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Lewis acidity is customarily gauged by comparing the relative magnitude of coordinate covalent bonding
energies, where the Lewis acid moiety is varied and the Lewis base is kept constant. However, the prediction
of Lewis acidity from first principles is sometimes contrary to that suggested by experimental bond energies.
Specifically, the order of boron trihalide Lewis acidities predicted from substituent electronegativity arguments
is opposite to that inferred by experiment. Contemporary explanations for the divergence between theory,
computation, and experiment have led to further consternation. Due to the fundamental importance of
understanding the origin of Lewis acidity, we report periodic trends for 21 boron Lewis acids, as well as their
coordinate covalent bond strengths with NH3, utilizing ab initio, density functional theory, and natural bond
orbital analysis. Coordinate covalent bond dissociation energy has been determined to be an inadequate index
of Lewis acid strength. Instead, acidity is measured in the manner originally intended by Lewis, which is
defined by the valence of the acid of interest. Boron Lewis acidity is found to depend upon substituent
electronegativity and atomic size, differently than for known Brønsted-Lowry periodic trends. Across the
second period, stronger substituent electronegativity correlates (R2 ) 0.94) with increased Lewis acidity.
However, across the third period, an equal contribution from substituent electronegativity and atomic radii is
correlated (R2 ) 0.98) with Lewis acidity. The data suggest that Lewis acidity depends upon electronegativity
solely down group 14, while equal contribution from both substituent electronegativity and atomic size are
significant down groups 16 and 17. Originally deduced from Pauling’s electronegativities, boron’s substituents
determine acidity by influencing the population of its valence by withdrawing electron density. However,
size effects manifest differently than previously considered, where greater σ bond (not π bond) orbital overlap
between boron and larger substituents increase the electron density available to boron’s valence, thereby
decreasing Lewis acidity. The computed electronegativity and size effects of substituents establish unique
periodic trends that provide a novel explanation of boron Lewis acidity, consistent with first principle
predictions. The findings resolve ambiguities between theory, computation, and experiment and provide a
clearer understanding of Lewis acidity.

Introduction

In 1923, Gilbert N. Lewis published landmark ideas on
acid-base theory, where a base and an acid donate and accept
a pair of electrons, respectively.1,2 Lewis originally defined acids
and bases merely from chemical behavior in reactions without
the need for any theory of molecular structure.1 Despite the fact
that Lewis’ revered concept of valency made it easier to
understand the essential characteristics of acids and bases, he
was hesitant in its use in the definition, because valency could
not be measured directly. Without other recourse, indirect
measurements of acidity have ensued, principally based upon
the assumption that a stronger acid is more willing to accept an
electron pair to complete its valence, thus resulting in a stronger
coordinate covalent bond. An overview of different procedures
that measure relative Lewis acid and base strengths has been
given by Anslyn and Dougherty.5 Examples include Pearson’s
hard soft acid base (HSAB) principle,6-9 Gutmann’s donor (DN)
and acceptor numbers (AN),10-12 Drago, Marks, and Wayland’s
E & C and D & O equations,13-15 and Christe and co-worker’s
fluoride affinities.16 Regardless of the scale utilized to predict
the relative strengths of Lewis acids, it is assumed that a stronger

coordinate covalent bond is due to the increased Lewis acidity
when the Lewis base is held constant.

From the beginning, Lewis cautioned that other factors could
be important in determining the adduct’s bond strength, other
than its tendency to accept an electron pair.1 Subsequently, it
has been reported that the coordinate covalent bond is influenced
by other forces between the Lewis acid and base, such as orbital
and steric interactions.17-19 Lewis observed that relative acidity
depends on the choice of Lewis base. For example, BH3 forms
a more stable adduct with thioethers as compared to BF3;
however, the reverse is true when the Lewis acids are bound to
ethers.3 A similar exchange is observed when BF3 and BH3 are
bound to pyridine N-oxide and p-methylpyridine oxide, where
BF3 forms a more stable adduct with pyridine N-oxide as
compared to BH3; however, BH3 forms a more stable adduct
with p-methylpyridine oxide.4 Lewis summarized “that the
relative strength depends not only upon the chosen solvent but
also upon the particular base or acid used for reference.”1

Nevertheless, the indirect gauge of Lewis acidity based upon
bond strengths remains.

Even today, valency cannot be directly measured by experi-
mental means, but computational methods and resources have
now evolved such that valency and perturbations can be
evaluated. As a result, a quantitative value indicating the degree* Corresponding author. E-mail: evanseck@duq.edu.
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of Lewis acidity is possible from the computed valency of boron.
Thus, relative Lewis acidity is estimated in the manner originally
intended by Lewis,1 based upon the valence deficiency of the
acid of interest.

Among the Lewis acids available, boron halides are com-
monly and widely utilized, due to their simplicity and strong
influence over many diverse organic reactions.20-33 The problem
of assessing Lewis acidities based upon coordinate covalent
bond strength is illustrated by a long-standing problem in organic
chemistry, where opposite to that expected, the Lewis acidity
of boron trihalides has been reported to increase as BF3 < BCl3

< BBr3.4,34-42 The observed trend eludes explanations based
upon Pauling’s electronegativity indices,43 Bent’s Rule of
hybridization,44 steric hindrance,45 and HSAB.46 Despite exten-
sive theoretical47-55 and experimental investigations,4,34-42,51,56-59

the origin of Lewis acidity differences between boron halides
remains controversial, primarily due to the assessment of Lewis
acidity as referenced against coordinate covalent bond dissocia-
tion energies.

Other ideas have been explored to account for Lewis acidities
determined by coordinate covalent bond strengths. Specifically,
the importance of halogen lone pairs in Lewis acids has been
considered in terms of resonance,37,56 p(π) f p(π) hyper-
conjugation,51,52,58 π-bonding,57 and energy necessary to reor-
ganize planar Lewis acids during adduct formation.18,47,48,51-53,59

Despite the terms used, the underlying mechanism involved is
the same, where halogen lone pairs interact with boron’s
formally empty 2p orbital, yielding coordinate covalent π-bonds.
The question of which halogen demonstrates a larger resonance
or p(π)f p(π) hyperconjugation within boron halides continues
to be debated.43,60-63 Furthermore, the p(π) f p(π) hypercon-
jugation cannot account for the observed differences in Lewis
acidity regarding BH3 when compared to BF3

3,4,35,42 or BCl3.35,41,42

Thus, the impact of halogen lone pairs upon understanding
Lewis acidity is dubious.

Computational studies of boron halides coordinated to
nitrogen centered Lewis bases and ammonia borane have been
reported.47-50,53-55,60,61,64-72 However, it has been shown that the
electronic description of coordinate covalent bonding is highly
sensitive to the level of theory applied, and that post-SCF
methods or M06-2X coupled with large basis sets are necessary
to predict the binding energies of coordinate covalent systems
accurately.73,74 Commonly employed computational methods can
result in binding enthalpy errors as great as 87% (15.2 kcal/
mol), as found for methyl substituted ammonia boranes.66,73,74

Consequently, lower levels of theory have resulted in conflicting
ideas on coordinate covalent bonding and gauging Lewis
acidity.47-50,53,54,60,61,64-74

Due to the importance of understanding Lewis acidity, 21
isolated boron Lewis acids (BH3-nFn, BH3-nCln, BCl3-nFn,
BH3-n(OH)n, BH3-n(SH)n, BH3-n(CH3)n, and BH3-n(SiH3)n;
n ) 0-3) as well as their corresponding adducts with NH3 have
been analyzed. Unique to this study is that second and third
period substituents are assessed in a systematic evaluation of
boron Lewis acidity to capture periodic trends. Lewis acidity
trends down groups 14, 16, and 17 are also reported. The ability
of a Lewis acid to accept electron density is investigated in
terms of boron’s valence, and its stereoelectronic dependence
upon substituents. Our observations are rationalized in terms
of first principle concepts including the Pauling electroneg-
ativity43,75 and atomic radii76 of the atom from the substituent
that is directly coordinated to boron. The periodic trends are

contrasted against well-known Brønsted-Lowry acid-base
behavior and extended to explain aluminum halide Lewis
acidity.

Computational Methods

A systematic computational investigation is employed, utiliz-
ing a level of theory suitable for coordinate covalent bonds
within Lewis acid adducts.73,74 Ab initio, density functional
theory, and natural bond orbital (NBO) analysis have been
utilized to analyze stereoelectronic effects of substituted boron
Lewis acids. All electronic structure calculations were carried
out using the computational resources at the Center for
Computational Sciences at Duquesne University. Gaussian0377

has been employed for all electronic structure methods, except
M06-2X where NWChem 5.178 was used. All adducts and
isolated Lewis acids have been fully optimized with M06-2X79

and the 6-311++G(3df,2p) Pople style basis set.80-86 In
addition, all isolated boron halide Lewis acids and corresponding
adducts with NH3 have been optimized with Møller-Plesset
second-order perturbation theory (MP2)87,88 employing
6-311++G(3df,2p). Subsequently, single point (SP) energy
calculations have been employed on MP2 optimized structures
utilizing quadratic configuration interaction with single and
double substitutions, incorporating a perturbational treatment
of the triples contribution (QCISD(T))89,90 utilizing Dunning’s91-94

aug-cc-pVQZ correlation consistent basis set. As previously
reported, B3LYP yields mean absolute deviations of ca. 9.0 kcal/
mol regarding the binding enthalpies of coordinate covalent
bonds, specifically on the experimental high resolution gas phase
work of the methylated series of (CH3)3B-N(CH3)3-nHn (n )
0-3).95 Furthermore, B3LYP did not model the binding enthalpy
trend accurately within the methylated series. However, both
M06-2X/6-311++G(3df,2p)74andQCISD(T)/6-311++G(3df,2p)//
MP2/6-311++G(3df,2p)73 were found to model the B-N
coordinate covalent bond trend for (CH3)3B-N(CH3)3-nHn

(n ) 0-3) within experimental accuracy, with MADs of 0.3
and 0.4 kcal/mol, respectively. Higher order derivatives of the
energy are found to be necessary within the DFT formalism,
specifically the spin-dependent electronic kinetic energy within
both the exchange and correlation functional to provide an
accurate description of short and medium exchange-correlation
interactions within sterically hindered adducts. Consequently,
M06-2X instead of the B3LYP functional has been employed
within this work. Further details concerning the inaccuracies
of B3LYP have been summarized by Truhlar96 and Sousa.97

6-311++G(3df,2p) has been exchanged with aug-cc-pVQZ to
avoid a convergence correction factor necessary for QCISD(T),
discussed elsewhere.73,74 Basis set superposition error (BSSE)
has been corrected with the counterpoise method developed by
Boys and Bernardi98 as implemented and reported previously.73,74

All minima have been confirmed by the absence of imaginary
frequencies utilizing B3LYP/6-31G(d). Enthalpy corrections
were predicted utilizing B3LYP/6-31G(d) and scaled by 0.998999

to predict binding enthalpies at 298 K for all Lewis acids
adducts.

Natural bond orbital (NBO) analysis100 was performed using
the NBO 5.G program,101 embedded within Gaussian03. NBO
is discussed in detail elsewhere.100,102-105 Goodman reported
inadequacies in the triple-split 6-311++G Pople basis set, where
diffuse function augmentation lead to misleading conclusions
drawn from NBO analysis regarding the stability of common
four heavy atom molecules.106 However, double-split 6-31G
Pople and correlation consistent basis sets are less sensitive to
error with diffuse augmentation, and allow for accurate assess-
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ments. Consequently, specific stereoelectronic effects have been
investigated utilizing HF/cc-pVQZ//M06-2X/6-311++G(3df,2p)
since the requisite density matrix necessary for these types of
analyses are not available for MP2 or QCISD(T) computations.
NBO analysis has been employed to determine the natural hybrid
overlap (NHO) integral, S, as well as the atomic charge and
boron valence deficiency. Briefly, atomic charge is defined as
the nuclear charge minus the sum of electron populations from
each natural atomic orbital on the corresponding atom, including
core and valence orbitals.102 In contrast, valence deficiency is
the formal valence minus the sum of electron populations from
each valence natural atomic orbital.

Results and Discussion

Lewis Acidity. Boron’s electrophilicity within the isolated
Lewis acid is considered in terms of boron’s atomic charge and
its valence deficiency, calculated by subtracting the NBO
predicted valence (HF/cc-pVQZ//M06-2X//6-311++G-
(3df,2p))106 from the formal valence of three (Table 1). As
expected, boron’s valence deficiency and atomic charge are
highly correlated (R2 ) 0.999), indicating that both similarly
reflect the degree of boron’s electrophilicity and thus Lewis
acidity. However, boron’s valence deficiency and binding
enthalpy are not correlated (Figure 1; R2 ) 0.28), which
underscores the need for a new paradigm regarding the
prediction of Lewis acidity. Confidence in the data is engen-
dered, since the same trend in binding enthalpy is predicted by
using both QCISD(T)//MP2 and the M06-2X functional.
Furthermore, the M06-2X predicted binding enthalpy for
(CH3)B-NH3 lies within the uncertainty of the experimental
value, ∆H298 ) -13.8 ( 0.3 kcal/mol.107 In addition, the M06-
2X and QCISD(T)//MP2 predicted binding enthalpies of -25.1
and -23.8 kcal/mol, respectively, are in excellent agreement
with the experimental value of -24.0 kcal/mol regarding the
Cl3B-NH3 adduct.108 As far as we are aware, there are no other
experimental binding enthalpies regarding the NH3 adducts of
interest for further comparison.

The average substituent electronegativity is estimated as one-
third the sum of all atomic electronegativities coordinated to boron.

Considering all 21 Lewis acids, a moderate linear correlation is
observed (R2 ) 0.74; Figure 2A), indicating that as substituents
coordinated to boron become more electronegative, boron’s valence
becomes more deficient, yielding a stronger Lewis acid. Other
electronegativity scales have been considered, yielding comparable
results, as shown by Figure S1-S4 within the Supporting Informa-
tion. Considering Brønsted-Lowry acids,19 a binary acid increases
in strength across a period, because the conjugate base is stabilized
with increasing electronegativity without significant atomic size
changes. However, within a periodic group, electronegativity
effects become negligible compared to atomic size changes
and Brønsted-Lowry acids strengthen with increasing size.
In contrast to Brønsted-Lowry acid behavior, increasing
substituent atomic radii results in weaker Lewis acids for all
systems considered (R2 ) 0.72, Figure 2B).

Trends Across Periods. When second period substituted
boron Lewis acids (BH3-n(CH3)n, BH3-n(OH)n and BH3-nFn;
n ) 0-3) are considered, boron’s valence deficiency is highly
correlated with substituent electronegativity (R2 ) 0.94, Figure
3), but not with atomic radii (R2 ) 0.33, Figure S5 (Supporting
Information)). This suggests that substituent electronegativity
accounts for 61% more of the observed differences in Lewis
acidity for second period substituted boron Lewis acids than
does substituent atomic radii. This is in accordance with
Brønsted-Lowry theory, where substituent electronegativity

TABLE 1: Binding Enthalpies with NH3,a Boron’s Valence
Deficiency (BVD),b and Atomic Charge (qB)

BVD qB

QCISD(T)c

∆H298

M06-2Xd

∆H298

BF3 1.64 1.60 -19.6 -20.2
B(OH)3 1.42 1.38 1.1
BClF2 1.35 1.30 -20.8 -21.9
BHF2 1.30 1.27 -15.2 -16.1
BH(OH)2 1.11 1.08 -1.3
B(CH3)3 1.00 0.98 -14.1
BCl2F 0.97 0.91 -22.2 -23.5
BH2F 0.92 0.90 -18.8 -19.6
BH(CH3)2 0.79 0.77 -17.5
BH2(OH) 0.77 0.76 -10.1
BH2(CH3) 0.61 0.60 -22.0
BCl3 0.50 0.44 -23.8 -25.1
BHCl2 0.50 0.46 -24.0 -25.4
BH2Cl 0.47 0.45 -25.2 -26.2
BH3 0.43 0.43 -27.1 -27.7
BH2(SH) 0.26 0.24 -18.1
BH2(SiH3) 0.17 0.16 -30.9
BH(SH)2 0.17 0.14 -12.6
B(SH)3 0.11 0.07 -9.3
BH(SiH3)2 -0.11 -0.14 -33.1
B(SiH3)3 -0.41 -0.44 -35.1

a kcal/mol. b electrons. c QCISD(T)/aug-cc-pVQZ//MP2/6-311++G-
(3df,2p). d M06-2X/6-311++G(3df,2p).

Figure 1. M06-2X/6-311++G(3df,2p) predicted BSSE corrected
binding enthalpies with NH3, ∆H298 (kcal/mol) vs boron’s valence
deficiency (electrons).

Figure 2. (A) Boron’s valence deficiency (electrons) vs the average
substituent electronegativity. (B) Boron’s valence deficiency vs the sum
of atomic radii (Å) coordinated to boron. Second and third period atoms
as well as hydrogen are considered.
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differences explain the differences in strength of acids within
the same period. In contrast, when third period substituted boron
Lewis acids (BH3-nCln-NH3, BH3-n(SH)n, and BH3-n(SiH3)n;
n ) 0-3) are considered, only a moderate correlation is
observed with atomic radii (R2 ) 0.72; Figure S6) and little
correlation is observed with electronegativity (R2 ) 0.54; Figure
S7 (Supporting Information)). To explain the variance of third
period substituted boron Lewis acidity, an equal balance109 of
electronegativity and atomic radii is necessary (R2 ) 0.98;
Figure 4 (Supporting Information)).

Coordinate covalent π-bonds between halogen lone pairs and
boron’s formally empty 2p orbital were previously thought to
regulate boron halide Lewis acidity and explain periodic trends.
It was reported that fluorine lone pairs yield stronger coordinate
covalent π-bonds, thus occupying more of boron’s 2p orbital
and accounting for the weaker acidity of BF3 compared to
BCl3.43,48,56 However, heavier halogens with more diffuse
polarizable lone pairs were predicted to form stronger coordinate
covalent π-bonds.60-62 Thus, a weaker interaction between
fluorine’s lone pair and boron’s formally empty 2p orbital is
expected when compared to chlorine.60-62 However, the overlap
integral, Sπ, representing the magnitude of π-overlap between
pB and pF, is marginally greater than that between pB and pCl

(Figure 5), in accord with previous reports.43,48,56 Thus, the
importance of substituent effects on Lewis acidity solely through
coordinate covalent π-bond interactions is question-
able.18,37,47,48,51-53,56-59

σ bond orbital overlap, Sσ, reported in this work represents a
novel approach to understanding the correlation between atomic
size and Lewis acidity. Sσ between spn hybrid orbitals on boron
and substituents is correlated with atomic radii (Figure 6), where
both decrease upon moving across the second and third period
from carbon to fluorine (Sσ ) 0.82 > 0.78 > 0.72) and from
silicon to chlorine (Sσ ) 0.83 > 0.79 > 0.76), respectively.
Differences in Sσ are also correlated with atomic radii, where
both increase upon moving down a periodic group. Larger atoms

possess larger spn orbitals and thus result in a greater Sσ with
boron’s hybrid spn orbital. Increased Sσ provides additional
electron density for electron deficient boron, decreasing its
valence deficiency, and ultimately decreasing its acidity. The
increase in Sσ between the second and third period within the
same group underscores the need to consider a balance of both
electronegativity and size effects for a complete description of
third period substituted boron Lewis acid strength.

Trends Down Groups. Only two elements in groups 14
(carbon and silicon), 16 (oxygen and sulfur), and 17 (fluorine
and chlorine) have been considered due to basis set limitations.
Interesting differences with Brønsted-Lowry trends are appar-
ent. Group 14 substituent electronegativity is highly correlated
with boron’s electron deficiency (R2 ) 0.98, Figure 7) and
atomic radii is only moderately correlated (R2 ) 0.68, Figure
S8 (Supporting Information)). For example, the difference in
Sσ of 0.003, concerning BH2SiH3 and BH2CH3 can hardly
explain the variance in boron’s valence deficiency of 0.44 e.
Consequently, the large differences in electronegativity between
carbon and silicon are necessary to account for the differences
in boron’s valence deficiency. Electronegativity best explains
the variance in boron’s valence deficiency as compared to
substituent size regarding group 14 substituents. An equal
balance109 of electronegativity and atomic radii is required when
considering groups 16 and 17, as shown by Figures 8 and 9,
respectively. Again, Sσ influences boron’s valence in the same
manner as described in the previous section. It is suspected that
considering atoms further down groups 16 and 17 will reveal
that boron’s valence deficiency exhibits an even greater
dependence on size effects through σ bond orbital overlap.

Comparison to Previous Models. The present work dem-
onstrates that boron’s valence deficiency accounts for the
electrophilicity of boron and ultimately determines its Lewis
acidity. The influence of p(π) f p(π) hyperconjugation on
Lewis acid reorganization energy18,47,48,51,52,59 was previously
assumed to be an intrinsic property of the acid, independent
from external Lewis bases. However, Drago and co-workers
have shown a weakness with this assumption and that reorga-
nization energies are a function of the coordinate covalent bond
strength.51 Furthermore, our results suggest that the p(π)f p(π)
hyperconjugation strength is not consistent with boron’s valence
deficiency. Consequently, our comparison to other models is
limited to that described by the lowest unoccupied molecular
orbital (LUMO).48,49,54,64,70

Figure 3. Boron’s valence deficiency (electrons) vs the average
substituent electronegativity. Only second period atoms and hydrogen
are considered.

Figure 4. Boron’s valence deficiency (electrons) vs a linear combina-
tion of average substituent electronegativities (E.N.) and atomic radii
sums (A.R.) of atoms coordinated to boron. Only third period atoms
and hydrogen are considered.

Figure 5. Natural hybrid orbital overlap yielding coordinate covalent
π-bonds between boron and X (X ) OH, F, SH, and Cl) within BH2X.
Sπ is the overlap integral corresponding to the natural hybrid orbitals
involved.
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It has been reported, utilizing ab initio electronic structure
theory, that BCl3 is a stronger Lewis acid than BF3 when
coordinated to NH3 due to BCl3’s lower energy LUMO.48,49,54,64,70

Thus, the relationship between boron halide LUMOs and its
acidity in terms of valence deficiency were reinvestigated in
this study. First, only BX3 (X ) H, F, Cl) Lewis acids are
considered to establish a direct comparison with previous
theoretical investigations, where only homogeneous Lewis acids
such as BF3 and BCl3 were analyzed.48,49,54,64,70 Indeed, a
moderately strong correlation (Figure 10, R2 ) 0.82) is found
between increasing boron valence deficiency (stronger Lewis
acidity) and higher energy LUMOs. The relative LUMOs
regarding BF3 and BCl3 are in accord with previous stu-
dies.48,49,54,64,70 To further probe the boron Lewis acid LUMO
and its consequence upon Lewis acidity, the systematic halogen
substituted Lewis acids, BH3-nFn-NH3, BH3-nCln-NH3, and
BCl3-nFn-NH3 (n ) 0-3) were analyzed. Upon analyzing all
nine boron halide Lewis acids, the correlation decreases from
R2 ) 0.82 to 0.42 (Figure 10) essentially eliminating the
correlation that was demonstrated when only BX3 Lewis acids

were considered. When the mixed halogen substituted Lewis
acids are considered, more subtle differences are revealed,
indicating that Lewis acidity is not a strict consequence of the
LUMO energy level.

It is common to gauge the strength of a Lewis acid from the
strength of the coordinate covalent bond formed with a common
base, as discussed in the Introduction. The binding enthalpies
of X3B-NH3 adducts (X ) H, F, Cl) vs the corresponding boron
valence deficiency supports previous results, where Lewis
acidity increases as BF3 < BCl3 < BH3 (Figure 11; R2 ) 0.91)
with (CH3)3P and (CH3)3As as Lewis bases;41 however, when
the systematically substituted halogen Lewis acids were analyzed
the correlation decreases from R2 ) 0.91 to 0.63 (Figure 11).
More subtle differences are revealed, similarly to that observed
for boron’s valence deficiency vs LUMO, supporting that adduct
stability is not a useful indicator of Lewis acidity, as discussed
previously and shown by Figure 1.

Figure 6. Natural hybrid orbital overlap yielding the σ between boron and X (X ) CH3, OH, F, SiH3, SH, and Cl) within BH2X. Sσ is the overlap
integral corresponding to the natural hybrid orbitals involved.

Figure 7. Boron’s valence deficiency (electrons) vs average substituent
electronegativity. Only group 14 atoms and hydrogen are considered.

Figure 8. Boron’s valence deficiency (electrons) vs a linear combina-
tion of average substituent electronegativities (E.N.) and sums of atomic
radii (A.R.) coordinated to boron. Only group 16 atoms and hydrogen
are considered. Boron’s valence deficiency vs electronegativity and vs
atomic radii are shown by Figures S9 and S10 (Supporting Information),
respectively.

Figure 9. Boron’s valence deficiency (electrons) vs a linear combina-
tion of average substituent electronegativities (E.N.) and sums of atomic
radii (A.R.) coordinated to boron. Only group 17 atoms and hydrogen
are considered. Boron’s valence deficiency vs electronegativity and vs
atomic radii are shown by Figures S11 and S12 (Supporting Informa-
tion), respectively.

Figure 10. Boron’s valence deficiency (electrons) vs the LUMO energy
level (hartrees). Energy levels refer to Hartree-Fock orbitals. The black
trend line indicates that all boron halide Lewis acids are considered.
The blue trend line considers only BX3 homogeneous Lewis acids
(X ) H, F, Cl).
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Extension to Aluminum Halides. A similar conundrum
between predicted and observed Lewis acidities is found for
the aluminum halide series, where complications arise from
using coordinate covalent bond strengths as an acidity index,
insufficient levels of theory, and different Lewis bases.16,60,110-117

It was initially predicted, utilizing MP2/PDZ, that AlF3 had a
stronger fluoride affinity than AlCl3.16 However, experimental
evaluation in conjunction with additional theoretical work
revealed that AlCl3 had a larger affinity for fluoride than
AlF3.111,114 Furthermore, MP2/II+//MP2/II predicts that AlCl3

forms a stronger coordinate covalent bond with NH3 than with
AlF3.110 However, when NH3 is exchanged with CO or H2O,
reverse trends are predicted by MP2/II+//MP2/II,110 MP2/
VTZ+D+P,60 and MP2/6-31G(d,p)115 calculations. Furthermore,
inappropriate levels of theory obscure clear conclusions. For
example, coordinate covalent bond strengths between AlX3 (X
) F, Cl, Br, and I) and NH3 predicted by B3LYP in conjunction
with effective core potentials were reported to decrease as the
halogen size increased.113 In contrast, AlBr3

116 forms a stronger
bond with NH3 than with AlCl3

117 according to experimental
bond dissociation energies, and AlCl3 forms a stronger bond
than found for AlF3, according to MP2/II+//MP2/II predicted
results.110 Interestingly, a quantitative Lewis acid scale regarding
AlX3 (X ) F, Cl, Br, and I) was attempted by comparing
electron pair affinities.118 It was reported that AlX3 Lewis
acidities increase as the halogen size increases. Although the
external effects of the Lewis base were eliminated, the
reorganization energy demonstrated by the Lewis acid remains
as a contaminant in describing the innate ability of a Lewis
acid to capture electron density.

Extension of our ideas on boron Lewis acidity indicates that
both substituent atomic size and electronegativity regulate
aluminum halide Lewis acidity through modifications of its
valence. For example, fluorine possesses a larger electronega-
tivity compared to other halides, thus creating a more electro-
philic aluminum center and a stronger Lewis acid. In addition,
fluorine possesses a smaller atomic radius, yielding a smaller
Sσ by 0.02, decreasing the electron population available to
boron’s valence, increasing its deficiency and thus its Lewis
acidity. NBO results support this prediction, where the aluminum
valence deficiency for AlF3 is greater than that predicted for
AlCl3 by 0.77 electrons. It is also of interest to predict Lewis
acidities by exchanging the group 13 atom rather than the
substituent. The intrinsic Lewis acidity of YX3 (Y ) group 13
atom) should increase upon moving down group 13 due to
electronegativity differences between the group 13 atom and
the halide. For example, the electronegativity difference between
aluminum and fluorine (∆ ) 2.37) is greater than that between
boron and fluorine (∆ ) 1.94). Therefore, the valence deficiency
and ultimately the Lewis acidity of aluminum halides should

be greater than that exhibited by boron halides. A NBO analysis
of AlF3 and BF3 supports this prediction, where the valence
deficiency on aluminum and boron is 2.43 and 1.64 electrons,
respectively. Preliminary data suggest that size is not important
when comparing the acidity of group 13 substituted Lewis acids.
For example, Sσ is greater between boron and fluorine than
predicted for aluminum and fluorine by only 0.06. This may be
an indication that the large electronegativity difference found
between aluminum and fluorine dominates over size differences.
Electron density is more localized on fluorine when coordinated
to aluminum than when coordinated to boron and therefore
overlap with aluminum is decreased. Aluminum halide Lewis
acids follow the same periodic trends as boron halides, further
illustrating that valence deficiency is an apparent index of Lewis
acidity that may be rationalized utilizing first principle ideas
such as substituent atomic radii and electronegativity.

Conclusion

Two main points are realized in describing Lewis acidity from
a systematic analysis of 21 isolated boron Lewis acids. First,
coordinate covalent bond strengths are not an adequate measure
of Lewis acidity. Rather, Lewis acidity should be gauged by
determining boron’s valence deficiency, or its ability to accept
an electron-pair. Second, Lewis acidity may be rationalized by
the same principles that regulate Brønsted-Lowry acidity, but
by different contributions. Specifically, substituent electrone-
gativity explains boron Lewis acidity when second period atoms
are coordinated to boron, while an equal balance of substituent
electronegativity and atomic size are necessary when third period
atoms are considered. Furthermore, substituent electronegativity
explains group 14 substituted boron Lewis acidity, while an
equal balance of substituent electronegativity and atomic size
are necessary when group 16 and 17 substituents are considered.
Atomic size is found to influence intrinsic boron Lewis acidity,
through σ-bond overlap, independent of π-overlap. Specifically,
the overlap between the hybrid orbitals present on boron and
the substituents that form the σ bond are found to regulate Lewis
acidity. A larger overlap increases the electron population
available to boron’s valence, decreasing its deficiency and thus
its Lewis acidity. The present analysis delivers a fundamental
report on Lewis acidity, consistent with first principle periodic
trends, such as substituent electronegativity and atomic size,
which has the potential to realign our understanding and
prediction of Lewis acidities.
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