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Abstract
Background
Induced precipitation of phosphate minerals to scavenge trace elements from groundwater is a potential remediation approach for contaminated aquifers. The success of engineered precipitation schemes depends on the particular phases generated, their rates of formation, and their long term stability. The purpose of this study was to examine the precipitation of calcium phosphate minerals under conditions representative of a natural groundwater. Because microorganisms are present in groundwater, and because some proposed schemes for phosphate mineral precipitation rely on stimulation of native microbial populations, we also tested the effect of bacterial cells (initial densities of 105 and 107 mL-1) added to the precipitation medium. In addition, we tested the effect of a trace mixture of propionic, isovaleric, formic and butyric acids (total concentration 0.035 mM).

Results
The general progression of mineral precipitation was similar under all of the study conditions, with initial formation of amorphous calcium phosphate, and transformation to poorly crystalline hydroxylapatite (HAP) within one week. The presence of the bacterial cells appeared to delay precipitation, although by the end of the experiments the overall extent of precipitation was similar for all treatments. The stoichiometry of the final precipitates as well as Rietveld structure refinement using x-ray diffraction data indicated that the presence of organic acids and bacterial cells resulted in an increasing a and decreasing c lattice parameter, with the higher concentration of cells resulting in the greatest distortion. Uptake of Sr into the solids was decreased in the treatments with cells and organic acids, compared to the control.

Conclusions
Our results suggest that the minerals formed initially during an engineered precipitation application for trace element sequestration may not be the ones that control long-term immobilization of the contaminants. In addition, the presence of bacterial cells appears to be associated with delayed HAP precipitation, changes in the lattice parameters, and reduced incorporation of trace elements as compared to cell-free systems. Schemes to remediate groundwater contaminated with trace metals that are based on enhanced phosphate mineral precipitation may need to account for these phenomena, particularly if the remediation approach relies on enhancement of in situ microbial populations.
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Introduction
The promotion of phosphate mineral precipitation in order to sequester inorganic contaminants has gained interest in recent years (e.g., [1–5]). Immobilization of contaminants in situ is an attractive option at many sites because the vast quantities of affected media, often with low pollutant concentrations, make excavation or extraction of the contamination infeasible. Phosphate minerals are advantageous for use in sequestration because they are poorly soluble in many environments and they can incorporate a wide variety of elements. In some cases the sequestration may occur by precipitation of the contaminant in primary minerals (e.g. U in autunite [Ca(UO2)2(PO4)2•10-12(H2O)], or Pb in pyromorphite [Pb5(PO4)3Cl]). However, because metal or radionuclide contaminants are often at trace levels, coprecipitation with calcium phosphate minerals is common, as calcium is frequently the dominant cation available to react with phosphate in the subsurface. Hydroxylapatite [Ca5(PO4)3(OH)] (HAP) in particular garners attention because of its well-known ability to immobilize trace metals by coprecipitation or solid solution formation [6] as well as by adsorption [7, 8]. Sequestration in HAP is especially appealing for radionuclide contaminants for several reasons. Actinides (tri- and tetravalent), Cs, and Sr can be incorporated into the HAP structure [6, 9–11], HAP exhibits rapid defect annealing when subject to radiation damage [10] and HAP can be extremely long-lived, as evidenced by the presence of ~2Ga apatites found near the Oklo natural reactor [12].
Phosphate is frequently a limiting nutrient for biological activity in natural terrestrial subsurface systems [13]. Consequently enhanced phosphate mineral precipitation for contaminant immobilization will require the engineered addition and dissemination of phosphate. This is a significant challenge, as the direct addition of high concentrations of soluble inorganic phosphate can result in rapid precipitation and clogging of injection wells [14]. In light of this, several investigators have proposed alternative methods of introducing and distributing phosphate in the subsurface. The use of long-chain polyphosphate to promote uranium immobilization is one option that has been considered [14], and another is the application of the compound glycerol-3-phosphate for degradation by native subsurface microorganisms [15, 16]; both cases are examples of "slow release" or in situ generation of orthophosphate by degradation of precursor compounds. By moving the location of the introduction of the phosphate beyond the injection well, a wider zone of treatment may be realized and injection well clogging mitigated. An analogous approach has been proposed for immobilization of trace contaminants within carbonate minerals, where bicarbonate ion is generated in situ by hydrolysis of urea [17].
Regardless of the mechanism by which reactive phosphate is introduced into the subsurface, the effectiveness of such precipitation-based schemes for remediation of trace contaminants will depend on the specific mineral precipitates generated and their rates of formation. In studies of calcium phosphate mineral precipitation in constant composition experiments conducted over a pH range of 6-9, Zawacki et al. reported that the products were non-stoichiometric apatites, with Ca/P ratios ranging from 1.49 to 1.65 [18]. Precipitation of HAP occurring at high supersaturation has been shown to proceed by steps from the initial precipitation of amorphous calcium phosphate (ACP; Ca3(PO4)1.87(HPO4)0.2) to final crystallization of HAP [19–21]. Feenstra and de Bruyn (1979) later found that ACP proceeds to HAP via the intermediate formation of octacalcium phosphate (OCP; Ca8H2(PO4)6·5H2O), which heterogeneously nucleates onto ACP [22]. In experiments at near-neutral pH and 25°C with a Ca/P molar ratio of 1.67 and a saturation index (relative to HAP) of 20.9, Borkiewicz et al. (2010) found that an initial precipitate consisting primarily of ACP with some brushite transformed over the course of seven days to primarily brushite with small amounts of ACP and poorly crystalline HAP. However, at lower levels of supersaturation (105 - 109, relative to hydroxylapatite), some researchers report that there are no such precursor phases [23], while others state that even at low degrees of supersaturation, HAP never forms homogeneously [24].
In natural systems, organic solutes may also be present and impact the precipitation of HAP. In particular, organic molecules with numerous carboxylate groups, such as humic and fulvic acids, have been shown to significantly reduce precipitation rates even at low concentrations, e.g. 0.25 - 5 ppm [25]. In heterogeneous nucleation systems, it is thought that such molecules adsorb onto seeds and block sites for growth [26]. Organic acids also impact HAP precipitation under non-seeded conditions (homogeneous precipitation). Investigations comparing the effects of 1 mM concentrations of citrate and acetate showed that the presence of citrate resulted in decreased crystal size, higher content of impurities, and greater incorporation of carboxylate groups into the crystal structure, relative to acetate [27]. In addition, the degree of supersaturation required to induce precipitation was higher in solutions containing 1 mM citrate (saturation index = 11.73) than in solutions containing 1 mM acetate; the latter were not significantly different from the organic acid free controls (saturation index = 10.93) [28]. In experiments with 8 mM oxalate, HAP formation was almost completely inhibited due to the precipitation of Ca-oxalate [29].
Phosphate mineral precipitation and dissolution has also been reported to be influenced by the presence of microbial cells. Ca-phosphates and struvite (NH4MgPO4· 6H2O) have been reported to precipitate from culture medium and grow on the outer membrane of Gram-negative bacteria [30]. In experiments on precipitation of Ca-phosphates on agar plates in the presence of Ramlibacter tataouinensis, poorly crystallized minerals with low Ca/P ratios formed in the periplasm while nanocrystalline HAP formed inside the cell [31]. Hutchens et al. (2006) reported that when HAP was introduced into systems with both indirect and direct contact with Bacillus megaterium, dissolution rates increased, suggesting that the cells decreased the mineral stability, although the rate increase was less in the presence of direct contact between the cells and the HAP [32]. In experiments designed to investigate the impacts of non-metabolizing bacterial cells (gram-positive and gram-negative) on precipitation of phosphate minerals, Dunham-Cheatham et al. (2011) determined that although U-phosphate minerals exhibited heterogeneous nucleation at higher saturation states, Ca-phosphate minerals showed no evidence of heterogeneous nucleation, irrespective of the saturation states tested [33]. However, they noted that at the highest saturation states tested (saturation indices with respect to HAP of 8.29 and 8.34), Ca removal from solution was lower in biotic systems than in abiotic controls, an observation they attributed to the complexation of Ca by bacterial exudates.
The majority of the studies reported in the literature and cited above were conducted in "clean" systems where the precipitation medium was limited almost exclusively to the reactants (calcium, phosphate, counter ions, and selected solutes for testing-- e.g., organic acids), or within bacterial culture media. The objective of the present study was to examine the precipitation of calcium phosphate minerals under conditions more representative of an actual groundwater site. We conducted experiments using a synthetic groundwater (SGW) simulating the composition of the Eastern Snake River Plain Aquifer (ESRPA) in Idaho. This SGW has been used as the medium for another study [34] of the microbial degradation of triethylphosphate (TEP) by mixed cultures derived from the subsurface at the Idaho National Laboratory (INL), a U.S. Department of Energy facility located above the ESRPA. TEP was under evaluation as a biodegradable precursor compound (e.g., an alternative to glycerol-3-phosphate) for slow release of phosphate, as a means for immobilizing contaminants such as 90Sr2+ in phosphate minerals.
In our studies with TEP, we observed that despite accumulation of dissolved phosphate in the SGW at concentrations far in excess of what would be expected based on equilibrium considerations, detectable mineral precipitation did not occur [34]. To support interpretation of those results, we decided to determine the threshold concentration of soluble phosphate necessary in order to induce mineral precipitation in the SGW, and then conducted experiments to examine whether the addition of a trace organic acid mixture or bacterial cells affected the course of mineral precipitation and the identity of the solid products. The particular trace organic acids had been identified in the TEP degradation experiments; presumably the acids were released by the microbial cultures. We also compared the impacts of having a "low" and "high" cell concentration within the SGW; a scheme relying on microbial degradation to generate phosphate would likely involve enhancement of microbial abundance in the environment. The cells used in these experiments were a strain of Comamonas testosteroni; phylogenetic analyses of the mixed culture in the TEP degradation experiments indicated relatives of this gram-negative soil bacterium were present in the enrichment [34].

Materials and methods
Chemicals and Materials
All chemicals used in the experiments were ACS reagent grade. Water was 0.2 μm filtered "nanopure" grade (18 megohms-cm; Barnstead, Dubuque, IA).

Synthetic Groundwater Composition
Synthetic groundwater (SGW) was formulated to mimic the ESRPA groundwater composition (Table 1). It should be noted that elevated in-situ pCO2 in the ESRPA causes CO2 to exsolve, pH to rise, and calcite to precipitate upon sampling under atmospheric pressure conditions. The SGW was formulated to reproduce in-situ pH conditions (pH 7.5, adjusted using HCl). Therefore, under experimental conditions of atmospheric pressure, the SGW contains less bicarbonate than the real ESRPA groundwater in order to preserve stability with respect to atmospheric pCO2.Table 1Initial synthetic groundwater composition


	Analyte
	mM

	Na+
	2.04

	Mg2+
	0.72

	Ca2+
	1.50

	K+
	0.20

	HCO3 -
	0.65*

	SO42-
	0.26

	Cl-
	5.62

	NO3-
	0.41

	Sr2+
	0.01

	pH
	7.5


* Note that in bringing SGW to pH 7.5, CO2 is lost to the atmosphere. Actual bicarbonate concentration at pH 7.5 is about 0.21 mM. Indicated chloride concentration includes that contributed by added HCl to achieve desired pH.




Microbial Culture Preparation
C. testosteroni (ATCC 11996) was grown overnight in Nutrient Broth with 2% yeast extract. The mid-to-late log phase culture was harvested and washed three times by centrifugation (14,000 × g; 2 minutes) at 4°C and was re-suspended in sterile distilled water. The final cell concentration in the suspension was adjusted as needed to achieve the desired cell density in the experiments by the addition of 1 mL of cell suspension.

Precipitation Experiments
The impacts of the presence of bacterial cells (C. testosteroni) and of a trace mixture of organic acids on the course and products of phosphate mineral precipitation in the SGW were investigated in batch reactor systems. The selection of particular organic acids and their concentrations was based on observations from the TEP biodegradation experiments [34]. Because the solid phosphate phases that form initially are not necessarily the phases that persist over time [21, 35], the intention was to evaluate the course of precipitation over one week at 25°C. To determine an appropriate amount of initial phosphate such that the onset of precipitation was detectable within a 24 - 72 hr window, a preliminary experiment was conducted with varying amounts of NaH2PO4 added to vessels containing SGW. Based on the results of this experiment, and using a > 3% drop in aqueous phosphate concentration as a target indicator of precipitation, an initial phosphate concentration of approximately 1.6 mM was selected for the time course experiments. The different treatments evaluated are shown in Table 2.Table 2Treatments for Precipitation Experiments


	Treatment
	Description

	Abiotic Control Treatment (AC)
	SGW only

	Organic Acid Treatment (OA)
	SGW with organic acid mixture*

	"Low" Concentration Cell Treatment (LC)
	SGW with 105 cells mL-1

	"High" Concentration Cell Treatment (HC)
	SGW with 107 cells mL-1


*The organic acid composition in Treatment OA was as follows: propionate (0.012 mM), isovalerate (0.01 mM), formate (0.003 mM), butyrate (0.01 mM). Propionate, formate and butyrate were added to the SGW as sodium salts. Isovalerate was added as an ammonium salt.



Possible calcium phosphate precipitation products and their calculated saturation indices for the initial conditions are indicated in Table 3 where Q is the ion activity product and Kso is the mineral's equilibrium solubility product. These thermodynamic calculations were made using vMinteq v. 2.61 [36, 37] with the thermo.vdb thermodynamic database, the comp_2008 component database, and the type 6 solids database [38]. Amorphous calcium phosphates AM1 and AM2 (both phases are Ca3(PO4)1.87(HPO4)0.2) are described in Christoffersen et al. (1989, 1990) [39, 40]. Note that β tricalcium phosphate cannot precipitate from low temperature aqueous solutions [41]; however, when some substitution of Ca by Mg is permitted, this phase can precipitate as whitlockite (Ca18Mg2H2(PO4)14.Table 3Possible calcium phosphate phases and their calculated saturation indices (log Q/Kso)


	 	 	log Q/K
	 	 	 
	AM11
Ca3(PO4)1.87(HPO4)0.2
	AM21
Ca3(PO4)1.87(HPO4)0.2
	Ca3(PO4)2 β2
	OCP1
Ca8H2(PO4)6 ·5H2O
	Brushite2
CaHPO4·2H2O
	HAP2
Ca5(PO4)3(OH)

	-0.126
	2.624
	3.294
	3.568
	0.239
	11.838


1 Thermodynamic data used in Minteq log Q/Kso calculations comes from Christofferson et al., 1990
2 Thermodynamic data used in Minteq log Q/Kso calculations comes from Smith et al., 2003



Triplicate batch systems were set up for each treatment and each of three time points (60 minutes, 24 hrs, and 7 days), for a total of 9 bottles per treatment, to allow sacrifice and collection of all of the newly precipitated solids for analysis at the designated times. For each replicate, 100 mL of SGW (pH 7.5) was added to an acid-washed and autoclaved 250 mL polymethyl pentene bottle. Organic acids were added to the OA bottles, and suspensions of washed C. testosteroni cells were added to the LC and HC treatments with targeted initial average cell densities of 105 and 107 cells mL-1, respectively. Then 1.6 mL of 0.1 M NaH2PO4 (pH 7.5) was added to each bottle. The closed bottles were incubated on a shaker table in a temperature-controlled (25°C) chamber.
Each bottle was sampled immediately after preparation to determine the elemental composition of the aqueous phase. In addition, aqueous samples (1.5 mL) were collected at 60 minutes, 24 hours, and daily until seven days had elapsed. Each sample was centrifuged for 10 minutes at 12,700 × g. The supernatant was filtered (0.2 μm) prior to acidification (nitric acid) and analysis of elemental composition. The pH was measured periodically throughout the experiment.
Samples for cell counts (1 mL for HC treatments, 10 mL for LC treatments) by fluorescent microscopy were also removed at the beginning and end of the experiment, and immediately preserved with 2% formaldehyde and refrigerated until processing. All sample transfers were conducted using sterilized implements and containers.
For solid (precipitated minerals and/or cells) collection, the supernatant was removed after centrifuging (8,000 × g, 20 minutes) and then the solids were washed 5 times with ethanol and repeated centrifuging to remove residual salts. The solids collected from the three replicates for a given treatment and time period (e.g. T1, 24 hours) were combined to attain sufficient mass for analysis.

General Analytical Techniques
ICP-AES
Analysis of aqueous samples for Na, K, Ca, Mg, Sr, P, and S was carried out by ICP-AES (iCAP 6000, Thermo Fisher Scientific, Waltham, MA).

Scanning Electron Microscopy
Solids (in an ethanol slurry) were mounted onto silicon plates, dried, and coated with a thin layer of platinum. Scanning electron microscopy (SEM) of the solids was performed using an FEI Q650 with a tungsten field emission gun in environmental mode using a large field detector. Accelerating voltage was 5 KeV.

X-Ray Diffraction
The ethanol-washed solids were mounted on oriented silicon plates and allowed to air dry before analysis by X-ray diffraction (XRD) using a Bruker D8 Advance X-ray diffractometer (Bruker AXS, Congleton, Cheshire, UK) with Cu Kα1/2 emission using a Goebel mirror. The accelerating voltage was 40 KV with a current of 30 mA and the step size was 0.02 degrees with an integration time of 2 seconds.

Rietveld Structure Refinement
Rietveld structure refinement was performed on diffraction patterns obtained from solids collected at the end of the experiment (7 days) to confirm phases, refine lattice parameters and estimate crystallite dimensions. Topas 4.2 (Bruker AXS) was used for peak profile fitting and application of analytical Voigt functions to fit the diffracted peak profiles.

Microbial Enumeration
Microbial cells in the formaldehyde-preserved samples were enumerated using direct microscopic counts. Cells were stained with 0.01% acridine orange, filtered onto black 25 mm 0.2 μm polycarbonate filters, and counted by epifluorescent microscopy using standard protocols [42].



Results
Changes in Solution Chemistry
The pH decreased in all of the treatments over the 7 days of observation (Figure 1), as would be expected with HAP precipitation. However, the rate of pH change varied for the treatments. In the abiotic control (AC), most of the pH change occurred within the first 48 hrs and then the pH stabilized to just below 7 by 120 hrs. In contrast, in the organic acid (OA) treatment the pH dropped more slowly, although it mirrored the behavior of the AC treatment after 72 hours.[image: A12932_2011_Article_119_Fig1_HTML.jpg]
Figure 1Average pH over the course of the experiment. Error bars show two standard deviations based on triplicate analysis.




The low cell (LC) treatment showed a continually dropping pH for the first 96 hours and the final pH was lower than in the AC or OA treatments. In comparison the high cell (HC) treatment showed a delayed response, but it too reached a pH value lower than the AC and OA treatments and was indistinguishable from the LC treatment by the end of the 7 days. The lower pH in the cell-containing treatments could have been due to the release of amino acids or other organic acids from the cells during the experiments; both LC and HC treatments exhibited a pungent amine-like odor at the conclusion of the experimental period. However, high performance liquid chromatography assays for common organic acids (citrate, butyrate, oxalate, propionate, formate, acetate, succinate, and malate) conducted on aliquots from the treatments after both 1 and 7 days did not detect any of these compounds at levels above the method detection limit (0.1 mM except for isobutyrate (0.18 mM) in one of the three replicates for the LC treatment after one day; data not shown).
With respect to soluble P concentrations (Figure 2a), all of the treatments behaved similarly the first 24 hours, but by 48 hours, there were significant differences between the cell-containing treatments and the cell-free treatments. Aqueous P concentrations for cell treatments (LC and HC) were elevated relative to cell-free treatments (AC and OA), particularly for the first 72 hours, and they remained higher for much of the duration of the experiment, until the last 2 days, when they appeared to have "caught up to" the cell-free treatments. There was no statistically significant difference in P concentrations between the two cell-containing treatments nor between the two cell-free treatments.[image: A12932_2011_Article_119_Fig2_HTML.jpg]
Figure 2Changes in ion concentration in solution over the course of the experiment: (a) phosphorus (b) calcium, and (c) strontium. Error bars show two standard deviations based on triplicate analysis.




The trends in Ca and Sr concentrations (Figures 2b and 2c) were similar to the trend observed for P--that is, removal of all 3 elements from solution is delayed in the cell-containing treatments as compared to treatments without cells. Similarly to the situation for P, there does not appear to be a statistical difference between the two cell treatments nor between the cell-free treatments with respect to Ca removal. However there are differences between treatments with respect to Sr removal. Until the final time point, the AC treatment removes more Sr from solution than any other treatment (Figure 2c). The difference between treatments becomes more obvious if we consider the Ca/Sr ratio in solution. By the end of the experiment, the ratio of Ca/Sr remaining in solution was highest in the AC treatment (molar ratio [Ca]/[Sr] = 102); in comparison the OA, LC, and HC treatments had final solution [Ca]/[Sr] values of 89, 78, and 87, respectively. In other words, the OA, LC and HC treatments apparently resulted in less Sr uptake into the solids compared to the abiotic control. The decreases in aqueous Mg concentrations measured were very small (~-0.05 mM, equivalent to 7%) and uniform for all treatments (data not shown). Within the resolution of our methods, concentrations of Na, K, and S for all treatments were unchanged during course of the experiment.

Characterization of Solids
No solids were observed to have formed after 60 minutes in any of the treatments. After 24 hours, precipitated solids were visible and could be collected from the AC treatment. Solids were also present in the OA and LC treatments, but in both cases the collected solids re-dissolved in the ethanol used for washing, and could not be subsequently characterized by XRD or SEM. Precipitates could not be collected from the HC treatment until after 72 hours.
SEM examination of the AC solids collected after 1 day showed agglomerations of roughly spherical particles on the order of 100 nm in diameter (Figure 3a). The XRD pattern of the solids was consistent with that reported by Li and Weng [43] for amorphous calcium phosphate (ACP). The HC solids at 72 hours also showed a similar XRD pattern (data not shown), although the SEM imaging showed that the precipitates were more needle-like (Figure 3b). Bacterial cells were enmeshed within the precipitated material.[image: A12932_2011_Article_119_Fig3_HTML.jpg]
Figure 3Representative SEM images of solids collected from the four treatments during the course of the experiment: (a) treatment AC after 24 hours, (b) treatment HC after 72 hours, (c) treatment AC after 7 days, (d) treatment OA after 7 days, (e) treatment LC after 7 days, and (f) treatment HC after 7 days. Arrows in (e) and (f) indicate where precipitate appears to occur on bacterial cells. Scale bar for all images is 3 micrometers.




After 7 days, solids were collected from all four treatments. Imaging of the 7-day solids from all of the treatments by SEM showed a morphology like crinkled paper (Figures 3c through3f). Bacterial cells were visible amongst the precipitates from the LC and HC treatments, and precipitates appeared to coat some of the bacterial surfaces (arrows in Figures 3e and 3f). Figure 4 shows an X-ray diffraction pattern for precipitates collected from the AC treatment at the conclusion of the experiment. The pattern is consistent with poorly crystalline HAP, with no significant precipitation of any other phase. Elevated counts seen at ~6o 2θ are caused by the sample holder. The pattern collected from the specimens representing the other three treatments looked similar and are not shown here.[image: A12932_2011_Article_119_Fig4_HTML.jpg]
Figure 4X-ray diffraction pattern of precipitates from the AC treatment collected after 7 days.




Results from Rietveld analysis performed on diffraction patterns from 7-day solids are shown in Table 4. The results confirmed the poorly crystalline nature of the samples; the lack of adequate crystallinity precluded determination of the crystal size. When compared with natural hydroxylapatite, which has lattice parameters of a = 9.417 Å and c = 6.875 Å, respectively [44], the results clearly showed that lattice parameter a became substantially larger with the following progression AC < OA < LC < HC while lattice parameter c became somewhat smaller (AC≈OA > LC = HC). The overall effect is an increasing cell volume in the sequence AC < OA < LC < HC. The 7-day samples were analyzed a second time by XRD 10 months after the initial analysis. There were no significant changes in the X-ray diffraction patterns generated by the AC, OA, or LC treatments; however, although the samples had been stored dry, the second analysis of the HC treatment produced a diffraction pattern completely devoid of peaks, suggestive of a phase lacking any far- or medium-range ordering.Table 4Cell dimensions of the HAP precipitates at day 7


	Sample
	Refinement Residual Rwp %
	Lattice Parameter a(Å)
	Lattice Parameter c(Å)
	Cell Volume (Å3)

	Abiotic Control Treatment (AC)
	12
	9.4563 ± 0.0013
	6.8617 ± 0.0011
	531.38 ± 0.17

	Organic Acid Treatment (OA)
	10.8
	9.4757 ± 0.0018
	6.8680 ± 0.0015
	534.05 ± 0.24

	Low Cell Treatment (LC)
	10.2
	9.4976 ± 0.0017
	6.8582 ± 0.0013
	535.75 ± 0.21

	High Cell Treatment (HC)
	8.8
	9.5229 ± 0.0031
	6.8565 ± 0.0023
	538.48 ± 0.39




For pure systems, the degree to which HAP deviates from stoichiometry can be described by the Ca/P molar ratio. Perfectly stoichiometric HAP has a Ca/P molar ratio of 1.67. Because our precipitated phase contains Mg and Sr in addition to Ca, it is reasonable to examine the divalent cation to phosphate ratio (i.e., (Ca + Mg + Sr)/P). The assumption that the major ions accounting for the phase's stoichiometry include Ca, Mg, Sr, and P is reasonable because although carbonate can substitute into the crystal structure, it would result in a smaller a lattice parameter [45], not the larger a parameter as we observe with our solids. This suggests that if carbonate is present in the crystal structure, the effect is dominated by substitution of HPO42- (see Discussion). Although some substitution of chlorine for hydroxyl is possible in these solids, it would not change the structure type or the overall phase identification.
The trends in the divalent cation/P ratios for each of the four treatments are presented in Figure 5, which shows that stoichiometric HAP is most closely approached by the OA and AC treatments. Even in the last 50 hours of the experiments their divalent cation/P ratios still appeared to be increasing toward 1.67 (at hour 168, the ratio for the OA treatment is 1.58, while the AC treatment's is 1.61), while the ratio for the treatments containing cells appeared fixed around 1.4, where it had been for the last three days of the experiment.[image: A12932_2011_Article_119_Fig5_HTML.jpg]
Figure 5The evolution of the divalent cation/P ratio of ions removed from solution for all treatments.





Cell Growth
Although the cells used for inoculation in the LC and HC treatments had been washed with deionized water and were not provided with growth substrates, cell populations nonetheless appeared to increase over the course of the week long experiment for the LC treatment. The electron and carbon donor(s) necessary to support the observed growth are unknown. As noted previously, analyses for organic acids at day 1 and day 7 did not indicate accumulation of such compounds although it is possible that they were released by cell lysis at concentrations below the method detection limit and/or that they were released but rapidly consumed. During the cell enumeration procedure, it was noted that the cells at day 7 appeared smaller than at day zero. Cell counts rose from 4.28 ± 0.87 × 105 at time zero to 1.11 ± 0.21 × 106 mL-1 at 7 days. In the HC treatments, the counted numbers of suspended cells decreased from 2.31 ± 0.38 × 107 to 3.76 ± 0.27 × 106 mL-1, but these values likely do not reflect the true biomass as an extensive biofilm was observed to develop on the bottom of the HC reactor vessels during the week-long experiment. The increased cell density in the LC treatment could explain why the two cell-containing treatments did not appear to be significantly different from each other with respect to precipitation progress (Figure 2) or final product composition (Figure 5).


Discussion
Calcium phosphate precipitation in the synthetic groundwater in the absence of organic acids or cells appeared to proceed largely as expected based on the reports of other studies conducted under similar conditions (e.g., level of saturation, pH) but in aqueous media of simpler composition. The mineral phase that precipitated after 1 day (amorphous calcium phosphate) was not the same as the one identified at the end of 7 days (poorly crystalline HAP). Although we were not able to detect them with our experimental design, it is possible that other transient phases besides ACP were formed prior to the crystallization of HAP. In experiments conducted at ambient temperature and near-neutral pH in a medium of 100 mM calcium acetate and 60 mM ammonium phosphate (conditions resulting in a saturation index relative to HAP of 20.9 and a Ca/P molar ratio of 1.67, compared to our values of 11.8 and 0.94, respectively), Borkiewicz et al. (2010) detected the formation of only brushite and ACP during an 8 hr observation period, using in situ monitoring with synchrotron XRD [21]. However, in a similar seven-day precipitation experiment with ex situ monitoring by XRD, Borkiewicz et al. (2010) observed initial formation of a precipitate mixture composed predominantly of ACP, with a small amount of brushite. By the experiment's conclusion, the amorphous precipitate had largely transformed into brushite with small amounts of poorly crystalline HAP and some ACP remaining.
The addition of the mixture of organic acids did not appear to impact precipitation progress relative to the abiotic control; the solute concentration profiles were almost identical (Figure 2), as was the composition of the final mineral phase as estimated from solution chemistry (Figure 5). The pH decrease initially lagged, but by 72 hours the trend for the OA treatment mirrored the profile for the abiotic control. The physical appearance (Figure 3d) of the final solid was also indistinguishable from that of the abiotic control. However, the OA cell volume was somewhat larger than the cell volume of the AC precipitate (Table 4)--a finding that is contrary to what van der Houwen et al. (2003) reported based on studies using a higher concentration of organic acids (1 mM) in solution. The organic acid mixture of propionate, isovalerate, formate and butyrate was added at a total concentration of 0.035 mM; this was equivalent to 0.13 mM dissolved organic carbon (DOC) or 1.5 mg-C L-1. This level of DOC is higher than the concentrations reported by Amjad and Reddy (1998) [25] to slow the rate of HAP precipitation, but Amjad and Reddy were studying the effects of humic compounds, rather than simple monocarboxylic acids like those included in this study. Our findings support the reports of van der Houwen et al. (2003), that the number of carboxylate groups is more important than the bulk DOC concentration with respect to inhibition of HAP precipitation.
The addition of cells to the precipitation medium appeared to have a more dramatic impact than the organic acids. During the first 24 hours, the extent of precipitation in the cell-containing treatments appeared to be indistinguishable from the cell-free treatments, as indicated by the P and Ca profiles (Figures 2a and 2b) respectively. However, after the first day the rate of precipitation in the cell-containing treatments apparently slowed, and removal of Ca, Sr and P from solution was less in the LC and HC treatments compared to the AC and OA treatment, until near the end of the experiment. The reason for the temporary lag in precipitation is unknown. One possibility is the production of extracellular polymeric substances (EPS) by the microbial cells. EPS can inhibit mineral precipitation by reducing diffusion rates and creating microgradients of solutes at the mineral surface, and they can also bind divalent metals, such as Ca2+ and Mg 2+, thus decreasing effective saturation in the bulk phase [46]. The resulting constraint on mass transfer of the reactants to the mineral surface would result in slowed precipitation rates. As noted previously, for their experiments with initial saturation states closest to our conditions, Dunham-Cheatham et al. (2011) reported decreased aqueous Ca removal in the presence of cells compared to abiotic controls and attributed this to formation of Ca complexes with bacterial exudates. However, their experiments were conducted primarily over the span of 2-3 hours; the longest experiments performed were 48 hours [33]. In our experiments, between 2 and 5 days we too observed significant differences in Ca removal between the cell-containing and cell-free experiments (Figure 2b). However, the two conditions converged by the end of our 7 day experiments. EPS production would be consistent with the observed development of a biofilm in the HC treatment reactors. In the LC reactors, no biofilm formation was visible, but this may have been associated with the lower initial cell density.
With respect to observed concentrations of phosphate in solution, in experiments such as ours there is the potential for internal phosphate reserves within the cells to play a role. Dunham-Cheatham et al. (2011) noted some contribution of phosphate from cells in their experiments. However, in our studies the concentration of phosphate added was relatively high (~1.6 mM) and the cell density was relatively low (maximum 2.31 × 107 cells/mL). Assuming 6.7fg P per stationary phase cell (based on an estimate for E. coli; [47]), the potential P contribution from cells was 300 times smaller than the amount of P added externally as NaH2PO4, suggesting that the potential phosphorus contribution from the cells was negligible.
One of the most significant differences between the treatments lies in the degree of departure from HAP stoichiometry for the various treatments. As seen in Figure 5, HAP stoichiometry is most closely approached with the AC treatment (divalent cation/P ratio = 1.61), and its greatest departure is with the treatments containing cells (divalent cation/P ratio ~1.4), with the OA treatment having a Ca/P ratio of 1.58. So-called Ca-deficient and other nonstoichiometric apatites have been synthesized in the laboratory, and it has been reported that the lower the HAP stoichiometry, the larger the a lattice parameter [45]. The size of the c lattice parameter was related more to the pH of formation, with a smaller c lattice parameter forming at a pH less than 7 [45]. This is consistent with our data, which shows that the less stoichiometric precipitates are accompanied by the larger lattice parameter a (Figure 5, Table 4). The smaller c lattice parameter for the cell-containing treatments is likely the result of the lower solution pH measured for those treatments (Figure 1). The expansion of the a lattice parameter in non-stoichiometric apatites is attributed to HPO42- and water in the structure (Elliot, 1994). This results in a cation deficiency (lower Ca/P ratio), which is reflected most obviously in the relatively lower amount of calcium incorporated into the HC and LC solids, but this phenomenon would also reduce Sr incorporation into those same solids [48].
The increased departure from stoichiometry for the HAP produced in the cell-containing treatments as compared to the AC and OA treatments may have also been related to the observed loss of crystal integrity for the HC treatment by the time of the second XRD analysis. In natural HAP, the bond between the phosphorus and each oxygen is about 60% covalent, with the remainder consisting primarily of ionic bonding [49]; [50]. However, with non-stoichiometric HAP, calcium ions are removed from the crystal structure and are replaced by ions that are hydrogen-bonded to adjacent ions [49]. In the case of the HC treatment precipitates, it appears that the non-stoichiometry was to such a degree that 10 months after precipitation the X-ray diffraction pattern no longer showed any evidence of medium- or far-range order, although the SEM images looked similar at both timepoints.

Conclusions
The induced precipitation of hydroxylapatite mineral phases in "clean" laboratory systems (i.e., containing just Ca, phosphate, sodium and chloride) has been observed to require the generation of very high levels of supersaturation (> 10 orders magnitude with respect to HAP) [28] and our results suggest that this will be true for groundwater systems as well. Our results also are consistent with the reports of others that HAP precipitation occurs following the transformation of a precursor phase of amorphous calcium phosphate.
The crystallization of HAP in our experiments proceeded relatively slowly; at the end of the week-long experiments the precipitates in the cell-free treatments still appeared to be evolving toward more stoichiometric, and presumably more stable, HAP. This suggests that the minerals formed initially during an engineered precipitation application for trace element sequestration may not be the ones that control long-term immobilization of the contaminants.
The organic acids that were detected in previous experiments designed to observe phosphate mineral precipitation induced by microbial degradation of TEP were unlikely to have been responsible for the absence of detectable mineral precipitation; rather the amount of phosphate released by the microbes was simply insufficient to achieve the required level of supersaturation. In a natural system where sufficient phosphate can be added however, organic acids may be important, although they are more likely to be humic and fulvic acid type compounds than the simple monocarboxylic acids tested here.
Another finding from our study is that microbial cells at concentrations representative of typical and stimulated groundwaters can impact HAP formation by delaying precipitation, by making the precipitates less stoichiometric, and by reducing the incorporation of trace elements in the HAP as compared to cell-free systems. In addition, such precipitates may exhibit reduced long-term stability. Whether these effects are exerted through intact cells or via soluble organic compounds derived from or released by the cells could not be conclusively determined in our study. Nevertheless, schemes to remediate groundwater contaminated with trace metals that are based on enhanced phosphate mineral precipitation may need to account for such effects, particularly if the remediation approach relies on enhancement of in situ microbial populations.

Acknowledgements
We thank Arnie Erickson, Byron White, and Tammy Trowbridge at INL for assistance with the XRD, ICP-AES and SEM, respectively, and James Henriksen and Michelle Walton at INL for assistance with the microbial cultivation and enumeration. We are also grateful for the support and informative discussions provided by Mark Conrad, Nic Spycher, and others from Lawrence Berkeley National Laboratory. Constructive and helpful reviews were provided by J.M. Hughes and two anonymous reviewers. Funding for this research was provided by the Department of Energy, Office of Science, Office of Biological and Environmental Research.

References
1.
Raicevic S, Kaludjerovic-Radoicic T, Zouboulis AI: In situ stabilization of toxic metals in polluted soils using phosphates: theoretical prediction and experimental verification. J Hazard Mater. 2005, 117: 41-53.CrossRef

2.
Moore RC, Sanchez C, Holt K, Zhang PC, Xu HF, Choppin GR: Formation of hydroxyapatite in soils using calcium citrate and sodium phosphate for control of strontium migration. Radiochim Acta. 2004, 92: 719-723.CrossRef

3.
Wellman DM, Icenhower JP, Owen AT: Comparative analysis of soluble phosphate amendments for the remediation of heavy metal contaminants: Effect on sediment hydraulic conductivity. Environ Chem. 2006, 3: 219-224.CrossRef

4.
Arey JS, Seaman JC, Bertsch PM: Immobilization of uranium in contaminated sediments by hydroxyapatite addition. Environ Sci Technol. 1999, 33: 337-342.CrossRef

5.
Giammar DE, Xie L, Pasteris JD: Immobilization of Lead with Nanocrystalline Carbonated Apatite Present in Fish Bone. Environ Eng Sci. 2008, 25: 725-736.CrossRef

6.
Pan Y, Fleet ME: Compositions of the Apatite-Group Minerals: Substitution Mechanisms and Controlling Factors. Phosphates--Geochemical, Geobiological and Materials Importance; Reviews in Mineralogy and Geochemistry. Edited by: Kohn MJ, Rakovan J, Hughes JM. 2002, Mineralogical Society of America, Washington DC, 48: 13-49.

7.
Fuller CC, Bargar JR, Davis JA, Piana MJ: Mechanisms of uranium interactions with hydroxyapatite: Implications for groundwater remediation. Environ Sci Technol. 2002, 36: 158-165.CrossRef

8.
Peld M, Tõnsuaadu K, Bender V: Sorption and Desorption of Cd2+ and Zn2+ Ions in Apatite-Aqueous Systems. Environ Sci Technol. 2004, 38: 5626-5631.CrossRef

9.
Chartier A, Meis C, Gale JD: Computational study of Cs immobilization in the apatites Ca10(PO4)6F2, Ca4La6(SiO4)6F2 and Ca2La8(SiO4)6O2. Physical Review B. 2001, 64: 085110-1 - 085110-9.CrossRef

10.
Ewing RC, Wang L: Phosphates as Nuclear Waste Forms. Phosphates--Geochemical, Geobiological and Materials Importance; Reviews in Mineralogy and Geochemistry. Edited by: Kohn MJ, Rakovan J, Hughes JM. 2002, Mineralogical Society of America, Washington DC, 48: 673-699.

11.
Luo Y, Hughes JM, Rakovan J, Pan YM: Site preference of U and Th in Cl, F, and Sr apatites. Am Miner. 2009, 94: 345-351.CrossRef

12.
Horie K, Hidaka H, Gauthier-Lafaye F: Isotopic evidence for trapped fissiogenic REE and nucleogenic Pu in apatite and Pb evolution at the Oklo natural reactor. Geochim Cosmochim Acta. 2004, 68: 115-125.CrossRef

13.
Hazen TC: Bioremediation. The Microbiology of the Terrestrial Deep Subsurface. Edited by: Amy PS, Haldeman D. 1997, Boca Raton, FL: CRC Press LLC, 247-266.

14.
Wellman DM, Icenhower JP, Owen AT: Comparative analysis of soluble phosphate amendments for the remediation of heavy metal contaminants: Effect on sediment hydraulic conductivity. Environ Chem. 2006, 3: 219-224.CrossRef

15.
Beazley MJ, Martinez RJ, Sobecky PA, Webb SM, Taillefert M: Uranium Biomineralization as a Result of Bacterial Phosphatase Activity: Insights from Bacterial Isolates from a Contaminated Subsurface. Environ Sci Technol. 2007, 41: 5701-5707.CrossRef

16.
Shelobolina ES, Konishi H, Xu H, Roden EE: U(VI) Sequestration in Hydroxyapatite Produced by Microbial Glycerol 3-Phosphate Metabolism. Appl Environ Microbiol. 2009, 75: 5773-5778.CrossRef

17.
Fujita Y, Taylor JL, Gresham TLT, Delwiche ME, Colwell FS, McLing TL, Petzke LM, Smith RW: Stimulation Of Microbial Urea Hydrolysis In Groundwater To Enhance Calcite Precipitation. Environ Sci Technol. 2008, 42: 3025-3032.CrossRef

18.
Zawacki SJ, Heughebaert JC, Nancollas GH: The growth of nonstoichiometric apatite from aqueous solution at 37°C: II. Effects of pH upon the precipitated phase. J Colloid Interface Sci. 1990, 135: 33-44.CrossRef

19.
Eanes ED, Posner AS: A Note on Crystal Growth of Hydroxyapatite Precipitated from Aqueous Solutions. Mater Res Bull. 1970, 5: 377-383.CrossRef

20.
Boskey AL, Posner AS: Conversion of Amorphous Calcium Phosphate to Microcrystalline Hydroxyapatite - Ph-Dependent, Solution-Mediated, Solid-Solid Conversion. J Phys Chem. 1973, 77: 2313-2317.CrossRef

21.
Borkiewicz O, Rakovan J, Cahill CL: Time-resolved in situ studies of apatite formation in aqueous solutions. Am Mineral. 2010, 95: 1224-1236.CrossRef

22.
Feenstra TP, Debruyn PL: Formation of Calcium Phosphates in Moderately Super-Saturated Solutions. J Phys Chem. 1979, 83: 475-479.CrossRef

23.
Boskey AL, Posner AS: Formation of Hydroxyapatite at Low Supersaturation. J Phys Chem. 1976, 80: 40-45.CrossRef

24.
Vankemenade M, Debruyn PL: A Kinetic Study of Precipitation from Supersaturated Calcium-Phosphate Solutions. J Colloid Interface Sci. 1987, 118: 564-585.CrossRef

25.
Amjad Z, Reddy MM: Influence of humic compounds on the crystal growth of hydroxyapatite. Water Soluble Polymers: Solution Properties and Application. Edited by: Amjad Z. 1998, Plenum Press, NY, 77-90.

26.
Inskeep WP, Silvertooth JC: Inhibition of Hydroxyapatite Precipitation in the Presence of Fulvic, Humic, and Tannic Acids. Soil Sci Soc Am J. 1988, 52: 941-946.CrossRef

27.
van der Houwen JAM, Cressey G, Cressey BA, Valsami-Jones E: The effect of organic ligands on the crystallinity of calcium phosphate. J Cryst Growth. 2003, 249: 572-583.CrossRef

28.
Van der Houwen JAM, Valsami-Jones E: The application of calcium phosphate precipitation chemistry to phosphorus recovery: The influence of organic ligands. Environ Technol. 2001, 22: 1325-1335.CrossRef

29.
Cao X, Harris WG, Josan MS, Nair VD: Inhibition of calcium phosphate precipitation under environmentally-relevant conditions. Sci Total Environ. 2007, 383: 205-215.CrossRef

30.
González-Muñoz MT, Rodriguez-Navarro C, Martínez-Ruiz F, Arias JM, Merroun ML, Rodriguez-Gallego M: Bacterial biomineralization: new insights from Myxococcus-induced mineral precipitation. Tufas and speleothems; unravelling the microbial and physical controls. Edited by: Pedley, HM, Rogerson, M. 2010, Geological Society, London, Special Publications, 336: 31-50.

31.
Benzerara K, Menguy N, Guyot F, Skouri F, de Luca G, Barakat M, Heulin T: Biologically controlled precipitation of calcium phosphate by Ramlibacter tataouinensis. Earth Planet Sci Lett. 2004, 228: 439-449.CrossRef

32.
Hutchens E, Valsami-Jones E, Harouiya N, Chairat C, Oelkers EH, McEldoney S: An experimental investigation of the effect of Bacillus megaterium on apatite dissolution. Geomicrobiol J. 2006, 23: 177-182.CrossRef

33.
Dunham-Cheatham S, Rui X, Bunker B, Menguy N, Hellmann R, Fein J: The effects of non-metabolizing bacterial cells on the precipitation of U, Pb and Ca phosphates. Geochim Cosmochim Acta. 2011, 75: 2828-2847.CrossRef

34.
Wu CH, Lam BR, Chou J, Bill M, Brodie EL, Andersen GL, Hazen TC, Conrad ME, Henriksen J, Wright KE, Fujita Y: Microbial metabolism of triethylphosphate, a potential phosphate source for radionuclide mineralization [abstract]. Eos Trans AGU Fall Meet Suppl. 2009, 90: H34A-08.

35.
Abbona F, Franchiniangela M, Boistelle R: Crystallization of Calcium and Magnesium Phosphates from Solutions of Medium and Low Concentrations. Cryst Res Technol. 1992, 27: 41-48.CrossRef

36.
Gustafsson JP: Visual Minteq. 2010, [http://​www.​lwr.​kth.​se/​english/​oursoftware/​vminteq/​]

37.
USEPA: MINTEQA2/PRODEFA2. A geochemical assessment model for environmental systems: User manual supplement of Version 4.0. 1999, 76-

38.
Smith RM, Martell AE, Motekaitis RJ: NIST critically selected stability constants of metal complexes database. NIST standard reference database 46, version 7.0. 2003.

39.
Christoffersen MR, Christoffersen J, Kibalczyc W: Apparent Solubilities of 2 Amorphous Calcium Phosphates and of Octacalcium Phosphate in the Temperature-Range 30-42°C. J Cryst Growth. 1990, 106: 349-354.CrossRef

40.
Christoffersen J, Christoffersen MR, Kibalczyc W, Andersen FA: A Contribution to the Understanding of the Formation of Calcium Phosphates. J Cryst Growth. 1989, 94: 767-777.CrossRef

41.
Dorozhkin SV: Calcium orthophosphates. J Mater Sci. 2007, 42: 1061-1095.CrossRef

42.
Kepner RL, Pratt JR: Use of Fluorochromes for Direct Enumeration of Total Bacteria in Environmental-Samples - Past and Present. Microbiol Rev. 1994, 58: 603-615.

43.
Li YB, Weng WJ: In vitro synthesis and characterization of amorphous calcium phosphates with various Ca/P atomic ratios. J Materials Sci-Materials in Medicine. 2007, 18: 2303-2308.CrossRef

44.
Hughes JM, Rakovan J: The Crystal Structure of Apatite, Ca5(PO4)3(F, OH, Cl). Phosphates--Geochemical, Geobiological and Materials Importance; Reviews in Mineralogy and Geochemistry. Edited by: Kohn MJ, Rakovan J, Hughes JM. 2002, Mineralogical Society of America, Washington DC, 48: 1-12.

45.
Elliot JC: Structure and Chemistry of the Apatites and Other Calcium Orthophosphates. Stud Inorg Chem. 1994, 18: 389-

46.
Arp G, Reimer A, Reitner J: Photosynthesis-induced biofilm calcification and calcium concentrations in phanerozoic oceans. Science. 2001, 292: 1701-1704.CrossRef

47.
Fagerbakke KM, Heldal M, Norland S: Content of carbon, nitrogen, oxygen, sulfur and phosphorus in native aquatic and cultured bacteria. Aquat Microb Ecol. 1996, 10: 15-27.CrossRef

48.
Joris SJ, Amberg CH: Nature of Deficiency in Nonstoichiometric Hydroxyapatites. 2. Spectroscopic Studies of Calcium and Strontium Hydroxyapatites. J Phys Chem. 1971, 75: 3172-3178.CrossRef

49.
Posner AS: Formal Discussion. J Dental Res. 1964, 43: 1039-CrossRef

50.
Leroy N, Bres E: Structure and Substitution in Fluorapatite. Eur Cells Mater. 2001, 2: 36-48.



Competing interests
The authors declare that they have no competing interests.

Authors' contributions
KW and YF designed and executed the experimental work, and drafted the manuscript. TH conducted Rietveld structure refinement and reviewed the manuscript. All authors reviewed and approved the final manuscript.


OEBPS/sidebar.gif





OEBPS/A12932_2011_Article_119_Fig1_HTML.jpg
pH

7.7

76

75

7.4

73

72

71

6.9

6.8

6.7

6.6

® Abiotic Control Treatment (AC)
A Organic Acid Treatment (OA)
2 & B LowCell Treatment (LC)
i ? < High Cell Treatment (HC)
* j. ¢
SR SR
4 ﬂl
T
0 20 40 60 80 100 120 140 160 180

hours

200





OEBPS/A12932_2011_Article_119_Fig4_HTML.jpg
Sqrt (Cps)

Sqrt (Cps)

52 &

[Elcato(0H)2(P04)6 - Hydroryapatite - 00-001-1008 (D) -

2-Theta - Scale





OEBPS/contact.gif





OEBPS/A12932_2011_Article_119_Figa_HTML.gif
_p. Hydroxylapatite
precipitate

Starting
Solution

Indu

g mineral precipitation

1g+SryP=1.61|
Sr=102
o= 1378

abiotic
groundater

groundwater by addition of phosphate

.sr,,,ﬂ;1 Cagrsop-ts]  camgrspmis

Calsr=87

389

groundwater
with

7 calig/ml

s CalS=78
o= 1380 o= 1385

groundwater groundwater
with with
icacids 10° colis/m!
PO,






OEBPS/A12932_2011_Article_119_Fig5_HTML.jpg
1.8

(Ca + Mg +Sr)/P removed from solution
o o o == = =
e (2] o - N + [}

(54
)

hydroxylapatite
'y
g 2 .
A ° o . on .
* *® 3 9. ]
| ]
| ]
o Abiotic Control Treatment (AC)
A Organic Acid Treatment (OA)
| ] Low Cell Treatment (LC)
'3 High Cell Treatment (HC)
20 40 60 80 100 120 140 160 180

Hours





OEBPS/A12932_2011_Article_119_Fig3_HTML.jpg
S ‘ AR 7 . W
WO spo Ba00 | PV ag & - WO spot det tt
500KV 7.46 um 20 000 x 105 m 20 LFDO* Ea 500KV 7.46 ym 20000 x 103 mm 20 LFDO*

HV HFW mag = WD _spot del th =TU102011 | WV | HEW mag + WD spot JW_FI“ KV HPW mag =
R Rl S AWl o i ot B Kool BBl oy Prc L gl o Byl L R R R






OEBPS/A12932_2011_Article_119_Fig2_HTML.jpg
P, mmol in solution

Sr, mmol in solution

1.80
170
1.60
1.50
1.40
1.30
1.20
1.10
1.00
0.90

0.016

0.014

0.012

0.01

0.008

0.006

0.004

I
0 50 100 150
hours

200

1.66

N
=3

N
=)

Ca, mmol in solution
o o
@ o
(=2} (=2}

o
@
>

E

0.46

¢ m > O

(=]

B

-5
L gl

il
ot ey

=)

50 100 150 200
hours

Abiotic Control Treatment (AC)
Organic Acid Treatment (OA)
Low Cell Treatment (LC)

High Cell Treatment (HC)





