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ABSTRACT: Thenucleation and crystallizationofAl andFephosphatephases directly fromaqueous solutionswere investigated
experimentally in batch reactors at 50 to 200 �C and pH 1.6. The mineralogy, elemental composition, and morphology of the
formed solids were characterized by X-ray diffraction, spectroscopy, and high-resolution microscopic techniques. The corre-
sponding dissolved aqueous Al, Fe, and P concentrations were analyzed by spectroscopic and chromatographic techniques. In all
experiments Al and Fe phosphate phases readily precipitate from supersaturated solutions. Precipitation is initiated by the
nucleation and growth of amorphous Al or Fe phosphate precursors. These crystallize at T = 100 �C to either variscite and
metavariscite or strengite and phosphosiderite, respectively. At T g 150 �C, these Al and Fe amorphous phases recrystallize to
either berlinite or ferric giniite, respectively. The composition of the aqueous solution in all cases evolves rapidly to near saturation
with respect to variscite and strengite. These observations suggest that Al and Fe phosphates may be critical to limiting aqueous
phosphate availability in many natural environments.

1. Introduction

Phosphate concentrations in natural waters have been of
increasing concern to society. If these concentrations are too
low, they may hinder forest and agricultural growth, but if
they are too high, they may lead to eutrophication.1,2 Ther-
modynamic calculations suggest that the Al and Fe phos-
phates variscite and strengite may control aqueous phosphate
concentrations in acidic (pH < 7) environments.3-6 This
study is aimed at assessing experimentally the role of these
minerals in controlling phosphate availability in natural
waters by observing and quantifying the phases that precipi-
tate directly from Fe, Al, and PO4 bearing aqueous solutions
as a function of temperature.

Variscite (AlPO4 3 2H2O) and strengite (FePO4 3 2H2O) are
among the most common Fe and Al phosphates found in
nature.3 Structural arguments suggest that there is a complete
solid solution between variscite and strengite.7 Variscite,
which has an orthorhombic crystal structure, is often found
associated with metavariscite, which has the same chemical
formula but is monoclinic. Both of these phases consist of a
framework of alternating PO4 tetrahedra andAl octahedra.8,9

At high temperature, these phases dehydrate to form berlinite
(AlPO4). which consists of a framework of alternating PO4

tetrahedra andAl tetrahedra.10 Berlinite has similar industrial
applications asquartz, due to its availability to resist corrosion
and its similar piezoelectric properties; berlinite, however, has
the advantage that it can be formed at lower temperatures.11-13

Variscite and metavariscite are isostructural with strengite and
phosphosiderite, respectively.14,15At temperatures greater than
∼1000 K strengite and phosphosiderite dehydrate to form
rodolocoite, a FePO4 polymorph, which is isostructural with
berlinite16,17

Variscite, metavariscite, strengite, and phosphosiderite
have all been observed both in natural acid soils4,18-27 and
experiments.28-37 Variscite and metavariscite form from the
interaction of phosphate-rich meteoric waters with aluminum
bearing rocks.38 Berlinite occurs in combusted guano depos-
its.39 Strengite andphosphosiderite usually appear associated;
they both form as alteration products of phosphate pegmatite
rocks at near surface conditions.38 The iron phosphate phase
ferric giniite Fe5(PO4)4(OH)3 3 2H2O also forms as an altera-
tion product of altered pegmatitic rocks.15,19

A number of previous studies provided insights into the
behavior of aluminum phosphate precipitation in aqueous
solutions and soils.13,27,30,31,40,42 Variscite, metavariscite, and
other hydrated aluminophosphates can be obtained from acid
aqueous solution containing a P/Al molar ratio of 3.342

Cryptocrystalline aluminum phosphate precipitates from the
interaction between double superphosphate fertilizers and acid
soils.27 Amorphous Al phosphate phases were observed to
precipitate from aqueous solutions having a P/Al concentra-
tion ratio of 8 at ambient temperature; this precipitate trans-
forms into pure variscite after 45 to 71months at pH<3.31 0.6
μmdiameter crystalline variscite spheres were found to form at
98 �C from solutionwith aP/Al ratio of 1 at pH<2after 100 h
of reaction.30 Variscite and metavariscite can transform into
berlinite at temperatures in excess of 150-200 �C.13

Other studies focused on characterizing iron phosphate
precipitation in aqueous solutions.17,37,43-45 Cryptocrystal-
line strengite and phosphosiderite have been reported to form
from reaction between aqueous P and amorphous iron oxy-
hydroxide at 90 �C.37 Strengite and phosphosiderite can be
synthesized by either acid reflux or boiling17,43 or at hydro-
thermal conditions.44 The main industrial application of
hydrated iron phosphates is their use as cathodes in Li
batteries,45-48while giniite is used as apotential dehydrogena-
tion catalytic material.49
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Despite this past work, our understanding of the nuclea-
tion, growth, and transformation of Al and Fe phosphate
minerals is still fragmented.Toward an improved understand-
ing of these processes, the present study quantifies the tem-
poral evolution of fluid and solid phases in supersaturated Al
or Fe phosphate solutions under acid conditions as a function
of temperature. The purpose of this paper is to report the
results of this experimental study and to use these results to
illuminate the role of iron and aluminum phosphates on
aqueous phosphate availability in natural waters.

2. Materials and Methods

Five milliliters of aqueous 0.1 M Fe(NO3)3 3 9H2O or Al-
(NO3)3 3 9H2O solutions were mixed with 5 mL of an aqueous
solution containing 0.1MKH2PO4 and 0.09MKOH in Teflon lined
reactors. All solutions were prepared with 18 MΩ Milli-Q grade
water, and the final pH for the Fe3þ, Al3þ, and PO4

3- stock solutions
was 1.7, 1.6, and 4.8, respectively. pHwas measured at 25 �Cwith an
ORION pH-meter and a Toledo electrode calibrated with NBS
standard buffer solutions. The low pH of the solutions avoided the
formation of aluminum or iron hydroxides or mixed OH-, PO4

phases such as Al(OH)2H2PO4.
50 Experiments were conducted at

temperatures of 50, 100, 150, and 200 �C. All aqueous solutions were
preheated prior to mixing. The solutions for the 50 �C experiments
were preheated at 50 �C, while the solutions for the g100 �C
experiments were preheated to 98 �C and then mixed in preheated
reactors. The reactors were immediately sealed and placed in a
preheated oven at the desired temperature.

The 100 �C experiments were run a maximum of 21 days and
shaken three times per day. All other experiments were terminated
after 12 h and shaken three times during this period. In all experi-
ments, the 25 �C pH of the mixed fluids was ∼1.6. Fluid/precipitate
suspensions were sampled regularly from the 100 �C experiments
while in all other experiments the suspensions were sampled only at
the end of runs. All samples were quenched to 25 �C immediately
before sampling.

The quenched samples in all experiments were centrifuged at
13,000 rpm to separate solid and liquid phases. The liquid phase
was filtered through a 0.2μmpolycarbonate filter. The final pHof the
fluid phase at the end of each experiment was measured at 25 �C.
Aqueous phosphate was measured by ion chromatography (IC)
using a Dionex ICS 90. The filtered liquid phase was diluted with
0.1 M HNO3 solution prior to further analysis. Aqueous aluminum
concentrations were measured with an inductive coupled plasma
optical emission spectrometer (ICP-OES) using a Perkin-Elmer
Optima 5300DV, while total aqueous phosphorus and total aqueous
iron were measured by absorbance spectrophotometry using a
3000SeriesUV/visibleCecil CE3041 spectrophotometer. Phosphorus
was analyzed at a wavelength of 882 nm, using the ascorbic-molyb-
date blue method51 while iron was analyzed at 562 nm following the
ferrozine method.52

All solid phases were washed 3 times withMilli-Qwater to remove
excess salts and subsequently dried at room temperature. X-ray

powder diffraction (XRD) analyses were performed using a Philips
PW1050 diffractometer and Cu KR radiation (λ= 1.5406 Å). Scans
were recorded between 5 and 70� 2θ at a 0.1�/min scan rate and a step
size of 0.08�. Patterns were compared to the standard mineral files
compiled in the PDF2 database.53 Midinfrared spectra of the solids
were recorded from 650 to 4000 cm-1 using an A2-Technology
MicroLab Portable mid-IR spectrometer, with a diamond internal
reflection (DATR) sampling system. Spectra were recorded with a
4 cm-1 resolution by coadding 128 scans. Spectral manipulation
including baseline adjustment, smoothing, normalization, and band
component analysis was performed using the Thermo Nicolet OM-
NIC ESP 5.1 software package. Solids were imaged and analyzed
using a LEO 1530 Gemini field emission gun scanning electron
microscope (FEG-SEM), equipped with an Oxford Instrument en-
ergy dispersive X-ray (EDX) detector. Powders were placed on
aluminum stubs, coated with a 3 nm platinum layer, and imaged at
3 keV and a working distance of 4 mm. Selected samples were also
observed at high resolution using a Phillips/FEI CM200 FEG-
transmission electron microscope (HR-FEG-TEM) equipped with
an Oxford Instruments ISIS EDX system and selected area diffrac-
tion (SAED) capabilities. Samples were dispersed in ethanol and
deposited on holey carbon TEM grids and imaged at 197 keV. The
surface area of all solid samples was determined by the BET
method,54 using an 11-point nitrogen adsorption fit and a Micro-
Quantachrome instrument with samples degassed at room tempera-
ture for 20 h prior to analyses.

3. Results and Discussion

The identity, size, morphology, and BET surface areas
(SABET) of the formed solid phases for the aluminum and
iron system are presented in Table 1. A summary of all
experimental observations is provided in Figures 1 and 2. In
all experiments an amorphous aluminum or iron phosphate
phase with a spherical morphology precipitated immediately
after mixing of the solutions. When analyzed after 12 h, the
solids at 50 and 100 �C remained amorphous while, at higher
temperatures, the amorphous phase recrystallized. Solids
obtained from the 100 �C experiments after 9 or more days
were also crystalline. In the Al-system variscite, metavariscite
(both AlPO4 3 2H2O) and berlinite (AlPO4) formed while, in
the Fe system, strengite, phosphosiderite (both FePO4 3
2H2O), and ferric giniite (Fe5(PO4)4(OH)3 3 2H2O) formed.
The surface area of the recovered solids generally decreases
with increasing temperature. In the aluminum system, the
specific surface area decreases from ∼82 m2/g for the solid
synthesized at 50 �C for 12h to∼2m2/g for the solid produced
at 200 �C for 12 h. In the iron system, the specific surface area
decreased from152m2/g for solid synthesized at 50 �C for 12h
to 10 m2/g for the solid produced at 150 �C for 12 h. XRD
analyses confirmed the mineralogical composition, and the
infrared spectroscopic analyses confirmed the continual

Table 1. Identity, Size, Morphology, and Specific Surface Area of Solid Phases Recovered from the Aluminum and Iron Phosphate Experiments (AAP=

Amorphous Al Phosphate; AFP = Amorphous Fe Phosphate)

nature of solid
phase T (�C)

experiment
duration

identity of solid phase
(XRD/SEM-EDX) chemical formula

avg particle size
(SEM/TEM)

particle
morphology SA BET (m2/g)

amorphous 50 12 h AAP AlPO4 3xH2O - spheres 81.9
50 12 h AFP FePO4 3xH2O - 152.4

100 12 h AAP AlPO4 3xH2O 15 nm spheres -
100 12 h AFP FePO4 3xH2O 20 nm spheres 66.7

crystalline 100 9 days strengite FePO4 3 2H2O 1 μm stars 28.7
phosphosiderite 100 nm prisms

100 21 days variscite AlPO4 3 2H2O 5 μm bipyramid 49.5
metavariscite >100 μm prisms -

150 12 h AlPO4 3xH2O AlPO4 3xH2O; x= 1.1-1.3 0.8 μm tabular plates 5.3
berlinite AlPO4 1 μm hexagonal plates -

150 12 h ferric giniite Fe5(PO4)4(OH)3 3 2(H2O) 5 μm ball 10.0
200 ferric giniite Fe5(PO4)4(OH)3 3 2(H2O) 2 μm bipyramidal -

berlinite AlPO4 10 μm hexagonal plates 2.3
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dehydration of the Al and Fe phases with increasing tempera-
ture and time.

The pH, aqueous composition, and saturation index of
all fluid phases recovered at the end of each experiment
with respect to selected Al and Fe phases are listed in
Tables 2 and 3. The saturation indexes in these tables were
calculated using PHREEQC55 together with its llnl56 data-
base. The saturation indexes (S.I.) given in this table are
defined by

S:I: ¼ logðIAP=KÞ
where IAP refers to the reaction activity quotient and K
designates the equilibrium constant of the phase of interest.
The saturation index is thus positive when the solution
is supersaturated with respect to the phase but negative
when undersaturated. In both systems, amorphous phase

precipitation (amorphous aluminum phosphate, AAP,
and amorphous iron phosphate, AFP, respectively) occurs
once the two aqueous solutions are mixed. 90% of the
initial phosphate and aluminum or iron in aqueous solu-
tion was removed within the first minute, consistent with
the precipitation of metastable amorphous phosphate phases
via the Ostwald step rule.57 These solids can recrystallize with
time to form more thermodynamically stable phases. The
transformation of pseudospherical AAPorAFP to crystalline
phases is relatively slow at 100 �C; AAP persisted for at least
12 days, and AFP persisted for at least 9 days. This transfor-
mation rate is relatively slow compared to that of amorphous
calcium phosphate (ACP), which transforms into crystalline
brushite (CaHPO4 3 2H2O) in less than 1 day at 25 �C.58 In
addition, amorphous calcium carbonate (ACC) transforms to
crystalline CaCO3 within 3 days at ambient temperature in a
dry state59 while in aqueous solution ACC transforms to
crystalline CaCO3 after ∼5 min.60

Thermodynamic calculations performed using PHR-
EEQC55 suggest that, below 54 �C, the most stable phase in
the Al phosphate system is variscite, while, at higher tempera-
tures, berlinite is the stable polymorph. Corresponding calcu-
lations in the Fe phosphate system suggest that strengite is the
most stable phase at all temperatures e200 �C, but these
calculationswere performed in the absence of thermodynamic
properties for ferric giniite, which are not available in the
literature. Thermodynamic calculations including metavaris-
cite and phosphosiderite were also not possible due to the lack
of data.

3.1. Aluminum Phosphate System. X-ray powder diffrac-
tion patterns and SEM images of solids obtained from the
aluminum phosphate experiments are shown in Figures 3
and 4. The solids obtained after 12 h at 50 and 100 �C were
amorphous aluminum phosphate (AAP), which at 100 �C
transformed after 21 days into a mixture of variscite and
metavariscite. Imaging revealed an isolated tabular prism of
metavariscite of >100 μm length, embedded in a matrix of
bipyramidal ∼5 μm variscite crystals (see Figure 4a). Sam-
ples collected after 12 h of reaction at 150 �C consisted of a
mixture of three-dimensional hexagonal berlinite crystals
and hydrated aluminum phosphate which formed tabular
platy crystals both ∼1 μm in size (see Figure 4b). Samples
collected after 12 h of reaction at 200 �C consisted of pure
berlinite, again characterized by a hexagonal crystal habit,
but at this temperature, the crystals were ∼5-10 μm in size
(see Figure 4b).

Further insight into the solid phase transformation pro-
cess was obtained from the HR-TEM images of the solids
collected from the 100 �C experiment at various times
(Figure 5). The initial solids exhibit pseudospherical
morphologies and diameters of 20 nm (Figure 5a). After 12
days of reaction at 100 �C (Figure 5b), the spheres grow,
attaining a diameter of ∼40 nm. An internal nucleus is
apparent in some of these particles, although the structure
remains amorphous, as indicated by the electron diffraction
shown in Figure 5d. As mentioned above, the X-ray diffrac-
tion pattern in Figure 3 shows that this solid transforms into
crystalline variscite and metavariscite after 21 days of reac-
tion (see Figures 3b and 4a).

FTIR spectra of the various synthesized aluminum phos-
phate phases and the assignments for each spectrum are
shown in Figure 6 and Table 4, respectively.61-64 The most
obvious changes upon heating are a decrease in the inten-
sities and sharpening of the broad band between ∼3000 and

Figure 1. Summary of results obtained in the aluminum phosphate
system as a function of time and temperature. The shape of the
synthesized solid is indicated by the schematic illustration in each box.

Figure 2. Summary of results obtained in the iron phosphate system
as a function of time and temperature. The shape of the synthesized
solid is indicated by the schematic illustration in each box.

http://pubs.acs.org/action/showImage?doi=10.1021/cg900654m&iName=master.img-000.jpg&w=227&h=220
http://pubs.acs.org/action/showImage?doi=10.1021/cg900654m&iName=master.img-001.jpg&w=237&h=196
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3500 cm-1 and a decrease in intensity of the band around
∼1650 cm-1. These bands represent water molecules asso-
ciated with hydrated aluminum phosphate, O-H stretching,
and H-O-H bending modes, respectively. The band at
∼826 cm-1 is assigned to the librational water mode. With
increasing temperature, these bands sharpen or disappear
due to water loss. This is in agreement with the XRD data

that also showed that the water content of the solids
decreases with increasing temperature; the solid is the
dehydrated phase at 200 �C. The main phosphate bands
are present between ∼920 and ∼1250 cm-1. They either
increase in intensity, as is the case for band no. 6, correspond-
ing to a PO4 stretching mode, or become sharper, as is the
case for band no. 7, corresponding to a PO4 symmetric
stretching mode with increasing temperature. This reflects
an increase in crystallinity and a change in PO4 bonding
within the structure of the formed phases. The bands at
∼1050 cm-1 (band no. 7) and ∼946 cm-1 (band no. 8) were
assigned to P-O symmetric stretching modes of PO4 units in
the solids. Interestingly, the band at 947 cm-1 should be IR
inactive but is present due to the reduction of symmetry
induced through the hydrogen bonding of water-pho-
sphate.63 PO4 antisymmetric stretching vibrations appear
at >1077 cm-1. The presence of symmetric and antisym-
metric vibrations suggest multiple PO4 species in the solid
sample.63 Finally, the band at ∼700 cm-1 (band no. 10)
corresponds to the Al-O mode,61-64 and it increases in
intensity with increasing temperature (see Figure 6). Spec-
trum d in Figure 6 represents pure berlinite formed after
12 h at 200 �C; the existence of this anhydrous phase is
again confirmed by the absence of the water peaks in this
spectrum.

3.2. Iron Phosphate System. X-ray powder diffraction
patterns of synthesized iron phosphate phases (Figure 7)
indicate that the solid formed after 12 h of reaction at 50 and
100 �C was amorphous iron phosphate (AFP). At 100 �C,
this AFP transformed within 5 days into strengite and
phosphosiderite dimorphs. After 12 h of reaction at 150
and 200 �C, ferric giniite with the chemical formula Fe5-
(PO4)4(OH)3 3 2H2O was observed.

SEMphotomicrographs of selected synthesized iron phos-
phates are shown in Figure 8 while HR-TEM images from
the iron phosphate precipitates obtained at 50 �C after 12 h
of reaction are presented in Figure 9. The HR-TEM images
confirm that the AFP obtained at 50 �Cwas amorphous and

Table 2. Summary of the Fluid Chemistry in the Aluminum Phosphate Experiments, Showing Temperatures, Elapsed Times, Final pH, Concentration of

Aqueous Species, asWell as log(IAP) and the Initial and Final Saturation Indexes (S.I.) for the Various Al Phases Present in the Experiments and Boehmite,

Al(OH)3, Calculated by PHREEQC

log(IAP) S.I.

variscite, metavariscite, berlinite berlinite variscite boehmite

T (�C)
experiment
duration pH Al (mmol/L) PO4 (mmol/L) initial final initial final initial final initial final

50 12 h 1.7 39.16 35.74 -19.90 -20.10 0.91 0.72 1.1 0.9 -2.65 -2.71
12 h 1.7 36.53 23.76 -19.87 -21.02 3.3 2.16 1.13 -0.01 0.01 -0.92

100 21 days 1.9 6.19 -19.87 3.3 1.13 0.01
150 12 h 1.5 6.27 1.29 -21.95 -24.19 3.63 1.41 -0.96 -3.18 0.37 -0.27
200 12 h 1.4 6.15 1.33 -23.60 -25.81 4.56 2.36 -2.6 -4.8 1.4 0.74

Figure 3. XRD patterns of solids obtained as a function of tem-
perature during aluminum phosphate synthesis: (a) amorphous Al
phosphate synthesized at 50 or 100 �C for 12 h; (b)metavariscite (M)
and variscite (V); the 19.49 Å reflection is common for bothminerals
(M/V) synthesized at 100 �C for 21 days; (c) AlPO4 3 xH2O; x =
1.1-1.3 (H) and berlinite (B) synthesized at 150 �C for 12 h; (d)
berlinite at 200 �C for 12 h. The latter patterns match closely the
reference patterns for variscite (PDF 08-0157), metavariscite (PDF
33-0032), AlPO4 3 xH2O, x= 1.1-1.3 (PDF 15-0265), and berlinite
(PDF 20-0045).

Table 3. Summary of the Fluid Chemistry in the Iron Phosphate Experiments, Showing Temperatures, Elapsed Times, Final pH, Concentration of Aqueous

Species, as Well as the log(IAP) and the Initial and Final Saturation Indexes (S.I.) for the Various Fe Phases Present in the Experiments and Goethite,

FeOOH, Calculated by PHREEQC

log(IAP) S.I.

strengite, phosphosiderite ferric giniite strengite goethite

T (�C)
experiment
duration pH Fe (mmol/L) PO4 (mmol/L) initial final initial final initial final initial final

50 12 h 1.64 -21.91 -125.12 4.09 2.68
12 h 1.64 0.775 1.08 -21.72 -23.73 -120.98 -130.15 4.27 2.27 4.25 3.10

100 9 days 1.48 0.027 0.23 -21.72 -25.67 -120.98 -140.49 4.27 0.33 4.25 0.53
150 12 h 1.51 0.04 3.18 -22.58 -25.80 -123.48 -138.76 3.42 0.20 4.27 1.89
200 12 h 1.4 0.01 3.24 -23.62 -27.73 -126.98 -146.40 2.37 -1.73 4.77 1.76

http://pubs.acs.org/action/showImage?doi=10.1021/cg900654m&iName=master.img-002.png&w=190&h=218
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consisted of grains that were ∼20 nm in size. The solids
recovered from the 100 �C experiments after 9 days of
reaction consist of a mixture of 1 μm sized strengite stars
and 100 nm phosphosiderite prisms (Figure 8a). At higher
temperatures, ferric giniite is formed. Precipitated ferric
giniite morphologies and sizes vary significantly with synth-
esis temperature. The 150 �C solids form rough 5 μm spheres
(Figure 8b), and the 200 �C solids form 2 μm bipyramidal
crystals with smooth surfaces (Figure 8c). Although these
precipitated ferric giniite samples have different morpholo-
gies, their structure is identical, as demonstrated by the
X-ray diffraction patterns (Figure 7c). Frost et al.65 also
produced synthetic ferric giniite from aqueous solutions at
120 �C after 2 days; their solids exhibited similar morphol-
ogies to those of the spherical crystals obtained in this study
at 150 �C.

FTIR spectra of the various synthesized iron phosphate
phases and the assignments for each spectrum are shown in
Figure 10 and Table 5, respectively.62,63,65 The most obvious
changes upon heating are a decrease in the intensities of
bands no. 1 (not show in Figure 10) positioned between
∼3000 and 3500 cm-1 and a decrease in intensity of the band
no. 3, around ∼1650 cm-1. These bands represent water
molecules, O-H stretching, and H-O-H bending modes,
respectively. With increasing temperature, these bands dis-
appear due to water loss. The main phosphate bands are
present between∼923 and∼1152 cm-1. They either increase
in intensity, as is the case for band no. 7, corresponding to a
PO4 stretching mode, or become sharper as with band no. 8,
corresponding to a PO4 symmetric stretching mode with

Figure 5. HR-TEM images of AAP obtained (a) just after mixing
and (b) after heating at 100 �C for 12 days. (c) Details of a single
AAP grain shown in part b. (d) Electron diffraction pattern of the
grain shown in part c.

Figure 4. SEM photomicrographs of (a) variscite (V) and metavar-
iscite (MV), synthesized at T = 100 �C for 21 days; (b) hydrous
AlPO4 3xH2O (H) and berlinite AlPO4 (B) synthesized at 150 �C for
12 h; (c) berlinite synthesized at T = 200 �C for 12 h.

Figure 6. FTIR spectra of aluminum phosphates. Main bands are
indicated by numbers above the spectra, and corresponding details
of band assignements are described in Table 4 and in the text. (a)
AAP synthesized at 50 �C taken from solution just after mixing; (b)
variscite and metavariscite synthesized at 100 �C for 21 days; (c)
hydrous AlPO4 3xH2O and berlinite synthesized at 150 �C for 12 h;
(d) berlinite at 200 �C for 12 h.

http://pubs.acs.org/action/showImage?doi=10.1021/cg900654m&iName=master.img-003.jpg&w=227&h=227
http://pubs.acs.org/action/showImage?doi=10.1021/cg900654m&iName=master.img-004.jpg&w=203&h=459
http://pubs.acs.org/action/showImage?doi=10.1021/cg900654m&iName=master.img-005.png&w=218&h=165
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increasing temperature. This reflects an increase in crystal-
linity and a change in PO4 bondingwithin the structure of the
formed phases. At higher temperature, phosphate peaks
move to higher wavelengths, indicating that the structure
becomes more ordered. PO4 antisymmetric stretching vibra-
tions appear at>1013 cm-1. The presence of symmetric and
antisymmetric vibrations suggests the presence of multiple
PO4 species in the solid sample.60 For example, ferric giniite
obtained after 12 h of reaction at 150 or 200 �C (Figure 10c)
exhibits an antisymmetric stretching phosphate vibration at
1063 cm-1 and symmetric stretching phosphate group vibra-
tions at 989 and 923 cm-1. The band at 923 cm-1 may be
ascribed to a second PO4

3- unit. This suggests that the
phosphate units are not equivalent in the giniite structure.65

Finally, the band at ∼760 cm-1 corresponds to the Fe-O
mode,62 and it increases in intensity with increasing tem-
perature (Figure 10).

3.3. Evolution of Solution Chemistry. Insight into the
evolution of the experiments described above can be gained
by consideration of the saturation state of the fluid phase

with respect to potential precipitating phases. The precipita-
tion reactions for berlinite, variscite, and metavariscite are

Table 4. Main FTIR Bands for the Aluminum Phosphate Spectra in Figure 4

wavenumbera (cm-1)

band no. (a) (b) (c) (d) bonds assignmentsb ref

1 ∼3595 O-H ν 63
2 ∼2659-3674 ∼2677-3543 ∼3000-3400 O-H ν 63
3 ∼1648 ∼1647 ∼1650 H-O-H δ 63
4 ∼1168 ∼1250 ∼1256 PO4 ν 63
5 ∼1077 ∼1142 PO4 ν 62-64
6 ∼1051 ∼1038 ∼1112 ∼1110 PO4 ν 62, 63
7 ∼1050 PO4 ν 62-64
8 ∼931 ∼946 PO4 ν 63
9 ∼826 librational water 63
10 ∼708 ∼732 ∼723 Al-O 62-64

a (a) amorphous Al phosphate synthesized at 50 �C or 100 �C for 12 h; (b) metavariscite and variscite synthesized at 100 �C for 21 days; (c)
AlPO4 3xH2O, x = 1.1-1.3, and berlinite synthesized at 150�C for 12 h; (d) berlinite synthesized at 200 �C for 12 h. b ν = stretching; δ = bending.

Figure 7. XRD patterns of iron phosphate solids obtained as
a function of temperature during their synthesis: (a) amorphous
Fe phosphate (AFP) synthesized at 50 or 100 �C for 12 h; (b)
strengite (S) and phosphosiderite (P) synthesized at 100 �C for
9 days; (c) ferric giniite (G) at 150 or 200 �C after 12 h. The latter
patterns match closely the reference patterns for strengite (PDF 15-
0513), phosphosiderite (PDF 33-0666), and ferric giniite (PDF
45-1436).

Figure 8. SEM photomicrographs of (a) mixed strengite (S) and
phophosiderite (P) synthesized at T = 100 �C for 9 days and of (b)
ferric giniite synthesized atT=150 �C (c) and atT=200 �C for 12 h.

http://pubs.acs.org/action/showImage?doi=10.1021/cg900654m&iName=master.img-006.png&w=169&h=215
http://pubs.acs.org/action/showImage?doi=10.1021/cg900654m&iName=master.img-007.jpg&w=203&h=459
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given by

Al3þ þPO4
3- ¼ berlinite

Al3þ þPO4
3- þ 2H2O ¼ variscite

and

Al3þ þPO4
3- þ 2H2O ¼ metavariscite

By adopting a standard state of unit activity for pure
water, the ion activity products (IAP) of these three phases
are identical and given by

IAP ¼ aAl3þaPO-
4

Values of the IAP of berlinite, varsicite, and metavariscite
in the initial and final fluids of each experiment are listed in

Table 2. These IAP values decrease in all experiments,
consistent with the precipitation of an aluminum phosphate
phase. The saturation index of the final fluids in the 50 �C
experiment is supersaturated with respect to both variscite
and berlinite, consistent with the precipitation of the meta-
stable amorphous phase (AAP). The saturation index of the
final fluids in the 100 �C experiment is close to saturation
with respect to variscite but supersaturated with respect to
berlinite, consistent with variscite precipitation. At 150 and
200 �C, the final fluids are supersaturated with respect to
berlinite but undersaturated with respect to variscite, con-
sistent with berlinite precipitation. The S.I. for berlinite in
these solutions suggests that the ion activity product is ∼2
orders of magnitude higher than that for berlinite equili-
brium. This suggests that the aqueous activities of Al3þ and
PO4

3- are on average approximately 1 order of magnitude
greater in these solutions then they would be at equilibrium
with berlinite. This difference can be due to several factors
including the following: (1) the reactive solution has yet to
attain equilibrium with the solid phase or (2) there are
uncertainties in the thermodynamic database used to calcu-
late the saturation index.

For the iron phosphate system the precipitation reactions
for ferric giniite, strengite, and phosphosiderite are given by

5Fe3þ þ 4PO4
3- þ 3OH- þ 2H2O ¼ ferric giniite

Fe3þ þPO4
3- þ 2H2O ¼ strengite

and

Fe3þ þPO4
3- þ 2H2O ¼ phosphosiderite

and by again adopting a standard state of unit activity for
pure water, the ion activity for strengite and phosphosiderite
are given by

IAP ¼ aFe3þaPO-
4

and that for ferric giniite is given by

IAP ¼ a5Fe3þa
4
PO3-

4
a3OH-

Values of the IAP of ferric giniite, strengite, and phospho-
siderite of the initial and final fluids of each experiment are
listed in Table 3. The IAP decreases in all the experiments,
consistent with the precipitation of an iron phosphate phase.
The saturation index of the final fluids in the 100 �C experi-
ment is saturated with respect to strengite, consistent with
its precipitation. The saturation index of the final fluids at

Figure 9. HR-TEM images of AFP: (a) general overview of parti-
cles; (b) high resolution detail from a single AFP grain; (c) electron
diffraction pattern of grains shown in part b.

Figure 10. FTIR spectra of iron phosphate phases. Main bands are
indicated by numbers above the spectra, and corresponding details
of band assignements are described in Table 5 and in the text.
Spectra: (a) AFP synthesized at temperature 50 �Cat initial time; (b)
mixed strengite and phosphosiderite synthesized at 100 �C after
9 days; (c) ferric giniite synthesized by heating at 150 or 200 �C
for 12 h.

Table 5. Main FTIR Bands for the Iron Phosphate Spectra in Figure 8

wavenumbera (cm-1)

band no. (a) (b) (c)
bonds

assignmentsb ref

1 ∼3496 ∼3597 ∼3348 O-H ν 62, 65
2 ∼1631 ∼1624 ∼1574 H-O-H δ 62, 65
3 ∼1152 PO4 ν 62, 63, 65
4 ∼1120 PO4 ν 62, 65
5 1056 ∼1063 PO4 ν 62, 63, 65
6 ∼1013 PO4 ν 62, 63, 65
7 ∼985 ∼986 ∼989 PO4 ν 62, 63, 65
8 ∼912 ∼923 PO4 ν 62, 65
9 ∼767 ∼756 Fe-O 65

a (a) AFP synthesized at temperature 50 �C at initial time; (b) mixed
strengite and phosphosiderite synthesized at 100 �C after 9 days; (c)
ferric giniite synthesized by heating at 150 �C or 200 �C for 12 h. b ν =
stretching; δ = bending.

http://pubs.acs.org/action/showImage?doi=10.1021/cg900654m&iName=master.img-008.jpg&w=220&h=221
http://pubs.acs.org/action/showImage?doi=10.1021/cg900654m&iName=master.img-009.png&w=231&h=170
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150 �C is close to saturation with respect to strengite, yet it is
undersaturated with respect to strengite at 200 �C. The
degree to which these solutions are saturated with respect
to ferric giniite or other iron phosphate phases could not be
assessed due to a lack of solubility data.

3.4. Implications for Natural Fluids. Thermodynamic cal-
culations suggest that variscite and strengite are the least
soluble phosphate bearing minerals in natural waters at
temperature less than 50 �C and pH< 7.3 The batch reactor
experiments presented above show that amorphous Al and
Fe phosphates rather than crystalline minerals precipitate
initially from solutions supersaturated with respect to var-
iscite and strengite at temperatures less than 100 �C. This
observation suggests that amorphous phase precipitation
rather than variscite or strengite precipitation limits the
maximum phosphate concentration of acidic ambient tem-
perature natural waters. In contrast, variscite dissolution
experiments demonstrate that this mineral dissolves rapidly
in undersaturated solutions.66 If, as was seen in the 100 �C
experiments, amorphous Al and Fe phosphate phases even-
tually transform into their crystalline counterparts, it might
be reasonable to expect that variscite and strengite dissolu-
tion could provide a lower limit for phosphate availability in
acidic ambient temperature natural waters. It therefore
seems likely that water-solid reactions will fix phosphate
concentrations to lie between the thermodynamic stability
fields of crystalline variscite or strengite and their amor-
phous counterparts. In contrast, at T= 100 �C, amorphous
Al and Fe phosphates transform within weeks to variscite
and strengite. It is likely, therefore, that under such condi-
tions these minerals may be able to buffer directly phosphate
concentrations under acidic conditions. In either case, these
results suggest that the addition of Fe3þ could prove to be an
effective means to lower dangerous phosphate concentra-
tions if present in acidic natural waters.

4. Conclusion

The experiments presented above illustrate the systematic
behavior of the solids formed fromsupersaturated solutions in
the Al-PO4-H2O and Fe-PO4-H2O systems. At lower
temperatures, amorphous phases (AAPandAFP) are initially
favored and these can persist for substantial time. At elevated
temperatures, crystalline berlinite and ferric giniite are formed
rapidly, in the aluminum and iron system, respectively, via the
amorphous precursors. The coexisting solutions in the alumi-
num system approach saturation with respect to variscite in
less than 12 h at T e 100 �C and saturation with respect to
berlinite at T> 100 �C. Similarly, the coexisting solutions in
the iron-bearing experiments approach saturation with re-
spect to strengite at 100 �C in experiments of 9 days duration.
This observation of rapid solution equilibration suggests that
the precipitation of phosphate minerals may be sufficiently
fast to buffer phosphate concentrations in mildly acidic
natural waters.
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