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ABSTRACT   

Hydroxyapatite (Ca10(PO4)6(OH)2, HAP), both as a synthetic material and as a constituent of bone 18 

char, can serve as an effective and relatively inexpensive filter material for fluoride (F−) removal from 

drinking water in low-income countries. Fluoride uptake on HAP can occur through different 20 

mechanisms, which are, in principle, influenced by solution composition. Suspensions of HAP (2 g L-1) 

were equilibrated under controlled pH conditions (pH 6.5, 7.3, 9.5) at 25 °C for 28 d after the addition 22 

of different F− concentrations (0.5 - 7.0 mM). The reacted HAP solids were examined with 

Transmission Electron Microscopy (TEM), Fourier Transform Infrared Spectroscopy (FTIR), X-ray 24 

Photoelectron Spectroscopy (XPS) and Nano Secondary Ion Mass Spectroscopy (NanoSIMS). Fluoride 

uptake on HAP was dependent on pH, with the highest capacity at pH 6.5; the lowest uptake was found 26 

at pH 9.5. Under all experimental conditions, the thermodynamically stable mineral phase was 

fluorapatite, (Ca10(PO4)6F2, FAP). Fluoride uptake capacity was quantified on the basis of FTIR and 28 

XPS analysis, which was consistent with F− uptake from solution. The results of XPS and NanoSIMS 

analyses indicate that a fluoridated surface layer with a thickness of several nanometers is formed on 30 

nano-sized HAP.   
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Introduction 40 

The ingestion of elevated fluoride (F−) concentrations via drinking water affects the health of several 

million humans worldwide, particularly in less developed countries.1 Fluoride has a protective effect 42 

against tooth decay at low doses, but elevated uptake can cause dental and skeletal fluorosis.1 The 

therapeutic dose and harmful levels are relatively close; the reported optimum value in drinking water 44 

to prevent tooth decay2 is only 0.5 mg L-1 below the maximum guideline value of 1.5 mg L-1 

recommended by the World Health Organization.1 Elevated F− concentrations are naturally present in 46 

some groundwater sources that are used for drinking water supply, for example in East Africa,3,4 India,5 

China,6 Mexico,7 and Argentina.8  48 

Both harmful and therapeutic health effects of F− are related to its uptake by hydroxyapatite 

(Ca10(PO4)6(OH)2, HAP), the main constituent of bones and teeth.9 Due to the propensity of HAP to take 50 

up F−, the mineral, in the form of bone char or as a synthetic material, has been used in water treatment 

for F− removal.10, 11 In industrial countries, F− removal is accomplished by more efficient but relatively 52 

expensive technologies, such as activated alumina and reverse osmosis.12 In developing countries, bone 

char is still a viable option.10, 13 The F− uptake capacity of HAP is a key criterion for implementation as it 54 

directly affects the lifetime and cost of filter media. Fluoride removal efficiency can be influenced by 

HAP morphology and water composition, such as pH and potentially competing anions (e.g., chloride, 56 

sulphate, and carbonate).14, 15 In order to predict the HAP filter performance, it is important to identify 

and quantify the contributions of possible mechanisms for F− uptake on HAP: (i) adsorption on the 58 

surface, (ii) substitution into the crystal lattice, and (iii) (dissolution-) precipitation.  

(i) Surface adsorption. In this mechanism, F− forms surface complexes with reactive sites on HAP, 60 

such as ≡CaOH. The surface charge is controlled by the chemisorption and release of protons at this 

site, and also on ≡OPO3H2.16 The high affinity of F− for the HAP surface leads to exchange of water (at 62 



 

4 

acidic pH) or hydroxide ions (at neutral pH) at ≡CaOH sites. A comprehensive overview of the surface 

species distribution of FAP as function of pH is provided by Bengtsson et al.16  64 

(ii) Substitution in the HAP crystal lattice. Fluoride ions sorbed onto the HAP surface can substitute 

for hydroxide (OH−) within the HAP crystal structure.17 This substitution is favored because F−, with its 66 

smaller ionic radius (F−: 0.133 nm, OH−: 0.137 nm), fits better into the crystal structure of apatite 

yielding the more thermodynamically stable fluorapatite (Ca10(PO4)6F2, FAP).18-20 This substitution 68 

process is independent of, and does not affect surface charge. It is kinetically controlled primarily by 

diffusion of fluoride from the HAP surface into the crystal. The formation of several nm thick surface 70 

layers of FAP on bulk HAP has been observed after 5 min21 or 1 h22 equilibration in F− solutions and 

may hinder further incorporation of F− into the bulk HAP.23 72 

(iii) (Dissolution-)precipitation. HAP dissolution, particularly under acidic conditions, can result in an 

increase of calcium (Ca2+) and (total, dissolved) phosphate (PO4) concentrations in solution. If the 74 

solution becomes supersaturated with respect to solids such as FAP or fluorite (CaF2), the precipitation 

of these phases can result in a decrease in dissolved solute concentrations. Such precipitation has been 76 

observed to occur either homogeneously in solution or heterogeneously on a pre-existing surface when 

fluoride is added to HAP suspensions.24, 22, 25 Less stable intermediates such as CaF2 may dissolve in 78 

favor of reprecipitation of the most thermodynamically stable phase, FAP.26 

Although, many different studies have contributed to a general understanding of the reactions between 80 

F− and HAP, they are difficult to compare because either HAP surface area was not reported,27, 28 the pH 

was not controlled,24, 11 or the equilibration times varied from minutes29, 30 to months.17 Furthermore, 82 

most studies were conducted at pH 4 – 7, which is relevant for dental care,31, 25 rather than for 

environmental groundwater conditions (pH 5 - 9).  84 
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The aim of the present study was to determine the predominant mechanisms of F− uptake on synthetic 

HAP as function of F− concentration at environmentally-relevant pH values. A combination of 86 

microscopic and spectroscopic techniques was applied to examine the surfaces of the solid products to 

qualitatively and quantitatively evaluate the F− uptake capacity on nano-sized HAP. The outcome 88 

provides an insight into surface reactions on HAP-based filter media during F− removal from drinking 

water and might support optimization potentials of such filter systems. 90 

Experimental Section  

Chemicals and Materials 92 

Powdered HAP was obtained from Budenheim GmbH, Germany. Its characterization as well as the 

synthesis of FAP as a solid reference sample is provided in the Supporting Information (S1-S2).  94 

All other chemicals used were of at least “pro analysi” grade (p.a., from Merck and Fluka). Nanopure 

water (Barnstead NANOpure Diamond UV, resistivity > 18 MΩ-cm) was used for rinsing and solution 96 

preparations. Acid-washed (0.65 % HNO3 followed by ≥ 3 rinses with nanopure water) polyethylene 

(PE) vessels were used for solution preparation and storage.  98 

Influence of pH on the fluoride uptake capacity 

Fluoride uptake capacity of HAP was determined in duplicate in open systems (atmospheric pCO2) 100 

with nanopure water at 25 ± 1 °C. Suspensions (2 g HAP L-1) were mixed by a suspended magnetic 

stirrer to avoid sample grinding. Prior to F− uptake investigations, two experiments were conducted 102 

without pH adjustment to determine the equilibration time and equilibrium pH, in addition to solution 

equilibrium composition within 26 d. 104 

For all following F− uptake experiments, the suspension was pH controlled (6.5 ± 0.5, 7.3 ± 0.5, 

9.5 ± 0.5) with 0.1 M HNO3 and 0.1 M NaOH, using titration units (665, 725, and 842 with Metrohm 106 

software Tiamo 1.2.1) coupled to pH meters (Metrohm 691 and 713) and electrodes (Metrohm 
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6.0259.100 and 6.0258.010). Electrode two-point calibrations were performed at the start of each 108 

experiment by using Titrisol buffers (pH 4 and 9) and checked by measuring buffer of pH 7 (Titrisol). 

After equilibration for 3 d, F− was added to HAP suspensions from a 0.5 M NaF stock solution to 110 

achieve initial dissolved concentrations of 0.5, 0.9, 2.0, 3.3, 5.0 and 7.0 mM. For F− and elemental 

analysis (details in S3-S5, Supporting Information), filtered (0.2-µm nylon, PALL) samples (10 mL) 112 

were taken over 28 d, with more intensive sampling in the initial 24 h. It should be noted that potential 

effects from particles < 0.2 µm and therefore not retained by the filter were not investigated in detail; 114 

these could have the effect of increasing the elemental concentrations in the solutions.  

Samples (20 mL) for total dissolved inorganic carbon (DIC) analysis were taken prior to the addition 116 

of F- and at the end of the 28d-equilibration time. For cation analysis, samples were acidified with 1 % 

suprapure HNO3 and stored at 4 °C until analysis. Measured elemental concentrations were corrected 118 

for the solution volume and solid loss. A 28d-equilibration period was chosen because F− concentrations 

did not vary more than 5 % within the final week. The remaining solid material was collected on a 0.45-120 

µm cellulose-nitrate filter (Sartorius), air-dried, and stored at room temperature for further analysis.  

Influence of different anions on the fluoride uptake capacity at fixed pH 122 

The effect of competing anions on F− uptake on HAP was assessed in duplicates using the same setup 

as described above, at pH 7.3 and 0.5 mM initial F−, but with a shortened equilibration time of 7 d 124 

(when 80 - 90 % of the initial F− was taken up from solution in batches without anion addition). 

Chloride (Cl−) and sulphate (SO4
2−) were added from stock solutions (5.0 mM and 2.5 M NaCl, and 126 

5.0 mM and 1.5 M Na2SO4, respectively) to achieve total dissolved concentrations of 0.5, 5.0 and 

50 mM simultaneously with the addition of F−.  128 

To assess the influence of 5.0 and 50 mM HCO3
−, the system was covered with a septum lid, and a 

N2-gas mixture containing 16,100 ± 2,000 ppm CO2 (PanGas) and a tenfold higher concentration 130 
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respectively, was bubbled directly into the suspension at a rate of approximately 0.05 - 0.10 L min-1. 

The gas mixture, together with 0.1 M NaOH, was used for pH adjustment throughout the experiment, 132 

including a 3d-pre-equilibration. The DIC was monitored during the experiments.  

Solid characterization 134 

Transmission Electron Microscopy (TEM, Tecnai, F30ST, FEI) was performed on pure unreacted 

HAP and FAP, and on solids of 28d-reacted HAP from batches conducted at pH 6.5 with 7.0 mM initial 136 

F− (highest F− uptake from solution) and at pH 9.5 with 2.5 mM initial F− (low F− uptake from solution). 

An acceleration voltage of 300 kV was used. The microscope was operated in the scanning mode and 138 

the solids were localized using a High-Angle Annular Dark Field (HAADF) detector and analyzed with 

an Energy Dispersive X-Ray (EDX) system (EDAX). 140 

Fourier Transform Infrared Spectroscopy (FTIR, FTS 575C, Portman Instruments AG, Software 

BIO-RAD Win-IR, version 4.14) measurements were conducted on air-dried solids of 28d-reacted HAP 142 

from batches conducted at pH 6.5, 7.3 and 9.5 with initial F− of 3.3, 3.3 and 2.5 mM, respectively 

(errors for pH 9.5 with 3.3 mM F− were too high for further consideration of this data). The spectra were 144 

compared with those of pure unreacted HAP and FAP and ground mixtures of the two (1 : 3, 1 : 1 and 

3 : 1). To differentiate the spectral intensities for the 630 cm-1 peak, all data were normalized to the 146 

baseline and to unity for the P-O peak at 600 cm-1. 

X-Ray Photoelectron Spectroscopy (XPS, Quantum 2000, Physical electronics) was performed on 148 

air-dried pure unreacted HAP and FAP, and CaF2 (rock mineral, AlfaAesar), and on solids obtained 

from batches conducted at pH 6.5, 7.3 and 9.5 with 7.0, 3.3, and 2.5 mM initial F−. The XPS analysis 150 

employed monochromatic Al Kα radiation and was conducted under constant neutralization using an 

electron flood gun and very low energy Ar+ ions (10 eV). Binding energy calibration was carried out 152 
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using adventitious carbon, setting the binding energy of C(1s) to 284.8 eV. Spectra were obtained from 

the untreated surface and after sputter cleaning using an analysis spot with a diameter of 150 µm.  154 

Secondary Ion Mass Spectroscopy (NanoSIMS50, Cameca, Courbevoie, France) was performed on 

the solid obtained from the batch conducted at pH 6.5 with 7.0 mM initial F−. Carbon (12C−), fluorine 156 

(19F−), phosphorus (31P−), oxygen (16O−) and nitrogen (12C14N−) were detected simultaneously. The 

analysis was conducted with a lateral dimension of approximately 200 nm x 200 nm and the surface 158 

layers were sputtered to a depth of 20 planes corresponding to a maximum depth of 60 - 90 nm.  

Experimental set-ups and sample preparations for all solid characterization methods are provided in 160 

the Supporting Information (S7-S10).  

Results and Discussion 162 

When HAP is (pre)equilibrated in water, the concentrations of Ca2+ and PO4 increase toward their pH-

dependent equilibrium values. The presence of these ions in solution will then influence the 164 

mechanism(s) by which added F− is taken up by the solid. Different effects on the solution composition 

are expected for the various possible mechanisms. In the case of F− adsorption (mechanism (i)) and / or 166 

substitution into the lattice (mechanism (ii)), an increase in the hydroxide (OH−) concentration, and 

hence pH, would be expected. If precipitation occurs (mechanism (iii)), decreases in the concentrations 168 

of both Ca2+ and PO4, should be observed for FAP precipitation. In the case of CaF2 precipitation, the 

PO4 concentration would be unaffected. Of course, mechanism (iii) can only occur if the prior 170 

dissolution of HAP produces sufficiently high concentrations of Ca2+ and / or PO4 that the solutions are 

supersaturated with respect to a solid phase at a given F− concentration and pH. In addition to the 172 

observed changes in solution composition, evidence for or against the presence of FAP and CaF2 in the 

reacted solids was obtained by TEM, FTIR and XPS analyses. The surface enrichment of F− in the 174 

reacted solids was examined by XPS and NanoSIMS. 
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HAP dissolution as a precondition for fluoride uptake experiments 176 

Dissolution of HAP without pH adjustment (or F− addition) was observed over 26 d and resulted in an 

average pH of 7.3 ± 0.1. This equilibrium pH is close to literature values of 7.0532 and 7.1333 for the pzc 178 

in HAP systems open to the atmosphere. The ionic strength of 2.1 mM was dominated by Ca2+, PO4, 

HCO3
−, K+ and Cl−, the latter two diffusing out of the pH electrode. The Ca2+ and PO4 concentrations at 180 

26 d were 0.09 and 0.08 mM respectively, which corresponds to a saturation index of 0.37 ± 0.21 

according to the following reaction: 182 

Ca5(PO4)3(OH)  =  5Ca2+ + 3PO4
3- + OH-          log Ks0 = -53.41, 25 °C34 

A lower solubility for HAP (log Ks0 of -58.52) has also been reported.35 184 

Uptake of fluoride from aqueous solution  

For F− uptake experiments, HAP suspensions were pre-equilibrated with water for 3 d, allowing the 186 

solutions to reach saturation with respect to HAP at pH 7.3 and 9.5. Upon addition of F−, immediate 

sharp increases in pH were observed in experiments conducted at pH 6.5 and 7.3, and the pH stat 188 

systems required 5 - 15 min to re-adjust the pH to the target values (data not shown). Simultaneous with 

the pH increases, the F− concentration decreased. For initial F− < 2 mM at pH 7.3, Ca2+ and PO4 190 

concentrations remained relatively constant, whereas for initial F− > 2 mM, the concentration of Ca2+ 

decreased rapidly and that of PO4 increased slowly over the 28d-equilibration period (Figure 1a). 192 

Calcium and F− concentrations decreased faster at pH 6.5 than at 7.3 for initial F− > 2 mM (Figure 1a 

and b). All suspensions at pH 6.5 and those with initial F− > 3.3 mM at pH 7.3 were initially 194 

supersaturated with respect to CaF2 (Table 1) and saturation decreased over 28 d; note that the Ca2+ 

concentration after pre-equilibration was highest at pH 6.5. At pH 9.5, there was an initial increase in 196 

pH and concurrent decreases in F− and Ca2+ concentrations were less pronounced, but PO4 

concentrations increased significantly with time (Figure 1a).  198 
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Under all conditions, the suspensions were initially supersaturated with respect to FAP. The degree of 

saturation was lower at pH 6.5 than at pH 9.5 and, in all cases, generally decreased over 28 d. At 200 

pH 9.5, the suspensions were also supersaturated with respect to β-tricalciumphosphate (β-TCP, β-

Ca3(PO4)2). After 28 d, suspensions at pH 9.5 were close to saturation with CaCO3. 202 

The initial sharp pH increases with unchanged Ca2+ and PO4 concentrations in experiments with 

initial F− concentrations < 2 mM suggest the exchange of F− for OH− ions through adsorption 204 

(mechanism (i)) and / or substitution (mechanism (ii)). The adsorption mechanism is consistent with the 

observation of a plateau in F− uptake as a function of equilibrium F− concentration at pH 7.3 after 28 d 206 

(Figure 1c). The maximum uptake of 0.009 mmol m-2 (0.58 mmol g-1) at pH 7.3 corresponds to 25 % of 

the initial F− of 5 mM. The results agree well with those obtained by Bregnhoj,10 who found a maximum 208 

F− uptake of approximately 0.006 mmol m-2 on bone char, in which HAP is the main mineralogical 

component, after a 3week-equilibration. White et al.36 found 0.004 mmol m-2 F− uptake on HAP with 1 h 210 

equilibration at pH 7.0, 37 °C and 100 mM initial F−, whereas Lin et al.22 obtained an uptake capacity of 

0.003 mmol m-2 on HAP with a reaction time of 2 - 3 h at pH 7.1 - 7.3, 37 °C (initial F− concentration 212 

not reported). In the present study, F− uptake within 3 h reached ~ 40 % of the maximum uptake for 

initial F− < 1 mM and ~ 20 % for initial F− > 1 mM.  214 

The F− uptake capacity at pH 6.5 of 0.01 mmol m-2 (although based on only three data points) was 

slightly enhanced relative to that at pH 7.3 (Figure 1c). This trend of higher F− uptake at lower pH is in 216 

agreement with the results of other studies.22, 37 At pH 9.5, no plateau was observed and the maximum 

noted F− uptake was only 0.005 mmol m-2. This is consistent with the observation of fewer available F− 218 

adsorption sites on the HAP / FAP surface at alkaline pH as reported by Bengtsson et al.16  
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If the observed uptake of F− is attributed to the substitution of F− for OH− (mechanism (ii)), the 220 

corresponding extent of conversion of HAP to FAP would be 33 % at pH 6.5, 30 % at pH 7.3, and 5 % 

at pH 9.5 (assuming 1.99 mmol OH in 1 g HAP). Since the substitution would be expected to occur first 222 

in the unit cells adjacent to the surface, it is useful to estimate how much F− could be substituted for OH− 

given the HAP unit cell dimensions of a = b: 0.91466 nm, c: 0.68745 nm obtained from the XRD 224 

reference card.38 Considering both orientations of a × b and a × c faces of the unit cell toward the 

solution gives a range of 0.002 to 0.0058 mmol m-2 based on exchange of either one or both OH− within 226 

the unit cell. The observed uptake at pH 6.5 (0.01 mmol m-2) and pH 7.3 (0.009 mmol m-2) exceeded the 

estimated range, which suggests either that both adsorption (mechanism (i)) and substitution of F− for 228 

OH− (mechanism (ii)) in the first unit cell layer contribute to the observed F− uptake and / or that F− 

diffuses further into the crystal allowing substitution within the bulk. The latter process is likely to be 230 

kinetically limited.     

In the substitution mechanism, FAP is formed by transformation of HAP rather than by HAP 232 

dissolution and subsequent FAP precipitation (mechanism (iii)). As previously noted, the PO4 

concentration in solution (which derives from the HAP pre-equilibration) did not decrease over 28 d but 234 

rather increased. This suggests that FAP is not directly precipitated from solution (mechanism (iii)). If, 

however, HAP dissolution proceeds throughout the 28d-equilibration, FAP precipitation might limit the 236 

accumulation of phosphate in solution thus it may not be possible to exclude this mechanism 

entirely.39,40   238 

At pH 9.5, solutions were also supersaturated with respect to β-TCP (Table 1), but again, it would be 

expected that its formation would be accompanied by removal of PO4 from solution, which was not 240 

observed. The observed decreases in Ca2+ could be related to precipitation of CaCO3, which would in 
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turn decrease the level of saturation with respect to HAP and promote HAP dissolution and the 242 

accumulation of PO4 in solution.   

Over the course of the 28d-equilibration, unstable solid phases formed as intermediates or, in the case 244 

of HAP, present initially would be expected to undergo dissolution in favor of forming FAP as the most 

thermodynamically stable phase.26  246 

Although formation of FAP through (dissolution-)precipitation (mechanism (iii)) seems less likely to 

control F− uptake than adsorption and / or substitution (mechanisms (i) and (ii)), the concurrent decrease 248 

in Ca2+ and F− at pH 6.5 and 7.3 (with initial F− > 2 mM) is indicative of the precipitation of CaF2, which 

is initially oversaturated in these systems. The maximum amount of CaF2 that could be formed in these 250 

systems can be estimated based on the removal of Ca2+ from solution to be approximately 4 mg. Diluted 

into about 2 g of HAP, this amount of CaF2 would be below the detection limit for XRD analysis (~ 1 -252 

 5 % by mass).    

Influence of anions on fluoride uptake 254 

The anions Cl−, SO4
2−, and HCO3

− in excess of F− (up to 100-fold) had no significant effect on the F− 

uptake on HAP during 7d-equilibration (Figure 2). Nor was the uptake affected by the ionic strength 256 

(average range: 3 – 350 mM), which is consistent with F− adsorption on HAP through an inner-sphere 

binding mechanism.41  258 

The relative affinity of HAP for F− as compared to other ions is likely to be related to the size of the 

ions (F−: 0.133 nm; OH−: 0.137 nm;20 CO3
2−: 0.178 nm;42 Cl−: 0.181 nm;20 SO4

2−: 0.230 nm42) particularly 260 

for the substitution mechanism (ii). Substitution of F− for OH− would result in the least perturbation of 

the HAP crystal lattice,18 while Cl− and SO4
2− are too large to be easily accommodated. Carbonate is 262 

known to substitute into HAP, and this has been found to be associated with release of PO4 and 
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decreased stability of the HAP crystal structure.43 Although this would be expected to decrease F− 264 

uptake, no such effect was observed in this study.   

TEM  266 

Transmission micrographs (Figure S1 a-d, Supporting Information) showed typical needle-shaped 

crystals (dimensions of 50 - 100 nm) for the standard samples of pure, unreacted HAP and FAP, which 268 

readily aggregated to form globular particles with dimensions of 1 - 20 µm. The habitus of the crystals 

remained the same when HAP was equilibrated with F− at pH 9.5, but at pH 6.5, the equilibrated crystals 270 

were generally smaller in size (20 - 80 nm) and appeared irregularly shaped. Similarly-shaped crystals 

have been observed previously44 and their habitus attributed to incomplete F− substitution in HAP. The 272 

appearance of the crystals obtained in the present study at pH 6.5 might also reflect partial dissolution 

of the original HAP.   274 

FTIR  

Previous FTIR studies, such as those by Elsami et al.,45 used the O-H stretching mode at around 276 

3570 cm-1 to distinguish qualitatively between HAP and FAP. In the present study, the O-H libration 

mode at 630 cm-1 (which is present in HAP but absent in pure FAP)46, 47 was used to quantify F− uptake 278 

on HAP. The libration mode corresponds to an infinitely long chain of OH− ions located in the calcium-

phosphate channels of the HAP crystal.48 This chain decreases in length if F− substitutes for OH−, which 280 

results in a decrease of the OH-libration intensities.48 With increased F− substitution, the libration peak 

shifts to higher wavenumbers.48 The appearance of OH− and F− related peaks at around 713, 735 and 282 

747 cm-1 have been reported for fluoridated HAP samples that were calcined after reaction with F−,48, 44 

but these were not observed in the present study (Figure S2 a-e, Supporting Information). 284 

The extent of F− exchange for OH− was estimated by comparing the FTIR spectra of the pure solids 

and homogenized mixtures of HAP and FAP (1 : 3, 1 : 1, 3 : 1) with the spectra of solids collected after 286 
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28d-equilibration at pH 6.5, 7.3 and 9.5 with initial F− concentrations of 3.3, 3.3 and 2.5 mM, 

respectively (Figure 3). On the basis of a linear interpolation of the normalized absorbance at 630 cm-1 288 

between pure HAP (0 % F−), the homogenized HAP-FAP mixtures, and pure FAP (100 % F−), the extent 

of substitution of F− for OH− is 32 % at pH 6.5, 20 % at pH 7.3 and 2 % at pH 9.5, which is in 290 

reasonable agreement with the values calculated based on the uptake of F− from solution. In addition, 

slight peak shifts to higher wavenumbers relative to that for HAP were observed with increased F− 292 

uptake (HAP: 628.81 cm-1; pH 9.5: 630.01 cm-1; pH 7.3: 630.01 cm-1, pH 6.5: 630.74 cm-1; Figure 3 ).  

XPS 294 

The surface-sensitive technique of XPS was used to compare the surface composition of the reacted 

solids with pure unreacted HAP and FAP. Surface sputtering to a depth of approximately 5 nm 296 

decreased the average carbon (C) signal from 9.0 ± 2.0 to 3.8 ± 1.6 (n = 5) atm % with the C signal 

assigned mainly to C-C bonds. This signal was thus attributed to surface contamination and therefore 298 

carbon was excluded from the compositional analysis presented in Table 2. A surface excess of about 

6 atm % was observed for oxygen (O) for both HAP and FAP before sputtering; after sputtering, this 300 

surface excess was eliminated for HAP and slightly reduced for FAP. The elemental ratios of Ca / P in 

the sputtered samples of HAP (1.82) and FAP (1.53) were in reasonable agreement with the nominal 302 

value of 1.67. 

The data for F abundance in the reacted solids decreased with increasing pH of the equilibration 304 

reaction. This trend was observed both before and after sputtering; a slight increase in the F atm % in 

the sputtered samples likely reflects the removal of some excess O. The %substitution of FAP for HAP 306 

in the reacted samples after sputtering were 71 % at pH 6.5, 49 % at pH 7.3 and 22 % at pH 9.5. These 

values are considerably higher and spread over a more narrow range than those obtained from FTIR and 308 
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the changes in solution composition, but may also be influenced by the lower than nominal atm % of Ca 

and P observed in the XPS (after sputtering) of the reacted solids. 310 

One other key finding from the XPS analysis was that the observed Ca(2p) binding energy in the 

reacted samples corresponds to that of apatite rather than CaF2 (Figure S3 a-b, Supporting Information). 312 

Since CaF2 is not infrared active, this solid could not be excluded from the FTIR analysis. The XPS 

data indicate that F− is incorporated into the reacted solids in a FAP-like phase, which persists at depths 314 

of more than 5 nm into the solid.               

NanoSIMS 316 

Additional information on surface composition was obtained using NanoSIMS. While XPS samples a 

relatively large area (0.02 mm2), the area sampled by NanoSIMS is much smaller (0.04 µm2). Thus 318 

NanoSIMS has a better chance of sampling individual particles (note that every attempt was made to 

disperse the particles on the sample holder). 320 

The depth profiles of individual anions (31P−, 12C−, and 16O−) exhibited maxima at around 18 nm (Figure 

S4, Supporting Information). This might be related to an increase in the sampled volume with depth 322 

(assuming a spherical particle). Since the intensity of the signals reflect the electronegativity of the 

analytes and provides information only on relative abundance, signals for 19F−, 12C−, and 16O− were 324 

normalized to the signal for 31P− to account for instrumental and matrix effects. 

The normalized profile 19F / 31P (Figure 4) of the solid reacted at pH 6.5 with 7.0 mM initial F− 326 

revealed a sharp decrease within the first 6 - 12 nm (3 - 4 ablation planes) corresponding to a decay 

length (1 / e) of about 4.5 - 6.5 nm. This sharp initial decrease suggests a relative enrichment of fluoride 328 

on the sample surface. A similar trend was observed for 16O / 31P with a relatively enrichment of 16O− 

corresponding to a decay length of 3.8 - 5.7 nm, which probably resulted from sorbed H2O molecules 330 

on the apatite surface. With increased sputtering of the sample, the data become less reliable with 
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increasing sample depth. In general, the findings are consistent with literature values for a fluoridated 332 

surface layer of 3 - 4 nm (neutral pH, 1 h exposure to an undefined concentrated fluoride solution),22 

and of 6 nm (pH 6.2, 5 min exposure to 1.3 mmol NaF).21 Further, they agree with molecular dynamic 334 

models,23 which suggested a partial F− incorporation into the HAP crystal. 

Comparison of interrogation methods and implications for field applications 336 

Assessment of F− uptake on HAP through observations of changes in solution chemistry, FTIR and 

XPS provided reasonably consistent estimates of the uptake capacity of nano-sized HAP. The surface 338 

sensitive methods, XPS and NanoSIMS, provided strong evidence for a fluoridated surface layer though 

NanoSIMS showed a decrease in F− abundance with depth that was not evident in XPS. It is, however, 340 

likely that XPS, since it samples a larger area, averages a signal over more particles than NanoSIMS. 

The analytical approaches used could not distinguish unambiguously among the possible F− uptake 342 

mechanisms of adsorption, substitution and (dissolution-)precipitation, but suggest the presence of 

FAP-like phases in all reacted solid products. The evolution of the PO4 concentrations in solutions 344 

equilibrated with HAP and F− do not support the (dissolution-)precipitation mechanism but cannot 

entirely exclude it. The changes in solution chemistry do indicate that CaF2 is precipitated initially, but 346 

the XPS results indicate that any precipitated CaF2 is replaced by FAP over the 28d-equilibration. 

In the experimental systems studies here, HAP was equilibrated with F− over 28 d. This long 348 

equilibration time is not representative of how HAP-based filters would be deployed in the field. 

Shorter equilibration times would tend to limit the accumulation of Ca2+ and PO4 (i.e., by HAP 350 

dissolution) in the pore spaces of the filter. The adsorption mechanism would be more likely to 

predominate under these conditions and, in the case of alkaline water, F− uptake might be very low. This 352 

could be offset by pH adjustment to increase F− uptake, but this may be logistically difficult in 

developing countries. Another option would be to mix a relatively soluble Ca- and PO4-containing 354 
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mineral into the filter material. This would provide ions for precipitation reactions and thus enhance the 

F− uptake capacity on HAP-based filters. 356 
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TABLE 1. Concentrations of F−, Ca2+ and PO4 and saturation indices for relevant solids for 
batches conducted at pH 6.5, 7.3 and 9.5 with initial F− of 2.5 - 7.0 mM, a) after 3d-pre-496 
equilibration before F− addition (potential saturation indices for CaF2 and FAP), and b) after 20 -
 28 d equilibration in F− solution. 498 

Sample 
F tot Ca tot  PO4 tot  Saturation Index 

 [mM]  [mM]  [mM] HAP CaF2 FAP β-TCP 

pH6.5 

3.3mM 

a  0.13±0.01 0.21±0.06 -5.61±-5.67 0.88±0.08 2.16±2.11 -4.10±-4.32 

b 1.67±0.05 0.02±0.01 0.19±0.004 -9.84±-9.86 -0.60±-0.93 -2.40±-2.43 -6.71±-6.80 

pH6.5 

7.0mM 

a  0.34±0.005 0.20±0.01 -2.35±-3.48 2.11±0.57 5.79±4.77 -2.06±-3.32 

b 5.09±0.20 0.03±0.02 0.24±0.02 -8.53±-8.16 0.56±0.41 -0.51±-0.14 -6.03±-5.77 

pH7.3 

3.3mM 

a  0.21±0.06 0.12±0.03 0.08±-0.44 1.08±0.56 7.04±6.52 -0.88±-1.41 

b 2.29±0.11 0.01±0.01 0.16±0.01 -5.63±-5.53 -0.46±-0.81 1.12±1.22 -4.45±-4.43 

pH9.5 

2.5mM 

a  0.01±0.001 0.13±0.01 2.39±2.22 -0.67±-1.40 7.07±6.89 -0.29±-0.68 

b 2.23±0.09 0.03±0.01 0.28±0.02 5.67±5.72 -0.07±-0.53 10.27±10.33 1.56±1.48 

Saturation indices were calculated according to
η

⎟⎟
⎠

⎞
⎜⎜
⎝

⎛
=

1

0sK
IAPlogS , where IAP is the ion activity product, 

Ks0 is the solubility product and η is the number of ions in the formula unit of the considered mineral.41 500 
The IAP was adjusted for each individual sample; Ks0 was corrected according to Davies for the 
individual activity coefficients. Hydroxyapatite (HAP): 5Ca2+ + 3PO4

3- + OH-; log Ks0HAP = -53.28;34  502 
fluorite (CaF2): Ca2+ + 2F-; log Ks0CaF2 = -10.50;49 fluorapatite (FAP): 5Ca2+ + 3PO4

3- + F-; log Ks0FAP = -
56.12;34 β-tricalciumphosphate (β-TCP): 3Ca2+ + 2PO4

3-; log Ks0TCP = -28.92.50 Bold numbers indicate 504 
saturation of the specific phase; (-) DIC not measured. 

 506 



TABLE 2. Surface composition of pure unreacted HAP and FAP, CaF2 and of solids collected 

from batches conducted at pH 6.5, 7.3 and 9.5 with 7.0, 3.3, 2.5 mM initial F−, respectively 508 

[atm %] obtained from XPS analysis. Upper section: nominal values. Middle section: values 

obtained before sputtering. Lower section: values obtained after sputtering.  510 

 
     

O(1s)   
     

F(1s)   P(2p)   
     

Ca(2p)  Ca/P Ca/F O/P F/O F/P 

HAP (nominal) 61.9 0.0 14.3 23.8 1.67 - 4.4 - - 

FAP (nominal) 57.1 4.8 14.3 23.8 1.67 4.8 4.1 0.087 0.4 

CaF2 (nominal) 0.0 66.7 0.0 33.3 - 0.5 - - - 

before sputtering 

HAP           65.7 0.0 14.1 20.2 1.43 - 4.7 - - 

FAP           60.8 4.0 14.2 21.0 1.47 5.2 4.3 0.066 0.3 

CaF2          0.0 63.7 0.0 36.3 - 0.6 - - - 

pH6.5-7.0     61.7 3.0 14.1 21.3 1.51 7.2 4.4 0.048 0.2 

pH7.3-3.3     62.8 2.3 14.2 20.7 1.46 9.1 4.4 0.036 0.2 

pH9.5-2.5     64.7 1.2 13.4 20.8 1.55 17.6 4.8 0.018 0.1 

after sputtering  

HAP           61.8 0.0 13.5 24.5 1.82 - 4.6 - - 

FAP           59.8 4.5 14.1 21.5 1.53 4.8 4.2 0.075 0.3 

CaF2          0.0 64.8 0.0 35.1 - 0.5 - - - 

pH6.5-7.0     59.0 3.6 13.7 23.8 1.73 6.7 4.3 0.060 0.3 

pH7.3-3.3     60.6 2.4 13.7 23.2 1.69 9.5 4.4 0.040 0.2 

pH9.5-2.5     63.2 1.1 13.6 22.2 1.63 20.0 4.7 0.018 0.1 

 

512 



 

23 

Figure captions 

FIGURE 1. (a) Total dissolved Ca2+ concentrations at pH 6.5 (), 7.3 (), and 9.5 (∆), and PO4 514 

concentrations (filled symbols) from batches with 3.3 mM initial F− at 25 °C and [HAP] = 2 g L-1. 

(b) Total dissolved F− concentration. (c) Fluoride uptake (mmol m-2) on HAP. Error bars present 516 

the standard deviation (n = 2) and are sometimes smaller than the symbols. 

FIGURE 2. Average F−− uptake (n = 2) obtained in HAP suspensions [2 g L-1] with 0.5 mM initial 518 

F−− at  pH 7.3  and  25 °C:  red:  sulphate  (0.5 ± 0.05,  5 ± 0.5,  and  50 ± 5 mM);  green:  chloride 

(0.5 ± 0.05, 5 ± 0.5, and 50 ± 5 mM); and blue: bicarbonate (5 ± 0.2 and 50 ± 12 mM). Error bars 520 

present  the  standard  deviation;  solid  lines  present  F−− uptake  ±  standard  deviation  without  any 

anion  addition.  The  average  background  electrolyte  composition  had  an  ionic  strength  of  3 -522 

 350 mM  as  a  result  of  pH  adjustment  (as  NaNO3),  dissolution  of  HAP  and  addition  of  sodium 

salts, including NaF. 524 

FIGURE 3. FTIR  absorbance  spectra  for  the  following  phases:  100 %  HAP  (black), 

3 HAP : 1 FAP  (dark  grey),  1 HAP : 1 FAP  (medium  grey),  1 HAP : 3 FAP  (light  grey),  100 % 526 

FAP (pale grey), solids from batch pH 6.5 (red), pH 7.3 (green), and pH 9.5 (blue) with initial F− of 

3.3, 3.3 and 2.5 mM, respectively. The data shown were normalized to the baseline and to 1.0 for 528 

the P-O peak at 600 cm-1. 

FIGURE 4. NanoSIMS measurements of the ratios 19F / 31P (thick solid line, scale on the left y-530 

axis), 12C / 31P (dotted line, scale on the left y-axis) and 16O / 31P (thin solid line, scale on the right 

y-axis). The analyzed solids were collected from the batch at pH 6.5 with 7.0 mM initial F−.  532 
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FIGURE 1. 534 
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FIGURE 2.  
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FIGURE 3.  
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FIGURE 4. 592 
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