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ABSTRACT: The ability to predict the equilibrium constants
for the formation of 1:1 uranyl/ligand complexes (log K;
values) provides the essential foundation for the rational
design of ligands with enhanced uranyl affinity and selectivity.
We use density functional theory (B3LYP) and the integral
equation formalism polarizable continuum model (IEF-PCM)
to compute aqueous stability constants for UO,*" complexes
with 18 donor ligands. Theoretical calculations permit
reasonably good estimates of relative binding strengths, while
the absolute log K, values are significantly overestimated.
Accurate predictions of the absolute log K; values (root-mean-
square deviation from experiment <1.0 for log K; values
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ranging from 0 to 16.8) can be obtained by fitting the experimental data for two groups of mono- and divalent negative oxygen
donor ligands. The utility of correlations is demonstrated for amidoxime and imide dioxime ligands, providing a useful means of
screening for new ligands with strong chelating capability to uranyl.

B INTRODUCTION

Understanding the speciation of metal ions in aqueous solution
is the basis for predicting and controlling the behavior of metal
ions in biological systems, the environment, analytical
chemistry, extraction metallurgy, and other industrial pro-
cesses." This understanding also provides the essential
foundation for the rational design of ligands with enhanced
metal ion affinity and selectivity. Central to this endeavor, an
important and fundamental characterization of ligand reactivity
involves the determination of equilibrium constants for the
formation of simple 1:1 metal/ligand complexes with a series of
metal ions. Such values, which are referred to as stability
constants or formation constants, are determined most
frequently in aqueous solution. In practice, stability constants
are normally defined as the ratio of concentrations rather than
activities. In the case of 1:1 complexes, which are the focus of
this article, the aqueous stability constant is defined as the
concentration of the metal complex, ML, divided by the
concentrations of the metal ion, M, and the ligand, L, as shown
by eq 1. Because they may span many orders of magnitude,
stability constants are usually reported in logarithmic form, log
K. Individual log K, values quantify the strength of the metal—
ligand interaction, and the difference between log K, values for
two metal ions measures the degree of selectivity.

[ML]
(M][L] (1)
A large number of stability constants for metal complexes

have been determined and tabulated.”™* Yet, despite an
extensive research effort in this field, available log K; data

M+ L= ML K =
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represent a very small fraction of conceivable complexes. Given
the number of possible metal ions and an infinite variety of
potential ligands, it is not feasible to determine experimentally
all log K, values. Moreover, experimental limitations, such as
redox stability, hydrolysis, and solubility, make it difficult or
impossible to measure the stability constant for certain ML
complexes. For these reasons, there is a need for reliable
methods that allow one to estimate unknown log K; values.

Over the past SO years, many techniques for estimating
unknown stability constants from existing log K, data have been
reported.” Successful approaches include (i) linear correla-
tions between log K for one group of reactions and log K; for a
second group of reactions, (i) correlations between log K; and
metal ion properties such as ionic radius, formal charge,
electronegativity, or ionization potential, and (iii) parametric
equations in which coefficients are adjusted to reproduce a
training set of log K; data. Although useful, none of these
approaches are universally applicable and most require the
availability of experimental log K, data that are closely related
to the unknown system before an accurate prediction is
possible. This requirement is problematic with the design of
novel ligands for which no data is available.

Given developments in computational methods and the vast
increase in computational power over the past decade, the
question arises as to whether it is now possible to calculate
aqueous stability constants. One approach for making this
prediction is summarized in Figure 1. Experimental concen-
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tration-based log K values are related to free energy change for

the reaction, AG, by eq 2
—AG,
log K; = log [ML] ~ oML _ 4
[M][L] aya,  2.303RT ()

where ayg, gy, and gy are the activities of the species involved
in the equilibrium. In principle, AG}, can be computed using
the thermodynamic cycle shown in Figure 1. In this case, AGZ
is given by eq 3

AG,, = G4 ([ML(OH,),,_,]**") + nGg,(H,0)
- Gi(IM(OH,), ¥) — GX(1) 3)
where for each species G = Gg + AG*™* + AG),. In this

approach, the calculated gas phase free energies (Gg) are
defined with the standard state being that of an ideal gas at 1
atm, whereas the free energies of solvation (AG;,) represent
the change in free energy for transfer of 1 mol of solute from
the gas phase to the aqueous phase at a standard state of 1 M.
The conversion of an ideal gas from 1 atm (24.46 L mol™") to 1
M (1 mol L) is given by

AG ™" = —TAS™" = RT In(V,/V*) = RT In(24.46)

= 1.89 kcal/mol (T = 298.15 K)

4)

Applying eq 4 to each gas-phase reactant and product yields
the correction given in the upper leg of the thermodynamic
cycle shown in Figure 1. With water, an additional correction,

AGe, + (n-1)AGo~"
—_—

IMOH, ) (g + LY gg) [ML(OH )" g + 1 H,0 g
AG"‘sclv AG“solv AG’ksolv AG’ksolv
. AG,, - nRT In([H,0]) iy
IMOH) ol (o) + ¥ 2y IML(OH, ), oY (aqy + NH,0

Figure 1. Thermodynamic cycle showing how AG,g is related to AGy
and AGE),.

Gl = G¥ + RT In([H,01), is needed if the pure solvent H,O
is adopted as the reference state for the solvent in the lower leg
of the thermodynamic cycle. Here, RT In([H,0]) = 2.38 kcal/
mol is a free energy change associated with moving a solvent
from a standard-state solution phase concentration of 1 M to a
standard state of the pure liquid, 55.34 M. Although methods
for calculating both G; and AGJ), have been available for some
time, it is only in the past few years that the predictive
capability of this approach has been systematically and critically
evaluated for metal complexes.

Following the approach illustrated in Figure 1, electronic
structure calculations at various levels of theory with two
common solvation models, COSMO-RS and SMD, were used
to calculate aqueous log K, values for complexes of a series of
divalent transmon metals with simple ligands such as imidazole
and acetate.’ Reference values for the gas-phase free energies
were obtained at the CCSD(T)/aug-cc-pVIZ level of theory
and used to benchmark less expensive methods such as RI-MP2
and various DFT functionals. Even at the highest levels of
theory, comparison of calculated and experimental stability
constants revealed large discrepancies ranging from —18 to +11
orders of magnitude prompting the authors to conclude
“although the agreement between the experimental (as derived
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from the stability constants) and calculated values is often
within S kcal/mol, in more complicated cases, it may exceed 15
kcal/mol”® and “the accuracy of “absolute” values is still out of
reach”.®® These studies demonstrate that the prediction of
stability constants for metal—ligand complexes is far from
straightforward, with errors arising from the offset of two large
terms, gas-phase complexation energies and solvation energies.
It was noted that an accurate description of ion solvation
remains a main stumbling block to the quantitative prediction
of log K, values. This observation is reinforced by recent efforts
to compute stability constants for a series of uranyl complexes
with phosphate ligands” and changes in the free energy for
water exchange reactions in the uranyl ion® where it was
concluded that the prediction of the solution energetics still
requires the continued development of solvent modeling
approaches because small changes in the models can lead to
large changes in reaction energies in solution. One strategy to
improve the accuracy of solvation calculations for ions is to
include chemically important solute—solvent interactions
explicitly into the quantum chemical model. For example,
explicit modeling of the second hydration shell around divalent
metal ions was critical for the accurate estimation of ion
solvatlon free energies and reaction free energies in aqueous
solution.””® The limitation of this approach is that as the
number of solvent molecules increases, an adequate sampling of
solute—solvent clusters becomes increasingly difficult.

Although it would appear that it is not yet possible to
compute absolute log K, values for multivalent metal ions with
a predictable degree of accuracy using the approach embodied
in Figure 1 and eq 3 when treating only the first hydration shell
explicitly, it has been observed that calculated energy
differences can correctly predict the relative stability for series
of related metal complexes. An early example'® is provided by
the hydrolysis of trivalent metal ions, AI**, Sc**, Ti**, V**, Cr**,
Mn*, Fe**, Ga*, and Y**, as shown in eq 5

[M(OH,),’* = [M(OH)(OH,),*" + H* ()

Values of AE were calculated at the B3LYP/DZVP2 level of
theory. A plot of AE versus experimental log K was linear
suggesting that for this series of complexes the dominant effects
giving rise to the relative basicities are captured by this level of
theory.

In another study, DFT calculations were used to compute
the AG, values for the equilibrium involving the exchange of a
water molecule for ammonia with wide range of metal ions'" as
shown in eq 6

[M(OHz)s]H + NH; = [M(NH3)(OH2)5]"+ + H,0

(6)

Separate linear correlations between calculated AG, and
experimental AG,, for metal ions of different charges (M,
M?>*, and M**) were obtained. The benefit of such correlations
was demonstrated by using them to estimate log K; values for
metal complexes that are impossible to determine experimen-
tally. In a recent example, a B3LYP/6—31+G(d)/CPCM model
was used to correlate aqueous log K; values for Fe** comlplexes
with a series of substituted 3-hydoxypyridin-4-ones.”” To
simplify calculations and decrease computing time, a value
termed AG* was obtained as the difference between G for
FeL2+ in the absence of any coordinated water molecules and
i for L™. A plot of AG* versus experimental log K; gave a
linear correlation that predicted experimental log K, values
spanning a range of 6 orders of magnitude to within an average
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error of +0.32 log units. It is imgortant to note that in the
aforementioned modeling studies'* ™" the formal charge of a
ligand was constant. This allowed proper calibration of applied
solvation models to provide a reasonable estimate of the
differential effect of solvation on selected model reactions.

Motivated by research toward the design of ligands for the
extraction of the uranyl ion from seawater,”> we evaluated the
use of the thermodynamic cycle shown in Figure 1 to compute
aqueous stability constants for UO,*" complexes with negative
oxygen donor ligands. In what follows, we document a
straightforward approach that is able to rank-order the stability
constants for 13 complexes spanning nearly 17 orders of
magnitude. Although calculated aqueous log K, values are
overestimated by 12—39 log units, a plot of experimental log K;
versus calculated log K for two groups of ligands with a formal
charge of —2 and —1 give linear correlations, R* > 0950,
allowing the reliable prediction of log K; values for three
reported amidoxime and imide dioxime ligands. The approach
is utilized to predict the log K, values for two novel oxime-
based uranophiles.

B METHODS

Electronic structure calculations were performed with the Gaussian 09,
revision B.Ol,14 and NWChem, version 6.3,15 program packages. We
used the B3LYP flavor of density functional theory throughout the
study.16 The standard Stuttgart small-core (SSC) 1997 relativistic
effective core potential (RECP) was used for uranium, replacing 60
core electrons to account for scalar relativistic effects."” The valence
electrons in this basis set are represented by a contracted [8s/7p/6d/
4f] basis. The standard 6-311++G** basis set with diffuse functions
was employed for the light atoms. Frequency calculations were
performed at the B3LYP/SSC/6-31+G* basis set to verify that
geometries were minima and to compute zero point energies and
thermal corrections using the rigid rotor—harmonic oscillator
approximation. These values were used to calculate AG, and gas
phase log K, values in accord with eq 7 below. B3LYP with the
Stuttgart small-core RECP has been widely used for actinyl complexes,
yielding geometries and energetics that are in good agreement with
experimental data.'®

Using the gas phase geometries, we calculated aqueous solvation
free energies, AGZ,, with the integral equation formalism polarizable
continuum model (IEF-PCM) method'? at the B3LYP/SSC/6-31+G*
level using the default atomic radii of the united force field (UFF). As
shown in Figure 1, a standard state correction of AG°~* (eq 4) was
applied for each reactant and product and a concentration correction
of RT In([H,0]) was applied for each water molecule liberated on
formation of the complex. Optimized atomic coordinates and energies
for all reported structures, as well as a sample Gaussian input file, are
provided as Supporting Information.

B RESULTS AND DISCUSSION

A series of 13 negative oxygen donor ligands, Figure 2, were
selected for study based on several criteria. The availability of
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Figure 2. Negative oxygen donor ligands.
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accurate aqueous stability constant data for the formation of
uranyl complexes was determined by examination of Smith and
Martell’'s compilation of Critical Stability Constants series™*
and Grenthe’s treatise on the chemical thermodynamics of
uranium.*® Data at 25 °C were selected to cover as wide a range
of log K, values as possible for rigid ligands with structures
capable of exhibiting only one conformation either in the free
state or when bound to the uranyl cation. This was done to
minimize potential contributions arising from the presence of
multiple conformational states, either in the bound or free form
of the ligand, and to eliminate uncertainty in the selection of
initial coordinates for geometry optimizations. In cases where
log K, values were not available at zero ionic strength, they
were corrected to zero ionic strength using the Davies
equation.21 The experimental log K; values, listed in Table 1,
span a range of nearly 17 orders of magnitude, ranging from a
low of 0.0 for nitrate to a high of 16.8 for catecholate.

Table 1. Comparison of Experimental, Calculated, and
Predicted log K, Values

exptl, caled, caled, pred,
ag®log  g°log aqflog  abs. aqflog  abs.
ligand K, K, K, error K, error
1 acetate 3.1° 154.5 20.6 17.5 43 12
2 oxalate 7.3% 290.1 30.8 23.5 6.5 0.8
3 7.7% 163.6 30.1 224 7.3 0.4
acetylacetonate
4 phthalate 56”2768 285 229 54 02
S salicylate 13.0° 293.1 42.6 29.6 12.0 1.0
6 catecholate 168" 3095 511 343 161 07
7 OH™ 8.8° 180.8 34.7 259 8.7 0.1
8 NO;~ 0.0 133.0 7.5 7.5 0.3 0.3
9 CO,™" 9.7¢ 3212 41.5 318 11.6 19
10 SO 3.0 287.8 23.1 20.1 2.8 0.2
11 HPO42_ 7.2¢ 301.1 34.5 27.3 8.2 1.0
12 H,PO,~ 3.3° 145.5 159 12.7 29 0.4
13 ClO,™ 059 1338 6.5 6.0 00 05

“Corrected to zero ionic strength with the Davies equation.”!

bReference 2. “Reference 19. “Reference 4. “Calculated from AG,.
fCalculated from AG,,. ®Predicted from correlations shown in Figure
3.

Following the approach illustrated in Figure 1, AG,q values
were calculated for the equilibrium shown in eq 7,

[UO,(OH,)J"* + L' = [UO,L(OH,),_,™* + nH,0

™)
These calculations require initial atomic coordinates for each
species. Given that the geometry of the predominant solvated
uranyl ion in aqueous solution, [UO,(H,0);]*, is known®*?
and the anionic ligands, L*~, have only one populated
conformation, a possible ambiguity regarding the geometry of
species present in eq 7 occurs only with the [UO,L-
(H,0),_,]*™ complex. There are two issues: (i) whether L™~
interacts in a unidentate or bidentate fashion and (ii) the
number of water molecules that are displaced when the ligand
coordinates the metal. These issues were addressed computa-
tionally.

With the exception of hydroxide, 7, it was possible to locate
minima for all cases for a bidentate form that displaced two
water molecules. In some cases, it was also possible to locate a
minimum corresponding to a unidentate form that displaced
only one water molecule. At the B3LYP/SSC/6-311++G**
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level of theory with solvent effects included using the IEF-PCM
model, the bidentate complexes with the uranyl ion were the
most stable, with the exception of complexes with H,PO,™ and
ClO;™ ligands that showed a slight energetic preference for
monodentate over bidentate coordination. The more stable
form for each ligand was selected for the AG,q calculations.

Similarly, with respect to the number of water molecules
bound to the uranyl ion, calculations confirmed that for the set
of ligands shown in Figure 2 the most stable arrangement in the
gas phase was obtained when there were a total of five oxygen
atoms occupying the equatorial coordination sites. In other
words, four water molecules with hydroxide and three water
molecules with all other ligands. This finding is consistent with
crystal structure data that establishes five to be the most
observed equatorial coordination number for the uranyl
cation.”® Although there are many examples of uranyl
complexes in which six oxygen atoms are coordinated in the
equatorial positions, almost without exception these complexes
involve two or more four-membered chelate rings, for example,
[UO,(NO,),(0H,),]° or [UO,(AcO);]". In these cases, the
higher coordination can be attributed to the decreased steric
crowding resulting from the small bite distances associated with
four-membered chelate rings.

The reaction free energies for eq 7 were evaluated for 1-13
in both the gas phase and aqueous solution by application of
the IEF-PCM model to compute AGZ¥|, terms. The results were
converted to log K; values (eq 2), which are summarized in
Table 1. As expected for complexes that are formed by the
combination of oppositely charged species, the calculated gas
phase log K, values in the absence of solvent correction
overestimate the experimental values by >100 orders of
magnitude. A plot of experimental log K, versus calculated
gas phase log K; (Figure 3, top) shows two groupings of data,
one for monovalent ligands and one for divalent ligands. On
fitting lines through each group of data, it can be seen that the
overestimation of calculated gas phase values for divalent
ligands is approximately double that of monovalent ligands,
reflecting the dominant influence of electrostatics on AGg.

Including solvation effects via the IEF-PCM solvation model
greatly eliminates the difference in the calculated log K, values
for two groups of monovalent and divalent ligands (Figure 3,
bottom). While the order of ligand stability is correctly
determined (even across each group), the calculated log K;
values are significantly overestimated, with an absolute error
ranging from 7.5 to 34.3 kcal/mol (Table 1). These results are
consistent with previous studies’ ' indicating that accurate
computation of absolute complexation free energies for
reactions involving multicharged ions is a difficult task. In
addition to deficiencies in the applied density functional theory
and the associated basis set, the results of calculations are highly
sensitive to the choice of a cluster and solvation model. A part
of the problem is that continuum dielectric models are often
not adequate when dealing with solutes that have concentrated
charge densities with strong local solute—solvent interactions.
As a result, electronic structure calculations for ions within the
context of pure dielectric continuum models are often prone to
make large errors in the hydration free energies.”*

Using the default IEF-PCM solvation model in Gaussian
optimized for neutral solutes leads to a underestimation of
AGE,(OH™) and AG¥,(CH;COO™) by 21.3 and 12.2 kcal/
mol, respectively, compared with the recommended “exper-
imental” values obtained using the cluster pair approximation.*®
The deviation from experiment for dianionic ligands is expected
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Figure 3. Plots of experimental log K; versus calculated log K; in gas
phase (top) and aqueous solution (bottom) for negative oxygen donor
ligands 1—13 (@ for monoanions and O for dianions, see Table 1) and
oxime ligands 14—16 (M for monoanions and [ for dianions, see
Table 2). Linear correlations in the bottom plot are for negative
oxygen donors 1—13: exptl log K; = 0.309 X calcd log K; — 2.047,
with R* = 0.967 (monovalent ligands) and exptl log K; = 0.473 X calcd
log K; — 8.108, with R? = 0.950 (divalent ligands). The data for oxime
ligands 14—16 were not used to derive the correlations.

to be even more significant. Thus, if the stability of
[UO,(OH,);]*" and L™ (x = 1,2) species on the left-hand
side of the equilibrium 7 is underestimated, then the log K;
values calculated from this equilibrium will be overestimated.

As follows from Figure 3 (bottom), the “raw” log K; values
calculated directly from eqs 2 and 3 show a significant
correlation (R* = 0.926) with the experimental data. However,
the agreement with experiment can be significantly improved
by a separate fitting of experimental data for L™ and L*~

pK/(L") = —2.05 + 0309 X pK,(L'), R’ =0.967

(8)
R* = 0950

©)
This is not surprising given the vast difference in the magnitude
of the average solvation correction for reaction 7 with
monovalent (174.8 kcal/mol) and divalent (349.6 kcal/mol)
ligands. Regressions 8 and 9 account for the deficiency of
theoretical models in calculating log K values for complexation
reactions with a change of the sum of absolute formal charges
on reactants and products of Algl = 2 and Algl = 4, respectively.

For log K, values spanning a range of nearly 17 log units, the
root-mean-square deviation (RMSD) from experiment is 0.82

pK/('7) = —8.11 + 0473 X pK,(I’7),

DOI: 10.1021/acs.inorgchem.5b00264
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log units, which provides a computationally viable and accurate
method to predict the absolute values of 1:1 stability constants
for uranyl complexes.

However, this approach is not without limitations when it is
applied for divalent ligands with well-separated charges. Indeed,
in the limit of a large separation between the two anionic
groups, the solvation free energy of a divalent ligand
approaches the sum of the solvation free energies of the two
subsystems. Consequently, the differential effect of solvation for
complexation of a divalent ligand with largely separated
functional groups can be treated as if it were the sequential
binding of the two separate subsystems. Since each step
involves a change of Algl =2 in the sum of the absolute charges
between reactants and products, log K; values for divalent ions
with well-separated charges should be better described by eq 8.
For divalent anions with linkers of intermediate length, the
stability constants are expected to be intermediate between the
lower- and upper-bound estimates provided by eqs 8 and 9.

Additionally, we tested the ability of M06 and M06-L density
functionals?® with the SSC/6-311++G** basis set and the IEF-
PCM and SMD solvation models to predict the log K; values
for the initial set of 13 negative oxygen donor ligands. The
results, Table S3 of Supporting Information, indicate that the
B3LYP/SSC/6-311++G** method combined with the IEF-
PCM solvent model provides the best overall performance,
with an RMSD between the calculated and experimental log K,
values of 0.82 log units. The M06/SSC/6-311++G** method
combined with the SMD solvent model gives the second best
performance (an RMSD of 0.88 log units), while the M06-L
density functional yields less satisfactory results (an RMSD of
1.31-1.36 log units).

Having developed the log K; calculation method that
achieves an accuracy of +1.0 log units, we can now begin to
examine the binding affinity to UO,*" for a set of ligands that
could be potentially used to selectively extract uranium from
seawater. Oxime-based ligands are of interest because they are
among very few ligands able to selectively bind UO,** in the
presence of a large excess of competing metal ions under
seawater conditions.'*> DFT calculations have been applied to
investigate the interaction between amidoximate ligands and
the uranyl ion;"**%* "8 however, a comparison of the predicted
and experimental stability constants has not been made. The
results of calculations for amidoxime (14, 18) and imide
dioxime (15—17) ligands are summarized in Table 2.
Experimental log K; data for 14—16 have been reported.'***”**

We note that experimental log K; values depend on the
accurate measurement of the ligand pK,’s. However, a
traditional potentiometric titration cannot provide a reliable
measurement of the pK, values over 12. Because of this
limitation, there is considerable discrepancy in the reported pK,
values for 14, ranging from 10.6 to 13.3,”">*? which has been
resolved only recently."*" Given the strongly basic nature of the
oxime functional group, it is to be expected that the uncertainty
of log K, values for 14—16 will be larger than that for 1-13.

In our initial study, we identified 7> binding with the N—O
oximate bond to uranyl as the energetically preferred
coordination mode for amidoximate ligands."*** Present
calculations also support the 7* coordination of two
amidoximate groups linked by a dibenzofuran moiety (18).
Consistent with previous calculations'*' and X-ray diffraction
data,*! imide dioxime ligands 15—17 show tridentate binding
with uranyl ions through two oxime oxygen atoms and a ring
nitrogen atom.

3999

Table 2. log K; Values for UO,*>" Complexes with Oxime
Ligands

H H
N-O- N-O~
N-O- {
_./< \N N
NH,
14 15 N-O 16 N-O-
NHa

O~ o
N-O- O N~o-
17 18 NH,
ligand exptl, aq” log K; pred, aq” log K; abs. error
14 11.1¢ 10.0 1.1
15 19.1¢ 20.0 0.9
16 16.8° 14.9 1.9
17 17.1
18 199 + 2.2/

“Corrected to zero ionic strength with the Davies equation.*!

bPredicted from regression lines given by eqs 8 and 9 and shown in
Figure 3. “Reference 27. “Reference 28. “Reference 13e. "Due to
significant charge separation, predicted as an average of regression
lines given by egs 8 and 9.

The number of displaced water molecules is controlled by
the denticity of 14—18. Calculation indicated that when one
additional water molecule was placed in the inner-sphere
equatorial plane of [UO,(Ligand)(H,0),] (Ligand = 15—18),
either the complex was unstable, or the binding to uranyl was
significantly less favorable compared with the hydrogen-
bonding interaction with the negatively charged oxime O
donor atom in the second coordination shell. For example, the
uranyl complex with 18 exhibits a compact #* coordination of
the two N—O bonds and can attain the coordination number
six by having two water molecules in the equatorial plane, but
the calculated log K value is lower than that obtained by having
one water molecule in the equatorial plane.

We note that dianionic forms of 15—17 can be obtained by
deprotonating either oxime O or central imide N atom. The
relative stability of possible tautomeric forms calculated in the
field of continuum solvents is given in Figure S1 of Supgorting
Information. In agreement with the previous study, > the
results indicate that the central imide N remains protonated in
the free base, while one of the oxime nitrogen atoms is
protonated in the metal-ion complex. Log K, calculations are
reported using the lowest-energy states for the free and bound
forms in solution.

The calculated log K; values for 14—18 are listed in Table 2.
As evident from Figure 3, the plotted points (marked as empty
and filled squares for mono- and divalent ligands, respectively)
lie on straight lines corresponding to the least-squares fittings of
the two groups of mono- and divalent negative oxygen donor
ligands. The results establish that correlations obtained for
oxoacid ligands 1—13 show their utility for predicting the
absolute log K; values for amidoxime 14, coordinating in an 7>
fashion and imide dioximes 15 and 16, involving bonding to the
imide N. Thus, our approach can be used as a screening tool to
provide good estimates of log K, values for new ligands before
they are synthesized and tested in the laboratory.
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In the quest for new ligands with high binding affinity and
selectivity toward uranium in natural seawater, two new
candidate ligands for UO,*" are examined: 1,8-naphthalimide
dioxime, 17, and dibenzofuran bis-amidoxime, 18. During the
preparation of this manuscript, ligand 17 and its corresponding
uranyl complex have been synthesized and characterized
spectroscopically by Bernstein et al.’' A tridentate binding
motif to uranyl has been confirmed by single-crystal X-ray
diffraction, but no binding constants have been measured. Our
calculations predict 17 to have UO,*" binding affinity (log K, =
17.1 (see Table 2)) intermediate between 15 and 16, with the
former imide dioxime being one of the most strongly chelating
1igands.28 An analog of 18, in which the dibenzofuran linkage is
replaced by a fluorene linkage, was identified in our previous
work'*® as one of the top bis-amidoxime architectures for
uranyl ion complexation. Calculations verify that 18 shows one
of the highest binding affinities for the uranyl ion (log K; = 19.9
+ 22) reported for amidoxime-based ligands. Efforts on
synthesis, measurements of the complexation properties, and
incorporation of 18 into a polymer fiber are underway in our
laboratory.

B SUMMARY

The design of new host architectures within a polymer fiber
that recognize and selectively extract uranium under seawater
conditions plays a critical role in increasing sorption capacity of
existing adsorbents. A key step in predicting ligand efficiency at
sequestering uranium is the ability to predict accurately the log
K, values for the uranyl and competing metal ions. In this work,
we employed density functional theory (B3LYP) using the
Stuttgart small-core relativistic effective core potential for
uranium and the IEF-PCM solvation model to calculate the log
K, values for 18 negative oxygen and oxime-based donor
ligands. Theoretical calculations correctly determine the order
of ligand stability but significantly overestimate the absolute log
K, values. Accurate account of the ion solvation free energy
poses a formidable challenge to the quantitative prediction of
log K, values. We presented a computational protocol that can
achieve good accuracy (below 1 log unit) by employing linear
least-squares fitting of the calculated log K; values to the
experimental data for 13 negative oxygen donor atoms.
Separate fitting of mono- and divalent ligands is required to
ensure accurate results for a wide range of log K values (from 0
to 16.8). The results verify that correlations obtained for
oxoacids can provide accurate results for amidoxime and imide
dioxime ligands. This extends the utility of our approach to
predict the log K, values and screen for new amidoxime-based
ligands with strong uranyl ion binding. Calculations suggest
that 18 is a promising candidate exhibiting one of the highest
binding affinities for the uranyl ion.
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© Supporting Information

Complete refs 14 and 1S5a, sample Gaussian09 input file,
performance of the B3LYP, MO06, and MO6-L density
functionals combined with the IEF-PCM and SMD solvation
models in reproducing the log K, values for negative oxygen
donor ligands, the relative conformational stability of 15—18 in
the free form calculated in the field of continuum solvent, and
Cartesian coordinates of ligands and metal—ligand complexes
accompanied by electronic and Gibbs free energies of all species
obtained with the B3LYP functional. This material is available
free of charge via the Internet at http://pubs.acs.org.

4000

B AUTHOR INFORMATION

Corresponding Author

*E-mail: bryantsevv@ornl.gov.

Present Addresses

TTheory of Condensed Matter Group, Cavendish Laboratory,
University of Cambridge, 19 JJ Thomson Avenue, Cambridge
CB3 OHE, United Kingdom. E-mail: sv375@cam.ac.uk.
T'Supramolecular Design Institute, 127 Chestnut Hill Rd., Oak
Ridge, TN 37830-7185. E-mail: hayben@comcast.net.

Notes
The authors declare no competing financial interest.

B ACKNOWLEDGMENTS

This work was sponsored by the US Department of Energy,
Office of Nuclear Energy, under Contract DE-ACO0S-
000R22725 with Oak Ridge National Laboratory, managed
by UT-Battelle, LLC. This research used resources of the
National Energy Research Scientific Computing Center, a DOE
Office of Science User Facility supported by the Office of
Science of the U.S. Department of Energy under Contract No.
DE-AC02-0SCH11231.

B REFERENCES

(1) (a) Hancock, R. D.; Martell, A. E. Chem. Rev. 1989, 89, 1875—
1914. (b) Martell, A. E.; Hancock, R. D. Metal Complexes in Aqueous
Solution; Plenum Press: New York, 1996.

(2) Smith, R. M.; Martell, A. E. Critical Stability Constants; Plenum
Press: New York, 1974—1989, Vols 1—6.

(3) Sillen, L. G.; Martell, A. E. Stability Constants. Special Publication
No. 25; The Chemical Society: London, 1975.

(4) (a) NIST Standard Reference Database 46. NIST Critically
Selected Stability Constants of Metal Complexes Database, version
8.0; Data collected and selected by Smith, R. M., Martell, A. E.; US
Department of Commerce, National Institute of Standards and
Technology: Gaithersburg, MD, 2004. (b) The IUPAC Stability
Constants Database; Academic Software: Yorks, UK, http://www.
acadsoft.co.uk/scdbase/scdbase. htm.

(5) (a) Rossotti, F. J. C. In Modern Coordination Chemistry, Principles
and Methods; Lewis, J., Wilkins, R. G., Eds.; Wiley and Sons: New
York, 1960; Chapter 1. (b) Beck, M. T. Chemistry of Complex
Equilibria; Van Nostrand Reinhold Co.: New York, 1970. (c) Martell,
A. E; Motekaitis, R. J; Smith, R. M. In Environmental Inorganic
Chemistry; Irgolic, K. J., Martell, A. E., Eds.; VCH: Deerfield Beach, FL,
1985; Chapter 3. (d) Dimmock, P. W.; Warwick, P.; Robbins, R. A.
Analyst 1995, 120, 2159—2170. (e) Hancock, R. D. Analyst 1997, 122,
S1IR—S8R. (f) Hay, B. P.; Chagnes, A,; Cote, A. G. Solvent Extr. Ion
Exch. 2013, 31, 95—105.

(6) (a) Gutten, O.; Bes3eova, L; RuliSek, L. J. Phys. Chem. A 2011,
115, 11394—11402. (b) Gutten, O.; RuliSek, L. Inorg. Chem. 2013, S2,
10347—1035S.

(7) Jackson, V. E.; Gutowski, K. E.; Dixon, D. A. J. Phys. Chem. A
2013, 117, 8939—8957.

(8) Gutowski, K. E.; Dixon, D. A. J. Phys. Chem. A 2006, 110, 8840—
8856.

(9) Bryantsev, V. S.; Diallo, M. S.; Goddard, W. A,, IIL. J. Phys. Chem.
A 2009, 113, 9559—-9567.

(10) Rustad, J. R; Dixon, D. A;; Rosso, K. M; Felmy, A. R. J. Am.
Chem. Soc. 1999, 121, 3234—3235.

(11) (a) Hancock, R. D.; Bartolotti, L. J. Chem. Commun. 2004, 534—
535. (b) Hancock, R. D.; Bartolotti, L. J. Inorg. Chem. 2005, 44, 7175—
7183. (c) Hancock, R. D.; Bartolotti, L. J. Polyhedron 2013, 284—293.
(d) Hancock, R. D.; Bartolotti, L. J. Inorg. Chim. Acta 2013, 101—107.

(12) Chen, Y. L;; Barlow, D. J.; Kong, X. L.; Ma, Y. M,; Hider, R. C.
Dalton Trans. 2012, 41, 10784—10791.

(13) (a) Vukovic, S.; Watson, L. A; Kang, S. O.; Custelcean, R.; Hay,
B. P. Inorg. Chem. 2012, S1, 3855—3859. (b) Kang, S. O.; Vukovic, S.;

DOI: 10.1021/acs.inorgchem.5b00264
Inorg. Chem. 2015, 54, 3995—4001


http://pubs.acs.org
mailto:bryantsevv@ornl.gov
mailto:sv375@cam.ac.uk
mailto:hayben@comcast.net
http://www.acadsoft.co.uk/scdbase/scdbase.htm
http://www.acadsoft.co.uk/scdbase/scdbase.htm
http://dx.doi.org/10.1021/acs.inorgchem.5b00264

Inorganic Chemistry

Custelcean, R.; Hay, B. P. Ind. Eng. Chem. Res. 2012, 51, 6619—6624.
(c) Vukovic, S,; Hay, B. P. Inorg. Chem. 2013, 52, 7805—7810.
(d) Grant, C. D; Kang, S. O; Hay, B. P. J. Org. Chem. 2013, 78,
7735—7740. (e) Sun, X.; Tian, G.; Xu, C; Rao, L.; Vukovic, S.; Kang,
S. O.; Hay, B. P. Dalton Trans. 2014, 43, 551—557. (f) Abney, C. W.;
Liu, S; Lin, W. J. Phys. Chem. A 2013, 117, 11558—11565. (g) Wang,
C.-Z,; Lan, J.-H,; Wu, Q.-Y.; Luo, Q;; Zhao, Y.-L.; Wang, X.-K,; Cgai,
Z.-F.; Shi, W.-Q. Inorg. Chem. 2014, 53, 9466—9476. (h) Mehio, N.;
Lashely, M. A.; Nugent, J. W.; Tucker, L.; Correia, B.; Do-Thanh, C.-
L.; Dai, S.; Hancock, R. D.; Bryantsev, V. S. J. Phys. Chem. B 20185, 119,
3567—-3576.

(14) Frisch, M. J,, et al. Gaussian 09, Revision B.01, Gaussian, Inc.:
Wallingford CT, 2009.

(15) (a) Straatsma, T. P.; Apra, E.; Windus, T. L,; Bylaska, E. J; de
Jong, W,; Hirata, S.; Valiev, M.; Hackler, M.; Pollack, L.; Harrison, R.
et al. NWChem, A Computational Chemistry Package for Parallel
Computers, Version 6.3, Pacific Northwest National Laboratory:
Richland, WA, 2013. (b) Valiev, M.; Bylaska, E. J,; Govind, N.;
Kowalski, K.; Straatsma, T. P.; van Dam, H. ]. ].; Wang, D.; Nieplocha,
J.; Apra, E; Windus, T. L.; de Jong, W. A. Comput. Phys. Commun.
2010, 181, 1477—1489.

(16) (a) Becke, A. D. Chem. Phys. 1993, 98, 5648—5652. (b) Lee, C.;
Yang, W,; Parr, R. G. Phys. Rev. B 1988, 37, 785—789.

(17) Dolg, M; Stoll, H.; Preuss, H.; Pitzer, R. M. J. Phys. Chem. 1993,
97, 5852—5859.

(18) (a) Schreckenbach, G.; Hay, P. J.; Martin, R. L. Inorg. Chem.
1998, 37, 4442—4451. (b) Schreckenbach, G.; Hay, P. J.; Martin, R. L.
J. Comput. Chem. 1999, 20, 70—90. (c) Sonnenberg, J. L.; Hay, P. J;
Martin, R. L.; Bursten, B. E. Inorg. Chem. 2005, 44, 2255—2262. (d) de
Jong, V. A,; Apra, E; Windus, T. L,; Nichols, J. A.; Harrison, R. J;
Gutowski, K. E.; Dixon, D. A. J. Phys. Chem. A 2008, 109, 11568—
11577. (e) Vallet, V.; Macak, P.; Wahlgren, U.,; Grenthe, 1. Theor.
Chem. Acc. 2006, 115, 145—160. (f) Gutwoski, K. E.; Cocalia, V. A;;
Griffin, S. T.; Bridges, N. J.; Dixon, D. A.; Rodgers, R. D. J. Am. Chem.
Soc. 2007, 129, 526—536. (g) Shamov, G. A; Schreckenbach, G.;
Martin, R. L; Hay, P. J. Inorg. Chem. 2008, 47, 1465—1475.
(h) Shamov, G. A.; Schreckenbach, G. J. Am. Chem. Soc. 2008, 130,
13735—13744. (i) Kubicki, J. D.; Halada, G. P.; Jha, P.; Phillips, B. L.
Chem. Cent. ]. 2009, 3, 10—29. (j) Spencer, L. P.; Yang, P.; Scott, B. L,;
Batista, E.; Boncella, J. M. Inorg. Chem. 2009, 48, 2693—2700.
(k) Biihl, M.; Schreckenbach, G. Inorg. Chem. 2010, 49, 3821—3827.
(1) Oncak, M; Schréder, D.; Slavicek, P. J. Comput. Chem. 2010, 31,
2294—2306. (m) Biihl, M; Sieffert, N.; Chaumont, A.; Wipff, G. Inorg.
Chem. 2011, 50, 299—308. (n) Weck, P. F.; Kim, E.; Jove-Colon, C. F.;
Sassani, D. C. Dalton Trans. 2012, 41, 9748—9752. (o) Rios, D.;
Machelini, M. C.; Lucena, A. F.; Marcglo, J.; Bray, T. H.; Gibson, J. K.
Inorg. Chem. 2012, 51, 6603—6614. (p) Odoh, S. O.; Schreckenbach,
G. Inorg. Chem. 2013, 52, 5590—5602.

(19) (a) Miertus, S.; Scrocco, E.; Tomasi, J. Chem. Phys. 1981, S5,
117-129. (b) Cances, E.; Mennucci, B.; Tomasi, J. J. Chem. Phys.
1997, 107, 3032—3041. (c) Mennucci, B.; Cances, E.; Tomasi, J. J.
Phys. Chem. B 1997, 101, 10506—10517.

(20) Guillaumont, R;; Fanghanel, T.; Fuger, J.; Grenthe, 1; Palmer,
D,; Rand, M, Neck, V. Chemical Thermodynamics of Uranium,
Neptunium, Plutonium, Americium and Technetium; NEA/OECD
North Holland: Amsterdam, 2003.

(21) Davies, C. W. Ion Association; Butterworths: Washington, DC,
1962.

(22) (a) Neuefeind, J,; Soderholm, L.; Skanthakumar, S. J. Phys.
Chem. A 2004, 109, 2733—2739. (b) Soderholm, L.; Skanthakumar, S.;
Neuefeind, J. Anal. Bioanal. Chem. 2005, 383, 48—55.

(23) (a) Allen, F. H. Acta Crystallogr, Sect. B: Struct. Sci. 2002, S8,
380—388. (b) Bruno, I J; Cole, J. C.; Edgington, P. R; Kessler, M,;
Macrae, C. F.; McCabe, P.; Pearson, J.; Taylor, R. Acta Crystallogr.
2002, B38, 389—397.

(24) (a) Chipman, D. M,; Chen, F. J. Chem. Phys. 2006, 124,
No. 144507. (b) Ginovska, B; Camaioni, D. M, Dupuis, M,;
Schwerdtfeger, C. A.; Gil, Q. J. Phys. Chem. A 2008, 112, 10604—
10613.

4001

(25) Kelly, C. P.; Cramer, C. J.; Truhlar, D. G. J. Phys. Chem. B 2006,
110, 16066—16081.

(26) (a) Zhao, Y.; Truhlar, D. G. Theor. Chem. Acc. 2008, 120, 215—
241. (b) Zhao, Y; Truhlar, D. G. J. Chem. Phys. 2006, 125,
No. 194101.

(27) (a) Hirotsu, T.; Katoh, S.; Sugasaka, K.; Send, M.; Itagaki, T. J.
Chem. Soc,, Dalton Trans. 1986, 1609—1611. (b) Diiriist, N.; Akay, M.
A,; Diiriist, Y.; Kilic, E. Anal. Sci. 2000, 16, 825—827.

(28) Tian, G.; Teat, S. J.; Zhang, Z.; Rao, L. Dalton Trans. 2012, 41,
11579—11586.

(29) (a) Aubort, J. D.; Hudson, R. E. Chem. Commun. 1970, 937—
938. (b) Bunton, C. A;; Nelson, E. N.; Quan, C. J. Org. Chem. 1982,
47, 1157—1160. (c) Simanenko, Yu. S.; Prokop’eva, T. M.; Belousova,
L. A; Popov, F; Karpichev, E. A. Theor. Exp. Chem. 2001, 37, 288—
29S.

(30) Barber, P. S.; Kelley, S. P.; Rogers, R. D. RSC Adv. 2012, 2,
8526—8530.

(31) Bernstein, K. J.; Do-Thanh, C.-L.; Penchoff, D. A.; Cramer, S.
A.; Murdock, C. R;; Lu, Z.; Harrison, R. J.; Camden, J. P.; Jenkins, D.
M. Inorg. Chim. Acta 2014, 421, 374—379.

DOI: 10.1021/acs.inorgchem.5b00264
Inorg. Chem. 2015, 54, 3995—4001


http://dx.doi.org/10.1021/acs.inorgchem.5b00264

