
Progress in Nuclear Science and Technology 
Volume 5 (2018) pp. 19-26 

 

 

ARTICLE 

 
 

Thermodynamic data development: solubility method  
and future research needs (PLENARY) 
Dhanpat Raia*, Mikazu Yuib and Akira Kitamurac 

aRai Enviro-Chem, Yachats, Oregon 97498-0784, USA; bJapan Atomic Energy Agency, Iwaki, Fukushima, 970-8026, Japan; cJapan 
Atomic Energy Agency, Tokai, Ibaraki, 319-1184, Japan 

 
The solubility method has been used for a long time. Many older published studies used inadequate 
procedures fraught with deficiencies/problems and resulted in much of the older solubility data being of poor 
quality. What is surprising however is that there are still articles currently appearing in print describing new 
studies wherein the most up-to-date procedures have not been used. Discussed herein are important 
procedures to quantify/control during the use of solubility method to obtain reliable thermodynamic data.  
These procedures include quantification of hydrogen ion, selection of redox agents to control particular 
oxidation states for redox sensitive elements such as actinides, and separation of solids from solutions for 
determining soluble concentrations. Also discussed are 1) ideal procedures/characteristics for conducting 
solubility studies or evaluating the older literature, 2) an example of how to use the evaluation criteria to judge 
the quality of older data, 3) some pitfalls in interpreting solubility data, and 4) examples of future research for 
which the solubility method is ideally suited. 
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1. Introduction1 
The solubility method is one of the best methods and 

in some cases the only method to obtain reliable 
thermodynamic data for 1) solubility products of 
discrete solids, double salts, and solid solutions, 2) 
complexation constants for various ligands, 3) a wide 
range of pH values, 4) metals that form very insoluble 
solids (e.g. tetravalent actinides), making it difficult to 
use methods requiring relatively high metal 
concentrations, 5) ligands (e.g. 
ethylenediaminetetra-acetic acid (EDTA)) that form 
such strong complexes with metals (e.g. tetravalent 
actinides) that it is difficult to obtain reliable values for 
bare metal ion activities  required to determine the 
complexation constants, 6) solubility-controlling solids 
in different types of wastes (e.g. radioactive waste 
glasses [1] and contaminated soils [2]) which cannot be 
determined by any other currently available techniques 
because of their inability to quantify all types of solids 
(e.g. amorphous and solid solutions) when present in 
trace amounts, and 7) elevated temperatures [3,4]. 

The solubility method has been used for a long time.  
Over the years there have been many improvements in 
the procedures used in this method.  In spite of that, a 
detailed description of the finer points of the method are 
not described in one source for easy access. Because 
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many of the older published studies used inadequate 
procedures fraught with deficiencies/problems, much of 
the older data are suspect.  However, that is not to say 
that all old data are bad, but rather that we need to make 
a concerted effort to determine whether inadequate 
procedures adversely impacted the quality of the 
reported data. Surprisingly, even new articles report 
current studies wherein the most up-to-date procedures 
have not been used.  The objectives of this study are 1) 
to describe the solubility method, 2) to list desirable 
criteria of the solubility method so that the reader can 
recognize which studies have been done in a way that 
yields quality information, 3) to present an example of 
how to use the evaluation criteria to judge the quality of 
older data, 4) to describe some pitfalls in interpreting 
solubility data, and 5) to provide a few examples of 
future research for which the solubility method is ideally 
suited. The examples, supporting citations, and the 
procedural details discussed herein are all from 
publications by Rai and coworkers.  These are not the 
only examples; other authors present data that would 
have made excellent examples. We chose to support the 
statements mostly with examples from our work for our 
convenience. 

 
 

2. Characteristics of an ideal solubility study 

Discussed here is an ideal solubility study embodying 

© 2018 Atomic Energy Society of Japan. All rights reserved. 
 
 

                                                                                            

DOI: 10.15669/pnst.5.19



D. Rai et al. 20 

 

the characteristics that must be included when either 
conducting such studies or evaluating studies reported in 
the literature (also see [5]).  The most important of 
these characteristics include use of 1) accurate 
measurement/control of H+/OH−, 2) accurate 
measurement/control of redox potential for redox 
sensitive elements such as actinides, 3) effective 
techniques to separate solids from solutions for analyses, 
4) techniques to achieve low detection limits, 5) low 
ionic strength solutions, if possible, to achieve accurate 
H+/OH− quantification and because high ionic strength 
solutions have to be diluted before analyses which raises 
the detection limits, 6) equilibrium approached from 
both the over- and under-saturation directions (for solids 
with known rapid precipitation/dissolution kinetics, such 
as amorphous solids, equilibrium from the 
under-saturation direction is preferred), 7) extensive 
characterization of solid and aqueous species, and 8) 
reliable data interpretational techniques and the use of 
analog data (if reliable data for such analogs are 
available) in validating the values. 

 
2.1. Quantification of hydrogen ion 

Many geologically important minerals and solids of 
radioactive elements are either oxides or hydroxides.  
In addition many salts (salts of organic acids such as 
EDTA and isosaccharinic acid, and most notably salts of 
inorganic weak acids such as phosphate and carbonate) 
react with hydrogen, and potentiometric methods are 
extensively used to determine equilibrium constants in 
aqueous solutions.  Rand et al. [6] point out that the 
measurement of H+ activities/concentrations is fraught 
with many problems that often have not been taken into 
account by investigators.   Therefore, to develop 
reliable thermodynamic data for many systems, studies 
require accurate quantification of H+/OH- 
concentrations/activities.  Ultimately, H+ activity 
values are required to obtain thermodynamic data at zero 
ionic strength for application to systems other than the 
one used to obtain concentration constants.  Therefore, 
methods are required to directly measure H+ activities or 
H+ concentrations along with thermodynamic models 
(such as Pitzer and SIT) that can be used to convert H+ 
concentrations to activities. These methods are briefly 
described here.  Much of the discussion in this section 
is based on Rai and coworkers [5,7]. 

Most glass electrodes can reliably be used to measure 
pH values of relatively dilute solutions (<~0.1 M ionic 
strength) in a pH value range of about 1 – 12.  If the 
experiments involve very acidic or very basic conditions, 
then it is best to use a standard acid or base to adjust H+ 

or OH- concentrations, and a geochemical code can then 
be used to calculate the pH values.   

For studies involving pH it is very often necessary to 
have data points that not only have a broad range in pH 
values but also are evenly spaced along the pH scale.  
To obtain such a range in pH values it is necessary to 
adjust the pH of the solid-liquid suspensions multiple 
times on successive days because there will be a 

minimum drift in the final experimental pH values.  
After this period of pH adjustments, further adjustments 
in pH values must not be made, and the equilibration 
period is counted from the last pH manipulation.  A 
similar approach, in addition to the methodology 
discussed below, should also be taken to adjust H+ 
concentrations for suspensions involving concentrated 
electrolytes. 

In cases where the studies to obtain thermodynamic 
data are conducted at high fixed ionic strengths to keep 
the activity coefficients constant or in salt brines, the 
measured potentials with glass electrodes are no longer 
linear and thus electrodes cannot be used to quantify pH.  
In these cases alternative methods are required to 
quantify hydrogen ion concentrations/activities. Two 
reliable methods that can be used to quantify H+ 
concentrations in concentrated salt solutions using ion 
selective electrodes (ISE) are: 1) ISEs without liquid 
junctions, and 2) ISE’s with liquid junctions.   

Knauss et al. [8] discussed in detail the use of cells 
without liquid junctions (also see [9,10]). They used 
these cells in combination with a variety of ion selective 
electrodes to directly measure thermodynamic quantities 
like aHCl or activity ratios such as aH+/aNa+ which, in 
conjunction with analytical concentrations of the ions 
and the use of SIT or Pitzer models, can be used to 
calculate the value of the molality of H+.  The 
disadvantages of this method are that it requires an ion 
selective electrode for the counter ion of interest, 
thermodynamic models to calculate activity coefficients 
of the various species, and the assurance that there are 
no interferences in the measurements made by the ion 
selective electrodes. 

Rai et al. [7] proposed and successfully used a 
relatively simple procedure for estimating hydrogen ion 
concentrations (pCH+ = – log10 of H+ concentration) in 
the Na+–Cl-–SO4

2-–H2O system using commercially 
available combination glass electrodes with liquid 
junctions.  The method was tested over a wide range of 
electrolyte concentrations (0.15 to 6 mol kg(H2O)-1) and 
pCH+ values (2 to 12) using pure and mixed NaCl and 
Na2SO4 solutions.  A step-by-step procedure is 
described for modified Gran-type titrations of brines 
with HCl and/or NaOH to determine hydrogen ion 
concentrations from the measured/observed pH meter 
readings.  The method can also be adapted to and has 
been used for other electrolytes including complex 
brines not specifically investigated by Rai et al. [7].  
We recommend using this method because it is easy to 
use, versatile, and fairly reliable (with an uncertainty of 
± 0.05 pCH+).  A brief description of this method is 
given below. 

From the definitions of EMF of glass electrode and 
the operational definition of pH it can be shown that the 
pCH+ of a given concentrated electrolyte is related to the 
observed pH (pHob) measured with a glass electrode 
calibrated against standard buffers by Eq. 1 [7], where 
γH+ is the convention dependent molality-scale activity 
coefficient of H+, ΔEj the difference in liquid junction 
potentials between standards and a given electrolyte 
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solution. 
 
pCH+ = pHob + log10 γH+ + (ΔEj)(F/2.303RT)  (1) 
 
Neither log10 γH+ nor (ΔEj)(F/2.303RT) is individually 

measurable, but their combination “A” [A = log10 γH+ + 
(ΔEj)(F/2.303RT)] can be measured through modified 
Gran-type titrations because “A” remains constant in a 
given electrolyte solution as the H+ concentration 
changes. The constant A is then obtained by a modified 
Gran titration procedure in which the moles of added 
free acid per liter are plotted against Hob

+ (i.e., 10-pHob).  
The logarithm of the slope of this curve provides the 
correction factor “A” needed to convert the pHob reading 
to pCH+ using Eq. 2. 

 
pCH+ = pHob + A  (2) 
 
The experimental procedure to obtain the values of 

factor “A” is described in detail by Rai et al. [7]. In the 
past some authors have used the same concentrated 
electrolyte in the salt bridge as the electrolyte used in the 
experiments to minimize or eliminate the liquid junction 
potentials.  However, this does not eliminate the need 
to determine the value of the correction factor “A” to 
accurately determine the H+ concentrations.  This is 
because the correction factor depends not only on the 
liquid junction potentials but also on the activity 
coefficients of H+, and the latter can be significantly 
different than in the buffer solutions. The calculation of 
correction factors for electrolytes that contain 
perchlorate, react with H+ or with OH- requires that the 
amount of H+ or OH- consumed by these side reactions 
be accurately determined.  For details of handling these 
types of electrolytes see Rai et al. [7].  

This procedure has been successfully used for a large 
number of relatively dilute to concentrated (as high as 9 
mol kg(H2O)-1) simple electrolytes, mixtures of 
electrolytes, and synthetic brines; examples are NaCl 
[7,11,12-14], NaClO4 [14], CaCl2  [11,15], MgCl2 [13], 
Na2SO4 [7], and synthetic brines containing Na, K, Ca, 
Mg, Cl, SO4, and Br [16]. 
 
2.2. Selection of redox agents for controlling oxidation 
states 

One of the big challenges in developing reliable data 
for redox sensitive elements is controlling redox 
potentials/oxidation states during experimentation.  
Several actinides (U, Np, and Pu) and other elements 
important in nuclear waste disposal (e.g., Tc and Se) 
exhibit multiple oxidation states in the environmental 
range of pH and Eh values.  Therefore experimental 
evaluations involving these different oxidation states 
require these specific oxidation states to be stable 
throughout the duration of experiments.  One of the 
best ways to assure this is through the use of appropriate 
redox agents along with the capability to fix oxygen 
partial pressures during the experiments.  This 
subsection is devoted to a brief discussion of various 

redox agents and their required attributes as well as 
methods to control oxygen partial pressures. 

Oxygen partial pressures have traditionally been 
managed using glove-boxes.  The use of pre-purified 
inert gasses (e.g. N2(g), Ar(g)) assures that the oxygen 
can be achieved at about 10 ppm, which translates to 
about 10-7 atmospheres of O2(g).  Although this is a 
great improvement over what is present in air (~10-0.68 
atmospheres), it is not low enough to maintain many of 
the reduced oxidation states of different actinides (e.g., it 
would require ~ 10−65 atm. for maintaining U(IV) and ~ 
10-42 atm. for Np(IV)).   

We have been able to maintain very low oxygen 
partial pressures, close to what is required for 
maintaining U(IV), by passing glove box air through 
distilled water and Fe-powder suspensions and passing 
this over a hygroscopic compound to remove moisture 
that can be problematic for operation of the chamber.  
It should be mentioned that simply fixing the oxygen 
partial pressures is not sufficient to maintain the required 
oxidation state; it must be accompanied by the addition 
of appropriate redox agents in sample suspensions.  In 
addition, the sample tubes must always be kept sealed 
and open to glove box atmosphere for as short a time as 
possible to make sure that traces of oxygen are not 
inadvertently introduced into the sample tubes. 

Many different aspects of redox agents need to be 
understood.  These include 1) mode of operation and 
desirable attributes, 2) available data for redox agents, 3) 
selection criteria, and 4) experimentally evaluated redox 
agents for redox sensitive radioactive elements.  The 
modes of operation of redox agents include 1) 
interacting with oxygen so that inadvertent addition of 
oxygen into samples does not cause oxidation of the 
element of interest, 2) acting as an oxidant or reductant 
for the element of interest, and/or 3) acting as a redox 
buffer which can maintain specific Eh value for 
maintaining a given oxidation state.   

Desirable redox agents are those that 1) are 
kinetically active, 2) do not form strong complexes with 
elements of interest or if they do thermodynamic data 
for these interactions are available, 3) do not change pH 
values of the systems, 4) are effective in the range of pH 
values of interest, 5) are effective at room temperatures, 
and 6) are soluble for enhanced reactivity.  Information 
regarding available redox agents is reported in several 
publications [17,18].   

It needs to be stated that a given redox 
couple/reaction can act as a reducing or oxidizing agent; 
it depends on the relative redox potentials of the two 
couples in question.  If the reduction potential of the 
couple is lower than another couple it then acts as a 
reducing agent. The effectiveness of the redox/oxidizing 
agent depends not only on its relative potential but also 
on the kinetics of reaction.  In other words, just because 
a redox agent has a desirable potential, it does not mean 
that it is effective under all conditions.  For example, 
H2(g), Fe-powder, and Pb and Zn metals all have low 
enough potentials to reduce U(VI) to U(IV), but H2(g) 
requires higher temperatures and is effective at room 
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temperature only under very acidic conditions [19] and 
Pb and Zn metals were not as effective [20] as some of 
the other agents tested, Fe-powder is effective in dilute 
alkaline conditions but is not effective in brines [19,21].  
It is a priori difficult to know, based only on the relative 
redox potentials, whether a given redox agent will be 
effective in controlling a given oxidation state.  
Therefore over the years we have experimentally 
evaluated a large number of redox agents for 
maintaining different oxidations states of different 
elements (U, Np, Pu and Tc). The tested redox agents 
include Na2S2O4 for U(IV), Np(IV), Tc(IV) 
[12,20,22-27], Fe-powder for U(IV), Np(IV), Pu(III) 
[16,19,21,22,25,28],  EuCl2 for U(IV) and Tc(IV) 
[4,12,13,19], NH2OH.HCl for Np(IV) [25,29], NH2.NH2 
for Np(IV), Tc(IV) [12,25], Ni/Pb/Zn metals for Np(IV), 
U(IV) [20,22], NaOCl for Pu(VI) [30], Fe(II) for Pu(III) 
[31], Cu(I)/Cu(II) buffer for Np(IV) [32], and 
hydroquinone for Pu(III) [31].  This list is provided as 
a guide for possible selection of redox agents for future 
studies. 

 
2.3. Separating solids from solutions 

The stability of colloidal suspensions depends on 
factors such as colloid size, pH, and ionic strength 
[33-35].  For examples, 1) Rai et al. [33] report that 
Pu(IV) polymeric suspensions are stable for six months 
at pH 2, but less than one percent of the total polymer is 
found in suspension at pH 6, and 2) Rai et al. [34] show 
that Am colloids were absent in low pH suspensions 
(similarity of concentrations in unfiltered and 0.0018 μm 
filtrates) but colloids contributed up to about three 
orders of magnitude higher Am concentrations at pH 
values >7, and 3) Cho et al. [35] report that Zr colloids 
are formed within a few minutes after the solubility limit 
is exceeded and they are stable for several months.  It is 
a priori difficult to predict the existence of colloids in a 
given system.  Centrifugation alone at as high as 6000 
G does not provide necessary confidence that the 
solutions thus obtained are colloid-free [36].  To be 
confident that the solutions for analyses are free of 
colloids, it is absolutely necessary to filter the 
equilibrated suspensions through very fine pore-sized 
membrane filters.   

Several precautions need to be taken to make certain 
the filters are not responsible for altering the soluble 
concentrations.  These precautions must include filter 
pretreatment procedures to guarantee that 1) there is no 
adsorption of the element of concern by the filters or the 
filtration containers, 2) filters do not alter the pH or Eh 
of the solutions during filtration, and 3) filters do not 
contribute to the concentration of the element of concern 
(e.g., C in some cases).  Rai and coworkers (e. g., see 
[37,38]) have outlined and described several steps to 
mitigate the possible deleterious effects of the filter.  
These steps include 1) centrifuge the aqueous 
suspensions and use supernatant (from middle section to 
avoid very fine colloids that may be present in the top 

layer of supernatant) for filtration to minimize the 
amount of colloidal material that may affect the 
efficiency of the filters, 2) soak the filters in solutions 
made of the same pH/Eh and background electrolyte as 
the given samples, and 3) discard the first filtrate in 
order to saturate the potential adsorption sites on the 
filters and the filtration equipment, and 4) use the second 
filtrate for analysis. 

 
2.4 Selecting and characterizing solid phase and an 
approach to equilibrium 

Several different criteria are used in selecting an 
appropriate solid phase for study.  Characteristics of 
solid phases should include those whose 1) solubility 
product is unknown or uncertain and needs confirmation, 
2) solubility product is known and has reasonably low 
solubility and which is desirable to use for determining 
complexation constants of the metal ion of the solid 
phase with another ligand, and 3) solubility can be 
approached from both the over-saturation and 
under-saturation directions (solid phases may be 
crystalline or amorphous and pure phases or solid 
solutions).  If solubility cannot be approached from 
both the over- and under-saturation directions at normal 
atmospheric conditions then experimental protocol must 
be changed (e.g., conducting experiments at higher 
temperatures) to accommodate this requirement.  If the 
solid phase shows rapid precipitation/dissolution 
kinetics (as is the case with many amorphous phases), 
then the solubility should preferably be conducted from 
the under-saturation direction to avoid uncertainties due 
to inadequately separating solids from solutions when 
approached from over-saturation direction.  Many 
different techniques either alone or in combination (e.g., 
X-ray diffraction, EXAFS, SEM, TEM, 
spectrophotometric and chemical analyses) can be used 
to characterize the solid phase.  No attempt will be 
made here to describe these techniques except to 
emphasize that the solid phases must be thoroughly 
characterized using the best methods available at the 
start and end of the solubility studies to make sure the 
nature of equilibrating solid phase is known.  The 
characterization must cover different ranges in which the 
observed solubility changes as a function of a given 
variable.   

Care must be taken in selecting the amount of the 
solid phase to be used in studies.  It should be large 
enough that 1) it will exceed the maximum amount that 
may dissolve under a given set of conditions, 2) there 
should be sufficient left for solid phase characterization 
after that amount is dissolved, and 3) in some cases the 
solid phase may act as an adsorbent for the ligand being 
studied (e.g., Fe(OH)3(am) for EDTA [39]); in those 
cases it is necessary to scale the solid phase to a smaller 
amount to minimize the impact on the ligand 
concentration and to make certain that the concentration 
of the ligand will not be impacted significantly due to 
adsorption by the solid phase. 
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3. An example using solubility criteria to evaluate 
literature data 

In 2005 the Nuclear Energy Agency [40] evaluated Zr 
hydrolyses data.  We rated the studies considered by 
Brown et al. [40] in their analyses (Table 1)  according 
to the criteria developed above.  Two studies [41,42] 
that were the basis for a major part of Brown et al.’s [40] 
Zr-OH model did not meet any of the ideal solubility 
criteria. To fit these divergent and poor quality data 
Brown et al. [40] used polynuclear species 
[Zr4(OH)16(aq), Zr4(OH)15

+, Zr3(OH)9
3+] which cannot 

be differentiated from the corresponding mononuclear 
species [Zr(OH)4(aq), Zr(OH)3

+, ZrOH3+] based on 
solubility studies and should not have been considered.  
Because of their inclusion of polynuclear species into 
their model, their reported values for the formation of 
Zr(OH)4(aq) and Zr(OH)6

2-, and the solubility product of 
ZrO2(am) are five to nine orders of magnitude different 
than the corresponding values for the analogous Hf 
reactions [43], whereas reported equilibrium constant 
values for both the Hf and Zr reactions with Cl-, NO3

-, 
and SO4

2-[44] as well as with F- and CO3
2- are very 

similar.  Recently Altmaier et al. [11] conducted 
extensive ZrO2(am) solubility studies in a large number 
of electrolytes that meet nearly all ideal solubility study 
criteria.  When these data along with low pH data of 
Kovalenko and Bogdasarov [45] (Table 1) and the 
solubility data (Altmaier et al. [11], Ekberg et al. [46], 
and Sheka and Pevzner [47]) in super-alkaline solutions 
that meet most attributes are reinterpreted using 
mononuclear species, they all provide a set of values 
(Rai et al. 2018, in press in J. Solution Chem.) for the 
formation of Zr(OH)4(aq) and Zr(OH)6

2-, and the 
solubility product of ZrO2(am) that are very consistent 
with the analogous Hf values and lend credence to the 
values thus calculated.  The main point of this 
discussion is to demonstrate how the ideal solubility 
criteria are useful in evaluating the quality of previously 
published solubility data. 

 
 

 
4. Selected aspects of interpreting solubility data 

Reliable models (such as SIT and Pitzer) should be 
used for data interpretation, and reliable data obtained 
by all methods (e. g., solubility, solvent extraction, ion 
exchange, potentiometric) should be reinterpreted 
collectively to develop reliable values for 
thermodynamic constants.  There may be several 
specific cases in which solubility data may be 
misinterpreted inadvertently.  We present two cases 
below wherein the solubility data may be/is prone to be 
misinterpreted. 

One case involves studies with a fairly insoluble 
HfO2(c) solid [38].  It is important that the studies are 
carried out in a wide range of pH values; otherwise 
incorrect conclusions may be drawn from the data.  If 
Rai et al. [38] had conducted this study at pH values no 
lower than 1.0, based on the similarity of Hf 
concentrations at different equilibration periods (ranging 
from 8 to 129 days) (Figure 1) they would have come to 
the wrong conclusion that the solubility-controlling solid 
is HfO2(c).  However, they conducted this study in a 
range of pH values extending down to -0.32 which 
showed that Hf concentrations are nearly constant in the 
pH region -0.32 to 1.0, indicating that the 
solubility-controlling solid is not HfO2(c) (Figure 1).  
This is true because 1) there is a sufficient amount of 
total solid that the solubility would have continued with 
a slope of +3 with the decrease in pH as is the case in the 
pH region between 1 and 2 and log10 [Hf] would have 
reached – 2.3, and 2) several other solid 
pretreatments/conditions prior to use in studies (e.g., 
decrease in the amount of the solid phase, heating the 
solid to 1400 °C, acid washing the solid [38] showed a 
decrease in the Hf concentrations that are independent of 
pH in the pH region -0.32 to 1.0; this all points to the 
fact that HfO2(c) is not the solubility-controlling solid 
but instead it is a small amount of impurity of less 
crystalline HfO2(lc) associated with the bulk HfO2(c).  
These treatments described above should not have 
resulted in decrease in Hf concentrations as compared to 
the untreated solid if the solubility-controlling solid had 

Table 1.  Selected characteristics of ZrO2(am) solubilities in relatively acidic solutions, where Y stands for yes and N for No for the 
presence of a given ideal study characteristic (after Rai et al. 2018, in press in J. Solution Chem.). 

Reference IM Low I Low 
Det. 

Filter Equil. from Accurate 
pH/pCH

+
 

Analogous 
to Hf (Under-Sat.) 

Ideal Study  Dil. Y Y Y Y Y Y 
Kovalenko and Bogdasarov [45] Dil. Y Y N Y Y Y 
Bilinski et al. [41] Dil. Y N N N Y N 

1.0 NaClO4 N N N N N N 
Veyland [42] 0.2 NaNO3 ? N Na N ? N 

0.5 NaNO3 N N Na N N N 
1.0 NaNO3 N N Na N N N 
2.0 NaNO3 N N Na N N N 

Ekberg et al. [46] 1.0 NaClO4 N Y N Y N N 
a Filtered through a rather coarse filter (0.45 μm), most likely not sufficient to filter small colloids  

 
 

 



D. Rai et al. 24 

 

truly been HfO2(c).  This is not a situation unique to 
HfO2(c) but rather is consistent with a more general 
observation that the crystal mineral surfaces are often 
structurally and or compositionally imperfect, and the 
effect of these imperfections is quantifiable with the 
solubility method.  This behavior is observed for 
ThO2(c) and UO2(c) as well [3,4]. 

The other case deals with the observed pH 
independent concentrations (in the pH region of around 
7) for many fairly insoluble oxides/hydroxides of 
tetravalent elements (Th, U(IV), Np(IV), Pu(IV), Sn, Hf, 
and Zr) and trivalent actinides.  The observed 
pH-independent concentrations according the 
generalized reaction for tetravalent ions [MO2(am) ⇌ 
M(OH)4(aq)] are often used to assign/derive a definitive 
value for the formation of  M(OH)4(aq).  The 
pH-independent concentrations thus observed result 
from detection limits for M, presence of colloids, 
presence of a finite amount of less crystalline solid as 
impurities when dealing with bulk fully crystalline solid, 
and in the case of redox sensitive elements such as 
U(IV), Np(IV), and Pu(IV) are due to inadequate 
methods of controlling the redox potentials during 
solubility studies and the presence of a finite amount of 
a more soluble oxidation state.  These reactions can be 
used to set upper limit concentrations which are needed 
for repository evaluations, but should not be defined as a 
specific value but rather an upper limit value as we 
portray in many of our publications ([4,37,43]).  This is 
especially a problem when these values are used as 
definitive values (e.g., see [48]) to calculate/determine 
values for other hydrolyses/ligand reactions. 

 

 
Figure 1.  Aqueous Hf concentrations from 0.0036 µm as a 
function of pH and equilibration periods ranging from 8 to 129 
days from 35.5 mg HfO2(c) suspensions in 35 milliliters of 
solution.  Hf concentrations from HfO2(c) suspensions when 
the original solid phase was heated to 1400 °C, acid washed, or 
the amount of the solid was decreased to 5 mg prior to 
equilibrations (after Rai et al. [38]). 

 
 

5. Future research needs 

Studies are warranted if 1) no data are available for 
the given system, 2) reported values disagree and/or 

vary a great deal, 3) existing data are very limited, 4) 
existing data were obtained using unreliable methods, 
and/or 5) reliable values cannot be obtained from 
reinterpretation/critical-review of existing data.  It is 
clear from the above discussion that future research 
needs can only be outlined based on extensive 
knowledge and review of the existing data.  

The available thermodynamic data for two systems 
we recently critically reviewed and can recommend 
future research needs are: 1) thermodynamic data in 
predicting leachability of actinides from 
actinide-containing glasses [1], and 2) isosaccharinate 
reactions with actinides [49].  The research needs for 
these two systems are discussed below. 

Thermodynamic data can be used to predict 
environmental behavior of radioactive elements 
disposed in geologic environments in different waste 
forms, such as glasses.  The glasses are chemically 
very complex, containing only minor amounts of 
radioactive elements, and thus provide experimental 
challenges to determine the nature of the radioactive 
element solubility-controlling solids.  To date most 
glass studies are related to determining stability behavior 
of the glass matrix. In their comprehensive review Rai et 
al. [1] proposed and showed, based on rather limited 
available experimental solubility data with actual glasses, 
that thermodynamic data can be used to determine 
maximum leachable actinide concentrations by 
identifying solubility-controlling actinide solids.  They 
also point out that the solubility method is the only 
method that is well suited for these determinations 
because 1) glasses are chemically complex, 2) 
micro-quantities of radioactive solid phases that may be 
present are not amenable to quantification by the 
available analytical techniques, and 3) solid phases in 
glasses may be crystalline, amorphous, and/or solid 
solutions and thus it is a priori difficult to determine the 
nature of the solubility-controlling solids.  Rai et al. [1] 
report several different tetravalent (Th, U, Np, Pu) and 
trivalent (Pu and Am) actinide solids that are expected to 
control actinide concentrations leached from 
actinide-doped glasses.  Based on available data for 
complex glasses they showed that the trivalent 
actinide/lanthanide concentrations appear to be 
controlled by solid solutions of these elements.  
However, thermodynamic data for solid solutions 
[(An(III), Ln)(OH)3(c); (An(III), Ln)PO4(c)] based on 
pure systems are not available for confirmations.  
These data are sorely needed because solid solutions, 
depending on the mole fraction of the given element, can 
decrease the solubility by many orders of magnitude 
compared to the pure phase. 

Isosaccharinic acid is expected to be one of the 
important degradation products of cellulose, disposed in 
low-level nuclear waste repositories, that is known to 
form strong complexes with actinides.  Rai et al. [49] 
recently critically reviewed the available data for the 
isosaccharinate reaction with actinides.   This review 
pointed out that reliable values for isosaccharinate 
complexes with Pu(IV), U(IV), and Am(III) are needed 
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for confirmation of the values they estimate based on 
sparse data for these systems, and that the best method 
to obtain these values is through the solubility of 
PuO2(am), UO2(am), and Am(OH)3(am) as a function of 
pH and isosaccharinate concentrations.  
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