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a b s t r a c t
Aragonite (CaCO3 , calcium carbonate) is an abundant biomaterial of marine life. It is the dominant inorganic phase of coral reefs, mollusc bivalve shells and the stalactites or stalagmites of geological sediments.
Inorganic and initially precipitate-free aragonite coating solutions (ACS) of pH 7.4 were developed in this
study to deposit monolayers of aragonite spherules or ooids on biomaterial (e.g., UHMWPE, ultrahigh
molecular weight polyethylene) surfaces soaked in ACS at 30 ◦ C. The ACS solutions of this study have
been developed for the surface engineering of synthetic biomaterials. The abiotic ACS solutions, enriched
with calcium and bicarbonate ions at different concentrations, essentially mimicked the artiﬁcial seawater composition and started to deposit aragonite after a long (4 h) incubation period at the tropical
sea surface temperature of 30 ◦ C. While numerous techniques for the solution deposition of calcium
hydroxyapatite (Ca10 (PO4 )6 (OH)2 ), of low thermodynamic solubility, on synthetic biomaterials have been
demonstrated, procedures related to the solution-based surface deposition of high solubility aragonite
remained uncommon. Monolayers of aragonite ooids deposited at 30 ◦ C on UHMWPE substrates soaked
in organic-free ACS solutions were found to possess nano-structures similar to the mortar-and-bricktype botryoids observed in biogenic marine shells. Samples were characterized using SEM, XRD, FTIR,
ICP-AES and contact angle goniometry.
© 2015 Elsevier B.V. All rights reserved.

1. Introduction
Aragonite (CaCO3 ) is an abundant inorganic phase of marine
biomineralization and geological dripstones (e.g., stalactites and
stalagmites) or various sedimentary formations [1–3]. The inorganic part of mollusc bivalve shells (clams, oysters, scallops and
mussels), gastropods (snails), coral reefs and mother-of-pearl
(nacre) is comprised of aragonite crystals stacked in a mortar-andbrick manner.
Aragonite (Pnam (Hermann–Mauguin No. 62), orthorhombic),
calcite (R-3c (167), rhombohedral), and vaterite (P63 /mmc (194),
hexagonal) are the anhydrous crystalline polymorphs of calcium
carbonate. Hydrated and X-ray-amorphous calcium carbonate
(ACC), on the other hand, can be formed as a precursor phase
in some CaCO3 syntheses [4,5]. Calcite is the most abundant and
stable polymorph of calcium carbonate on earth, while vaterite
(-CaCO3 ), named after Heinrich Vater [6], is the least abundant
among the three anhydrous polymorphs. Plummer and Busenberg
[7] reported the solubility products (i.e., log KSP values) of calcite
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(−8.48 at 25 ◦ C and −8.56 at 37 ◦ C), aragonite (−8.33 at 25 ◦ C and
−8.40 at 37 ◦ C) and vaterite (−7.91 at 25 ◦ C and −8.05 at 37 ◦ C) in
water; therefore, aragonite has a slightly higher solubility than that
of calcite.
While the synthetic CaCO3 powders, usually of the calcite form,
have found widespread use in cosmetics, food, toothpaste, plastics, paper-making, ink, paint, textile, pharmaceutical, and rubber
industries, the crystallization of aragonite in seawater (instead of
distilled water) for carbon sequestration remains as a developing
area of research [8]. Despite signiﬁcant research concentrating on
the physical–chemical characterization of the mortar-and-bricktype aragonite of molluscan nacre, studies on the biomimetic
synthesis of aragonite in artiﬁcial (or natural) seawater, in lieu of
distilled/deionized water, and simultaneously at the sea surface
temperature have either been limited or focused on calcite crystallization in seawater [9–20]. The objective of the current study is to
contribute to this ﬁeld of completely inorganic and biomimetic synthesis performed in artiﬁcial seawater (ASW). A signiﬁcant number
of non-biomimetic techniques have been suggested for synthesizing aragonite in distilled water, just to cite a few here, by Bragg
[21], Backstrom [22], Wray and Daniels [23], Bills [24], Ota et al.
[25], Wang et al. [26], Ahn et al. [27], Thachepan et al. [28], Park
et al. [29], Beck and Andreassen [30], Sand et al. [31], and Jiang
et al. [32].
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Artiﬁcial seawater (ASW) was formulated by Kester et al. [33]
in 1967, as a revision to the 1940 recipe of Lyman and Fleming
[34], and later evolved into an ASTM standard (D1141-98) [35].
The composition of ASW [33–35], together with the compositions
of the novel solutions of this study, are presented in the following chapter. Brieﬂy, ASW is an aqueous solution rich in Mg2+ and
SO4 2− ; with a Mg2+ /Ca2+ molar ratio of 5.34 and a SO4 2− /Ca2+ ratio
of 2.82 [33–35]. ASW can also be obtained from a number of commercial vendors. On the other hand, the phosphate ion (PO4 3− )
concentration at the surface of seas and oceans is around 0.8 nM
(nanomolar) and it can only increase to values ranging from 1.6
to 2.4 M at depths of 1–3 km [36]. This deﬁciency of PO4 3− ions
makes it difﬁcult to observe calcium phosphate crystallization in
seas and oceans.
Electrochemically-polarized steel electrodes immersed in artiﬁcial [36–40] or natural [41] seawater were found to form crystalline
calcareous deposits (scale) of aragonite, but not calcite, on their
surfaces. The above electrochemical studies [36–41] inspired the
current study and a number of aragonite coating solutions (ACS) are
presented here which are completely inorganic, precipitate-free,
and capable of forming aragonite, in situ, only upon heating to the
typical tropical sea surface temperature of 30 ◦ C [42,43], following
4 h of an incubation time at 30 ◦ C.
SBF (simulated [44] or synthetic [45,46] body ﬂuid) solutions,
containing Ca2+ , Mg2+ , K+ , Na+ , HPO4 2− , HCO3 − , SO4 2− and Cl− ,
mimic the inorganic electrolyte composition of blood plasma, and
were shown to deposit spherules of bone mineral-like carbonated
apatitic calcium phosphate on immersed substrates when heated at
the physiological temperature of 37 ◦ C. On the other hand, Pan et al.
[47] provided a careful clariﬁcation on why SBF solutions would
not be suitable to predict the bioactivity of synthetic biomaterials
immersed in those. The abiotic ACS solutions of this study mimic
the liquid in which the inorganic phase (aragonite) of coral reefs or
mollusc shells are forming.
ACS solutions described here may be useful to deposit high
solubility aragonite, rather than low solubility Ca-hydroxyapatite
(log KSP being equal to −117.1) of SBFs, on the surfaces of porous or
non-porous polymeric, metallic or ceramic implantable materials
to modify their biocompatibility. The current demonstration of ACS
solutions may also contribute to the broader carbon sequestration
research to be performed in large quantities of seawater.

2. Materials and methods
2.1. Aragonite coating solutions (ACS)
High-purity (>99.9% pure) inorganic salts of Table 1 were added
one by one, in the order given, to 500 mL of pre-boiled deionized
water to prepare ACS solutions in sterile glass beakers. Precipitatefree ACS solutions had the autogenic pH (Orion Star 215 pH-meter,
Thermo Scientiﬁc, USA) of 7.4 ± 0.06 at the time of preparation at
room temperature (RT, 22 ± 1 ◦ C). ASW (artiﬁcial seawater [35])
was also prepared as shown in Table 1. Static coating experiments were performed (for 48 h) at 30 ◦ C in sealed high-density
polyethylene (HDPE) bottles. A new HDPE bottle was used for each
experiment and the experiments were repeated thrice.
Each crystallization bottle contained four pieces (10 mm ×
10 mm × 1 mm) of ultrahigh molecular weight polyethylene
(UHMWPE) coupons (DSM Medical, Netherlands) laid ﬂat at the
bottom. UHMWPE is the polymeric material used in various total
knee and hip replacement implants. The coupons were washed
with deionized water at the end of experiments, followed by dehydration in pure ethanol, and dried at RT for 36 h.
The ionic strength (I) of a biomineralization solution, such as
ACS-2, is calculated as shown in Eq. (1), using the formula of Debye
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and Hückel [48]. One simply enters into the below formula the concentrations of ions (in M, moles/L) and the valency of ions. The value
of the ionic strength (expressed in molarity, M) then serves as a
reliable numerical index to exchange between researchers using
and/or developing different biomineralization media based on their
speciﬁc research needs.
Na+

Ca2+

F−

I = ½[(18.72 × 10−3 )(2)2 + (510.48 × 10−3 )(1)2 + (0.7 × 10−4 )(1)2
HCO3 −

Cl−

K+

+ (576.26 × 10−3 )(1)2 + (32.81 × 10−3 )(1)2 + (10.15 × 10−3 )(1)2
SO4 2−

Mg2+

Br−

+ (54.6 × 10−3 )(2)2 + (28.8 × 10−3 )(2)2 + (8.5 × 10−4 )(1)2
Sr2+

+ (1.6 × 10

−4

2

BO3 3−
−4

)(2) + (5 × 10

)(3)2 ] = 0.772 M

(1)

2.2. Sample characterization
The crystals deposited on the surfaces of UHMWPE coupons
were imaged by scanning electron microscopy (SEM, Zeiss-Neon 40
EsB, 10 kV), after sputter coating with a 10 nm-thick layer of Au–Pd
alloy prior to imaging. The phase composition of the deposited crystals (upon scraping those away from the surfaces of coupons) was
investigated by Cu K␣ X-ray diffraction using a Bruker D8 Advance
diffractometer (XRD, 40 kV, 40 mA, 0.02◦ steps, 8 s at each step,
single crystal quartz sample holders). The scraped crystals were
ground in an agate mortar prior to XRD runs. Fourier-transform
infrared spectroscopy (FTIR, Spectrum One, PerkinElmer) samples of the scraped crystals were prepared by mixing them with
spectral-grade KBr powders at the ratio of 1 mg sample-to-300 mg
KBr in an agate mortar using an agate pestle. Transparent FTIR pellets with a diameter of 10 mm were pressed in stainless steel dies at
1000 kg applied for 1 min. FTIR data were collected with 128 scans,
at 2 cm−1 resolution, over the range of 4000–700 cm−1 . Quantitative magnesium analyses of the scraped crystals were performed by
using inductively-coupled plasma atomic emission spectroscopy
(ICP-AES, Model 61E, Thermo Electron). For the ICP-AES analyses, 70 mg portions of powder samples were dissolved in 5 mL of
concentrated HNO3 solution. The wettability of non-coated and
aragonite-coated UHMWPE coupons were determined by using a
computer-controlled contact angle goniometer (Theta Lite, Biolin
Scientiﬁc, Espoo, Finland) via the static sessile drop method (3 L
drop volume) with deionized water at RT. The photographs captured by the goniometer’s camera were analyzed by using the
software ImageJ (National Institutes of Health) to measure the contact angle (). The reported contact angles were the average of six
measurements on each sample.
3. Results and discussion
UHMWPE substrates were preferred in this study, instead of,
e.g., ordinary glass slides, to eliminate any issue(s) of the undesired
leaching of inorganic ions from the substrate itself to interact with
the crystallization and coating process. Artiﬁcial seawater (ASW) of
Table 1, being a HCO3 − -deﬁcient solution, did not form any crystals
on the surfaces of UHMWPE coupons even after 20 days of immersion at 30 ◦ C. The HCO3 − /Ca2+ molar ratio of ASW is only 0.273,
which is rather low for extensive CaCO3 nucleation to occur. To
increase the HCO3 − /Ca2+ molar ratio in the ACS-1, ACS-2 and ACS3 solutions to 1.75, the amounts (in g) of NaHCO3 and CaCl2 ·2H2 O
was made equal to one another. The amounts of both NaHCO3 and
CaCl2 ·2H2 O used in preparing the ACS-2 and ACS-3 solutions were
respectively increased by 83 and 166% in comparison to those of the
ACS-1 solution. ACS-1, ACS-2 and ACS-3 solutions of Table 1 were
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Table 1
Recipes of ASW [35] and ACS solutions (volume basis: 500 mL).
Salt

NaCl
MgCl2 ·6H2 O
Na2 SO4
CaCl2 ·2H2 O
KCl
NaHCO3
KBr
H3 BO3
SrCl2 ·6H2 O
NaF
Ionic strength

ASW

ACS-1

ACS-2

ACS-3

ACS-4

ACS-5

(mM)

(g)

(mM)

(g)

(mM)

(g)

(mM)

(g)

(mM)

(g)

(mM)

(g)

420
54.60
28.80
10.23
9.30
2.79
0.85
0.50
0.16
0.07

12.273
5.550
2.045
0.752
0.347
0.117
0.051
0.016
0.021
0.0015

420
54.60
28.80
10.23
9.30
17.93
0.85
0.50
0.16
0.07

12.273
5.550
2.045
0.752
0.347
0.752
0.051
0.016
0.021
0.0015

420
54.60
28.80
18.72
9.30
32.81
0.85
0.50
0.16
0.07

12.273
5.550
2.045
1.376
0.347
1.376
0.051
0.016
0.021
0.0015

420
54.60
28.80
27.21
9.30
47.69
0.85
0.50
0.16
0.07

12.273
5.550
2.045
2.000
0.347
2.000
0.051
0.016
0.021
0.0015

420
54.60
28.80
10.23
9.30
104.92
0.85
0.50
0.16
0.07

12.273
5.550
2.045
0.752
0.347
4.400
0.051
0.016
0.021
0.0015

–
54.60
–
10.23
–
104.92
–
–
–
–

–
5.550
–
0.752
–
4.400
–
–
–
–

0.717 M

0.732

0.772

designed to have the constant HCO3 − /Ca2+ molar ratio of 1.75. This
made it possible to observe the inﬂuence of increased concentration
of Ca2+ and HCO3 − ions at a constant HCO3 − /Ca2+ molar ratio, constant temperature and at constant nucleation/coating time through
the ACS-1, ACS-2 and ACS-3 solutions. ACS-4 and ACS-5 solutions
will be discussed later.
The XRD data of Fig. 1a showed the formation of aragonite, as the
major phase, on all UHMWPE coupons soaked at 30 ◦ C in the ACS1, ACS-2 and ACS-3 solutions for 48 h. While the ACS-1 and ACS-2
solutions produced single-phase aragonite crystals (conforming to
the crystallographic reﬂections listed in the ICDD PDF 41-1475
card), the aragonite crystals formed in the ACS-3 solution were
found to be contaminated with about 10–15% magnesian-calcite
(R-3c (167), ICDD PDF 43-0697).
The formation of crystals in the ACS-1 through three solutions was not immediate, it was followed by an incubation period
of 4 h during which the solutions remained optically transparent. This observation surely does not exclude the possibility of
the presence of invisible nanoclusters of either amorphous (ACC,
amorphous calcium carbonate [49]) or nanocrystalline calcium carbonate. The presence or absence of such nanoclusters (which would
not be visible to the naked eye) needs to be further conﬁrmed
by using dynamic light scattering techniques. Synthetic body ﬂuid
(SBF) solutions, for instance, which deposit cryptocrystalline or
amorphous calcium phosphate on immersed substrates, contain
such nanoclusters although the freshly-prepared SBFs remain optically transparent [50]. The FTIR data of crystals deposited on the
UHMWPE coupons in solutions ACS-1, ACS-2 and ACS-3 are given in
Fig. 1b. The IR bands observed at 1798–1570 (1 + 4 overtones and
combinations bands), 1481 (3 anti-symmetric stretching mode),
1083 (1 symmetric stretching mode), 855-841 (2 out-of-plane
bending mode) and 714–702 cm−1 (4 in-plane bending mode) corresponded to those of aragonite [51].
The results of ICP-AES analyses of crystals formed at 30 ◦ C on
UHMWPE substrates (in 48 h) in ACS-1, ACS-2 and ACS-3 solutions
consistently gave a magnesium content of 0.35 ± 0.02 wt% (n = 3),
with a mean value of 0.357 wt% (3570 ppm). Since the Mg2+ /Ca2+
molar ratios of ACS-1, ACS-2 and ACS-3 solutions were all at or
above 2.00, the constant Mg wt% registered in the samples meant
that to ﬁnd smaller percentages of Mg in the formed crystals the
above molar ratio should be smaller. Koga and Nishikawa [52]
reported the presence of 4200 ppm magnesium in biogenic coral
aragonite, which is formed in natural seawater over an extended
period of time.
Artiﬁcial seawater (ASW), similar to natural seawater, has a high
Mg2+ /Ca2+ molar ratio of 5.34, which is identical with that of the
ACS-1 solution of Table 1. However, the ACS-2 and ACS-3 solutions
of Table 1 were so designed that this molar ratio would drop to 2.92
and 2.00, respectively. Reddy and Nancollas [53] predicted that in
distilled water, free of NaCl and KCl, when Mg2+ and Ca2+ ions are

0.813

0.819

0.294

made equimolar, the major phase would be aragonite instead of
magnesian (calcite).
Simkiss [54], on the other hand, found that in a solution
containing only NaCl (26.98 g/L), MgCl2 ·6H2 O (10.91 g/L), CaCl2
(1.13 g/L), and NaHCO3 (0.6 g/L) single-phase aragonite will precipitate instead of calcite. The solution of Simkiss [54], although it
was not a complete ASW [33–35], had the Mg2+ /Ca2+ molar ratio
of 5.3 and the ﬁndings of Simkiss [54] and the data presented in
Fig. 4 of the report of Choudens-Sanchez and Gonzalez [55] were in
strong support of the single-phase aragonite observed in the ACS-1
and ACS-2 solutions of this study. The data presented in Fig. 1 of the
report of Bots et al. [56], which examined the combined inﬂuence of
SO4 2− concentration and Mg2+ /Ca2+ molar ratio of seawater on the
CaCO3 polymorphism, also supported the single-phase aragonite
formation in the ACS-1 and ACS-2 solutions of this study.
Magnesian-calcite [57], having XRD d-spacings (ICDD PDF 430697) noticeably different than those of pure calcite (ICDD PDF
5-0586), crystallization in seawater is greatly hindered by Mg2+ in
favor of aragonite, when it is present at a high proportion to Ca2+
as in seawater [18,58]. The long incubation time (4 h) observed for
the ACS-1, ACS-2 and ACS-3 solutions is also caused by this high
Mg2+ /Ca2+ ratio, which partially delayed the nucleation as well.
The reason for that partial nucleation inhibition is the thermodynamic difﬁculty in forming crystalline and anhydrous magnesite
(MgCO3 ) in aqueous solutions, in lieu of monoclinic hydromagnesite (Mg5 (CO3 )4 (OH)2 ·4H2 O)-like phases, at temperatures less
than 100 ◦ C and at pCO2 less than 50 atm [59]. Mg2+ ions form
strong solvation shells in aqueous solutions. Pavlov et al. [60]
computed the binding energy of water molecules to Mg2+ in the
aqueous [Mg(H2 O)n ](H2 O)m 2+ clusters to be signiﬁcantly higher
than to Ca2+ in [Ca(H2 O)n ](H2 O)m 2+ . However, ASW or ACS solutions would probably not contain such pure Mg or Ca clusters; the
clusters in ASW or ACS should simultaneously contain Mg and Ca.
The literature lacks any experimental or computational data on
the [(Mg, Ca)(H2 O)n ](H2 O)m 2+ clusters of ASW or ACS solutions.
In such bi-metallic clusters, the availability of Ca2+ for aragonite
or magnesian-calcite formation is expected to be hindered by the
presence of Mg2+ , which helps to explain the long incubation times
observed in this study for aragonite nucleation. The aragonite precipitation in distilled water (free of Mg2+ and other ions of ASW)
are known not to display such long incubation times [21–32].
At the end of all experiments, aggregates of feather-like solids
were also observed to ﬂoat on the liquid–gas surface of ACS-1
through ACS-3 solutions of Table 1. Such white aggregates were
carefully collected and analyzed by XRD to ﬁnd that they were comprised of single-phase aragonite. ACS solutions of Table 1 contain
much higher amounts of dissolved NaHCO3 than that present in
ASW [33–35]. Eqs. (2a) and (2b) describe the production of CO2 (g)
in bicarbonate-dominated solutions such as ACS. The removal of
CO2 (g) from the ACS solutions, favored by an increase in solution
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Fig. 1. (a) XRD traces of autogenously formed spherules in ACS-1, ACS-2 and ACS-3 solutions at 30 ◦ C in 48 h (A: aragonite, C: magnesian-calcite peaks; numbers in color
denote the solutions, from Table 1). (b) FTIR spectra of autogenously formed spherules in ACS-1, ACS-2 and ACS-3 solutions at 30 ◦ C in 48 h (numbers in color on the left
denote the solutions, from Table 1). (For interpretation of the references to color in this ﬁgure legend, the reader is referred to the web version of this article.)

temperature from the ambient to 30 ◦ C, results in a local increase in
the solution pH at the liquid–gas interface, as indicated by Eq. (2b)
[61]. Therefore, the liquid–gas interface of ACS solutions, subject to
a pH increase, became a preferential site for aragonite crystallization. The reversible reaction of Eq. (2c) (also with Eq. (2b))
NaHCO3 (s) = Na+ (aq) + HCO3 − (aq)

(2a)

HCO3 − (aq) = OH− (aq) + CO2 (g)

(2b)

CO2 (g) + H2 O = H+ (aq) + HCO3 − (aq).

(2c)

summarizes the pCO2 -dependent mechanism of aragonite
dissolution-reprecipitation processes taking place in coral reefs
[31,62–66] as a result of ocean acidiﬁcation caused by the increase
in atmospheric CO2 (g) content. The ACS solutions sealed in air-tight
HDPE bottles of this study, therefore, utilized the HCO3 − (aq)-CO2
(g) pair as the weak pH buffering agent, just like the human blood
having a HCO3 − concentration of 27 mM does.
The SEM photomicrographs of Fig. 2 show the deposition of aragonite onto UHMWPE coupons soaked in ACS-1, ACS-2 and ACS-3
solutions at 30 ◦ C for 48 h. The decrease in the Mg2+ /Ca2+ molar
ratios of solutions (i.e., ACS-1 sol: 5.34, ACS-2 sol: 2.92 and ACS-3
sol: 2.00) with a simultaneous increase in the Ca2+ and HCO3 − concentrations, had quite a strong inﬂuence on the extent of surface
coverage. While the percentage coverage of the available surface
in the ACS-1 solution (Fig. 2a) with aragonite crystals was signiﬁcantly low, it ﬁrst increased to around 45% coverage in the ACS-2
solution (Fig. 2c) and then to 100% in the ACS-3 solution (Fig. 2e).
The insets in Fig. 2a, c and e showed the morphology of aragonite
spherules at higher magniﬁcations.
When such solutions could ﬁnd use in depositing crystalline aragonite on the surfaces of other porous or non-porous biomaterials,
the percentage of surface coverage to be achieved with a speciﬁc
solution becomes a signiﬁcant issue for the deposition engineer to
consider. This study, therefore, showed for the ﬁrst time that in
order to completely cover the surface of an UHMWPE coupon with
the major phase of aragonite at 30 ◦ C and in 48 h, the solution (ACS3) should have a Mg2+ /Ca2+ molar ratio slightly higher than 2, and
[Ca2+ ] and [HCO3 − ] concentrations of about 27.2 mM and 47.7 mM,
respectively.
The high-magniﬁcation images provided in Fig. 2b, d and f, and
their insets, for solutions ACS-1, ACS-2 and ACS-3, respectively,
indicated an interesting phenomenon which was not mentioned
frequently in the aragonite synthesis literature. The aragonite particles formed in ACS-1 solution (Fig. 2b and its inset) seemed to
contain poorly-deﬁned or immature crystal facets, in comparison

to those well-described facets shown in Fig. 2f (and its inset). The
passage from the micro-morphology of the particles of Fig. 2b (ACS1) to those of Fig. 2f (ACS-3) is accompanied with an increase in
solution [Ca2+ ] and [HCO3 − ] concentrations and a simultaneous
decrease in the Mg2+ /Ca2+ molar ratios of solutions. This phenomenon may be reminiscent of a maturation process taking place
at the nano-scale.
The macro- and micro-morphology of CaCO3 nucleating in a
Ca2+ and HCO3 − -containing solution strongly depends on its actual
HCO3 − /Ca2+ ratio. Another biomimicking ACS solution of this study,
i.e., ACS-4 of Table 1, with a HCO3 − /Ca2+ molar ratio of 10.24, formed
ooids of single-phase aragonite on UHMWPE coupons upon only
heating the ACS-4 at 30 ◦ C for 48 h (Fig. 3a). A monolayer of aragonite ooids covered the edges of coupons uniformly (Fig. 3a and
b). These aragonite ooids (100–200 m in diameter) were comprised of the mortar-and-brick-type stacking of 200–300 nm-thick
(inset of Fig. 3a) crystals. The XRD data of ACS-4 deposits indicated
single-phase aragonite (Fig. 3c).
Wettability of non-coated (i.e., pristine) UHMWPE and
aragonite-coated samples were studied via contact angle goniometry with deionized water at room temperature. Fig. 4a shows
the hydrophobic nature of pristine UHMWPE samples. The contact angle () of pristine UHMWPE was found to be 80◦ , which is
conﬁrming the hydrophobic character of UHMWPE reported previously by Deng et al. [67] and Riveiro et al. [68]. The contact angle
of ACS-2-coated sample surfaces, previously shown in Fig. 2c, was
around 22◦ (Fig. 4b), whereas that of the ACS-3-coated sample of
Fig. 2e (Fig. 4c) was found to be less than 10◦ . The contact angle
of ACS-4-coated sample surfaces, previously shown in Fig. 3a, was
around 15◦ (Fig. 4d). ACS solutions of this study are, therefore, effective in changing the hydrophobic surfaces of UHMWPE samples to
hydrophilic. Any increase in the wettability of UHMWPE, as shown
in this study by aragonite deposition, may further enhance the
adsorption of blood plasma proteins [69] to the surfaces of such
clinically implantable materials.
The ACS-5 solution of Table 1, which does not contain NaCl, KCl,
etc. and does suffer from having a lower ionic strength in comparison to the ACS-1 through ACS-4 solutions, cannot be named as truly
biomimicking since it does not possess the salinity of (35 parts per
thousand) of seawater; however, it answers the following question. Is it possible to achieve a similar crystallization behavior with
a simpler solution (ACS-5) stripped of all other inorganic ingredients except MgCl2 ·6H2 O, CaCl2 ·2H2 O and NaHCO3 ? The answer
was positive (Fig. 3b). The ACS-5 solution resulted in, after only
3 min of an incubation period, similar aragonite ooids with the same
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Fig. 2. SEM photomicrographs of aragonite spherules deposited on the surfaces of UHMWPE coupons, in 48 h at 30 ◦ C, in ACS-1 solutions (a) and (b); ACS-2 solutions (c) and
(d); ACS-3 solutions (e) and (f).

dimensions as those of biomimicking ACS-4. Nevertheless, the XRD
data (Fig. 3c) of ACS-4 and ACS-5 deposits were different. The ACS-5
deposits contained magnesian-calcite (ICDD PDF 43-0697), whose
(1 0 4) crystallographic reﬂection is shifted to 29.71◦ 2 instead of

29.41◦ of calcite (ICDD PDF 5-0586) for the same reﬂection. The
incorporation of Mg2+ ion of smaller radius (86 pm), in comparison to larger Ca2+ (114 pm), into the calcite lattice also shows itself
in slightly reduced lattice parameters for the magnesian-calcite.

Fig. 3. SEM photomicrographs of aragonite ooids deposited, at 30 ◦ C in 48 h, on the surfaces of UHMWPE coupons (a) in ACS-4 solutions, (b) in ACS-5 solutions, and (c) XRD
traces of deposits obtained in ACS-4 and ACS-5 solutions.
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Fig. 4. Contact angle goniometry photographs captured on (a) non-coated UHMWPE coupon, (b) ACS-2-coated sample of Fig. 2c, (c) ACS-3-coated sample of Fig. 2e, (d)
ACS-4-coated sample of Fig. 3a. The contact angles reported in the manuscript were determined 10 s after the drop touched the samples.

Magnesian-calcite is the phase of micro-porous skeletons of sea
stars (i.e., starﬁsh) [70].
The ACS-3 solution (Table 1) exhibited full coverage of the
available surfaces of UHMWPE coupons with a biphasic mixture
of aragonite (85–90%) and magnesian-calcite (10–15%) in 48 h at
30 ◦ C. That solution employed the highest concentrations of Ca2+
and HCO3 − ions in this study. The following question needs to
be answered. Would the reaction of 4 g/L CaCl2 ·2H2 O and 4 g/L
NaHCO3 (see Table 1) at a HCO3 − /Ca2+ molar ratio of 1.75 in

deionized water, instead of ASW, necessarily produce calcite? The
negative answer to this question was provided by the XRD, FTIR
and SEM data of Fig. 5.
Upon slowly adding (the ﬁrst 12.5 mL portion being added in
3 min, drop-by-drop, followed by adding the remaining 237.5 mL
in 50 s) 250 mL of deionized water having 4.00 g CaCl2 ·2H2 O dissolved in it to 750 mL of deionized water with 4.00 g of NaHCO3
under vigorous stirring, one obtains single-phase vaterite (ICDD
PDF 33-0268) as shown in Fig. 5a. One needs to note the absence

Fig. 5. (a) XRD, (b) FTIR, (c) and (d) SEM photomicrographs of vaterite powders obtained when the Ca-chloride dihydrate (4 g/L) and Na-bicarbonate (4 g/L) of ACS-3 solution
were reacted at RT in deionized water, followed by immediate ﬁltering of suspensions.
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of the characteristic 713 cm−1 IR band of calcite in Fig. 5b. It is
usually difﬁcult to synthesize vaterite powders, in the absence of
any organic molecules, without the (1 0 4) peak of calcite being
visible in their XRD traces [71,72]. The SEM photomicrographs of
Fig. 5c and d showed that the vaterite particles comprised of 100 nm
nanoparticles.
The above experimental ﬁnding denotes that the ACS-1, ACS-2
and ACS-3 solutions of Table 1, which all employed equal weights of
CaCl2 ·2H2 O and NaHCO3 , would not be prone to form only calcite if
their Ca-chloride dihydrate and Na-bicarbonate salts were reacted
with one another in deionized water at RT in lieu of artiﬁcial seawater. The disc-like (or pumpkin-like) vaterite particles shown in
Fig. 5c and d were ﬁrst reported in 1897 by Vater [6] himself in the
form of hand-drawn sketches.
The preferred morphology of a crystal (whether it is calcite,
vaterite or aragonite) is usually determined by the surface energy
and the related growth rate of various crystallographic planes.
Calcite crystals which exhibit rhombohedral geometry (with a
theoretical density of 2.711 g/cm3 ) almost always expose their
hydrated (1 0 4) planes of lowest free energy, which are oxygen
terminated surface planes [73,74]. Vaterite (2.665 g/cm3 ) and aragonite (2.927 g/cm3 ) crystals, on the other hand, typically present
their low surface free energy (0 1 0) planes and both of these (0 1 0)
vaterite and aragonite planes are Ca terminated planes. Interestingly, all other possible surface planes of vaterite and aragonite are
also Ca terminated planes [74].
Aragonite is recently shown to be able to rapidly respond to
SBF solutions (at the human body temperature of 37 ◦ C) by transforming itself into bone mineral-like carbonated apatitic calcium
phosphate, while calcite does not have this ability [75]. CaCO3 is
much more resorbable than ␤-tricalcium phosphate (␤-Ca3 (PO4 )2 )
and this fact was proved by the in vitro cell culture study of
Monchau et al. [76], which directly compared Ca-hydroxyapatite,
␤-tricalcium phosphate, and CaCO3 with one another by using both
human and rat osteoclasts.
To summarize, while the biomimicking ACS-1 and ACS-2
(HCO3 − /Ca2+ ratio of 1.75) solutions were able to deposit (high
magniﬁcation insets of Fig. 2) “botryoidal” [77] splays of radialﬁbrous single-phase aragonite at 30 ◦ C (in 48 h), the ACS-4
(HCO3 − /Ca2+ ratio of 10.2) solution of this study showed the
formation of single-phase aragonite ooids having a mortar-andbrick-type nanostructure (inset of Fig. 3a). This study performed
with entirely inorganic artiﬁcial seawater-like solutions at 30 ◦ C
may be helpful to research which try to understand and duplicate the mortar-and-brick-type [78,79] nanostructure of mollusc
bivalve shells or nacre of mother-of-pearl in the presence of organic
molecules/matter.

4. Conclusions
Entirely inorganic, ﬁve different aragonite coating solutions
(ACS) were developed, for the ﬁrst time, and used to deposit aragonite on UHMWPE coupons kept undisturbed in these solutions
for 48 h at 30 ◦ C. The ACS solutions were inspired by the artiﬁcial seawater (ASW). The temperature chosen (30 ◦ C) for solution
treatments mimicked that of the tropical sea surface.
The ACS solutions were initially free of any visible precipitates
and started to slowly form a monolayer of aragonite spherules
only upon heating to 30 ◦ C, after an incubation period of 4 h at the
temperature. ACS solutions might be useful in producing various
aragonite-biomaterial hybrids. Two of the ACS solutions, signiﬁcantly enriched with calcium and bicarbonate ions with respect
to those present in the formulation of ASW, deposited biphasic
aragonite-magnesian calcite. A robust and totally inorganic process for calcite-free vaterite synthesis was reported. This process

used the same bicarbonate ion concentration with two of the ACS
solutions.
5. Notes
Certain commercial equipments or instruments are only identiﬁed in this article to foster understanding. Such identiﬁcation does
not imply recommendation or endorsement by the author, nor does
it imply that the equipments identiﬁed are necessarily the best
available for the purpose.
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