viii

LIST OF FIGURES
Figure 1.1. The basic structural motif of the ideal ferrihydrite structure. The central FeO4
tetrahedra are surrounded by 12 FeOe octahedra (Michel et al 2007).........ccccoveeviiriieneniennnen, 2
Figure 1.2. Keggin moiety of the ideal ferrihydrite structure (Heimestra 2013).........cccccevvrnrnen. 3
Figure 2-1. The calorimetric signal for a) chloride and nitrate exchange, b) sulfate adsorption and
C) phosphate and arsenate adSOIPLION. . ......c.oceiiiiieiieieeie et sreas 14
Figure 3.1. The calorimetric signals for chloride and nitrate exchange for OAIFh, 12 AlFh, and
24AIFh ata) pH 5.6 and b) PH 3. e 28
Figure 3-2. The calorimetric signal for sulfate adsorption for OAIFh, 12 AlFh, and 24AlFh at a)
PH 5.6aN0 D) PH 3. oo ettt nre s 30
Figure 3-3. Representative calorimetric signals for [C/N] and [N/C] cycles before and after
SUITALE TrEALMENL.. ...ttt b bt bbbt e e 33
Figure 3.4. Qualitative estimation of the variation in reversibility of sulfate desorption with Al

CONCENEIALION AN PH.. ..oeiiiiee et sb et be b e be e beenee e 39









23

systematically measure the energetics of sulfate adsorption/desorption, as well as its impact on the
surface charge to further understand the mechanisms by which Al (I11), and potentially other
impurities, affects the specific modes of complexation of potential contaminants in natural
environments. To our knowledge, there is only one published paper studying the adsorption of
sulfate on AIFh 1° and, as far as thermodynamic data is concerned, only one other paper

investigated the energetics of sulfate adsorption on amorphous aluminum hydroxide °.
3.2 Materials and Methods

3.2.1 Mineral Synthesis

Al-substituted ferrihydrites were prepared according to a modified Schwertmann and
Cornell’s protocol & for the synthesis of 2-line Fh. Specifically, 0.2M Fe(NOs)s and 0.2M
AI(NOz3)s (ACS grade, Fisher Scientific) solutions were prepared and mixed to obtain 200 mL
solutions at Al molar percentages of 0, 12 and 24. While continuously monitoring the pH, these
mixed Fe and Al solutions were titrated to pH 7.5 with the addition of a 1 M KOH solution that
was prepared the same day. This titration resulted in the total addition of 150 mL KOH in
approximately 25 minutes and is considered a slow titration (Cismasu et al., 2013). The resulting
suspensions were centrifuged and dialyzed against ultra-pure water (18.2 MQ) for several days
until the conductivity of the solutions dropped below 20 uS cm™. The suspensions were air-dried
for 24 hours and ground into fine powders using an agate mortar and pestle to yield three samples:
OAIFh (pure ferrihydrite), 12AlFh (12 mol % Al) and 24AlFh (24 mol %). For each experiment,

samples were freshly prepared and used within 2 days.

3.2.2 Sample Characterization
The chemical elemental composition of the samples was determined by Inductively

Coupled Plasma- Atomic Emission Spectroscopy (ICP-AES) using an ARL 3560 ICP analyzer.
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The samples were digested using the standard EPA 3050 method 2. X-ray diffraction (XRD)
patterns were obtained on a Panalytical XPert Pro MPD instrument operating at 45 kV and 40 mA
using CuKa radiation, a 1/4° programmable divergence slit and a graphite monochromator on the
diffracted beam at generator settings operating at 45 kV and 40 mA. To obtain specific surface
areas (SSAs) of air-dried samples, multipoint Brunauer-Emmet-Teller (BET) N. adsorption
isotherms were conducted using a Quantochrome NovaWin surface area analyzer. The general
morphology of the samples was studied by high resolution transmission electron microscopy
(HRTEM) using a JEOL 2100F instrument operating at 200 kV (JEOL, Ltd. Tokyo Japan).
Samples were deposited on a copper specimen grid coated with an ultrathin layer of carbon (Ted
Pella, Inc.) and kept in a hood to evaporate excess methanol. Energy dispersive X-ray spectroscopy
(EDS; Oxford detector) was used to obtain information on the elemental composition of the
samples, while their crystallinity and mineral identity were verified by capturing electron
diffraction patterns from selected areas of the samples.

Zeta potential measurements (Malvern Nano) were conducted on all three samples as a
function of pH. Suspensions (0.5 g/L) were prepared in 0.05 M NaNO3 and their pH adjusted with
aliquots of 0.1 M NaOH to achieve pHs from 6.5 to 11. After a 24 h equilibration on a shaker, the

zeta potential and the suspension pH were determined in triplicate.

3.2.3 Calorimetric Measurements
The flow microcalorimeters (FMC) used in this study are custom-designed and were built
in the Kabengi laboratory at Georgia State University. The instrumentations’ description and
operational procedures have been previously published 3184 and are included in section A.4 of

the of the Appendix.
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The impact of Al substitution on the mechanism of sulfate sorption was evaluated by
measuring 1) the energetics of the interaction with the three AIFh samples at two pHs, (3.0 £ 0.1
and 5.6 £ 0.1, and 2) the change, if any, in the positive surface charge resulting from sulfate
complexation as it occurs on the same charge-bearing surface hydroxyl functional groups. This
change was measured using two anions, chloride (CI) and nitrate (NO3’), that have been
previously reported to undergo reversible outer-sphere ion exchange reaction on different Al- and
Fe-oxides *" ®1 7 and as such are excellent probes of the positive surface charge (Sabur et al.,
2015; Kabengi et al., 2017). These anion exchange cycles were obtained as follows.

A known mass of AlFh sample (~ 5.0 mg for experiments at pH 3.0 and ~ 45.0 mg for
those conducted at pH 5.6) was packed in the sample holder and flushed with 0.05 M NaCl until
thermal equilibrium was achieved as indicated by a steady baseline. The input solution was then
switched to 0.05 M NaNOs, and the calorimetric signal corresponding to the displacement of CI
by NOs ([C/N]) on the surface recorded. At the completion of the exchange, the solution was
switched back to 0.05 M NaCl and the calorimetric signal of CI"exchanging with NO3z™ ([N/C])
obtained. These two solutions were cycled through until the surface was equilibrated and the heat
of exchange (Qexch) became constant for 3-5 replicates of each exchange cycle ([C/N] and [N/C]),
which typically took 2-4 days. Because these exchange cycles are inherently time-based
measurements, they were also used to assess the reversibility of the sulfate surface complexes. To
that end, after exposing the samples to sulfate, additional [C/N] and [N/C] cycles were obtained
until no further change in the magnitude of 5 consecutive cycles was detected.

Samples were exposed to sulfate by switching the input solution from 0.05 M NaCl to
0.035 M NaCl + 0.005 M NazSOs.. i.e. one in which 5 x 10* M NaCl has been replaced with 5 x

10 M sulfate while keeping the total concentration of Na at 0.05 M and the ionic strength (1)
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constant. After the thermal signature of the sulfate reaction has ended, which took between 60 -
140 min depending on the sample composition and pH, the input solution was reverted to 0.05 M
NaCl. During the sulfate treatment and all subsequent chloride and nitrate exchange cycles,
effluent samples were collected at a rate of 1 sample/5 min for chemical analysis. The total aqueous
concentration of sulfate was determined using High-Performance Liquid Chromatography - ion
conductivity (Metrohm, 881 compact IC pro). The chemistries of the 0.005 M Na>SO4 + 0.035 M
NaCl M solution was modeled using Visual Minteq and indicated that the solution containing
sulfate should have SO4% as the dominant sulfate species (90 %).

The mass of sulfate retained at and subsequently desorbed from the surface was determined
by a mass balance calculation between the mass of sulfate injected and that recovered in all
effluents.

All salts used in microcalorimetry experiments were ACS certified and were used as
received. All solutions were prepared using ultra-pure water (18.2 MQ), were weakly buffered,
and in equilibrium with pCO- in the atmosphere. The solution pH values were adjusted daily using
dropwise additions of 0.1 M NaOH, 0.1 M HCI, 0.1 M HNO3 for pH 5.6 £ 0.1 and 1 M HCI, and
1M HNOs3z for pH 3.0 £0.1 experiments. These adjustments had a negligible impact on the

concentration of the solutions.
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3.3 Results

3.3.1 Characterization

A summary of the physical and chemical properties of the samples is shown in Table 1.
Bulk XRD patterns (Appendix C.1) indicated that all samples were amorphous and that despite
the increasing Al (111) content, there was no crystalline Al-(hydro) oxide phase, e.g., gibbsite. This
finding is in line with previous studies where no gibbsite was detected below an Al (I11) content
of 30% 819, A qualitative analysis of transmission electron micrographs revealed that increasing
Al (111) content caused no significant variation in the general morphology and particle size that
was roughly estimated at 3 nm in all three samples (Appendix C.3). EDS results obtained from
multiple spots and particles from each sample presented consistent elemental profiles suggesting
the Al (I11) to be distributed homogeneously across the particles (Appendix C.3). The BET SSAs
were 368 + 14 m?/g, 358 + 28 m?/g, and 363 + 34 m?/g for the OAIFh, 12AIFh, and 24AIFh samples
respectively. Theisoelectric points (IEP) occurred at pH 8.0, 8.5 and 9.0 for the OAIFh, 12AIFh,
and 24 AlFh samples respectively (Appendix C.2). These values are in good agreement with the

literature values obtained for Fh 112! and for aluminum-bearing ferrihydrites 2% %,
g y

3.3.2 Chloride and Nitrate Exchange: Pre-Sulfate Treatment

Consistent with prior work %% 82122 [C/N] exchange was exothermic and [N/C] exchange
endothermic (Figure 3.1). The thermal responses associated with [C/N] and [N/C] cycles were
similar in terms of reactions times, peak areas, and enthalpic sign confirming that the exchange of
these two anions is indeed reproducible and reversible. It is noteworthy to remember that
experiments at pH 3.0 were conducted with ~ 5 -6 mg of sample compared to ~ 40 - 45 mg for

experiments at pH 5.6, and as such the raw calorimetric peaks shown in some of the figures can



Table 3.1. A summary of the physical and chemical properties of the samples
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sample o Fe/(Al + Fe)/ | Al/(Al + Fe)/ mol Sir:é";e Density
[0) [0) [0)

(wt. %) mol % ) melg (o/L)
0AIFh 5.6 (0.02)" 99.97 (0.3) 0.03 (0.00) 368.0 (14) | 28.83 (2.09)?
12AIFh 5.6 (0.02) 89.14 (0.01) 10.86 (0.01) 358.0 (20) | 26.01 (1.63)
24AlFh 5.6 (0.02) 77.91(0.09) 22.09 (0.02) 363.0 (24) | 25.10 (1.63)
0AIFh 3(0.03) 99.96 (0.3) 0.04 (0.00) 368.0 (14) | 28.83(2.09)
12AIFh 3(0.03) 89.09 (0.3) 10.91 (0.01) 358.0 (20) | 26.01 (1.63)
24AlFh 3(0.07) 77.89 (0.06) 22.11 (0.01) 363.0 (24) | 25.10 (1.63)

1 Numbers in parenthesis correspond to the standard error
2 The density measured for the suspension of the fresh synthesized samples before air-drying
decreased with increasing Al
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Figure 3.1. The calorimetric signals for chloride and nitrate exchange for OAIFh, 12 AlFh,
and 24AIFh at a) pH 5.6 and b) pH 3. An increase in voltage resulting in a positive peak
corresponds to a release of energy and hence an exothermic reaction. Conversely, a decrease in
voltage resulting in a negative peak corresponds to energy consumption and hence an endothermic
reaction. The concentrations of each oxyanion in solutions are 0.05 M chloride and nitrate. The
mass of solid used for pH 5.6 and 3 is ~ 45 mg and ~ 5 mg, respectively.
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not be directly compared.

While the enthalpic sign was consistent across pHs and Al (I11) contents, the magnitudes
of the heats (Qexch) Were not. Qexch increased with increasing Al and decreasing pH values. For
instance, Qexch for [C/N] increased from —1.980 + 0.1 mJ/mg for OAIFh to -2.940 + 0.05 for 12AIFh
and -5.830 + 0.1 mJ/mg for 24AlFh at pH 5.6 £ 0.1, and from -5.548 + 0.1 mJ/mg for OAIFh to -
8.380 + 0.15for 12 AlFh and -14.681 £ 0.15 mJ/mg for 24AIlFh at pH 3.0 £ 0.1 (Table 3.2. See
Appendix C.4 for the graph of the Qexch (MJ/Mg) vs Al% for various AlFhs).

Table 3.2. The heat of exchange for the representative pretreatment [C/N], the first
posttreatment [C/N]

Q.. of [CIN] Q. for the first RedL-JC'[iOI‘] inQ,,, for
Sample pH E’E‘;?] 3Ima) posttreatment | the first posttreatment
g [C/N] (mJ/mg) [CIN] %
OAIFh |56(0.02)" | -1.98 (0.06) 11.143 42.27
12AIFh | 5.6 (0.02) | -2.947 (0.02) -0.9690 67.13
24AIFh | 5.6 (0.02) | -5.083 (0.09) 11.491 70.66
OAIFh | 3(0.03) | -5.548 (0.08) -0.9720 82.48
12AIFh | 3(0.03) | -8.385(0.1) -0.5080 90.00
24AIFh | 3(0.07) | -16.59(0.2) -0.8544 95.00

!Numbers in parenthesis corresponds to the standard error

2Heats of exchange in this table are listed as negative numbers as the heat of exchange of nitrate
replacing chloride was used as it is the first exchange after adsorption which can be compared
with the pretreatment values.

3.3.3 Sulfate Sorption
Figures 3.2 and 3.3 show the heat signals for continuously flowing a sulfate solution over
the AlIFh samples at both pH 5.6 and 3, respectively. The reaction of sulfate with the three surfaces
at both pHs was exothermic and took around 50 — 60 min to reach thermal equilibrium. As evident
in the figure, the exotherm for sulfate reaction with the 24 AlFh at pH 5.6 exhibited a different
shape in that the initial heat evolution was followed by one occuring at a slower rate. Although not

as dramatic, a slower return to baseline was also observed for the same reaction at pH 3.0.
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The first solution after the sulfate treatment is NaCl and it is supposed to result in chloride
replacing sulfate (a [S/C] reaction). The CI" endotherms following the sulfate treatment on all
samples were very small and in most instances never returned to the baseline such that it was
impossible to integrate them. At first glance, we would have interpreted their much smaller size

relative to the sulfate peaks as an indication of a high degree of irreversibitlity in sulfate sorption.
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Figure 3-2. The calorimetric signal for sulfate adsorption for OAIFh, 12 AlFh, and 24AIFh at a)
pH 5.6and b) pH 3. The concentrations of sulfate is 0.005 M. The mass of solid used for pH 5.6
and 3 is ~ 45 mg and ~ 5 mg, recpectively.

However, a considerable amount of sulfate was detected in the effluent collected during
this [S/C] cycle, and therefore it is hypothesized that the amounts of sulfate desorbed in this cycle
correspond to a pool of sulfate complexes that are reversible to chloride. The [C/N] following the
[S/C] is significantly smaller than that of the pre-sulfate treatment, and thus this pool that desorbs
first to Cl represents only a fraction of the sulfate adsorbed. This will be discussed further in the

next section.
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The impact of Al and pH on sulfate sorption was similar to that observed on anions

exchange increased as Al content increased and pH decreased. Qads values were -0.1670 mJ/mg

for OAIFh, -0.5020 mJ/mg for 12 AlFh, and -0.7410 mJ/mg for 24AlFh at pH 5.6 , and -12.32

mJ/mg for OAIFh, -19.14 mJ/mg for 12AlFh, and -45.44 for 24 AlFh at pH 3 (Table 3.3).

Table 3.3. The heat of adsorption and enthalpy of sulfate adsorption on various AlFh and pHs

Sulfate

Surface

Sulfate

Energy of

Sa{r[l)ple pH adsorbed Area adsorbed sulfate I%E;?rﬁlo%/
(umol/mg) (m?/g) (umol/m?) (mJ/mg)
OAIFh |5.6(0.02)' | 05610 |368.0(14) 1.545 -0.1670 -0.2970?
12AIFh | 5.6 (0.02) 0.7450 358.0 (20) 2.052 -0.5020 -0.6740
24AIFh | 5.6 (0.02) 1.007 363.0 (24) 2.774 -0.7410 -0.7360
OAIFh | 3(0.03) 5.096 368.0 (14) |  14.039 -12.33 -2.280
12AIFh | 3(0.03) 6.828 358.0(20) |  18.810 -19.78 -2.897
24AIFh | 3(0.07) 12.65 363.0 (24) 34.835 -45.44 -3.617

!Numbers in parenthesis corresponds to the standard error
2The enthalpy was calculated suing the heat of interaction (kJ) divided by the amount of sulfate
adsorbed (mol).

Because exposure of the 24AIFH sample to solutions at pH 3 resulted in a faint yellow
effluent 4 days into the experiments which suggested possible dissolution of the solid, the
experimental protocol for these conditions was slightly modified. The pH of the solutions used
was gradually decreased from 3.5 to 3.2 over a period of 3 days, after which the sample was
exposed to the sulfate solution at pH 3.0. This modification circumvented any solid dissolution as
the effluent which was carefully monitored remained clear. Additionally, the Qexch Of [C/N] and
[N/C] at pH 3.2 were not significantly different from those obtained at pH 3.0 prior to the solid
dissolution.

The values for the mass of sulfate retained on the surface at the end of the reaction, as
indicated by the return of the heat signal to the original baseline, are presented in Table 3.3. They

exhibit the same trend across Al and pH values as did their corresponding Qads. Surface excess
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values (I'?) were 1.450, 1.928 and 2.534 pumol/m? for the 0, 12 and 24AIFh respectively at pH 5.6
and 13.06, 17.50 umol/m?, and 32.40for the 0, 12, and 24 AlFh respectively at pH 3.0 + 0.1.

The enthalpy (kJ/mol) of the sulfate reaction with the AlFh’s surfaces was obtained using
the heat of interaction (kJ) and the amount of sulfate adsorbed (mol). The enthalpy values showed
the same trends as the energies and increased with increasing Al content and decreasing pH which
pointed out a fact that having more Al incorporated in the Fh and lower pH during the reaction
augmented the amount of energy produced per mole of sulfate adsorbed on Fh’s surface (Table

3.3).

3.3.4 Chloride and Nitrate Exchange: Post-Sulfate Treatment

The magnitude of the C/N exchange, taken as a proxy for positive surface charge, was
used to assess the impact of sulfate on the positive charge and the reversibilty of sulfate adsorption.
Sulfate sorption on all samples decreased the calorimetric peaks associated with both the [C/N]
and [N/C] exchange as compared to the pre-sulfate peaks. This decrease indicates a loss of positive
charge as sulfate sorption occurs predominantly on the same charge-bearing functional groups that
are no longer “available” for ion exchange (Fig 3.3). The observed reduction in Qexch Was not
consistent for all samples. When compared to the pre-sulfate value, the Qexch for the first
posttreatment [C/N] decreased by 42% for OAIFh, 67% for 12AlFh, and 71 % for the 24AIFh
samples at pH 5.6. Similarly, the decrease in Qexch varied among samples at the lower pH. At pH
3, the Qexch Of the first postreatment [C/N] was lower by 82% for the OAIFh, by 90% for the

12AIFh , and by 95 % for the 24AIFh samples.
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Figure 3-3. Representative calorimetric signals for [C/N] and [N/C] cycles before and
after sulfate treatment. The experiment was conducted on ~ 45 mg 24AIFh at pH 5.6.

The large decrease in Qexch across samples and pHs was not permanent. With subsequent C/N and
N/C cycles, the peaks areas and Qexch progressively increased back to stabilize at equilibrium
values representing a fraction of their pre-sulfate values. These fractions were 99.03% for OAIFh,
87.75% for 12AIFh, and 59.65 % for the 24AlFh samples at pH 5.6, and 56.031 % for OAIFh,
53.09 % for 12AlFh, and 36.62 % for the 24AlFh samples at pH 3.0 (Table 3. 4). Therefore, the
amount of the surface charge that was lost and not recovered over time or in other words the
amount of sulfate that could not be desorbed from the surface increased with increasing Al content
and decreasing pH.

The initial decrease and following rebound of the Qexch Vvalues suggest sulfate is
progressively desorbing from the surface and additional functional group sites are available to
participate in C/N and N/C exchange. This desorption was further corroborated as sulfate was

detected in the
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Table 3.4. The heat of exchange for the representative pretreatment [C/N], the equilibrium
posttreatment and the volume of solution used to reach the equilibrium posttreatment

Volume of
of equilibrium ey i
o of O Qexcn " q o Q... of equilibrium SOIUtIfer;:r?ed to
Sample pH exch postireatmen posttreatment L
(mJ/mg) [C/N] CINT % the equilibrium
(mJd/mg) [C/N] %6 posttreatment
(ml)
OAIFh |56 (0.02)'| -1.98(0.06)2 -1.960 (0.1) 99.03 7462
12AIFh | 5.6 (0.02) | -2.947 (0.02) -2.586 (0.02) 87.76 1695
24AIFh | 5.6 (0.02) | -5.083 (0.09) -3.032 (0.008) 59.65 1220
OAIFh | 3(0.03) | -5.548 (0.08) -3.109 (0.03) 56.03 751
12AIFh | 3(0.03) | -8.385(0.1) -4.451 (0.2) 53.09 988
24AIFh | 3(0.07) | -16.59(0.2) -6.077(0.1) 36.62 517

!Numbers in parenthesis corresponds to the standard error
2 the mass of solid used for pH 5.6 and 3 was ~ 45 mg and ~ 5 mg, respectively.

effluent stream collected between the final pre-treatment C/N exchange and the last of the five

post-treatment C/N and N/C cycles that did not show any further change.

In all instances, sulfate desorption was observed to be significantly slower than its

adsorption and was incomplete for all samples, except for the OAIFh sample at pH 5.6. for which

the equilibrium Qexch post sulfate bounced back to 99% of its original value. Furthermore, the

total volume of chloride and nitrate solutions needed to desorb the sulfate from the surface and

reach these equilibrium Qexch Values differed between samples (Table 3.4). At pH 5.6, it took 746

mL for OAIFh, 1695 ml for 12 AlFh and 1220 ml for 24AlFh samples for the post-exchange cycles

to not show any further change. For pH 3.0, these values were 751 mL for OAIFh, 988 mL for 12

AlFh, and 517 mL for 24AlFh samples.
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3.4 DISCUSSION

3.4.1 Surface Charge

The 12AIFh and 24AlFh samples had approximately 48% and 98% more Qexch than that
measured for the OAIFh at pH 5.6, and 51% and 75% more at pH 3.0. The increase in the magnitude
of Qexch With decreasing pH and increasing Al content indicates the surface has now significantly
more surface positive charge. The shift of the pH at which the isoelectric point occurs in the
12AIFh and 24AIFH samples demonstrates that more surface hydroxyls are deprotonated at any
given pH below the IEP and the number of Fe-OH*Y2 or AI-OH*Y2 positively surface sites is
higher.

The pH at which the point of zero charge of Al minerals occurs have been reported at values
~ 9.5 - 10.0 for pure gibbsite 2% and amorphous aluminum oxyhydroxides* 122 whereas that of
Fh is consistently found to occur at lower pH values around 8.0 2L, The presence of increasing
Al, appears to have given the surface charge “Aluminum-like” properties despite the fact that XRD
analysis failed to detect a distinct crystalline Al hydroxide phase. In both the 12AlIFh and 24AIFh
samples, HRTEM-EDS revealed the Al to be homogeneously distributed across spots and
particles. Neither these two results constitute definite evidence of Al (111) substitution into the
Fh-structure or the lack thereof. The detection limits of both XRD and EDS analyses is around 1%
or about 10,000 ppm and may miss some nanoscale heterogeneity in the composition. Previous
studies of the effects of Al content on Fh structure 2431101 haye agreed that Al (111) substitution,
as opposed to the precipitation of either distinct crystalline or amorphous Al phases, occurs up to
until 20- 30 mol %, although other processes, such as Al adsorption on the surface or the possibility

of nanoscale segregation of Al-rich phases that may remain undetected cannot be ruled out.
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Harvey and Rhue (2008) argued that in co-precipitation environments and due to
differences in solubility, Al-phases would precipitate after Fe upon NaOH addition and hence the
Al is found on the surface of the Fh. While the presence of Al sorbed on the surface cannot be
ruled out nor directly confirmed in our case, it is clear from our results that the presence of Al

leads to more positive surface charge.

3.4.2 Sulfate Adsorption

The exothermic nature of sulfate reactions with all three samples is consistent with reported
enthalpies for other oxyanions. For instance, phosphate sorption was reported to be exothermic on
boehmite®, on amorphous aluminum oxides™ and mixed Al(I11)-Fe(111) amorphous oxides .
Similarly, arsenate sorption on both amorphous aluminum oxides ®* and hematite nanoparticles 8
was also found to be exothermic. In contrast, and in a similar study to this one but on amorphous
aluminum hydroxides, Appel et al. ™ reported sulfate adsorption to be endothermic. Their study,
however, had a major difference in that the solution used to expose their sample to SO4% was
prepared in a NaNO3z background instead of NaCl. Both CI" and NO3z™ are believed to be
background electrolytes in outer-sphere complexation and are not expected, beyond regulating the
ionic strength, to exert any influence on the sorption of other oxyanions particularly if it occurs in
inner-sphere modes. Nevertheless, the net enthalpy measured in the flow microcalorimetry is
essentially that of an exchange, and it is conceivable that the exchange, albeit fractional, of SO4*
for CI be of a different enthalpic sign than that of SO4> for NOs".

While the sign of the sulfate reaction concurs to a great extent with values published, the
normalized magnitudes (Qadgs in MJ/mg) are significantly smaller indicating a potentially weaker
interaction. The increased amounts of sulfate retained at the surface with increasing Al, and

decreasing pH are undoubtedly correlated to the increased surface charge measured by Qexch Of CI°
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and NOs™ and discussed above. There is not, however, a direct linear relationship between the
increase in Qexch and the measured I'2. This result is to be expected as the inner-sphere
complexation of SO+ has been reported to predominantly occur as bidentate binuclear complexes
339 and as such will occupy, in principle, twice as many surface sites than detected by either the
Cl" or NOs™ probe.

The adsorption of sulfate in the presence of Al in the Fh structure appears to be kinetically
slower as evidenced by the heat evolution observed for the 24 AlFh at both pHs 5.6 and 3.0. This
difference can be attributed to the formation of more inner-sphere complexes which is a slower
process than that of the outer-sphere formation. In their study of suflate adsorption on hematite,
Wang et al. "® measured a larger release of OH" at a later stage of sulfate adsorption. Given that
OH- release in an indication of inner-sphere formation, the authors concluded that this process was
happening after the intial rapid stage of adsorption that occurred without OH" release. This early

stage is hence domimated by outer-sphere complexation.

3.4.3 Sulfate Desorption and Reversibility

In this work, the sulfate desorption has been loosely classified into three pools based on
the Kkinetics of their reversibility to chloride and nitrate: fast reversible, slow reversible and
irreversible. In contrast to sulfate, CI" and NOgz™ reactions with all three AlIFh surfaces were
reversible, and the rates of their adsorption and desorption were equal. After flushing the surface,
for instance with nitrate, all the chloride injected in the previous step would be released, and both
anion peaks show identical Qexch values. If this reasoning is applied to sulfate desorption, the
amount of sulfate recovered in the effluent during the first [S/C] can be assigned to the fast
reversible pool. The almost negligible Qexch associated with the desorption of this pool may be

attributed to two factors: very small AH values of [S/C] exchange or a very small fraction of this
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reversible pool. The slow reversible pool corresponds to the sulfate that was progressively flushed
off the surface between the first posttreatment [C/N] and the last of the five post-treatment C/N
and N/C cycles that did not show any further change. The desorption of the pool was evidenced
by the progressive bouncing back of the Qexch. The remaining sulfate on the surface beyond this
point is considered irreversible to CI- and NO3™ regardless of the numbers of C/N cycles and
cumulative volume passed through the column. The distribution of the three fractions appears to
be impacted by both the Al content and pH values (Figure 3.4). Overall, increasing Al content and
decreasing pH seems to increase the fractions of the irreversible pool. Sulfate is known to form
both outer- and inner-sphere complexes on Fh 1% 3840 hematite®® 73 115 124125 and aluminum
oxides”. In this study, a qualitative correspondence can be made between the outer-sphere and
fast irreversible pools and inner-sphere complexes with slow irreversible (inverse relation) and
reversible pools (direct relation).

By putting all the results together, we hypothesize that an increase in Al content and a
decrease in pH lead to a larger fraction of inner-sphere bidentate complexes which tend to be more
irreversible and produces higher Qags and a smaller fraction of outer-sphere complexes that can be
reversed quickly. The desorption of inner-sphere complexes has been indeed reported to be a

slower process compared to that of outer-sphere % 74 7980,
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Figure 3.4. Qualitative estimation of the variation in reversibility of sulfate desorption with Al
concentration and pH. The values for the fast reversible pool were calculated based on the amount
of sulfate measured in the effluent during the C/S. The values of slow reversible pool correspond
to the Qexch (%) of the equilibrium post-treatment, and the values of the irreversible pool were
calculated based on the amount Qexch (%) lost after reaching equilibrium posttreatment.

A decrease in pH, from 5.6 to 3.0 leads to a significantly higher density of positively
charged surface sites, a higher density of >Fe-OH*Y2 and possibly Al-OH*'? sites, and lower
amount of hydration which in all cases favor the adsorption of sulfate®® %. Conversely, as pH
increases the density of >Fe-OH and Fe-O- become predominant suppressing the ligand exchange
(i.e., inner-sphere complexation). Under higher pH conditions, sulfate complexation with H.O
surface functional groups (i.e., outer-sphere complexation) is more favorable than ligand exchange
since more energy is required to break >Fe-OH bond comparing with weaker >Fe-OH; bond?® -
39,126 Although outer-sphere complexation is more sensitive to changes in surface charge than
inner-sphere, as pH increases, inner-sphere adsorption is suppressed since it cannot compete with
outer-sphere resulting in the dominance of outer-sphere complexation at higher pH. Finally, as pH
approaches the point of zero charge, outer-sphere complexation would also be gradually disfavored
as the surfaces become less positively charged®.

The incorporation of Al (111) into Fh structure increases the disorder of its structure and

thus changing the number of positive charges on the surface is not the only consequence of this
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substitution. According to Hiemstra and Van Riemsdijk 1° and Hiemstra %, the 0 0 1 face of Fh
favors inner-sphere complexation as it contains singly coordinated surface groups with the
sequence of adjacent edge-sharing octahedra which are believed to increase as defects are
increased in the Fh structure.

Cismasu et al. 8 also found Al substituted in the Fh structure in octahedral coordination by
oxygen to be conducive to binuclear bidentate complexes for oxyanions. Thus, with enhancing Al
%, besides increasing positive surface sites, the defect in the structure of Fh causes increased
numbers of singly coordinated surface groups, that is, the surface structure of Fh changes such that

the more inner-sphere complexation of sulfate is favored.

3.5 Conclusion

This work used flow microcalorimetry to study the role of aluminum substitution on the
interaction energy of chloride (CI) and nitrate (NO3z’), and adsorption of sulfate (SO42) onto Fh.
The energetics and reversibility of sulfate adsorption/desorption on some aluminum ferrihydrites
indicated that anion exchange on Fh surface is strongly correlated to the concentration of Al and
pH. Increasing Al and decreasing pH increased the heat of exchange of chloride, nitrate, and heat
of adsorption of sulfate on the Fh surface and sulfate adsorption. The post-sulfate treatment
experiment showed the same trend for the percentage reduction in the Qexch of the first
posttreatment [C/N] which decreased at higher Al concentration and lower pH. A classification for
different sulfate desorption behaviors was proposed in this work consisting of different pools,
reversible attributed to outer-sphere complexation, and slow irreversible and absolute irreversible
which correspond to inner-sphere complexation. At higher Al concentration and lower pH, the
irreversible pools (inner-sphere complexes) were dominant, while with increasing pH and

decreasing Al, the reversible pool (outer-sphere) is favored. Increasing Al concentrations raises
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the pHiep, and the defects in Fh structure provides a higher density of positive surface sites and
singly coordinated surface groups which favor inner-sphere complexation.

Overall, a systematic study of the sulfate adsorption/desorption helps to understand the fate
and transport of oxyanions, toxic metal(loid)s, and other contaminants. This work showed that the
different chemical compositions of minerals and oxyanions in natural environments impact on the
adsorption/ desorption of sulfate on Fh as as Al and more acidic pH promoted the chemical

interaction of sulfate with Fh.
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4 CONCLUSIONS

Flow microcalorimetry was used in this work to measure the energetics and reversibility
of oxyanion adsorption/desorption on ferrinydrite. Also, from the oxyanions studied, sulfate was
chosen as a probe to investigate the role of aluminum substitution on oxyanion complexation by
Fh to obtain systematic insight into oxyanion-ferrihydrite interface interactions in the natural
environment.

Chapter 2 aimed to systematically measure the heat of exchange, molar enthalpy, and
adsorption reversibility of oxyanions that are known to form both outer-sphere and inner-sphere
complexes on ferrihydrite (Fh). Fh is one of the most reactive poorly crystalline iron (hydr) oxides
pervasive in soil and groundwater with the high specific surface area and high density of reactive
surface sites. Chloride, nitrate, sulfate, phosphate, and arsenate were chosen since they were
previously reported to form a wide range of surface complexes ranging from electrostatic outer-
sphere to various inner-sphere complexes.

The calorimetric signal for each oxyanion interacting with the Fh surface was found to be
exothermic, while the reaction for chloride replacing nitrate was endothermic. The heat of
exchange (Qexch), reaction times, and peak areas for [C/N] and [N/C] were similar, while these
parameters showed considerable variability for the other oxyanions. Arsenate had the highest
measured Qads followed by phosphate and sulfate. The reversibility of oxyanion adsorption was
also examined. Chloride and nitrate were completely reversible, while 99 % of the sulfate, 50.7%
of phosphate and 44.4 % arsenate were desorbed after conducting several subsequent C/N and N/C

cycles indicating a higher fraction of irreversible complexes for these oxyanions.
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The molar enthalpies (AH ags) Of oxyanion adsorption increased following a positive
Hofmeister series and mirrored the strength and complexations mode reported for each oxyanion,

such that AHcj-= AHyo; < AHgg2-< AHpo; <AH 402~ Based on the results, the bidentate inner-

sphere complexes of arsenate exhibited the highest AHags, followed by a mixture of
monodentate/bidentate complexes for phosphate, a mixture of outer-sphere/inner-sphere
complexes for sulfate, and entirely outer-sphere complexes for nitrate and chloride.

In Chapter 3, sulfate was used as a probe to study the effect of Al-substitution on the
sorptive capacity of ferrihydrite. Three different Al-substituted ferrihydrite were synthesized, and
the energetics and reversibility of sulfate adsorption and desorption and heat of exchange of
chloride and nitrate were determined to gain a mechanistic insight into oxyanion AlFh interface
interactions. The concentration of Al (I11) incorporated into Fh and pH were directly correlated
with the heat of exchange and adsorption of anions on Fh surface such that the Qexch Of chloride
and nitrate, and the heat of adsorption of sulfate increased with increasing Al and decreasing pH.

The reduction in the Qexcn Of the first post-treatment [C/N] exhibited the same trend as it
decreased with increased Al concentration and at lower pH. This reduction suggested that the
surface of Fh is blocked with sulfate which occupies the functional groups and no further surface
is available for ion exchange. The heat of exchange was recovered with conducting more
subsequent C/N and N/C cycles which stabilized at equilibrium values representing a fraction of
their pre-sulfate values. The percentage of the heat of exchange recovered were different across
the samples and also increased with increasing Al content and decreasing pH.

Based on the different behaviors of sulfate desorbing from the various AlFhs at two
different pHs, a classification was proposed in this work in that three pools were identified for the

reversibility of sulfate, fast reversible, slow reversible and irreversible. We suggest that the
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different pools correspond to the type of sulfate complexes on the Fh surface in that outer-sphere
corresponds to fast irreversible pools, and inner-sphere complexes are attributed to slow reversible
and irreversible pools. Similar to decreasing pH, increasing the Al (I1l) concentration provides
more positive surface charge for sulfate adsorption as evidenced by increasing pHiep values. Also,
with more Al concentration, defects in the Fh structure increase providing more singly coordinated
surface groups which promote inner-sphere complexation. Overall, the slow reversible and
irreversible pools (inner-sphere complexes) were dominant at lower pH and higher Al
concentration, while with increasing pH and decreasing Al, the fast reversible pool (outer-sphere)
is favored.

Overall, a systematic study of oxyanion adsorption on minerals and poorly crystalline
minerals such as Fh is of critical importance to gain insights into the fate and transport of
oxyanions, toxic metal(loid)s and other contaminants. This work showed that the oxyanions do not
exhibit the same behavior during adsorption/desorption reactions. Also, it has been proved that
different chemical conditions impact on the interaction of oxyanions with absorbents as Al and
more acidic pH strengthen the chemical interactions of oxyanions with Fh with the substantial

increase in the relative proportion of inner-sphere surface complexes.

4.1 Future Work
To our understanding, this work was the first to study the energetics and reversibility of a
wide range of oxyanions adsorption/desorption on Fh which is known as a highly reactive and
poorly crystalline mineral. In the future the results obtained in this work will be complemented
with some other techniques such as differential pair distribution function (d-PDF) analysis to
quantify the fraction of outer-sphere/inner-sphere complexes of sulfate and also other oxyanions

of interest on Fh and AlFh. In d-PDF analysis the Fourier transform of Bragg and diffuse scattering
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is taken to obtain a real space distribution of pairs of atoms in a structure which is proved powerful
in solids 44,

PDF analysis involves taking the Fourier transform of the total structure function (both the
Bragg and diffuse scattering), yielding a real space distribution of distances between pairs of atoms
in a structure weighted by the scattering power of the atoms responsible for the peak. D-PDF is an
ideal complementary technique to FAMC in that i) both techniques can obtain data in situ from
flowing liquids, which is more realistic to environmental conditions, and 2) d-PDF is sensitive to
the local environments of lower-Z elements such as S and Al, which can be challenging to probe
by techniques such as EXAFS. Combining FAMC and d-PDF will lead to a new understanding of
oxyanion interactions with pure Fh and AlFh and the mechanism by which Al, and potentially

other impurities, change the reactivity of FH in natural environments.
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Appendix B

Appendix B.2. Representative X-ray Diffraction Pattern for Ferrihydrite

3600

2500

1600

900

400

Intensity (Counts)

100

10 15 20 25 30 35 40 45 50 55 60 65
2Theta(’)

Appendix B.3. Representative High-Resolution Transmission Electron Micrograph of

the Ferrihydrite Sample
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Appendix B.4. Instrumentation and Basic Operational Procedure for the Flow
Microcalorimeter
The flow microcalorimetry used in this work is comprised of microcolumn assembly with
a sample holder in which a solid sample is packed. A solution of interest is injected in the column
and flows over the micro column containing the packed solid, while the flow rate is controlled
between 0.30 to 0.350 ml minl- until the thermal equilibrium is obtained evidenced by a steady
baseline. As the input solution is switched to another solution with different composition (e.g.,
pH, ionic strength or concentration), the change in temperature resulting from either heat produced
or consumed as the reacting solute interacts with the solid surface is recorded by a pair of
thermistors, one upstream and one downstream from the sample holder, form one half of an
electronic bridge. The calorimetrical signal, then, is displayed graphically and recorded as a
function of time as the peak of reaction returns back to the pre-experiment baseline indicating the
end of reaction. The flow rate-averaged peak areas are acquired by integrating the calorimetric
peak. The heats of reactions (Q in mJ/mg solid) is calculated by converting the peak area to energy
(Joules) using peaks of known energy input generated from a calibrating resistor located within

the flow stream inside the micro-column (Appendix A.4 a and b).



Appendix B.5. a) Peaks Obtained From a Series of Heat Pulses, and b) The

Associated Calibration Curve.
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Appendix C

Appendix C.1. Representative X-ray Diffraction Pattern for Different Aluminum

Ferrihydrite
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Appendix C.2. Zeta Potential Data for Ferrihydrite (OAIFh), and Al-ferrihydrite (12AIFh

and 24AIFh)
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Appendix C.3. Transmission Electron Micrographs and Energy Dispersive X-ray Spectroscopy

Analysis of Different Aluminum Ferrihydrite
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Appendix C.4. The Qexch of C/N (mJ/mg) of Various AlFh at pH 5.6 and pH 3
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