species in the initial (pre-oxidation)
and final (post-oxidation) solutions. In addition, following both the synthetic approaches,
oxidative Fe?" precipitation and direct Fe’" precipitation, pure ferric precipitates were
synthesized in the absence of phosphate and silicate to compare their reactivity to those of the

Fe-P-Si co-precipitates.

Figure 4.2. Ferric (hydr)oxide produced via Fe?' oxidation during the interaction of
groundwater and surface water (a) at the Okuoku-hachikurou hot spring located in Japan, the
figure has been reproduced from Shiraishi et al. (2018); and (b) in a ditch located in Hupsel
Brook Catchment in The Netherlands, the figure has been reproduced from van der Grift et al.
(2014).

The synthesized ferric iron precipitates and co-precipitates were subsequently
reductively dissolved in buffered ascorbate-citrate solution at near neutral pH, a method used
in past studies to compare the relative reactivity of ferric (hydr)oxides (Hyacinthe et al., 2006;

Hyacinthe and Van Cappellen, 2004; Phillips et al., 1993; Raiswell et al., 2010; Suter et al.,
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1991). Kinetic parameters describing the dissolution of iron, phosphate, and silicate were
extracted by fitting the experimental data to the reactive continuum model (Hyacinthe et al.,
2006; Hyacinthe and Van Cappellen, 2004; Raiswell et al., 2010). To estimate the bio-
availability of iron (as an electron acceptor) and phosphate (as a nutrient) from co-precipitates
obtained by Fe?" oxidation, an anaerobic dissolution experiment in the presence of the model

facultative anaerobic iron reducing bacteria Shewanella putrefaciens was also conducted.

4.3 Materials and methods

4.3.1 Synthesis of co-precipitates by Fe?* oxidation

Co-precipitates of Fe-P-Si were synthesized by oxidizing Fe?* in the presence of phosphate
and variable silicate concentrations similar to previously published synthesis approaches (Senn
et al., 2015; Voegelin et al., 2010) with slight modifications. In the syntheses, ratios of
phosphate and silicate with respect to iron (0.2 M) in solutions (P:Fe ratio 0.5, and Si:Fe ratio
0 to 0.5) were used based on ratios typically found in surface waters (Mayer and Jarrell, 2000).
However, higher concentrations of each element were used in the initial solution to obtain
sufficient precipitated material to conduct further experiments. For each co-precipitation
experiment, an aqueous solution of phosphate (Sigma Aldrich, HoNaPO4, >99.0%) with or
without silicate (Aldrich, Na;Si03.9H>0, >98.0%) prepared in 0.1 M NaHCOs (Sigma, 99.5-
100.5%) solution, adjusted to pH 7.0, was added to solid crystals of FeCl,-4H>O (Sigma-
Aldrich, >99.0%). The solid ferrous salt (FeCl,-4H,0) was used instead of an Fe?* solution to
avoid the oxidative precipitation of pure ferric precipitates before the complete mixing of the
phosphate, silicate and iron solutions could occur. Aeration was started simultaneously with
the addition of phosphate and silicate solution to the ferrous salt. The oxidation of Fe?* resulted
in a pH drop, however; NaOH (1 M) solution was added to maintain pH at 7.0+£0.5 during
precipitation. The co-precipitation experiments were continued for 24 to 48 hours and were
considered complete when a stable pH was reached. The co-precipitates were centrifuged at
1690 RCF for 15 min (Thermo Scientific, Sorvall ST 16R) and the supernatants were filtered
(0.45 pm pore size, polypropylene) before analysis (see section 4.3.5.3 for analytical methods).
The concentrated wet (co)-precipitates obtained from centrifugation were dialyzed
(Spectra/Por 1 Dialysis Tubing) in 18.2 MQ cm™! water (Millipore) until a stable conductivity

was obtained. The solids collected from the dialysis bag were further centrifuged to remove
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water as much as possible and freeze-dried. The dried samples were stored in a desiccator to

minimize secondary surface reactions accelerated by atmospheric moisture.

4.3.2 Synthesis of co-precipitates by pH increase

For the synthesis of co-precipitates by direct Fe>" precipitation, a 500 mL of 0.4 M solution of
FeCl3.6H,O (EMD, 99.0-102.0%) was prepared in 18.2 MQ cm™' water (Millipore). This
solution was then used to dissolve sodium phosphate monobasic (Sigma Aldrich, HoNaPOu,
>99.0%). Subsequently, silicate solution of variable concentrations (Aldrich, Na»Si03.9H>0,
>98.0%) prepared in 1M NaOH, was added to the solution of Fe** and phosphate. Further pH
adjustment to 7.0 was achieved by adding 1M NaOH solution. The initial addition of NaOH
solution was rapid but in 2 to 3 steps and then drop wise. The time taken for this pH adjustment
was about 10 min. The initial aqueous phase P:Fe and Si:Fe ratios in this method were similar
to the ratios used in the Fe?" oxidation method. Finally, the suspension was equilibrated for 24
hours with continuous stirring. The pH was measured and found to change +0.2 unit after 24

hours. The samples were dialyzed and freeze-dried as per the method, above (section 4.3.1).

4.3.3 Synthesis of pure ferric precipitates
Ferric precipitates were synthesized in the absence of phosphate and silicate following the
synthetic protocols described above i.e., Fe*" oxidation (section 4.3.1) and pH increase (section

432).

4.3.4 Reductive dissolution experiments

4.3.4.1 Reductive dissolution in buffered ascorbate-citrate solution

A solution (990 mL) of 0.17 M sodium citrate (Sodium citrate dehydrate, Sigma, >99%) and
0.59 M NaHCOs (Sigma, 99.5-100.5%) was prepared with 18.2 MQ cm™! water (Millipore) in
an Applikon bioreactor (1.2 L). Solid ascorbic acid (Sigma, >98%) was added slowly to the
solution of sodium citrate and sodium bicarbonate with continuous stirring using a glass rod to
avoid vigorous reaction between bicarbonate and ascorbic acid. The final concentration of
ascorbic acid in the solution was 0.057 M. The solution was subsequently stirred at 200 rpm
and purged continuously with nitrogen gas for an hour. The pH of this solution was measured

as 7.60+0.05 which was then adjusted to 7.5 through the addition of approximately 0.5 mL of
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6M HCI. Approximately 0.2 g (weighed to a precision of 4 decimal places) of co-precipitate
was introduced into the reactor in the form of a suspension prepared in 10 mL of 18.2 MQ cm”
! water. Suspension samples were collected periodically via syringe through a sampling port
in the head plate of the reactor. At each sampling time, 3 mL of filtered (0.45 pm,
polypropylene) sample was quickly added to 6 mL of 0.5 M HCl to prevent Fe?" oxidation and
possible secondary co-precipitation and then stored at 4°C before analysis (see section 4.3.5.3
for details of the analytical method). Dissolution experiments were conducted with (co)-
precipitates produced via both synthesis methods. Control dissolution experiments were also
conducted using a solution of 0.59 M NaHCO3 and 0.17 M sodium citrate in the absence of
ascorbic acid (the reductant). The resultant filtered (0.45 pum, polypropylene) samples were

acidified and stored as discussed above before analysis.

4.3.4.2 Dissimilatory iron reduction by Shewanella putrefaciens

Dissolution kinetics experiments in the presence of Shewanella putrefaciens were conducted
for the ferric precipitates and co-precipitates obtained via the Fe*" oxidation method. The ferric
precipitate and co-precipitates were treated with UV light in an air-clean chamber (AirClean®®
workstation) for 2 hours to sterilize the solid surface. The sterilization via autoclaving was
avoided to prevent undesirable structural changes in the ferric (co)-precipitates due to high
temperature as well as the steam penetration into the solids (Berns et al., 2008; Emerson, 2009).
Each precipitate/co-precipitate (2.5 mmol Fe per 100 mL) was added to a media bottle
containing a solution of microbial growth media. The media solution contained KCI (4x10*
M), NaCl (2.6x10° M), CaSO4 (4.8x10° M), MgSO4 (4x10° M), Na-lactate (1x102 M)
prepared in 0.02 M HEPES, adjusted to pH 7.5. The bottles containing the precipitate/co-
precipitates with microbial growth media were introduced into an anaerobic chamber (Coy
laboratory products, with a <1 ppmv Oz, 97% N> and 3% H>) where the bottles were capped
tightly using butyl rubber stoppers. Next, 1.55 mL of a concentrated suspension of Shewanella
putrefaciens was injected through the stopper into each bottle giving final bacterial
concentrations of 8.0x107+8.8x10° cell/mL. After the addition of Shewanella putrefaciens
(t=0), suspension samples were periodically collected using a needle and syringe for the

determination of Fe?*, dissolved phosphate, and ATP concentrations (see section 4.3.5.3 for

analytical methods). The bottles were incubated outside of the anaerobic chamber at 25°C and
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150 rpm in dark (Innova® 42). The bottles were introduced into the anaerobic chamber again
at each sampling time. The dissolution experiment in Shewanella media for each
precipitate/co-precipitate was conducted in triplicate (5%3=15 bottles). In addition, duplicate
experiments (5x2=10 bottles) without bacteria were conducted as abiotic controls.
Comprehensive sampling was continued up to 220 hours. The experiment was completed after
350 hours when ATP concentrations in the bottles were stable at minimal values. The
remaining suspensions in each bottle were allowed to settle for 2 hours inside the anaerobic
chamber. The residual wet precipitate/co-precipitates from each bottle were separated by
decanting the top aqueous layer and stored in a freezer (-20 °C) before freeze-drying for further

solid phase analysis.

4.3.5 Analytical methods

4.3.5.1 Solid phase characterization

Specific surface area: The specific surface area of the precipitates and co-precipitates were
determined by absorbing nitrogen gas (with an eleven point isotherm) using the Brunauer-

Emmett-Teller (BET) method (Brunauer et al., 1938) using a Gemini VII instrument.

Scanning Electron Microscopy: The surface morphology of the ferric co-precipitates
were analyzed by Scanning Electron Microscopy (SEM). The granule samples were mounted
on a carbon tape attached to an aluminum SEM stub and images for each sample were collected
using an SEM microscope (TM3000, Hitachi) with 15 kV accelerating voltage. The relative
elemental composition on precipitate or co-precipitate surfaces was measured using Energy

Dispersive X-Ray Spectroscopy (EDS) and the QUANTAX 70 software.

Powder XRD diffraction: Powder XRD analyses were conducted on the precipitates and
co-precipitates using a PANalytical Empyrean XRD with a Co-X-ray tube (operated at 40 kV
45 mA) and a PIXcel3D detector. The sieved (63 pm) samples were loaded into XRD sample
holders using a back-loading technique. The XRD patterns for each sample were collected
from 3 to 70° 26 with a step size of 0.01° 20. The X-ray beam path was defined using a fixed
1/8° divergent slit, a 1/4° anti scatter receiving slit, and a 10 mm mask on the incident side, a
large beta-filter (iron), and a 7.5 mm anti scatter slit on the diffraction side. Soller slits (0.04
rad) were fitted to both the incident and diffracted beams. Scans were accumulated for 24 hours

to achieve each spectrum. The crystalline phases in the solid samples were identified using
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HighScore Plus software and a combination of the free Crystallography Open Database and
the PAN-ICSD Database. Once all crystalline phases were identified, a Rietveld refinement
routine built into the HighScore Plus software was used to estimate the relative abundance of

each crystalline phase.

ATR-FTIR spectra: For the collection of ATR-FTIR spectra (8700 FTIR spectrometer,
Thermo Instruments), 20 mg of sample was mixed with 0.9 mL water and 0.4 mL ethanol and
sonicated for an hour. The resultant slurry was deposited on an ATR flow cell and dried
overnight on the laboratory bench. The ATR flow cell contains a 60° ZnSe crystal IRE

(80x10x4 mm, 100 pL). Spectra were collected at 8 cm ™! resolution with 100 averaged scans.

4.3.5.2 Chemical composition of precipitates and co-precipitates

Freeze-dried precipitate or co-precipitate sample (12.5 mg) was added to a polypropylene
centrifuge tube (VWR, 50 mL) containing 20 mL of 2M HCl solution. The resulting suspension
was agitated on a rotary shaker at 30 rpm (Glass-Col, 099A RD4512) at 22°C for 24 hours to
dissolve the ferric precipitates and co-precipitates. Note that no remaining suspended particles
of ferric (co)-precipitates were observed after 24 hours of dissolution. The aqueous samples
were filtered through 0.45 um pore size polypropylene syringe filters and stored at 4°C until
analysis for iron, phosphorus and silicon contents (see section 4.3.5.3 for the analytical

method).

4.3.5.3 Aqueous analyses

The aqueous samples collected to estimate (i) the removal of dissolved iron, phosphate and
silicate via co-precipitation (discussed section 4.3.1), (ii) the dissolution of iron, phosphate and
silicate from the precipitates and co-precipitates in buffered ascorbate-citrate solutions and in
control solutions without ascorbic acid (discussed in section 4.3.4.1), and (iii) the chemical
compositions of the synthesized precipitates and co-precipitates by dissolving the solids in 2M
HCl solution (discussed section 4.3.5.2), were analyzed by inductively coupled plasma optical
emission spectroscopy (ICP-OES) using a Thermo Scientific iCAP 6300 instrument. The
analytical accuracy and the method detection limits for Fe, P and Si are discussed in Chapter

2 (section 2.3.2).
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The suspension samples collected during the reductive dissolution experiments
conducted in Shewanella media (discussed in 4.3.4.2) were filtered (polyethersulfone 0.2 um
pore size sterilized filter, VWR); 0.8 mL of the filtrates were acidified with equal volumes of
0.5 M HCI and stored at 4° until the concentrations of Fe?>" and phosphate were analyzed. The
concentration of Fe?* was determined by the ferrozine method (Viollier et al., 2000) and the
dissolved phosphate was determined by the molybdate blue method (Ringuet et al., 2011) using
an Ultra Violet Visible Spectrophotometer (FlexStation 3). For the quantification of Fe?*
sorbed to the residual precipitate/co-precipitate surface or freshly precipitated during the
experiment, 0.25 mL of the suspension samples was acidified with 0.5 mL of 0.5 M HCI and
stored at 4 °C, the analysis was completed within 24 hours. Before analyzing the sorbed or
precipitated Fe?", the acidified suspensions were equilibrated at room temperature for an hour
and then agitated for 2 hours on a rotary shaker at 30 rpm (Glass-Col, 099A RD4512) and the
filtered (0.2 um pore size polypropylene) aqueous fractions were analyzed for the
determination of Fe?" using the ferrozine method (Viollier et al., 2000). Adenosine
triphosphate (ATP) concentrations were analyzed immediately in the suspension samples: 100
uL of the collected suspensions were mixed with 100 pL of ATP reagents (BacTiter-Glo™)
and luminescence was measured (FlexStation 3) from which the concentration of ATP was

calculated (Hammes et al., 2010).

4.4 Results and discussion

4.4.1 Chemical composition of precipitates and co-precipitates

The bulk chemical compositions obtained by dissolving the precipitates and co-precipitates in
2M HCI are presented in Table 4.1. All of the co-precipitates obtained by the Fe?" oxidation
method contained similar solid phase P:Fe ratios (~0.49+0.01) which closely matched the
initial solution P:Fe ratio (0.5). The P:Fe ratios in the co-precipitates synthesized via the pH
increase method were 0.39+£0.02, that is, lower than the P:Fe ratios in the co-precipitates
obtained by Fe?" oxidation. In the Fe** oxidation method, the co-precipitates were synthesized
at pH 7.0+0.5 where aqueous phosphate exists mostly in deprotonated forms. For example, the
ratio of deprotonated phosphate, HoPO4™ to HPO4>~ at pH 7 in water is close to 1:1 (pKax=7.21,
also discussed in Chapter 1, Figure 1.12a). In the pH increase method, the initial solution of

Fe** was strongly acidic with a pH near 2. Therefore, phosphate present with Fe** during the
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synthesis of co-precipitates (by the latter method) was mostly present in the singly
deprotonated form, H2PO4™ (~90%), while the remaining 10% existed in the fully protonated
H3PO4 form. The singly deprotonated form of phosphate (H2POy) is likely to show lower
affinity towards aqueous Fe*" compared to the doubly deprotonated form (HPO4>) during co-
precipitation.

In the pH increase method, alkaline solution of silicate was added to an acidic solution
of solution of Fe*" and phosphate (pH ~2). Further pH adjustment to 7.0 was achieved by
adding 1M NaOH solution, initially rapidly but in 2 to 3 steps and then drop wise. During this
pH increase, the formation of precipitate was still observed before reaching the final pH at 7.0,
and even after the addition of alkaline silicate solution (before the addition of 1M NaOH). This
implies that a significant portion of Fe** in solution was likely co-precipitated with phosphate
below pH 7.0 at which HoPO4™ is dominate over HPO4?" in solution. Adsorption of phosphate
(H2PO4/ HPO4*)to the freshly formed ferric (co)-precipitates is also possible, causing the
removal of phosphate from solution. However, the concentrations of HPO4> and HoPO4™ during
the co-precipitation with Fe** via the Fe?* oxidation method at pH 7.0 were nearly equal (1:1).
Therefore, higher affinity of HPO4>* towards Fe*" at pH 7.0 during Fe?" oxidation could have
resulted in greater co-precipitation of phosphate with Fe** compared to the co-precipitates
obtained via pH increase method.

Table 4.1. Chemical compositions of the synthesized precipitates and co-precipitates obtained
by dissolving the solids in 2M HCI. The “+” sign represents the range of values measured

between duplicate analyses. The P:Fe and Si:Fe ratios were calculated with the average
concentration of iron, phosphate (P) and silicate (Si) in the co-precipitates.

Precipitate (ppt) or Solution Chemical compositions in the synthesized
co-precipitate composition precipitates/co-precipitates
(co-ppt) P/Fe | Si/Fe | Fe(mmolg") | P:Fe | SiFe
Synthesized via Fe?* oxidation
Fe (ppt) 0 0 10.00+0.09 0 0
Fe-P (co-ppt) 0.5 0 6.52+0.12 0.49 0
F-P-Si (co-ppt) 0.5 0.05 6.39+0.10 0.48 0.04
Fe-P-Si (co-ppt) 0.5 0.25 5.87+0.17 0.47 0.16
Fe-P-Si (co-ppt) 0.5 0.50 5.65+0.32 0.50 0.23
Synthesized via pH increase
Fe (ppt) 0 0 10.18+0.92 0 0
Fe-P (co-ppt) 0.5 0 7.60+0.02 0.36 0
F-P-Si (co-ppt) 0.5 0.05 7.03+0.20 0.40 0.04
Fe-P-Si (co-ppt) 0.5 0.25 6.42+0.14 0.39 0.21
Fe-P-Si (co-ppt) 0.5 0.50 5.65+0.08 0.40 0.40
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The silicate concentration in all co-precipitates was higher for solutions with higher
initial aqueous silicate concentrations (Table 4.1). The Si:Fe ratios in the co-precipitates
obtained with the pH increase method were higher than the co-precipitates obtained with the
Fe?" oxidation method. For example, the Si:Fe aqueous ratio of 0.5 yielded a Si:Fe ratio of 0.23
in the co-precipitate obtained with the Fe?" oxidation method and 0.40 for the co-precipitate
obtained with the pH increase method. Acidic conditions generally favor the polymerization
and coagulation of silica in aqueous solution (Gorrepati et al., 2010; O’Melia and Stumm,
1967). This is because the point of zero charge (PZC) of amorphous silica falls between 1 and
3 (Langmuir, 1997a). The polymerization or self-coagulation of silica under acidic conditions
could have resulted in the higher measured Si:Fe ratios in the co-precipitates obtained by the
pH increase method compared to those obtained from the Fe?" oxidation method. However,
the Si:Fe ratios in the co-precipitates were always lower than the initial Si:Fe ratios of the

synthesis solutions.

4.4.2 Specific surface areas

The specific surface area of the ferric precipitate obtained via the Fe?* oxidation method (in
the absence of phosphate and silicate) was 82 m?/g. The presence of phosphate yielded a much
higher specific surface area of 303 m?/g which is comparable to that of the Fe-P-Si co-
precipitate with a Si:Fe ratio of 0.04 (Figure 4.3a). Further incorporation of silicate in the Fe-
P-Si co-precipitates, above Si:Fe ratios of 0.04, generally decreased the specific surface area
of the solids produced (Figure 4.3a).

The specific surface area of the ferric precipitate obtained by the pH increase method
was 304 m*/g. The co-precipitation of phosphate with Fe** resulted in a slightly higher specific
surface area compared to the ferric precipitate with no phosphate. Increasing concentrations of
silicate in the co-precipitates (i.e., increasing Si:Fe ratios) gradually decreased the specific
surface area of the solids (Figure 4.3b). This effect is consistent with a previous study where
increasing Si:Fe ratios in Fe-Si co-precipitates was associated with a decrease in the specific
surface area of the solids (Zeng, 2003). Zeng (2003) suggested that incorporation of silica into
ferric (hydr)oxides results in decreased specific surface area of Fe-Si co-precipitates because
the specific surface area of amorphous silica is generally lower than that of ferric (hydr)oxides

(Zeng, 2003).
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Figure 4.3. Specific surface areas of ferric co-precipitates obtained with the (a) Fe*" oxidation
and (b) pH increase method. Within a set of co-precipitates based on the method of synthesis,
the solid phase P:Fe ratios were similar but the Si:Fe ratios were different. The chemical
compositions of these co-precipitates are presented in Table 4.1. The specific surface areas of
ferric precipitates are not included in this figure but are provided in the text.

The ferric precipitate obtained by the Fe?* oxidation method had lower specific surface
area (82 m?/g) than the ferric precipitate obtained by the pH increase method (304 m?/g). The
presence of crystalline phases in the ferric precipitate obtained by Fe?" oxidation could explain
the lower specific surface area while the ferric precipitates obtained by the pH increase method

were amorphous to poorly crystalline phases (discussed in sections 4.4.3.1 and 4.4.4.1).

4.4.3 XRD analyses of precipitates and co-precipitates

4.4.3.1 Ferric precipitates

The ferric precipitate obtained from the Fe?" oxidation method showed characteristic
diffraction patterns of crystalline phases (Figure 4.4, shown in red). The detected crystalline
phases were goethite, lepidocrocite, and magnetite (76:20:4, weight% determined by Rietveld
refinement). These findings are in agreement with previous studies where goethite and
lepidocrocite were the detected crystalline phases in precipitates synthesized by Fe?" oxidation
(Karim, 1984; Senn et al., 2015). The ferric precipitate obtained from the pH increase method
showed a broad peak between 30 and 45° 20 centered at around 40° 20 which has been
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characterized for ferrihydrite in previous studies (Rzepa et al., 2016; Wang et al., 2015; Zhou
etal., 2018).

200x10° -

Ferric precipitates
180 G cLM ——oxidation method
——pH increase method

160

140

120

100

X-ray counts

80

60

40 -
10 15 20 25 30 35 40 45 50 55 60 65 70

°2Theta

Figure 4.4. XRD patterns collected for the ferric precipitates synthesized by (a) Fe?* oxidation
and (b) the pH increase method, in the absence of phosphate and silicate. The capital letters L,
G and M represent the mineral phases lepidocrocite, goethite and magnetite, respectively.

4.4.3.2 Co-precipitates

Most of the co-precipitates synthesized by oxidative Fe*" precipitation showed no clearly
defined diffraction patterns, indicating that the co-precipitates were amorphous or very poorly
crystalline. The broad XRD peaks between 25 and 45° 26 centered at ~35° 20 for the co-
precipitates containing variable phosphate and silicate concentrations were similar for all
samples (Figure 4.5a). The reported XRD peak maxima for amorphous silica is centered at
~22-23° 20 (Chan et al., 2016; Musi¢ et al., 2011) This peak was absent in the diffraction
patterns obtained from the co-precipitates (Chan et al., 2016). In another study, a broad peak
at ~22-23° 20 associated with amorphous silica was shifted towards lower 26° angles when co-
precipitated with ferrihydrite (Cismasu et al., 2014; Rzepa et al., 2016). A broad peak centered
at ~35° 20 has previously been associated with ferric phosphate (Senn et al., 2015). A weak
peak appeared at approximately this location in the Fe-P co-precipitates obtained by the Fe**

oxidation method (Figure 4.5a). Each of the co-precipitates synthesized in this study contained
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similar P:Fe (0.49+£0.01) ratios but the Si:Fe ratios were different (Table 4.1). The broad XRD
peak centered at ~35° 20 did not change in location, but the intensity of the peak decreased
slightly with increasing solid phase Si:Fe ratios (Figure 4.5a). This was probably because,
though the P:Fe ratios in the co-precipitates were similar, higher Si:Fe ratio in the co-
precipitates resulted in decreased concentrations of iron and phosphate in the solids (Table

4.1).
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Figure 4.5. XRD patterns collected for the co-precipitates synthesized by (a) Fe?" oxidation
and (b) the pH increase method. The P:Fe ratios within each set of co-precipitates were similar;
0.49+0.01 and 0.39+0.02 for the co-precipitates obtained from Fe?" oxidation and the pH
increase method, respectively. The co-precipitates within each set based on the method of
synthesis had different Si:Fe ratios as shown on the panels.

The Fe-P-Si co-precipitates obtained with the pH increase method showed no clearly
defined diffraction patterns, indicating that the co-precipitates were amorphous or poorly
crystalline (Figure 4.5b). The co-precipitates did exhibit a broad peak between 25 and 45° 26
with maximum intensity at ~35° 26. The intensity of the peak at ~35° 20 decreased slightly
with increasing solid Si:Fe ratio in the co-precipitates, similar to the co-precipitates obtained
from the Fe?" oxidation method. This may be due to the decrease of iron and phosphate
concentration with increasing silicate concentration in the co-precipitates (Table 4.1). Further,
the co-precipitates did not show the characteristic peak for amorphous-silica at ~22-23° 260,
suggesting that silicate was removed from solution mostly by co-precipitation with iron rather

than by precipitation of amorphous-silica.
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4.4.4 ATR-FTIR analyses of precipitates and co-precipitates

4.4.41 Ferric precipitates

The ATR-FTIR spectra for the ferric precipitates obtained with the Fe?" oxidation and pH
increase methods are shown in Figure 4.6. The spectral signatures at 887, 791 and 636 cm™! for
the ferric precipitate obtained with the Fe?" oxidation method (Figure 4.6, blue line) are
representative peaks for Fe-O bonds in goethite (Kugbe et al., 2009; Rahimi et al., 2015; Ruan
et al., 2002). The peak at 1022 cm™ reveals the presence of lepidocrocite in the solid (Kinsela
et al., 2016; Li et al., 2014; Rahimi et al., 2015). The characteristic IR absorption peaks for
lepidocrocite at around 750 and 885 cm’! are generally weak in intensity compared to the
goethite peaks within the same range (Rahimi et al., 2015). Therefore, the peaks at 750 and
885 cm’!, characteristic of lepidocrocite, are not easily detected due to overlap with the more
prominent goethite peaks. This is exacerbated by the small amount of lepidocrocite compared
to goethite in the sample, in agreement with the Rietveld refinement of XRD data. The

characteristic IR absorption band for magnetite is labeled at 636 cm™ (Figure 4.6, blue line).
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Figure 4.6. ATR-FTIR spectra collected for the ferric precipitates synthesized in the absence
of phosphate and silicate by the Fe?" oxidation (blue line) and pH increase methods (red line).
The capital letters F, G, L, and M represent the mineral phases; ferrihydrite, goethite,
lepidocrocite, and magnetite, respectively.
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The ferric precipitates obtained by the pH increase method showed an IR absorption band
centered at 663 cm™! (Figure 4.6, red line) which has been attributed to the Fe-O bond at the
tetrahedral and octahedral sites of ferrihydrite (Iyengar et al., 2014). Therefore, the peak
observed at 663 cm™ indicates the presence of ferrihydrite in the ferric precipitate which was

prepared in the absence of phosphate and silicate by the pH increase method (Xiao et al., 2017).

4.4.4.2 Co-precipitates

ATR-FTIR spectra collected for the co-precipitates obtained by the Fe?" oxidation method are
shown in Figure 4.7a. A broad peak was observed at ~1065 cm™! for the co-precipitate with an
Si:Fe ratio of 0 (Figure 4.7a, red). IR spectral features at 1036 and 1160 cm™' have been
previously observed for dried ferrihydrite with surface sorbed phosphate (Wang et al., 2013;
Willett et al., 1988). Individual peaks at 1102, 1028, and 1002 cm ! have also been identified

for phosphate-ferrihydrite surface complexes analyzed in aqueous suspension in a previous
study (Rzepa et al., 2016). Such differences in spectral pattern observed between these different
studies could be the result of changes to the protonation state and symmetry of surface
phosphate (Wang et al., 2017, 2013). Therefore, the peak present at ~1065 cm™ (Figure 4.7a)

is tentatively attributed in this case to sorbed phosphate on the co-precipitate surface.
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Figure 4.7. ATR-FTIR spectra collected for the co-precipitates synthesized from (a) Fe*"

oxidation and (b) the pH increase method. The P:Fe ratios within each set of co-precipitates
were similar; 0.49+0.01 and 0.39+0.02 for the co-precipitates obtained from Fe?" oxidation
and the pH increase method, respectively. The co-precipitates obtained via the two synthesis
methods had different Si:Fe ratios as shown on the panels.
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IR absorbance at around ~1105 cm™' generally arises due to Si-O-Si asymmetric
stretching vibrations in amorphous silica (Chan et al., 2016; Chen et al., 2014; Fabrizioli et al.,
2002; Musi¢ et al., 2011). This IR signal at ~1105 cm™ was not found in either set of co-
precipitates synthesized by the two different methods (Figure 4.7). In previous studies, the
position of the IR absorption band at ~1105 cm! has been found to be unchanged for Fe-Si co-
precipitates obtained by precipitation of Fe** via pH increase (Chan et al., 2016; Fabrizioli et
al., 2002). In those studies, acidic solutions of silicate and Fe*" were rapidly neutralized by the
addition of NaOH and allowed to react for ~2 h before the precipitates were collected. The
concentration of aqueous silicate in these previous studies was above the saturation limit of
amorphous silica. Therefore, initial silica precipitation in those studies (Chan et al., 2016;
Fabrizioli et al., 2002) might have resulted in incomplete incorporation of silicate in the co-
precipitate with Fe*" within the experimental time-frame.

In our study, an under-saturated solution of silicate was prepared in NaOH, which was
added to a solution of Fe** that was rapidly neutralized to pH 7.0 and equilibrated for 24 hours.
This method was selected to prevent the formation of amorphous silica. XRD patterns
discussed in the previous section (section 4.4.3.2), indicate that amorphous or poorly
crystalline silica was indeed absent in co-precipitates synthesized in this study. The Si-O
stretching frequencies for sorbed silicate on ferric (hydr)oxides are generally within the range
of ~930 to ~1080 cm™! for the Si-O---Fe bond (Swedlund et al., 2009). The exact location of
the IR absorption band for the Si-O---Fe bond depends on the symmetry of surface sorbed
silicate and also on whether silicate is in the monomeric, oligomeric or polymeric form on the
ferric (hydr)oxides surface (Song et al., 2013; Swedlund et al., 2010b, 2009).

Generally, the IR absorption location for this bond shifts towards higher wavenumbers
with an increasing degree of polymerization of silicate sorbed to ferric (hydr)oxide surfaces
(Christl et al., 2012; Song et al., 2013; Swedlund et al., 2009). For example, spectral features
at ~940 and ~1000 cm™' have been described for monomeric and oligomeric silicate sorbed to
ferrihydrites (Song et al., 2013; Swedlund et al., 2009). However, an IR absorption band at a
higher wave number (~1020 cm™) has been reported for oligomeric silicate sorbed to
ferrihydrite (Swedlund et al., 2011). An IR spectral feature at ~1100 cm™! generally appears for
polymeric silicate on ferrihydrite (Song et al., 2013; Swedlund et al., 2010a). The absence of

an IR peak at ~1100 cm™ in our spectra therefore also indicates the absence of amorphous
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silica in the co-precipitates synthesized during our study (Figure 4.7a). This is in agreement
with the absence of a broad peak in the XRD patterns at ~22-23° 20 as discussed in the previous
section (discussed in section 4.4.3.2, Figure 4.5a).

For Fe-P-Si co-precipitates synthesized in this study by the Fe?" oxidation method,
increasing silicate concentration resulted in an increase of the intensity of the IR peaks as well
as a gradual shift to lower wavenumbers (Figure 4.7a). The change in the most intense spectral
features (within the range 700-1400 cm™) for the co-precipitate with Si:Fe ratio of 0.16 could
be due to the combination of phosphate and silicate on the co-precipitate’s surfaces. For
example, the IR peak centered at ~1065 cm™' obtained for the Fe-P co-precipitate (Figure 4.7a)
can be attributed to phosphate sorbed or precipitated with Fe** on the solid surface because the
co-precipitate did not contain any silicate. Increasing the concentrations of silicate caused the
location of the IR peak to shift towards a lower wavenumber (~1018 cm™') and the peak
intensity to increase (Figure 4.7a). Therefore, IR spectral features at ~1018 cm™' may be
assigned to surface sorbed phosphate, surface sorbed oligomeric silicate or a combination of
the two.

The IR absorption band centered at 1010 cm™ for the dried Fe-P co-precipitate at a Si:Fe
ratio of 0 obtained by the pH increase method could therefore also be assigned to sorbed
phosphate or Fe**PO4 precipitated on the ferrihydrite surface (Wang et al., 2017). This IR peak
increased in intensity and shifted to lower wavenumbers with increasing Si:Fe ratio in the co-
precipitates (Figure 4.7b). This may potentially indicate that the IR peak observed at 995 cm™!
for the co-precipitate with a Si:Fe ratio of 0.21 obtained from the pH increase method could
arise from a combination of phosphate and silicate associated with iron in the co-precipitates.
The absence of characteristic IR bands at around 1105 cm™ in the co-precipitates likely

indicates the absence of amorphous silicate in the solids.

4.4.5 Removal of aqueous iron, phosphate and silicate during co-precipitation

The supernatants separated from the wet co-precipitates obtained with the Fe** oxidation
method were analyzed for iron, phosphate, and silicate in solution. The percentages of removal
of each element via co-precipitations were then calculated. The measured concentrations of
iron in the supernatant from the co-precipitation experiments showed that 99.99% of Fe** was

removed from the aqueous phase via co-precipitation. This complete removal of dissolved iron
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was not affected by the presence of phosphate and various silicate concentrations in solution.
The removal of phosphate was slightly decreased by dissolved silicate during co-precipitation
(Figure 4.8). For example, the highest concentration of silicate (0.1 M) during co-precipitation
decreased the removal of phosphate only by 0.2%. Although the removal of aqueous phosphate
in the presence of various silicate concentrations fall within the range of analytical variability
with ICP-OES (discussed in section 2.3.2), the trend is noticeable. This minor effect of
dissolved silicate was not reflected in P:Fe ratios in the co-precipitates, potentially due to

analytical variability in the determination of chemical compositions in the solids.
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Figure 4.8. Percentages of phosphate removal from aqueous solution after the completion of
Fe?" oxidation (0.2 M) at various silicate to iron solution ratios. The initial concentration of
phosphate in solution before the start of Fe*" oxidation was 0.1 M. The co-precipitation
experiment was conducted at room temperature.

The concentrations of silicate in the supernatants of the co-precipitation experiments
conducted with the Fe*" oxidation method (experiment discussed in 4.3.1) show 96.4+1.2%
removal of aqueous silicate. This ~96% removal of aqueous silicate should result in solid phase
Si:Fe ratios close to the initial aqueous phase ratios (Table 4.1). However, the solid phase Si:Fe
ratios in Fe-P-Si co-precipitates were lower than what was expected from aqueous silicate
concentrations before and after co-precipitation experiments. The depleted Si:Fe ratios in the
co-precipitates with respect to the expected Si:Fe ratios based on the aqueous phase analyses

may have been due to loss of loosely bound silicate from the solids during dialysis. The
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supernatants obtained from the co-precipitation experiments by the pH increase method were
not analyzed because NaOH was added to Fe** solutions rapidly and thus, the volume of added

of NaOH could not be accounted for accurately.

4.4.6 Dissolution kinetics of the precipitates and co-precipitates

4.4.6.1 Dissolution kinetics in ascorbate-citrate solution

Reactivity of iron oxides is often described in terms of the dissolution kinetics under abiotic
conditions (Kostka and Luther III, 1994; McKeague and Day, 1966; Poulton and Canfield,
2005; Raiswell et al., 2010; Suter et al., 1991) and in the presence of iron reducing bacteria
(Bonneville et al., 2004; Hyacinthe et al., 2006; Roden and Zachara, 1996). Several types of
chemical extractants are used for the dissolution of iron oxides, e.g., dilute and concentrated
acids, ammonium oxalate solution, di-thionate solution, ascorbate-citrate solution. Among
these chemical extractants, ascorbate-citrate solutions most effectively dissolve the amorphous
and easily reducible fractions present in iron oxides whereas other extractants can extract
amorphous fractions as well as more crystalline fractions (Kostka and Luther III, 1994).

Iron dissolution mechanisms differ based on the type of extractant, and thus different
extractants target different pools of iron from solid iron oxides. For example, dilute HCI can
extract iron from the amorphous fraction of poorly ordered iron oxides via the proton-promoted
mechanism (Wallmann et al., 1993), while ascorbate-citrate solution dissolves iron oxides via
both proton-promoted and reductive dissolution mechanisms (Deng, 1997; Suter et al., 1991).
Therefore, even for a single extractant such as ascorbate-citrate solution, the prevailing
dissolution mechanisms may differ depending on the pH in the extraction medium.

Buffered ascorbate-citrate solution at pH 7.5, among other chemical extractants, has been
used in many past studies to compare the reactivity of various pure iron oxides as well as
sediment iron minerals (Ferdelman et al., 1991; Hyacinthe et al., 2006; Kostka and Luther III,
1994). Further, maximum amounts of dissolved iron from sediment iron minerals extracted by
ascorbate-citrate solution at pH 7.5 and by iron reducing bacteria have been shown to correlate
linearly (Hyacinthe et al., 2006). This study, therefore, conducts dissolution kinetic studies for
the ferric precipitates and co-precipitates in buffered ascorbate-citrate solution at pH 7.5.

In buffered ascorbate-citrate solution at pH 7.5, the reductive dissolution of solid phase

Fe" in the co-precipitate is primarily driven by the adsorption of ascorbate on the solid surface.

97



The subsequent transfer of an electron from adsorbed ascorbate to solid phase Fe*" iron results
in the reductive dissolution of iron in the form of (Fe?") ferrous ion (Deng, 1997; Suter et al.,
1991). This reductive dissolution of solid phase Fe*" depends on the adsorption pH envelope
of ascorbate (Deng, 1997). The adsorption of ascorbate on ferric (hydr)oxides decreases with
increasing solution pH and, hence, so does the reductive dissolution of iron (see supplementary
material, Figure SM-4.1).

The citrate used stabilizes the dissolved Fe?" in solution by forming an aqueous complex,
which prevents the adsorption of dissolved Fe** on the solid surface. The adsorption of
ascorbate on the ferric (hydr)oxide surface may also result in ligand promoted dissolution. The
bicarbonate is used as a buffer against solution pH changes caused by the reductive iron
dissolution of Fe*". Under strong acidic conditions, the dissolution of ferric precipitates or co-
precipitates may occur by a combination of multiple mechanisms including reductive
dissolution, proton-promoted dissolution and ligand-promoted dissolution. The dissolution of
solid phase Fe’' therefore decreases from acidic to alkaline conditions. Under alkaline
conditions (above pH 8-9), the dissolution of iron is also inhibited because of decreased
adsorption of ascorbate on the solid surface. The dissolution experiments in this study were
conducted at pH 7.5 to maximize the reductive iron dissolution with minimal effect of proton-
promoted dissolution of solid phase Fe**

The release of iron and phosphate from the precipitates or co-precipitates occurred during
the reductive dissolution experiments conducted in buffered ascorbate citrate solution. The
dissolution kinetic parameters were extracted by fitting the experimental data to the reactive
continuum model (Hyacinthe et al., 2006; Hyacinthe and Van Cappellen, 2004; Raiswell et al.,

2010). The mathematical form of the model is shown in Equation 4.1.

_17

M(t) 1+—
M(O) ( ............... 4.1)

M(0)

where J is the apparent dissolution rate; M(0) is the initial mass of an element in the solid
phase and M (t) is the corresponding un-dissolved mass at time t during the dissolution
experiment. The coefficients 2 and 1 +i in Equation 4.1 are the dissolution rate constant
(mmol g h'') and apparent reaction order, respectively. The model (Equation 4.1) assumes

that the initial reactivity distribution of the precipitates or co-precipitates follows a gamma

function (Hyacinthe et al., 2006; Hyacinthe and Van Cappellen, 2004). According to the
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reactive continuum model, the mass of un-dissolved co-precipitates M (t) at time t is given by

Equation 4.2.

a
a+t)

M(6) = MO)(—=)Y .., (4.2)

The coefficients v and a were obtained by least square fitting of the experimental data to
Equation 4.2. The v and a values were then used to calculate the apparent dissolution rate

constants and the reaction order.

4.4.6.2 Dissolution kinetics of ferric precipitates in ascorbate-citrate solution

The reactivity of ferric precipitates was examined by dissolving the solids in buffered
ascorbate-citrate solution at pH 7.5. Kinetic data for the dissolution of iron from ferric
precipitates in buffered ascorbate-citrate solution were fitted to the reactive continuum model
(Equation 4.2), shown in Figure 4.9. The extracted kinetic parameters are presented in Table

4.2.
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Figure 4.9. Experimental data (symbols) for the dissolution of iron from ferric precipitates,
synthesized with the Fe*" oxidation (filled circle) and pH increase methods (filled square), in
buffered ascorbate-citrate solution at pH 7.5 and 22°C. Kinetic parameters are extracted by
fitting the experimental data to Equation 4.2 (dashed line). Error bars represent the range of
values measured between duplicates.
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Table 4.2. The rate constants (E) and reaction orders for the dissolution of iron from ferric

precipitates in buffered ascorbate-citrate solution at pH 7.5 and 22°C. The kinetic parameters
were extracted by least square fitting the experimental data to the reactive continuum model
(Equation 4.2) with a confidence limit of 95%. The goodness of fit is shown with the chi-
squared (y?) value. The critical chi-squared (x?) value based on the degree of freedom for
each set of data is also shown beside the y? values.

Preparation method | 2 (mmol g'h) 1+1, M (0) (mmol/g) x2 x2
a
Fe?* oxidation 3.05x1073 73.6 9.98+0.00 9.23x10* 7.96
pH increase 8.19x1073 22.8 10.14+0.01 3.59x107 13.85

The 2 value (Table 4.2) for the reductive dissolution of iron from ferric precipitate

obtained with the Fe*" oxidation method was about 2.7 times slower than the value for the
precipitate obtained by the pH increase method. The XRD (Figure 4.4) and ATR-FTIR spectra
(Figure 4.6) show that the ferric precipitate obtained with the Fe?* oxidation method contained
goethite, magnetite and lepidocrocite. Three crystalline phases present in this ferric precipitate
(Fe?" oxidation method) are relatively stable with lower solubility and reactivity as compared
to ferrihydrite (Bonneville et al., 2009). The differences in iron dissolution rate constants
between the precipitates prepared by the two synthesis methods are present when normalized
by the amount (g) or by the specific surface area (m?) (Figure 4.10). Therefore, this difference

is more likely related to the mineralogy of the precipitates rather than their surface area.
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Figure 4.10. Apparent rate constants (shaded bar) and the rate constants normalized to the
specific surface area (blue bar) for the dissolution of ferric precipitates obtained with the Fe*"
oxidation and pH increase method. The dissolution experiments are conducted in buffered
ascorbate-citrate solution at pH 7.5 and 22°C.

The observed dissolution orders (1 + %) for the ferric precipitates obtained by the Fe*"

oxidation and pH increase method were 73.6 and 22.8, respectively, suggesting a complex
dissolution mechanism for both the solids. During the 24 hours of the dissolution experiment,

only 2.8% of the ferric precipitate obtained with the Fe*" oxidation method was dissolved, and
7.8% for the precipitate obtained from the pH increase method. Therefore, the very high 1 + i

values clearly point to heterogeneous solid phase mixtures with large ranges in reactivity.

4.4.6.3 Dissolution kinetics of ferric co-precipitates in ascorbate-citrate
solution

Kinetic data for the dissolution of iron and phosphate from the co-precipitates obtained from
both the synthesis methods are compared in Figure 4.11. Kinetic parameters were extracted by

fitting the dissolution data to Equation 4.2 are presented in Table 4.3.
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Figure 4.11. Kinetic data (symbols) for the dissolution of (a,c) iron and (b,d) phosphate from
the co-precipitates obtained with the Fe?" oxidation (upper panels) and pH increase method
(bottom panels). Kinetic parameters are extracted by fitting the experimental data to Equation
4.2 (dashed lines) and are shown in Table 4.3. Within a set of co-precipitates based on the
method of synthesis, the solid phase P:Fe ratios were similar, but the Si:Fe ratios were different
as indicated on the panels. The experiments were conducted at 22°C. Error bars represent the

range of values measured between duplicates.
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Table 4.3. Kinetic parameters and model predicted M (0) values for the dissolution of iron and
phosphate from the co-precipitates conducted in buffered ascorbate-citrate solution at pH 7.5
extracted by least square fitting of the experimental data to Equation 4.2 with 95% confidence
limit. The goodness of fit is shown with the chi-square (y?) value. The critical chi-square (x2)
value based on the degree of freedom for each set of data is also shown beside the y? values.

Si:Fe ratio in the solids g (mmol g~th~1) 14 1 | M(0) (mmol/g) x> x2
v
Synthesized via Fe** oxidation

Fe 4.25 1.01 6.98+0.68 2.05 8.67

0 P 4.36 1.01 3.34+0.38 0.60
Fe 4.29 1.02 6.76+1.01 3.44 8.67

0.04 P 4.91 1.01 3.33+0.46 0.84
Fe 1.19 1.43 6.22+0.35 0.78 9.30

0.16 P 1.00 1.09 2.86+0.11 0.14
Fe 1.41 1.51 6.14+0.62 2.30 9.30

0.23 P 1.34 1.32 3.05+0.31 0.60

Synthesized via pH increase

Fe 1.15 1.04 8.17£0.74 2.85 7.96

0 P 1.55 1.19 2.88+0.33 0.61
Fe 1.14 1.05 7.56+0.78 5.69 9.39

0.04 P 1.40 1.04 3.02+0.27 0.60
Fe 0.61 1.15 6.79+0.45 2.09 10.12

0.21 P 0.76 1.04 2.67+0.14 0.36
Fe 0.43 1.20 5.88+0.23 1.02 10.85

0.40 P 0.48 1.10 2.37+0.10 0.20

The reactivity of the ferric co-precipitates (i.e., Fe-P and Fe-P-Si) is in general much
higher than that of the pure ferric precipitates (no P and Si) obtained via both Fe?" oxidation

and pH increase methods. For example, for the ferric precipitates and co-precipitates obtained
with the Fe** method, the iron dissolution rate constant (E) from the Fe-P co-precipitate is about
1400 times higher than that observed from the pure ferric precipitate. This E value for iron
dissolution from the Fe-P co-precipitates, obtained via the pH increase method, is about 150
times higher than that of the ferric precipitates.

The Evalues for the dissolution of iron from the co-precipitates at the solid phase Si:Fe
ratios of 0 and 0.04 obtained by the Fe?" oxidation method were comparable; 4.25 and 4.29
mmol g h', respectively (Table 4.3 and Figure 4.12a). The 2 values for iron dissolution

decreased considerably when the Si:Fe ratios increased to 0.04 to 0.16, indicating that

increased concentration of silicate in the co-precipitates decreases the reactivity of the iron

towards reductive dissolution (Figure 4.12a). However, the E value for iron dissolution
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increased from 1.19 to 1.41 with increasing solid phase Si:Fe ratios from 0.16 to 0.23 (obtained

by Fe?" oxidation). The reason for this slight increase in E value is not clear but could be due

to the relatively higher specific surface area of the co-precipitate with Si:Fe ratio 0.23 (Figure
4.3a). Alternatively, the difference in reactivity may be attributable to differences in the
morphology of the co-precipitates. The co-precipitate with a Si:Fe ratio of 0.23 included
acicular crystal that were not observed in the SEM images of other co-precipitates (see
supplementary material, Figure SM-4.2). Those acicular particles could not be differentiated
from the rest of solids by their elemental ratios (e.g., P:Fe or Si:Fe) determined by EDS.

(a) oxidation method (b) pH increase method

5 Iron . B3 Iron
o £3 Phosphate E3 Phosphate

Rate constant (mmol g-1 h'1)

o ' 004 ' 016 ' 023 o | 004 ' 021 ' 040
Si:Fe ratio Si:Fe ratio

Figure 4.12. Apparent rate constants for the dissolution of iron and phosphate from the co-
precipitates obtained by the (a) Fe?" oxidation and (b) pH increase methods. The dissolution
experiments were conducted in buffered ascorbate-citrate solution at pH 7.5 and 22°C and the
kinetics parameters were extracted by fitting the experimental data to the reactive continuum
model (Equation 4.2).

A previous study by Senn et al., (2015) has shown that higher silicate concentration
during Fe?" oxidation in the presence of phosphate delayed the transformation of initially
formed Fe(IlI)-phosphate to Fe-P-Si co-precipitates. These authors, based on EXAFS results
have suggested that surface coating of Fe(I1I)-phosphate phases by silica-ferrihydrite preserved
the Fe(IIl)-phosphate phase (Senn et al., 2015). Therefore, the possible presence of Fe(Ill)-
phosphate phases in the co-precipitates with higher solid phase Si:Fe ratios, e.g., 0.23 may

explain the higher E value for iron dissolution than that of the co-precipitate with Si:Fe ratio
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0.16. The z values for the dissolution of phosphate from the co-precipitates obtained via the

Fe?" oxidation method follow a similar trend as observed for iron dissolution (Table 4.3 and
Figure 4.12a).

The results from the dissolution kinetics of iron and phosphate from co-precipitates
obtained by the pH increase method also show that higher Si:Fe ratios in the co-precipitates

generally lower the dissolution rate constants for iron and phosphate (Figure 4.12). Slightly
higher 2 values were obtained for the dissolution of phosphate relative to iron (Figure 4.12),
which was also observed in the dissolution experiments conducted in the absence of ascorbic
acid (shown in Table 4.3, section 4.4.6.4). Therefore, the higher E values for phosphate

dissolution relative to iron dissolution could be due to excess phosphate release via desorption
from the co-precipitate surface rather than release directly coupled to the reductive dissolution

of iron.
The apparent reaction orders (1 + %) for the dissolution of iron and phosphate from both

sets of co-precipitates with no or very low solid phase silicate concentration (e.g., Si:Fe of

0.04) were nearly 1.0 (Table 4.3), indicating the homogeneity of both iron and phosphate pools
in the solids. However, increasing Si:Fe ratios in the solids resulted in higher 1 + i values for

both iron and phosphate (Table 4.3) suggesting that silicate increased the heterogeneity of the

co-precipitates.

4.4.6.4 Dissolution kinetics in the absence of ascorbic acid
Dissolution rate constants (z) attributable to ligand enhanced dissolution only were also
determined for the co-precipitates, in duplicate, by dissolving them in a control solution in the

absence of ascorbic acid. In this solution, ligand enhanced dissolution would be expected to be

the main dissolution mechanism compared to a combination of reductive dissolution and ligand
enhanced dissolution in the solution with both ascorbate and citrate. The E values for the co-
precipitates in the two solvents (with or without ascorbic acid) are shown in Table 4.4. The E

values for the dissolution of iron and phosphate were lower at higher solid phase Si:Fe ratios
(Table 4.4), indicating that Si:P ratio influences the reactivity with respect to ligand enhanced

dissolution as well as reductive dissolution, regardless of the synthesis method. Furthermore,
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slightly different values of E were observed between the co-precipitates prepared via the two

different synthesis methods. For example, the E values for the dissolution of iron for the co-

precipitates with solid phase Si:Fe ratio of 0.04 obtained by the Fe** oxidation and pH increase

methods were 0.14 and 0.12, respectively.

Overall, the differences in E values for the different solid phase Si:Fe ratios within two

sets of co-precipitates are fairly small. Yet, the trend in g values for iron and phosphate

dissolution in the absence of ascorbic acid follows a similar trend to those obtained in the
presence of the reductant. Dissolution in the control solutions without ascorbic acid can be
attributed primarily to the complexation of iron with citrate. Ascorbic acid when present as a
reducing agent, dissolved more than double the iron and phosphate (in 4 hours) than sodium

bicarbonate and sodium citrate alone (Table 4.4).

Table 4.4. Dissolution rate constants (g) and the percentages of iron and phosphate dissolved

from the co-precipitates in 4 hours in the buffered solution of NaHCOj3 and sodium citrate at
pH 7.5, in the presence and absence of ascorbic acid. The 2 values were extracted by least
squares fitting of the experimental data to the reactive continuum model (Equation 4.2) with a
confidence limit of 95%. The goodness of fit is shown by the chi-square (y?) value. The critical
chi-square (x?2) value based on the degree of freedom for each set of data is also shown beside
the x? values.

Si:Fe ratio in the Ascorbic acid present Ascorbic acid absent
solids 2 (mmolg'h!) | % dissolved x% | Z(mmolg'h?) | % dissolved | yx? x2
a a
Synthesized via Fe?* oxidation
0.04 Fe 4.29 95.74£2.5 6.07 0.14 38.9 0.04 | 3.33
P 491 100+0.0 1.20 0.20 53.6 0.07
0.16 Fe 1.19 87.8+0.5 1.04 0.10 35.0 0.12 2.17
P 1.00 95.6+0.4 0.17 0.11 394 0.04
Synthesized via pH increase
0.04 Fe 1.14 93.1+2.2 6.51 0.12 37.6 0.08 3.33
P 1.40 96.3+0.5 0.68 0.24 66.7 0.10
0.21 Fe 0.61 86.9£1.0 2.55 0.08 28.7 0.05 3.33
P 0.76 96.0+0.3 0.36 0.14 47.5 0.10

4.4.6.5 Dissolution of phosphate and silicate with iron
The release of phosphate and silicate with respect to iron during the reductive dissolution

experiments are compared in Figure 4.13. The release of iron and phosphate from the co-
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precipitates obtained with the Fe** oxidation method show a linear relationship throughout the
dissolution experiments, with slopes close to the P:Fe ratio (0.49+0.01) in the solids (Figure
4.13a), indicating stoichiometric dissolution of the co-precipitated phosphate. Similarly, the
release of iron and associated phosphate from the co-precipitates obtained by the pH increase
method also show a linear relationship with slopes close to the solid phase P:Fe ratio (0.39+02)
(Figure 4.13b). The near constant P:Fe ratios released during the dissolution experiments

implies a homogeneous distribution of phosphate in the co-precipitates. This is consistent with
the similar reaction order (1 + %) obtained for iron and phosphate (Table 4.3).

Both sets of co-precipitates that contained silicate released silicate during the reductive
dissolution of iron from both sets of co-precipitates (Figure 4.13c and 4.13d). The experimental
data show that the release of silicate with respect to iron from the co-precipitates was initially
lower than expected based on the solid phase Si:Fe ratios (compare data trends to the dashed
lines, which correspond to the solid phase Si:Fe ratios in the co-precipitates). The lower Si:Fe
in the dissolved fractions compared to the solid phase Si:Fe may indicate that silicate was not
uniformly associated with iron in the co-precipitates. The increasing trend of released Si:Fe
with increasing iron dissolution suggests that iron bound to silicate in the co-precipitates is less
reactive towards reductive dissolution, which agrees with the trends in the rate constants with

increasing solid phase Si:Fe (Figure 4.12).
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Figure 4.13. The dissolution of phosphate (upper panels; a,b) and silicate (lower panels; ¢,d)
with respect to iron from the co-precipitates obtained with the Fe?" oxidation (left panels; a,c),
and pH increase method (right panels; b,d). The dissolution kinetic experiments were
conducted in buffered ascorbate-citrate solution at pH 7.5 and 22°C. The dashed lines represent
the dissolved P:Fe (upper panels; a,b) or Si:Fe ratios (bottom panels; c,d) assuming that
phosphate and silicate were uniformly associated with iron in the co-precipitates. Error bars
represent the range of values measured between duplicates.

A previous study by Cismasu et al., (2014) has shown that higher concentrations of
aqueous silicate during the co-precipitation with iron results in polymeric silica in addition to
ferrihydrite in the resultant solid phase. Based on X-ray scattering and absorption spectroscopic
studies, these authors suggested that a fraction of iron during co-precipitation was incorporated
into polymeric silicate, and that this iron was more resistant towards reductive dissolution.
Alternatively, phosphate and silicate in Fe-P-Si co-precipitates could be bound to iron through
the formation of Fe-O-P and Fe-O-Si bonds. The oxygen atom in both of these bonds pulls

electron density away from the Fe*". In an aqueous solution, phosphoric acid (H3PO4) is more
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acidic than silicic acid (H3SiO4) (discussed in Chapter 1, Figure 1.12). The oxygen atom
attached to a hydrogen atom in a phosphoric acid molecule (H-O-PO4H) is thus more
electronegative than the corresponding oxygen atom in silicic acid (H-O-SiO3H3). Therefore,
the oxygen atom in a Fe-O-P bond may more strongly withdraw electron density form Fe**
than the oxygen atom in a Fe-O-Si bond. This effect would increase the reactivity of Fe®*

towards reduction in a Fe-O-P bond than in a Fe-O-Si bond.

4.4.6.6 Relative reactivity of the co-precipitates obtained by the two synthesis
methods
The co-precipitates obtained via the Fe?" oxidation method were more reactive towards
dissolution of iron and phosphate than those obtained with the pH increase method. In the
oxidation method, Fe?" was oxidized in a solution in the presence of phosphate and silicate by
aerating the solution at pH ~7. Therefore, the gradual oxidation of Fe?" resulted in the gradual
incorporation of phosphate, and silicate when present in the co-precipitates. In the pH increase
method, the pH of an initially acidic solution of Fe*" with phosphate, and silicate (when
present) was increased rapidly causing the formation of less homogeneous co-precipitate
phases. The relative interactions between phosphate and Fe*" under different pH conditions
(acidic and neutral) is likely responsible for the different solid phase P:Fe ratios between the
two synthesis methods (Table 4.1). The co-precipitation of silicate appeared to be more
favorable under acidic conditions, in part due to concurrent silicate polymerization or self-
coagulation (discussed in section 4.4.1). In contrast to phosphate, similar solution Si:Fe ratios
resulted in higher solid phase Si:Fe ratios in the co-precipitates obtained by the pH increase
method than those obtained with the Fe?" oxidation method. The higher Si:Fe ratios in the Fe-
P-Si co-precipitates obtained by the pH increase method were accompanied by lower reactivity
of solid iron towards reduction than the iron in the co-precipitates synthesized by the Fe**
oxidation method.

The rate constants of the co-precipitates extracted from the dissolution kinetics

conducted in buffered ascorbate-citrate solution were compared to their specific surface areas

(see supplementary material, Figure SM-4.3). Although an increasing trend of Evalues for the

dissolution of iron and phosphate were observed for the ferric precipitates and co-precipitates

with increasing specific surface area, this relation was not linear. The absence of a linear
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relationship between z and specific surface area suggests that other solid-phase properties

including mineralogy, affect the reactivity of the co-precipitates. In addition, the z values for

the dissolution of iron and phosphate from the co-precipitates obtained by the Fe** oxidation
method were higher than those obtained by the pH increase method. For example, while the

Fe-P co-precipitates obtained by the Fe?" oxidation method had lower specific surface areas

than those obtained by the pH increase method (Figure 4.3), the z values for the dissolution

of iron and phosphate from Fe-P co-precipitates obtained by the former method were higher

than by the pH increase method (Figure 4.12). These differences in E values suggest that the

synthesis method plays an important role in controlling the reactivity of the ferric co-
precipitates, likely by producing variable structural arrangements of iron, phosphate and
silicate in the solids. Furthermore, P:Fe ratios in the co-precipitates, obtained by the Fe?"
oxidation method, were in general higher than in those obtained by the pH increase method
(Table 4.1). The higher P:Fe ratios of the co-precipitates in turn increase their reactivity

towards reductive dissolution, as discussed above.

4.4.6.7 Reductive dissolution by Shewanella putrefaciens

Aqueous analysis: Reductive dissolution experiments in the presence of the model Fe**
reducing bacteria Shewanella putrefaciens show the release of Fe?" to aqueous solution from
the ferric precipitate and co-precipitates obtained by the Fe?" oxidation (Figure 4.14). Reduced
Fe?" can be re-adsorbed on the un-dissolved surfaces (Géhin et al., 2007; Klein et al., 2010;
Parsons et al., 2017) or may form fresh ferrous precipitates (Géhin et al., 2007; Jensen et al.,
2002; Parsons et al., 2017). This fraction of Fe*" (reduced but associated with the solid phase)
was estimated by extracting suspension samples with 0.5 M HCI (Figure 4.14a). The results
show that the concentrations of both aqueous and HCI extractable Fe** dissolved from the
ferric precipitate and co-precipitates increased gradually during the course of the dissolution
experiments. However, the concentration of aqueous Fe** (Figure 4.14b) was always small
compared to the HCI extractable Fe** concentrations (Figure 4.14a). The production of
extractable and aqueous Fe?* do not show any significant trends based on the solid phase

silicate concentrations in the co-precipitates (Figure 4.14a).
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Figure 4.14. Concentrations of reduced Fe?* (a) extractable with 0.5 M HCI and (b) in the
aqueous phase during the reductive dissolution of ferric precipitates and co-precipitates by S.
putrefaciens. Among the co-precipitates, the solid phase P:Fe ratios were similar (0.49+0.01)
but the Si:Fe ratios were different as indicated in the figure legend. Error bars represent the

range of values measured between triplicates.

Over the course of the 220 hours of the dissolution experiments, about 1% of iron initially

present in the ferric iron precipitate was reduced, as derived from the concentration of Fe*"

measured in the HC1 extract. The average concentration of aqueous Fe?* at 220 hours was about
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106 uM for the ferric precipitates, accounting for about 5% of the total reduced iron.
Similarly, the amounts of reduced and dissolved iron from the ferric co-precipitates were
calculated. At 220 hours, about 8 to 10% of iron initially present in each of the solids was
reduced based on the concentrations of HCI extrcatable Fe?*. About 2 to 6% of the reduced
Fe?* from the co-precipitates was found in solution, leaving the remaining reduced Fe?' re-
adsorbed on the residual solids or incorporated in new precipitates (Géhin et al., 2007; Jensen
et al., 2002; Klein et al., 2010; Parsons et al., 2017).

The time series release of phosphate from the co-precipitates to the aqueous phase
(Figure 4.15) do not display a dependence on the Si:Fe ratio in the solids, similar to the trends
for aqueous and extractable Fe?". The concentration of dissolved phosphate in solution in the
abiotic controls reached a plateau within 50 hours (Figure 4.15b). This initial release of
phosphate could be associated mostly with the co-precipitate surface, potentially via
desorption. The release of dissolved phosphate from the co-precipitates by S. putrefaciens
reached a plateau after 150 hours (Figure 4.15a). The total release of phosphate from the co-
precipitates in the presence of bacteria during 220 hours of dissolution experiments was about
double the phosphate released under abiotic conditions (Figure 4.15). However, the release of
phosphate in the presence of bacteria does not show any trend based on the Si:Fe ratio in the
co-precipitates.

In the co-precipitates, phosphate was homogeneously associated with iron as revealed
from their stoichiometric dissolution in buffered ascorbate-citrate solution (also discussed in
section 4.4.6.5). In the presence of S. putrefaciens, the aqueous phase P:Fe ratios (dissolved
from the co-precipitates) were either comparable to or higher than the solid phase P:Fe ratio of
0.49+£0.01. However, the concentrations of dissolved phosphate with respect to the
concentrations reduced Fe*" (HCI extractable) at 220 hours were much lower than the initial
solid phase P:Fe ratios. For example, about 0.02 to 0.07 moles of phosphate were dissolved
against the reduction of one mole of iron (HCI extractable). This result indicates that the
phosphate release to the aqueous phase during the reduction of iron (by S. putrefaciens) could
be prevented via the re-adsorption of phosphate on the residual co-precipitates or via
incorporation in new precipitates with reduced Fe** (Parsons et al., 2017) or could be partially

assimilated to sustain bacterial growth (Orihel et al., 2017).
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Figure 4.15. Concentrations of aqueous phosphate dissolved from the co-precipitates in the (a)
presence and (b) absence of S. putrefaciens. Within the co-precipitates, the solid phase P:Fe
ratios were similar (0.49+0.01) but the Si:Fe ratios were different as indicated on the panels.
Error bars for the biotic experiments represent the range of values measured between triplicates
and those for the abiotic experiments represent duplicates.

Solid phase characterization of un-dissolved co-precipitate: The ferric precipitate
synthesized in the absence of phosphate and silicate by oxidative Fe?" precipitation contained
goethite, lepidocrocite, and magnetite as revealed by XRD patterns (Figure 4.16, red line).
However, the XRD pattern of the residual un-dissolved ferric precipitate (Figure 4.16, blue
line) collected after the dissolution experiment with S. Shewanella did not show the
characteristic lepidocrocite peak (labeled with a horizontal line). The quantification of mineral
phases with XRD showed that the residual solid contained 94% goethite and 6% magnetite.
The conversion of lepidocrocite to goethite via recrystallization in the presence of reductively
dissolved Fe?" has been suggested in previous studies (Boland et al., 2014; Liu et al., 2016).
Based on the XRD analysis of the ferric precipitates before dissolution, the concentrations of
lepidocrocite, goethite and magnetite were 20, 76 and 4%, repetitively. Thus, the XRD results

suggest that lepidocrocite was the main solid phase reduced by the bacteria.

113



2.5x10° =
Ferric precipitate

20 ——Fresh
' G GLLM —— Residual

12)
S 1.5+
o)
(@]
>
T 1.0-
X

0.5 -

0.0 T T T T T T

10 20 30 40 50 60 70

°2Theta

Figure 4.16. XRD patterns of ferric precipitates synthesized with the Fe?* oxidation method
(red, diffraction mode) and the residual (un-dissolved) fraction (blue, transmission mode)
collected after the completion of microbial reduction experiments (at 350 hours) in the
presence of S. putrefaciens. Experimental details are described in section 4.3.4.2. The capital
letters F, G, L, and M represent the mineral phases; ferrihydrite, goethite, lepidocrocite, and
magnetite, respectively.

The residual co-precipitates from the reductive dissolution experiments by S.
putrefaciens were also analyzed by XRD (Figure 4.17). The spectra showed the appearance of
peaks at ~19 and ~51° 20 for the residual co-precipitates with no and low silicate
concentrations (Si:Fe ratios of 0 and 0.04). These peaks were absent from the XRD patterns of
the initial co-precipitates (see section 4.4.3.2, Figure 4.5a). The diffraction peak at ~51° 20 was
also observed at very low intensity for the residual co-precipitates with high Si:Fe (0.16 and
0.23) ratios. The newly developed phases could not be assigned because of the absence of a
sufficient number of characteristic peaks. However, the development of peaks at ~19 and ~51°
20 for co-precipitates (Figure 4.17) with no and lowest silicate concentration (i.e., Si:Fe ratios
of 0 and 0.04) could be an indication of the formation of new mineral products during reductive
dissolution. The preferential emergence of these XRD peaks in residual co-precipitates with

lower initial solid phase Si:Fe ratios (0 to 0.04) may suggest that a greater degree of iron
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cycling occurred during the biotic dissolution experiments and that low silica co-precipitates

were more reactive towards dissimilatory microbial iron reduction.
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Figure 4.17. XRD spectra, collected in transmission mode, of the residual co-precipitates
obtained after the completion of the dissolution experiments (350 hours) by S. putrefaciens.
Experimental details are described in section 4.3.4.2.

4.5 Conclusions
This study investigates the reactivity of pure ferric iron precipitates and co-precipitates (i.e.,
Fe-P and Fe-P-Si) synthesized via two different methods; Fe?* oxidation and pH increase. The
pure ferric precipitate obtained with the Fe?* oxidation synthesis method in the absence of
phosphate and silicate is more reluctant towards reductive dissolution in buffered ascorbate-
citrate solution than the corresponding precipitate obtained by the pH increase synthesis
method. The opposite trend is observed for the ferric co-precipitates with silicate and
phosphate. The lower reactivity of pure ferric precipitates obtained with the Fe?" oxidation
method suggests the presence of more stable mineral phases compared to ferric precipitates
obtained by the pH increase synthesis method.

The incorporation of phosphate into the ferric precipitates significantly increased the

reactivity of the resulting co-precipitates, regardless of synthesis method. Between the two sets
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of Fe-P co-precipitates, those derived from the Fe?" oxidation method exhibited higher solid
phase P:Fe ratios and showed greater reactivity towards the reductive release of iron and
associated phosphate.

Reactivity trends for Fe-P-Si co-precipitates obtained by the two different synthesis
methods are consistent with those determined for Fe-P co-precipitates. The Fe-P-Si co-
precipitates with a range of Si:Fe ratios were prepared by adding various concentrations of
aqueous silicate with iron and phosphate during their synthesis. The incorporation of silicate
into the co-precipitates (i.e., Si:Fe ratios) decreased the reactivity of the co-precipitates,
without affecting the final solid phase P:Fe ratios. The dissolutions orders extracted from the
kinetic data show that iron in the co-precipitates with higher solid phase Si:Fe ratios was
heterogeneously distributed. Further, the initial release of silicate relative to iron (i.e., dissolved
Si:Fe rations) from these co-precipitates in the buffered ascorbate-citrate solution were lower
than the Si:Fe ratios initially present in the solids. These results potentially suggest that the
fraction of iron mostly associated with silicate in the co-precipitates showed less reactivity
towards reductive dissolution.

The reductive dissolution of the co-precipitates obtained with the Fe*" oxidation method
was also conducted in the presence of an iron reducing bacteria S. putrefaciens. The XRD
analysis on the residual (un-dissolved) co-precipitates suggests that the solids with higher Si:Fe
ratios are more resistant to dissimilatory microbial iron reduction. This result agrees with the
dissolution rate constants derived from the ascorbate-citrate extractions. Furthermore, the
different reactivities shown by the two different sets of the (co)-precipitates suggest that the
synthesis method plays an important role in controlling the chemical compositions as well as
the structural arrangement of iron, phosphate and silicate in the solids. Therefore, the mobility
of iron, phosphate, and silicate in aquatic environments may greatly depend on the aqueous
phase chemical composition at the time of precipitation of ferric iron phases and the

mechanism of precipitation.
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Chapter 5

Internal phosphorus loading from marsh sediments: Effect of

silicate under variable redox conditions

5.1 Summary

The potential influence of dissolved and co-precipitated silicate (Si) on the mobilization of
phosphorus (P) from marsh sediment was investigated. Multiple sediment columns were
constructed and the experiment was conducted in two phases. During phase-1, anoxic solutions
of Fe?" with and without Si, prepared in Artificial Pore-Water (APW), were introduced to the
columns horizontally from the bottom. The Fe?* reaching the surface sediments was oxidized
by aerating the overlying waters to promote the formation of ferric (co)-precipitates. Phosphate
for the co-precipitation with iron was not supplied with the APW but was released from the P
rich sediments. The sediments also released Si to the aqueous phase, but the concentration of
Si was higher during the period of Fe?" oxidation in the columns with added Si. During phase-
2, two groups of columns with and without added Si from phase-1 were switched to anoxic
water columns and the inflow solutions were replaced with APW without added Fe?" or Si.
Meanwhile, the overlying water of the other flow through columns with no added Si from
phase-1 remained aerated and the inflow solutions were replaced with (i) APW and (ii)) APW
with Si. The results show that the anoxic columns with added Si released a greater amount of
Fe and P to the overlying waters. The release of Fe and P from the solid phase to the aqueous
phase was also demonstrated via solid phase chemical analysis at the end of experiment. This
result potentially indicates that ferric (co)-precipitates formed at higher aqueous Si:Fe ratios
during oxic conditions show greater reactivity towards the reductive release of Fe and
associated P under anoxic conditions. The aerated columns, which received Si enriched inflow
solution during phase-2, released more P, indicating that dissolved Si increased the mobility
of sediment P. However, the amounts of P release under anoxic conditions were substantially
greater than the release under oxic conditions during phase-2. The results suggest that majority
of P released by the anoxic sediments at the base of the flow through columns was immobilized
in surface sediments under oxic conditions, potentially via P adsorption on mineral surfaces

and via the incorporation of P in new precipitates.
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5.2 Introduction

The analysis of the effects of dissolved and co-precipitated Si within simple model systems
presented within the previous chapters (Chapter 2 to Chapter 4) elucidates the important
underlying mechanisms of P release. The experiments in those studies were completed under
highly controlled laboratory conditions. However, the chemical composition of natural
sediments is complex where a plethora of processes may occur simultaneously. For example,
the effect of dissolved silicate on the mobilization of P has been investigated by studying the
adsorption and desorption of phosphate to goethite, a model ferric (hydr)oxides. However,
naturally occurring sediments generally contain various minerals and organics with a range of
point of zero charge (PZC) and have different binding affinities to dissolved P and Si
(discussed in general introduction, section 1.5.3.2). Aqueous complexations of P and Si with
other dissolved species, particularly metal ions e.g., Ca’" and Mg?*, may also influence their
interactions with minerals surfaces and hence, the mobilization of P.

Reactivity of iron-phosphate-silicate co-precipitates that were investigated in Chapter 4
are synthesized by chemical precipitation mechanisms; Fe?* oxidation and pH increase. These
two synthesis methods have given rise to ferric (co)-precipitates with different reactivity. In
addition, ferric iron precipitates resulting from Fe?" oxidation method may exhibit different
physico-chemical proprieties depending on the dominant precipitation mechanisms; e.g.,
purely chemical or bacterially mediated. For example, Chatellier et al. (2004) has demonstrated
that ferric oxides prepared via the oxidation of Fe?" mediated by iron oxidizing bacteria exhibit
smaller particle size than that obtained via the oxidation under purely chemical condition. The
presence of other co-precipitating dissolved constituents, e.g., silicate, may also influence the
Fe?" oxidation mechanism as well as Fe?" oxidation rate differently under abiotic and biotic
conditions (Gauger et al., 2016; Kinsela et al., 2016; Konhauser et al., 2007) (also discussed in
section 1.6.3). Therefore, the dominant mechanism of Fe*' oxidation under various
biogeochemical conditions may result in ferric (co)-precipitates with different reactivity
towards reductive dissolution.

This study evaluates the potential multiple roles of Si on the mobilization of P through
the interactions of Fe, P, and Si within the context of natural sediments. An experiment using
lake sediments in a flow-through column system is presented, where experiments are designed

to investigate the reactivity of ferric (co)-precipitates, form under variable concentrations of
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dissolved Si, towards the reductive dissolution of Fe and the associated P. This study also
evaluates the competitive effect of dissolved Si on the mobilization of P at the sediment-water
interface. The relative importance of Si-mediated P mobilization under variable redox

conditions is also discussed.

5.3 Materials and methods

5.3.1 Field sampling

Surficial sediment (top ~10 cm) was collected from West Pond (43°16°12.0” N 79°55°43.9”
W) in Cootes Paradise Marsh (Figure 5.1a) on October 27, 2017. The mineralogical
composition of surface sediments in this location is dominated by calcite and quartz, therefore
the sediment pore-water is buffered by carbonate-bicarbonate equilibria (Parsons et al., 2017).
The marsh has a history of high external P loading from a nearby wastewater treatment plant
as well as from urban runoff. The sediments in this marsh contain high concentrations of P
(57£4 pmol/g) (Parsons et al., 2017). The speciation of P in Cootes Paradise sediment,
according to the data presented in Parsons et al. (2017), is shown in Figure 5.1b. The marsh
experiences high internal P loading from sediments as well as extensive algal growth during

summer (Kelton and Chow-Fraser, 2005).
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Figure 5.1. (a) Map of Cootes Paradise Marsh showing the location of sediment sampling. (b)

Speciation of P in the Cootes Paradise sediment according to the data presented in Parsons et
al. (2017).
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5.3.2 Experimental setup

The experimental setup consisted of 14 sediment flow-through column systems (shown in
Figure 5.2 for a single column), modified from Pallud et al. (2007). The cylindrical columns
(Plexiglas, 12 cm height, 4.7 cm internal diameter) were filled with ~ 8.5 cm of sieved (500
um) and homogenized sediments, which settled on top of two polypropylene filters (0.2 um
pore size), fitted to the bottom cap. The columns were fastened with a top cap with O-rings
around the inside of the seal to prevent leakage. The inflow solution was introduced to each
column through an opening in the bottom cap at a flow rate of 5 mL/h. The solutions were
pumped vertically through the columns and were discharged through an opening at 10 cm
height, which maintained an overlying water column of approximately 1.5 cm above the
sediment surface. There were 2 cm of gas headspace above the top of the overlying water
column. The experiment was conducted at 25°C. During the experiment, columns were
subjected to different inflow solutions and overlying water column oxygenation conditions

over two phases.

Tedlar bag pH/DO T Sample collection
Na(g) electrode +—
Top water |3 & i =
L I Sediment—§— T
%ﬁ SmL/h Sl
Inflow solution Pump Outtlow Air pump

Filter

Figure 5.2. Schematic diagram of the experimental set-up of the flow-through column system
during phase-1.

5.3.3 Solution preparation
For the preparation of anoxic inflow solutions, 18.2 MQ cm™! water (Millipore) was boiled for

2 hours to enhance the removal of dissolved oxygen. The solutions were cooled to ~50-60°C
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while being continuously purged with N> gas (N2=99.998%, O,=<3 ppm). Once cooled, the
18.2 MQ cm™! deoxygenated water was introduced to an anaerobic chamber. The various
inflow solutions were prepared within the anaerobic chamber according to Table 5.1. The pH
of the solutions was adjusted to 7.00+0.02 using HCl and NaOH solutions. The inflow
solutions used during phase-1 contained 125 uM bromide (Br ) as an unreactive tracer to
understand the solution transport properties of the sediments in the columns. Acetate was added
to the inflow solution to avoid the depletion of natural organic matter in the sediment columns
during the experiment. The solutions were stored inside the anaerobic chamber (98% N2, 2%
H> atmosphere, Coy Laboratory Products) for 2 to 3 days and capped before removal to the
laboratory bench. A Tedlar bag filled with N2(g) (99.998% pure) was attached to each bottle
of APW to maintain anoxic conditions and avoid formation of a vacuum inside the bottles due
to solution pumping during the experiment.

Table 5.1. The chemical composition of the inflow Artificial Pore-Water (APW) solutions
used for different columns during phase-1 and phase-2. The plus (+) and minus (-) signs

indicate the presence and absence (respectively) of a chemical species in the inflow solutions
of different columns, which are shown by the bold capital letters.

Chemicals Chemical Conc. (uM) Phase-1 Phase-2
Formula APW with | APW with | APW APW APW
Fe?* Fe?" and Si with Si

A,B,C,D E,F G D,F, G B,C
Ca** CaCl,-2H,0 500 + + + + +
Mg?* MgCl, 250 + + + + +
Fe? FeCl,4H,0 1000 + + - -
Si Na,03Si-9H,0 500 - + - - +
Acetate CH3;COONa 250 + + + + +
Br KBr 150 + + + - -
HEPES CsHisN>04S 550 + + + + +

NOTE: The concentration of Ca’"/Mg’" in the inflow solutions was chosen according to the pore-water
composition reported for the same field sampling site (Ridenour, 2017). HEPES (4-(2-hydroxyethyl)-1-
piperazineethanesulfonic acid) was used an organic buffer to maintain the pH in the solutions as well as
in the overlying waters.

5.3.4 Experiments

Before beginning the experiment, the sediments in each column were equilibrated with an oxic
solution of Artificial Pore-Water (APW) for 24 hours at 5.0 mL/h. Columns were divided into
seven groups of duplicate columns: A, B, C, D, E, F, and G (Figure 5.3). All inflow solutions
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during both phases were anoxic. Throughout the experiment, aqueous samples were collected
from overlying water and aliquoted for the analyses of dissolved chemical constituents.

Phase-1 lasted from 0 to 240 hours. Three types of inflow solutions were used: (i) APW
with Fe?" (groups A, B, C, and D), (ii) APW with Fe** and Si (groups E and F), and (iii) APW
only with no Fe or Si added (group G). The concentrations of Fe** in the inflow solutions
(filtered through 0.2 um size polypropylene syringe filter) did not change throughout the
experiment as analyzed by the ferrozine method (see section 5.3.5.1 for sample preparation
and analysis). To promote oxidation of Fe?" in the surface sediments, the overlying water of
all columns was sparged with air using an air pump (Figure 5.2). Holes in the top cap kept the
overlying water column open to the atmosphere and enabled the collection of aqueous samples
as well as pH and DO measurements using electrodes. Columns in groups A and E were
sacrificed after phase-1 and frozen at -20°C for solid phase analyses.

Phase-2 lasted from 240 to 928 hours. Groups B and C were kept aerated but were
switched to inflow solutions of (i) APW and (ii)) APW and Si, respectively. Aqueous sample
collections and the measurements of pH and DO were conducted as in phase-1. Groups D, F,
and G were switched to an APW only inflow solution and to anoxic water column conditions.
To create anoxic conditions, the holes in the top caps were closed with plastic bolts covered in
silicon grease to create an airtight seal. The headspace of each column (D, F, and G) was
connected to a Tedlar bag filled with N2(g) to avoid the formation of vacuum during sampling
(not shown in Figure 5.2). Aqueous samples were collected periodically from the overlying
waters through a luer-lock valve and a tygon tube, which passed through one of the plastic
bolts in the top holes (not shown in Figure 5.2). After each sampling event, the headspace of
all columns was purged with N2(g) to minimize potential air diffusion into the columns.
Additionally, ~10 mL of aqueous sample was collected from each column on alternate days
and moved to an anaerobic chamber for measurement of pH and DO. After phase 2, columns

D and F were frozen at -20°C for solid phase analyses.
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Figure 5.3. Schematic diagram of sediment columns and experimental conditions during phase-1 (0 to 240 hours) and phase-2 (240
to 940 hours). The capital letters (A, B, C, D, E, F, and G) indicate groups of duplicate columns. Inflow solutions of Artificial Pore-
Water (APW) with or without amendments of Fe?* and/or Si for each column group are indicated in the blue (phase-1) and pink
(phase-2) boxes. All inflow solutions during both phases were anoxic. The overlying water column of all columns was aerated and
open to the atmosphere during the first phase. In the second phase, groups B and C continued to be aerated, while groups D, F and
G were sealed from the atmosphere to create anoxic conditions (see text for details). Groups A and E were sacrificed after phase-1
for solid phase analyses.
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5.3.5 Analytical methods

5.3.5.1 Analyses of overlying waters

Aqueous samples collected from the overlying waters were filtered through 0.2 um (pore size)
syringe filters (polypropylene except when indicated otherwise) and stored at 4°C until
analysis. For the analysis of major elements, e.g., Fe, Mn, Si, P, Ca and Mg, 2 mL of filtered
sample was added to 6 mL of 0.5 M HCI and analyzed by Inductively Coupled Plasma Optical
Emission Spectroscopy (ICP-OES, Thermo Scientific iCAP 6300). The analytical details with
ICP-OES are discussed in Chapter 2 (section 2.3.2). The samples for the determination of
dissolved Fe?" were prepared by adding 0.8 mL of filtered aqueous sample to 0.8 mL of 0.5 M
HCI and analyzed by the ferrozine method (Viollier et al., 2000). For the determination of
dissolved organic carbon (DOC), 1 mL of filtered sample was diluted with 6 mL water and
analyzed using an organic carbon analyzer (TOC-L, Shimadzu). The concentrations of anions
(Br’, NOs~, SO4%") were analyzed by ion chromatography (Dionex ICS-5000) in the aqueous

samples filtered through 0.2 um pore size polyethersulfonate syringe filter.

5.3.5.2 Analyses of sediments

The frozen sediment columns were sliced with a saw at 0.5 cm intervals from 0 to 2 cm depth,
then in 1 cm intervals between 2 and 5 cm depth of sediment (Figure 5.4). The sliced sediments
were returned to -20°C and freeze-dried. Subsamples (except the subsamples 2 to 3 cm and 4
to 5 cm) of the freeze-dried sediments were extracted in two ways, 1) by a buffered ascorbate-
citrate solution (BAC) at pH ~7.5 and 2) by 1.0 M HCI. The solutions were prepared in
deoxygenated water and mixed with sediments inside an anaerobic chamber. Buffered
ascorbate-citrate solution (pH ~7.5) was prepared with 10 g of ascorbic acid (CsHgOs, Sigma,
>98%), 50 g of sodium citrate (HOC(CO2Na)(CH2CO:Na),-2H>0, Sigma, >99%) and 50 g of
sodium bicarbonate (NaHCOs, Sigma, 99.5-100.5%) to give final concentrations of
approximately 0.057 M ascorbic acid, 0.17 M sodium citrate and 0.59 M NaHCO3. The
solution of HCI (1.0 mM) was prepared by diluting concentrated HCI (ACS 37%, Sigma
Aldrich) in water, and the solution was purged with N»(g) before introducing it to the anaerobic
chamber. Total extractions (24 hours) with BAC and HCI (separately) were conducted for

sediments from columns A, D, E and F as well as initial sediments that were collected at the
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time of sampling. The kinetic extractions (0 to 24 hours) were conducted only for surface

sediments (0 to 0.5 cm) from columns A and E and the initial (pre-experimental) sediment.

0-0.5
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Figure 5.4. Schematic diagram showing the sliced fractions of each sediment column. The
sliced subsamples (except the subsamples 2 to 3 cm and 4 to 5 cm) were used for the solid
phase analyses.

5.3.5.2.1 Solid phase extractions

Within an anaerobic chamber, 10 mL of BAC or HCI was added to a polypropylene centrifuge
tube (VWR, 50 mL size) containing 5 mg (weighed to the nearest 0.1 mg) of dried sediment.
The tubes were capped, using Teflon tape for an airtight seal, and removed from the anaerobic
chamber. The tubes were then transferred to an incubator (Glass-Col, 099A RD4512) where
they were shaken at 30 rpm for 24 hours at 22°C. After 24 hours of equilibration, the
suspensions were centrifuged at 1690 RCF for 15 min (Thermo Scientific, Sorvall ST 16R)
and the supernatants were filtered through 0.2 um pore size syringe filters. 3 mL of the filtered
supernatants was added to 6 mL of 0.5 M HCI and the samples were stored at 4°C until they
were analyzed for Fe, Mn, P, and Si by ICP-OES. The concentrations of Fe?" in the aqueous
fractions, extracted with 1M HCI, were also quantified by the ferrozine method (Viollier et al.,

2000).
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5.3.5.2.2 Kinetic extractions

Freeze-dried sediment (450 mg, weighed up to 0.1 mg) was added to 150 mL of BAC solution
inside an anaerobic chamber. The suspension was stirred at 400 rpm on a magnetic stir plate
(Corning stirrer, multi-position) at 22°C for 24 hours. The suspensions were collected
periodically and filtered through 0.2 um pore size syringe filters. 2 mL of the filtered samples
were added to 7 mL of 0.5 M HCI and stored at 4°C until analysis for Fe, Si, and P using ICP-
OES.

5.4 Results and discussion

5.4.1 Solution transport properties of the sediment columns

The transport properties of the sediments in the columns are shown in terms of Br~ break-
through curves of Cy/Cy versus pore-volume (Figures 5.5), where C; is the Br” concentration in
the overlying water at time t, and Co is the Br” concentration in the inflow solution. Sediment
pore-volume was calculated according to Equation 5.1 where p; is the number of sediment
pore-volumes elapsed at time t (h), Q is the flow rate (5 cm?/h), L is the length (height) of the
sediment column in centimeters (cm), A is the cross-sectional area of the sediment column in
cm?, and @ is the porosity of the sediment. Porosity was calculated from sediment bulk density
(Pbulk) and particle density (pparticie) using Equation 5.2. Bulk density (ppy1x) was measured
as 1.21+0.05 g/cm® by weighing about 50 mL of wet sediment, and the particle density
(Pparticle) Was assumed as 2.65 g/cm?, which was taken from a previous study (Ridenour,
2017). Note that the sediments used in this study and in Ridenour’s (2017) were collected from

the same location in Cootes Paradise Marsh.
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Figure 5.5. Break-through curves for Br~ for the columns during phase-1. The double-headed
arrow shows the delayed response of break-through Br- concentrations (discussed in this
section). Error bars represent the range of values measured between the columns as shown on
the figure by the capital letters.

Figure 5.5 shows that the columns achieved a break-through for Br™ at ~1.8 pore-volumes
at about 29 hours, which corresponds to a Ci/Co ratio of ~0.65. The surface sediments in the
columns should have achieved the break-through concentration of Br™ at one pore-volume,
which corresponds to at Cy/Cop ratio of ~0.10 (at ~16 hours, one pore-volume ~ 0.08 L)
according to Equation 5.1. Note that Equation 5.1 considers the length of the column which is
filled with sediment. However, the columns had about 1.5 cm of water on the top of sediments.
Therefore, the delayed break-through Br™ concentration (shown by the double-headed arrow in
Figure 5.5) achieved at ~1.8 pore-volumes instead of the theoretically expected one pore-
volume (~0.08 L), could have resulted due to dilution of Br™ in the overlying water. The
attenuation of Br” via the oxidative bromination of organic compounds in sediments may have
also contributed to this delay (Leri and Ravel, 2015). However, the Br~ break-through curves

show that all columns were similar in terms of their solution transport properties (Figure 5.5).
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5.4.2 pH and DO in the overlying waters

The pH of the sediment pore-water was ~8.50 prior to the experiment. pH decreased to
7.60+0.10 after equilibrating the sediments with the APW solution and remained around this
value throughout experimental phase-1. During phase-2, pH decreased to ~7.25+0.05 in the
overlying waters of the sealed anoxic columns (D, F, and G). The drop of pH in these anoxic
columns could be attributed to the build-up of dissolved CO> in the overlying water as a by-
product of fermentation or organic matter oxidation coupled to the reduction of nitrate, sulfate
or Fe**/Mn* -phases in sediments. This explanation is consistent with the observation that the
pH of the overlying waters of columns B and C, which remained open to the atmosphere and
aerated during phase-2, did not change from phase-1 to phase-2.

During phase-1, the concentrations of DO in the overlying waters of the Fe*" addition
columns (A, B, C, D, E, and F) and of the control column (G) were ~3.5+£0.5 and ~2.5+0.5
ppm, respectively. The slightly lower DO levels in the control column (G) could have been by
the consumption of O, during the aerobic respiration of DOC, which was higher in the control
column (G) (see section 5.4.3, Figure 5.6). During phase-2, the DO concentrations in the
overlying waters of the anoxic columns (D, F, and G) were below the detection limit (0.1
mg/L), indicating that anoxic conditions at the sediment-water interface was achieved. The DO
concentrations for oxic columns B and C during phase-2 did not change (~3.5+0.5 ppm) from

phase-1.

5.4.3 DOC, nitrate, and sulfate in the overlying waters
At the beginning of phase-1, the average concentration of DOC in the overlying water of the
columns was 64+8 mg/L. After passing one 1.8 pore-volume of APW (~29 hours), the
concentration of DOC increased compared to the inflow solution DOC concentration (102
mg/L), presumably due to the added HEPES and acetate (Figure 5.6). Among all the columns,
the DOC concentration was higher for the control column (G). The inflow solution supplied to
the duplicate G columns did not contain Fe?* while the inflow solutions of the other columns
(A, B, C, D, E, and F) contained Fe?".

The addition of Fe?" to the other columns (A, B, C, D, E, and F) could have decreased
the concentration of DOC in the overlying waters by a few possible reasons. For example,

DOC from the aqueous phase can be removed via the adsorption on or via the co-precipitation
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with ferric (hydr)oxides during the oxidation of Fe?* at the sediment-water interface (Adhikari
etal., 2017; Du et al., 2018; Grybos et al., 2009; Zhao et al., 2017). The removal of DOC, via
these mechanisms (adsorption and co-precipitation) could be higher in the Fe?" addition
columns (A, B, C, D, E, and F) where greater amounts of Fe** precipitation was likely in the

surface sediments in comparison to the column with no added Fe?" (G).
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Figure 5.6. Concentrations of DOC in the overlying waters of the columns as a function of
time. The inflow solutions during phase-1 for the columns were (i) APW with Fe?" (A, B, C,
and D), (ii) APW with Fe?" and Si (E and F), and (iii) APW only (G). Before the start of
phase-2, the inflow solutions for columns B and C were replaced with APW and APW with
Si, respectively while that of D, F and G were replaced with APW only. Error bars represent
the range of values measured between the columns shown on the figure by the capital letters.

Dissolved Fe?" can increase the activity of extracellular enzymes, such as phenoloxidase,
which can enhance the decomposition of organic matter under anoxic conditions (Hall and
Silver, 2013; Van Bodegom et al., 2005). In addition, Fe*" reacts with hydrogen peroxide
(H202), and produces highly reactive -OH radicals (via the Fenton reactions), which act as a
non-selective oxidant for a wide variety of organic matter (Hall and Silver, 2013; Sekar and

DiChristina, 2014). Thus, the generation of -OH radicals could have decreased DOC
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concentrations in the overlying water through the oxidation of organic matter. H>O> can be
produced under both oxic and anoxic conditions via abiotic and biotic processes (Hall and
Silver, 2013; Sekar and DiChristina, 2014; Wood, 1994). The abiotic production of -OH via
the Fenton reactions is shown by the following three reactions, which proceeds with the

oxidation of Fe?" (Hall and Silver, 2013).

Fe’* + 0.+ H" — Fe’" + -O:H (i)
Fe** + H" + -:OH — Hy0, + Fe** (ii)
Fe’" + H,0, — -OH + Fe*" + OH (iii)

During phase-2, the DOC concentrations in the overlying waters of columns D, F and G
increased immediately following the end of phase-1 and the onset of anoxic conditions. This
increase of DOC concentrations may have been caused by the reductive dissolution of Fe3'-
OC co-precipitates (Adhikari et al., 2017; Zhao et al., 2017). Such co-precipitates could have
formed under oxic conditions during phase-1 since DOC with multiple functional groups has
been known to occupy the surface or structural part of metal (hydr)oxides (Adhikari et al.,
2017; Du et al., 2018; Grybos et al., 2009; Zhao et al., 2017). This co-precipitated OC may be
released to the aqueous phase during the reductive dissolution of iron co-precipitated with OC
(Adhikari et al., 2017; Zhao et al., 2016). The results show that the release of DOC from the
control column (G) was higher than the Fe*" addition columns (D and F) under anoxic
conditions during phase-2. This higher release of DOC by the control column (G) potentially
suggests that higher DOC concentrations in the overlying water of this group of columns
resulted in a greater amount of DOC incorporation in Fe*"-OC co-precipitates under oxic
condition during phase-1.

The concentrations of NOs™ and SO4>" in the overlying waters, before the start of Phase-
1 but after equilibrating with an oxic APW inflow solution, were 30+20 uM and 100+60 uM.
The concentrations of NO;  and SO4> in the overlying waters decreased to below their
detection limits (NOs: 0.8 pM and SO42: 1.3 uM), within the first 1.8 pore-volume (~29 h),
presumably due to the influence of anoxic inflow solutions. Flowing of anoxic solution (with
no NOs™ and SO4%) through the columns was likely to remove NOs3™ or SO4* from the pore-

water as well as from the overlying water with the outflow. The anoxia promoted
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denitrification and sulfate reduction below the surface sediments may also cause the depleted

NOs™ and SO4> conditions in the overlying waters.

5.4.4 Formation and dissolution of ferric (co)-precipitates: effect of silicate
During phase-1, Fe?" was oxidized in surface sediments of the columns (A, B, C, D, E, and F)
under variable dissolved Si concentrations. This was achieved by introducing solutions of Fe?*
prepared in APW to the base of the sediment columns, with and without added Si. For example,
Si was absent in the inflow solution of columns A, B, C, and D, while it was present in the
inflow solution of columns E and F. Although P was not added to the inflow solutions, it was
expected to be released from the P rich sediments and form co-precipitate with Fe during the
oxidation of Fe?". The inflow solution of the control column (G) did not contain either Fe*" or
silicate.

Columns A (APW with Fe**) and E (APW with Fe?" and Si) were not continued to phase-
2 as they were sacrificed for solid phase analyses after phase-1. Columns D and F were similar
to columns A and E during phase-1. Columns D, F, and control column G were continued to
phase-2 by creating anoxic water columns and by replacing the inflow solutions with anoxic
APW solution. The objective of this part of the experiment was to understand the reactivity of
ferric (co)-precipitates, formed in the absence and presence of added Si, towards reductive
dissolution under anoxic conditions. Experimental results from columns A, D, E, F, and G are
discussed separately based on the analysis of overlying waters and the chemical extractions of
solid sediments.

The total amounts of Fe, Mn, Si, P, Ca and Al released from all the columns during the
different experimental phases are shown in Table 5.2. The release of each element is shown in
terms of cumulative release according to Equation 5.3:

mcum(t) — mtl _I_ mtz _I_ mt3 _I_ ......... _.l_mt .............................. (5.3)
where Meym (s is the cumulative release (in pmol) of an element from a sediment column to
the overlying water at time t, and m; , m;,, m,, and m; are the amounts of that element (in

umol) released in the overlying water at time t, t,, t3, and t, respectively.
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Table 5.2. Total amounts (umol) of Fe, Mn, P, Si, Ca and Mg released from sediment columns
during the experiment based on the analysis of overlying waters by ICP-OES. The “+” sign
indicates the range of minimum and maximum values measured between the columns.

Column Oxic/ Inflow solution Fe Mn P Si Ca Mg
anoxic

Phase-1

A,B,C,D Oxic APW+Fe? 13+11 20+3 7349 293426 | 2133+364 | 663+89

E,F Oxic APW+Fe*+Si 7+4 2243 68+10 541+18 2069+57 | 675448

G Oxic APW 27+1 50+12 74+2 359422 2970+12 | 937459
Phase-2

D Anoxic APW 226+13 | 54+0 110+7 825+67 | 3847126 | 841+l
F Anoxic APW 320445 | 68+4 | 123442 | 974+112 | 4135+£70 | 803+14
G Anoxic APW 225437 | 6145 132416 | 848448 4473486 | 812+19

5.4.4.1 Iron cycling

5.4.4.1.1 Iron in the overlying waters

During phase-1, all sediment columns released small amounts of iron (Fe) from sediments to
the overlying waters (Table 5.2, Figure 5.7). For the columns where Fe was present in the
inflow solution (A, D, E, and F), the total amount of Fe that reached the overlying water was
less than 4% of the total input of 660 pmol Fe** during Phase-1. Thus, the sediments attenuated
more than 96% of the added Fe®". This is consistent with the effect of aeration in the water
column and the subsequent oxidation of aqueous Fe*" to solid Fe*" under these conditions. The
added Fe?' can also be attenuated via chemical precipitation with phosphate, sulfide, and
carbonate under anoxic conditions below the top oxic layer of the surface sediments (Connell
et al., 2015; Géchter and Miiller, 2003; Orihel et al., 2017; Rothe et al., 2014). However, the
removal of Fe?" via this chemical precipitation mechanism was not evident from the analyses
of solid sediments. Because the concentrations of Fe?" in the solid sediments throughout
columns A and E (analysed after phase-1) were comparable to the Fe?* concentration measured
for the initial sediment (shown latter in this section, Figure 5.9d).

The release of Fe in the overlying waters of columns A, D, E, F, and G is shown in
Figure 5.7. Columns E and F received Si with the Fe?" containing inflow solutions during
phase-1, but columns A and D did not. The added Si to columns E and F did not make a
significant difference in Fe release from the sediments in comparison to columns A and D

(Figure 5.7 and Table 5.2).
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The control column (G) that did not receive Fe?" with the inflow solution, released a
greater amount of Fe (during phase-1) than the columns (A, D, E and F) with added Fe?" (Table
5.2, Figure 5.7). The release of Fe from the control column (G) indicates that the sediments
were a source of Fe. While the overlying waters were aerated during this phase, sediments
below the oxic top thin sediment layer were primarily anoxic due to the influence of anoxic
inflow solutions. Thus, the release of Fe via the reductive dissolution of sediment Fe**-minerals
was possible, even for the columns with added Fe?". The greater release of Fe from the control
column (G) could have resulted from the low DO levels (~2.5+0.5 mg/L) in the overlying

water, which perhaps was not sufficient for the complete oxidation of Fe?* released from the

sediments.
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Figure 5.7. Cumulative release of Fe to the overlying waters during phase-1 and phase-2 as a
function of time. The inflow solutions for the columns during phase-1 were (i) APW with Fe?"
(A and D) and (ii) APW with Fe?" and Si (E and F), and (iii) APW only (G). Before the start
of phase-2, columns A and E were sacrificed for solid phase analysis while columns D, F and
G were continued in phase-2 and the inflow solutions were replaced with APW only. Error
bars represent the range of values measured between duplicate columns.

During experimental phase-2, there was a greater release of Fe from all sediment
columns compared to phase-1 (Table 5.2, Figure 5.7). About 90% of the released iron was in
the form of Fe?*, regardless of the type of the columns based on the inflow solution during

phase-1 (see supplementary material, Figure SM-5.1). This ratio of Fe** to total Fe (~0.9)
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indicates that the release of Fe during this phase was primarily due to the reductive dissolution
of solid phase Fe*" in sediments under anoxic conditions, although dissolution of solid phase
Fe?" was also possible. The control column (G) initially released a greater amount of Fe even
under anoxic conditions than columns D and F (Figure 5.7), although these latter columns
contained greater amounts of Fe due to the accumulation of Fe (more than 96% of added iron)
from the inflow solution during phase-1.

The concentrations of DOC in the overlying waters were similar for all columns at the
end of phase-1 (Figure 5.6). However, the concentrations of DOC in column G increased above
that of the other columns upon the onset of anoxic conditions during phase-2 (Figure 5.6). This
increase in DOC concentrations during the initial time of phase-2 (Figure 5.6) was possibly
due to the dissolution of co-precipitated organic carbon (OC) with Fe*" that likely formed
during phase-1. As the concentrations of DOC was higher in the control column (G) during
phase-1, it was possible that a greater amount of OC co-precipitated with solid Fe** phases
during phase-1, leading to a greater initial release under anoxic conditions during phase-2. The
released DOC in the overlying water can further be used in the microbial reduction of ferric
(co)-precipitates formed in surface sediments (Adhikari et al., 2017). Thus, the higher
concentrations of DOC in the overlying water of the control column (G) may explain the higher
initial release of Fe (during phase-2) by this column in comparison to columns D and F.
However, the total mass (average) of Fe released from column F (320+45 umol) was 1.4 times
higher than the release by the control column (G) (Table 5.2 and Figure 5.7), with comparable
amounts of Fe released by the columns D and G.

During phase-2, column F released 1.4 times more Fe than column D (Figure 5.7).
Columns D and F were similar in terms of their set-up and the solution transport properties.
The concentrations of DO, DOC, and pH in their (D and F) overlying waters were also
comparable. The only difference between columns D and F was that, column F received Si
with the inflow solution during phase-1 whereas column D did not. The higher release of Fe
from column F during phase-2 appears to be the effect of added Si during phase-1. This result
suggests that the dissolved Si added (with Fe?") to the inflow solution (during phase-1) of
column F increased the reactivity of ferric (co)-precipitates towards microbial reduction

(during phase-2) under anoxic conditions.
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5.4.4.1.2 Iron in the sediments

The final chemical compositions of the sediments from columns A, D, E and F as well as the
initial (pre-experimental) sediments were evaluated through chemical extractions with
solutions of buffered ascorbate-citrate (BAC) and 1 M HCI. The BAC extractable iron, Feiac),
generally represents the labile and reducible fraction of Fe (Hyacinthe et al., 2006; Larsen et
al., 2006; Raiswell et al., 2010). Dilute HCI1 (1.0 M) solution, mostly extracts the amorphous
fraction of Fe*" minerals (e.g., ferrihydrite), or crystalline Fe?" minerals (e.g., vivianite or
siderite) (Wallmann et al., 1993). Therefore, both of the solutions are capable of extracting
some common pool of iron from sediments.

The results from the extraction of sediment by the BAC solution show that the
concentrations of Femac) (umol Fe per gram of dried sediment) in the post experimental
surface sediments (0 to 0.5 cm) of columns A and E were comparable (117.08+5.7 and
118.8+5.6 umol/g, respectively), which are about 1.7 times higher than that of the initial
sediments (Figure 5.8a). Within columns A and E, the concentrations of Femac) were also
higher in surface sediments (0 to 0.5 cm) relative to the bottom sediments (Figure 5.8a). This
result indicates that the accumulation of Fe primarily took place in the surface sediments (0 to
0.5 cm) where the greatest oxidation of Fe?' likely occurred. Furthermore, similar Fepac)
concentrations in the surface sediments of columns A and E suggest that the added Si to column
E (during phase-1) did not influence the retention of iron, as ferric (co)-precipitate, via the
oxidation of Fe?*. This observation is consistent with the comparable concentrations of Fe in
the overlying waters of columns A and E during phase-1 (Figure 5.7 and Table 5.2).

Column A (APW with Fe*") and E (APW with Fe?" and Si) were treated similarly to the
columns D and F during phase-1. The sediments of columns A and E were analyzed after
phase-1, but columns D and F were analyzed after phase-2. The concentrations of Fesac) in
the surface sediments (0-0.5 cm) of columns A and E were similar (Figure 5.8a), while that of
columns D and F were lower, with F more depleted than D (Figure 5.8b and 5.8c). Assuming
that the concentrations of Fewac) in columns A and E were the initial Fesac) concentrations
in columns D and F, respectively at the start of phase-2, ~13% of Fesac) from column D and
~26% of Femac) from column F were released from the surface sediments (0 to 0.5 cm) during
phase-2. This observation is consistent with the overlying water chemistry of the columns

(Table 5.2 and Figure 5.7) where column F released ~1.4 times greater amounts of Fe
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compared to column D, suggesting that column F was more depleted in Feac) after phase-2.
Therefore, a greater release of Fe from column F than column D under anoxic conditions
(phase-2) can be attributed to the effect of added Si to column F, where Fe?* oxidation occurred

in the presence of higher Si concentrations than in D.
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Figure 5.8. Concentrations of Fe in the sediments extracted with a buffered ascorbate-citrate
solution. The inflow solutions for columns A and D during phase-1 was APW with Fe** while
that for E and F was APW with Fe?* and Si, respectively. Columns A and E were analyzed
after the phase-1, but columns D and F were analyzed after the completion of phase-2. The
dashed line represents the concentration of Fe in the initial sediment. Error bars represent the
range of values measured between duplicate columns.

The concentrations of Fewmcn (umol Fe per gram of dried sediment) in the initial
sediments as well as in the sediments of the Fe?" addition columns (A, D and E, F) are shown
in Figure 5.9. The results show that the concentrations of Feci) in the surface sediments (0 to
0.5 cm) of columns A (APW+Fe?") and E (APW+Fe?**+Si) are comparable (278.7+2.9 and
283.9+1.6 umol/g, respectively), and are higher than that of the initial sediments (251.8+3.1
umol/g) (Figure 5.9a). This means that the accumulation of Fecr within the surface sediments
(0 to 0.5 cm) of columns A and E was slightly higher for E, accounting for 11 and 13%
enrichment of Fewcr in A and E, respectively, relative to the initial sediments. The higher
concentration of Fewc in the surface sediments of E potentially suggests that the ferric (co)-
precipitates that formed in the surface sediments of column F during phase-1 were likely more
amorphous than those formed in column A. The higher concentrations of Fewcyy in the surface
sediments of columns A and E indicate that the accumulation of Fe occurred within the top 0.5

cm in the columns and are consistent with the Fesac) concentrations in sediments.
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Figure 5.9. Concentrations of total Fe (a-c) and the Fe?* (d-f) in the sediments extracted with
1 M HCI solution. The inflow solutions for columns A and D during phase-1 was APW with
Fe?* while that for E and F was APW with Fe?" and Si, respectively. Columns A and E were
analyzed after the phase-1, but columns D and F were analyzed after the completion of phase-
2. The dashed lines represent the concentration of iron (Fewci and Fe**cy) in the initial
sediment. Error bars represent the range of values measured between duplicate columns.

During phase-1, although the concentrations of Fecy increased in the surface sediments
(0 to 0.5 cm) of columns A and E with respect to the initial sediments (Figure 5.9a), the
concentrations of ferrous iron, Fe*qici), remained similar (Figure 5.9d). This result indicates
that the accumulation of Fe in the surface sediments of columns A and E occurred by the
oxidative precipitation of Fe?". In the sediments below 5 cm depth, a slight increase of Fegcn
was observed (Figure 5.9), similar to Fesac) (Figure 5.8), possibly due to the influence of
added Fe?' in the inflow solutions.

The sediments from columns D and F were analyzed after phase-2 and these columns

were similar to columns A and E, respectively during phase-1. The average concentrations of
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Feman in the surface sediments of columns D and F were lower compared to that of columns
A and E, respectively (Figure 5.9b and Figure 5.9c). This result indicates that surface
sediments (0 to 0.5 cm) of both anoxic columns D and F released Fewcry during phase-2.
Furthermore, the amounts of Fewcy released from the surface sediments of column F was
higher than that of column D. This difference is revealed by comparing the Fewmci
concentrations in the surface sediments of columns F and D with the respective background
concentrations. For example, assuming that the concentrations of Fewcr in the surface
sediments of columns A and D were similar before the start of phase-2 (Figure 5.9a), the
surface sediments of column D released 13.7 pmol Fewcyy from each gram of the sediments
(Figure 5.9b). This release of Fewcr was 21.0 umol/g from the surface sediments of column F
with respect to the concentrations measured in the surface sediments of E (Figure 5.9¢).

The concentration of total Fe extracted by HCI, Fewmcn, decreased in the surface
sediments of D and F after phase-2 where the concentration of Fe?"wcy slightly increased
(Figure 5.9¢ and Figure 5.9f) in the surface sediments of columns D and F. The increased
concentration of Fe** wcy) in the surface sediments of columns D and F after phase-2 could have
occurred by the accumulation of reductively dissolved Fe?" via adsorption on sediment mineral
surfaces or by chemical precipitation (Connell et al., 2015; Géchter and Miiller, 2003; Orihel
et al., 2017; Rothe et al., 2014). Within columns D and F, the accumulation of Fe**(uci) was
higher in the surface sediments of D (Figure 5.9¢ and 5.9f). The total release of Fe (90% in the
form of Fe?") to the overlying water of column D was lower in comparison to column F (Figure
5.7 and Table 5.2 and Figure SM-5.1). Thus, the greater accumulation of Fe?"(uci) via chemical
precipitation in column D was not likely as the concentrations of other anions, e.g., phosphate,
and possibly bicarbonate, were similar in the overlying water of columns D and F.

The accumulation of Fe** ey in the surface sediments of columns D and F may also
have occurred via the adsorption of reductively dissolved Fe?" to mineral surfaces. Between
columns D and F, the depleted Fe?* (ic1y concentrations in the surface sediments of F potentially
indicate that ferric (co)-precipitates formed in column F (with added Si) had decreased affinity
for the adsorption of Fe*" from the aqueous phase. This effect of co-precipitated Si is consistent
with a previous study where the ferric (hydr)oxide co-precipitated with Si showed a weak
affinity for the adsorption of Fe?" (Kinsela et al., 2016). Alternatively, the presence of dissolved

silicate has been known to increase the rate of bacterially mediated Fe?" oxidation (Gauger et
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al., 2016; Konhauser et al., 2007). On the contrary, the presence of dissolved Si decreases the
rate of Fe?* oxidation under abiotic conditions (Kinsela et al., 2016). Therefore, if the oxidation
of Fe?" during phase-1 was mostly driven by iron oxidizing bacteria, one may expect that the
rate of Fe?" oxidation in the surface sediments of column F (with added Si) was higher than
that of column D (with no added Si). Assuming this hypothesis, higher Fe?*" oxidation rate
could have resulted in the greater amounts of ferric iron (co)-precipitation in the surface
sediments of column F compared to column D, although concentrations of total HCI
extractable Fe are comparable for both columns. The results potentially indicate that a greater
amount of Fe?* was accumulated in the ferric (co)-precipitates that formed in the surface
sediments of column D, potentially via adsorption or via the formation of mixed Fe?" and Fe**

iron oxides, compared to column F.

5.4.4.2 Manganese cycling

5.4.4.2.1 Manganese in the overlying waters

All the columns released Mn during phase-1, although it was not added to the inflow solutions
(Figure 5.10, Table 5.2). As the sediments below the top 0.5 cm were anoxic, the release of
Mn likely occurred by the reductive dissolution of Mn*"-phases present in the deeper sediments
(Lovley, 2004; Parsons et al., 2017; Santschi et al., 1990). The total amount of Mn released by
an individual group of columns during phase-1 was slightly higher than the total amount of Fe
(total) released by the same column (Table 5.2). For example, columns A and D (APW with
Fe?") released a total of 20+3 umol Mn during phase-1 relative to the total amount of Fe (13+11
umol) released by those columns. The higher amounts of Mn release relative to the release of
Fe could have occurred due to low DO concentrations in the overlying waters (3.5+0.5 mg/L)
of the columns during phase-1. Although these DO levels (3.5+0.5 mg/L) effectively oxidized
Fe?*, it was most likely inadequate for the retention of Mn by oxidative precipitation, assuming
that the release of Mn** from the deeper sediments occurred by the reductive dissolution of

Mn**-phases.
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Figure 5.10. Cumulative release of Mn to the overlying waters during phase-1 and phase-2 as
a function of time. The inflow solutions for columns during phase-1 were (i) APW with Fe?"
(A and D) and (ii) APW with Fe?" and Si (E and F), and (iii) APW only (G). Before the start
of phase-2, columns A and E were sacrificed for solid phase analysis while columns D, F and
G were continued in phase-2 and the inflow solutions were replaced with APW only. Error
bars represent the range of values measured between duplicate columns.

During phase-1, the control column (G) released a greater amount of Mn than the Fe?*
addition columns (A, D, E, and F) and the release of Mn among these Fe** addition columns
were similar. During phase-2, the initial release of Mn was slightly higher by the control
column (G) compared to columns D and F (Figure 5.10). Similar to Fe, the greater initial
release of Mn by the control column (G) during phase-2 likely occurred due to the higher
concentrations of DOC required for the microbial reduction of Mn**-phases in sediments.
However, the total amount of Mn released from column G was lower than that released by
column F (Table 5.2), and comparable to the amount of Fe release from the reactor D. Between
columns D and F, column F with added Si during phase-1 released ~1.3 times greater amount
of Mn. The trends of cumulative and total release of Mn are consistent with that of Fe.
Therefore, Mn co-precipitates that potentially formed in the surface sediments of column F
(with added Si) was likely more reactive under reducing conditions, resulting in a greater

release of Mn during phase-2.
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5.4.4.2.2 Manganese in the sediments

The results from extraction of sediments with BAC solution show that the concentrations of
Mnac) were higher in the surface sediments (0 to 0.5 cm) of columns A and E than the initial
sediments (Figure 5.11a). Within columns A and E, the concentrations of Mnac) in the
surface sediments (0 to 0.5 cm) were higher than in the sediments below the top 0.5 cm (Figure
5.11a). This result indicates that Mn released by the bottom sediments was accumulated in

surface sediments (0 to 0.5 cm), potentially via the oxidative precipitation of Mn under oxic

conditions.
Mn (umol/g) Mn (umol/g) Mn (umol/g)
0 2 4 6 8 10 0 2 4 6 10 0 2 4 6 8 10
1 1 1 1 | 1 1 1 1 ] 1 1 1 1 1
0.005| (@) - @ H 0005( (b) 1 @ 0.0-05| (C) —
0.5-1.0 B+ 05-1.0 e 0.5-1.0 N =
5 1015 . ) 1015 =) 1015 .
= - ! - : - !
é-} 1.5:2.0 HEBHI 1.5-2.0 HE® 15-2.0 HEO
3.0-4.0 89 © A 3.0-4.0 -9 ® A 3.0-4.0 B 8 A
. ' ® F . ' e D - ' mF
5+ @ - - - -initial 5+ ® - - - -initial 5+ - - - - -initial
Mn (umol/g) Mn (umol/g) Mn (pmol/g)
0 5 10 15 20 25 30 0 5 10 15 20 25 30 0 5 10 15 20 25 30
1 1 1 1 1 | 1 1 1 1 1 ] 1 1 1 1 1 1
0.0-05| (d) v 00-05| (e) ) 0005 mX
0.5-1.0 & 0.5-1.0 e 0.5-1.0 ]
5 1015 G 10-15 ® 10-15 N
= - ! - : - !
§' 1.5-2.0 @ 15-2.0 ® 1.5-2.0 T
3.0-4.0 3.0-4.0 §
EE o A o © A 3.0-4.0 ) _
s o E . oD . mF
7+ @ b - - - -initial 7+ ® 4 - - - -initial 7+ WX H - - - -initial

Figure 5.11. Concentrations of total Mn in the sediments extracted with buffered ascorbate-
citrate (a-c) and 1 M HCI solution (d-f). The inflow solutions for columns A and D during
phase-1 was APW with Fe?" while that for E and F was APW with Fe?" and Si, respectively.
Columns A and E were analyzed after the phase-1, but columns D and F were analyzed after
the completion of phase-2. The dashed lines represent the concentrations of Mn ((Mngac and
Mnpyci)) in the initial sediment. Error bars represent the range of values measured between
duplicate columns.
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During phase-1, columns A and E were similar to columns D and F, respectively, where
the sediments of columns D and F were analyzed after the completion of phase-2. Therefore,
assuming that the concentrations of Mnsac) in the surface sediments (0 to 0.5 cm) of columns
A and D were similar at the end of phase-1, the depleted concentration of Mnac) from the
surface sediments of column D during phase-2 was estimated. Similarly, the concentration of
Mngac) that depleted from the surface sediments of column F during phase-2 was estimated
by comparing it with the Mnsac) concentration in the surface sediments of column E. Between
columns D (APW with Fe?") and F (APW with Fe?* and Si), the surface sediments of column
F was more depleted in Mnsac) concentration (Figure 5.11b and 5.11c¢), suggesting that more
Mnac) was released from the surface sediments of column F during phase-2.

The concentrations of HCI extractable Mn, Mnwucr, were also higher in the surface
sediments (0 to 0.5 cm) within columns A and E (Figure 5.11d). The analyses of columns D
and F show that the surface sediments of these columns were depleted in Mnucry compared to
that of columns A and E, with F more depleted than D. This result suggest that the surface
sediments of column F released more Mncly than the surface sediments of column D. A
similar trend is observed for the concentrations of Mnsac) in the sediments of those columns.
Thus, the addition of Si to columns E and F (during phase-1) likely resulted in the manganese
(co)-precipitates with higher reactivity towards reductive dissolution (during phase-2)

compared to that formed in columns A and D which did not receive added Si.

5.4.4.3 Silicon cycling

5.4.4.3.1 Silicon in the overlying waters

During phase-1, Si was added in the inflow solution of columns E and F only. Therefore, the
release of Si from the columns (A, D, and G) with no added Si indicates that the sediments
acted as a source of Si (Figure 5.12, Table 5.2). However, columns E and F (with added Si)
released a greater amount of dissolved Si than columns A, D, and G (with no added Si) during
phase-1. This result suggests that the concentrations of dissolved Si were higher during the
oxidation of Fe?" in the surface sediments of columns E and F, compared to columns A, D, and
G. For example, average concentrations of dissolved Si in the overlying waters of columns E
and F were about 1.8 times higher than that of A and D, as calculated from the total amounts

of released Si and the volume inflow solutions introduced to the columns.
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Figure 5.12. Cumulative release of Si to the overlying waters during phase-1 and phase-2 as a
function of time. The inflow solutions for columns during phase-1 were (i) APW with Fe?* (A
and D) and (i) APW with Fe*" and Si (E and F), and (iii) APW only (G). Before the start of
phase-2, columns A and E were sacrificed for solid phase analysis while columns D, F and G
were continued in phase-2 and the inflow solutions were replaced with APW only. Error bars
represent the range of values measured between duplicate columns.

During phase-2, the cumulative release of Si at each time point, including the endpoint,
was higher from column F compared to columns D and G, with comparable release from the
latter two columns (D and G) (Figure 5.12). For example, column F released about 149 pmol
more Si than column D (calculated from the average values) in total. The inflow solution of F
received Si with the inflow solution during phase-1 and therefore, the sediment pore-water,
just before the start of phase-2, was pre-saturated with Si from phase-1. Therefore, the greater
release of Si from column F during phase-2 compared to column D can be attributed to the
dissolution of Si that could have co-precipitated with iron, or to the release of the excess Si
(from phase-1) from column F. The amount of this excess Si inside column F from phase-1 is
about 40 umol, which was calculated from the concentration of Si in the overlying water before
the start of phase-2 and the pore-volume of the sediment columns. If this amount of Si is
considered, column F released 109 umol (calculated using the average values from duplicate

columns) more Si than column D. This result suggests that the release of this 109 pmol of Si
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could have been associated with the reductive dissolution of iron, indicating the co-
precipitation of Si with Fe during the oxidation of Fe?". However, the release of this Si
associated with Fe seems insignificant compared to the variation in the amounts of Si released

by the duplicate columns (shown with “£” sign in Table 5.2).

5.4.4.3.2 Silicon in the sediments

The concentrations of Si in the sediments based on the extractions with BAC as well as 1 M
HCl solutions does not show any trend (see supplementary material, Figure SM-5.2). The BAC
solution used to extract the reducible fraction of ferric (co)-precipitates from the sediments,
can also dissolve amorphous silica (Ridenour, 2017). Similarly, the extraction with HCI
solution may also result in the dissolution of clay minerals from the sediments (Cama and
Ganor, 2015) along with Si bound to ferric iron. Thus, the greater dissolution of Si from other
silica pools in sediments than the co-precipitated Si with iron (if formed) could have resulted
in no meaningful trend in the concentrations of Si along the different depths of sediments in
either of the columns.

The dissolution of Si during the extraction of sediments with BAC solution was further
investigated with a kinetic approach (Figure 5.13). The results show that Si:Fe ratios in the
extractants of the initial sediments deviates from linearity earlier than those from columns A
and E. This result indicates that greater amounts of ferric bound-Si were present in the surface
sediments of A and E than the initial sediments, suggesting that the co-precipitation of Si with
Fe occurred during phase-1. Furthermore, the gradual increase of Si:Fe ratios (with increasing
the concentrations of dissolved iron) in the BAC extractants of the surface sediments of A and
E demonstrates that the released Si was not homogeneously associated with Fe, and that other

sources were involved in Si release.
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Figure 5.13. The release of Si and Fe into the aqueous phase during the extraction of surface
sediments (0 to 0.5 cm) of columns A (APW+Fe?") and E (APW+Fe?"+Si) plus the initial
sediment in buffered ascorbate citrate solution. Columns A and E were analyzed after phase-
1. Error bars for columns A and E represent the range of minimum and maximum values
measured between duplicate columns while for the initial sediment, error bars represent the
range of values measured between duplicate experiments.

5.4.4.4 Phosphorus cycling

5.4.4.4.1 Phosphorus in the overlying waters

All the columns released phosphorus (P) with no considerable differences between solution
treatments during both experimental phases. The cumulative and the total releases of P are
shown in Figure 5.14 and in Table 5.2. During phase-1, columns A, D, E, F and G released
similar amounts of P which did not vary due to different chemical compositions of inflow
solutions: (i) APW and Fe?* (A to D), (ii) APW with Fe** and Si (E and F), and (iii) APW (G)
(Figure 5.14). Dissolved Si, as a competitive ion to phosphate for the mineral binding sites,
has previously been shown to increase the mobility of aqueous P in sediments (Koski-Vahéla
et al., 2001; Koszelnik and Tomaszek, 2008; Tallberg et al., 2008; Tuominen et al., 1998).
However, the addition of aqueous Si to columns E and F did not result in greater P release to

the overlying waters during phase-1, indicating that the influence of dissolved Si on the release
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of P was minor or not apparent. This effect of dissolved Si could be due to the fact that the pH
in the overlying water of the columns was 7.60+0.10 at which dissolved Si is likely to exert a
minor influence on the mobility of P (Chapter 2). In addition, the amounts of P dissolution
from various organic and inorganic sources within the sediments may have been relatively
large compared to the release of P mediated by dissolved Si. Therefore, if there was any effect
of dissolved Si on P release, the effect was levelled off perhaps with the greater amounts of P
release by the other sources.

During phase-2, no significant difference was observed in the release of P, at each
experimental time point (Figure 5.14) including the endpoint, from columns D, F and G with

different solution treatments (Table 5.2).
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Figure 5.14. Cumulative release of P to the overlying waters during phase-1 and phase-2 as a
function of time. The inflow solutions for the columns during phase-1 were (i) APW with Fe?*
(A and D) and (ii) APW with Fe?" and Si (E and F), and (iii) APW only (G). Before the start
of phase-2, columns A and E were sacrificed for solid phase analysis while columns D, F and

G were continued in phase-2 and the inflow solutions were replaced with APW only. Error
bars represent the range of values measured between duplicate columns.

5.4.4.4.2 Phosphors in the sediments
The results from the BAC extractions show that surface sediments (0 to 0.5 cm) of A and E

were more enriched in Piac) (63.8+1.1 and 63.5£1.5 pmol P/g, respectively) compared to the
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initial sediment (29.9+4.1 umol P/g) (Figure 5.15a). Within columns A and E, the
concentrations of Pac) was higher in the surface sediments (0 to 0.5 cm), while the sediments
below the depth 1 cm were more depleted in Piac). Phosphate was not added to the inflow
solutions of the columns during phase-1. Therefore, the higher concentrations of Psac) in the
surface sediments of columns A and E indicate that P released from the bottom sediments was
accumulated in the surface sediments during phase-1, potentially via adsorption or via the
incorporation into new precipitates. The concentrations of Piac) in the surface sediments (0 to
0.5 cm) of A and E were similar which indicate that the added Si to column E did not influence

the co-precipitation of P with Fe*" during phase-1.
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Figure 5.15. Concentrations of P in the sediments extracted with buffered ascorbate-citrate (a-
c¢) and 1 M HCI solution (d-f). The inflow solutions for columns A and D consisted of APW
with Fe?" while that for E and F was APW with Fe?* and Si, respectively. Columns A and E
were analyzed after the phase-1, but columns D and F were analyzed after the completion of
phase-2. The dashed lines represent the concentrations of P (Psac and Puci) in the initial
sediment. Error bars represent the range of values measured between duplicate columns.
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Columns A and E were analyzed after phase-1, but their representative columns D and
F during phase-1 were analyzed after phase-2. Therefore, the surface sediments (0 to 0.5 cm)
of D and F can be assumed to contain similar concentrations Pac) before the start of phase-
2, based on the analysis of columns A and E, respectively (Figure 5.15a). Between columns D
(APW with Fe?") and F (APW with Fe?" and Si), the surface sediments of F were more depleted
in Pac). This means that greater amounts of P were released from the surface sediments of F
compared to D (during phase-2) under anoxic conditions. For example, about 21.9 umol P
(average from duplicate column) was released from each gram of surface sediment form

column F during phase 2, which was 10.6 pmol/g from column D.

Similar to concentrations of Pwac), the concentrations of HCI extractable Pwcr in
sediments suggest that the surface sediments of column F released more P under anoxic
conditions compared to column D (Figure 5.15d-f). The greater P release from the surface
sediments of column F (Figure 5.15) was not evident with the cumulative and total P released
from columns D and F to the overlying waters during phase-2 (Table 5.2). This was probably
because the cumulative and the total release of P were calculated from the amounts of P release
to the overlying waters, which were contributed by the entire sediments present in the columns.

To further investigate the reactivity ferric (co)-precipitates, the surface sediments of
columns A and E, as well as the initial sediments, were extracted with BAC solution, and the
samples were collected periodically. The results demonstrate that the P:Fe ratios in the
extractants were higher for columns A and E (0.55 and 0.56, respectively) than that observed
for the initial sediments (0.48), as shown by the respective slopes (Figure 5.16). Furthermore,
aqueous P:Fe ratios in extractants released from the surface sediments of A and E were similar
(i.e., stoichiometric dissolution of P and Fe), suggesting that P was homogeneously distributed
with Fe in the surface sediments of these columns (Figure 5.16). Similar P:Fe ratios in the
extracted fractions for the surface sediments (0 to 0.5 cm) of columns A and E potentially
indicate that the higher (~1.8x) concentrations of Si in column E during Fe?" oxidation did not
influence the co-precipitation of P with Fe during phase-1. Therefore, although a higher
concentration of dissolved Si did not affect the solid phase P:Fe ratios, it increased the
reactivity ferric (co)-precipitates towards reductive dissolution of iron and the associated P

under anoxic conditions.
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Figure 5.16. The release of P and Fe into the aqueous phase during the extraction of surface
sediments (0 to 0.5 cm) of columns A (APW+Fe?") and E (APW+Fe?"+Si) plus the initial
sediments in buffered ascorbate citrate solution. Columns A and E were analyzed after phase-
1. The dashed lines represent the linear regression fits between the concentrations of P and Fe.
The slopes of these lines indicate the aqueous phase P to Fe ratios in the BAC extractant, which
for the columns A and E are 0.55 (1> = 0.99) and 0.56 (r? = 0.99), respectively, and for initial
sediment is 0.48 (r> = 0.98). Error bars for columns A and E represent the range of values
measured between duplicate columns while for the initial sediment, error bars represent the
range of values measured between duplicate experiments.

5.4.4.5 Ferric (co)-precipitates: chemical composition and reactivity

The concentrations of Fe, P and Si in the surface sediments of column A (APW+Fe?") and E
(APW+Fe**+Si) as well as in the initial sediment, obtained from the 24 hours of extractions
with BAC solution, are shown in Figure 5.17a. The results show that concentration of Fe and
P in the surface sediments of A and E are comparable and noticeably higher than that of the
initial sediment. Further, the concentrations of Fe in the surface of these two columns increased
(after phase-1) by 36.3 and 38.0 umol/g relative to initial sediment concentration, and by 27.6
and 27.3 umol/g for P. The solid phase P:Fe ratios in the fresh ferric (co)-precipitates that
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formed in the surface sediments under aerated conditions (during phase-1) of A and E are also
comparable, 0.76 and 0.72, respectively. This result, along with stoichiometric dissolution of
P with Fe in the BAC extractants shown in Figure 5.16, indicates the strong association of P
with Fe is the result of co-precipitation during the oxidation of Fe?", and that this Fe-P is not

significantly affected by the variations in dissolved Si concentrations.
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Figure 5.17. (a) Concentrations of Fe, P and Si in the surface sediments of columns A
(APW+Fe*) and E (APW+Fe?'+Si) as well as the initial sediment based on their
concentrations in BAC extractants after 24 hours. (b) Solid phase P:Fe and Si:Fe ratios
calculated from the concentrations presented in Figure 5.17a. Error bars represent the range of
values measured between duplicate columns while for the initial sediment, error bars represent
the range of values measured between duplicate experiments.
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Concentrations of Si in the surface sediments of column A and E are also similar, but do
not increase significantly from the initial sediment concentrations, as occurred for Fe and P.
However, Si:Fe ratio in the initial sediment is still higher than that of the surface sediments of
columns A and E (Figure 5.17b), indicating a greater accumulation of iron (via Fe?" oxidation)
than of Si. Furthermore, the solid phase Si:Fe ratios within the surface sediments of columns
A and E are similar. However, higher solid phase Si:Fe ratios for column E compared to
column A may be expected, where a greater incorporation of Si into ferric (co)-precipitates is
likely. This assumption is based on the presence of higher (~1.8 times) Si concentrations during
Fe?* oxidation in this column (E), particularly if Fe?" is oxidized abiotically by molecular
oxygen (Chapter 4). Further, Si:Fe ratios in the surface sediments (resulted from Fe?*
oxidation) of columns A (APW+Fe?") and E (APW+Fe?*+Si) are higher by 0.12 and 0.09,
respectively, than that in the initial sediment.

Based on results from BAC extractions, the amount of Fe accumulated within the top 0.5
cm of sediments (~4.2 g as dried sediment) of columns A and E is about 152 and 159 pumol,
respectively. This accumulated Fe represents about 23 and 24% of the supplied Fe with the
inflow solution for columns A and E, respectively. If this 152 umol Fe is assumed to be (co)-
precipitated oxidatively at constant concentrations in the surface sediments of column A, the
concentrations of Fe?" during its oxidation would be about 126 uM. This concentration of Fe*"
is 133 uM for column F. Average concentrations of Si during the oxidation Fe** are 244 and
451 uM in columns A (no added Si) and E (with added Si), respectively. This calculation gives
aqueous phase Si:Fe ratios of 1.9 and 3.4 during the oxidation of Fe?" in the surface sediments
of columns A and E, respectively. However, the Si:Fe ratios associated with the accumulated
ferric iron (via Fe*" oxidation) are 0.12 and 0.09, respectively for columns A and E. These
solid phase Si:Fe ratios in fresh ferric (co)-precipitates are less than half of the expected values,
based on their aqueous phase ratios during abiotic Fe?* oxidation, as observed in Chapter 4 as
well as in another study (Chatellier et al., 2004). For example, an aqueous phase Si:Fe ratio of
0.5 in Chapter 4 resulted in a solid phase Si:Fe ratio of 0.23.

Dissolved silicate is known to enhance the rate of Fe?" oxidation when the oxidation is
mediated by iron oxidizing bacteria (Gauger et al., 2016; Konhauser et al., 2007). However,
the iron minerals resulted from microbial Fe*" oxidation in the absence and presence of

dissolved Si have been shown to be indifferent, as analyzed by SEM and TEM images as well
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as Mossbauer spectroscopy in a previous study (Gauger et al., 2016). In another study, Fe*"
was oxidized in the presence and absence of iron oxidizing bacteria, and in the absence and
presence of Si (Chatellier et al., 2004). These authors show that microbial oxidation of Fe?*
results in iron oxides of smaller particles compared to the iron oxides prepared via purely
chemical oxidation by molecular oxygen. The study, by Chatellier et al. (2004), propose that
a fraction of the oxidized iron (Fe*") under biotic conditions gets absorbed to bacterial cells,
and does not contribute to mineral formations outside the cells. The amount of this adsorbed
Fe’" (to bacterial cells) increase in the presence of dissolved Si during the oxidation of Fe?",

as proposed by these authors. Yet, the role of dissolved Si in increasing the rate of Fe?"

oxidation as well as in altering iron minerology is not fully understood.

5.4.4.6 Reactivity of ferric (co)-precipitates: effect of synthesis methods

Reactivity of ferric (co)-precipitates formed under variable concentrations of dissolved Si
observed in this study is in apparent contradiction to reactivity observed for synthesized Fe-P-
Si co-precipitates in Chapter 4. The ferric co-precipitates (i.e., Fe-P-Si) were synthesized in
Chapter 4 from high concentrations of iron, phosphate and silicate under abiotic conditions,
and by imposing either rapid aeration or pH increase (from acidic to neutral). The ferric co-
precipitates in chapter 4 are therefore representative of the natural analogues that form in the
aquatic environments where co-precipitation may occur rapidly and abiotically (e.g.,
groundwater springs), particularly when the concentrations of these dissolved constituents are
fairly high (Phoenix et al., 2003). However, in many other aquatic environments, e.g., lake
sediments, the diffusion-controlled transport of Fe?" from the deeper sediments results in the
gradual oxidation of Fe?" at the sediment-water interface by molecular oxygen, or by nitrate or
chlorate catalyzed by microorganisms (Weber et al., 2006). This gradual oxidation (at
relatively low concentrations of Fe?") results in the slow formation of ferric (co)-precipitates,
which may not be similar to the synthesized ferric co-precipitates discussed in Chapter 4. Ferric
iron (co)-precipitates synthesized with the flow-through rector system in this study may
therefore be better analogues of the natural ferric co-precipitates that are likely to form slowly

in diffusion dominated or moderately advection influenced aquatic sediments.
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5.4.5 Mobilization of P under oxic conditions: effect of dissolved silicate

To understand the effect of dissolved silicate (Si) on the mobilization of P, the release of P
from columns B and C (during phase-2) were compared. This is because- these columns (B
and C) were similar during phase-1 with APW and Fe?' inflow solution and released
comparable amounts of P during phase-1 (Figure 5.18). However, at the start of phase-2, the
inflow solutions of columns B and C were replaced by (i) APW and (i) APW with Si,
respectively but remained aerated similar to phase-1. The amounts of Fe, Mn, P, Si, Ca and

Mg release from columns B and C during phase-2 are presented in Table 5.3.

Table 5.3. Total amounts (umol) of Fe, Mn, P, Si, Ca and Mg released from the Fe*" addition
columns (B and C) under oxic conditions during phase-2 based on the analysis of overlying
waters by ICP-OES. The release of these elements from these columns during phase-1 are
presented in Table 5.2. The “£” sign indicates the range of minimum and maximum values
measured between the columns.

Column Inflow solution Fe Mn P Si Ca Mg
B APW 9+0 8+1 17+0 839+24 4589494 | 746+14
C APW+Si 20+0 160 22+1 1755423 | 4921+89 857+8

As the overlying waters of columns B and C were aerated during the entire experiment,
the release of Fe by those columns was minor, less than 4% (during phase-1) with respect to
the total Fe** added into the columns (discussed in section 5.4.4.1.1). The total amounts of Fe
released from the columns during the 928 hours of phase-2 were comparable to the release that
occurred during the 10 days of phase-1 (Table 5.2).

During phase-1, columns B and C (APW+Fe?") released similar amounts of Si (293+26
umol) to the overlying waters (Figure 5.18a and Table 5.3). During phase-2, although column
B did not receive Si with the inflow solution, this column released about 839+24 pmol of Si,
indicating that sediment acted as source of Si. Column C (with added Si), on the other hand,
released 1755+23 umol of Si during phase-2, slightly greater than the amounts (1709 pmol Si)
added to the inflow solutions. This result suggests that concentrations of Si in the sediment
pore-water of column C (with added Si) during phase-2 were about two times higher than the

concentrations in column B (with no added Si).
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Figure 5.18. Cumulative release of Si (a) and P (b) to the overlying waters of columns B and
C during phase-1 and phase-2 as a function of time. The inflow solutions for columns B and
C contained APW and Fe?" (no added Si) during phase-1, and were replaced with APW, and
APW with Si, respectively, during phase-2. Overlying waters of these columns were aerated
during both experimental phases. Error bars represent the range of values measured between

duplicate columns.
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The total amounts of P released from columns B and C (APW+Fe*") during phase-1 were
comparable (Table 5.3), which was expected due to similar experimental conditions for both.
During phase-2, column C (with added Si) released slightly greater amounts of P than the
release by column B (with no added Si), as revealed by comparing the cumulative release of P
from both columns (Figure 5.18b). The total releases of P (during phase-2) from columns B
and C were 1740 and 22=+1 pmol, respectively (Table 5.2). This means that column C released
30% more P than column B during phase-2, examplifying the effect of dissolved Si added
(with inflow solution) to column C. However, the total amounts of P release from column B
(17£0 pmol) and C (2241 umol) during the 30 days of phase-2 were less than half the amounts
(73£9 umol P) released from these colunms during the 10 days of phase-1. The lower release
of P from columns B and C during phase-2 could have occurred due to the depletion of major
fractions of labile organic and inorganic P pools in sediments during phase-1.

The release of P from columns B and C (during phase-2) cannot be described solely as
desorbed P. This is because: major part of the sediments in those columns (below the top oxic
layer) were anoxic, where the release of P from the dissolution of phosphorus containing
minerals and organic-P compounds was possible. The overlying waters of columns B and C
were aerated during phase-2 and thus were oxic. Therefore, the immobilization of dissolved P
likely occurred in the surface sediments via the adsorption of P on mineral surfaces or via the
incorporation in new precipitates. The only difference between columns B and C during phase-
2 was that, the inflow solution of column C had added Si, but that of column B had not.
Therefore, the additional release of P from column C in comparison to column B can be
attributed to the effect of dissolved Si.

The major part of the sediments in column C below the top few millimeters were anoxic
where the immobilization of P may also occur by the formation of vivianite (Fe3(PO4)2.8H20)
via chemical precipitation (Connell et al., 2015; Nriagu and Dell, 1974). Although the chemical
precipitation of Si with Fe*' is theoretically possible, the formation of Fe>SiO4 generally
requires nearly zero sulfide, and low HCOs;™ and COs* concentrations (Curtis and Spears,
1968). The Cootes Paradise sediment used in this study was buffered with carbonate minerals
(e.g., calcite), which during the experiment released Ca (Table 5.2) and might have resulted in

HCO;/COs* release (note that the amount of Ca added to each column during phase-1 was
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600 pumol). Therefore, the influence of dissolved Si on the removal of P via the preferential
formation of Fe>Si04 over vivianite was not likely.

The effects of dissolved Si on the adsorption and desorption of phosphate to and from
goethite were investigated in the previous chapters (Chapter 2 and Chapter 3). Although
dissolved Si increased the mobility of phosphate in water by decreasing phosphate adsorption
on goethite (Chapter 2), it showed no measurable influence on phosphate desorption (Chapter
3). Therefore, based on the understanding from the adsorption and desorption studies,
dissolved Si added to column C during phase-2 promoted P release potentially by mobilizing
sediment released P in the aqueous phase, at least by decreasing phosphate adsorption on

sediment ferric (hydr)oxides.

5.4.6 Phosphorus release under oxic and anoxic conditions

To understand the relative importance of P release under oxic and anoxic conditions, the
amount of P released during phase-2 by the oxic (B and C) and anoxic (D, F, and G) columns
were compared. The results show that the amounts of P released from columns B and C under
oxic conditions (during phase-2) was ~5 to 7 times lower than the release by the anoxic
columns (D, F, and G) during phase-2. This is likely because the P released from the deeper
sediments of columns B and C could have been further immobilized in the surface sediments
via chemical precipitation or via the adsorption of P onto the mineral surfaces under oxic
conditions (Connell et al., 2015; Géachter and Miiller, 2003; Orihel et al., 2017; Rothe et al.,
2014). This means that anoxic conditions are critically important for P release at the sediment-
water interface and thus contribute to the internal P loading. In this study, none of the inflow
solutions of anoxic columns D, F and G during phase-2 contained Si. However, if the inflow
solutions of anoxic columns D, E and G would contain Si during phase-2, these columns would
have likely released greater amounts of P compared to the release observed in the absence of

added Si.

5.5 Conclusions
This study presents the effects of dissolved Si on the mobilization of P from calcareous marsh
sediments through the interactions between Fe, P and Si under variable redox conditions.

During the first phase of the experiment, ferric (co)-precipitates are formed via the oxidation
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of Fe?" in the presence of variable concentrations of dissolved Si in the surface sediments of
the columns under oxic conditions. The second phase investigates the reactivity of the ferric
(co)-precipitates, formed in the presence of variable Si concentrations during phase-1, towards
the reductive dissolution of Fe and the associated P under anoxic conditions. The effects of
dissolved Si on the mobilization of P from sediments is also investigated under oxic conditions.

The results from anoxic columns (D and F, during phase-2) suggest that ferric (co)-
precipitates that formed in the presence of higher concentrations of dissolved Si are more
reactive towards reductive dissolution of Fe and the associated P. The results from the oxic
columns (from phase-2) with and without added Si, to the inflow solutions of columns C and
B, respectively, demonstrate that higher concentrations of dissolved Si increase the mobility
of sediment-released P in the aqueous phase. However, the P release from the sediments under
anoxic conditions is higher (5 to 7 times) than the release under oxic conditions. This result
highlights the importance of oxygen levels at the sediment-water interface in regulating the
benthic release of P to the overlying water.

The evidence of coupled cycling of Si and Mn under oxic and anoxic conditions
reinforces the underlying mechanism presented for the coupled Si and Fe cycling in sediment.
In lake sediments, ferric (co)-precipitates that form in the surface sediments under oxic
conditions may be buried into the deeper sediments where the reductive dissolution of Fe and
the associated P is possible. Reductive dissolution of these ferric (co)-precipitates is also
possible when the redox conditions of the overlying water changes from oxic to anoxic, which
could be regulated by diurnal cycles or by seasonal changes. Therefore, ferric (co)-precipitates
that form in the presence of higher concentrations of Si may result in greater release of Fe and
the associated P from sediments under reducing conditions. High concentrations of dissolved
Si may further increase the mobility of this reductively dissolved P, by inhibiting the re-

adsorption of P on sediment ferric (hydr)oxides, particularly under alkaline conditions.
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Chapter 6

General conclusions

6.1 Summary of key findings
This thesis has demonstrated the potential roles of silicate on the mobilization of phosphate in
aquatic environments. Silicate both in dissolved and co-precipitated forms may exert multiple

controls on the mobilization of phosphate from sediment to the aqueous phase.

6.1.1 Competitive adsorption of silicate and phosphate on goethite

Phosphate is released to sediment pore-water from various organic and inorganic sources.
Dissolved silicate may increase the mobility of phosphate by decreasing the re-adsorption of
phosphate on ferric (hydr)oxides due to a competitive adsorption effect (Chapter 2). This effect
of silicate is unimportant under acidic conditions but is of environmental relevance under
alkaline conditions due to increased concentration of deprotonated silicate which is a stronger
competitor with phosphate for adsorption sites compared to the protonated form which
dominates at low to neutral pH. However, increased dissolved silicate concentrations over time
are not likely to cause the release of phosphate which is already sorbed to ferric (hydr)oxides
even under alkaline conditions. This is because of immobilization of phosphate on goethite’s
surface, potentially via surface precipitation or due to the formation of stronger surface
complexes (Chapter 3). The experimental results shown in Chapter 4 indicate that the effect of
dissolved silicate on phosphorus incorporation during precipitation of authigenic iron is likely

minor.

6.1.2 Reactivity of ferric (co)-precipitates formed under variable silicate
concentrations

Experimental results in Chapters 4 and 5 show that presence of variable silicate concentrations
during Fe?" oxidation influence reactivity of resulting ferric (co)-precipitates towards reductive
dissolution. However, these results also demonstrate that the effect of silicate on the stability
of ferric (co)-precipitates is complex and may promote or decrease iron and phosphate mobility

depending on the environmental conditions under which the co-precipitates are formed. For
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example, ferric (co)-precipitates (i.e., Fe-P-Si) synthesized in the presence of higher silicate
concentrations exhibited lower reactivity towards abiotic reductive dissolution in experiments
presented in Chapter 4. However, in biotic experiments conducted with natural sediments
(Chapter 5), the ferric (co)-precipitates formed at higher aqueous silicate concentrations were
shown to release more iron and associated phosphate during anoxic conditions at the sediment-
water interface. In the experiments presented in Chapter 4, the ferric (co)-precipitates were
precipitated rapidly from a solution containing high concentrations of iron, phosphate, and
silicate. This synthesis method is therefore likely representative of environments where
groundwater interacts rapidly with surface waters and co-precipitation of iron, phosphate, and
silicate occurs very quickly (e.g., springs). However, in other natural environments where
aqueous concentrations of iron, phosphate, and silicate are more moderate and co-precipitation
is more gradual, such as diffusion limited precipitation at the sediment-water interface in lake
sediments, an increased concentration of co-precipitated silicate may increase the mobility of
iron and phosphate under reducing conditions, as revealed from flow-through column

experiments using natural sediments (Chapter 5).

6.1.3 Different precipitation processes, different reactivities

Ferric precipitates and co-precipitates synthesized via the Fe?" oxidation and pH increase
methods showed different reactivity towards reductive dissolution (Chapter 4). Ferric (co)-
precipitates synthesized by oxidative precipitation always exhibited higher reactivity than
those formed by pH increase. Further, dramatic differences were present between pure iron
precipitates and co-precipitates, irrespective of synthesis method and even when the
concentration of phosphate and silicate in the co-precipitate was relatively low. As pure
minerals rarely form in natural conditions, researchers preparing synthetic analogues of natural
minerals should, therefore, consider the use of synthetic co-precipitates, rather than pure
minerals, to minimize differences between natural and experimental conditions. These
differences determined experimentally may also be applicable to similar minerals, which
precipitate via different mechanisms in natural systems, e.g., rapid vs slow precipitation, and
oxidative precipitation vs pH-induced changes to solubility. The stability of the precipitates
formed under these different conditions likely has implications for the mobility of associated

anions including phosphate and silicate as well as common contaminants such as arsenate.
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6.2 Future work

The reactivity of ferric (co)-precipitates in this thesis is addressed based on the results of
dissolution experiments. The information on the interactions between iron, phosphate, and
silicate in the co-precipitates may provide additional information on their reactivity. The next
steps to be undertaken subsequent to this thesis are to characterize the synthesized co-
precipitates by >’Fe Mossbauer and X-ray absorption spectroscopic techniques. These
spectroscopic studies along with the existing data are expected to provide better insights into
the reasons for reactivity differences between the co-precipitates at a structural level.

The chemical composition of ferric co-precipitates formed via Fe?" oxidation under
variable silicate concentrations demonstrate that the co-precipitates synthesized in the presence
of higher silicate concentrations exhibit higher concentrations of solid phase silicate (i.e., Si:Fe
ratio) (Chapter 4). However, this greater incorporation of silicate into ferric co-precipitates is
not observed where Fe?" is oxidized in natural sediments (Chapter 5). The reactivity of the
ferric (co)-precipitates synthesized abiotically under controlled laboratory conditions (Chapter
4) and in sediments (Chapter 5) show opposing trends based on the silicate concentrations
during their synthesis. Dissolved silicate is known to decrease Fe*" oxidation rate under abiotic
conditions but under biotic conditions (Kinsela et al., 2016), when Fe?" oxidation is mediated
by iron reducing bacteria, silicate increases the rate (Gauger et al., 2016; Konhauser et al.,
2007). Further, iron mineral products formed via the oxidation of Fe?" in presence of silicate
exhibit smaller particle size and lower crystallinity than the minerals formed in the absence of
silicate (Chatellier et al., 2004). However, the mechanisms by which dissolved silicate
increases bacterially-mediated Fe?" oxidation, and alters the chemical properties (i.e., chemical
composition and reactivity) of resulting ferric (co)-precipitates are not well understood.
Therefore, studying the biotic and abiotic oxidation of Fe?" under variable concentrations of
dissolved silicate as well as the chemical properties of the resulting iron minerals would
provide further understanding in the coupled cycling of iron, phosphorus and silicon in natural
environments.

Studies within this thesis show that dissolved silicate at higher concentrations can
influence phosphate mobilization, with greater effect under alkaline conditions. In aquatic
environments, sediments buffered with carbonate minerals (e.g., calcite and dolomite)

experience alkaline pH (Langmuir, 1997b). In surface waters, photosynthesis may result in
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alkaline pH when aquatic plants and algae consume dissolved carbon dioxide and bicarbonate
from water, and also by biogeochemical reduction processes (Langmuir, 1997d; Verspagen et
al., 2014). The sediments buffered with carbonate minerals are also likely to have higher
calcium and magnesium concentrations. Dissolved calcium and magnesium have previously
been shown to increase the adsorption of phosphate on ferric (hydr)oxides, particularly under
alkaline conditions (Atouei et al., 2016; Millero et al., 2001; Rietra et al., 2001). Therefore, the
combined effects of dissolved calcium and magnesium on silicate mediated phosphate
mobilization require further investigation. For example, adsorption and desorption of
phosphate in the presence of silicate and various calcium or magnesium concentrations should
be investigated. The adsorption pH envelope for the concurrent adsorption of phosphate,
silicate, and calcium/magnesium could be used, for example, to calibrate a CD-MUSIC model.
Finally, the model could be applied to elucidate how calcium and magnesium can influence
the effect of dissolved silicate on the adsorption of phosphate on ferric (hydr)oxides in natural
systems.

The NWIS database holds a plethora of water quality information (e.g., physical,
chemical and biological, geological etc.). Biogeochemical processes at the sediment-water
interface are site-specific, which depends on local geology, biology, and climatic conditions
including anthropogenic factors. Therefore, categorizing the eutrophic surface water systems
based on local geology, climatic conditions and anthropogenic activities along with the NWIS
data could be used to evaluate the importance of controls on phosphate mobilization in aquatic

environments.

6.3 Environmental significance

Surface runoff, fluvial transport, and atmospheric deposition may increase phosphate
concentrations in surface waters which can be deposited in sediment as particulate organic and
inorganic phosphorus. Internal loading due to degradation of particulate organic and inorganic
phosphorus from sediments along with the desorption of phosphate from the mineral surfaces
may further increase the availability of phosphate in water. Dissolved silicate occurs
ubiquitously in natural waters due to the dissolution of diatom frustules, plant phytoliths, and
detrital silicate minerals. The sources of iron in surface waters are mostly from fluvial and

atmospheric transport in particulate form, primarily in the Fe*" oxidation state. Particulate
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ferric iron buried in the deeper sediment may also be a source of Fe?" release in sediment pore-
water under reducing conditions. The upward diffusion of Fe** may result in its immobilization
via co-precipitation with phosphate, silicate and with other ions in oxic surface sediments. The
ferric (co)-precipitates that form in surface sediments in the presence of higher silicate
concentrations may result in a faster release of iron and phosphate under reducing conditions.
The presence of an elevated concentration of dissolved silicate may increase the mobility of
reductively dissolved phosphate in water by decreasing its re-adsorption on mineral surfaces.
The upward diffusion of iron, phosphate, and silicate from sediment pore-water to the
overlying waters may contribute to the internal nutrient loads, which may enhance the growth
of phytoplankton. Conversely, ferric (co)-precipitates (i.e., Fe-P-Si) with higher solid phase
Si:Fe ratios that may form in the presence of higher silicate during the mixing of groundwater
and surface water could be more stable under reducing conditions causing the decreased

mobility of iron and phosphate in the aqueous phase.
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Appendix

Supplementary Material: Chapter 2

Section SM-2.1: Optimization of CD-MUSIC model parameters

The surface complexation reaction parameters reported in past studies for the individual
sorption of phosphate and silicate on ferric (hydr)oxides by the CD-MUSIC model were used
to compare the model-estimated phosphate and silicate sorption with the experimental data.
The previously reported surface site densities and the Stern layer capacitance for synthetic
goethite were used in the model (Hiemstra et al., 2007). The specific surface area and the point
of zero charge (PZC) for goethite were determined in this study were used in the model. The
model was implemented with the reported charge distribution coefficients (4z) and the
formation constants (logK) from each set of model parameters. The 4z and logK values were
optimized to achieve a better fit to our experimental dataset. This was done by trial and error,
e.g. by manually changing the 4z and logK values. The comparison between the model-
estimation and the experimental data for phosphate and silicate sorption are shown in Figure
SM-2.1 and Figure SM-2.2 respectively. The different sets of CD-MUSIC model parameters
including the optimized parameters obtained in this study were compared with the
experimental data with the root mean square error (RMSE). The comparison shows that the Az
and logK values optimized in this study provide the lowest RMSE values for phosphate and
silicate sorption, both individually (P) and simultaneously (P+Si). RMSE values were
calculated using the following equation SI-1. The calculated RMSE values between the
experimental data and the model estimation are presented in Table SM-2.1.

gH(OpH - EpH)2

n

RMSE =

e (SM = 1)

where, O and E represents the experimentally determined and the model-estimated amount of

phosphate and silicate sorbed on goethite at a given pH and n is the number of data points.
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Figure SM-2.1. Sorption of 50 uM phosphate (a) in the absence and (b) presence of 50 uM
silicate on goethite (0.5 g/L) at 25°C and /= 10 mM NaCl. The symbols represent the
experimental data and dashed lines represent the model-estimated sorption of phosphate by the
CD-MUSIC model using the 4z and logK values presented in the main thesis (section 2.3.3.3,

Table 2.1).
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Figure SM-2.2. Sorption of 50 uM silicate (a) in the absence and (b) presence of 50 uM
phosphate on goethite (0.5 g/L) at 25°C and /= 10 mM NaCl. The symbols represent the
experimental data and dashed lines represent the estimated sorption predicted by the CD-
MUSIC model using the 4z and logK values in the main thesis (section 2.3.3.3, Table 2.1).
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Table SM-2.1. RMSE calculated from the model-estimated sorption and the average
experiments data points. The CD-MUSIC model implemented with the previously reported set

of 4z and logK value reported in previous studies (see Table 2.1, Chapter 2).

Phosphate sorption: individual (Figure SM-2.1a)

Dataset Phosphate Silicate RMSE
This study | Start (*) marked values in Table 2.1 Not used 0.12
Set-1 Rahnemaie et al., (2007b) Not used 0.22
Set-2 Stachowicz et al., (2008) Not used 0.25
Set-3 Antelo et al., (2010) Not used 0.31
Set-4 Hiemstra, (2018) Not used 0.17

Phosphate sorption: simultaneous (Figure SM-2.1b)

Dataset Phosphate Silicate RMSE
This study | Start (*) marked values in Table 2.1 Start (*) marked values in Table 2.1 | 0.06
Set-1 Rahnemaie et al., (2007b) 0.19
Set-2 Stachowicz et al., (2008) Hiemstra et al., (2007) 0.22
Set-3 Antelo et al., (2010) 0.56
Set-4 Hiemstra, (2018) 0.18

Silicate sorption: individual (Figure SM-2.2a)
This study | Not used Start (*) marked values in Table 2.1 | 0.11
Set-1 Not used Hiemstra et al., (2007) 0.38
Silicate sorption: simultaneous (Figure SM-2.2b)

Dataset Phosphate Silicate RMSE
This study | Start (*) marked values in Table 2.1 Start (*) marked values in Table 2.1 | 0.08
Set-1 Rahnemaie et al., (2007b) 0.14
Set-2 Stachowicz et al., (2008) Hiemstra et al., (2007) 0.15
Set-3 Antelo et al., (2010) 0.24
Set-4 Hiemstra, (2018) 0.14
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Section SM-2.2. Calculation of chi-square values
The goodness of fit between the experimental data and the model-estimation for the kinetic
studies conducted in Chapter 2 and Chapter 4 are presented with chi-square values. The chi-

square (y?) values were calculated using the following Equation SI-2.

O,y — E,p)?
4= ZUHE—W)(SM_ 2)
pH

pH
where O and E represent the experimentally determined and the model predicted amount of

phosphate and silicate sorbed on goethite at a given pH. The calculated y? value for a particular
set of data with N degree of freedom can be compared with the critical chi-square (y2) values
presented in Table SM-2.2. A calculated y? value lower than the y? value means that there is
no significant difference between the experimental and model-estimated data. The greater
different between y? and y? values (where, y? < y2) means the better goodness of fit. The

critical chi-squared values are presented in Table SM-2.2.
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Table SM-2.2. Critical values of chi-square (y?2) distribution (Keller, 2015)

frlf):ee(ir)er:s ?Ifl) X699 X695 X695 X675 X650 X625

1 0.00 0.00 0.02 0.10 0.45 1.32

2 0.02 0.10 0.21 0.58 1.39 2.77

3 0.11 0.35 0.58 1.21 2.37 4.11

4 0.30 0.71 1.06 1.92 3.36 5.39

5 0.55 1.15 1.61 2.67 4.35 6.63

6 0.87 1.64 2.20 3.45 5.35 7.84

7 1.24 2.17 2.83 4.25 6.35 9.04

8 1.65 2.73 3.49 5.07 7.34 10.22
9 2.09 3.33 4.17 5.90 8.34 11.39
10 2.56 3.94 4.87 6.74 9.34 12.55
11 3.05 4.57 5.58 7.58 10.34 13.70
12 3.57 5.23 6.30 8.44 11.34 14.85
13 4.11 5.89 7.04 9.30 12.34 15.98
14 4.66 6.57 7.79 10.17 13.34 17.12
15 5.23 7.26 8.55 11.04 14.34 18.25
16 5.81 7.96 9.31 11.91 15.34 19.37
17 6.41 8.67 10.09 12.79 16.34 20.49
18 7.01 9.39 10.86 13.68 17.34 21.60
19 7.63 10.12 11.65 14.56 18.34 22.72
20 8.26 10.85 12.44 15.45 19.34 23.83
21 8.90 11.59 13.24 16.34 20.34 24.93
22 9.54 12.34 14.04 17.24 21.34 26.04
23 10.20 13.09 14.85 18.14 22.34 27.14
24 10.86 13.85 15.66 19.04 23.34 28.24
25 11.52 14.61 16.47 19.94 24.34 29.34
26 12.20 15.38 17.29 20.84 25.34 30.43
27 12.88 16.15 18.11 21.75 26.34 31.53
28 13.56 16.93 18.94 22.66 27.34 32.62
29 14.26 17.71 19.77 23.57 28.34 33.71
30 14.95 18.49 20.60 24.48 29.34 34.80

Source: Keller, G., 2015. Statistics for Management and Economics, Cengage
Learning
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Supplementary Material: Chapter 3
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Figure SM-3.1. Amounts of phosphate sorbed to goethite as a function of pH, in the absence
(filled circles) and presence of 355 uM silicate (filled triangles). The phosphate (25 pM)
solution prepared in 10 mM NaCl was sorbed to goethite (0.5 g/L) at pH 3 and at 22°C, and
the sorbed phosphate gradually released back to solution with increasing pH. The blue and
pink dotted lines represent the amounts of phosphate bound to goethite in the absence and
presence of silicate, respectively, estimated by the CD-MUSIC model under the experimental
conditions stated above. Error bars represent the range of values measured between duplicate
experiments.
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Supplementary Material: Chapter 4
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Figure SM-4.1. (a) The surface concentration of ascorbate (4.8x10M) on a ferric (hydr)oxide
(1.0x102 g/L, 680 m?/g) as a function of pH at 20°C. (b) The rate of reductive iron dissolution
from the ferric (hydr)oxide as a function of pH. Reproduced from Yiwei Deng (1997).
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Section SM-4.1: SEM analyses of ferric co-precipitates

The co-precipitate surfaces observed by SEM (Figure SM-4.2) obtained with both synthesis
methods have an amorphous appearance, with more compact surface morphology for the solids
synthesized by the pH increase method. The co-precipitate with a Si:Fe ratio of 0.23 obtained
with the Fe?" oxidation method contained acicular particles that were different from the rest of
bulk material (Figure SM-4.2e, inside circles). The maximum length to width ratios of the
needles were about ~5. The acicular particles could not be differentiated from the rest of the
bulk material by P:Fe and Si:Fe ratios measured with EDS. These acicular particles were absent

in the co-precipitates obtained with the pH increase method.
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Figure SM-4.2 SEM images collected on the co-precipitates obtained by the Fe?" oxidation
method (left panel; a,c,e) and pH increase method (right panel; b,d,f). The P:Fe ratios within
each set of co-precipitates were similar; 0.49+0.01 and 0.39+0.02 for the co-precipitates
obtained from Fe?" oxidation and pH increase method, respectively. The co-precipitates within
each set based on the method of synthesis had different Si:Fe ratio which are shown on the
panels.
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Figure SM-4.3. The relation between dissolution rate constant of iron (red) and phosphate
(blue), from the ferric precipitates and co-precipitates obtained by Fe*" oxidation (a) and pH
increase (b) method, with the specific surface area of the solids.
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Supplementary Material: Chapter 5
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Figure SM-5.1. Average concentrations of Fe?" iron with respect to the average concentration
of total Fe in the overlaying of the columns during phase-2. The inflow solutions for columns
D, F, and G during phase-1 were APW with Fe?", APW with Fe?" and Si, and APW,
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Figure SM-5.2. The concentrations of total Si in the sediments extracted with buffered
ascorbate-citrate (a-c) and HCI (d-f) solution. The inflow solutions for columns A and D during
phase-1 was APW with Fe?" while that for E and F was APW with Fe?" and Si, respectively.
Columns A and E were analyzed after the phase-1, but columns D and F were analyzed after
the completion of phase-2. Error bars represent the range of minimum and maximum values
measured between duplicate columns.
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