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Al and Fe hydr(oxides) are significant adsorbers of P in soil and aquatic systems.
They are commonly found existing as mixed rather than pure phase hydr(oxides). This
study was conducted to determine the effect of Al content on P sorption in co-precipitated
amorphous Al-Fe systems. Al-Fe hydr(oxides) containing between 0 and 100 mol% Al
was synthesized by co-precipitation from Al-Fe chloride solutions and characterized by
XRD, SEM, PSD and acid digestion. P sorption as a function of time, pH and Al content
were determined by batch experiments; heats of adsorption and the effect of P sorption on
surface charge were determined by flow calorimetry. SEM results suggested that surface
precipitation of Al onto Fe had occurred, at least above 10 mol% Al, though this was not
confirmed by optical observations. The results also showed the formation of a dual phase
of mixed metal hydr(oxide) and pure Al hydr(oxide) at Al content greater than 80 mol%.
P adsorption rate in batch experiments was not affected by Al content but the amount of P

xi

adsorbed increased with Al content. P sorption decreased with pH at all Al contents but
the decrease tended to be greater for the lower Al containing hydr(oxides). P adsorption
was exothermic on all hydroxides with an average heat of adsorption of 33 ± 5 KJ/mol. P
adsorption resulted in reduced heats of Cl/NO3 exchange but did not result in any
detectable cation exchange. Heats of anion exchange on the hydr(oxides) averaged
(2.8±0.4 KJ/mol) at ratios greater than 1:2. Heat signal peak areas for Cl/NO3 exchange
on pure Fe hydroxide were about ¼ those on pure Al hydr(oxide) and were attributed to
increased AEC with Al content at least above 20 mol% Al. Although the amount of P
adsorbed in the calorimetric study was similar on all the hydr(oxides), the heat of Cl/NO3
exchange following P sorption on the Fe-rich hydr(oxides) was about ½ that on the Alrich hydr(oxides). Additional work is needed to determine the extent to which Fe affects
the heat of exchange and the cause of this effect.
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CHAPTER 1
LITERATURE REVIEW
Introduction
Phosphorus (P) has been implicated as a one of the nutrients responsible for
eutrophication of many water bodies through leaching or surface run-off from
agricultural farms. The retention of P in the soil is therefore of critical importance to
limiting the quantity of P loss form these systems to water bodies. P retention (sorption)
capacity of acid soils (Freese et al. 1995) as well as wetland systems (Reddy et al. 1995)
has been found to be strongly correlated with Al and Fe hydr(oxide) content. These
hydr(oxides) exist more commonly in nature as mixed Al-Fe hydr(oxides) rather than
pure phase Al or Fe hydr(oxides) and maybe formed through co-precipitation, sequential
precipitation or agglomeration (Anderson and Benjamin 1990a). Al content in these
hydr(oxides) may vary from 0-100 mol% with > 40 mol % being more common in sandy
soils. The properties of the hydr(oxides) formed are largely dependent on the formation
condition such as Al and Fe solution concentration (Mani and Rao 1982), pH (Blangenois
et al. 2004) and temperature (El-Sharkawy et al. 2000).
P Sorption in Soils and Hydr(oxides)
Al and Fe Fractions in Soil and Their Importance to P Sorption
Aluminum and Fe are ubiquitous in soil systems. In addition to existing in soil
solution as hydrated ions, they can be found in soils as components of primary minerals
such as biotite and or, secondary minerals such the clays and metal hydr(oxides). Al and
Fe may also be found in the organic fraction of the soil where they are often bound to
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organic functional groups to form highly stable organo-metal complexes (McBride 1994).
Despite their ubiquity only the Al and Fe fractions in clays and hydr(oxides) have been
shown to be significant in P sorption.
The available pool of P in soils is the most important factor from an agronomic or
environmental standpoint. It represents the fraction of soil P in solution and solid phase
that is available for plant uptake and the P more likely to leach into groundwater sources
with subsequent movement laterally to surface water bodies.
Phosphorus mobility is greatly restricted by sorption on soil constituents. In
alkaline soils Ca has the greatest effect on P mobility (McDowell and Condron 2001)
through the formation of CaP precipitates while in acidic soils the Al and Fe fractions
have the greatest effect on P mobility (McDowell and Condron 2001, Zhou et al. 1997)
through sorption to surfaces of oxides, precipitation as metal phosphates or formation of
organo-metal complexes. Oxides, hydroxides and oxyhydroxides collectively referred to
hydr(oxides) are the most important of the Al and Fe fraction. Mcdowell and Condron
(2001) using experiments to remove the organic, Al and Fe oxide, and acid soluble
fraction of soil found that removal of Al and Fe oxides had the greatest effect in
decreasing P sorption and increasing desorption. The quantity and properties of Al and Fe
hydr(oxides) are largely dependent upon soil genesis conditions such as parent material
and climate.
Although crystalline oxides of Al and Fe may influence P sorption, the amorphous
hydr(oxides) have been shown to be more important in sorption of P. Freese et al. (1992)
reported that total P sorption in topsoil and subsoil samples from eastern Germany was
predominantly related to the amounts of amorphous Fe and Al oxides with no significant
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relationship between crystalline Fe and Al oxide and total P sorption. In addition, in
evaluating models for P sorption, Freese et al. (1992) showed that sorption on soils where
crystalline oxides were prevalent could be adequately predicted by amorphous oxides
only. A recent report by Agbenin (2003), however, indicated the opposite. In comparing
dithionite- and -oxalate extractable Fe and Al effect on P sorption in several savanna
Alfisols he found a greater correlation between dithionite extractable Al (Al-d)and Fe
(Fe-d) than oxalate extractable (Al-o and Fe-o). He reported that 73% of variability in P
sorption could be accounted for by dithionite extractable Al and Fe. Further he reported a
difference in the effect of Al and Fe with Fe-d > Al-d > Al-o and no relation with Fe-o.
Agbenin (2003), though attributing greater significance to crystalline oxides did report
low sorption capacities from soils studied. Zhang et al. (2001), using sequential
extraction methods to investigate the influence of various fractions of Fe and Al on
phosphate solubility and reactions in citrus sandy soils, reported a significant correlation
between P, crystalline and amorphous Fe as well as amorphous Al but not with
crystalline Al.
The importance of an Al or Fe fraction (amorphous or crystalline) in P sorption is
likely dependent on the amounts of those fraction. However, long term sorption and the
quantity of P adsorbed is predominantly a function of crystallinity and surface area
(including porosity) rather than quantity (Borggaard 1983, Parfitt 1989, Freese et al.
1992). The large surface area and low crystallinity of amorphous oxides makes them
more reactive towards P. Total surface area of crystalline oxides is less, due to lack of
internal surfaces and terminal functional OH- groups (Freese et al. 1992). This lack of
internal surfaces prevents significant penetration of phosphate into the crystal lattice
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(Torrent et al. 1990, Barrow 1983). Torrent et al. (1990) attributed the slow reaction
phase observed in P sorption on goethite to the presence of amorphous ferrihydrite.
Parfitt (1989) observed no slow reaction phase in studying phosphate sorption on highly
crystallized goethite and concluded that solid-state diffusion of phosphate does not occur
in these crystals.
Mechanism of P Sorption in Soils and Hydr(oxides)
Phosphorus sorption occurs mainly on the surfaces of variable charge minerals such
as allophanes, hydr(oxides) of Al, Fe and Mn as well as on the edges of silicate clays via
ligand exchange. In ligand exchange, H20 or valence unsatisfied OH- ligands attached to
a single metal atom (terminal OH-) or two metal atoms (bridging OH-) are replaced by the
P anion resulting in the formation of a bi-nuclear, inner sphere metal-phosphate complex
(Bleam et al. 1991, Persson et al. 1996). P is also known to replace other ligands such as
sulphate or silicate (Pardo and Guadalix, 1990). In addition to ligand exchange, P may
also be adsorbed to the variable charged surfaces through anion exchange. This occurs
via electrostatic attractions at pH values below the point of zero charge of the surface. P
sorption by anion exchange is rapid, reversible and non-specific and is responsible for
only a small fraction of the total sorption observed. Ligand exchange on the other hand, is
specific and tends towards irreversibility. Additionally, ligand exchange is characterized
by the release of OH- into solution and a change in surface charge to a more negative
value (Rhue and Harris 1999).
Phosphorus sorption on Al and Fe hydroxides in soils occurs via two timedependent reaction mechanisms. The first is thought to be a quick ligand or ion exchange
reaction occurring on anion exchange sites. These exchange reactions can last from a few
minutes to a few days. The second mechanism is not as clear or widely agreed upon

5
(Rhue and Harris 1999). Suggested mechanisms reflect the fact that this reaction is much
longer than the exchange reactions of the first mechanism (lasting up to months) and
account for the hysteretic behavior observed in P adsorption/ desorption studies. What is
not clear is the actual mechanism by which P is sorbed to the soil during this phase. The
two most common theories are precipitation of P as metal phosphate on surfaces, and
diffusion of P into micropores or through the amorphous hydr(oxide) coatings.
The theory of formation of metal phosphate on surfaces is supported by
spectroscopic evidence (Bleam et al., 1991 and Lookman et al., 1994), and potentiometric
titration evidence (Li and Stanforth, 2000). Recent research however, using the more
accurate X-ray Adsorption Near Edge Spectroscopy (Arai and Sparks, 2001) to look at
phosphate adsorption on soils, hydrous ferric oxides and Al hydroxide showed no
evidence of a metal phosphate phase. Precipitation is further disputed because, except in
highly fertilized soils, solutions are often undersaturated with respect to most crystalline
phosphorus compounds. Pierzynski et al. (1990) found P existing as amorphous Al-P
precipitates in highly fertilized soils. These were found as discrete particles or coatings
on other particles. The formation of these were however attributed to P induced
weathering of aluminum silicate minerals and subsequent co-precipitation of Al-Si-P,
rather than P precipitation onto the Al hydr(oxide) or silicate surface.
Van Riemsdijk (Van Riemsdijk and Haan, 1981 and Van Riemsdijk et al., 1984)
suggested that the irreversibility of phosphate sorption observed in adsorption/ desorption
studies was due to P diffusing through the poorly structured Al and Fe hydr(oxide)
coating on soil surfaces and being adsorbed on these internal surfaces. He suggested that
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this adsorbed phosphorus is often “fixed” because of the resistance of the amorphous
hydroxides to weathering rendering internal sites inaccessible.
Other work (Madrid and de Arambarri 1985 and Willet et al 1988) has attributed
the slow phase of P sorption to accessibility of the phosphate to surface mesoporosity.
They suggested that as P “diffuses” into the hydr(oxide) structure the pores become
smaller, and smaller hence the accessibility to sorption sites is reduced. Both author
working on Fe-hydr(oxides) found no evidence of Fe phosphate formation. Willet et
al.(1988) found that all the P sorbed could be desorbed with 0.1 M NaOH presenting
evidence that no precipitates were formed.
Factors Affecting P Sorption
Effect of Surface Species
The surface species present affects P sorption by influencing the number and
reactivity of the surfaces. Speciation of metal hydr(oxides) is largely pH dependent and
can be sufficiently modeled by observing the behavior of the metal in solution (McBride
1994). Al and Fe exist as hydrolyzed ions in solution, particularly above pH 4,
resembling an Al-OH surface site. The degree of hydrolysis determines the number of
ligands present. Easily hydrolyzable metal such as Al and Fe, with their high charge
density, tend to have more ligands associated with them than other metals. The charge on
this site is dependent on the pH, being positively charged at lower pH (4.7-6.5), having
no charge at pH 6.5-8.0 and negatively charged at pH values >8.0 (Nilsson et al. 1992).
The positive charge and negative charge arises from protonation and deprotonation
respectively. At low pH the hydroxyl groups accept a proton resulting in the formation of
OH2+ (water) groups attached to the metal atom. Ligands of this form tend to dissociate
more readily than OH- and therefore more ligand exchange is expected and is observed at
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lower pH where the M-OH sites (M is the coordinating metal) are protonated to form MOH2. At high pH, above their pKa values the M-OH group deprotonates forming
negatively charged species which repels the negatively charged P, resulting in less
sorption.
Ligands coordinated to two metal atoms (bi-dentate ligands) tend to dissociate less
readily than those coordinated to one metal atom (mono-dentate ligands) and hence are
less reactive. Based on co-ordination and overall charge three types of hydroxyl groups
have been identified on metal oxide surfaces. These are the ol, hydroxo and aquo type
hydroxyl groups (Rhue and Harris 1999). The ol groups are bi-dentate with no charge,
while the hydroxo and aquo are mono-dentate with a charge of -1/2 and +1/2
respectively. Assuming the OH group is in octahedral co-ordination with Al and Fe the
aquo group is dominant under acidic condition and is the most reactive of towards P.
Although mono-dentate ligand exchange and hence the formation of a monodentate metal-P complex would be more thermodynamically favorable, infrared (IR)
spectroscopic evidence (Tejedor-Tejedor and Anderson 1990) suggests that P may be
largely sorbed through bi-dentate complexation and only a small amount of P is adsorbed
by mono-dentate complexation. Persson et. al. (1996), suggested that this discrepancy
between thermodynamics and spectroscopic evidence is because the samples used in the
spectroscopy studies were not prepared in accordance to distribution models for surface
species derived from potentiometry or adsorption studies. By using adsorption samples of
P on goethite which represented different points in a distribution diagram obtained from
thermodynamic data in FTIR studies they concluded that P is mostly adsorbed by monodentate complexation.
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Effect of P Species
Like surface speciation, P speciation is greatly dependent on pH. In solution, P can
exist as PO43 -or the protonated species HPO42-, H2PO4- and H3PO4. As pH increases, the
change in dominance of each species coincides with the pKa1, pKa2 and pKa3 of H3PO4
(Figure 1-1) indicating increasing de-protonation with pH. For pH values less than 2 the
tri-protic, uncharged H3PO4 species dominates; between pH 2 and 6 the di- protic, monovalent species H2PO4- dominates; between 7 and 12 the mono-protic, divalent species,
H2PO4- dominates; and above pH 12 the dominant species is the un-protonated, trivalent
PO43-.
Since anions associate more easily with protons and given that the surfaces of
hydr(oxides) are protonated only at low pH values, P is expected to adsorb more readily
at low pH and less readily at higher pH especially above the pKa of the surface sites.
Also, P adsorption is expected to be impeded at higher pH due to competition from OHgroups in solution (Lijklema 1980). Therefore it is unlikely that significant quantities of
monoprotic or unprotonated species of P would be found adsorbed to soils under normal
conditions.
Effect of Competing Anion
Most anions of environmental importance, such as arsenate, phosphate and
chromate, exist as oxyanions in solution. They adsorb very little in humus and their
sorption to mineral surfaces account for their retention in soils. When in solution together
these anions will compete for sorption sites. The competitiveness of an anion is measured
by its selectivity for a particular surface site (McBride 1994). Selectivity is determined by
anion properties such as shared charge and electronegativity. For anions with smaller
shared charge the effective negative charge residing on each O is greater, allowing a

9
greater affinity for the surface. Additionally, the surface-oxyanion bond formed for
smaller shared charge anions tends to be greater for the same reason. For anions with
similar shared charge, electronegativity is used to determine their relative
competitiveness. Anions with smaller electronegativity tend to be more competitive than
anions with similar shared charge but a larger electronegativity. Chromate despite having
similar shared charge, of 1.5, as selenate has been shown to bind more strongly to Fehydr(oxide) at any particular pH.

Figure 1-1. P species in solution.
Based on shared charge and electronegativity only borate (B(OH)4-), silicate
(SiO44), and OH- would be expected to out compete P for sorption sites, but the weak
acidic nature of these groups means that they dissociate at higher pH values and therefore
would only compete with P at higher pH values. Other anions such as NO3, ClO4- and the
halides (except F-) only bind to variable charge surfaces via outer-sphere electrostatic
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bonds and therefore do not inhibit P sorption. Tanada et al. 2003 reported selectivity
values for P 1000 times greater than those for Cl and NO-3 and more than 100 times
greater than those for SO2-4 and CO2-3.
Energetics of P Sorption
The energetics of P sorption is not clearly understood and is surrounded by
conflicting reports. Malati (Malati et al. 1993) in studying P sorption on silicate clays and
a titanium oxide at pH values below their point of zero charge (PZC) reported that P
sorption on these surfaces was endothermic. Hundal (1988) also reported P sorption on
medium clay loam soils to be endothermic. Endothermic P sorption has also been
reported by Mustafa et al. (1990) for sorption onto OH- and Cl- forms of the anion
exchanger, Amberlite IRA-400 and by Chien et al. (1982) on soils. In all cases, sorption
was observed to increase with increasing temperature a trend consistent with endothermic
reactions. The opposite effect of temperature was observed by Froelich (1988) who
reported that P sorption decreased with increasing temperature for suspended sediments
that had reached equilibrium with P solution. Barrow (1983) found that when neither
sorption nor desorption was occurring, on soils incubated for several days at different
temperatures, P concentration in solution increased with temperature. He concluded that
the reverse reaction, sorption, was therefore exothermic. These contradictory results
suggest that equilibration time may be significant in determining whether P sorption is
endothermic or exothermic. Initial sorption may be endothermic but as time increases the
sorption mechanism may become exothermic as suggested by Rhue and Harris (1999).
Contradictions in P sorption energetics may also have arisen from the method of
determination used to describe P sorption. Many times indirect methods, such as
Langmuir based derivations (Mustafa et al. 1990, Malati et al. 1993) or the Clapeyron
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equation (Hundal 1988), rather than direct methods were used to determine energies of
sorption. The problem with indirect methods is that standard conditions often used vary
and may cause discrepancies in the results obtained. Rhue et al. (2002) used flow
calorimetry to measure the direct enthalpy associated, they found that P sorption on soils
and Al-hydr(oxide) was exothermic while precipitation was endothermic. Hundal (1988)
in explaining his results suggested that precipitation may be responsible for the
endothermic P sorption observed.
The major objective of this research was to investigate the effect of Al content on P
sorption characteristics in amorphous co-precipitated Al-Fe hydr(oxide) systems. This
was done through several specific tasks or objectives. Task 1 was to synthesize Al-Fe
hydr(oxides) with Al content ranging between 0-100 mol% via co-precipitation from
solution and then characterizing the hydr(oxides) based on physical and chemical
properties. Task 2 was to determine the P sorption characteristics on each hydr(oxide)
using batch experiments and flow calorimetry. Batch experiments were used to determine
P sorption as a function of time, pH and Al content while flow calorimetry was used to
determine the heats of adsorption and the effect of P sorption on surface charge. The final
task was to use differences in the chemical and physical properties of the hydr(oxides) to
explain differences in P sorption characteristics observed (if any).

CHAPTER 2
SYNTHESIS AND CHARACTERIZATION OF MIXED METAL AL-FE
HYDR(OXIDES)
Introduction
Compounds commonly found in soils are often formed through co-precipitation,
sequential precipitation or agglomeration (Anderson and Benjamin 1990). In addition to
the mechanism by which a compound is formed, the properties of that compound are
often largely dependent upon formation condition such as pH (Blangenois et al. 2004),
temperature (El-Sharkawy et al. 2000) and solution composition. El-Sharkawy (2000) in
his work found that the pore size and pore size variability increases with increase
temperature of formation in Al-Fe co-precipitated system. There is also evidence that the
Al and Fe content in the precipitating solution may influence the particle size distribution,
surface area, the structure as well as the metal distribution of the mixed hydr(oxide)
formed (Anderson and Benjamin 1990, Rodic et al. 2001 and Wolska et al. 1994).
Additionally surface charge and sorption characteristics may be influenced.
Materials and Methods
Synthesis
Mixed-metal hydroxides containing Al: Fe in ratios ranging between 0:1 and 1:0
(0-100 mol% Al) were synthesized through the titration of their respective mixed metal
salt solution with a base. (Throughout this thesis Al:Fe and mol% Al will be used
interchangeably. For metal ratios the first number will always be Al and the second Fe).
Varying quantities of reagent grade Al and Fe chloride salt (Table 2-1) were added
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together in 250mL beakers and dissolved with DDW water to yield Al-Fe mixed-metal
chloride solutions. Each metal chloride solution was then titrated, at room temperature,
against 5M NaOH. This was done through the drop wise addition of the NaOH to the
metal chloride solution, until the pH of the resulting suspension was between 6 and 7. A
magnetic stirrer was used to ensure constant and uniform stirring throughout the titration.
The suspension was then left overnight to allow settling of the precipitate. After settling,
a decanting technique was used to carefully separate the resulting NaCl solution from the
precipitate. The precipitate was then washed several times to remove any remaining salt
in the precipitate. In each washing step, double distilled water (DDW) was added to the
precipitate, the suspension was stirred, centrifuged at 2000 RPM, and decanted.
Following washing, the precipitate was dried for 24 hours at 70 ºC. The dried precipitate
was then crushed using a mortar and pestle and sieved through a 150 micron sieve. The
resulting powder was stored in 20 mL plastic vials at room temperature for use in
characterization, batch, and calorimetric studies.
The quantity of each metal salt used to make the salt solution was dependent on the
dominant metal in the hydr(oxide) and the mass of powder targeted. For the pure Al (1:0)
and Fe(0:1) hydr(oxides), where a mass of 1g of hydr(oxide) was targeted, an equivalent
mass of the respective metal chloride salt sufficient for 1g of hydr(oxide) was used. For
the mixed hydr(oxides), where target mass was between 1 and 2g the dominant metal
dictated the total quantity of each salt used. For an Al dominated hydr(oxide) a mass of
Al chloride salt containing at least 1g of Al is added. The quantity of iron is then
proportioned accordingly to ensure that the desired Al: Fe ratio and mol% Al is achieved
at pH 6-7, since maximum precipitation is expected at these pH values. The opposite was
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done for Fe dominated hydr(oxides). For the 1:1 (50 mol% Al), where neither of the
metals was dominant, the mass of Al and Fe chloride salt used was calculated to give an
equal Al and Fe molar composition while ensuring a mass above 1g.
Table 2-1. Mass of salt used and expected Al content in hydr(oxides)
AlCl3.6H20 FeCl3.6H20 Al content
Sample ID
Expected
(g)
(g)
(mol)
(molar ratio)
Al content
(mol%)
0:1
0
4.83
0
1:10
9.1
0.44
4.83
0.0018
1:5
16.7
0.87
4.83
0.0036
1:2
33.3
2.16
4.83
0.009

0.018
0.018
0.018
0.018

1:1
2:1
5:1
10:1
1:0

0.0185
0.0185
0.0074
0.0037
0

50.0
66.7
83.3
90.9
100

4.47
8.94
8.94
8.94
8.94

5.00
5.00
2.00
1.00
-

0.0185
0.037
0.037
0.037
0.037

Fe content
(mol)

Scanning Electron Microscopy (SEM)
Scanning electron microscopy (SEM) uses a finely focused beam of electrons to
irradiate the sample being observed. When the beam is radiated onto the sample,
characteristic signals (eg. x-rays) are released. The intensity of the signals released will
depend on the shape, chemical composition and crystal orientation of the irradiated
volume. When analyzed, these signals can be used to give structural and elemental
information about the sample being examined (Goldstein et al. 2003).
The SEM is often fitted with accessories that can analyze different signals. When
fitted with an energy dispersive spectrometer (EDS) and an electron probe microanalyzer, SEM can provide a rapid evaluation of the elemental constituents of a sample.
The EDS and electron probe micro-analyzer detects x-rays of elements above atomic
number 4 at typical beam currents used for secondary electron imaging. The output
information from the EDS is both qualitative and quantitative, but the quantitative data is
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more safely regarded as semi-quantitative. The detection limit is usually between 10003000 mg/L.
With SEM, the sample is analyzed non-destructively, under vacuum with a spatial
resolution of 1µm. Lateral resolution ranges between 10 and 50 nm and depth resolution
from 1-1000 nm depending on the type of signal and the mode of operation. A low
voltage mode of operation uses an accelerating voltage ≤5kV to irradiate the sample and
is used in close-to-surface analyses (1-5 nm). For depths greater than 5nm, accelerating
voltages ranging between 10 and 30kV are usually required. Accelerating voltages of
these magnitudes are characteristic of high voltage modes of operation and produces
output that is of higher resolution than those obtained in low voltage mode.
The quality of the output is also largely dependent on the time of analysis used for
a sample. The longer the time of analysis, the better the quality and resolution of the
output. For qualitative analyses a time of 10-100s is required. For quantitative analyses
and mapping the required time is 100-500 and 1000-10000 s, respectively.
SEM was employed in this research to determine the morphology of the
hydr(oxides) and the distribution of Al and Fe throughout each sample. Before being
analyzed, hydr(oxide) samples were mounted onto carbon mounts with a maximum of 5
samples per mount. Samples were mounted as drops of suspensions. The liquid was dried
leaving the powder particles fixed to the surface of the mount. In mounting the samples,
2-3 mg of hydr(oxide) powder were suspended in approximately 2 mL of DDW and
shaken to maintain even distribution of particles. A drop of the resulting suspension was
then placed on the carbon mount and allowed to air-dry for 24 h. During this time the
mounts were partially covered to prevent contamination of the samples. A carbon-based

16
coating of vaporized graphite was then placed over the mounted samples to reduce
charging effects and increase conductivity during analysis.
Samples were examined using a Jeol Scanning electron microscope (JSM 6400) at
accelerating voltages of 10, 15 and 20kV. Analyses were initially done using an
accelerating voltage of 15kV, but results were consistent with the formation of solid
solution or surface precipitation. To get an idea of the process that is more likely
occurring a thin film on a substrate method (p 454-465, Goldstein et al. 2003) was
employed. Accelerating voltages of 10kV and 20kV were used. Because sample
penetration depth varies with accelerating voltage it would be expected that if surface
precipitation dominated, the relative concentration of one the metals would vary
disproportionately with accelerating voltage. If a solid solution is formed however there
would be no relative change in concentration relative to depth or accelerating voltages,
assuming signals are kept proportional. An image, EDS and Al-Fe dotmap were
generated for each sample, at each accelerating voltage. The image was used for
qualitative observations (morphology) while the EDS and dotmap were used to determine
the relative distribution of Al and Fe at the surface and interior of the particle. Images
were done at magnifications of x1400 (for 10kV and 20kV) and x1000 (for 15kV), while
EDS and dotmaps were done at x10000. The area for scanning was chosen so as to ensure
a representative distribution of particle sizes and minimal charging effects.
X-ray Diffraction
X-ray diffraction (XRD) analysis, like EDS, is semi-quantitative and is used in
determining the structure of a sample. Additionally XRD is used in the identification of
crystalline phases in solid (powder) samples. The technique is based on the diffraction of
x-rays on a crystal lattice and assumes that every crystalline phase has a characteristic x-
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ray diffraction (fingerprint), which can be used in its identification. X-ray diffraction was
used to determine the structure of the different mixed-metal hydr(oxides) and to identify
any Al or Fe crystalline phases present.
Because the samples were needed for batch and flow sorption studies nondestructive dry powder XRD was used. Samples were mounted as dry powder onto
aluminum powder mounts and analyzed using a Nicolet x-ray diffractometer with a
CuKα beam at 35kV and 20 mA. The resulting diffractograms were then observed for
crystalline phases of Al or Fe attributable to the hydr(oxides).
Particle Size Distribution
Particle size distribution in the hydr(oxides) was determined with a Beckman
Coulter particle size analyzer (LS13320) at a standard obscuration of 8-12% and 40-50%
polarization intensity differential scattering (PIDS) and laser loading rate respectively.
An alumina in water optical model was used with an analysis time of 90 seconds per
sample for two replicates, rinsing between each run. Before analysis 10-20 mg of
hydr(oxide) was suspended in DDW water and sonicated for two minutes to ensure
particles are not agglomerated. The sonicated suspension was then loaded into the
instrument with a pipette to the desired obscuration and analyzed. A pump speed of 75%
percent was used to prevent settling of larger particles during analysis.
Chemical Composition
Al and Fe content were quantitatively determined through acid digestion of
hydr(oxide) samples and analysis of the digest for the respective metal using atomic
absorption spectrometry. Two- three mg of each sample were placed into 2 mL glass
vials and 3-4 drops of hydrochloric acid added to dissolve the hydr(oxide) which is
insoluble in water but soluble at low pH. The total volume in each flask was then made
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up to about 1.5mL with DDW water, capped and placed in boiling water for 20-30
minutes to complete digestion. After complete digestion, flasks were allowed to cool to
room temperature and the solution transferred to 25 mL volumetric flasks. The solution
was subsequently brought to volume (25mL) with DDW water and then analyzed for Al
and Fe concentration using a Varian atomic absorption spectrometer (SpectraAA 220FS).
Results and Discussion
Qualitative Observations
When uncrushed, the mixed metal hydr(oxides) all had a characteristic brown color
(inherited from the iron) and were indistinguishable from each other. The only exception
was the 10:1 mixture for which, in addition to the brown color, streaks of lighter colored
material could be seen layered between the darker material. Separation and acid digestion
of the two phases showed that the dark material was an Al-Fe phase with Al:Fe ratio of
5:1, while the light colored material was almost purely Al with an Al:Fe ratio of 20:1.
This suggests that for ratios above 5:1, the solid consists of a mixed Al-Fe phase as well
as a pure Al phase.
Crushed samples were easily distinguishable by color and texture. As the Al:Fe
ratio increased the color of the hydr(oxide) became paler. Also the texture of the
hydr(oxides) had a more silt-like powder feel with increased Al:Fe. Low Al:Fe
containing hydr(oxides) were more granular and coarse textured.
SEM Analysis
Elemental dotmaps (Figures 2-1 to 2-18) showed a close intra particle association
between Al and Fe for all hydr(oxides). This was indicative of the formation of a solid
solution or the surface precipitation of one metal onto the other. Solid solution formation
in mixed metal Al-Fe oxides has been reported by Mani and Rao (1982) and Wolska et
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al. (1994) but only at Al content of ≤10 mol% (Al:Fe of 1:9) and or high temperatures
much greater than the 70ºC maximum used in the synthesis of these hydr(oxides). Except
for the 1:10 mixture (9.1 mol%), the Al:Fe content of all the hydr(oxides) exceeded the
limit for solid solution formation as suggested by Wolska et al.
Solid solution formation in Al-Fe hydr(oxides) is also unlikely based on chemical
and solubility criteria. Although Al and Fe have very similar atomic radii (0.05nm and
0.06nm respectively) and could be easily substituted for each other into the hydr(oxide)
structure, as in isomorphous substitution, it is unlikely that they would form a solid
solution as they have very different solubility constants (Kso) in hydr(oxides) (Fe = 10-39
and Al= 10-31) (McBride, 1994). This difference in solubility constants would mean that
the distribution co-effiecient for these metals in a solid would vary significantly from 1
and therefore they should not form a homogeneous compound together. The different
pHs at which these metals precipitate also casts doubt on the formation of a solid solution
as Fe tends to precipitate at lower pH values and therefore would precipitate before the
maximum precipitation pH ( 6-7) for Al is reached.
The lower precipitation pH as well as the lower Kso for Fe hydr(oxides) would
suggest that if surface precipitation is the major process involved in the formation of
these mixed metal hydr(oxides) the most likely scenario would be a precipitation of Al
onto the surface of the Fe. This precipitation would therefore concentrate the Fe toward
the interior of the particle and the Al to the exterior.
The comparison of dotmaps and EDSs (Figure 2-12 to 2-18 ) obtained at 10kV and
20kV indicates that surface precipitation may well be the process by which these mixed
metal hydr(oxides) are formed, especially above 1:10 Al:Fe ratio. At the lower
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accelerating voltage (Figure 2-16 b and d), 10kV, all samples showed a greater intensity
and relative amounts of Al compared to Fe in the dotmaps and EDSs respectively. With
increased accelerating voltage (Figure 2-16 c and e) however, and hence increase depth
of penetration into the sample, a disproportionate increase in Fe intensity (from dotmap)
and relative amounts (from EDSs) compared to Al were observed suggesting that there is
a greater concentration of Fe in the interior of the particle relative to the surface.
The dotmaps and EDSs also showed that at 10kV (Figure 2-14b,d to 2-18 b,d), as
Al:Fe ratio increases in the hydr(oxides) the intensity and relative amounts of Fe detected
decreases. This lowering of the intensity and relative amounts of Fe detected at constant
accelerating voltage, and hence constant depth of penetration, suggests an increase in
thickness of the Al coating as Al content is increased.
Although the SEM results suggested a surface precipitation of Al onto Fe it is
worth mentioning that there are several things to be considered before a definitive
conclusion can be made. The first is based on the energetics of Al relative to Fe. The fact
that Fe characteristic radiation is more energetic than that of Al means that at higher
accelerating voltages (deeper penetration depths) Fe is more likely to emerge from the
particle relative to Al radiation, thereby resulting in a disproportionate increase in the
EDS peaks of the Fe relative to the Al. Whether this effect was significant or accounted
for the increase in Fe relative to Al seen in the hydr(oxides) with increasing accelerating
voltage is unclear but is worth taking into consideration. The second thing to consider is
the fact that it is not clear at what scale (nanometer or micrometer) Al precipitation onto
an Fe-rich core is likely occurring since the particles are likely to be aggregates rather
than discrete particles since the hydr(oxide) powders were obtained by crushing the dried
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precipitate. Additionally, based on optics, if the particles had a discrete inner Fe core
surrounded by Al, observation of the particles under transmitted light (assuming
precipitation of Al was occurring at the micrometer level) should reveal an opaque inner
core with bright edges since the Fe would absorb the light and Al would transmit it. This
was however not seen upon observation of 1:1 hydr(oxide) particles under a light
microscope. Instead the particles looked uniform. Although this was largely scale
dependent it is worth considering and may suggest that precipitation may be occurring at
the nanometer scale. The use of a more definitive method such as x-ray photoelectron
spectroscopy would be useful in confirming the SEM results. Observing the EDS results
for Al and Fe in a crystalline material such as biotite under the same SEM conditions
used may also be helpful.
The presence of an Al phase detected at the 10:1 ratio (90.9 mol% Al) (Figure 2-9),
probably corresponded to the light colored streaks observed in the uncrushed samples,
supporting the suggested phase change above Al:Fe ratio of 5:1. In addition, these results
suggest an increase in thickness of the coating of Fe by Al between 1:1 and 5:1 Al:Fe
content. A closer look at the dotmaps in Figures 2-4 and 2-5 suggests that full coating of
the Fe by Al is not reached until the Al:Fe ratio is 1:1. Above 1:1 there may be a
precipitation of Al onto Al resulting in the increase in the thickness of the Al coating on
Fe detected in Figures 2-15b to 2-18 b. The Al coating for 5:1 Al:Fe maybe 5 times as
thick as that of 1:1 since for a single layer precipitate it would be expected that the phase
change occur at an Al:Fe ratio of 1:1 rather than 5:1.
Although the suggestion of a multilayered type coating process of Fe by Al might
be new, the presence of a pure Al phase in the study of mixed-metal Al-Fe oxides has
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been observed by Korecz (1972) and Wolska (1994). Wolska while using infra-red
spectroscopy to study the mechanism of Al for Fe substitution in mixed Al-Fe oxides
with a maximum 12 mol% Al observed that as Al content increases above 10 mol%,
increased amounts of bayerite could be detected. Korecz in using mossabauer
spectroscopy to study the incorporation of iron into the structure of corundum reported
that for 9:1 Al-Fe oxides only lines characteristic of corundum could be detected. From
there he suggested an incorporation limit for Fe into corundum of 5:1 Al:Fe.

(a)

(b)

Figure 2-1. Images (x1000) of (a) Al-hydr(oxide) (b) Fe-hydr(oxide) at 15kV

(a)

(b)
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(c)
Figure 2-2. Distribution of Al and Fe in 1:10 hydr(oxide) as determined by SEM at 15kV.
(a) image (x1000) (b) EDS (c) Al-Fe dotmap.

(a)

(b)

(c)
Figure 2-3. Distribution of Al and Fe in 1:5 hydr(oxide) as determined by SEM at 15kV.
(a) image (x1000) (b) EDS (c) Al-Fe dotmap. Nb. NaCl coating masking
hydr(oxide) causing distortion in map and image.
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(a)

(b)

(c)

Figure 2-4. Distribution of Al and Fe in 1:2 hydr(oxide) as determined by SEM at 15kV.
(a) Image (x1000) (b) EDS (c) Al-Fe dotmap.
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(a)

(b)

(c)

Figure 2-5. Distribution of Al and Fe in 1:1 hydr(oxide) as determined by SEM at 15kV.
(a) Image (x1000) (b) EDS (c) Al-Fe dotmap.
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(a)

(b)

(c)

Figure 2-6. Distribution of Al and Fe in 2:1 hydr(oxide) as determined by SEM at 15kV.
(a) Image (x1000) (b) EDS (c) Al-Fe dotmap.
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(a)

(b)

(c)
Figure 2-7. Distribution of Al and Fe in 5:1 hydr(oxide) as determined by SEM at 15kV.
(a) Image (x1000) (b) EDS (c) Al-Fe dotmap.
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(a)

(b)

(c)
Figure 2-8. Distribution of Al and Fe in 10:1 hydr(oxide) as determined by SEM at 15kV.
(a) image (x1000) (b) EDS (c) Al-Fe dotmap.
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(a)

(b)

(c)
Figure 2-9. Distribution of Al and Fe in suspected Al rich area for 10:1 hydr(oxide) as
determined by SEM at 15kV. (a) Image (x1000) (b) EDS (c) Al-Fe dotmap.
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(a)

(c)

(b)

(d)

Figure 2-10. Metal distribution in Fe-hydr(oxide) as a function of accelerating voltage.
(a) image(x1400) (b) dotmap (c) EDS at 10kV (d) EDS 20kV.
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(a)

(b)

(a

(c)

(d)

Figure 2-11 . Metal distribution in Al-hydr(oxide) as a function of accelerating voltage.
(a) image(x1400) (b) dotmap (c) EDS at 10kV (d) EDS 20kV.
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(a)

(d

(b)

(c)

(d)

(e)

Figure 2-12. Metal distribution in 1:10 hydr(oxide) as a function of accelerating voltage.
(a) image(x1400) (b) Al-Fe dotmap at 10kV (c) Al-Fe dotmap at 20kV (d)
EDS at 10kV (e) EDS 20kV.
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(a)

(b)

(c)

(d)

(e)

Figure 2-13. Metal distribution in 1:5 hydr(oxide) as a function of accelerating voltage.
(a) image(x1400) (b) Al-Fe dotmap at 10kV (c) Al-Fe dotmap at 20kV (d)
EDS at 10kV (e) EDS 20kV.
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(a)

(b)

(c)

(d)

(e)

Figure 2-14. Metal distribution in 1:2 hydr(oxide) as a function of accelerating voltage.
(a) image(x1400) (b) Al-Fe dotmap at 10kV (c) Al-Fe dotmap at 20kV (d)
EDS at 10kV (e) EDS 20kV.
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(a)

(b)

(c)

(d)

(e)

Figure 2-15. Metal distribution in 1:1 hydr(oxide) as a function of accelerating voltage.
(a) image(x1400) (b) Al-Fe dotmap at 10kV (c) Al-Fe dotmap at 20kV (d)
EDS at 10kV (e) EDS 20kV.
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(a)

(b)

(c)

(d)
(e)
Figure 2-16 . Metal distribution in 2:1 hydr(oxide) as a function of accelerating voltage.
(a) image(x1400) (b) Al-Fe dotmap at 10kV (c) Al-Fe dotmap at 20kV (d)
EDS at 10kV (e) EDS 20kV.
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(a)

(b)

(c)

(d)

(e)

Figure 2-17 . Metal distribution in 5:1 hydr(oxide) as a function of accelerating voltage.
(a) image(x1400) (b) Al-Fe dotmap at 10kV (c) Al-Fe dotmap at 20kV (d)
EDS at 10kV (e) EDS 20kV.
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(a)

(b)

(c)

(d)

(e)

Figure 2-18 . Metal distribution in 10:1 hydr(oxide) as a function of accelerating voltage.
(a) Image(x1400) (b) Al-Fe dotmap at 10kV (c) Al-Fe dotmap at 20kV (d)
EDS at 10kV (e) EDS 20kV.
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X-ray Diffraction Analysis
X-ray diffractograms (Figure 2-19) showed no diffraction peaks characteristic of Fe
or Al hydr(oxide) compounds. The peaks observed were attributable to the presence of
NaCl from synthesis and aluminum from the mount used. The absence of any Al or Fe
hydr(oxide) peaks indicate that all the synthesized hydr(oxides) were amorphous in
nature.
A region of higher intensity material (between 2θ values of 5 and 14 degrees) was
observed in the diffractogram of the 10:1 hydr(oxide) (Figure 2-19). This was only
observed in 5:1 and 1:0 samples that had been aged for three months (Figure 2-20). The
higher intensity suggests that the material in this region is more ordered (has more
structure), compared to the lower intensity material. The fact that this was only observed
in the higher Al containing hydr(oxides) indicates that it is related to the structure of Al in
these materials. Carim et. al.(1997), in studying the conversion of diaspore to corundum
observed that both these phases contained only octahedrally co-ordinated Al. Nuclear
magnetic resonance data of an intermediate transitional compound however, showed that
Al was occupying both octahedral and tetrahedral positions. This was correlated to higher
intensities observed in the x-ray reflections of the same compound. Rodic et. al (2001), in
studying the cation distribution in a range of sintered mixed-metal hydroxides with
varying Al:Fe ratio, concluded that Fe preferentially occupies the octahedral positions,
while the smaller Al ions preferentially occupy the tetrahedral positions.
The higher intensity material observed in the freshly precipitated 10:1 hydroxide
material may, therefore, be attributed to tetrahedrally co-ordinated aluminum. In addition,
since it is observed in freshly precipitated hydroxides, it suggests that in these mixed
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metal systems an Al:Fe ratio of 10:1 and greater may enhance crystallization of Al
minerals.

Figure 2-19. X-ray diffractograms of freshly precipitated mixed-metal hydr(oxides).
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Figure 2-20. X-ray diffractograms of mixed-metal hydr(oxides) three months after
synthesis. Notice the development of higher intensity regions in 5:1, 10:1 and
Al.

Metal Content
Measured Al content in synthesized hydr(oxides) were consistent with targeted Al
content (Figure 2-21) indicating that the method used to prepare the hydr(oxides) was
efficient.
Total metal content (Figure 2-22) showed a linear decrease with increasing Al
content, from 65% for 0:1 (0 mol% Al) to 30% for 1:0 (100 mol% Al). This decrease
may be attributed to increase in water associated with the structure of the hydroxide, or
increased hydroxylation as Al content increases. Mani et. al.(1982), suggested that due to
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Figure 2-21. Aluminum content of hydr(oxides).
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Figure. 2-22. Total metal content of mixed-metal hydr(oxides)
capillary condensation and the colloidal nature of the hydr(oxides) high temperatures are
required to remove water from the interior of these materials. Using DTA he
recommended that a temperature of 170ºC was sufficient to remove the bound water in
the pure iron oxide. Higher temperatures are, however, required to remove water from
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Al-hydr(oxides). The different types of water associated with Al are removed at different
temperatures. Bound and constitutional waters are removed at 120ºC and 260ºC
respectively. El-Sharkawy et. al. (2000), ascribed endothermic peaks observed on the
DTA of co-precipitated Al-Fe hydr(oxides) to the sequential removal of physisorbed,
bounded and constitutional water. These peaks were observed at 100, 134 and 177ºC
respectively. The drying temperature 70ºC used for the hydr(oxides) in this study, was
probably only sufficient to remove the physisorbed and could therefore, account for the
variability in metal content observed in the hydr(oxides).
Particle Size Distribution
Particle sizes of up to 60 µm were observed in the 1:0 (100 mol% Al) and >140µm
for all other samples. The distribution of particles over the size ranges (Figure 2-23)
indicate that most of the particles are less than 100 µm (100% for Al hydr(oxide) and >
70% for the others). The similarities in the shape of the particle size distribution for Fe
and the mixed hydr(oxides) indicate that of the two metals Fe is controlling the particle
size. Figure 2-24 shows that as Al content is increased there is a reduction in the <40 µm
particle size fraction from 60% - 45% and an increase in the > 80 µm fraction. The 60-80
µm fraction remained constant at 15% irrespective of Al content. The increase in the
larger particle size fraction is possibly due to precipitation of Al onto Fe hydr(oxide)
particles.
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Figure 2-23. Particle size distribution in mixed-metal hydr(oxides).
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Figure 2-24. Variation in particle size fraction with Al content

45
Conclusions
Co-precipitation of Al and Fe from solution resulted in structural as well as
textural differences in the resulting mixed-metal hydr(oxides) relative to pure Al or Fe
hydr(oxides). The process of formation of these mixed-metal hydr(oxides) is consistent
with a surface precipitation of Al-rich hydr(oxide) material onto Fe-rich hydr(oxide)
material. The morphology and particle size distribution of these mixed metal
hydr(oxides) was dictated by Fe. The degree of Al coverage is likely dependent on the
Al:Fe molar ratio in the mixed hydr(oxide) with partial coverage occurring below 1:1,
full coverage at 1:1, and increase in thickness of the layer thereafter up to 5:1 above
which there is a separation of phases, resulting in the formation of a pure Al phase in
addition to the typical Al-coated Fe-rich phase. The separation of phases was
accompanied by the appearance of structure in the 5-14 2θ region of the x-ray
diffractograms which was interpreted as a shift in co-ordination of the Al atoms from
octahedral to tetrahedral. This is indicative of an increase in structural development
preliminary to crystallization of the Al-Fe hydr(oxide).

CHAPTER 3
BATCH P SORPTION ON MIXED-METAL HYDR(OXIDES)
Introduction
Batch experiments are the most commonly used method for studying sorption
reaction kinetics on soils and their components. In this technique a known mass of soil
(or soil component), from hereon referred to as the adsorbent, is placed in containers with
a known volume of adsorptive solution. The resulting adsorbent-adsorptive suspension is
then allowed to equilibrate at constant pressure and temperature for different time
intervals. During each time interval the suspension is kept constantly mixed or stirred to
achieve maximum adsorbent-adsorptive interaction. At the end of a time interval the
suspension is filtered or centrifuged and the supernatant analyzed for the concentration of
adsorptive. The difference between the input adsorptive concentration and the
supernatant adsorptive concentration is taken to be the sorbed concentration. A plot of
sorbed concentration over time is then generated for different time intervals. This plot can
be used to determine kinetic parameters for a reaction.
In addition to determining kinetic parameters, batch experiments are often used to
describe the interaction of an adsorptive with an adsorbent (Sparks 1995). The procedures
are essentially the same as described above except that only one equilibration time is used
with varying input adsorptive concentration. The resulting plot is an adsorption isotherm
of sorbed concentration as a function of input adsorptive concentration. The shape of the
plot is indicative of the affinity between the absorbent and absorptive.
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Traditionally there are some concerns about batch experiments (Sparks 1995).
There may be changes in solid: solution ratio particularly if one container is used for
several equilibration times with aliquots of the suspension being removed at each
interval. For quick reactions there is also concern that the reaction might be completed
before measurements can be made. Too much or too little mixing may cause changes in
the surface area of adsorbent or influence mass transfer and transport processes. Another
major concern is that released species are often not removed and may cause interferences
in the reactions.
Batch experiments were used in this research to investigate and compare P sorption
characteristics on Al-Fe mixed metal hydr(oxides) with varying Al:Fe ratios at room
temperature (25±3ºC). P sorption as a function of time, pH and Al: Fe ratio was
determined for each hydr(oxide). All experiments were carried out at a constant
concentration of P and solid: solution ratio of 100 mg/L and 1:1000 respectively. The P
solutions were made by dissolving 0.439 g of K2HPO4 in 1L of 50mM KCl.
Material and Methods
P Sorption as a Function of Time
P sorption was observed as a function of time at seven equilibration intervals over a
24 h period. Ten mg of each hydr(oxide) were placed in seven 20 mL plastic scintillation
vials (one per time interval) and 10 mL of 100 mg/L P solution (pH 4.83) added. The
scintillation vials were then capped and allowed to equilibrate on a reciprocal stirrer. At
intervals of 1, 2, 3, 8, 10, 20 and 24h a scintillation vial for each hydr(oxide) was
removed from the stirrer. The hydr(oxide)-P suspension was then immediately filtered
through 0.45 µm syringe filters and 100 µl of the supernatant transferred to a 30 mL
Pyrex tube. The transferred supernatant was then dried in the oven at 70ºC brought to a
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volume with 5 ml molybdate solution and analyzed for P. Sorbed P concentrations were
subsequently determined and plotted against time.
P Sorption as a Function of pH and Al:Fe Content
The effect of pH on P sorption on each hydr(oxide) sample was investigated by
varying the pH of the P solution equilibrated with the hydr(oxides). The pH values of P
solutions used were 3.3, 4.8, 6.1, 7.2 and 8.5. Solution pH values were obtained by
adjusting the pH of the P solution (pH 4.8) through the drop wise addition of NaOH (to
increase pH), or HCl (to decrease pH). Ten mg of each of the hydr(oxides) were then
placed in each of five 20 mL plastic vials (one vial per pH value) and 10mL of P solution
added. The resulting suspension was allowed to equilibrate at a constant stirring rate on a
reciprocal stirrer for 24 h after which it was removed, filtered, and a 100µl aliquot of the
supernatant transferred to a 30 mL Pyrex tube, dried and analyzed for P.
P Analysis
All P analysis throughout the research was done using the molybdate blue method
of Murphy and Riley (1962). Molybdate reagent solution (reagent B) was made by
dissolving 1.5 g of L-ascorbic acid in 100mL of an acid-molybdate solution (reagent
A)and brought to a volume of 1 L with DDW. 5mL of the reagent B was then added to
each of the pyrex tubes containing the dried P supernatant, shaken and left to allow full
development of the blue color. The intensity of the blue color developed in each tube was
then compared to that developed in standards that were derived from 0.5 mL of 0, 1, 2, 3,
4, 5 mg/L P. Tubes with a more intense blue color than that seen in the 5 mg/L standard
were diluted by factors of 5, 10, 20 or 1000 (for extremely blue colors) with reagent B
until the intensity of the color was less than that seen in the 2.5 standard.

51
Following color development and dilution of supernatant samples (where
necessary) analysis was carried out on a Bausch and Lamb (Spectronic 100) spectrometer
at a wavelength of 880 nm. Absorbance values obtained were subsequently converted to
concentration values using the equation of the standard curve (Figure 3-1).
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Figure 3-1. Standard Curve for P standards
Sorbed P Determination
To determine the amount of P sorbed (ug P/mg ) to each hydr(oxide), the
concentration of P in the supernatant values were converted to mass of P in the
supernatant, by multiplying the concentration by the dilution factor used in P analysis.
This resulting mass (ug) was subsequently subtracted from 1000 ug, the mass of P in 10
mL of the 100 mg/L P solution, to yield the mass of P sorbed (ug). By further dividing
the mass of P sorbed by the mass (mg) of hydr(oxide) used the amount of P sorbed was
obtained. To account for the water in the structure of the hydr(oxides), the amount of P
sorbed was expressed based on the metal content ie. ug P/mg of metal. This was done in
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all sorption experiments except the sorption as a function of time study which kept the
units of ug P/mg of hydr (oxide). Conversion to ug P/mg of metal was done by dividing
ug P/mg of hydr (oxide) by the percent metal content.
Results and Discussions
P Sorption as a Function of Time at Fixed pH
The amount of P sorbed showed a relative increase over time for all hydr(oxides)
(Figure 3-2) over the 24 h time period. The rate of increase (Figure 3-3) however, began
to decline exponentially after about 1h becoming constant after about 10 h. This type of
rate change suggests a change in sorption mechanism from a quick sorption process in the
first hour of equilibration to a slow diffusion type mechanism thereafter. This is typical of
P sorption on hydr(oxide) surfaces and is thought to be due to a quick ligand or ion
exchange sorption process (in the first hour) which eventually slows down as pore size
and therefore accessibility to sorption sites decreases, requiring P to move deeper into
the interior of the hydr(oxide) particle.
Despite, the rapid decrease in P sorption rate there was no point at which the rate of
sorption was observed to be zero, indicating equilibrium or sorption max. Instead an
asymptotic decrease towards zero was observed (Figure 3-3) indicating that sorption was
continuing at a slow but constant rate. This suggests that conditions of solid: solution
ratio, P concentration and equilibration times used in the experiment were insufficient to
cause saturation of the P sorption sites and subsequently equilibrium on the hydr(oxides).
The presence of numerous increasingly smaller pores (Willet et al., 1988) in the
amorphous hydr(oxides), providing additional surface sites for P sorption, are likely the
reason for the length of the slow phase. As these pores decrease in size and accessibility,
the time taken for the P molecule to reach the sorption sites increases and hence, the rate

53
of P sorption decreases towards zero, accounting for the more or less constant P sorption
rate observed after 10h.
From a practical standpoint, despite being important in understanding the trend
which P follows when being sorbed to hydr(oxides) and long-term evaluations, the slow
P- sorption phase may be unimportant on a rate of P sorption (removal) basis. For
example, on average, 80% of the total P (Figure 3-4) that was sorbed in 24 h on all
hydr(oxides) was sorbed in the first hour of equilibration. For the next 23 hours only 20%
of the total was sorbed. In fact by the tenth hour of equilibration 98% of the 24 h max
was already sorbed.
P sorption also showed a general increase with Al:Fe ratio. The similarity in the
shape of the curves (Figure 3-2), particularly during the slow phase of P sorption, indicate
that P has similar access to sorption sites on all hydr(oxides) and suggests that the
distribution of pore sizes and hence internal surface area are also similar irrespective of
Al:Fe ratio. It is therefore unlikely that diffusion effects are a significant contributor to
the differences in sorption observed in these hydr(oxides). The increased sorption with
Al:Fe ratio was therefore more likely due to the type of sorption site present and or the
external surface area of the hydr(oxides). The type of sorption site is unlikely to account
for the difference seen because as discussed in chapter 1, the surface of these
hydr(oxides) tend to be Al rich and therefore sorption will likely occur on Al-OH type
sites initially and later Fe-OH type site. The most probable explanation is an increase in
external surface area with Al:Fe ratio arising from an increasing proportion of smaller
sized particles. This is supported by particle size data and believed to be due to dispersing
effect of soluble Al species on Fe during co-precipitation (Anderson et. al 1990 a).
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P Sorption as a Function pH on Different Hydr(oxides)
It is important to note that P sorption in this section is presented as µg/ mg of metal
rather than µg /mg of hydr(oxide). This was done to eliminate the effect of variable water
content in the solid. P sorption on all hydr(oxides) decreased with increasing pH(Figure
3-5 a, b). The decrease was more or less linear over the pH range studied with inflection
points occurring at pH 6 and 7 for Al:Fe ratio below and above 1:1 respectively. P
sorption decreased significantly at pHs above these points, as shown by the sharp
change in slope thereafter (Figure 3-5). The points also corresponded well with reported
pKa1 values for Fe-OH (6.5) and Al-OH (7.5) (McBride, 1994) and is believed to
represent a shift in the type of the sorption sites on the solid’s surface towards less
reactive hydroxyl groups. Under the experimental conditions of this study the shift in
sorption would most probably reflect a shift from the more reactive aquo (M-OH2+) to the
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less reactive hydroxy (M-OH) group, where M is either Al or Fe. Additionally, changes
in surface charge may at least account for a portion of the reduction in sorption observed
over the pH range particularly between pH 6 and 9. At these pH values the system is
essentially at the PZC values for the Fe-OH (7.5) and Al-OH (9.0) (McBride, 1994) and
hence the surface charge on the solids is close to neutrality or negatively charged
resulting in repulsion of the negatively charged phosphate ions.
There is also indication that sorption remains essentially constant between pH 5
and 7 on the 2:1, 5:1 and 10:1 hydr(oxides) (Figure 3-5 b). The reason for this is unclear
but is possibly due to increase structural organization in these hydr(oxides) compared to
the others. As suggested earlier based on XRD data there was an increase in structural
development with Al content in the mixed hydr(oxides). This structural development may
increase the solids ability to resist pH change effects at least within this pH range. Work
done by Dominik et al. (2002) and Wells et al. (2001) on the dissolution of mixed Al-Fe
oxides showed that the rate of dissolution was negatively linearly related to Al content
indicating a decrease in dissolution with increase Al content. Wells ( 2001) found that the
rate was directly related to the surface area. Additionally they concluded that the results
were influenced directly by metal-oxygen bond energy and crystallinity, and indirectly by
crystal size and shape resulting from association between Al and Fe.
Figure 3-6 shows the percent loss in sorption with Al content at each pH value.
These values were calculated by taking sorption at pH 3 on all hydr(oxides) to be O%
loss. Difference in sorption, calculated as percent, between pH 3 and each of the other pH
values were then taken to be the loss in sorption up to that pH value. The results indicate
that at a given pH, loss of sorption on the mixed hydr(oxides) decreases with increasing
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Al content. Additionally, up to 80% of the sorption was shown to have been lost over the
entire pH range for the hydr(oxides) with less than 50 mol% Al compared to around 5060% losses for hydr(oxides) with a greater Al content. Interestingly, 25-30% of the
overall loss was found to occur around the pH values where the inflection points occurred
(Figure 3-5). This corresponded to pH 6-7 for an Al content less than 50 mol% and pH 78 for greater than 50 mol% Al. This also indicates that sorption characteristics were
largely controlled by the properties of the hydr(oxides). For hydr(oxides) below 50 mol%
Al there is only partial coverage of Fe by Al, hence the Fe-OH sites are the dominant type
of sites on these surfaces. Sorption characteristics in these hydr(oxides) under the
experimental conditions used are therefore influenced by the properties of Fe-OH2+
which has a pKa1 of 6.5, hence accounting for the great loss in sorption between pH 6 and
7 for these hydr(oxides). For hydr(oxides) containing more than 50 mol% Al full coating
of the Fe by Al is achieved. The surface is therefore dominated by Al type sites, in this
case Al- OH2+ which has a pKa1 of 7.5 and accounting for the loss in sorption between pH
7 and 9.
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P Sorption as a Function of Al Content at Different pH
To account for variability in water content P sorption in this section was also
expressed on a per mg of metal basis. P sorption showed a general increase in sorption
with increasing Al content at all pH values. Sorption of up to 180 µg/mg was obtained
(Figure 3-7) for the pure Al hydr(oxide) (100 mol%) which was twice that observed for
the highest mixed hydr(oxide) (90.9 mol%) and four times that observed in the pure Fehydr(oxide) (0 mol%). This trend was the same at all pH values and is most likely due to
differences in the number of sorption sites arising from differences in surface area and
particle size distribution.
The increase in sorption with Al content was strongly non-linear, particularly at pH
values below 8.5, and was best described by a 4 factor polynomial model (Figure 3-7).
The model had 3 points of local maxima and minima occurring at about 10 mol% (1:9),
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50 mol%( 1:1) and 80 mol %( 5:1) Al content. Each point can be related to a shift in the
relationship between P sorption and the Al content of the hydr(oxide) arising from
changes in Al-Fe interaction in the hydr(oxides). Up to 10 mol %, Al content has no
effect on P sorption. Above 10 mol%, P sorption increased linearly with Al content up to
50 mol% after which no additional increase was observed up to about 80 mol% Al. P
sorption then increased exponentially thereafter up to 100% Al content. The local minima
at 10 mol%, is proposed to represent a change from Al-Fe solid solution to precipitation
of Al-hydr(oxide) onto, and partial coverage of, the surface of Fe-hydr(oxide) particles.
Al-hydr(oxide) precipitation continues with the Fe surface becoming completely covered
by Al-hydr(oxide) at 50% Al content. There is an increase in the thickness of Alhydr(oxide) coating on the Fe between 50-80 mol% at which point the quantity of Al
hydr(oxide) that can be supported by the Fe-hydr(oxide) core is apparently reached .
Further increase in Al content above 80 mol% results in a complex formation of a mixed
Al coated Fe- hydr(oxide) and a pure Al-hydr(oxide) phases. Figure 3-8 shows a
proposed scheme for Al-Fe interaction accounting for differences seen in P sorption.
The results also suggest that as pH increases the effect of Al: Fe interactions are
less pronounced eventually becoming negligible at pH values above the pKa of Al-OH.
At pH 8.5, sorption can be sufficiently modeled as a linear function of Al content
(R2=0.945). This linear relationship essentially represents the minimum sorption capacity
of the hydr(oxides) under the experimental conditions.
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Conclusion
P sorption on all hydr(oxides) was characterized by an initial rapid phase followed
by a very slow phase that was still active after 24 h of equilibration. The rate of uptake
during the slow phase was similar indicating that the difference in P sorption among the
hydr(oxides) occurred in the rapid phase and was as a result of difference in surface
properties rather than diffusion effects.
P sorption decreased with increasing pH for all hydr(oxides) studied, with the
magnitude of change being greater at the lower Al contents. The relationship between P
sorption was strongly non-linear with P sorption being about 4 times on the Alhydr(oxide) compared to that on the Fe-hydr(oxide). Changes in P sorption were related
to changes in morphology and composition of the hydr(oxides) as Al content varied.

CHAPTER 4
P SORPTION EFFECTS ON MIXED-METAL HYDR(OXIDE) SURFACES AS
DETERMINED BY FLOW CALORIMETRY
Introduction
Flow calorimetry provides a direct, quantitative measure of the heat involved in a
reaction (Rhue et al. 2002). This measured heat is related to the change in enthalpy. The
method is ideally suited for measuring interactions occurring at the liquid/ solid interface
and has been widely used to study the surface chemistry of many types of solids such as
organics (Schneider et al. 1997 and Taraba 1990) and synthetic inorganics (Meziani et al
1997). Until recently, however little use had been made of flow calorimetry in the study
of surface reactions on soils (Rhue et al. 2002). Coupled with other macroscopic and
spectroscopic techniques flow calorimetry can be used to yield information about surface
chemical reactions, such as how binding energies vary with surface coverage, that could
not be obtained by other methods (Appel et al. 2002). It has several advantages over
batch calorimetry (Steinberg, 1981) in that: i) it can resolve complex series of reaction
that occur more or less simultaneously but at different rates; ii) multiple
adsorption/desorption cycles can applied to the same sample, allowing reversible and
irreversible processes to be distinguished; iii) changes in surface properties associated
with specific treatment or aging effects can be quantified; and iv) when both the amount
of sorption and its associated heat are measured information about surface heterogeneity
can be obtained. Flow calorimetry may also be used to resolve the contradictions in
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enthalpies derived from the temperature dependence of sorption isotherms (Rhue et al.
2002).
In this study, flow calorimetry was used to determine the energies associated with
K/Ca and NO3/Cl exchange as well as P sorption on the mixed metal hydr(oxides). In
addition, surface homogeneity between samples was assessed with the aim of better
understanding formation of the mixed hydr(oxides).
Materials and Methods
Instrumentation
The flow calorimeter used in this study was built in our lab by Dr. Dean Rhue. A
detailed description of how it works is outlined by Rhue et al. (2002). For this study 1020 mg of hydr(oxide) sample was packed into a column flanked by two thermistors, one
at the column inlet (reference thermistor) and the other at the column outlet (column
thermistor). Solutions containing different reactants were then forced through the sample
column by using a 100cm water column to pressurize the solution containers. Flow
through the column was maintained between 0.35 and 0.40 mL min-1 by a precision
needle valve located at the outlet of the calorimeter. The temperature of the incoming
solution was sensed by the reference thermistor. Any heat given off as a result of either
physical or chemical interaction between the solution components and the hydr(oxide) in
the column was sensed by the column thermistor. The differences between reference and
column thermistor readings were transmitted to a computer where they were recorded and
displayed as a graph of signal (volts) over time (minutes). The end of the reaction was
taken to be the point at which the graph returned to baseline (difference in signals is
zero). The resulting graph was integrated as flow rate-averaged peak area and compared
with 5 second heat pulse calibration peaks. Differences in peak characteristics for each
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hydr(oxide) were used to make inferences about the surface properties of the
hydr(oxides).
Ion Exchange and P Sorption
50 mM KNO3 and 50mM KCl were used as the reacting solutions for NO3/Cl anion
exchange while 50 mM KCl and 25 mM CaCl2 were used for K/Ca cation exchange. For
P sorption the reacting solution was a 1mM P solution made from KH2PO4 salt. Ionic
strength and pH of all the solutions used in the flow calorimetry experiments were
maintained at 50 mM and 4.8 respectively. To obtain an ionic strength of 50mM for the P
solution 50 mM KCl was used as the background electrolyte.
Prior to ion exchange and P sorption treatment cycles the hydr(oxide) was allowed
to equilibrate with 50 mM KCl solution. Each hydr(oxide) sample was subsequently
treated with several anion (NO3/Cl) and cation (K/Ca) exchange cycles (pre-P sorption)
followed by a single P sorption treatment cycle using a 1 mM P solution. The hydr(oxide)
was exposed to P solution after which the solution was changed to KCl. Cl was unable to
replace P on the hydr(oxide) surface and therefore no heat signal was observed in going
from the P solution back to KCl. Essentially its purpose was to give the hydr(oxide)
limited exposure to P and then stop the reaction by putting it back into KCl. After P
treatment several anion and cation (post-P) exchange cycles were done. A single anion
exchange cycle comprised NO3 replacing Cl followed by Cl replacing NO3 and lasted for
a total of between 40-60 minutes. Cation exchange treatment cycles were between K and
Ca and lasted 20-30 minutes. Following post-P ion exchange the columns were again
allowed to equilibrate in 50 mM KCl. The hydr(oxide) was then removed from the
column, digested in concentrated HNO3 acid and the digest was subsequently analyzed
for P, Al, Fe, K and Cl. P analysis was done by the molybdate blue method and the
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metals by atomic adsorption. Initially chloride analysis was done using high performance
liquid chromatography (HPLC) but no chloride was detected by the method . A silver
nitrate test however showed that chloride was present in the digest indicating that there
may have been some interference in the HPLC method. A method was developed to
estimate the Cl concentration in the digest based on the turbidity of the AgCl precipitate
formed when AgNO3 was added to the digest. A mL of digest was brought to a volume of
5 mL using DDW and 100 µl of 15mM AgNO3 was then added. The resulting mixture
was allowed to stand for 50 minutes, during which time it was periodically shaken to
ensure proper mixing. Following the 50 minute reaction time the mixture was vigorous
shaken and the turbidity of the AgCl precipitate formed was measured using a Bausch
and Lamb spectrometer (Spectronic 100) at a wavelength of 440 nm. The turbidity of the
digests was then compared to 0, 0.1, 0.2, 0.3 and 0.5 mM Cl standards. The standard
curve (Figure 4-1) was linear over the range (R2= 0.996)
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Results and Discussion
P Sorption
Figure 4-2 shows the graphs of signal over time for the P treatment cycle on the
hydr(oxides). The fact that these plots were exotherms indicated that P sorption on the
hydr(oxides) was exothermic. The similarity in shape of the graphs indicates that the P
sorption mechanism was the same and was independent of the Al content. No return to
baseline during the 20 minute P treatment indicates that equilibrium was not reached in
this time period and hence the surface was not saturated by P.
The quantity of P sorbed (Figure 4-3) averaged 5.48 ±1.59 µg/mg with no
significant correlation with increasing Al content, indicating that Al content did not affect
the magnitude of P sorption under the experimental conditions. The quantity of P
adsorbed was linearly related to the normalized flow-averaged peak area (Figure 4-4)
indicating that as more P was adsorbed there was a proportional increase in total quantity
of energy released. Despite an increase in total energy with total P sorbed, the energy of
adsorption per unit mass of P sorbed was similar, 33±5 kJ/mol (Table 4-1) irrespective of
Al content. That no significant differences were observed in the heats of adsorption
indicated that the species involved in P sorption were the same for all the hydr(oxides).
That meant that the surface hydroxyl groups involved were the same irrespective of Al
content and the energy required to break the metal-hydr(oxide) bond in these groups were
essentially the same whether the metal was Al or Fe. Additionally the results suggest that
the same P species was being adsorbed. Based on P speciation model (Figure 1-1) the P
species expected to dominate the solution at the experimental pH (4.8) is H2PO4-and is
most likely to be the species involved in the sorption process.

68

2.2

1.2

2

1

1.8

s ig n a l( v o lts )

s ig n a l ( v o lts )

1.4

0.8

1.6

0.6

1.4

0.4

1.2

0.2
0

1

-0.2

0.8
0 5 10 15 20 25 30 35 40 45 50

(a)

time(min)

0 5 10 15 20 25 30 35 40 45 50
(b)

time (min)

Figure 4-2. Exotherms for P sorption on mixed-metal hydr(oxides) . (a) 0-15 mol% Al
and (b) 66.7-100 mol% Al.

Table 4-1. Heats of P sorption on mixed-metal hydroxides.
Al
peak
content P sorbed
Sample Column area
v.mL/mg (mol%) (ug)
ID
wt (mg) (v.mL)
Fe
16.1
256
15.90
0.00
89.05
1:10
15.1
232
15.36
10.20
75.90
1:5
19.8
156
7.88
17.92
60.58
1:2
16.9
255
15.09
33.77
109.75
1:1
17.3
275
15.90
49.83
118.03
2:1
16.6
157
9.46
65.82
86.45
5:1
14.9
128
8.59
81.80
55.90
10:1
14.7
273
18.57
89.65
122.18
Al
10.2
152
14.90
100.00
52.80

P ug/mg of
hydr(oxide)
5.53
5.03
3.06
6.49
6.82
5.21
3.75
8.31
5.18

Heat of
sorption
KJ/mol
39.7
42.2
35.6
32.1
32.2
25.1
31.6
30.9
39.8
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Ion Exchange and the Effect of P Sorption
Cation exchange
No heat signal was obtained for K/Ca exchange on any of the hydr(oxides)
indicating that the surfaces of these hydr(oxides) had little or no cation exchange capacity
at the pH of experiments. Even for post-P cation exchange when the adsorbed P might be
expected to impart its negative charge to the surface, thus increasing the surface cation
exchange capacity, no heat signal was obtained. These results are consistent with what
was expected as the pH of the reacting solutions were below the PZC for the surfaces and
thus the surfaces would be dominated by positive charge, generating far more AEC than
CEC. The quantity of P sorbed (0.17± 0.05µmol/mg) to the hydr(oxides) as well as the
equilibration time may have been too low to cause any measurable increase in CEC and
hence detection by flow calorimetry was limited.
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Anion exchange
Unlike cation exchange, anion exchange gave integrateable signal peaks indicating
that the surfaces of the hydr(oxides) were largely positively charged and hence had a
greater anion exchange than cation exchange capacity. That the surfaces were largely
positively charged was expected because as mentioned earlier, the experimental pH was
below the PZC for the hydr(oxide) and therefore the surface would be protonated. Figure
4-4 to 4-12 show the heat signals and their resulting peak area over time for anion
exchange before (pre-P) and after (post-P) P treatment on the hydr(oxides). Nitrate
replacing Cl on all the hydr(oxides) was exothermic while Cl replacing NO3 was
endothermic. Peak areas for the endotherms and exotherms for a given hydr(oxide) were
essentially equal indicating that Cl/NO3 was completely reversible.
When normalized to the mass of hydr(oxide) in the column, peak areas(Figure 413) for both pre-P and post-P anion exchange increased with Al content suggesting either
an increase in the AEC or the heat of exchange. A plot of heat signal against
exchangeable Cl (Figure 4-14) suggested that the heat of exchange was independent of Al
content except for the high Fe containing hydr(oxides) (Table 4-2). Calculated heats of
exchange for Al: Fe ratios greater than 1:5 averaged 2.8±0.4 KJ/mol. Anion exchange
capacity (Figure 4-15) increased with Al content. This increase in AEC with Al followed
the same trend as that seen in Figure 4-13, particularly above 20 mol% Al, indicating that
differences in AEC were largely responsible for some of the differences in anion peak
areas. Below 35-40 mol% Al, AEC was constant (Figure 4-15) but the calorimetric peak
areas decreased (Figure 4-13) indicating that the heats of exchange was lower for the Ferich hydr(oxides). Although interferences prevented the measuring of anion exchange on
the Fe sample, the fact that the heat of exchange on the 1:10 hydr(oxide) (which behaved
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similarly to Fe throughout the research) was about ½ that seen on the other hydr(oxides)
is consistent with a lower heat of exchange at high Fe content. The increase in AEC with
Al content could be partly related to the change in PZC with Al content. The fact that the
experimental pH was closer to the PZC of Fe-hydr(oxide) (~7.5) meant that surfaces
dominated by these sites were more likely to have less positive charge compared to those
dominated by Al type sites (PZC~9.5). Other factors that could be involved are
increasing surface area and or increasing charge density with Al content.
Flow rate-averaged peak areas were greater for pre-P than post-P anion exchange
on all hydr(oxides) indicating that there was a reduction in the number of positively
charged sites due to P sorption. The percentage change (Figure 4-16) however varied
with Al content, decreasing from 50% to 25% at an Al content of 50 mol% with no
significant change with increasing Al up to 100 mol%. This points to the heterogeneity of
the surface up to 50% Al content and the homogeneity of the surface thereafter and
suggests that as Al content increases the surface of the mixed hydr(oxides) became more
and more like pure Al hydr(oxide) which is consistent with the earlier proposal of partial
surface coverage up to 50% Al and complete surface coverage thereafter. Since no
significant difference in the quantity of P sorbed was observed and given that the length
of P-treatment and the concentration of P in the treatment solution was kept constant the
difference in pre-P and post-P peak areas with Al content is most likely due to the
number of sorption sites on the surface. As previously discussed higher Al containing
hydr(oxides) may have a greater number of sites compared to higher iron containing
hydr(oxides) at the experimental pH. It is therefore expected that since a fixed quantity of
P was adsorbed a larger proportion of sorption sites would be occupied on the Fe
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dominated surfaces leading to greater percent reduction in the number of sites available
for post-P anion exchange which is manifested as a lower post-P peak area compared to
pre-P peak area.
The reduction in anion exchange peak areas following P sorption also indicate that
P sorption and anion exchange occur on the same surface sites, at least under these
experimental conditions. These sites are most likely OH2+ (aquo ligand) sites since anion
exchange occur only on positively charged sites. Water ligand sites in addition to being
more prevalent at low pH are much more easily removed by P in ligand exchange than
other surface OH groups and may have been the primary site of P sorption. The fact that
the anion exchange capacity could not be regenerated during subsequent Cl treatment
points to the irreversibility of P sorption at constant pH.
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Table 4-2. Heats of anion exchange on mixed-metal hydroxides.
Cl
Cl
Al
(umol/mg
Sample content Column Peak area sorbed
hydr(oxide))
(mol%) wt (mg) (v.mL/mg) (umol)
ID
Fe
0.00
16.1
1:10
10.20
15.1
2.82
14.98
0.99
1:5
17.92
19.8
5.13
1:2
33.77
16.9
5.09
14.24
0.96
1:1
49.83
17.3
6.62
19.14
1.11
2:1
65.82
16.6
7.45
17.59
1.06
5:1
81.80
14.9
8.72
21.79
1.46
10:1
89.65
14.7
9.55
21.22
1.44
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Figure 4-15. Post-P Anion exchange capacity of hydr(oxides)
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Figure 4-16. Effect of P sorption on anion peak area.
Conclusions
P sorption was exothermic and showed no effect of Al content. The similar heats of
P adsorption and the fact that the shape of the exotherms was similar for all the
hydr(oxides) indicated that P sorption mechanism was the same regardless of Al content.
P sorption resulted in decreased AEC with no apparent change in CEC. Anion exchange
capacity increased with Al content for Al:Fe ratios greater than about 1:2. The data
suggest that the heat of exchange between Cl and NO3 decreased for the Fe-rich
hydr(oxides).

CHAPTER 5
SUMMARY
Co-precipitation of mixed Al-Fe hydr(oxides) can be easily done through the
titration of mixed Al-Fe chloride solution against NaOH. The Al and Fe content in the
hydr(oxide) is dependent on the initial Al:Fe molar ratio in the initial solution as well as
the final precipitation pH. Under conditions of room temperature (25◦ C) and final
precipitation pH of 6.5-7 Al and Fe content (in mol%) was found to be equal to that in the
initial solution. For Al content at least greater than 10 mol% surface precipitation of Al
onto Fe is believed to be the dominant mechanism by which the mixed hydr(oxides) were
formed, particularly if precipitation was done under conditions of constant stirring and
gradually increasing pH. Partial coverage of Fe by Al is believed to occur at Al content
below 50 mol%, complete coverage of Fe by Al between 50 and 80 mol% Al and the
formation of a dual phase of mixed Al-Fe and pure Al hydr(oxide) above 80 mol% Al.
The thickness of the Al layer is also believed to increase with Al content between 50 and
80 mol%. Freshly co-precipitated hydr(oxides) are largely amorphous in nature and
structural development increased with Al content and aging time. Additionally the
particle size distribution as well as morphology of the mixed hydr(oxide) particles are
controlled by Fe particularly below 80 mol% Al.
Differences in P sorption characteristics were largely influenced by the properties
of the hydr(oxides). P sorption occurred via an initial quick sorption phase followed by a
slow phase. The affinity of the hydr(oxide) surface for P at a constant pH was the same
irrespective of Al content. At a solid: solution ratio of 1:1000 and input P concentration
80
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of 100 mg/L, it was found that the quick phase lasted for about 3 h and accounted for
90% of the P sorbed over a 24 h period. The rate of P sorption during the slow phase was
the same irrespective of Al content and differences in the quantity of P sorbed were due
to differences in surface properties rather than diffusion effects. P sorption decreased
over the pH range 3-9. Twenty to forty percent of total loss in sorption over the pH range
was due to change in P species and 25-30 % was due to change in surface species.
Change in surface species occurred at pH values corresponding to the theoretical pKa1
value of the dominant surface M-OH group in the hydr(oxide). For hydr(oxides)
containing less than 50 mol% Al where Fe dominated the surface this species change
occurred between pH 6 and 7 while for greater than 50 mol% Al where Al dominated the
surface this species change occurred between pH 7 and 9. Total loss in P sorption over
the entire pH range studied ranged between 65-80% for pure Al and Fe as well as mixed
hydr(oxides) containing less than 50 mol% Al compared to less than 50 % loss for
hydroxides containing greater than 50 mol% Al. This is believed to be due to increased
structural development in the higher Al containing mixed hydr(oxides).
P sorption increased non-linearly with Al content, particularly below pH 8. A four
factor polynomial provided the best logical fit and each local maxima or minima could be
correlated with a change in hydr(oxide) phase from solid solution formation → partial
coverage of Fe by Al → complete coverage of Fe by Al → a dual phase of mixed Al-Fe
hydr(oxide) and pure Al hydr(oxide). At a given pH, P sorption on the pure Alhydr(oxide) was about 4 times that observed in the pure Fe and mixed hydr(oxides)
respectively. This is believed to be due to difference in surface area and structural
development with Al content.
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At pH 5, P adsorption was exothermic, irreversible and the mechanism was the
same irrespective of Al content. The quantity of P sorbed within a 20 minute exposure to
P in the calorimetric experiments was unrelated to the Al content and linearly related to
the energy released. The heats of adsorption were equal for all Al contents averaging
33±5 KJ/mol. There was no detectable CEC before or after P adsorption. P adsorption
and anion exchange occurred on protonated aquo ligand groups resulting in decreased
AEC after P treatment. Anion exchange was completely reversible with heats of
exchange of 2.8±0.4 KJ/mol fro Al contents greater than about 35-40 mol%. Nitrate for
chloride exchange was exothermic and Cl/ NO3 exchange endothermic. The AEC
increased for Al contents greater than 35-40 mol%. There was an indication that the heat
of anion exchange decreased for the Fe-rich hydr(oxides), i.e < 35-40 mol% Al.
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