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Effects of low-molecular-weight organic acids on
the dissolution of hydroxyapatite nanoparticles†
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Hydroxyapatite nanoparticles (HANPs) have recently been advocated as a highly efficient and environmen-

tally benign ‘green’ phosphorus (P) nanofertilizer in modern agriculture. However, knowledge of how low-

molecular-weight organic acids (LMWOAs) secreted by plants in agricultural soils mediate the dissolution

of HANPs and release of dissolved phosphate is nonexistent. Here, three of the most commonly occurring

LMWOAs (acetic, oxalic, and citric acids) were evaluated for their roles in HANPs dissolution in both batch

and column systems. Particularly, O-isotopic ratios of dissolved phosphate during HANPs dissolution were

measured to disentangle mechanisms controlling isotope fractionation. Our results reveal that in a batch

system HANPs dissolution was very fast but the overall dissolution efficiency was low (≤30%), unlike in a

column system where ∼100% dissolution was achieved. The low dissolution efficiency of HANPs in the

batch system was due predominantly to rapid consumption of protons, whereas in the column system the

HANPs were progressively dissolved by low pH LMWOAs and reaction products were eluted out. Regard-

less of LMWOA type and experimental system, the isotopically lighter phosphate (P16O4) was preferentially

released during the initial phases of dissolution and dissolved phosphate became gradually P18O4-enriched

with time. This fractionation was less in batch (−0.3‰ to +1.1‰) than in column (−1.3‰ to +1.1‰) sys-

tems due primarily to lower dissolution efficiency and higher P16O4 and P18O4 exchange between HANPs

and dissolved phosphates. The Rayleigh model well described O-isotopic fractionation of dissolved phos-

phate under different LMWOAs. Overall, our findings provide important insights into the dissolution kinetics

and O-isotopic evolution of phosphate-based NPs that are relevant to plant–soil systems particularly at the

rhizosphere.

1. Introduction

Nanotechnology has been increasingly used as a powerful
tool to augment plant nutrient uptake, maximize crop pro-
ductivity, and improve food quality and thus the sustainabil-
ity of modern agriculture.1,2 Apatite is the primary phosphate

mineral reserve on earth and has long been used for
manufacturing phosphorus (P) fertilizers, but this reserve is
diminishing rapidly.3 Structurally, apatite has a hexagonal
atomic framework, in which there is a dominant element
(primarily Ca) on two of the cation sites and P on the third
cation site (e.g., calcium phosphate apatite). Another struc-
tural site of the calcium phosphate apatite can accommodate
F, Cl, and OH, forming fluorapatite, chlorapatite, and hy-
droxyapatite, respectively.4 Recent studies suggest that syn-
thesized hydroxyapatite nanoparticles (HANPs; Ca5(PO4)3OH)
may be used as an efficient and environmentally friendly
‘green’ P nanofertilizer for crop production with reduced neg-
ative impacts, compared to commonly used commercial
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Nano impact

The roles of naturally occurring low-molecular-weight organic acids (LMWOAs) in the dissolution of hydroxyapatite nanoparticles (HANPs) were explored.
Our results indicate that phosphate release during HANPs dissolution is highly dependent on the type of LMWOA, which has important implications when
HANPs are used as a promising phosphorus (P) nanofertilizer in agricultural soils particularly at the rhizosphere. Furthermore, a stable oxygen isotope tech-
nique was employed for the first time to accurately trace O-isotopic fractionation and evolution of phosphate during HANPs dissolution in abiotic systems.
Given that the HANPs pool has distinct phosphate oxygen isotope signatures compared to soil P pools, the isotope technique could be used to identify
whether plant uptake of P comes from HANPs or from soils and thus to evaluate the use efficiency of HANPs by plants in agricultural soils.
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fertilizers, on water quality due to their nanoscale dimen-
sions, large reactive surface area, and low leaching poten-
tial.5,6 For example, Liu and Lal5 showed that HANPs in-
creased the growth rate and seed yield of soybeans cultivated
in a greenhouse by 33% and 20%, respectively, compared to
soybeans that received a regular P fertilizer (Ca(H2PO4)2).
Montalvo et al.,6 however, reported that HANPs were more ef-
ficient than bulk-sized hydroxyapatite, but not as efficient as
commercial fertilizers in wheat uptake of P in Andisols and
Oxisols rich in iron and aluminum oxides. Clearly, research
on the evaluation of HANPs as a promising P nanofertilizer is
in the very early stages of development, and systematic stud-
ies are needed on P release kinetics of HANPs to address
questions of whether and how HANPs could surpass commer-
cial fertilizers for steady supply of P to plants, and/or offer
other environmental advantages such as limited P leaching
and loss or conditioning soil pH.

Biogeochemical cycling including plant uptake of P in
soils is initiated after dissolution of apatite,7 such as HANPs
when they are used as a promising P nanofertilizer. Dissolu-
tion of apatite in soils particularly in the rhizosphere is pre-
dominantly controlled by protons and low-molecular-weight
organic acids (LMWOAs) that are released as organic matter
decomposition products, microbial metabolites, or root exu-
dates at concentrations ranging from micro- to
millimolar.8–10 The most frequently occurring mono-, di-, and
tri-carboxylic LMWOAs in the rhizosphere are acetic, oxalic,
and citric acid, respectively.8–10 The proposed mechanisms of
apatite dissolution by LMWOAs include (1) proton-promoted
dissolution (LMWOA elevates proton concentration); (2)
ligand-controlled dissolution (LMWOA complexes with apa-
tite and then breaks the metal–oxygen bond); and (3) forma-
tion of aqueous metal–ligand complexes that decrease the ex-
tent of relative saturation of metal (e.g., Ca2+) in
solution.11–13 Understanding the kinetics and mechanisms of
HANPs dissolution by LMWOAs will provide necessary infor-
mation for identifying effective approaches for improving
HANPs' use efficiency and crop productivity simultaneously
in agricultural soils.

Oxygen isotope ratios of phosphate in apatite mineral and
dissolved phosphate (δ18OP) have been increasingly applied
as a powerful environmental geochemical indicator to gain
better knowledge of environmental/temperature conditions
under which apatite minerals (e.g., tooth enamel, bones, and
fish remains) are formed14–16 and for tracing sources and un-
derstanding the biogeochemical cycling of P in natural
environments.17–20 This is because phosphate is primarily cy-
cled in biological systems where rapid O-isotope exchange oc-
curs between phosphate and ambient water via enzyme-
catalyzed reactions, which may lead to complete isotope ex-
change.17,21 In contrast, in abiotic systems, O-isotope ex-
change between phosphate and water is negligible at low
temperature (<80 °C) and near-neutral pH conditions.22,23 To
expand the application of δ18OP values as an indicator of
mineral dissolution and P uptake by plants, additional un-
derstanding of the physicochemical and biological processes

and reactions leading to potential isotope fractionation is re-
quired.24 To date, although several aspects of O-isotopic sys-
tematics involving microbial metabolism in biological sys-
tems17,18 and abiotic interactions such as phosphate
sorption,25 desorption,25 transport,26,27 and mineral precipi-
tation28 and transformation25,29 have been characterized in
limited systems and environments, research dedicated to iso-
tope effects associated with apatite dissolution is rare.28 Par-
ticularly, O-isotopic fractionation during apatite dissolution
by LMWOAs in plant–soil systems has not been explored.30

Our objectives were to (1) unravel the roles of LMWOAs
(acetic, oxalic, and citric acids) in the dissolution of HANPs
in both batch and column systems and (2) decipher the
mechanisms of O-isotopic fractionation and isotope evolution
during HANPs dissolution by LMWOAs in abiotic systems.
Our results provide insights into the dissolution kinetics of
phosphate-based NPs and expand the phosphate oxygen iso-
tope systematics to differentiate reactions during apatite dis-
solution and isotope exchange when the dissolution is
initiated.

2. Materials and methods
2.1. HANPs and LMWOAs

HANPs were purchased from Nanjing Emperor Nanomaterial
Co. Ltd., China. The physicochemical properties of HANPs
have been well characterized previously.31,32 Briefly, HANPs
are single-phase pure hydroxyapatite minerals and display a
rod morphology with dimensions of 20 nm (width) by 100
nm (length). The Ca/P molar ratio of the HANPs is 1.65 and
the specific surface area (SSA) is 154 m2 g−1 (N2-BET method).
The three most commonly occurring LMWOAs, i.e., acetic,
oxalic, and citric acids, were chosen as model organic com-
pounds, and an environmentally relevant concentration of 1
mM (ref. 8 and 9) was used.

2.2. Batch and column experiments

Laboratory-scale batch and column experimental systems un-
der oxic condition and light were used to elucidate HANPs
dissolution kinetics under different LMWOAs. Prior to use,
batch and column experimental apparatuses (polypropylene
tube and glass chromatography column) were soaked in 1 N
HNO3 overnight and then thoroughly cleaned with DI water.
Batch experiments were performed in polypropylene tubes,
where phosphate released during dissolution was monitored
as a function of time. Briefly, 8 or 40 mg of HANPs powder
was weighed into tubes containing 40 mL of DI water (control
experiment) or 1 mM LMWOAs (acetic, oxalic, and citric
acids), yielding 0.2 or 1 g L−1 HANPs. The high concentration
(1 g L−1) was included because it has been commonly used in
mineral dissolution studies.33 All batch experiments were
conducted in triplicate and the tubes were shaken at 100 rpm
for 120 h at 25 °C. The shaking speed was sufficient to keep
the suspension well mixed but without causing turbulence
that might cause abrasion of the HANPs.33 At each sampling
interval, a 2.5 mL aliquot was extracted from each tube and
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immediately ultrafiltrated using a stirred ultrafiltration cell
(Amicon Model 8010, Millipore Corp., Bedford, MA) with a 10
kDa cellulose membrane (PLGC02510) equivalent to nominal
particle sizes of 5–6 nm (ref. 34) to separate dissolved phos-
phate. P species in the ultrafiltrate are assumed to be
dissolved PO4

3− ions because undissolved (or partially
dissolved) HANPs cannot pass through the 10 kDa mem-
brane.32 The clear ultrafiltrate exhibited no detectable
plasmon resonance optical absorption peak,35 confirming the
ability of ultrafiltration to remove undissolved HANPs.

Complementary to mechanistic examination of HANPs dis-
solution by LMWOAs in the batch system, additional sample
characterizations were performed. The average hydrodynamic
diameters (DH) of HANPs under different LMWOAs versus
time were analyzed using a dynamic light scattering method
(DLS; Möbiuζ, Wyatt Technology Corp., Santa Barbara, CA).
Furthermore, after completion of the batch experiments,
some undissolved (or partially dissolved) HANPs were freeze-
dried and analyzed using a transmission electron microscope
(JEM 2010F TEM, JEOL, Japan) to investigate the morphologi-
cal changes of HANPs after interacting with LMWOAs.

Particularly, column experiments were conducted to aid in
better interpretation of kinetic data as in such experiments
reaction products are continuously removed and therefore
back reaction and reaction inhibition can be avoided.33 Col-
umn experiments were conducted in duplicate using a se-
quential deposition–dissolution procedure. Briefly, a glass
chromatography column (1.6 cm inner diameter × 9 cm long)
was dry-packed with 31.5 g of quartz sand (688 μm in diame-
ter) that was thoroughly cleaned previously (1 N HNO3 and 1
N NaOH, respectively) to remove any adsorbed clays and/or
metal oxide impurities,32 yielding a bulk density of 1.74 g
cm−3 and pore volume (PV) of 7.4 mL. Twenty PVs of DI water
(pH 6.5) were subsequently injected in an upflow mode at an
environmentally relevant flow rate (q) of 0.044 cm min−1 (ref.
36) to slowly saturate the column (retention time for tracer is
74 min). The gravimetrically measured porosity of the packed
column was approximately 0.32. Following the saturation
step, a deposition experiment was initiated by injecting 5 PVs
of 0.2 g L−1 HANPs suspension (pH 6.5) into the column,
followed by elution with 5 PVs of DI water (pH 6.5) at q =
0.044 cm min−1. The 0.2 g L−1 HANPs concentration used in
both batch and column deposition experiments was consis-
tent with that in a HANPs transport study.32 The deposition
experiments mimic nanomaterials' accidental release and
subsequent transport along the soil profile,37 or intentional
application of NPs (e.g., NZVI) for environmental remedia-
tion.38 After completion of the deposition experiment, the
HANPs dissolution experiment was initiated by continuously
injecting 20 PVs of 1 mM LMWOA (acetic, oxalic, or citric
acid) at q = 0.044 cm min−1. Our preliminary experiments re-
vealed that 20 PVs of LMWOA were adequate to dissolve the
HANPs retained in the column.

Column effluents were collected continuously using a frac-
tion collector (Foxy Jr., Teledyne Isco, Lincoln, NE). The con-
centrations of dissolved phosphate in samples from batch

and column experiments were measured on a spectropho-
tometer (Beckman DU 640, Beckman Instruments Inc., Ful-
lerton, CA) using the phosphomolybdate blue colorimetric
method,39 whereas the concentrations of HANPs in column
deposition experiments were determined spectrophotometri-
cally at the wavelength of 300 nm.40 The pH of HANPs sus-
pensions and effluents in batch and column experiments was
monitored using a pH meter (Accumet Excel XL50, Fisher Sci-
entific). To fully understand the mechanisms of HANPs disso-
lution by LMWOAs, the chemical speciation of LMWOAs ver-
sus pH was calculated using the Visual MINTEQ 3.0 software.

2.3. Phosphate oxygen isotope ratio measurements

Ultrafiltrate and effluent samples from batch and column ex-
periments (i.e., dissolved phosphate) and selected solid-
phase samples that were intercepted by the 10 kDa mem-
brane (undissolved and/or partially dissolved HANPs) in
batch experiments were individually processed for O-isotopic
analyses. All samples were purified using sequential precipi-
tation and recrystallization methods.24 Briefly, each sample
was first treated with Supelite DAX-8 resin (Supelco,
Bellefonte, PA) to remove dissolved organic matter (e.g.,
LMWOAs),41 precipitated as ammonium phosphomolybdate
(APM), and then recrystallized as magnesium ammonium
phosphate (MAP), as described by Jaisi and Blake.24 MAP was
dissolved and the resulting solution was treated using AG X-8
cation resin (Bio-Rad) to remove Ca2+ and other cations. The
purified phosphate solution was finally precipitated as silver
phosphate (Ag3PO4).

The δ18OP values were measured by online high-
temperature thermal decomposition of Ag3PO4 to CO gas at
1460 °C using a Thermo-Chemolysis Elemental Analyzer (TC/
EA) coupled to a Delta V continuous flow isotope ratio moni-
toring mass spectrometer (IRMS; Thermo, Bremen, Germany)
with an analytical precision of ≤0.3‰ at the Stable Isotope
Facility at the University of Delaware. The δ18OP values were
calibrated against two Ag3PO4 standards, YR-1aR-02
(−5.49‰) and YR-3.2 (+33.63‰). For each run, the oxygen
yield from Ag3PO4 was calculated and those within ±10% of
that of an internal laboratory Ag3PO4 standard (Fisher Scien-
tific) were accepted for isotope analyses. All O-isotopic data
are reported relative to the Vienna Standard Mean Ocean Wa-
ter (VSMOW) standard in units of permil (‰).

2.4. Data analyses

The dissolution efficiency (%) of HANPs in the batch experi-
ments was calculated based upon the concentration ratio be-
tween dissolved phosphate and total phosphate in the
suspension.

The dissolution rate (R; mol m−2 s−1)33,42,43 of HANPs in
batch and column experiments was determined as follows:

(1)
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where ΔM is the mass consumption (mol) of HANPs from
time 0 to t (s) and Si is the initial surface area (m2) of HANPs
(i.e., SSA × mass), consistent with the approach of Welch
et al.,33 Guidry and Mackenzie,42 and Chairat et al.43 For a
specific C0, Si is a fixed value, e.g., Si = 1.23 and 6.16 m2, re-
spectively, at 0.2 and 1 g L−1 HANPs in the batch experi-
ments. In this study, the average dissolution rate (Rave; mol
m−2 s−1) is employed to quantify the capability of LMWOA
in HANPs dissolution, which refers to R when the dissolu-
tion reaction reaches equilibrium (or steady state),44 e.g.,
∼1 h and 2.5 PV, respectively, for batch and column experi-
ments (as shown below).

The two-site dissolution model45–47 was applied to de-
scribe HANPs dissolution kinetics under different LMWOAs
in the batch experiments. Site 1 predominates when dissolu-
tion occurs under unsaturated solutions, e.g., during the ini-
tial phases of dissolution, whereas site 2 becomes active dur-
ing later stages particularly when dissolution approaches
equilibrium, e.g., (partial) saturation solutions.

(2)

C[PO4
3−]t = C[PO4

3−]max1 × (1 − e‐k1t) + C[PO4
3−]max2 × (1 − e‐k2t)

(3)

where eqn (2) is the analytical rate expression and eqn (3) is
its integrated form; C is the concentration (mM) of dissolved
phosphate; Cs1 and Cs2 are the ‘apparent solubilities’
(mM)46,47 of dissolved phosphate associated with sites 1 and
2, respectively; k1 and k2 are the dissolution rate constants
(h−1) on sites 1 and 2, respectively; and C[PO4

3−]max1 and
C[PO4

3−]max2 are the concentrations (mM) of total dissolved
phosphate for sites 1 and 2, respectively.

The Rayleigh model has been widely used to describe
trends on isotope fractionation48 and was used to quantify
18O enrichment factor (ε0; ‰) in dissolved phosphates:

(4)

where δ18OP0 and δ18OP are the phosphate oxygen isotope ra-
tios of starting HANPs (t = 0) and dissolved phosphate at
time t during dissolution, respectively; and C0 and Ct are the
corresponding concentrations of starting HANPs and
dissolved phosphate, respectively.

One-way ANOVA analysis was conducted to identify statisti-
cally significant differences among measured δ18OP values using
Tukey's Honestly Significant Difference (HSD) test. The statisti-
cal analyses were performed using SPSS 16.0 software, and the
differences of means were considered significant at p < 0.05.

3. Results and discussion
3.1. Dissolution of HANPs in batch experiments

Dissolution of HANPs in terms of efficiency and rate at initial
HANPs concentrations (C0) of 0.2 and 1 g L−1 under three
LMWOAs (1 mM acetic, oxalic, and citric acid) in the batch
system is shown in Fig. 1. A very rapid release of dissolved
phosphate occurred initially (∼0.2 h; Fig. 1a and c), and the
release of dissolved phosphate then either remained constant
or, in some cases, decreased slightly with time (C0 = 1 g L−1)
until a steady state was reached. The dissolution efficiency
followed the order acetic < oxalic < citric acid and was much
higher at lower C0 (0.2 g L−1). These results were supported
by the fact that the R value varied in the same order, acetic <

oxalic < citric acid, and was larger at lower C0

(Fig. 1b and d). Similar findings were observed on the disso-
lution of apatite minerals by inorganic33,42 and organic acids
(e.g., LMWOAs).33,49 This is due primarily to proton-
promoted (mechanism 1) and ligand-controlled dissolution
(mechanism 2; as shown in the ESI,† Fig. S1) and
approaching solution saturation with respect to the dissolv-
ing species and/or possible secondary mineral phases in the
batch system, which are discussed below in detail.

3.1.1. Proton-promoted dissolution. The dissolution rate
of minerals such as oxides, silicates, and phosphates is pro-
portional to the proton concentration, as has been shown in
surface speciation modeling and surface titration experi-
ments.11 Kpomblekou and Tabatabai49 further demonstrated
that the amount of P released from phosphate rocks under
different LMWOAs was significantly negatively correlated
with solution pH. In our study, the initial pH of 1 mM
LMWOAs (4.79, 3.90, and 3.60 for acetic, oxalic, and citric
acids, respectively, at t = 0; Fig. 2a and b) and equilibrium
pH of HANP–LMWOA suspensions (e.g., 5.95, 5.17, and 5.03,
respectively, at t = 120 min and C0 = 0.2 g L−1; Fig. 2a)
followed the same order: acetic > oxalic > citric acid. Inter-
estingly, there was an early fast increment in pH, followed by
a much longer slow increase towards a nearly neutral pH dur-
ing HANPs dissolution (Fig. 2a and b). This increase in pH
was more pronounced at higher C0 due primarily to faster
and greater proton depletion in the suspension (ΔpH = 0.27–
1.44 vs. 1.37–2.58 at C0 = 0.2 and 1 g L−1, respectively;
Fig. 2c and d). Careful examination of the relationship be-
tween R and ΔpH revealed that the value of R decreased line-
arly with ΔpH, suggesting that the contribution of protons to
HANPs dissolution became weaker during later stages (i.e.,
larger ΔpH). Furthermore, the linear slope varied in the order
of acetic > oxalic > citric acid, meaning that protons played
a less important role in HANPs dissolution in acetic compared
to oxalic and citric acids, consistent with the kinetic results
(as shown in Fig. 1). Additionally, the linear slope was greater
at higher C0 (e.g., −7 < −3 for acetic acid at C0 = 0.2 and 1 g
L−1, respectively), indicative of less contribution of protons at
higher C0. Similar pH change phenomena were frequently
reported on apatite mineral dissolution under acidic pH con-
ditions where mineral-bound cations (e.g., Ca2+) are
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exchanged with protons at mineral surfaces and then re-
leased to the bulk solution, yielding a concomitant increase
in solution cation concentrations and pH.42 The chemical
speciation of acetic, oxalic, and citric acids versus pH is in-
cluded in the ESI† Fig. S2, which shows that proton domi-
nates initially (t = 0, pH 3.60–4.79), but its concentration de-
creases progressively with pH (from 3.60 to 6.54) due to
increased proton–cation exchange. The equilibrium pH of
HANP–LMWOA suspensions remained in the range of 5.0–6.5
(Fig. 2a and b), which is commonly observed in apatite min-
eral dissolution.33,42,50 Wu et al.51 indicated that apatite has
two surface groups, ≡P–O− and ≡CaOH2

+, and that the ≡P–
O− group protonates within pH 5–7 to form ≡P–OH0 and the
CaOH2

+ group deprotonates within pH 8–10 to form ≡CaOH0.
Consequently, within pH 5.0–6.5, the ≡P–O− group controls
the dissolution rate of HANPs.

3.1.2. Ligand-controlled dissolution. While distinguishing
proton- and ligand-promoted effects is not straightforward in
mineral dissolution experiments where pH is not held con-
stant by buffering agents, we did not buffer the pH of HANPs
suspensions because buffering agents can affect dissolution
and result in high element background levels, thereby caus-
ing large errors after blank correction.52–54 It is well known
that organic ligands can promote mineral dissolution

irrespective of pH buffering.11–13,33,42 Here, organic ligands
are expected to affect HANPs dissolution both directly and in-
directly. First, organic ligands directly complex with metal
ions (e.g., Ca2+) and weaken metal–oxygen bonds on mineral
surfaces, thus catalyzing the release of metal to the solution.
Equally importantly, organic ligands indirectly enhance min-
eral dissolution by complexing with metal ions already re-
leased to the solution, thus decreasing the effective concen-
tration of metals in solution for preventing saturation.
Additionally, organic acids buffer solution pH because disso-
ciated protons are consumed during dissolution. The ‘direct’
and ‘indirect’ dissolution of HANPs by organic ligands occurs
at the apatite crystal surface and in the bulk solution, respec-
tively.45 Regardless of C0, acetic acid had the least effect com-
pared to oxalic and citric acids on HANPs dissolution (Fig. 1).
This is because organic ligands containing two or more do-
nor atoms in functional (carboxyl) groups and capable of
forming bi- or multi-dentate mononuclear surface chelates
(oxalic and citric acids) that readily transfer electron density
to the centers of the surface metal can accelerate the cleavage
of metal–oxygen bonds and their eventual detachment from
mineral surfaces.11,12 Given that citric acid is subjected to dif-
ferent degrees of protonation depending on pH (Fig. S2†), it
is important to explore the role of citrate ligands on HANPs

Fig. 1 Dissolution efficiency (%) and dissolution rate (R; mol m−2 s−1) of HANPs as a function of time under different LMWOAs (1 mM acetic acid,
oxalic acid, and citric acid, respectively) in batch experiments at initial HANPs concentrations (C0) of 0.2 g L−1 (a and b) and 1 g L−1 (c and d),
respectively. Error bars represent the standard deviations in triplicate experiments. Insets in (b) and (d) highlight R change during the early stages
where y-axes are shown in logarithmic scale.
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dissolution over the pH range encountered (pH 3.6–6.0;
Fig. 2b). At pH 3.6, H2-citrate

− dominates with small amounts
of H3-citrate and H-citrate2− ligands, whereas H-citrate2− pre-
dominates when pH is elevated to 6.0. Based on computer
simulations,55 these citrate ligands are expected to thermody-
namically coordinate with Ca2+ on HANPs surfaces through
surface complexation reactions, forming Ca–H2-citrate

+ and
Ca−H-citrate complexes. However, at the onset of dissolution
where proton concentration is high, proton exchanges with
Ca2+ are much faster and more profound than that of ligand–
Ca2+,53 resulting in a rapid increment in pH during the early
stages (Fig. 2a and b). The ligand–Ca2+ interaction does not
become significant until the solution pH is high. Therefore,
the Ca–H-citrate complex is likely to take over the dissolution
during later stages where pH change is much smoother
(Fig. 2a and b).

3.1.3. Dissolution rate (R) in batch experiments. Because
proton and ligand determine HANPs dissolution at different
stages, an exponential decay model that includes two differ-
ent decay coefficients (d1 and d2) was employed to quantify
the contribution of protons (d1) and ligand (d2) in R
change versus time in the batch experiments (ESI,† Fig. S3
and Table S1). The selection of the two-decay-coefficient
model is also supported by the findings of Rnet vs. Δt

(where Rnet characterizes the net dissolution rate over a
specified time interval; as shown in the ESI,† Fig. S4) that
Rnet decreased significantly initially but remained relatively
constant during later stages; thus a one-decay-coefficient
model cannot accurately capture these features (Fig. S3 and
S4†). Our modeling results clearly indicate that the contri-
bution of protons is much greater than that of ligand be-
cause d1 ≫ d2 (Table S1†). Moreover, both values of d1 and
d2 varied in the same order, acetic < oxalic < citric acid,
implying the greater contribution of citric than acetic and
oxalic acids. These findings are important for selecting ap-
propriate models to capture HANPs dissolution kinetics un-
der different LMWOAs in the batch experiments (Fig. 1), as
described below.

In a batch system, solution saturation impacts mineral
dissolution rate.33,42 For undersaturated conditions, the activ-
ity of a chemical species between solid and solution de-
creases when its concentration in solution elevates, resulting
in a reduction in dissolution rate as the solution approaches
saturation (e.g., PO4

3− ion; Fig. 1). On the other hand, re-
moval of ions due to precipitation has an opposite effect. For
example, oxalic acid can precipitate as Ca-oxalate, which pro-
motes HANPs dissolution by lowering Ca2+ concentration in
the solution.33,53

Fig. 2 Change in pH of HANPs suspension as a function of time (a and b) and relationship between pH change (ΔpH) and dissolution rate (c and d)
under different LMWOAs (1 mM acetic acid, oxalic acid, and citric acid, respectively) in batch experiments at C0 = 0.2 g L−1 (a and c) and 1 g L−1 (b
and d), respectively. Error bars represent the standard deviations in triplicate experiments.
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We additionally analyzed the relationships between aver-
age dissolution rate (Rave) and the number of carboxyl groups
(N) and Rave and consumed amount of protons when the dis-
solution reaction reaches equilibrium, respectively at C0 = 0.2
and 1 g L−1 in the batch experiments (ESI,† Fig. S5). The value
of Rave increased linearly with N (Fig. S5a†), confirming that
the carboxyl group affects the dissolution rate of HANPs. The
Rave values were much smaller at C0 = 1 g L−1 than at C0 = 0.2
g L−1 due primarily to more rapid depletion of protons. In ad-
dition, the Rave value was observed to increase linearly with
consumed amount of protons and the slope was higher at
lower C0 (Fig. S5b†), consistent with the correlation between
R and ΔpH (Fig. 2c and d). These results clearly verify that
the amount of protons controls HANPs dissolution and the
effect is more pronounced at lower C0 in the batch experi-
ments. The Rave values obtained in our study, i.e., (2.3 ±
0.005) × 10−10 to (3.1 ± 0.1) × 10−9 mol m−2 s−1, are consistent
with those in published literature on apatite minerals,33,42,50

because R is normalized by the initial surface area of apatite.
For example, within pH 2.2–6.7, Valsami-Jones et al.50 found
that R ranged from 1.8 × 10−9 to 3.0 × 10−9 mol m−2 s−1 for
natural apatite and from 4.5 × 10−11 to 2.3 × 10−9 mol m−2 s−1

for synthetic apatite. Welch et al.33 observed that R increased
from 2 × 10−10 to 2 × 10−9 mol m−2 s−1 for natural apatite
when pH was decreased from 5.5 to 4.0. The small discrep-
ancy in R between our and past studies could be due to a
number of factors including differences in experimental pro-
cedures (solution type, volume, and saturation state, and
shaking rate) and properties of apatite mineral (size, surface
roughness, and surface area), which altogether influence apa-
tite solubility and reactivity.

To better discern the contribution of proton and ligand to
HANPs dissolution in the batch experiments, the linear slopes
of R vs. ΔpH and R vs. N are compared (Fig. 2 and S5a†). Our
results show that the linear slope of R vs. N was steeper at
lower C0 (Fig. S5a†), indicative of greater contribution of li-
gand at lower C0, recalling that protons also play more pro-
nounced roles at lower C0, both of which contribute to the
greater dissolution of HANPs at lower C0 (Fig. 1). Most nota-
bly, the linear slope (absolute value) of R vs. ΔpH was 1–2 or-
ders of magnitude greater than that of R vs. N (note that the
slope of R vs. consumed amount of protons is a different story
because the values of consumed proton amount are not on
the same magnitude as those of ΔpH and N, as shown in
Fig. 2 and S5†), demonstrating the dominant role of protons
in HANPs dissolution in batch experiments, which is in agree-
ment with the results obtained from the two-decay-coefficient
model (Fig. S3 and Table S1†). These findings are expected be-
cause >90% HANPs dissolution was completed during early
stages (e.g., 0.2 h; Fig. 1) where proton concentration is high.

3.1.4. Dissolution rate constant (k) in batch experiments.
The two-site dissolution model well captured HANPs dissolu-
tion kinetics under three LMWOAs in the batch experiments
(R2 ≥ 0.99; Fig. 1 and ESI† Table S2). The values of both
C[PO4

3−]max1 and k1 on site 1 were higher than those of site 2
C[PO4

3−]max2 and k2 (with the exception of k2 in acetic acid),

meaning that site 1 controls the overall dissolution of HANPs
particularly during early phases (Fig. 1a and c), and dissolu-
tion on site 2 becomes active only during later stages where
the solution approaches (partial) saturation, thereby resulting
in a decrease in R (Fig. 1b and d). These findings quite agree
with the respective contribution of proton and ligand on
HANPs dissolution (described above). Both values of
C[PO4

3−]max and k on either site were higher at lower C0, im-
plying that HANPs dissolution was faster at lower C0. Most im-
portantly, the k1 values generally followed the order k1-acetate
< k1-oxalate < k1-citrate, substantiating that HANPs dissolution
was the lowest for acetic and the highest for citric acid, anal-
ogous to their carboxyl group contents (Fig. S5a†). In con-
trast, the k2 values exhibited an inconsistent behavior likely
because back reaction and reaction inhibition occurred when
dissolution approached equilibrium,45 thereby obscuring the
trends of k2 at varying LMWOAs. It is noteworthy to mention
that the k values obtained for the HANPs are ≥1 order of
magnitude greater than those for bulk apatite min-
erals.33,42,50,53,56 This is because HANPs dissolution is size de-
pendent and the HANPs in our study are smaller (≤100 nm)
and have higher SSA (154 m2 g−1) compared to those in the
literature (20–1000 μm and 0.026–16 m2 g−1, respectively, for
bulk apatite minerals),33,42,50,53,56 i.e., the smaller size and
higher SSA, the larger the k.57,58

Previous studies demonstrate a linear dependence be-
tween dissolution rate and rate constant on HANPs dissolu-
tion under acidic pH conditions.42,43 A similar linear relation-
ship was obtained between Rave and k1 (reflects the
contribution of proton) under different C0 and LMWOAs in
the batch experiments (ESI† Fig. S6). These findings again
substantiate the predominance of protons in HANPs dissolu-
tion in the batch experiments. Please note that although
citric acid has an additional OH− group, which would affect
the dissolution of HANPs, the contribution of the OH− group
to HANPs dissolution is expected to be negligible because (1)
protons control the overall dissolution of HANPs (described
above), and (2) the OH− group plays a less important role in
HANPs dissolution compared to that of the COOH− group.

Monitoring the changes in size and morphology of HANPs
during dissolution by LMWOAs shows that the DH value of
HANPs decreased drastically during early phases of dissolu-
tion (0–10 min) and then remained constant throughout
steady-state conditions (ESI† Fig. S7), consistent with the
trends of HANPs dissolution kinetics (Fig. 1). The DH value of
HANPs was in the order acetic > oxalic > citric acid, again
confirming the greater role of citric acid in accelerating
HANPs dissolution than that of oxalic and acetic acids. The
TEM images show that the pristine HANPs are rod-shaped,
measuring 20 nm wide and 100 nm long (ESI† Fig. S8a). In
LMWOA solution, etching of HANPs led to the formation of
different shaped HANPs (spherical, ellipsoidal, diamond, and
triangular; Fig. S8b–d†) because etching is not likely to be
controlled by crystal defect-induced dissolution on HANPs sur-
faces due to large SSA and high surface free energy. This in-
formation could be helpful for synthesizing apatite-type
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nanofertilizers having different shapes because the efficiency
of a nanofertilizer in soils (porous medium) is dependent on
its mobility, which is related to particle shape.59,60 It should
be mentioned that in this study, R (and Rave) is normalized to
the initial surface area of HANPs (eqn (1)), which is a fixed
value at a given C0. Nonetheless, the size and shape of
HANPs were observed to be altered during dissolution (Fig.
S7 and S8†), which would affect R. Because the dissolution
efficiency of HANPs varied in the order of acetic < oxalic <

citric acid and was lower at higher C0 (Fig. 1a and b), the ac-
tual surface area of HANPs during dissolution is expected to
follow the trend of acetic > oxalic > citric acid and is
greater at higher C0. Consequently, the actual value of R
(and Rave) would follow the same trend of acetic < oxalic <

citric acid (i.e., the same as that obtained by normalizing
the initial surface area of HANPs) and be much larger for
citric than oxalic and acetic acids particularly at lower C0.

3.2. Dissolution of HANPs in column experiments

The breakthrough curve and retention profile of HANPs at
C0 = 0.2 g L−1 in the column deposition experiment are
presented in the ESI† Fig. S9, which show that the mobil-
ity of HANPs was rather limited (∼5% broke through) and

most of the HANPs were retained (∼7.03 mg of HANPs)
particularly near the column inlet (0–3 cm), consistent
with our previous results.31,32 These phenomena are
largely due to aggregation and straining of HANPs in a
porous medium. No wall effect and preferential flow oc-
curred in the transport experiments because of the
symmetrical breakthrough curve of the tracer (ESI†
Fig. S10).

The effect of LMWOA type on the dissolution of HANPs
(C0 = 0.2 g L−1) in the column system is shown in Fig. 3. An
initial peak of dissolved phosphate occurred after the onset
of HANPs dissolution, which was the lowest for acetic and
the highest for citric acid. The higher peak of dissolved phos-
phate in citric than oxalic and acetic acids is consistent with
the greater capability of citric acid, allowing faster dissolution
of HANPs (as observed in the batch system). In contrast, the
duration of the phosphate peak varied in the order of acetic >

oxalic > citric acid (Fig. 3a), i.e., the peak plateau maintained
∼6, 3, and 1 PV, respectively, in acetic, oxalic, and citric acid.
To demonstrate more explicitly that the plateau of phosphate
release is a general phenomenon in column dissolution experi-
ments, a 5-fold higher loading of HANPs (5 PVs of 1 g L−1

HANPs suspensions) was used in the column deposition ex-
periment. A much longer duration (∼35 PVs) and lower peak

Fig. 3 Normalized effluent concentration (a; left y-axis), cumulative effluent mass recovery (a; right y-axis), effluent pH (b), and dissolution rate (c)
as a function of PV, and relationship between pH change and dissolution rate (d) when continuously injecting 20 PVs of 1 mM LMWOAs (acetic
acid, oxalic acid, and citric acid, respectively) to dissolve the HANPs retained in the column at C0 = 0.2 g L−1. Error bars represent the standard
deviations.
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value (Ci/C0 = 0.007) of dissolved phosphate were obtained
(ESI† Fig. S11a) compared to those at a lower HANPs loading
(Fig. 3a). These observations are anticipated because HANPs
dissolution in a dynamic column system removes dissolved
phosphate and maintains undersaturated conditions,44 yield-
ing a ∼100% dissolution (96.3–105%; Fig. 3a) of HANPs,
and the lower peak value observed at a higher HANPs load-
ing in the column system reflects a slower dissolution rate,
with the order consistent with that of the batch system. The
trend of pH change upon the injection of LMWOAs (Fig. 3b
and S11b†) is in excellent agreement with that of HANPs dis-
solution kinetics (Fig. 3a and S11a†), indicative of the pre-
dominance of proton in HANPs dissolution in the column
system. Release of phosphate decreased progressively and
tended to approach zero. Such a gradual decrease in phos-
phate release is frequently encountered in flow-through col-
umn experiments44 and has been attributed to the reduced
HANPs that are available for dissolution. At the end of the
column dissolution experiments, effluent pH became close
to the initial pH of 1 mM LMWOAs (Fig. 3b). Interestingly,
at the end of the column experiments, pH in the effluent
was 1.7–2.4 pH units lower than the equilibrium pH of
HANP–LMWOA suspension in batch experiments (Fig. 2b),
again substantiating that pH is the key factor controlling the
rate and extent of HANPs dissolution.

3.2.1. Dissolution rate (R) in column experiments. In line
with the findings obtained in the batch experiments
(Fig. 1b and d), the peak value of R varied in the same
order: acetic < oxalic < citric acid (Fig. 3c). However, the
overall trend of R vs. PV (i.e., time) in column experi-
ments was distinct from that in batch experiments. Specif-
ically, R increased and soon achieved the maximum at the
end of the peak plateau (Fig. 3a and c) and then de-
creased progressively during later stages due to fewer
HANPs in the column available for dissolution (described
above). Regardless of LMWOA type, R tended to approxi-
mate the same value at the end of dissolution because
∼100% HANPs were dissolved. With increasing ΔpH, R in-
creased and reached the peak plateau in column experi-
ments (Fig. 3d), consistent with the observations of R vs.
PV. Again, R decreased during later stages (larger ΔpH)
due to the limited HANPs in the column system. It
should be mentioned that in the ‘open’ column system
where low pH LMWOA is continuously injected, the disso-
lution rate of HANPs is dependent on the transient pH of
pore-water and the amount of HANPs available for dissolu-
tion, and ligands are expected to play much less of a role
compared to those in the ‘closed’ batch system. The Rave

value in column experiments followed the same order:
acetic < oxalic < citric acid. The column system produced
Rave values ranging from (5.6 ± 0.003) to (8.9 ± 0.06) ×
10−10 mol m−2 s−1, consistent with those ((2.3 ± 0.005) ×
10−10 to (3.1 ± 0.1) × 10−9 mol m−2 s−1) in the batch sys-
tem. These findings demonstrate that R is inherently com-
pound (LMWOA type) dependent rather than system
(batch/column) dependent.

3.3. Phosphate oxygen isotope fractionation during HANPs
dissolution

To decipher the mechanisms controlling phosphate oxygen
isotope fractionation and isotope evolution over time during
HANPs dissolution by LMWOAs, δ18OP values of dissolved
phosphate and undissolved HANPs were measured. The
Δ18OP values (i.e., difference in isotope values between
dissolved phosphate and bulk (starting) HANPs) under three
LMWOAs in both batch and column experiments are
presented in Fig. 4, which shows that the Δ18OP was negative
at first and then increased unidirectionally towards a positive
value over the course of dissolution. Conversely, the Δ18OP

values between undissolved and bulk HANPs in 1 mM oxalic
acid in batch experiments (ESI† Fig. S12) show that its Δ18OP

was positive initially and decreased gradually with phosphate
release. These observations suggest that the lighter isotopes
in the P–O bond (P16O4) are preferentially broken and re-
leased to the solution during early stages of dissolution,
resulting in products (dissolved phosphate) with lighter

Fig. 4 Phosphate oxygen isotope ratios of dissolved phosphate in
batch (a; C0 = 1 g L−1) and column (b; C0 = 0.2 g L−1) dissolution
experiments as a function of time under different LMWOAs (1 mM
acetic acid, oxalic acid, and citric acid, respectively). Standard deviation
is calculated from the isotopic composition of phosphate from each
sample. The Δ18OP describes phosphate oxygen isotope fractionation
of dissolved phosphate (δ18OP) relative to the bulk (starting) HANPs
(δ18OP0), i.e., Δ

18OP = δ18OP − δ18OP0.
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isotopes, which is a common feature for oxygen isotope frac-
tionation of oxyanions, e.g., nitrate,61 carbonate,62 and sul-
fate,63 in biogeochemical reactions. This is because lighter
isotopes are more reactive due to lower mass and bond en-
ergy (mass-dependent fractionation).64 As the dissolution
proceeded, efficient ion exchange between aqueous and solid
phases yielded a reversal in the direction of the initial frac-
tionation pattern (Δ18OP changed from negative to positive),
consistent with past results28,65 on O-isotopic fractionation
between apatite mineral and dissolved phosphate. A small
fractionation (Δ18OP ≤ 1.3‰) occurred during HANPs dissolu-
tion in three LMWOAs (Fig. 4), consistent with those (<3‰)
on phosphate oxygen isotope fractionation during abiotic
reactions.25–28 These findings substantiate the fact that phos-
phate oxygen isotope fractionation is insignificant during apa-
tite dissolution in abiotic systems.

Our Δ18OP data matched well with HANPs dissolution kinet-
ics in both batch and column experiments: the Δ18OP in-
creased from a negative value to zero at t ≈ 1 h (Fig. 4a) and
2.5 PV (3.1 h) (Fig. 4b), respectively, in batch and column ex-
periments at which time HANPs dissolution just reached equi-
librium (Fig. 1 and 3). The increase in Δ18OP with HANPs dis-
solution in batch experiments is attributed predominately to
enhanced exchange between P16O4 and P18O4 isotopes. The
similar trend observed in column experiments, however, is
due to preferential depletion of light isotopes in the reactant
pool and the fact that ∼100% HANPs were dissolved (Fig. 3a)
based on isotope mass balance. Smaller isotope fractionation
in batch (−0.3‰ to +1.1‰) than that in column (−1.3‰ to
+1.1‰) experiments is a result of lower dissolution efficiency
(≤30% vs. ∼100%; Fig. 1 and 3), faster mass transfer rate (1
h vs. 3.1 h to reach equilibrium; Fig. 1 and 3), and greater
ion (P16O4 and P18O4) exchange between HANPs and
dissolved phosphates. Faster mass transfer rate results in less
isotope fractionation, which is analogous to the mechanism
that the more strongly bonded the isotope (corresponds to
less mass transfer rate), the larger the fractionation effect.64

For instance, Turner66 reported that the C isotope enrich-
ment factor during calcium carbonate precipitation was
1.4‰ under slow precipitation conditions (i.e., low mass
transfer rate), but this fractionation appeared to diminish
during rapid precipitation conditions. The above interpreta-
tion is supported by the fact that during early states of disso-
lution, O-isotopic fractionation was significantly (p = 0.017 <

0.05; ANOVA analysis) smaller in batch than in column sys-
tems (−0.3‰ vs. −1.3‰; Fig. 4). Irrespective of the experi-
mental system, the Δ18OP followed the order of acetic > oxalic
> citric acid, which again can be interpreted by the differ-
ences in their mass transfer rate, i.e., Racetate < Roxalate <

Rcitrate (described above).
3.3.1. Rayleigh fractionation model. The Rayleigh model

was used to quantify 18O enrichment factor (ε0) in dissolved
phosphates. The linearized 18O-enrichment of dissolved
phosphate in column experiments indicates that the model
well captured 18O-enrichment (Fig. 5). The Rayleigh model
was not used to fit the δ18OP data in batch experiments be-

cause of additional reactions (e.g., phosphate sorption–de-
sorption) that complicate the expected trend of isotope en-
richment.65 The ε0 values of the slopes of regression lines in
Fig. 5 fall within a narrow range of 0.37–1.35‰. The order of
ε0 values under three LMWOAs in column experiments was
acetic > oxalic > citric acid (1.35‰ > 0.72‰ > 0.37‰; Fig.
5), consistent with the trends of their corresponding Δ18OP

values (Fig. 4b). Enrichment in 18O-phosphate has also been
documented by Liang and Blake.28 These findings verify the
applicability of the Rayleigh model in describing O-isotopic
fractionation for NPs during abiotic reactions. A negative cor-
relation existed between ε0 and R in different LMWOAs,
highlighting that the dissolution rate during mineral dissolu-
tion (acid etching) is likely a potential indicator quantifying
the magnitude of isotope fractionation.

4. Conclusions and environmental
implications

Both batch and column experiments were conducted to un-
ravel the dissolution kinetics of HANPs under different types
of LMWOAs. Our results indicate that the dissolution of
HANPs is dependent on the experimental system, solution
pH, ligand type, and/or dissolution stage. Specifically, pro-
tons plays a dominant role in HANPs dissolution during early
stages particularly for the column system, whereas organic li-
gands take over the dissolution during later stages in the
batch system. The isotopically lighter phosphate (P16O4) was
preferentially released during early stages of dissolution and
dissolved phosphate became gradually P18O4-enriched with
time. The O-isotopic evolution of dissolved phosphate under
three LMWOAs can be well described by the Rayleigh frac-
tionation model.

Our study provides several insights into dissolution kinet-
ics and bioavailability of HANPs in plant–soil systems where
they are being proposed as a P nanofertilizer. It is well-
recognized that even though the total amount of P in soils
greatly exceeds crop requirement, the plant-available P is

Fig. 5 Linearized 18O-enrichment in column dissolution experiments
under different LMWOAs (1 mM acetic acid, oxalic acid, and citric acid,
respectively) at C0 = 0.2 g L−1 according to the Rayleigh model.
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insufficient particularly in most acidic soils (pH <5.5) that
occupy ∼30% of the world's arable land.67 Our data suggest
that direct application of HANPs in these acidic soils is
expected to provide bioavailable P (PO4

3− ion) for crop growth
in a timely fashion due to quick proton-promoted dissolu-
tion. The dissolution rate constant could be much higher in
the rhizosphere where acetic, oxalic, and citric acids are pres-
ent in large quantities and undergo both proton- and ligand-
promoted dissolution of the HANPs. The dissolution of
HANPs is greatest for citric followed by oxalic acids, and
acetic acid is the least effective at releasing P. However, acetic
acid appears to be the most efficient at furnishing P nutrient
during the crop growing period attributed to its low HANPs
dissolution rate, thereby providing P in an appreciable quan-
tity for a long time (Fig. 3a and S11a†).

Over a wide range of environmentally relevant tempera-
tures (3–37 °C) and δ18OW values (water oxygen isotope ra-
tios, −9‰ to −3‰),19,20,68 the δ18OP equilibrium value of
dissolved phosphate ranges from 11.0‰ to 23.0‰ (Fig. 6),
which is different from the δ18OHANPs value (10.7‰) of bulk
HANPs with Δ18OP = 0.3–12.3‰. Consequently, the dissolved
phosphates from HANPs dissolution are expected to cycle
and attain equilibrium due to enzymatically catalyzed hydro-
lysis in agricultural soils. An important distinction to be
made here is the original isotope composition vs. the equi-
librium isotope composition. If the original isotope composi-
tion of HANPs (or corresponding dissolution products) is far
from equilibrium (Fig. 6) under environmentally relevant
conditions, identification of the source signature will be
straightforward. Clearly, significant isotope excursion is
needed in the systems at low temperatures (Fig. 6a) and
high δ18OW values (Fig. 6b) to achieve isotope equilibrium.
During isotope excursion to achieve equilibrium, several re-
actions may occur: dissolved phosphate could be sorbed or
occluded in soils and thus could retain original or partially
exchanged isotope signals for a longer time and allow identi-
fication of source(s). Even if soil P pools are transformed,
the trend of isotope excursion may provide useful informa-

tion that could help identify the pathway of this transforma-
tion.29 Overall, given that the HANPs pool has distinct phos-
phate oxygen isotope signatures compared to soil P pools,29

the O-isotope technique could be used to identify whether
plant uptake of P comes from HANPs or from soils, and
thus to evaluate the use efficiency of HANPs by plants in ag-
ricultural soils.
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