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ABSTRACT

Dissolving or leaching aluminum (Al) from Hanford tank sludges and maintaining Al solubility
during pretreatment requires the addition of sodium hydroxide. There are a range of estimates for
the amount of sodium hydroxide needed, but the fact remains that aluminum (as aluminate) often
shows very high solubility in Hanford tank waste supernatants even before adding additional
hydroxide. The Hanford TWINS (Tank Waste Information Network) database, for example,
reports ~1500 assays of tank liquids with Al greater than 1000 ppm and ranging as large as 3.4
M. It now appears that in many tank waste liquids the solid dawsonite, NaAl(OH),COs3, is more
stable than gibbsite and this is responsible for the increased Al solubility in Hanford tank liquids.

Much of the past work on Al solubility has focused on the role of gibbsite, bayerite, or boehmite
solids on limiting Al solubility. Indeed, tank sludge assays show that insoluble Al is largely
gibbsite and boehmite with dawsonite as a minor fraction. Nevertheless, tank liquid assays are
consistent with the thermodynamic solubility limit for dawsonite, not gibbsite. This paper
discusses the resulting indirect role of carbonate in Al solubility, i.e. carbonate does not change
the form of Al in solution but rather carbonate alters the form of precipitated Al.

INTRODUCTION

Previous reports [1,2] showed that despite the many predictions based on gibbsite solubility,
aluminum is much more soluble in Hanford tank waste liquids as compared with simple gibbsite
hydroxide solutions. Hanford’s Best-Basis Inventory (BBI), which is based on appropriately
weighted tank assays as well as other waste process estimates, reports Al solubility in tank farm
supernatants, for example, that are much greater than the gibbsite model predictions. As a result,
there was a large uncertainty in Al solubility [3] and therefore a significant uncertainty in sodium
hydroxide demand for WTP to stabilize Al in solution.

Because of the key importance of Al extraction from bauxitic ores [4,5], the solubility of Al in
aqueous sodium hydroxide has been studied for well over a century. It is therefore surprising that
there appears to be so much uncertainty in Al solubility for caustic defense nuclear wastes at
Hanford and Savannah River Sites. For these Sites, Al solubility is an important factor for
effective reduction of immobilized high level waste (IHLW).

The enhanced Al solubility in Hanford waste liquids has been often attributed to the high ionic
strength of these solutions. Indeed, tank waste concentrates can often exceed 10 M Na and show
Al solubility greater than 2 M Al. However, repeated investigations of high ionic strength effects
do not appear to show substantial effects due to ionic strength [6,7]. On the other hand, other
work has shown that suitably complex simulants do show enhanced Al solubility although the
specific factors were not further delineated [8].
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A more recent study [3] presents further details for Al solubility based on the Hanford TWINS
assay dataset [9]. This analysis shows Al solubility is more complicated and it appears that Al
solubility in Hanford wastes is related to dawsonite, NaAl(OH),COs3, instead of gibbsite or
bayerite, AI(OH);. Dawsonitic Al introduces a greater compositional dependence for Al
solubility since dawsonite solubility depends not only on hydroxide (second order instead of
gibbsite first order) but also inversely on sodium and carbonate. This dawsonitic Al solubility
limit is much more consistent with reported tank waste liquid assays than the gibbsitic limit.

For more concentrated solutions, there are other important factors for Al solubility including the
role of water activity and the presence of the aluminate dimer [3], but these factors will not be
discussed in this paper.

METHODOLOGY
In its simplest form, gibbsite or bayerite (AI(OH);) solubility is
AI(OH); (gibbsite or bayerite solids) + OH <> Al(OH), Eq. 1

and this expression shows up in much previous work [1,5]. Given a desired Al concentration, the
corresponding expression for the free hydroxide concentration demand is

[OH] = [AI(OH);]/ Keq Eq.2

Where K4 can be a range between 0.076 and 0.16 depending on whether gibbsite or the bayerite
solids form [5,6,7]. This shows a linear relationship between free hydroxide and soluble Al (dot-
dash red line in Fig. 1). All concentrations are represented with either brackets as [X] or as
subscripted Cy for species X and units are molarity, M (mols/L). Solids are all assumed to have
unit activities and other activity corrections are ignored.

However, the “effective” free hydroxide demand even in this simple system shows a marked
non-linearity and in particular,

[OH] = Cai/0.081 —b Ca’2/0.13 +b* Ca’ / 0.66 Eq. 3

is used [10,11] by the Hanford Waste Treatment and Processing Plant (WTP) to determine the
sodium hydroxide demand for stabilizing Al liquids at 25 C and 5 M total Na. The standard
conversion to molal from molar is b = 1/(p-(Cx*mwy)/1000), where p is density in g/cm’, Cy is
molar concentration of species X, and mwy is the molecular weight of species X. This
dependence is based on the well-known solubility limits for gibbsite or bayerite in the simple
three component mixtures of NaOH, Al(OH);, and H,O, with some adjustment for ionic strength
effects of Hanford waste at 5 M Na.

Figure 1 shows the Al versus measured hydroxide concentrations for 683 tank liquid assays from
the TWINS dataset along with hydroxide calculated by Eq. 2 and Eq. 3. For a large number of
liquid assays, Al solubility exceeds the gibbsite limit for Eq. 3 and there are a number of assays
reported above 2.0 M Al, which is an order of magnitude greater than gibbsite Al solubility
predictions. Figure 1 also shows a solubility calculation for Dawsonite (circles) which is
described below.
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Dawsonite, NaAl(OH),COs, is a sodium carbanatoaluminate salt that has been observed in
Hanford wastes although gibbsite is more often reported [12]. Dawsonite is a fairly rare natural
mineral [13] that is nevertheless stable under certain conditions, which are reportedly very high
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Fig. 1. Plot showing measured Al assays versus hydroxide (crosses) along with the calculation
for dawsonite (circles), WTP gibbsite Al solubility limits (solid red line), and linear relation (dot-
dash line) cited in text.

CO; partial pressures [14]. Dawsonite has also been made simply by adding sodium carbonate to
a slurry of amorphous AI(OH); [15] and it appears in tank wastes with high carbonate
concentrations along with aluminate, sodium, and free hydroxide.

Soluble Al in the presence of dawsonite is more complex [16] than gibbsite as
NaAICO3(OH),{dawsonite} + 20H <> AI(OH); + Na" + CO;~ Eq. 4
where the “dawsonitic” hydroxide demand is now
[OH] =sqrt(Cai Cna Cco3) / K3/ (Carl+ Cna + Con + Ceos), K3 =0.14,25 C Eq.5

which is calculated recursively since Cog = [OH]. Alternatively, the closed form expression is
slightly more complex as

[OH] = sqrt[(Cas + Cna + Ccos)” + 4sqrt(Caj Cna Ccos) / K3 1- (Car+ Cna + Ceo3)}/ 2
Eq. 6

In addition to the dawsonitic NaOH demand, there is also a dawsonitic sodium carbonate
demand as

Ccos = Max[Ccosmin, K3 Con® / Cna / Camax (Cna + Camax + Con + Ceos)]  Eq. 7
with Ccozmin = 0.2 M and Camax = 0.8 M.

Sufficient carbonate keeps the solution in the dawsonitic Al regime, which is where carbonate
concentration is greater than Ccozmin and soluble Al is less than Cajmax for Na in the range 3 to
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6 M. The rationale for this carbonate demand and aluminate limit is thus far empirical and will
be discussed later.

Finally, the Dawsonitic Al solubility limit is simply
[AI(OH)4_] =K; CQH2 (CAI + Cna+ Con t+ Cco3) / (CNa Cco3), K; = 0.14, 25C Eq. 8

which ranges from second to third order in hydroxide and is inversely dependent on both sodium
and carbonate and plotted in Fig. 1.

RESULTS AND DISCUSSION

It seems apparent that the dawsonitic limit for Hanford tank waste Al solubility is much more
representative of waste liquids than the gibbsitic limit as shown in Fig. 1. Figure 2 shows a more
limited set of TWINS Al assays versus free hydroxide only for those assays with the sodium
range 3 < [Na] <6 M. Also shown are gibbsitic Eq. 3 and dawsonitic Eq. 8 Al solubility limits
given for TWINS measured hydroxide, sodium, and carbonate assays.
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Fig. 2. Plot showing TWINS data (diamonds) for Na between 3 and 6 M. Also shown are
dawsonitic (squares) and WTP (red line) calculations. The dawsonitic calculation seems to agree
better with many measured tank waste assays. Since tank liquids may not be saturated,
overprediction of solubility is still consistent with the model.

These calculations have not included any activity effects, i.e., corrections for the non-ideal nature
of concentrated solutions. Nevertheless the correlation of Al solubility in waste liquids with that
calculated for solutions in equilibrium with dawsonite is quite remarkable. Moreover, it would
appear that the WTP Al solubility calculation based on gibbsitic solutions may be as much as a
factor of four greater NaOH demand. The dotted red arrow in Fig. 2 shows the difference in
measured hydroxide and measured Al at 0.5 M Al for Hanford waste liquids and the gibbsite
calculation. This analysis appears in more detail elsewhere [3].
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Indeed previous measurements [8] of Al solubility in complex waste surrogates showed very
high Al solubility for prepared solutions that were similar to waste tank concentrates. These very
high Al solubilities have never been completely explained but have nevertheless been used for
various tank waste studies.

Figure 3 shows that Al “Barney” [8] data is more consistent with dawsonitic Al solubility data
than with gibbistic Al. Once again, even though there are no activity corrections in these
dawsonitic calculations the agreement is quite good.
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Fig. 3. Plot comparing the dawsonitic and gibbsitic calculations with previous data [8].

Interestingly, as either sodium or carbonate concentrations decrease, Eq. 8 for dawsonitic Al
solubility grows arbitrarily large. What this means is that there regimes of stability for dawsonite
and gibbsite and Fig.4 shows TWINS assays of carbonate versus aluminate for the same TWINS
dataset in Fig. 1. It appears that there is a definite locus of Al solutions associated with the
dawsonitic solubility as indicated in Fig. 4.

Presumably above the carbonate threshold there is sufficient solution carbonate to sustain a
dawsonitic Al solubility. Limiting aluminate below its threshold likewise prevents aluminate
from competing with the surface carbonate on active dawsonite crystals, thereby sustaining
dawsonitic Al solubility within this range of carbonate and aluminate.

Correspondingly, for carbonate below the threshold or aluminate above its threshold, the gibbsite
solubility limit once again dominates. There is also a sodium range in which these data have
been validated, 3 to 6 M Na. These explanations are reasonable and consistent with the
information presented, but remain otherwise unproven.
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Fig. 4. Plot shows measured Al concentrations versus carbonate. This locus of carbonate and
aluminate within the lines defines the dawsonitic versus gibbsitic limiting solubility regimes for
waste liquids.

Figure 5 shows the stability regime for the simple three component system, dissolved Al, free
hydroxide, and water, from various sources [17,18,19] along with OLI ESP/MSE fits (solid
lines) given adjusted activity functions[20]. The ESP fits appear to be valid only below ~2.0 M
Al

Also shown is a mapping of the dawsonitic stability regime for Hanford waste liquids, which
includes dependencies on both sodium and carbonate, which range as noted above.

Having Al in coexisting solids, gibbsite, bayerite, and dawsonite, with such different solubility
properties presents a level of complexity that it is beyond most homogeneous solubility models.
It is therefore perhaps understandable that this problem has remained obscured until now. In
other words, the fact that these solid crystals coexist also implies a host of intermediate solids, in
effect one solid phase encapsulating or coating another phase. The nature of these mixtures
would depend on the particular history of that waste’s concentration.

Despite the quite complex interdependencies that have been used in previous aluminate activity
functions, it is surprising that this simple dawsonitic model explains so much so well.
Nevertheless, there is still plenty of room for improvement that would now include activity for
not only aluminate, but the aluminate dimer as well.

The dawsonitic carbonate and aluminate limits derived here are empirically determined from the
TWINS assay dataset. Thus far, there is no physical basis for either of these limits, but it is likely
that they are related to the properties and chemistry of gibbsite and dawsonite crystal surfaces,
both existing and nucleating.
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Presumably above the carbonate threshold there is sufficient solution carbonate to “passivate” all
surface “aluminate” on growing and nucleating gibbsite crystals, thereby sustaining a dawsonitic
Al solubility. Limiting aluminate below its threshold likewise prevents aluminate from
competing with the surface carbonate on active dawsonite crystals, thereby sustaining dawsonitic
Al solubility.
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Fig. 5. Plot of Al solubility from various sources as well as the OLI ESP/MSE regression lines.
Dashed lines sketch in gibbsite and monosodium aluminate. Also shown is “mapping” of the
dawsonitic regime for Hanford waste soluble Al that includes additional sodium and carbonate.

Correspondingly, for carbonate below the threshold or aluminate above its threshold, the gibbsite
solubility limit dominates. There is also the sodium range in which these data have been
validated, 3 to 6 M Na. It is quite likely that sodium also plays a role in the surface chemistry.
These explanations are reasonable and consistent with the information presented, but remain
otherwise unproven.

Finally, one might ask a very simple question. Since gibbsite is much less soluble than either
dawsonite or even bayerite at 25 C, why does gibbsite not precipitate and therefore control Al
solubility in any event? A simple answer is related to the thermodynamic stability of each solid
relative to the species present in solution. Given carbonate and sodium in contact with solids,
dawsonite is simply more thermodynamically stable than gibbsite. In addition, there is the
complexity of the interfaces between the solids and solutions and interfaces among the solids,
both for nucleating as well as growing crystallites. These combined thermodynamic and kinetic
effects can be quite complex even in simple mixtures. Given the complexity of tank waste
liquids, these effects can become quite difficult to model.
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SUMMARY

The well-known dependence of Al solubility on hydroxide concentration occurs by means of
formation of soluble aluminate, AI(OH),". Although it has also been long recognized that
changes in various species activities are important for more complex highly concentrated sodium
hydroxide solutions, the role of these other species activities has not always been well defined. In
particular, the potential role of carbonate in stabilizing dawsonitic Al and enhancing Al solubility
proposed herein, certainly should be further validated. Although solids were not identified,
continuously variable aluminate concentrations far in excess of gibbsite were reported in a study
that explored the solidification of Hanford simulants by addition of CO, [21].

The approach described here for dawsonitic Al solubility depends on thermodynamic constants
that are published in the literature and includes no corrections for activity. The only parameters
used were those for defining the carbonate stability range, which were trained to the TWINS
assay dataset.

The Hanford tank waste liquid assays definitely correlate with dawsonitic Al, but since waste
compositions are complex, it could be that there is another species in the waste and that species
also correlates with carbonate. The sources of waste carbonate are largely from atmospheric CO,
capture and from oxidation of TOC and therefore carbonate is highly correlated with other
species associated with these waste types.

ACKNOWLEDGEMENTS

We would like to thank DOE-EM-21 and Navarro Research and Engineering, Inc., under the
U.S. Department of Energy Carlsbad Field Office Technical Assistance Contract for support.

REFERENCES

1. S.F. AGNEW, G. JARVINEN, T. BURNS, M. BORKOWSKI, A4ssessment of Basis for
Sodium Demand for Aluminum Oxide Dissolution at the Hanford Waste Treatment Plant,
CEES-0463, Rev. 0, October 2008.

2. S.F. AGNEW, C.T. JOHNSTON, J.G. REYNOLDS, Aluminum Solubility Model for
Hanford Tank Waste Treatment, Proceedings Waste Management Conference, WM2009,
March 1-5, 2009, Phoenix, AZ.

3. S.F. AGNEW and R.A. CORBIN, 4ssessment of Basis for Sodium Demand for Aluminum
Oxide Dissolution at the Hanford Waste Treatment Plant, CEES-0463, Rev. 1, November
20009.

4. C. MISRA, Industrial Alumina Chemicals, ACS Monograph 184, American Chemical
Society, Washington, DC, 1986.

5. J.A. APPS, J. M. NEIL, AND C.-H. JUN. 1989. Thermochemical Properties of Gibbsite,
Bayerite, Boehmite, Diaspore, and the Aluminate lon Between 0 and 350°C, NUREG/CR-
-5271, Lawrence Berkeley Laboratory, Berkeley, CA.



WM2010 Conference, March 7-11, 2010, Phoenix, AZ

10.

11.

12.

13.

14.

15.
16.
17.
18.

19.
20.

21.

D.J. WESOLOWSKI, Aluminum Speciation and Equilibria in Aqueous Solution: The
Solubility of Gibbsite in the System Na-K-CI-OH-Al(OH)4 from 0 to 100 C, Geochim.
Cosmochim. Acta, 56, 1065-91, 1992.

H. PARK AND P. ENGLEZOS, Osmotic Coefficient Data for NaOH-NaCIl-NaAl(OH) 4
H,0 System Measured by and Isopiestic method and Modeled using Pitzer’s model at
298.15 K, Fluid Phase Equi. 155, 251-9, 1999.

G.S. BARNEY, Vapor-Liquid-Solid Phase Equilibria of Radioactive Sodium Salt Wastes
at Hanford, ARH-ST-133, Atlantic Richfield Hanford Company, Richland, WA, 1976.
S.F. BOBROWSKI, AND D. LEE, Tank Waste Information Network System (TWINS),
PNNL-SA-45730, December 2008.

24590-WTP-MRR-PET-08-002Rev1, July 2008, WTP Contract Run, Bechtel Hanford
(BND).

V.S. ARAKALLI V.S.; R. A. BURK, R.C. CHEN, M.R. GROSS, A. JAIN, K.D.
JENKINS, A.S. KLEIN, W.F. LENZKE III, S. L. ORCUT, D. L. RAMSEY, J. G.
REYNOLDS, Flowsheet Bases, Assumptions, and Requirements, 24590-WTP-RPT-PT-
02-005, Rev 4, December 2008.

B,M. RAPKO, G.J. LUMETTA, Status on Phase Identification in Hanford Tank Sludges,
PNNL-13394, December 2000.

B.N. RYZHENKO, Genesis of Dawsonite Mineralization: Thermodynamic Analysis and
Alternatives, Geochemistry International 44, 835-40, 2006.

P. BENEZETH, D. A. PALMER, L.M. ANOVITZ, J. HORITA, Dawsonite Synthesis and
Reevaluation of Its Thermodynamic Properties from Solubility Measurements:
Implications for Mineral Trapping of CO,, Geochimica et Cosmica Acta 71, 4438-55,
2007.

C. SU AND D.L. SUAREZ, In Situ Infrared Speciation of Adsorbed Carbonate on
Aluminum and Iron Oxides, Clays and Clay Minerals, 45, 814-25, 1997.

M.J. FERRANTE, J.M. STUVE, D. W. RICHARDSON, Thermodynamic Data for
Synthetic Dawsonite, Report of Inv. 8129, U.S. Bur. of Mines, 1976.

F.F. VOLF, S.I. KUZNETSOV, S.M. KIROV, Polytherms in the Al,03; — Na,O — H,O
System, J. Applied Chem. USSR (Eng. Trans.) 28, 565-601, 1955.

R. FRICKE, AND P. JUCAITIS, Z. Anorg. Chem.191, 129-49, 1930.

[.LW. SPRAUER AND D. W. PIERCE, J. Phys. Chem., 44, 909-16, 1940.

P. WANG, A. ANDERKO, R.D. YOUNG, R.D. SPRINGER, 4 Comprehensive Model for
Calculating Phase Equilibria and Thermophysical Properties of Electrolytic Systems, OLI
Systems, Inc., 2008.

D. BORGEN, P. FRAZIER, G. STATON, K. SULLIVAN, R. HARRIS, J.R. WILEY, R.
M. ORME, Aluminum Precipitation from Hanford DSSF, Proceedings, Waste
Management *93, Tucson AZ.



