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1. Introduction

ABSTRACT

The solubility of Be(I) is investigated in carbonate-free dilute to concentrated HCl-NaCl-NaOH, KCI-KOH,
NaOH and KOH solutions. Undersaturation experiments were performed under Ar atmosphere at T= (22 + 2) °C.
XRD, XPS, SEM and quantitative chemical analysis confirm that a-Be(OH)z(cr) is the solid phase controlling the
solubility in all evaluated systems. No transformation of a-Be(OH)(cr) to f-Be(OH)y(cr) or ternary solid phases
Na/K-Be(II)-OH(s) is observed in the investigated systems within the timeframe of this study (¢ < 600 days). An
amphoteric solubility behaviour of Be(Il) is observed with a solubility minimum at pHy, ~ 9.5 (with [Be(ID)] =
10 %8 M), regardless of the ionic strength. The combination of solubility data determined in acidic pHy, con-
ditions and the hydrolysis scheme reported in the literature for cationic hydrolysis species of Be(II) is used for the
determination of the solubility constant of a-Be(OH)z(cr), log *K°s 9 = (6.9 + 0.4). Slope analysis of the solubility
data in alkaline to hyperalkaline conditions and 9Be NMR support the predominance of the monomeric hydro-
lysis species Be(OH)z(aq), Be(OH)3 and Be(OH)] within the strongly alkaline pHp-conditions relevant in
cementitious systems. The comprehensive solubility dataset collected within this study in combination with
extensive solid and aqueous phase characterization allow the development of a complete chemical, thermody-
namic and (SIT) activity model for the system Be?*—Na*—K*-H*-CI"-OH —H,0(l). This model provides an ac-
curate and robust tool for the evaluation of Be(II) solubility and speciation in a diversity of geochemical
conditions, including source term calculations of beryllium in the context of the nuclear waste disposal Safety
Case.

beryllium components need to be replaced and disposed of regularly
(Beeston, 1970; Longhurst et al., 2003; Chandler et al., 2009).

Beryllium is a chemotoxic, silver-gray, light weight metal with low
density and a melting point of 1278 °C (Smith and Martell, 1994;
Alderighi et al., 2000). Due to its low thermal neutron absorption cross
section and specific chemical/structural properties, beryllium is used as
neutron reflector/moderator in test and research fission reactors
(Beeston, 1970; Chandler et al., 2009). The use of beryllium in fusion
reactors is considered for neutron multiplication in breeding blankets
and as an oxygen getter for the surfaces facing the plasma (Kawamura
et al., 2004).

Substantial amounts of “He, *He and ®H gases are formed in fission
reactors as the result of (n, 2n) and (n, a) reactions of beryllium. The
accumulation of these gases leads to the swelling of beryllium and to the
alteration of its mechanical properties. For this reason, irradiated
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Beryllium is the first element in the second group of the periodic
table. It holds an electronic configuration [He] 2s2, and accordingly it is
mainly found as Be(II). The rp 2+ cation is characterized by a very small
ionic radii (rge2+  0.27 A for a coordination number CN 4) (Shannon,
1976) compared to other elements of the alkaline-earth series (e.g. ry,2:

0.57 A for CN 4 or a2t 1.0 A for CN  6). This provides to
beryllium remarkably different properties such as a strong hydrolysis
including the formation of anionic species (e.g. Be(OH)3 and Be(OH)%’),
and low solubility (Baes and Mesmer, 1976; Alderighi et al., 2000;
Brown and Ekberg, 2016).

The hydrolysis of beryllium has been extensively studied under
acidic conditions (see Table 1S, Supplementary Material), expectedly
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due to the higher solubility of Be(OH)y(s) and the insensitivity of the
system to atmospheric COy(g) (Mattock, 1954; Gilbert and Garrett,
1956; Kakihana and Sillen, 1956; Schindler and Garett, 1960; Carell and
Olin, 1961, 1962; Schwarzenbach, 1962; Hietanen and Sillen, 1964;
Bertin et al., 1967; Mesmer and Baes, 1967; Ohtaki, 1967; Ohtaki and
Kato, 1967; Lanza and Carpéni, 1968; Paris and Gregoire, 1968;
Schwarzenbach and Wenger, 1969; Kakihana and Maeda, 1970; Tsu-
kuda et al., 1975; Vanni et al., 1975; Baes and Mesmer, 1976; Brown
et al., 1983; Bruno, 1987; Bruno et al., 1987a, 1987b; Chinea et al.,
1997). On the other hand, the number of experimental studies investi-
gating the solubility and hydrolysis of beryllium is very limited in the
alkaline to hyperalkaline conditions of relevance in the context of re-
positories fornuclear waste disposal (Table 1S, Supplementary Material)
(Gilbert and Garrett, 1956; Green and Alexander, 1963, 1965; Bruno
et al., 1987a).

One of the first and most comprehensive studies on the preparation
and chemical behaviour of Be(OH)y(s) in alkaline systems was con-
ducted by Haber and Van Oordt (1904). The authors extensively
investigated the effect of alkalinity, ageing and temperature on the
solubility of Be(OH)a(s). These applied efforts resulted in 1909 in the
international patent “Making beryllium hydroxide” (US Patent 822,444).

Most of the experimental studies investigating the hydrolysis of
Be(Il) are based on potentiometric titrations, which allow the thermo-
dynamic characterization of monomeric and polyatomic species but are
limited in terms of metal concentration to the sub-milimolar range.
Kakihana and Sillen (1956) investigated the hydrolysis of Be(I) in 3.0 M
NaClOy4 solutions with 1-10™ SM< [Belor < 0.05 M and 2.0 < -log [H']
< 6.0 using potentiometric titrations. In this pH-range, the authors re-
ported the predominance of Bes(OH)3" and the presence of the minor
contribution of Beo(OH)** and Be(OH)»(aq) species. Gilbert and Garrett
(1956) studied the solubility of a-Be(OH)z(cr) in acidic (5-10™ 4.0.120m
HCl/HClO4) and hyperalkaline (0.02-0.71 m NaOH) pH conditions. The
samples were equilibrated for 7-14 days under air (acid systems) or in
No-filled vessels (alkaline systems). Assuming the predominance of the
species Be®" and Beg,(OH)g+ in acidic conditions, the authors deter-
mined the solubility product log *K°; o{a-Be(OH)z(cr)} and the hydro-
lysis constant log *f°3 3) for the species Be3(OH)3". Solubility data
collected in NaOH solutions were interpreted with the formation of
Be(OH)3 and Be(OH); , for which the authors provided the corre-
sponding hydrolysis constants, log *f#°(1 3y and log *#°(1 4). Carell and
Olin (1961, 1962) conducted potentiometric and enthalpy titrations in
3.0 M NaClOy4 solutions with 0.01 M < [Be] < 1.0 M and 1.0 < -log
[H'] < 4.0. The authors confirmed the speciation previously proposed
by Kakihana and Sillen (1956), and reported equilibrium constants and
enthalpy values for the hydrolysis reactions of Bez(OH)3™ and
BeZ(OH)3+. The hydrolysis scheme reported in Kakihana and Sillen
(1956) was later refined by Hietanen and Sillen (1964) using the
LETAGROP program. Besides confirming the main species reported in
their previous study, the authors proposed the formation of BeOH' and
provided an upper limit for log *f°q,1). Green and Alexander (1963,
1965) investigated the hydrolysis of Be(II) using a solvent extraction
method with cyclohexane/acetylacetone and toluene/N-n-butylsalicy-
lideneimin. This is a relevant study because it provided a new perspec-
tive for a system so far only investigated by potentiometric and solubility
methods. Extraction experiments were performed within 5 < pH < 13
and using "Be (t;»  53.12 days), which was quantified in the organic
and aqueous phases by y-spectroscopy. The authors interpreted their
extraction data with the formation of Be(OH)y(aq) and Be(OH)s,
although acknowledging that the decrease in the distribution co-
efficients observed at pH > 9 (assigned to the formation of Be(OH)3)
could be attributed also to the decomposition of N-n-butylsalicylide-
neimine. The value of log *$°1,3) reported by Green and Alexander is in
line with the one determined by Gilbert and Garrett (1956), whereas a
very large discrepancy is observed between log *4°(12) determined in
this solvent extraction study and the values reported for this hydrolysis
species in all potentiometric studies. Mesmer and Baes (1967)

investigated by potentiometric titrations the hydrolysis of Be(II) in 1 m
NaCl solutions with 2:1073 m < [Beliot < 0.05m, 2.0 <pH< 7.0and T

0, 25 and 60 °C. The model proposed by the authors included
Beg(OH)3+ and Beg(OH)§+, but disregarded the formation of the neutral
species Be(OH)y(aq). Instead, the authors proposed the formation of
Be5(OH)§+ under slightly acidic conditions, which however was
substituted by Beg(OH)§" in an updated model by the same authors
(Baes and Mesmer, 1976). Brown et al. (1983) performed a very accu-
rate potentiometric study investigating the hydrolysis of Be(II). Exper-
iments were performed in 0.1 M KNO; solutions with 3.6:107* M <
[Belior < 2.7-10 3 Mand 4.2 < pH < 5.3. The authors clearly confirmed
the predominance of the species B<33(OH)§+ and BeZ(OH)3+, and argued
that the quality of the fit clearly improved when including Be(OH)»(aq).
We note however that the latter species never represented more than
10% of the total beryllium concentration in the conditions of their ex-
periments. The authors also advised that beyond this pH and Be con-
centration, the formation of Be(OH),(s) would be expected.

Bruno (1987) and Bruno et al. (1987a, 1987b) performed the most
comprehensive investigation available to date on the system
Be(II)-H20-CO2(g) and covering acidic to weakly alkaline pH condi-
tions. The authors used a combination of e.m.f. (electromotive force)
measurements and solubility experiments in the range 2.0 < —log [H']
< 8.5 in the absence and presence of COy(g). Besides the determination
of the stoichiometry and stability of several ternary Be(II)-OH-COj3
aqueous species, Bruno and co-workers quantified the solubility product
of the crystalline phase -Be(OH)y(cr) and the stability constants for the
hydrolysis species Be,(OH)2*™, with (n,m) (1,1), (1,2), (2,1), (3,3), (5,
6) and (6,8). The authors re-interpreted also the solubility data previ-
ously reported by Gilbert and Garrett (1956), and provided an updated
value for log K°s o{a-Be(OH)y(cr)}. The hydrolysis scheme proposed by
Bruno and co-workers was later confirmed by the combined potentio-
metric and NMR study by Chinea et al. (1997). The recent review work
by Brown and Ekberg (2016) supports also the hydrolysis scheme pro-
posed by Bruno and co-workers, although acknowledging the existing
controversy on the stability of the Be(OH)2(aq) species.

Besides the well-known formation of BeO(cr) and a-/f-Be(OH)y(cr)
solid phases, a number of experimental studies have reported on the
formation of ternary M-Be(II)-OH solid phases (withM  Na, Ca, Sr and
Ba) under hyperalkaline pH conditions (Fricke and Humme, 1929;
Everest et al., 1962; Scholder and Schwarz, 1968; Schmidbaur et al.,
1998; Schmidt et al., 1998). The structural definition of these solid
phases was originally based on the predominant role of the anion
Be(OH)ﬁ_ (i.e. Nag[Be(OH)4](cr), Ca[Be(OH)4](cr), etc.), although no
proof of concept other than quantitative chemical analysis was provided
in these publications. More recent studies have demonstrated that the
structure of these solid phases is more complex than originally proposed
and contains polyatomic moieties of Be(II) as those forming under acidic
pH conditions. Hence, the compound Nas[Bes(OH);0]-5H0(cr) was
reported to form in concentrated NaOH solutions (Schmidbaur et al.,
1998), whereas the solid phase Cay[Be(OH);][H302]-2H;0(cr) was
observed in alkaline CaCl, solutions (Schmidt et al., 1998). Note that the
latter structure contains the hydrated OH™ ion, H3O3, which was pre-
viously reported in the literature (Ruf et al., 1996; Tuckerman et al.,
1997). The role of these polyatomic Be(II) moieties in the aqueous phase
and the corresponding equilibria with the monomeric Be(OH)ﬁ_ species
and solid phases remain so far unknown.

High level nuclear waste resulting from plutonium production is
stored in more than 170 tanks in the Hanford Site, WA (USA). Most of
these wastes are characterized by high pH (12-13.5) and the presence of
concentrated salts (NaNO3, NaNOy, etc.). As a result of its use in specific
Zircaloy fuel cladding processed in the PUREX plant and as a feed
constituent in the plutonium finishing plant (PFP), beryllium is found in
both solid and liquid phases of the Hanford waste (Johnson and Steeves,
1957; Reynolds, 2013). Although with a very heterogeneous distribu-
tion, Be(II) concentrations of up to 180 ppm and 3 ppm (~3.3107* M)
are found in solid and liquid wastes, respectively. Provided the high



concentration of carbonate and fluoride in the alkaline wastes, Reynolds
speculated on the possible predominance of the species Be(OH)2CO%~
and Ber(OH),Z,,’y ~™ in the aqueous phase of the Hanford tanks.

In spite of the numerous experimental studies focussing on Be(II)
solution chemistry in a variety of boundary conditions, there is no sys-
tematic dataset available allowing the reliable prediction of the solubi-
lity and hydrolysis of Be(II) from acidic to hyperalkaline pH conditions
and covering dilute to concentrated salt systems. In the context of the EU
collaborative project “Cement-based materials, properties, evolution, bar-
rier functions” (Cebama), the present study aims at a comprehensive
investigation of Be(II) solubility and hydrolysis in dilute to concentrated
NaCl and KClI solutions. The focus of this work is on the alkaline to
hyperalkaline systems of relevance in cementitious systems, but extends
to acidic conditions with the aim of systematically characterizing the
thermodynamic properties of the solid phase/s controlling the solubility
of Be(Il) in the investigated systems. Solubility experiments are com-
plemented with °Be NMR of the aqueous phase, and the characterization
and identification of the stable, solubility-limiting Be(I) oxides/hy-
droxides in NaCl and KCl solutions. The hydrolysis scheme of Be(II)
dominating in these salt systems is comprehensively evaluated by using
new data derived in the present study and findings previously reported
in literature. The final aim consists in developing complete chemical,
thermodynamic and SIT activity models for the system
Be?*-Na™-K*-H"-ClI-OH -H,0(l), thus providing scientifically sound
solubility limits for source term estimations and a realistic Be(II)
speciation scheme under boundary conditionsrelevant for nuclear waste
disposal.

2. Experimental
2.1. Chemicals

Beryllium sulfate tetrahydrate (BeSO4-4H20, 99.99% purity), so-
dium chloride EMSURE® (NaCl), potassium chloride EMSURE® (KCl),
NaOH Titrisol©, KOH Titrisol© and HCI Titrisol© were purchased from
Merck. Ethanol (99%) was obtained from VWR Chemicals. All solutions
were prepared with purified water (Milli-Q academic, Millipore, 18.2
MQ cm) and purged with Ar for at least 1 h before use to remove CO(g)
dissolved in solution. All sample preparation and handling were carried
out in an Ar-glove box (O < 1 ppm) at T (22 £ 2) °C.

2.2. pH measurements

The proton concentration ([H'] in molal units, mol/kgy, with pHy,

—log [H']) was measured using combination pH electrodes (ROSS
Orion, with 3.0 M KCl as filling solution). Calibration of the electrode
was performed with pH buffers (pH 1-12, Merck). The values of pHy,
were calculated from the experimentally measured values (pHeyp) and
considering the empiric expression pHy,  pHexp + Am, where Ay, values
are correction factors entailing both the activity coefficient of H" and
the liquid junction potential of the electrode for a given background
electrolyte concentration. Such corrections are required in solutions of
ionic strength I > 0.1 mol kg~!, where PHeyp is an operational value
significantly deviating from pH. Ap, values in NaCl and KCI systems were
taken as reported in Altmaier et al. (2003) and Baumann et al. (2017),
respectively. In hyperalkaline systems with [OH] > 0.03 m and due to
the alkaline error of the glass electrode, [H"] was calculated from the
known hydroxide concentration and the conditional ion product (K’y,) of
water. The values of K’y in the investigated NaCl and KCl systems were
calculated using the Specific ion Interaction Theory (SIT) and the cor-
responding values of water activity (ay,) as reported in Guillaumont et al.
(2003).

2.3. Solid phase preparation and characterization. Solubility
measurements

The Be(OH)2(s) solid phase used in the solubility experiments was
prepared by slow titration under continuous agitation of a 0.35 M BeSO4
solution with 2.0 M carbonate-free NaOH solution up to pHexp ~ 10.5.
The resulting solid phase was aged for 21 days and then characterized by
X-ray diffraction (XRD). For this purpose, an aliquot of the solid phase
(~1-2 mg) was washed 7-8 times with approximately 1 mL ethanol
under Ar-atmosphere to remove the matrix solution (containing NacCl,
NaySO4 and NaOH) after centrifugation. After the last cleaning step, the
solid phase was re-suspended in ethanol, deposited on the XRD sample
holder and dried under Ar atmosphere for a few minutes. The XRD
diffractogram was collected outside the glovebox using a Bruker D8
Advance X-Ray powder diffractometer (Cu anode) at 20  5-80° with
incremental steps of 0.02° and a measurement time of 0.4 s per step.

The solubility of Be(II) was investigated from undersaturation con-
ditions using the Be(OH)(s) solid phase synthesized in this work. A total
of 96 independent batch samples were prepared by contacting 0.5-5 mg
of solid phase (per sample) with the following systems:

@i). 0.1,0.5,1.0, 3.0 and 5.0 M NaCl-NaOH (with 5.5 < pHy, < 14.5);
(ii). 0.1, 0.5, 1.0, 3.0 and 4.0 M KCI-KOH (with 7 < pHp, < 14.3);
(iii). 0.01-4.0 M NaOH;
(iv). 0.01-3.0 M KOH (iii and iv in the absence of MCI salts).

Concentration of beryllium and pHy, values of each sample were
monitored at regular time intervals from 7 to 600 days. An aliquot of the
supernatant (100-500 pL) of each sample was centrifuged for 2-5 min
with 10 kD filters (2-3 nm cut-off Nanosep® centrifuge tubes, Pall Life
Sciences) to separate colloids or suspended particles. After centrifuga-
tion, a certain volume of the filtrate was diluted (1:100 to 1:5000,
depending upon Be and salt concentration) in 2% ultrapure HNOs, and
[Be] was quantified by ICP-MS (inductively coupled plasma mass
spectrometry, PerkinElmer ELAN 6100). The accuracy of ICP-MS mea-
surements was + 2-5%. Detection limits ranged between ~107%° and
~10~8 M depending on the dilution factors applied for more saline
samples. All concentration values obtained in molar units (M) were
converted to molal units (m) using the conversion factors reported in the
NEA-TDB (Guillaumont et al., 2003).

Equilibrium conditions were assumed after repeated measurements
with constant [Be] and pH;, values. After attaining thermodynamic
equilibrium, solid phases of selected samples were characterized by XRD
as described above. The collected XRD patterns were compared to
reference diffractograms available in the Joint Committee on Powder
Diffraction Standards data base (JCPDS, 2001) and from literature.

A fraction of the washed solid phase (=1 mg) was dissolved in 2%
HNOs3 and characterized by quantitative chemical analysis to evaluate
the ratio Be: Na or Be: K in the solid. The concentration of Be was
quantified by ICP-MS, whereas ICP-OES (inductively coupled plasma-
—optical emission spectroscopy, Perkin-Elmer 4300 DV) was used for the
quantification of Na and K.

A second fraction of the washed solid was characterized by SEM
(scanning electron microscopy) and XPS (X-ray photoelectron spec-
troscopy). A FEI Quanta 650 FEG environmental scanning electron mi-
croscope (now Thermo Fisher Scientific Inc.) was used to image the
carbon coated sample surfaces. The primary electron beam energy was
set to 5 keV. XPS measurements were performed by an XPS system PHI
5000 VersaProbe II (ULVAC-PHI Inc.) equipped with a scanning
microprobe X-ray source (monochromatic Al Ka (1486.7 eV) X-rays).
Charge compensation at isolating samples is achieved by application of
low energy electrons (1.1 eV) and low energy argon ions (8 eV). Survey
scans were recorded with an X-ray source power of 31 W and pass en-
ergy of 187.85 eV of the analyzer. Narrow scans of elemental lines were
recorded at 23.5 eV pass energy that yields an energy resolution of 0.69
eV FWHM at the Ag 3ds,, elemental line of pure silver. Calibration of the



binding energy scale of the spectrometer was performed using well-
established binding energies of elemental lines of pure metals (mono-
chromatic Al Ky Cu 2ps,, at 932.62 eV, Au 4f7,, at 83.96 eV) (Seah
et al., 1998). Error of binding energies of elemental lines is estimated to
+0.2 eV. C 1s of adventitious hydrocarbon at 284.8 eV is used as charge
reference at isolating samples.

2.4. °Be NMR

The aqueous speciation of beryllium in selected samples was char-
acterized by means of °Be NMR. An aliquot of supernatant solution (540
pL) of the selected solubility samples was taken after ultrafiltration with
10 kD filters, 60 pL of D20 (99,99%, Eurisotope GmbH) as an internal
lock substance were added, transferred into NMR tubes (borosilicate
glass, Wilmad LabGlass) and flame-sealed outside the glovebox. A
negligible change in pH with respect to light water is expected in the
presence of 10% D50 (Rubinson, 2017). All 9Be NMR spectra were
recorded at T 300 K on a Bruker Avance III 400 spectrometer oper-
ating at 400.13 MHz for 'H and 56.23 MHz for °Be. Chemical shifts are
referenced to the signal of a 0.043 M BeSOy4 solution with pH 3.0 (set
to 8 0 ppm) (Harris et al., 2001) by the lock signal, in which the
aqueous speciation is dominated by Be?" (>95% in mol fraction, as
calculated with thermodynamic data summarized in Section 4.3). For all
direct excitation spectra, the standard Bruker pulse sequences zg was
were used. All 1D spectra were recorded with 32k data points and 2048
scans at a spectral width of 40 ppm. The spectra were zero filled to 64k
points and the line broadening processed with 0.05 Hz.
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3. Results and discussion
3.1. Solid phase characterization

X-ray diffraction patterns of Be(II) solid phases collected from
selected solubility samples are shown in Fig. 1a (NaCl systems) and 1b
(KCl systems). Both figures also include reference patterns reported for
a-Be(OH)y(cr) by Bear and Turnbull (1965). All patterns shown in
Fig. 1a and b correspond to solubility samples after attaining equilib-
rium conditions (¢ 400-600 days), except for the red pattern shown in
both figures that was collected from the starting material after an ageing
time of 21 days. No relevant features are observed for the fresh pre-
cipitate, thus supporting its amorphous character i.e. Be(OH)y(am). On
the contrary, very similar and sharp features are observed for all other
systems, in excellent agreement with reference data reported for
a-Be(OH)y(cr). This observation supports the transformation of an
initially amorphous material into a crystalline phase (Be(OH)y(am)
— a-Be(OH)y(cr)), following the so-called Ostwald ripening process. Such
behaviour of Be(OH),(s) in alkaline systems was qualitatively described
(without the support of XRD evidence) more than 100 years ago by
Haber and Van Oordt (1904).

The additional features observed in the XRD of the solid phase
equilibrated in 5.0 M NaCl at pH;, 12.8 are clearly assigned to NaCl,
thus indicating that the washing steps were insufficient in this case
featuring exceptionally high salinity. For all samples (except the solid
equilibrated in 5.0 M NaCl at pHp, 12.8), quantitative chemical
analysis disregarded the presence of Na or K in the investigated solid
phases.

XPS data collected for the Be(II) solid phase equilibrated in 0.1 M
NaCl at pHy, 12.9 for ~ 700 days are shown in Fig. 1S in the Sup-
plementary Material. The figure shows the binding energies for Be 1s
and O 1s. The binding energy observed for the O 1s line (531.5 eV) is in

W?T‘ﬁﬁ?ﬁ%
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™ ‘I. A ik
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Fig. 1. XRD patterns of solid phases recovered from selected representative solubility experiments in dilute to concentrated (a) NaCl and (b) KClI solutions. All XRD
collected for solid phases after an equilibration time of 400-600 days, except for the red diffractogram corresponding to the amorphous starting material after an
ageing time of only 21 days. Reference patterns reported for a-Be(OH),(cr)(Bear and Turnbull, 1965) and NaCl (JCPDS file Nr. 75-0306) are included for comparison.



good agreement with the energies reported for other alkaline earth hy-
droxides (i.e. 530.8 eV for Ca(OH); or 530.5 eV for Sr(OH),, Dupin et al.,
2000), in contrast to the lower energies reported for the corresponding
oxides (i.e. 528.5 eV for CaO or 527.5 eV for SrO). There is no previous
XPS data on the Be(II) hydroxide system, but we note that the binding
energy obtained in the present work for the Be 1s line (113.0 eV) is
slightly lower than the values reported in the literature for BeO
(113.4-113.7 eV) (Moulder et al., 1995; NIST, 2000; Mallinson et al.,
2014, 2015). XPS data disregards the presence of Na or K in the inves-
tigated sample.

SEM images of solid phases recovered from selected solubility ex-
periments in dilute to concentrated NaCl and KCI systems are shown in
Fig. 2. In all cases, SEM images show a flower-like morphology formed
by the assemblage of individual sheets of 1-3 pm width and 20-100 nm
thickness. These observations provide additional evidence that the sol-
ubility is controlled by the same crystalline phase in all investigated
systems.

Experimental evidences collected by XRD, quantitative chemical
analysis, XPS and SEM unequivocally confirm that a-Be(OH)(cr) is the
solid phase controlling the solubility in all investigated NaCl and KCl
systems. None of the methods considered for solid phase characteriza-
tion provides evidence on the formation of ternary Na/K-Be(I)-OH
solid phases within the timeframe of this study (t < 600 days). Previous
studies reporting the formation of such ternary phases were conducted
in highly concentrated alkali solutions (e.g. > 30% NaOH: Fricke and
Humme, 1929; Scholder et al., 1968), at very high temperatures (e.g.
700-800 °C; Kastner and Hoppe, 1975), or otherwise promoted the
formation of the ternary solid phase in the presence of acetone
(Schmidbaur et al., 1998) or alcohol (Kriiss and Moraht, 1891). It ap-
pears evident that the formation of ternary Na/K-Be(II)-OH solid phases
is not favoured within the boundary conditions considered in this work,
e.g aqueous systems, T (22 + 2) °C and [MOH] < 3.0 M, even at
equilibration times of 600 days.

3.2. Aqueous phase characterization: °Be NMR

Fig. 3a summarizes the ®Be NMR spectra collected for aqueous
reference samples with a concentration of 4.3-10” 2, 4.3.10 > and
4310 *M BeSO4,and pH 3.0, 3.7 and 4.7, respectively. Fig. 3b shows
the °Be NMR spectra of the supernatant of selected solubility samples in
3.0 M NaCl solutions with pH,, 5.8 and 14.1. All spectra are referenced
internally to the resonance obtained for 4.3-10~ 2 M BeSO4 at pH 3.0
(6 O ppm) by the lock signal, for which thermodynamic calculations
using data summarized in Section 4.3 predict the predominance of Be?*
(>0.95 mol fraction, see Fig. 2S in the Supplementary Material). Similar
resonances with a slight low-field shifts are obtained for the references
4.3.10" 3MBeSO4atpH 3.7 (5 0.07 ppm) and 4.3-10~ * M BeSO, at
pH 4.7(5 0.27 ppm), although we note that the resonance collected
for 4.3-10” * M BeSOy, is very close to the detection limit. These obser-
vations are consistent with thermodynamic calculations shown in
Fig. 2S (Supplementary Material), which predict the predominance of
Be2* in bothreferences although with a larger contribution of hydrolysis
species (BeOH" and Beg(OH)§+) atpH 4.7 (=0.1 mol fraction).

The °Be NMR of the sample equilibrated in 3.0 M NaCl at pH,, 5.8
shown in Fig. 3b has a main resonance at § ~ 0.88 ppm and a smaller
peak at 8 ~ 0.49 ppm. This observation indicates the existence of (at
least) two hydrolysis species at this pHy, and salt concentration. For
these boundary conditions, calculations using the thermodynamic and
SIT activity models summarized in Section 4.3 foresee the predominance
of Beg(OH)g+ and (toless extent) Be6(OH)§+. Our resultsare in moderate
agreement with previous °Be NMR studies, which reported the reso-
nance of Beg(OH)gJr atd 0.76 ppm (Chinea et al., 1997) and & 0.54
ppm (Cecconi et al., 1998). In all cases, significantly broader peaks are
observed for Beg(OH)g+ compared to Be(HQO)?ﬁ, reflecting a less sym-
metric environment of Be in the trimeric moiety. The line-broadening
effect of low-symmetry coordination spheres is very pronounced for

9Be, as this nucleus has a nuclear spin of I  3/2, which leads to a
considerable quadrupole moment.

A larger chemical shift (5 ~ 1.8 ppm) is observed in the °Be NMR of
the sample equilibrated in 3.0 M NaCl at pH,, 14.1, for which the
sharpest peak of all investigated samples is observed. This shift is in good
agreement with the value reported by Schmidbaur et al. (1998) for
samples at pH ~ 12-14 (8 ~ 2 ppm). The characterization by single
crystal XRD of the solid phases precipitating in such alkaline solutions
(with the addition of acetone) confirmed the presence of the moiety
Be4(OH)%;, which may be indicative of the presence of such species in
solution. In contrast to this interpretation, Alderighi et al. (2000)
attributed this peak to the ion Be(OH)7 . These authors suggested that
the near tetrahedral symmetry of this ion would be subject to little
quadrupolar broadening, thus resulting in the very sharp peak observed.
Based on the peak widths observed for monomeric and polynuclear
Be(Il) hydrolysis species forming in acidic conditions, the very sharp
peak observed in this work at pH,,  14.1 rather points to a highly
symmetric monomeric moiety (Be(OH)?{) with clear analogies with the
Be?* ion prevailing in very acidic conditions (Be(Hzo)ﬁ+).

3.3. Solubility measurements

The experimental solubility data collected for a-Be(OH)y(cr) in
0.1-5.0 M NaCl-NaOH, 0.1-4.0 M KCI-KOH and 0.01-3.0 M NaOH/
KOH (in the absence of MCl) are shown in Figs. 4-6, respectively. The
solubility data shows a minimum in Be(II) concentration at pHp, ~ 9.5
(with [Be] ~ 107%8 M), whereas concentration increases above and
below this pHp, thus confirming the amphoteric character of Be(II).
Solubility data in Fig. 4 shows a slope of ~ 3 in the pHp, region ~5.5-7
(depending upon NaCl concentration), which indicates the predomi-
nance of hydrolysis species with charge +3 (either Be;OH3* or
Be3(OH)§+) in equilibrium with a-Be(OH)y(cr). Above pHy, ~ 8.5, the
solubility of a-Be(OH)y(cr) in NaCl and KCl systems (Figs. 4 and 5)
follow sequentially a slope of 0, +1 and + 2, which can be assigned to
the predominance in the aqueous phase of the hydrolysis species Be
(OH)2(aq), Be(OH)3 and Be(OH)%’, respectively.

The solubility determined in pure NaOH systems are compared in
Fig. 6a with previous data reported by Gilbert and Garrett (1956) in
0.02-0.71 M NaOH solutions. The agreement between both datasets is
good for the more alkaline samples, but significant deviations (~0.5
log-units) arise in the less alkaline systems. Such deviations lead to
differences in the slopes of both solubility datasets, and accordingly
affect the distribution of the hydrolysis species prevailing in this pH
region (Be(OH)3 and Be(OH)ﬁ’). Gilbert and Garrett used the crystalline
phase oz-Be(OH)z(cr)1 for their solubility experiments in acidic condi-
tions, whereas a mixture of a-Be(OH)2(cr) and Be(OH)y(am) was used
for the solubility experiments in alkaline systems. The authors argued
that “transformation from the amorphous to crystalline state takes place
rapidly in alkaline solutions”, and thus considered unproblematic the use
of an amorphous material in their solubility experiments in alkaline
systems. In view of the long contact times required in this work to attain
equilibrium conditions (up to 400 days in some cases), the timeframe
considered in the solubility experiments by Gilbert and Garrett (7-14
days) appears clearly insufficient to reach equilibrium and full solid
phase transformation, especially in those samples with lower solubility.

In line with results obtained from solid phase characterization, sol-
ubility data collected in hyperalkaline NaCl/NaOH and KCI/KOH sys-
tems do not provide evidence on the formation of ternary solid phases
Na/K-Be(I)-OH(s), even up to 3.0 M NaOH/KOH and considering very
long equilibration times. Higher alkali concentrations, elevated tem-
peratures, or the use of organic solvents appear necessary for the for-
mation of such ternary phases.

1 The authors claimed the characterization of this solid phase by XRD,
although no diffraction data are provided in the publication.



Fig. 2. SEM images of a-Be(OH)2(cr) solid phase equilibrated in (a) 0.1 M NaCl at pHy,, = 12.9; (b) 5 M NaCl at pH,,, = 6.4; (¢) and (d) 0.5 M KCl at pHy,, = 9.9 and (e)

and (f) 3.0 M KCl at pH,,, = 13.1.

J L.:’.-m-2 M BeSO,, pH,,= 3.0

4.310 M BeSO,, pH, = 3.7

4.310* M BeSO,, pH,= 4.7
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Fig. 3. °Be NMR spectra collected for (a) reference samples with 4.3-10 2, 4.3-10 % and 4.3-10 * M BeSOy, and pH = 3.0, 3.7 and 4.7, respectively; (b) supernatant
of solubility samples equilibrated in 3.0 NaCl at pHy, = 5.8 and 14.1. All spectra referred to the resonance observed for the reference solution with 4.3-10 M BeSO,
and pH = 3.0, for which thermodynamic calculations predict the predominance of Be**.

4. Chemical, thermodynamic and SIT activity models

Chemical, thermodynamic and activity models are derived on the
basis of the solubility data collected in NaCl and KCI systems, and
considering a-Be(OH)s(cr) as only solid phase controlling the solubility
in all investigated systems. Previous studies (Mattock, 1954; Gilbert and
Garrett, 1956; Kakihana and Sillen, 1956; Schindler and Garett, 1960;
Carell and Olin, 1961, 1962; Schwarzenbach, 1962; Hietanen and Sillen,
1964; Bertin et al., 1967; Mesmer and Baes, 1967; Ohtaki, 1967; Ohtaki
and Kato, 1967; Lanza and Carpéni, 1968; Paris and Gregoire, 1968;
Schwarzenbach and Wenger, 1969; Kakihana and Maeda, 1970; Tsu-
kuda et al., 1975; Vanni et al., 1975; Baes and Mesmer, 1976; Brown
et al., 1983; Bruno, 1987; Bruno et al., 1987a, 1987b; Chinea et al.,
1997) have shown the very complex speciation scheme of Be(I) in acidic
to near-neutral pH conditions, including the formation of several
monomeric and polynuclear species. Slope analysis in solubility studies
provides direct insight on the charge of the species prevailing in the
aqueous phase, but cannot distinguish between monomeric and poly-
nuclear species of the same charge. For this reason and because of the
good agreement in the equilibrium constants available in the literature

for positively charged hydrolysis species of Be(II), thermodynamic data
previously reported for these species have been used for the description
of our solubility data in acidic to near-neutral pH conditions. It was also
used for the corresponding determination of the solubility constant of
a-Be(OH)y(cr), log *K°% o (see Section 4.1). The predominance of
monomeric hydrolysis species in alkaline to hyperalkaline conditions
(i.e. Be(OH)2(aq), Be(OH)3 and Be(OH)ﬁ_) is supported by 9Be NMR data
obtained in this work and is in line with related discussions available in
the literature (Alderighi et al., 2000; Brown and Ekberg, 2016). A
negligible contribution of Be(II)-chloride complexes is expected within
the boundary conditions of this study, and accordingly such species are
disregarded in the thermodynamic description of the experimental sol-
ubility data. Based on a solvent extraction study with 0.5 M < [HCI] <
9.4 M, Hardy et al. (1961) reported the formation of the very weak
complex BeCl*, with log f°1,1) 0.7. The potentiometric study of
Mesmer and Baes (1967) also supported the very weak complexation
between Be(Il) and chloride. These authors argued that, if forming,
Be(II)-chloride complexes should be of outer-sphere nature. The sub-
stitution of a water molecule in Be(H,0)5" by the larger chloride ion
would result in the significant lengthening of all Be?"-H,0 distances or
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Fig. 4. Solubility of a-Be(OH),(cr) in acidic to hyperalkaline systems: (a) 0.1 M; (b) 0.5 M, (c¢) 1.0 M, (d) 3.0 M and (e) 5.0 M NaCl. Thick solid (black) lines
correspond to the solubility of a-Be(OH),(cr) calculated with thermodynamic and SIT activity models summarized in Section 4.3. Thin solid (blue) lines show the
Be(Il) aqueous speciation underlying a-Be(OH)y(cr) solubility. The hydrolysis species (2,1) is present in small fractions (<10%) and is not shown in the figure,

although it is considered in the calculation of [Beliot.
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Fig. 5. Solubility of a-Be(OH),(cr) in acidic to hyperalkaline systems: (a) 0.1 M; (b) 0.5 M, (c) 1.0 M, (d) 3.0 M and (e) 4.0 M KCl. Thick solid (black) lines correspond
to the solubility of a-Be(OH)x(cr) calculated with thermodynamic and SIT activity models summarized in Section 4.3. Thin solid (green) lines show the Be(II) aqueous

speciation underlying o-Be(OH)y(cr) solubility. The hydrolysis species (2,1) is present in small fractions (<10%) and is not shown in the figure, although it is
considered in the calculation of [Be];o;.
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Fig. 6. Solubility of a-Be(OH)y(cr) in 0.01, 0.03, 0.3, 1.0, 2.0 and 3.0 M (a) NaOH and (b) KOH systems. Thick solid (black) lines correspond to the solubility of
a-Be(OH),(cr) calculated with thermodynamic and SIT activity models summarized in Section 4.3. Thin solid (blue, green) lines show the Be(II) aqueous speciation
underlying a-Be(OH),(cr) solubility. Empty squares correspond to the solubility of Be(Il) in 0.02-0.71 M NaOH as reported in Gilbert and Garrett (1956).

otherwise in the reduction of the coordination number of Be>", with
both processes being energetically highly unfavourable. Such type of
weak interactions between Be(II) cationic species and chloride are
included in the activity model as described below.

In this study, the specific ion interaction theory (SIT) (Ciavatta,
1980) derived from the Brgnsted-Guggenheim-Scatchard specific ion
interaction method is used to account for ion interaction processes in
systems at I > 0. In SIT, the activity coefficient of a given ion j (y;) is
calculated according to:

logy; D+ > ek L)m ¢))
k

where z; is the charge of the ion j, D is the Debye-Hiickel term

<D
e(j, k, Iy) is the specific ion interaction parameter. The ionic strength is
calculated as I,  1/2) m;z?.

The Debye Hiickel term in equation (10) accounts for the electro-

static, non-specific long range interactions (prevailing in dilute sys-
tems), whereas the term > ¢(j, k, I;,)my accounts for short range, non-
k

0.509 /I,

m) , my is the molality of the oppositely charged ion k, and

electrostatic interactions that consider also differences between ions of
the same charge but different size. The SIT is usually considered for the
correction of ionic strength effectsuptol 3.5 m (Grenthe et al., 2013),
although this limit can be safely extended to higher ionic strengths,
especially in the case of 1:1 electrolytes (Neck et al., 2009; Gaona et al.,
2013; Altmaier et al., 2017; Cevirim-Papaioannou et al., 2018).

4.1. Thermodynamic data derived from Be(II) solubility experiments in
acidic to near neutral NaCl systems

The chemical model of Be(II) in acidic to near-neutral pH conditions
(up to pHp, ~ 8) in the absence complexing ligands except water includes
the well-defined solid phase a-Be(OH)y(cr) and a number of positively
charged monomeric and polynuclear hydrolysis species, Be,(OH)Z™™.
The extensive literature reporting on the aqueous speciation of Be(Il) in
these conditions shows consensus in the predominance of the species
BeOH™, Be;OH>", Be3(OH)3™, Bes(OH)¢" and Beg(OH)4" (see Section 1
and Table 1S in the Supplementary Material), which have been
accordingly considered in this work without further evaluation.

The solubility datasets determined in 0.1-5.0 M NaCl systems are
considered to evaluate thermodynamic and activity models of Be(II) in
acidic conditions. These data are fitted at each ionic strength by mini-
mizing the function ) ((log [Be]exp — log [Bel Calc)z)l/ 2, where [Be]calc is
the sum of [BeOH'], [Be;OH>'1, [Be3(OH)3'], [Bes(OH)6]*']1 and

[Be6(OH)§+] calculated based on equation (2) — (6):

a-Be(OH)(cr) 4+ 2H" & Be?™ + 2H,0(1) 2
*K;_o ape-al / . 3
and

nBe?* + mH,0(l) ©Be,(OH)Z™ + mH* C))
Bom) Baiony » & e [l )
with

[Bel.ye Koo “vuemyy. a,? (1 D I A maiL) O

where a;  yi-my, yi is the activity coefficient calculated by SIT, m; is the
concentration in molal units and a,, is the activity of water for the given
background electrolyte concentration (Guillaumont et al., 2003). In the
minimization of the function ) ((log [Belexp — log [Be]calc)2)1/ 2, the
hydrolysis constants log #°«1,1), 10g 5°2,1), log #°3,3), 10g f°(5,6) and log
/°(6,8) are kept constant as reported in Brown and Ekberg (2016). These
equilibrium constants are essentially the same as reported in Bruno
(1987) with slight changes that account for new literature (see Table 18,
Supplementary Material). SIT coefficients are also set constant as re-
ported in Bruno (1987) or estimated using the approach described in
Hummel (2009) (see values summarized in Section 4.3). The only var-
iable remaining is the conditional solubility constant, log *K’s o{a-Be
(OH)2(cr)}, which is accordingly fitted for each NaCl concentration. The
values of log *K’s o{a-Be(OH)z(cr)} (see Table 2S, Supplementary Ma-
terial) are extrapolated toI O following the SIT approach:

log *K’so{a-Be(OH)y(cr)}  log [Be?"] — 2 log [H'] @

log*K,,{o-Be(OH) (cr)}  log*K,o{oa-Be(OH),(er)} +logrpear g
2 logyy+ 2 loga,,

with

log*K,{a-Be(OH), (cr)}  log*K; ,{a-Be(OH),(cr) } 2D ©

+2 loga,, + Ag[NaCl]

The linear regression log *K’s o{a-Be(OH)2(cr)} — 2 D + 2 log ay, vs.
[NaCl] (SIT-plot) shown in Fig. 7 results in log *K°s g{a-Be(OH)2(cr)}
(6.9 + 0.4) as the intercept of the SIT-plot. This value is in good
agreement with the one reported by Gilbert and Garrett (1956) for the
same solid phase, i.e. log *K°sg{a-Be(OH)o(cr)} (6.85 £ 0.05). The
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Fig. 7. SIT-plot for the solubility reaction a-Be(OH)z(cr) + 2H' & Be?* +
2H,0(1) using conditional solubility constants, log *K’so{a-Be(OH)x(cr)},
determined in this work in 0.1-5.0 M NacCl solutions.

transformation of a-Be(OH)y(cr) into -Be(OH)y(cr) was not observed
within the timeframe of this solubility study (t < 600 days), although
B-Be(OH)a(cr) is expectedly the stable solid phase at room temperature.
This observation can be argued considering two main aspects: (i) the
stability of both solid phases is very similar at room temperature, i.e.
a-Be(OH);(cr) < B-Be(OH)y(cr) with log K° < 0.5 (this work; Brown and
Ekberg, 2016); (ii) all previous studies investigating p-Be(OH)y(cr)
synthesized this solid phase under hydrothermal conditions; (Fricke and
Humme, 1929; Seitz et al., 1950; Bear and Turnbull, 1965; Soboleva
et al., 1977; Bruno et al., 1987a; Stahl et al., 1998), i.e. elevated tem-
perature is required to promote the transformation of one phase into the
other, which otherwise does not occur at T 25 °C.

The SIT coefficient e(Be*t, CI7) (0.10 + 0.16) kg-mol ! is
calculated from the slope of the SIT-plot (-Ae —e(Be?T, CI) +
2e(H', Cl7) (0.14 + 0.16) kg-mol_l) in combination with e(H", C17)

(0.12 + 0.01) kg~mol’1 reported in Guillaumont et al. (2003). The
value 8(Be2+, Cl7) determined in this work is consistent with
e(Be?*, CI7) (0.17 £ 0.05) kg-mol ! estimated in Bruno (1987) from
other divalent cations (Mg?", Ni2™ and Ca®").

4.2. Thermodynamic data derived from Be(ID) solubility experiments in
alkaline to hyperalkaline NaCl-NaOH and KCI-KOH systems

Be(II) solubility in alkaline to hyperalkaline NaCl-NaOH and
KCI-KOH systems is described by the equilibrium reactions (10)—(18):

a-Be(OH);(cr) < Be(OH)z(aq) (o
o-Be(OH)s(cr) + H,O(l) < Be(OH); + HT (11)
a-Be(OH)y(cr) + 2H,0(1) < Be(OH); ™ + 2HT 12)
with

log *K’s 1)  log [Be(OH)x(aq)] 42
log K2, log "K’i(12) +10g Ypeom), a
log *K’s(13) log [Be(OH)3] + log [H'] 1>
log*Kg"(l‘;) log*K’s,m&) + log VBe(om), +logyy+ log a,, (16)
log *K’;(14  log [Be(OH)} ] + 2log [H'] an

log*K;"(l‘A) log K’ (1.4 + log Yoetonp T 2logry+  2logay (18)

The solubility constant for the neutral species Be(OH)z(aq), log *K° »
is determined from experimental data in 0.1, 0.5 and 1.0 M KCl systems.
Following equations (13) and (14) and considering e(Be(OH)z(aq),
K*/Cl7) 0 (per definition in SIT), we calculate log *K°so —(6.8+£0.3)
as the average log [Belo for these systems in the pHp,-independent re-
gion of the solubility (=8 < pHp, < ~ 10).

Conditional solubility constants log *K’s(1,3) and log *K’s (1 4) are
determined (see Table S2, Supplementary Material) from solubility data
in (0.1, 0.5, 1.0, 3.0 and 5.0 M) NaCl and (0.1, 0.5, 1.0, 3.0 and
4.0 M) KCl systems at pHy, > 11. These solubility constants are simul-
taneously determined for each background electrolyte concentration by
minimizing the function ) ((log [Belexp — log [Be]calc)z)l/ 2 and using
equation (5) to calculate [Be]cae. A weighted multi-linear least-squares
regression procedure as described in Hummel et al. (2005) is used to
extrapolate log *K’s(1,3) and log *K’s1,4) to I 0 (see Fig. 8). This
approach is based on the simultaneous fit of NaCl and KCl systems for
the determination of log *K°s 1 ) (withx  3-4). A unique intercept (i.e.
log *K°s(1,0) is imposed for both background electrolyte systems,
whereas slopes (i.e. providing e(Be(OH)2 ™, Nat) and e(Be(OH)2™, KT)
are allowed to vary. The fit of log *K°g (1 x) is weighted with the un-
certainties of each independent log *K’s (1,x).

The multi-linear least-squares SIT regression in Fig. 8 results in log
*K°,1,3) —(17.4=+0.6)andlog *K°s 1,4y —(30.7 £0.5), aswell asin
the SIT coefficients e(Be(OH)s3, Na™) (0.02 + 0.16) kg-mol’l,
e(Be(OH)3, K™) (0.11 + 0.05) kgmol™!, eBe(OH)]~, Na™)

(0.03 + 0.16) kg:mol™! and e(Be(OH)3~, K*)  (0.16 + 0.05)
kg-mol 1.

The combination of log *K°s (1,2), log *K°s (1,3) and log *K°; (1 4) with
log *K°so{a-Be(OH)2(cr)} obtained in Section 4.1 allows the determi-
nation of the corresponding hydrolysis constants for reactions (19)—(21):

\E _1 4 T T T T T
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Fig. 8. Multi-linear least-squares SIT regression for the solubility reactions
a-Be(OH)y(cr) + Hy0(l) < Be(OH)3 + H' and o-Be(OH)(cr) + 2H,0(1) <
Be(OH); + 2H" considering log *K’s(1 3 and log *K’s(1,4) experimentally
determined in dilute to concentrated NaCl (blue symbols) and KCl (green
symbols) solutions. Dashed lines indicate the uncertainty of each linear fit.



Table 1

Selected solubility and hydrolysis constants of Be(Il) at I = 0 as determined in this work or reported in selected references.

Solid phase log *K°s0 Reference
«-Be(OH),(cr) + 2 H" @ Be?" + 2 H,0(l) (6.9 + 0.4) pw
Hydrolysis reactions 1og *£° (n,m)
Be?* + H,0(l) © BeOH" + H* -(5.39 +£0.14) Brown and Ekberg (2016)
Be®" + 2 Hy,0(l) & Be(OH),(aq) + 2 H' -(13.7+£0.5) p-w.
Be?" + 3 H,0(1) & Be(OH)3 + 3 H' - (24.3 + 0.6) pw.
Be®! + 4 HyO()  Be(OH); + 4 H' —(37.6 £ 0.7) pw.
2 Be?* + H,0(l) & Be,OH®" + H* —(8.54 + 0.05) Brown and Ekberg (2016)
3 Be?* + 3 H,0(l) « Beg(OH)3" + 3 H' - (8.83 £0.05) Brown and Ekberg (2016)
5 Be?" + 6 H,0(l) © Bes(OH)&" + 6 H' - (19.1 £0.1) Brown and Ekberg (2016)
6 Be?" + 8 H,0(I) « Beg(OH)g" + 8 H* -(26.3 +£0.1) Brown and Ekberg (2016)
p-w. stands for present work.
Be?* + 2 H,O(l) < Be(OH)x(aq) + 2 HT (19) Table 2
- B . Selected SIT ion interaction coefficients, €(i,j), for Be(II) hydrolysis species as
Be™" + 3 H,0(l) & Be(OH); + 3 H (20) determined in this work or reported in selected references.
Bet + 4 H,0() & Be(OH)E_ +4H" 21 Be(Il) species SIT coefficients References
. 1 J e(i,j) [kg-mol 1
with (L)) [kg ]
BeOH* Cl (0.05 + 0.10) Hummel (2009)?
log *p°12 - (13.7£0.5) ;o cl (0.10 + 0.16) pw.
(0.17 +£ 0.05) Bruno (1987)
log *ﬁo(lﬁ) — (243 £ 0.6) Be,OH>* cl (0.30 + 0.05) Bruno (1987)
Be3(OH)3" cl (0.30 + 0.05) Bruno (1987)
log *[30(1,4) - (37.6 +£0.7) Bes(OH)¢* Cl 0.6 + 0.2)" Bruno (1987)
Beg(OH)§" cl 0.6 +0.2)" Bruno (1987)
The value of log *$°(1,2) obtained in this work is in excellent Be(OH)3 Na™ (0.02 + 0.16) p.w.
agreement with the hydrolysis constant determined by Green and . K . (0.11 £ 0.05) p.w.
Alexander (1965) by solvent extraction, log *#°1,2) - (13.65 + 0.05). Be(OH) lljf Eg'(l)z i g'ég p'x'
However, our value shows very large discrepancies (>2.5 log-units) with Be(OH),(aq) Na*, K+, Gl o ’ E' ’

log *$°(1,2) reported in several potentiometric studies (Kakihana and
Sillen, 1956; Bertin et al., 1967; Schwarzenbach and Wenger, 1969;
Kakihana and Maeda, 1970; Vanni et al., 1975; Brown et al., 1983;
Bruno, 1987; Chinea et al., 1997). The reference book by Baes and
Mesmer (1976) already supported that log *f°(1,2) determined in
potentiometric studies might be largely overestimated, and favoured the
selection of the hydrolysis constant determined in the solvent extraction
study by Green and Alexander (1965). On the contrary, the recent
review book by Brown and Ekberg (2016) considered the work by Green
and Alexander (1965) inconclusive and selected a log *4°(1,2) value in
line with potentiometric data. Our solubility data provides conclusive
and independent evidence of the large overestimation of log *°( 2)
determined in potentiometric studies and, in our view, closes this
long-lasting discussion. Although potentiometry is a very robust and
reliable method in undersaturated systems, artifacts potentially arise
when approaching the solubility limit of a given metal oxide/hydroxide.
This is clearly the case of beryllium and Be(OH)2(aq), whose
concentration in equilibrium with a-Be(OH)y(cr) (~1077 M) is well
below the reach of potentiometric techniques. It is worthy to note the
discussion on Be(OH)z(aq) provided in the potentiometric study by
Schwarzenbach and Wenger (1969). These authors reported a log *4'(,
2y —(10.9+0.2)atI 3.0 MNaClOy, in line with other potentiometric
studies. However, the authors also elaborated on the equilibrium
between “unstable” Be(OH).*(aq) and “stable” Be(OH).(aq), with
log K’ 2 for the reaction Be(OH),*(aq) < Be(OH)2(aq) at 0.1 M
NaClOy. In a titration series at [Bely: 3-107° M and pH 4-7, the
“unstable” Be(OH)2*(aq) (withlog *f’ (1,2y~ 13) was observed after ~
5 ms, whereas “stable” Be(OH)»(aq) (with log *# ' 2y & 11) formed
after a few minutes involving a clear drop in pH. On the basis of our
solubility data in Figs. 4 and 5, it appears evident that a large fraction of
the potentiometric titrations in Schwarzenbach and Wenger (1969) were
oversaturated with respect to a-Be(OH)s(cr), and that their “stable” Be
(OH)2(aq) most likely corresponded to a solid nanoporticle or colloidal
“Be(OH)y” moiety.

p-w. stands for present work.
c. By definition in SIT.

@ Estimated based on charge correlations.

b These values estimated in Bruno are likely overestimated, but have been
used in this work for the sake of consistency. Their impact on the thermody-
namic calculations shown in Figs. 4 and 5 is negligible, as these species are very
minor in the conditions of this study. A better estimate can be probably obtained
by the charge correlations proposed in Hummel (2009), leading to e(Bes(OH)g*,
Cl ) = e(Beg(OH)E™, Cl ) = (0.35 =+ 0.10) kg-mol .

The values of log */#°(1,3) and log */#°(1 4) determined in this work are
slightly lower but in line with the corresponding values reported in
Gilbert and Garrett (1956) and in Green and Alexander (1965)
(see Table 1S, Supplementary Material). The equilibrium constant for
the step-wise reaction Be(OH)3 + Hy0() & Be(OH)?{ +HT, log *K°4

13.9, suggests that Be(OH)7~ prevails only above pH ~ 14. However,
the stability of both anionic species is strongly dependent on the ionic
strength, and thus Be(OH)7~ becomes predominant in the pore water
conditions befined by cement in degradation stage I (i.e. ~ 0.1 M NaOH,
~ 0.2 M KOH and pH 13.3).

4.3. Summary of chemical, thermodynamic and activity models for the
system Be? —-H"-K*-Na*-Cl—~OH -H,0()

Tables 1 and 2 summarize the comprehensive and consistent chem-
ical, thermodynamic and SIT activity models for the system
Be2+—Na+—K+—H*—Cl‘—OH‘—HzO(l) as derived in this work (solubility,
hydrolysis in alkaline conditions) or reported in the literature (hydro-
lysis in acidic conditions). Figs. 4 and 5 show that the model explains
very well solubility data determined in this work in NaCl-NaOH and
KCI-KOH systems. Experimental solubility data collected in pure NaOH
and KOH solutions was not used in the calibration of the model, and thus
can be considered for independent validation. Hence, Fig. 6 shows also
an excellent agreement between experimental data in pure hydroxide



systems and calculated solubility, and thus gives additional support to
the validity of the thermodynamic and activity models derived.

5. Summary and conclusions

The solid phase a-Be(OH)s(cr) controls the solubility of Be(I) in
acidic to hyperalkaline, dilute to concentrated NaCl and KCl systems.
Within the boundary conditions of this study ([MOH] < 4.0 M,
T (22 + 2) °C, t < 600 days), no solid phase transformation into
B-Be(OH)z(cr) or ternary M(I)-Be(II)-OH(cr) phases was observed.

Solubility data determined in weakly acidic to near-neutral
pHp-conditions, in combination with thermodynamic data critically
reviewed by Brown and Ekberg (2016) for cationic hydrolysis species of
Be(Il) (Be,(OH)Z"™, with (n,m)  (1,1), (2,1), (3,3), (5,6), (6,8)) allow
the quantification of the solubility constant of a-Be(OH)z(cr), log *K°,
o (6.9 £ 0.4). This value is in good agreement with the only solubility
study available in the literature for this solid phase (Gilbert and Garrett,
1956). In alkaline to hyperalkaline systems, slope analysis of the
solubility data and °Be NMR support the predominance of the
monomeric hydrolysis species Be(OH)s(aq), Be(OH)3 and Be(OH)?(.
These species play a relevant role within the pH-region relevant in
cementitious systems, e.g 10 < pHy < 13.3. The neutral species Be
(OH)»(aq) prevails within pHy, ~ 8.5 and ~ 11, and the fit of the
corresponding solubility results in log *K° 2 - (6.8 &+ 0.3) and
log *f°a,2) — (13.7 £ 0.5). These results indicate that the value of
log *#°1,2) determined in previous potentiometric studies is largely
overestimated. The hydrolysis constants determined in this work
for Be(OH)3 and Be(OH)‘zf, log *f°a,3) - (24.3 + 0.6) and
log *f°a,4y - (37.6 +0.7), are in line with the sparse data available in
the literature for these hydrolysis species (Gilbert and Garrett, 1956;
Green and Alexander, 1965).

The comprehensive chemical, thermodynamic and (SIT) activity
models derived in this work for the system
Be?*-Na™-K*-H"-ClI-OH -H,0(l) represent an accurate and robust
tool for the evaluation of Be(II) solubility and speciation in a diversity of
geochemical conditions of relevance for nuclear waste disposal,
including cementitious systems in different degradation stages (I-III).
The established solubility limits also set boundary conditions for the
proper investigation of Be sorption in cementitious environments, which
will be presented by KIT-INE in separate future publication.

Declaration of competing interest

The authors declare that they have no known competing financial
interests or personal relationships that could have appeared to influence
the work reported in this paper.

Acknowledgements

The research leading to these results has received funding from the
European Union’s European Atomic Energy Community’s (Euratom)
Horizon 2020 Programme (NFRP-2014/2015) under grant agreement,
662147 - Cebama. Frank Geyer, Annika Kaufmann and Cornelia
Walschburger (all KIT-INE) are gratefully acknowledged for the ICP-MS
and ICP-OES measurements. The support provided by Andrey Plyasu-
nov (Russian Academy of Sciences) for the interpretation of old Russian
literature is highly appreciated. Wolfgang Hummel (PSI-LES) and Ignasi
Puigdomenech (SKB) are kindly acknowledged for the insights provided
on the multi-linear least-squares regression.

Appendix A. Supplementary data

Supplementary data to this article can be found online at https://doi.
org/10.1016/j.apgeochem.2020.104601.

References

Alderighi, L., Gans, P., Midollini, S., Vacca, A., 2000. Aqueous solution chemistry of
beryllium. In: Sykes, A.G., Cowley, A. (Eds.), Main Chemistry Group, Advances in
Inorganic Chemistry, vol. 50. Academic Press, San Diego, pp. 110-172.

Altmaier, M., Metz, V., Neck, V., Miiller, R., Fanghanel, T., 2003. Solid-liquid equilibria
of Mg(OH)z(cr) and Mgo(OH),Cl.4H20(cr) in the system Mg-Na-H-OH-O-Cl-H20 at
25 °C. Geochem. Cosmochim. Acta 67, 3595-3601.

Altmaier, M., Yalcintas, E., Gaona, X., Neck, V., Miiller, R., Schlieker, M., Fanghanel, T.,
2017. Solubility of U(VI) in chloride solutions. I. The stable oxides/hydroxides in
NaCl systems, solubility products, hydrolysis constants and SIT coefficents. J. Chem.
Thermodyn. 114, 2-13.

Baes, C.F., Mesmer, R.E., 1976. The Hydrolysis of Cations. John Wiley & Sons, New York.

Baumann, A., Yalcintas, E., Gaona, X., Altmaier, M., Geckeis, H., 2017. Solubility and
hydrolysis of Te(IV) in dilute to concentrated KCI solutions: an extended
thermodynamic model for Te*"-H-K-Na'-Mg?"-Ca?*-OH-CI'-H,0(l) mixed
systems. New J. Chem. 41, 9077-9086.

Bear, 1.J., Turnbull, A.G., 1965. The heats of formation of beryllium compounds . I.
Beryllium hydroxides. J. Phys. Chem. 69, 2828-2833.

Beeston, J.M., 1970. Beryllium metal as a neutron moderator and reflector material.
Nucl. Eng. Des. 14, 445.

Bertin, F., Thomas, G., Merlin, J.C., 1967. Studies on beryllium complexes. I. Solvolysis
of Be?* ions in aqueous media. J. C. Bull. Soc. Chim. Fr. 2393,

Brown, P.L., Ekberg, C., 2016. Hydrolysis of Metal Ions. Wiley-VCH Verlag GmbH,
Weinheim.

Brown, P.L., Ellis, J., Sylva, R.N., 1983. The hydrolysis of metal ions. Part 7. Beryllium
(I1). J. Chem. Soc. Dalton Trans. 2001-2004.

Bruno, J., 1987. Beryllium(II) hydrolysis in 3.0 mol-dm™ perchlorate. J. Chem. Soc.
Dalton Trans. 2431-2437.

Bruno, J., Grenthe, 1., Munoz, M., 1987a. Studies of metal carbonate equilibria. Part 16.
The beryllium(II) - water-carbon dioxide(g) system in neutral-to-alkaline 3.0 mol
dm™ perchlorate media at 25°C. J. Chem. Soc. Dalton Trans. 2445-2449.

Bruno, J., Grenthe, 1., Sandstrom, M., Ferri, D., 1987b. Studies of metal carbonate
Equilibria.15. The beryllium(II)- water-carbon dioxide(g) system in acidic 3.0 mol
dm™ perchlorate media. J. Chem. Soc. Dalton Trans. 2439-2444.

Carell, B., Olin, A., 1961. Studies on hydrolysis of metal ions 37. Application of self-
medium method to hydrolysis of beryllium perchlorate. Acta Chem. Scand. 15, 1875.

Carell, B., Olin, A., 1962. Studies on hydrolysis of metal ions 43. A thermochemical study
of hydrolysed Be(ClO4), solutions. Acta Chem. Scand. 16, 2357.

Cecconi, F., Ghilardi, C.A., Midollini, S., Orlandini, A., Mederos, A., 1998. Isolation of
[Beg(p—OH)g(HZO)ﬁ]3 " Synthesis, %Be NMR spectroscopy, and crystal structure of
[Bes(p-OH)3(H20)6] (picrate)s - 6H20. Inorg. Chem. 37, 146-148.

Cevirim-Papaioannou, N., Yalcintas, E., Gaona, X., Altmaier, M., Geckeis, H., 2018.
Solubility of U(VI) in chloride solutions. II. The stable oxides/hydroxides in alkaline
KCl solutions: thermodynamic description and relevance in cementitious systems.
Appl. Geochem. 98, 237-246.

Chandler, D., Primm, R.T., Maldonado, G.I., 2009. Reactivity Accountability Attributed
to Beryllium Reflector Poisons in the High Flux Isotope Reactor. ORNL Report, Oak
Ridge, USA. TM-2009/188.

Chinea, E., Dominguez, S., Mederos, A., Brito, F., Sanchez, A., Ienco, A., Vacca, A., 1997.
Hydrolysis of beryllium(II) in DMSO:H20. Main Group Met. Chem. 20, 11-17.

Ciavatta, L., 1980. The specific interaction theory in evaluating ionic equilibria. Ann.
Chim-Rome 70, 551-567.

Dupin, J.C., Gonbeau, D., Vinatier, P., Levasseur, A., 2000. Systematic XPS studies of
metal oxides, hydroxides and peroxides. Phys. Chem. Chem. Phys. 2, 1319-1324.

Everest, D.A., Mercer, R.A., Miller, R.P., Milward, G.L., 1962. The chemical nature of
sodium beryllate solutions. J. Inorg. Nucl. Chem. 24, 525-534.

Fricke, R., Humme, H., 1929. Uber die beiden Formen des kristallinen
Berylliumhydroxydes und iiber das System BeO-NayO-H20. Z. Anorg. Chem. 178,
400-410.

Gaona, X., Fellhauer, D., Altmaier, M., 2013. Thermodynamic description of Np(VI)
solubility, hydrolysis, and redox behavior in dilute to concentrated alkaline NaCl
solutions. Pure Appl. Chem. 85, 2027-2049.

Gilbert, R.A., Garrett, A.B., 1956. The equilibria of the metastable crystalline form of
beryllium hydroxide - Be(OH); in hydrochloric acid, perchloric acid and sodium
hydroxide solutions at 25°C. J. Am. Chem. Soc. 78, 5501-5505.

Green, R.W., Alexander, P.W., 1963. Hydrolysis of bis-(acetylacetonato)-beryllium(II).
J. Phys. Chem. 67, 905.

Green, R.W., Alexander, P.W., 1965. Schiff base equilibria .2. Beryllium complexes of N-
N-butylsalicylideneimine and hydrolysis of Be?" ion. Aust. J. Chem. 18, 651.

Grenthe, I., Mompean, F., Spahiu, K., Wanner, H., 2013. Guidelines for the Extrapolation
to Zero Ionic Strength, Issy-Les-Moulineaux. Nuclear Energy Agency, OECD.

Guillaumont, R., Fanghanel, T., Fuger, J., Grenthe, I., Neck, V., Palmer, D.A., Rand, M.H.,
2003. Update on the Chemical Thermodynamics of Uranium, Neptunium,
Plutonium, Americium and Technetium, Vol.5 of Chemical Thermodynamics.
Elseiver Science Publishers, Amsterdam.

Haber, F., Van Oordt, H., 1904. Uber berylliumverbindungen. Z. Anorg. Chem. 40,
465-468.

Hardy, C.J., Greenfield, B.F., Scargill, D., 1961. The solvent-extraction of beryllium from
aqueous solutions of mineral acids by alkyl esters of phosphoric acid. J. Chem. Soc.
174-182.

Harris, R.K., Becker, E.D., De Menezes, S.M.C., Goodfellow, R., Granger, P., 2001. NMR
nomenclature. Nuclear spin properties and conventions for chemical shifts - (IUPAC
recommendations 2001). Pure Appl. Chem. 73, 1795-1818.

Hietanen, S., Sillen, L.G., 1964. Studies on hydrolysis of metal ions .52. Recalculation of
emf data on beryllium hydrolysis. Acta Chem. Scand. 18, 1015.



Hummel, W., 2009. Ionic Strength Corrections and Estimation of SIT Ion Interaction
Coefficients. PSI Technical Report. Villigen, Switzerland. TM-44-09-01.

Hummel, W., Anderegg, G., Puigdoménech, ., Rao, 1., Tochiyama, O., 2005. Chemical
Thermodynamics of U, Np, U, an, Tc, Se, Ni and Zr with Selected Organic Ligands,
Vol.9 of Chemical Thermodynamics. Elseiver Science Publishers, Amsterdam.

JCPDS, 2001. Powder Diffraction Files. Joint Committee on Powder Diffraction
Standards, Swarthmore, USA.

Johnson, R.E., Steeves, A.F., 1957. The Strengthening Effect of Beryllium on Zircaloy-3,
Bettis Atomic Power Laboratory Report WAPD-TM-81. Westinghouse Electric
Corporation, Bettis Atmoic Power Laboratory, Pittsburh, Pennsylvania.

Kakihana, H., Maeda, M., 1970. Hydrolysis of beryllium ion in heavy water. Bull. Chem.
Soc. Jpn. 43, 109.

Kakihana, H., Sillen, L.G., 1956. Studies on the hydrolysis of metal ions .16. The
hydrolysis of the beryllium ion, Be?*. Acta Chem. Scand. 10, 985-1005.

Kastner, P., Hoppe, R., 1975. Zur Kenntnis der Oxoberyllate der Alkalimetalle. Z. anorg.
Allg. Chem. 415, 249-253.

Kawamura, H., Tanaka, S., Ishitsuka, E., 2004. Proceedings of the Sixth IEA International
Workshop on Beryllium Technology for Fusion. Miyazaki, Japan.

Kriiss, G., Moraht, H., 1891. Untersuchung iiber das Beryllium. Liebigs Ann. Chem. 262,
38-61.

Lanza, E., Carpéni, G., 1968. Recherches sur le point isohydruque et les equilibres de
condensation ou association-XXV. Etude electromerique de I"'hydroxoxomplexation
du cation (Be. aq)2+ Electrochim. Acta 13, 519.

Longhurst, G.R., Carboneau, M.1., Mullen, C.K., S, J.W., 2003. Challenges for disposal of
irradiated beryllium. In: Proceedings of the 6th IEA Workshop on Beryllium
Technology, Dec. 2-5. Mizayaki, Japan.

Mallinson, C.F., Castle, J.E., Watts, J.F., 2014. The electron spectra of beryllium and
beryllium oxide: an XPS, X-AES and AES study. Surf. Interface Anal. 46, 989-992.

Mallinson, C.F., Castle, J.E., Watts, J.F., 2015. The chemical state plot for beryllium
compounds. Surf. Interface Anal. 47, 994-995.

Mattock, G., 1954. The hydrolysis and aggregation of the beryllium ion. J. Am. Chem.
Soc. 76, 4835-4838.

Mesmer, R.E., Baes, C.F., 1967. Hydrolysis of beryllium(II) in 1 m nacl. Inorganic
Chemistry Inorg. Chem 1951.

Moulder, J.E., Stickle, W.F., Sovol, P.E., Bomben, K.D., 1995. Handbook of X-Ray
Photoelectron Spectroscopy. ULVAC-PHI, Chigasaki.

Neck, V., Altmaier, M., Rabung, T., Lutzenkirchen, J., Fanghanel, T., 2009.
Thermodynamics of trivalent actinides and neodymium in NaCl, MgCl2, and CaCl2
solutions: solubility, hydrolysis, and ternary Ca-M(II)-OH complexes. Pure Appl.
Chem. 81, 1555-1568.

NIST, 2000. X-ray Photoelectron Spectroscopy Database, NIST Standard Reference
Database Number 20. National Institute of Standards and Technology, Gaithersburg
MD.

Ohtaki, H., 1967. Ionic equilibria in mixed solvents. I. Hydrolysis of beryllium ion in a
0.2 mole fraction dioxane-water mixture containing 3 M LiclO4 as an ionic medium.
Inorg. Chem. 6, 808.

Ohtaki, H., Kato, H., 1967. Ionic equilibria in mixed solvents. 2. Hydrolysis of beryllium
ion in a 0.1 mole fraction dioxane-water mixture and in aqueous solution containing
3 M LiclOy4 as an ionic medium. Inorg. Chem. 6, 1935.

Paris, M.R., Gregoire, C., 1968. Application de la coulometrie & I'etude des complexes. I.
Appareillage et application a I'hydrolyse de I’ion beryllium(II). Anal. Chim. Acta 42,
431.

Reynolds, J.G., 2013. The Concentration and Distribution of Beryllium in Hanford High-
Level Waste- Proceedings of the IHLRWMC. Albuquerque, NM, April-May, 2013.

Rubinson, K.A., 2017. Practical corrections for p(H, D) measurements in mixed H,0/D20
biological buffers. Analytical Methods 9, 2744-2750.

Ruf, M., Weis, K., Vahrenkamp, H., 1996. Zn-O,H3-Zn: a coordination mode of the
hydrolytic zinc-aqua function and a possible structural motif for oligozinc enzymes.
J. Am. Chem. Soc. 118, 9288-9294.

Schindler, P., Garett, A.B., 1960. Loslichkeitsprodukte Von Metalloxiden Und
-Hydroxiden .5. Die Loslichkeit von -Be(OH)3 in Verdunnten Sauren. Helv. Chim.
Acta 43, 2176-2178.

Schmidbaur, H., Schmidt, M., Schier, A., Riede, J., Tamm, T., Pyykko, P., 1998.
Identification and structural characterization of the predominant species present in
alkaline hydroxyberyllate solutions. J. Am. Chem. Soc. 120, 2967-2968.

Schmidt, M., Schier, A., Riede, J., Schmidbaur, H., 1998. The novel binuclear
hydroxyberyllate species [Bea(OH);]1%and the hydroxide hydrate anion [H30]" as
components of beryllate equilibria. Inorg. Chem. 37, 3452-3453.

Scholder, R., Schwarz, H., 1968. Sodium and alkaline earth metal hydroxyberyllates.
Zeitschrift Fur Anorganische Und Allgemeine Chemie 361, 284-295.

Schwarzenbach, G., 1962. Metastabile protonierungs- und deprotonierungsprodukte
anorganisher molekeln and ionen. Pure Appl. Chem. 5, 377-402.

Schwarzenbach, G., Wenger, H., 1969. Die protonierung von metall-aquaionen I: Be-aq?
* solvatations-isomerie. Helv. Chim. Acta 52, 644.

Seah, M.P., Gilmore, L.S., Beamson, G., 1998. XPS: binding energy calibration of electron
spectrometers 5 - Re-evaluation of the reference energies. Surf. Interface Anal. 26,
642-649.

Seitz, A., Rosler, U., Schubert, K., 1950. Kristallstruktur von p-Be(OH),. Z. Anorg. Allg.
Chem. 261, 94.

Shannon, R.D., 1976. Revised effective ionic radii and systematic studies of interatomic
dsitances in halides and chalcogenides. Acta Crystallogr. A32, 751-767.

Smith, R.M., Martell, A.E., 1994. NIST Critically Selected Stability Constants of Metal
Complexes Database. U.S. Deparment of Commerce, National Institute Standards and
Technology, Gaithersburg, MD, USA.

Soboleva, G.I., Tugarinov, L.A., Kalinina, V.F., Khodakovsky, I.L., 1977. Investigation of
Equilibria in System BeO-NaOH-HNO3-H20 within Temperature-Range of 25-250°C.
Geokhimiya, pp. 1013-1024.

Stahl, R., Jung, C., Lutz, H.D., Kockelmann, W., Jacobs, H., 1998. Crystal structures and
hydrogen bonding for -Be(OH)(2) and e-Zn(OH)(2). Z. Anorg. Allg. Chem. 624,
1130-1136.

Tsukuda, H., Kawai, T., Maeda, M., Ohtaki, H., 1975. Ionic equilibria in mixed
Solvents.11. Critical survey of hydroxo complexes of beryllium in aqueous and
aqueous mixed solvents. Bull. Chem. Soc. Jpn. 48, 691-695.

Tuckerman, M.E., Marx, D., Klein, M.L., Parrinello, M., 1997. On the quantum nature of
the shared proton in hydrogen bonds. Science 275, 817-820.

Vanni, A., Gennaro, M.C., Ostacoli, G., 1975. Equilibrium studies of beryllium complexes
- interaction of beryllium ion with succinic, DL-malic and D(+)-, L(-)-, meso-tartaric
acids. J. Inorg. Nucl. Chem. 37, 1443-1451.



Supplementary Material

Thermodynamic description of Be(II) solubility and hydrolysis in acidic to hyperalkaline

NaCl and KCI solutions

Nese Cevirim-Papaioannou*, Xavier Gaona*, Melanie Bottle, Ezgi Yal¢intas Bethune, Dieter

Schild, Christian Adam, Thomas Sittel, Marcus Altmaier
Karlsruhe Institute of Technology, Institute for Nuclear Waste Disposal, P.O. Box 3640, 76021

Karlsruhe, Germany

Content

Table 18S.

Table 2S.

Figure 18S.

Figure 2S.

Summary of thermodynamic data reported in the literature for the solubility and
hydrolysis of Be(II)

Conditional solubility constant log “K's(13), log “K's14) and log “K'so for the

reactions d-Be(OH)z(cr) + H2O(l) © Be(OH)s~ + H*, a-Be(OH)2(cr) + 2H>O(1)

& Be(OH)s> + 2H* and a-Be(OH)x(cr) + 2H* & Be?* + 2H,0(l), respectively.

The conditional constants determined for each background electrolyte and used

for the extrapolations to I= 0 with the SIT approach

XPS data collected for the solid phase equilibrated in 0.1 M NaCl at pHwn= 12.9:
a. Be 1s spectra, and b. O 1s spectra.

Fraction diagram of Be(II) hydrolysis species calculated using the values
summarized in Table 1 for the systems containing: a. [Be]w= 4.3-102 M (pH= 3.0),
b. [Belw= 4.3-10 M, (pH=3.7) and c. [Be]io=4.3-10* M (pH= 4.7). Black vertical
lines are indicating the pH of the each system.



Table 1S. Summary of thermodynamic data reported in the literature for the solubility and hydrolysis

of Be(Il).
Reference Method Medium T (°C) log K log K°

0-Be(OH)x(cr) + 2 H = Be?* + 2 H>O(l)

Gilbert and Garrett (1956) solubility HCl1/HCI1O4 25 (6.86 £ 0.05)
(6.69 £ 0.02)°
(6.87 £0.05)°

B-Be(OH)x(cr) + 2 HT = Be?* + 2 H,O()

Bruno et al. (1987) solubility 3.0MNaClOs 25 (6.18 £0.03) 5.9+0.1)

Be?* + H,O < Be(OH)*

Mattock (1954) e.m.f 1.0M NaClOs 25 -6.52

Schwarzenbach (1962) e.m.f 0.1 M NaClOs 20 —(5.70 £0.10)*

Schwarzenbach and Wenger (1969)  e.m.f 0.1 M KCl 20 —(5.70 £0.10)

Renders and Anderson (1987) solubility I1=0 25 —(5.40£0.10)*

Bruno et al. (1987a) e.m.f 3 M NaClOg4 25 —(6.02 £0.09)

2 Be?* + H,O(l) = [BexOH]** + H*

Kakihana and Sillen (1956) e.m.f 3.0 M NaClOs 25 —(3.24£0.04)

Carell and Olin (1961) e.m.f 3.0 M NaClOs 25 —-(3.22+£0.05)

Mesmer and Baes (1967) e.m.f 1.0 m NaCl 25 —-(3.42 £0.07)

Bertin et al. (1967) e.m.f 0.1 MLiClOs 25 -(3.20+0.10)*

Paris and Gregoire (1968) e.m.f 3.0 M KCl 25 —-(3.18 £0.10)*

Lanza and Carpéni (1968) e.m.f 2.0 M KNOs3 25 —-(3.28 £0.10)*

Kakihana and Maeda (1970) e.m.f 3.0 M NaClOs 25 —-(3.16 £0.04)

Tsukuda et al. (1975) e.m.f 0.1 MLiClOs 25 -(3.32+£0.14)

Vanni et al. (1975) e.m.f 1.0 M KNO; 25 -(3.22+£0.14)




Reference Method Medium T (°C) log K log K°
2 Be?* + H,O(l) = [BexOHJ* + H*
Brown et al. (1983) e.m.f 0.1 M KNOs 25 —(2.96 £0.007)
Bruno (1987) e.m.f 3.0 M NaClO; 25 -(3.23+£0.05) - (347 +£0.05)
Maeda et al. (1987) e.m.f 1.0 M NaClO4 25 —(3.52+£0.07)
Mederos et al. (1987) e.m.f 0.5 M NaClO4 25 —(3.20£0.10)*
Wood (1992) literature I1=0 25 - (347 £0.10)*
Chinea et al. (1997) e.m.f 0.5 M NaClO4 25 —(3.20£0.01)
3 Be?* + 3 H,O(l) = [Bes(OH)3]** + 3 H*
Kakihana and Sillen (1956) e.m.f 3.0 M NaClOg4 25 - (8.66 £0.03)
Gilbert and Garrett (1956) solubility I1=0 25 -(8.90 £0.10)*
Carell and Olin (1961) e.m.f 3.0 M NaClO; 25 —(8.66 £0.03)
Mesmer and Baes (1967) e.m.f 1.0 m NaCl 25 —(8.907 +£0.007)
Bertin ez al. (1967) e.m.f 0.1 M LiClO4 25 —(8.80 £0.10)
Paris and Gregoire (1968) e.m.f 3.0 M KCl 25 —(8.87 £0.10)*
Lanza and Carpéni (1968) e.m.f 2.0 M KNO3 25 —(8.86 £0.10)*
Kakihana and Maeda (1970) e.m.f 3.0 M NaClOq4 25 —(8.662 +0.007)
Tsukuda et al. (1975) e.m.f 0.1 M LiClO4 25 —(8.807 £ 0.005)
Tsukuda et al. (1975) e.m.f 3.0 M LiCIOq 25 —(8.671 £0.002)
Vanni et al. (1975) e.m.f 1.0 M KNO3 25 —(8.87£0.01)
Brown et al. (1983) e.m.f 0.1 M KNO3 25 —(8.804 +0.002)
Bruno (1987) e.m.f 3.0 M NaClOq 25 —(8.656 +0.002) —(8.86 £0.05)
Maeda et al. (1987) e.m.f 1.0 M NaClOy 25 —(8.700 = 0.002)
Mederos et al. (1987) e.m.f 0.5 M NaClO4 25 —(8.91 £0.10)*
Wood (1992) solubility I1=0 25 —(8.87£0.10)
Chinea et al. (1997) e.m.f 0.5 M NaClO4 25 —(8.68 £0.03)
5 Be?* + 6 HO(l) = [Bes(OH)e]** + 6 H*
Bruno (1987) e.m.f 3.0 M NaClOy 25 —(18.81 £0.03) —-(195+£0.1)
Chinea et al. (1997) e.m.f 0.5 M NaClO4 25 —(18.31 £0.05)
6 Be?* + 8 HO(l) = [Bes(OH)s]* + 8 H*
Mesmer and Baes (1967) e.m.f 1.0 m NaCl 25 - (27.46 +£0.03)
Lanza and Carpéni (1968) e.m.f 2.0 M KNO3 25 —(27.38 £0.10)*
Tsukuda et al. (1975) e.m.f 3.0 LiClO4 25 —(27.337 £0.05)
Bruno(1987) e.m.f 3.0 M NaClO; 25 —(26.70 £ 0.05) -(26.30+£0.1)
Maeda et al. (1987) e.m.f 1.0 M NaClOy 25 —(26.82 £0.02)
Chinea et al. (1997) e.m.f 0.5 M NaClO4 25 —(25.77 £0.05)




Reference Method Medium T(CC) logk log K°

Be** + 2 H,O(l) = Be(OH)x(aq)

Kakihana and Sillen (1956) e.m.f 3.0 M NaClO4 25 —(10.90 £0.2)

Green and Alexander (1965) sol. ext. ”self medium” 25 —(13.65 £ 0.04) —(13.65£0.05)°

Bertin ez al. (1967) e.m.f 0.1 M LiClO4 25 —(10.98 £ 0.2)*

Schwarzenbach and Wenger e.m.f 0.1 M KCI 20 -(11.20 £0.1)*

(1969)

Kakihana and Maeda (1970) e.m.f 3.0 M NaClOq4 25 —(11.16 £ 0.06)

Vanni et al. (1975) e.m.f 1.0 M KNO3 25 - (11.26 £0.01)

Brown et al. (1983) e.m.f 0.1 M KNO:s 25 —(11.320+ 0.008)

Bruno (1987) e.m.f 3.0 M NaClO4 25 —(11.09 £ 0.04) —(11.00 £ 0.05)

Renders and Anderson (1987) solubility I1=0 25 —13.68

Chinea et al. (1997) e.m.f 0.5 M NaClO4 25 —(11.68 £ 0.06)

Be** + 3 HO(l) = Be(OH);™ + 3 H*

Gilbert and Garrett (1956) solubility NaOH 25 —(23.35 £ 0.06)*
- (23.26 £0.05)°
—(23.46 £ 0.05)°

Green and Alexander (1965) sol. ext. NaOH 25 —(24.11 £0.03)

Renders and Anderson (1987) solubility I=0 25 - 13.68

Be?* + 4 H,0(l) = Be(OH)s* + 4 H*

Gilbert and Garrett (1956) solubility NaOH 25 —(37.4+0.2)P
—(37.59 £ 0.05)°

a. accepted uncertainty estimated by Brown and Ekberg (2016) b. recalculated in Baes and Mesmer (1976); c. recalculated in Bruno (1987)



Table 28. Conditional solubility constant log “K's13), log *K's(1.4)and log "K's0 for the reactions a-
Be(OH)>(cr) + H20(l) & Be(OH)s™ + H*, a-Be(OH)x(cr) + 2H>0(1) < Be(OH)4 + 2H* and a-
Be(OH)s(cr) + 2H* & Be?* + 2H>0(1), respectively. The conditional constants determined for each
background electrolyte and used for the extrapolations to I= 0 with the SIT approach.

[NaCl] (mol-L") log "K's.(13) log “K's.(1.4) log “K'so
0.1 -(17.3+£0.3) -(29.3+0.3) (7.3+0.9)
0.5 ~(16.9+0.3) ~(29.8 +0.3) (7.4 +0.6)
1.0 -(17.1£0.2) -(29.8+0.2) (7.4 £0.5)
3.0 -(17.3+£04) -(30.4+£0.3) (7.8 +£0.7)
5.0 ~(177£02) _(31.0£0.2) (8.6 %0.8)
[KCI] (mol-L™) log "K's.1.3) log "K's,1.4)
0.1 ~(173£02) ~(302£02)
05 ~(17.0£0.3) ~(30.1 £0.3)
1.0 _(17.4+0.3) ~(29.9 +0.3)
3.0 -(17.7+£0.2) -(30.5+0.2)
4.0 -(18.1 £0.3) -(31.0£0.3)
1.2 : : : : : 12— : : : :
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= >
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Figure 1S. XPS data collected for the solid phase equilibrated in 0.1 M NaCl at pH,= 12.9: a. Be
Is spectra, and b. O Is spectra.
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Figure 28. Fraction diagram of Be(Il) hydrolysis species calculated using the values summarized in Table 1 for the systems containing:
a. [Be]iw=4.3-10% M (pH= 3.0), b. [Be]in=4.3-10° M, (pH=3.7) and c. [Be]in= 4.3-10? M (pH= 4.7). Black vertical lines are indicating
the pH of the each system.
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