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The utility of electronegativity and the extended electronegativity function in describing the charge distribution

in simple coordination compounds of both the representative and transition metals has been explored. The
extended electronegativity function has been shown to yield excellent atomic charges and charging energies.
When applied to simple coordination compounds of the representative and transition elements, there is excellent
qualitative agreement between the atomic charges and charging energies with the range of chemical behaviors
of these compounds. In addition, the hydrolysis constants of these complexes have been used as probes to
assess the success of electronegativity and the electronegativity function in describing in a quantitative manner
the distribution of charge in these molecules as well as the energetics of hydrolysis of these compounds. For
these simple coordination compounds the absolute electronegativities and absolute hardnesses in conjunction
with the extended electronegativity function show considerable promise in their application to coordination
compounds.

Introduction tronegativity function to simple coordination compounds of the
. o representative and transition elements will be examined. Of

Although Pauling proposed the modern definition of elec- particular interest is the appropriateness of the extended elec-
tronegativity over 60 years addt is still the subject of active  gronegtivity function in coordination compounds of the repre-
investigatior—8 This is due in large part to its role as the gentative and transition elements. Among the questions that arise
property of an atom that determines the distribution of charge gre: what are the appropriate valence states for the metal ions,
in a molecule. In addition to the charge distribution in a \hat happens at discontinuities in the electronegativity, can the
molecule, electronegativity has been intimately tied to the extended electronegativity function handle metals exhibiting a
concept of chemical hardne$ss well as the energetics of  yariety of stable oxidation states, and what is the appropriate
charge transfer in molecul@3°Until relatively recently the use  jigand to metal bond order in the localized bonding model
of electronegativity had remained for the most part qualitative ytjlized by the extended electronegativity function?
and restricted to very simple molecules. This is no longer the

case. There has developed considerable interest in the quantital N€Ory o o
tive application of electronegativity to complex systems. Background. Pauling’s definition of electronegativity as the

There are a number of reports on the computation of atomic ability of an atom to attract electrons to itself in a bond suggests

. L - .. that the atom must in effect persist in some form in the molecule
charges based on a variety of electronegativity equalization X : ,
o and that a charge is associated with that atéri. Furthermore,
procedure§8 These have most frequently been formulated

o . ) the formulation of electronegativity by Mullikéh and its
within the density functional model and have been successfully =~ X .

. . refinement by Ickowski and Margra¥®e described electro-

used to determine atomic charges for such large molecules as

peptides and zeolite model compounds. The extended elec-negatlvIty as relating an atom'’s energy to its charge, eq 1.

tronegativity function is a formulation that derives from the 9E.
LCAO-MO approximation and the expression for the expecta- 2i(Q) = a—' =a + bg 1)
tion value for the electronic energy of molecules. The extended G

electronegativity function has yielded, in addition to excellent
atomic charges, estimates of the energies involved in charge
transfer processes in molecules. Among the strengths of the
extended electronegativity function is its faithfulness to Pauling’s
original vision. This formulation requires only the valence state
electronegativities of the atoms and the bond structure of the
molecule. It is very intuitive, and computations are simple,
requiring only a hand calculator.

In its application to simple compounds of the representative 1, -
elements the extended electronegativity function has been very Ei(a) = aq + zbiqi 2)
successful. Despite the continued interest in electronegativity,
little work has been done on its role in the chemistry of the Ickowski-Margrave formulation not only identifies the atom
coordination compounds, a topic that also includes metal ions in a molecule and its charge but also describes the relationship
in solution. This is evidenced by the relatively few citations of between that atomic charge and the atom’s electronic energy.
Hinze and Jaffe’s compilation of transition metal electronega- It has been pointed out that the Ickowshilargrave elec-
tivities.11 In this report the application of the extended elec- tronegativities are those of isolated atoms and are thus not
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This in a sense defines and describes both the atom in a molecule
and its charge. In addition the work of Klopnidihas provided

an interpretation of the empirical constaatandb (the absolute
electronegativity and absolute hardness, respectively) in terms
of the Coulombic interactions present in these atoms. Because
eq 1 derives from the empirical expression for the energy of an
atom, which is quadratic in the atom’s charge, eq 2,
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entirely satisfactory for atoms in molecufe¥. However,
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and the summations are over the valence orbitals. The valence

examination of the common expression for the electronic energy orbitals on each atom are chosen to be ideniitalhe

of molecules (eq 3) has revealed that the Ickowd®kargrave
electronegativity function (eq 1) can be derived from the
molecule’s electronic energy expressign.

N A N A A
= Z zcka2| a + 1/22 z chazckbz(‘]ab - Kab)éab +
a a =

N A A

1/222;Ckackaab(1 - 6ab) + HES (3)

E

Herel, and (i, — Kap) are the electrorcore and electron
electron interaction energies, respectively, aaglequals zero
unlessa andb are on the same atorHES are the through-space
electrostatic interaction energies, and are molecular orbital
coefficients. Thek summation is over the occupied molecular
orbitals, anch andb are the orbitals of the basis set. Kloprhan
and Ree# have shown that the absolute electronegativity and
absolute hardness are related to these terms by
—a =1,+bN% .
b= (1—-1/Q)(J — Ky “

where Q; is the number of valence orbitals on atonirhese
are taken to be identical. However, the influenceHaf, the
resonance integrals,

Hao= [ @apy, dr (5)

is not considered in the IckowskMargrave electronegativity
function1® Here ¢, and ¢, are atomic orbitals on different

connectivity potentials may be interpreted as the potentials for
the attraction of electron density into the bonding regions of
the molecule.

In the application of the extended electronegativity function
there is one connectivity potential for each two-centered Bénd.
In this very simple description a bond requires two electrons
and two orbitals, one from each atom. For many coordination
compounds, however, there are too few accessible metal and
ligand orbitals for this to be possible. It is most often the case
that it is the acceptor atom that contributes too few atomic
orbitals. As a resulPy,, cannot approximate the occupancy of
a two-centered two-electron bond, but rather some fractign,
thereof. Equation 8 should thus be recast as

1
CieCioHan = Efab[ PraHat/Sib — G Har/Sip — Go Hat/Sue]
(10)
If No is the number of valence orbitals being utilized axd

the number of electrons available to foi¥g pairwise bonding
interactions, theffy, is

(11)

For example in the case of an aqueous sodium ion there are six
ligand—metal interactions, 12 electrons (two from each ligand),
and 10 orbitals (four from the metal and six from the ligands).
Thusf equals two-thirds. The expression for the connectivity
potential now becomes

atoms. In order that the influence of the resonance integrals (and

hence bonding) might be considered in a more complete
electronegativity function, eq 3 was examined, and the extended

electronegativity function was formulated:

xi(@) =a tr+ %biQi (6)
This electronegativity function includes the connectivity po-
tential, r;, which reflects the effects of bond formation on the
electronegativity of atom It is described in more detail in the
next section. A detailed derivation of the extended electro-
negativity function may be found in ref 13.

Fractional Bond Order. In the process of incorporating the
bonding interactions into the extended electronegativity function,
the integral

Prab= f [Capa + o) df (7)

was introduced. This integral may be approximately interpreted
as the occupancy of a localized bonding molecular orbital.
Multiplying through byHa, and rearranging yields

1
Ckackaab = E[ PkabHab/Sab - CkazHak/Sab - CkazHa!JSab] (8)
The Hay/Sw (ran) term is the connectivity potential between
orbitalsa andb,® and

1 Q 1 Q HIJ
r, =—Zr” =—¥—
Q5 Q5 Sj

where Q; is the number of orbitals being utilized by atam

©)

12 12 fiH;

n=—)fin==—) — (12)

Qilz e QT §
which now allows for fractional bond orders.

Valence and Core Electronegtivities.The absolute elec-
tronegativity and absolute hardness of orbitals are independent
of the atom’s charge. They are, however, dependent on the
nature of the atomic orbital$.When the increment of charge
transferred is sufficiently large, a discontinuity in the electro-
negativity function is encountered as charge is transferred. This
occurs at the point where all of the valence electrons are
removed, and any additional charge must be removed from core
orbitals. At this point the valence orbital electronegativities
(xv@'enc§ must be replaced with core orbital electronegativities
(x°9. This situation arises when the ligand and metal valence
orbital electronegativities have not yet equalized, even when
all of the valence electrons have been transferred from the
metal’s valence shell.

According to the Sanderson princigféf the electronegativity
of the ligand {.) is greater than the electronegativity of the
metal {m), electron density transfers to the ligand, and when
xm > xL, electron density transfers to the metal. In addition,
whereasyy o€ is virtually always greater thagp, ym'@enceis
less thary, and increases as the charge on the metal increases.
Let qu° be an atomic charge for which an atomic chagge +
dq involves core orbitals angy® — dg involves valence orbitals.
Consider the case whegg ¢ is greater thary,. and yvaence
is less thary, for the chargeyv®. Thus when the metal’s atomic
charge iggu® + dg, electron density transfers to the metal, but
when it isqu® — dg, electron density transfers to the ligand. In
either instance as charge is transferragfiadproachs zero and
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TABLE 1: Absolute Elelctronegativities and Absolute Hardnesses of Selected Elements and in Selected Valence States

absolute absolute absolute absolute
element electronegativity hardness element electronegativity hardness
Li (sp®) 2.31 3.38 In (s 5.09 6.02
Na (sp) 1.87 3.38 Cr(sh 21.25 —29.32
K (sp®) 2.04 2.21 Mn (sf) 30.17 —36.11
Rb (sp) 2.19 1.61 Fe (s 26.55 10.53
Be (sp) 3.84 6.67 Co (s 9.54 2.89
Mg (sp) 3.30 5.96 Zn (sp 3.77 5.32
Ca (sp) 2.56 4.36 Cr (&p’) 22.30 —26.46
Sr (sp) 4.38 4.13 Mn (8sp’) 30.57 —28.47
B (sp’) 5.99 8.90 Fe (&p) 29.43 19.30
Al (sp®) 5.37 5.59 Co (&p) 12.27 3.82
Ga (sp) 6.62 5.20

aThe values in parentheses are the hybridizations of the acceptor aata taken from refs 2423,

the charge appoacheg®. The net result is that in such cases global connectivity potential, and global absolute hardnesss,
electron transfer ceases only when the metal atomic chargerespectively. These are derived from the corresponding atomic
becomes equal tgu°, which is the charge at the discontinuity  electronegativity constants using the following formulas.
in the electronegativity function.
Charging Energy. The change in charging energy is yet A
another way of partitioning the change in energy for a physical ar = Z(ai/bi)b* (16a)
or chemical processilts existence is implicit in the Ickowski :
Margrave electronegativity formulation. In words, the charging A
energy of an aton£S, is the energy required to charge an atom r* = Z(ri/bi)b* (16b)
in a molecule, and the change in charging energy;, is the T
energy required to alter its charge. The change in charging A
energy is of interest, because it is a major component of the b* = [Z(llbi)]_l (16c)
energetics of many processes. The charging energy for a -
molecule is the sum of the charging energies of its atoms. Thus
the change in charging energy for the molecule is Upon the equalization of the electronegativities, eq 6 may
be rearranged to allow for the determination of atomic charges.

A A
C _ C __ aif
ABT=DAB =) Jo 2(@) dg, (13) v —a-
G=—p (17)
wherey(q;) are the Ickowski-Margrave electronegativities, the !
summations are over all of the atoms in the molecule, and the .
; . . . Computations
integrations are over the change in the atomic charge of each
atom. Equation 2 yields very reasonable estimatég@j. Thus The absolute electronegativities and absolute hardnesses of
the integration yields the representative elements and some of the transition metals
have been determined for most common hybridizatidRs.23
AECi = (aqg + 1/23iqi2)|q,iqif (14a) These may be found in Table 1 for the elements of interest in

this report. Where $phybridizations are not reported, the
A A i procedure reported by Bratsch was used to estimate #hém.
AEC= ZAECi = Z(aiqi + (l/2)biqi2)|qliQf (14b) this procedure the"dp™ absolute electronegativity and absolute
[ [ hardness are weighted averages of those for the s, p, and d

) . . . orbitals. The sphybrid valence state is taken to be a reasonable
Thus the charging energies and change in charging energy canynnroximation for an atom having four equivalent acceptor

be evaluated from only a knowledge of the molecule’s bonding qrpitals but utilizing no d orbitals. For the cases in which the
and using the absolute electronegativities, absolute hardnesses,qordination number of the acceptor is six, and there are only
and atomic charges of the atoms in the molecule. four available acceptor orbitals, a value of 2/3 is assignefd to
_ Electronegativity Equalization. The extended electronega-  (gq 11), and for cases in which the coordination number is eight,
tivity function (eq 6) arises naturally from eq 3 using the 5 set equal to 1/2. In all other caskis set equal to 1.
Ickowski—Margrave electronegativity formulation, eq 1. How-  Thg coordination numbers for the aquo ions have been taken
ever, the Sanderson electronegativity equalization principle from Martell and Hancock4
requires that the el_ez((;)tror}egatlvmes of the atomequalize in Equation 12 suggests that in order to evaluate the connectivity
a stable r'noleculé‘? % This occurs naturally in eq 3 when the  otential both the overlap and resonance integrals must be
molecule’s energy is minimized, and the electronege}tlwtlaes of evaluated. However, if the resonance integral is evaluated using
the atoms become equal to the global electronegatiyity; the Wolfsberg-Helmholtz approximatio?t and the absolute
This global electronegativity is itself a function of the molecule’s electronegativitiesa, and a, are set equal to thel; and H;
charge Z. integralst3 respectively, the evaluation of the connectivity
potential is very much simplified.

H

_Hy _kHi HH)S k@ +a)
wherea*, r*, and b* are the global absolute electronegativity, ! Sj 231 2

y*=at 3t + bz (15)

(18)
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TABLE 2: Atomic Charges and Charging Energies for Selected Coordination Compounds, Computed Using Eqs 14 andal7

Qu OHz0 Ox OH AES(H,0)?
Na(H:0)6" 1.00 0.00 0.263 0.00
Be(H0)2* 0.901 0.274 0.322 0.883
Be(H,0);0H" 0.812 0.151(HO) —0.260(0H) 0.276 0.681
Sr(H:0)g?+ 1.49 0.064 0.267 0.030
Cr(H0)e®" 0.149 0.474 0.355 0.740
Cr(H0)(OH)2* 0.166 0.382 —0.076(0H) 0.321 0.433
Cr(NHs)o(H,0)%* 0.227 0.325 0.490(N3) 0.300(0) 0.012
Cr(NHa)s(OH)2* 0.240 —0.155 (OH) 0.382(Nh) 0.273

aCharging energies are for the dissociation of an aquo ligand. The changes in charging energies are in electronvolts.

wherek is an empirical constank(= 1.75)81325As a result, isolated atom, the same should be significantly true of atoms
the connectivity potentials may be computed from the absolute in molecules, and the atomic charges should be suitable for use
electronegativities of the atoms. The global electronegativities, in these functions. The success of the extended electronegativity
the global hardnesses, and the local and global connectivity function in yielding such charges has been examined in detail
potentials were computed using the absolute electronegativitiesand is described in a previous communictfon.

and absolute hardnesses of the constituent atoms and eq 16. Although the aquo complexes of the representative elements
The atomic charges were computed using eq 17, and theare by far the most abundant, the coordination compounds of
charging energy was computed using eq 14. The detailedthe first transition series are in many ways the most interesting
procedures for computing the global electronegativities and and important of the coordination compounds. Yet compara-

hardnesses and the connectivity potentials (egs 9) have beenively little work has been done on the role of electronegativity

discussed in detail elsewher@®2" _ in the chemistry of representative and transition metal coordina-
The ground state electronegativities for the core orbitals may tion compounds. Hinze and Jaffe have determined the absolute
be determined from the atom’s ionization energfeS,if the electronegativities and absolute hardnesses of several metals of

neutral atom is taken to be the state of zero energy. If a plot of the first transition serie¥, but there have been comparatively
energy versus charge for the®, np®, andnp? configurationsis  few reports of their utilization. The absolute electronegativities
quadratic (eq 2), the absolute electronegativity and absoluteand absolute hardnesses of several of the transition metals are
hardness (eq 1) may be obtained from the least-squares fit totabulated in Table 1. Compared to the corresponding properties

the points of the plot. of the representative elements, the electronegativites are gener-
] ) ally very high, exceeding even those of the reactive nonmetals.
Results and Discussion In addition, chromium and manganese exhibit negative absolute

Although the concepts of electronegativity and chemical hardnesses. The significance of _negative hardnesses merits
hardness have been much utilized by coordination chemists, thefurther study, because the negative absolute hardnesses are
absolute electronegativities and absolute hardnesses themselvedifficult to reconcile with Klopman's identification of hardness
have been little utilized. The application of electronegativity to With the electror-electron interaction enerdy. The simple
coordination compounds presents several new challenges coordination compounds of the representative elements and first
Among these are the presence in the valence shell of partiallytransition series have been examined in this report.
filled d orbitals, the assignment of unambiguous valence states, Ligand Binding and Atomic Charges. The computed atomic
multiple oxidation states, so-pz bonding, noninteger bond  charges for a number of representative coordination compounds
order, and nonlocalized bonding. This investigation is concerned may be found in Table 2. The least electronegative elements
with exploring the suitability of the absolute electronegativity, are found in group 1 and are represented by sodium. Although
absolute hardness, and the extended electronegativity functiora coordination compound forms as the result of the binding of
for application to coordination compounds. the ligands to metal ions, in the utilization of the extended

Pauling’s definition of electronegativity ties it intimately to ~ €lectronegativity function the metal atom is not assigned a
the charge of the atoms in a molectilend Ickowski and charge prior to atomic charge computation. The charge carried
Margrave’s formulation ties it to the energies of these atéfns. by the metal atom arises from the equalization of the electro-
Although atomic charges are obtainable via a variety of negativities of the atoms. Because of the very low electro-
molecular orbital and density functional techniques, there is very negativity of some metals, they do not achieve electronegativity
poor agreement between charges determined by these differenequalization prior to losing all of their valence electrons. In
methods, and many times they are at odds with the known Figure 1 the electronegativity of a sodium atom is plotted against
chemical and physical properties of substances. Yet in a realits charge. As the charge approaches unity, the electronegativity
sense all of these atomic charges are valid. That is, all of theseapproaches 5.25, which is still less than that of the ligapds (
methodologies partition the molecular charge in accordance with = 9.271). Hence electron density continues to be transferred to
specified criteria. the ligands even up to unit charge. There is, however, a

In that the concept of an atomic charge presupposes thediscontinuity in the metal electronegativity and a change in the
persistence of atoms in molecules, the atomic charge shouldabsolute hardness at unit charge. The electronegativity of the p
correspond to the charge on such atoms. This too is a criterioncore orbitals is 27.32, and those of the other core states are
for an atomic charge, and it is more intuitive than others that even highet® Thus at metal charges greater than unity the
have been proposed. For example, one should be able to treaglectronegativity of core orbitals exceeds that of the ligands,
the through-space electrostatic interaction of a molecule with and the ligand transfers charge to the metal. The net result is
an external charge as the Coulombic interaction of the atomic that charge transfer ceases at unit charge.
charge located at the nucleus of each atom with the external Because there is a discontinuity in the group 1 electronega-
charge. Since such properties as the valence and the cordivity functions at unit atomic charge, the procedure for the
electronic energies of atoms are functions of the charge on ancomputation of the global electronegativity must be modified.
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covalent character. In a mixed ligand complex such as Cg[NH
(H>0)3* the ammines each donate 0.490 unit of charge, but the
b aquo ligand donates only 0.325 unit. This suggests that the
ammine-metal bond is more covalent than the agumetal

X bond, which is consistent with the chemistries of these ligands.

During a heterolytic dissociation of a ligand the electron
density that is donated to the metal to form the coordinate bond
must be transferred back to the ligand, and the reverse of this
process occurs upon ligand association. There is associated with
this back transfer of charge a change in charging energy,
AECS(L), which constitutes part of the energetics of ligand
L ] I exchange and substitution. Below, a general substitution reaction
00 1.0 20 30 40 has been partitioned into steps that illustrate the role of the

ATOMIC CHARGE Charging energy.

50

Figure 1. Plot of the of the 3spvalence orbital and 2p core orbital
electronegativity of a sodium atom against its charge. . )
[M(H 20)5(n q) _ L(q )]n+m_, [M(H 20)5(n) _ L(m)]”“n

Although f tational h of th dinati .
ough for computational purposes each of these coordination AES(dissoc) (20a)

compounds has been treated as if it were a group of neutral

atoms that form a molecule, and the charge is assigned to the [M(H ,0) m _ L(m)]n+m_, M(H,O) ntm (20b)
whole molecule, an alternative, but mathematically equivalent, =5 2=5
treatment is to consider the coordination compound as formed M(H,0)."" + H,0 — [M(H 20)5(n) — H,09™ (20c)

form a combination of a metal ion and associated ligands. In

this case the charge is assigned to the metal. According to thejm(H ,0)."” — H,0®]™ — [M(H ,0)," ¥ — H,0¥"™"
Sanderson principle, the electronegativity of the metal jgn | c

and the ligand atoms(* and ) must themselves be equal —AE~(assoc) (20d)

and also equal to the global electronegativity. Therefore . . .
In step 20a a ligand having a charge gfacquires electron

. L _ 1 density from the metal until it acquires the free ligand charge,
e e Tl Ml 2rL* +b*7 (19) m. Step 20d depicts the reverse of step 20a for the incoming
water molecule.

where L represents the metal’s ligands, @t r.*, and b.* The change in charging energy for the step preceding ligand
are the global electronegativity constants for the ligands. The yisqociation (2a) makes a major contribution to the activation

electronegativities of individual ligands gre. HereZ, isused ooy for the reaction. These and selected atomic charges for
rather tharg, pecause with no charge transfer between the.metal a number of aquo ions may be found in Table 2. In the case of
ion and the ligands, the charge is the sum of the free ligand yhe group 1 metal ions where the ligands donate no electron
charges rather than a partial charge. Thus the global electro-yg ity to the metal, the change in charging energy contributes
negativity used in computing the atomic charges for such \qihing to the kinetic barrier, and such complexes are cor-
goordination compouns is the global electronegativity of the respondingly labile. On the other hand, an aquo ligand on the
ligands. ) . beryllium(2+) ion must acquire 0.274 unit of charge prior to
One result is that the atoms of the aquo ligands of group 1 gissociation, which requires 0.883 eV in charging energy. The
metals have the same computed atomic charges as those of a§ gg3 e\ contribution to the barrier actually derives from two

isolated Wate.r molecule. Thus since the metal ion accept§ NOsources. The process of decreasing the ligand charge from
electron density from the ligands, the bonding may be described 5 574 1 0.0 actually releases 2.390 eVEE for H,0), but

by the electrostatic interaction of the ligand atoms’ atomic 3 573 ey s required to distribute this charge over the rest of
charges and that of the metal ion. It has been shown that thesgy,q ion (AEC for Be(H,0):2"). In Cr(NHq)s(H-0)** there is a

simple electrostatic intera_ctioni account ior—&@% of trle considerably greater contribution to the barrier for the ammine
interaction energy for the Li(kD)s", Na(HO)s", and K(HO)e ligands than for the aquo ligands, which is a result consistent

ions? _ with the ground state substitution chemistry of these ligands,
The groungr mgtals are repres?nted in Table 2 by Bef* where the aquo ligand is more substitution labile. On the other

and Sr(HO)s*". Since the metals’ atom charges do not exceed pang for the Cr(NH)s(OH)?* ion the hydroxyl ligand donates

2+, the discontinuity (agu = +2) in the electronegativity ¢ g45 ynit of charge compared to 0.382 unit of charge for the

function is not a problem. In Be(®),*" the atomic charge on 5 mines. This would result in a very large barrier to hydroxyl
each ligand is 0.274, which is consistent with the moderate level ligand substitution, which is also born out by experiment. In

of covalent character E)gpected for ligand binding to this metal ¢ ca5e of the hexaaquochromium(lll) ion the loss of a proton
ion. In the Be(HO);OH™ ion the hydroxo ligand donates 0.740  ¢q,ces the charge on the remaining aquo ligands by 0.153 unit,
unit of charge, which makes its bonding very covalent, and the \,icp, is consistent with the much greater rate of substitution
aquo ligand now donates only 0.151 unit, which is a significant on the later ior®
: " .
ﬁgﬁ:jeﬁlsgrl(nljgj)zgizgeaga?Fl)iggenciitt(: a%gz‘:s .o(r?l?/ E)hgsgltgirnit Both the change in charging energy for the step preceding
) dissociation (2a) and for the step following ligand association

of charge. Such a low level of covalence makes the metal - -
X . . S (2d) contribute to the overall energy change for the reaction.
ligand interaction very similar to the group 1 metals. As would . . .

The change in charging energy for the reaction

be expected, all of the transition metal complexes have
considerable covalent character in their metajand bonding. m - _
For example in the Cr(4D)s3* ion the ligands each donate 0.474 ~ M(H,0)sCH;CO," + H,O == M(H,0); "~ + CH;CO,

unit of charge to the metal, which indicates a great deal of (22)
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TABLE 3: Charging Energies and Acid Dissociation Constants for Selected Coordination Compounds, Computed Using Eq 14

molecule E3((H20)sM—L) E3((H20)sM) E¥(react.) logk®

Li(H20)sCHsCO (sp’) —12.546 —3.70 —0.402 0.26

Na(H,0)sCH:CO.° (sp’) —13.299 —4.45 —0.399 —0.18

Be(H:0)sCH3:CO:" (sp’) 2.263 12.435 0.924 1.62
Mg(H20)sCHsCO;" (sp’) —0.322 9.548 0.627 0.51
Ca(H0)sCHsCO," (sp’) —2.380 7.213 0.345 0.53
Sr(H0),CH;CO," (sp’) —4.523 4.803 0.078 0.43
Cr(H20)sCH;CO," (d?sp’) 3.837 13.922 0.837 1.25
In(H20)sCHsCO2" (sp’) 10.984 21.716 1.484 3.50
Cr(H20)sCHsCO2" (d?sp’) 13.756 24.833 1.829 4.63
Mn(H20)sCHsCO," (d’sp’) 7.533 17.341 0.560 0.80
Fe(H0)sCH3:CO," (d?sp’) —4.671 5.977 1.40 1.40
Fe(H:0)sCH3CO2" (d?sp?) 6.174 17.946 2.524 3.38
Co(H0)sCH3CO,* (d?sp’) 2971 13.223 1.004 11

aThe valence states for the electronegativities of the metals are indicated in the parentheses. The change in charging energy is for the reaction
depicted in eq 21. The charging energies for;C8,~ and HO are—10.083 and-0.835 eV, respectively. The charging energies are in electronvolts
b The data were taken from ref 28.

has been tabulated in Table 3 along with the logarithms of the
stability constants (the reverse of eq 21). The atomic charges °
of both lithium and sodium are unity. The result is that the
change in charging energy for these metals is zero. The stability gk °
constants and changes in charging energies have been plotted 3}
in Figure 2 for a series of representative and transition metal
ions. There in fact does appear to be a good correlation between 2|
the change in charging energy and the change in free energy o .
for these reactions. This would suggest that charging energy is ' »
a major component of the free energy and that charging energies e q°
and atomic charges generated by the extended electronegativity . 1 2 3
function are consistent with the proposed intuitive atomic Charging Energy

charges. . . .
- . Figure 2. Plot of the charging energy versus the logarithms of the
Bronsted Acidity. It has been demonstrated that the atomic  gapijity constants for the formation of the monoacetato complexes of

charge of a hydrogen atom qualitatively correlates with the a number of aqueous metal ions (representative elen@read ®,
acidity of that hydrogen in a large variety of molecules and transition element®).

that it yields excellent semiquantitative correlations with the

acidity of hydrogens in groups of similar moleculég?-20In Beryllium ions, as do other ions of groups 2 and 13, have a
aqueous solution molecules less acidic than water will not complex aqueous chemistry, forming many complex species in
behave as Bronsted acids, and any solute having an aciditysolution. Among them are polymeric species such as

greater than hydronium ion will be “completely” dissociated.

By extension a solute molecule hydrogen having an atomic

2-
charge less than 0.263, which is the hydrogen atomic charge in HO\ 8\ OH
water, is expected to be nonacidic in water, whereas one having b b
VA \NV 4
HO g A OH

an atomic charge greater than 0.426 (hydrogen atomic charge
in hydronium ion) is expected to be strongly acidic in water.
Thus the computed hydrogen atomic charges might be expected
to correlate with the Bronsted acidity of metal aguo complexes,
and the extent of hydrolysis of the aqueous cations should reflect

1€ EALC > ) Much of the speciation in aqueous solution can be understood
the distribution of charge in the aqueous ion.

in part as the result of the charge redistribution resulting from
the loss of a proton by the aqueous metal ion to form Be&{kt

H,0 + M(H,0)"" = M(H,0);OH" * + H;0" OH*. In this case upon dissociation of the hydrogen, electron
[H30+][M(H ZO)SOH”’l] densﬁy is tra_msf_erred onto thg oxygen, making it less electrc_)-

A= vy (22) negative, which in turn causes it to transfer more e!ectron density

[M(H,0)s '] to the metal. Upon becoming less electronegative, the metal

causes the charge carried by the remaining aquo ligands to

All of the group 1 hexaaquo metal ions have hydrogen atomic decrease from 0.274 to 0.150, which decreases the change in
charges of 0.263, which are identical to those of the solvent charging energy required for substitution and makes them much
molecules. Their hydrogens are thus predicted to be nonacidic,more labile toward substitution. The hydroxo ligand charge is
which, of course, is the case. All of the group 2 metals are more —0.260 and is thus very resistant to substitution. In addition,
electronegative and harder than the group 1 metals. As a resultthe atomic charge carried by the hydroxyl oxygen-i8.536,
their ions exhibit a range of behaviors in aqueous solution. which is now greater than that on the oxygen in watgrd =
Whereas beryllium is extensively hydrolyzed in water, strontium —0.526). This would be expected to give it a base strength
has very low Bronsted acidity (Table 4). This is consistent with greater than that of watérand thus favor substitution to yield
the 0.322 hydrogen atomic charge for the aquo complex of the bridging hydroxyl structures such as those occurring in the
beryllium and the 0.267 hydrogen atomic charge in the aquo polymer. All of the group 13 aqueous ions exhibit some degree
complex of strontium. of Bronsted acidity. The hydrogen atomic charge in BOj®"
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TABLE 4: Atomic Charge, Charging Energy, and Acid Dissociation Constants for Selected Coordination Compounds,
Computed Using Egs 14 and 19

molecule gHP qu® AEC(H)e AG°E pKd
Li(H 20" (sp) 0.263 1.00 1.814 0.8147 13.82
Na(H.0)s* (sp) 0.263 1.00 1.814 0.8536 14.48
K(H-0)6* (sp) 0.263 1.00 1.814
Rb(H.0)s* (sP) 0.263 1.00 1.814
Be(H:0)" (sp) 0.322 0.901 0.598 0.3832 6.50
Mg(H:0)6*" (sp) 0.297 1.01 0.969 0.6732 11.42
Ca(tO)s?* (spd) 0.273 1.40 1.275 0.7487 12.70
Sr(H0)e?" (spP) 0.267 1.49 1.378 0.7770 13.18
B(H20):" (sp) 0.429 0.694 —0.544
Al(H-0)&* (sp) 0.356 0.998 0.269 0.3030 5.14
Ga(hO)* (sp) 0.357 0.943 0.189 0.2004 3.40
In(H20)®* (Sp) 0.359 0.960 0.266 0.2182 3.70
Cr(H:0)6* (d?sp) 0.355 0.149 -0.293 0.2364 4.01
Mn(H,0)¢?" (d?sp) 0.263 0.344 0.399 0.1655 11.70
Fe(HO)e" (d?sp) 0.314 —0.440 —0.487 0.5954 10.1
Fe(HO)" (d?sp) 0.374 —0.400 —0.994 0.1291 2.19
Co(H0)2* (dPsp) 0.308 0.284 0.370 0.5660 9.6
Cr(NHs)sH,0% (d%sp) 0.300(0) 0.174(N) 0.227 0.722 0.3124 5.3
COo(NHy)sH,0%" (dPsp?) 0.330(0) 0.204(N) 0.005 0.382 0.3891 6.6
Co(NHs)a(H20)3* (dPsp)e 0.335(0) 0.208(N) 0.091 0.248 0.3537 6.0

aThe valence states for the electronegativities of the metals are indicated in parentheses. The change in charging energy is for the reaction
depicted in eq 22. The charging energies are in electronVdiata taken from refs 11 and 223. ¢ The energies are in electronvoltData taken
from refs 30 and 31¢ The aquo ligands are trans.

(gu = +0.429) predicts that it should be strongly acidic, which 15
is consistent with the absence of this ion in aqueous solution.

The remaining group 13 ions have intermediate hydrogen atom

atomic charges, which is consistent with their rich aqueous

chemistry, which includes speciation similar to that of the Be- or
(H20)42" ion.

Consistent with the hydrogen atom atomic charges of the aquo
ligands, all of the transition metal ions exhibit some degree of
Bronsted acidity. Although all of the transition metals form aquo
ions with well-defined stoichiometries and geometries, the
absolute electronegativities and absolute hardnesses are available
for only a limited number of them. Hinze and Jaffe have
provided the valence state ionization energies and electron 03 0.4
affinities for scandium through cobalt, but for only chromium Atomic Charge
through cobalt are they reported for thisf valence staté* It Figure 3. Plot of the fK,'s of aqueous representativ@)(and transition
is interesting that the Cr(}®)s*" and Fe(HO)s*" ions, which (m) metal ions against the hydrogen atom atomic charggs The
have a rich and complex aqueous chemistry, also have largeupper line is generated using water and hydronium ion as reference
electronegativities and high hydrogen atom atomic charges.aCidSv and the lower line is the Ieast-sqL_Jares fit to all of the points
These large acidities and the concomitant changes in the®Xcept the Cr(NB)sH.0** and Mn(HO):*" ions.
remaining ligands upon proton dissociation seem to give rise
to extensive speciation similar to that found for group 2 and
group 13 ions. An unusual case is the #¥rion, which is
significantly acidic (K, = 11.70), but has a computed hydrogen
atom atomic charge that is essentially the same as that of water
This may be a result of its unusual hardness. Since ammine

ligand nitrogens are less electronegative than the oxygens in . : . S e
the aquo ligands, the aquo ligand hydrogens are more positivepIOttGd against the charglng energies _for the acid d_|ssoc_|at|on
’ of these ions (eq 23), there is in fact a linear correlation, Figure

than those of the ammines (Table 4). They are thus expected to
be more acidic than the ammine ligand hydrogens. This is the
case although the ©H bond energy is larger than the1¥{ _ _
bond energg. In addition, becausgeythe argmine ligands in Cr- [M(H ZO)SOH(” - H(q)]n+ — [M(H ZO)SOH(" Y- H(+)]n+
(NH3)s(H20)3" are better donorgygn, = 0.490) than the aquo AES(HY) (23)
ligands @n,0 = 0.325), the aquo ligand hydrogen is less positive
than those in the hexaaquo complex (GOH®T). They are The correlation coefficient is 0.969, the slope is 0.402, and the
thus expected to be less acidic (Table 3), and this is in fact the intercept is 0.169 eV. That the slope is less than 1 suggests
case, Table 4. that in addition to the charging energy there are other processes
To gain a deeper insight, the computed hydrogen atom atomicthat affect dissociation which are also dependent on or correlate
charges are plotted against the experimental acid dissociationwith charging energy. The nonzero intercept points to the
constants (asKy's, eq 22) for the representative elements in existence of contributions to the dissociation that are not
Figure 3. The plot shows a good linear correlation with a dependent or correlated with charging energy.

correlation coefficient of—0.987. That there should be a
correlation between the acid dissociation constant Kay gnd

the hydrogen atom atomic charge arises from the relationship
between the I, and the free energy\G,° (AG° = —RT In

Ky), and the near linear relationship (for smgjl) between
charging energy and atomic charge. When the free energies are
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Figure 4. Plot of charging energyef) of aqueous representative metal
ions against the free energy of acid dissociatiai).

The energetics of the acid dissociation may be partitioned as

depicted in Scheme 1. In it the reactants are first desolvated,

followed by a charge transfer to bring the dissociating hydrogen
to unit positive charge. The -©H bond then cleaves and the
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influence of not only the change in the charging energy but
also the change in the extent of hydrogen bonding which is
dependent on and correlates with the hydrogen atom atomic
charge.

The acid dissociation constants for these transition metal aquo
ions (Table 4) cover the full range spanned by the aquo ions of
the representative metals. When the hydrogen atom atomic
charges are plotted against thK s on the same plot as the
representative elements (Figure 3), the points appear to fall about
the same straight line. However, in this case the correlation
coefficient is only 0.955. As has been pointed out, the Mn-
(H20)6?t ion appears to be an anomaly. If it is not included in
the correlation, the correlation coefficient increases to 0.990,
which is actually better than that for the representative elements.

A change in ligation about a metal ion is known to have a
pronounced affect on its chemistry and on the chemistry of its
ligands. To examine this, a number of aquo ligands of
hexaaquocobalt and hexaaquochromium ions have been replaced
by ammine ligands. Whereas the cobalt(lll) complexes (Co-
(NH3)sH,O%" and Co(NH)4(H20)43") fall on the line generated
by the remaining ions, the mixed ligand chromium(lll) complex

products are solvated. The energy for the charge transfer stepCr(NH;)sH,0%") does not. It seems difficult to attribute this

is estimated as the charging energy.
On the basis of the partitioning in Scheme 1 the energy
change for the dissociation is

AE(acid dissociationy [—AE,(H,0) +
AEqoi(H5O0")] + [~AE([M(H0)d™) +
AEg(M(H,0);0OH)] + AE® + AE(O—H) (24)
The plot and a correlation coefficient of 0.969 would suggest
that to a reasonable approximation eq 23 should be linear in

AEE. If all of the remaining terms were independent of and did
not correlate withAES, a unit slope would be expected. This is

not the case. The terms within the first square brackets are

obviously independent of and do not correlate wAtii®. Their
contribution is to the intercept. Although independenid®,
AE(O—H) might have a very weak correlation withe®. The
terms within the second square brackets, on the other hand, ar
expected to have a quite significant correlation wkge. Of
the many contributions to the solvation energy, the change in
hydrogen bonding would be expected to contribute most
significantly to the energetics of acid dissociation. One might
expect in the case of the alkali metals the hydrogen bonding

anomalous behavior to inaccuracies in the electronegativities,
since the hexaaquochromium(lll) ion correlates very well. This
notwithstanding, if the two anomalous complexes are not
included, the correlation coefficient for all the complex ions in
Table 4 for which we havely's is 0.986, which is quite good.

For comparison purposes the line generated by the reference
molecules, which were wateg{ = 0.263 and [, = 15.75)
and hydronium iondy = 0.463 and K, = 0), is included in
the plot, Figure 2. The points in thg—pK, plot fall about a
line that is parallel and quite close to that generated by water
and hydronium ions as references. That the experimental
acidities of metal complexes are systematically greater than that
of the reference molecules results from a variety of factors. The
fact that the lines are parallel suggests that the influence of
charge and charge transfer is much the same in both the simple
reference molecules and the coordination compounds.

i Closing

An active interest in electronegativity persists despite ready
access to molecular orbital and density functional methologies,
in part because of its simplicity and intuitive nature. Among
the strengths of the extended electronegativity function are its

between the ligands and the solvent to be comparable to thesimplicity in application, its faithfulness to the intuitive nature

solvation of water. On the other hand in the case of very acidic
coordination compounds the hydrogen bonding is very much
stronger due to the high hydrogen atom atomic charge. This

of Pauling’s original electronegativity concept, and its ability
to provide semiquantitative information related to the distribution
of charge in molecules or ions. Furthermore, these charges are

being the case, the terms in the second set of square bracketsonsistent with the intuitive concept of atomic charges discussed

correlate negativity to thAE® and would contribute to diminish
the slope. Thus the correlation oKp and gy reflects the

SCHEME 1

H,O(ag) + [M(H,0)OH"*H)"aq)

l -AE(H0) + -AE( [M(H,0)s]™
H0(g) + [M(H,0);,OH*®-H]""(g)
| e

+

H,0(g)

previously® Previously, the potential utility of electronegativity
in its application to coordination compounds of both representa-

M(H,0),0H"'(aq) + H,0'(aq)

T AE(H,0") + 0 {M(H,0);0H)

M(H;0);0H"'(g) + H,0'(g)

T AE(C-H)

[M(H,0);0H""-H] ""(g)
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tive and transition elements had been little explored. In this
report the compounds that have been selected for comparison

have simple ligands in whichr ligand—metal bonding domi-

nates. The qualitative and quantitative correlations of the results
generated by the extended electronegativity function and experi-
ment are very encouraging. Furthermore, the importance of the
influence of atomic charge on hydrogen bonding has been
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