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Abstract: By using the same representation for a charge-transfer complex that Mulliken employs to interpret the electronic 
spectrum of these complexes, it is possible to obtain an expression for the energy of adduct formation. This equation can be 
simplified by introducing several substantiated approximations to generate an equation of the form of the empirical E and C 
equation (-AH = EAEB + CACB). This equation has been used to successfully correlate and predict enthalpies of adduct 
formation. In view of the approximations made, the derivation suggests that this equation will not be as successful with data 
for ionic acids and bases as it was with neutral ones. A new equation results from a more appropriate set of approximations 
for the ionic systems (-AH = [(Z)A - DB)2 + ( O A O B ) ] 1 / 2 . The enthalpy data available support the theoretical prediction 
that ionic acids and bases are more suitably treated with the D and O equation and neutral acids and bases with the E and C 
equation. Generalizations are presented which dictate selection of the appropriate equation. 

Previous reports from this laboratory have described an 
equation for correlating enthalpies of adduct formation1'2 

which was parameterized on the basis of Mulliken's3 ionic-
covalent description of charge-transfer complexes. The 
equation has the form 

-AH = £ A £ B + C^CB (1) 

where E\ and E% crudely relate to tendencies of acids and 
bases, respectively, to undergo electrostatic bonding and C A 
and CB are similar tendencies to undergo covalent bonding. 
The many contributions to a complex phenomena, such as 
forming a covalent bond, are empirically incorporated into 
the C numbers in the parameterization making their a prio
ri calculation difficult. The initial application of this equa
tion to adducts of neutral acids and bases (eq 2) has recent
ly been extended to ionic interactions of the type4,5 

A + B 5=t AB (2) 

M*(g) + X-(g)5=t M8'X6-(g) (3) 

In the ionic reactions, there are not enough reversals in the 
order of donor or acceptor strength toward different acids 
or bases to define a sharp minimum in a series of simulta
neous equations of the form of eq 1. Accordingly, several 
constraints which were consistent with the ionic-covalent 
interpretation were imposed. However, as mentioned in the 
report of this work, the /?-factor ratio6 of this restricted fit 
relative to the completely unrestricted fit was not satisfacto
ry. Furthermore, enthalpies involving the proton as the 
Lewis acid could not be incorporated into the fit. 

Theoretical justification for the success of eq 1 is lacking. 
When it was first introduced,1 justification for the existence 
of at least two independent contributions to the bond energy 
was provided by using the variation method in conjunction 
with the Mulliken model wave functions to calculate the 
ground state bond energy of the adduct. The contributions 
resembled electrostatic (E) and covalent (C) interactions to 
the bonding and the energy had a form similar to that of eq 
1. Klopman7 has subsequently shown that eq 1 can be made 
to be consistent with his perturbation theory approach to in-
termolecular interactions. In Klopman's approach, the 
change in energy produced during the interaction of two 
systems, R and S, by the partial transfer of electrons from 
an initially doubly occupied \pm of R to an initially empty 
orbital \p„ of S1 was calculated. The interaction is assumed 
to occur through atoms r (atomic orbitals *{) of R and s 
(atomic orbitals $ff) of S. For this interaction 

>Pm = Z c 6
m * 6 and 4>n = Z c0"*0 

6 tj 

Two limiting contributions to the bond energy also result 

from this treatment. One is termed charge controlled and 
the other frontier controlled with the former being equiva
lent to a mainly electrostatic contribution and the latter to 
covalent bonding. Combination of these two interactions 
gives rise to an equation of the form 

-AH= [(Z(c/")2)(Z(c/f)]< RS 

(c™)Hcs
nYi)Rs 

where a/?s and 0RF are variable parameters, characterizing 
the reaction of R and 5* in such a way that, when <XRS is 
large and /3RF is small, the reaction is charge controlled, 
whereas, when CCRF is small and 0RF is large, the reaction is 
frontier controlled. Equation 1 results by assuming the fol
lowing equalities 

E (0 : = EA 

and 

(cr
m)2/3R = CB 

(c/f /3 s = CA 

<*RaS = Ot1 

URPS = PRS 

Assuming these last two equalities is in effect assuming a 
product relationship between R and 5 in determining the 
relative importance of charge and frontier contributions and 
in effect assuming eq 1. Accordingly, this analysis only indi
cates a way in which the two approaches are consistent. 
Furthermore, since Klopman's analysis is based upon a per
turbation method, the resulting equations are not expected 
to hold for the large energies associated with many ionic 
reactions. 

We were encouraged to seek a more general relationship 
between a simplified quantum mechanical description of 
the bonding and the E and C equation (eq 1). Reasonable 
approximations can be incorporated into a crude molecular 
orbital analysis of this problem to produce the E and C 
equation (eq 1). Some of the approximations which are nec
essary to derive eq 1 for enthalpies of interactions involving 
neutral acids and bases can be shown to be invalid for the 
large enthalpies that accompany most ionic reactions (as in 
eq 3). A new form for an empirical equation for enthalpies 
of reaction of ionic acids and bases is suggested directly 

Journal of the American Chemical Society / 97:12 / June 11, 1975 



3325 

from this analysis. In a subsequent paper, it will be shown 
that when this new equation is used to empirically fit en
thalpy data corresponding to eq 3, the difficulties described 
in the application of eq 1 to enthalpies of ionic interactions 
are overcome (i.e., the proton and hydride ion can be incor
porated and a good R-factor ratio results). 

Calculations 

Overlap integrals were evaluated using the Eunice 
subroutine of a previously described extended Huckel mo
lecular orbital program.8 

Derivations and Discussion 

MO Description of the E and C Equation. The Mulliken 
molecular orbital formulation of charge-transfer com
plexes9 will be used to derive the E and C equation. In order 
to simplify the mathematics, a basis set is chosen of only 
two orbitals, \pA and \pB- ^ A is taken as the lowest unfilled 
orbital on the acid, while \p& may be considered as the high
est filled orbital on the base most capable of donating elec
tron density. When a complex is formed, the two basis or
bitals mix to give two new orbitals 

i/jg = aipA + bipB 

<pe = apA - dipB 

(4) 

This is shown diagrammatically in Figure 1. In this figure, 
WA and WB are the energy levels of \pA and ^ B , respective
ly, and Wg and We are the two energy levels obtained after 
the acid-base interaction. The total Hamiltonian for this 
system is symbolized by H. 

Mulliken has solved the secular determinant for this basis 
set9 in order to calculate the energy of the charge-transfer 
transition in the electronic spectrum. The solution is 

W(I - S2) = ( V 2 ) ( ^ B + # A ) - SHAB ± 

( ^ ) ' + /3B/3A (5) 

where HB = J i / ' B ^ B d r , HA = JVA /fyAdT, HAB = 
S\PAH\PB<1T, S is the overlap integral (S = J"\[/A^sd-r), and 
/3B and /3 A are the off-diagonal terms of the secular determi
nant. 

£A = HAB - SHA 

(6) 

The heat given off in a chemical reaction, —AH, is equal 
to the energy of the original state minus the energy of the 
final state. The original state consists of 2 electrons in the 
base orbital, I^B. whose energy level is given by the negative 
of the ionization energy of the base. The final state consists 
of 2 electrons in the lower energy complex molecular orbital 
whose energy is given by solving eq 5 for W, using the nega
tive sign for the square root term. The enthalpy measured in 
terms of 1 electron molecular orbital energies is the differ
ence between two times the energy of the final bonding mo
lecular orbital and the energy of the initial state with 2 elec
trons on the base. This quantity is given by 

- A . H = -iL + Hn 

1 - S2 
2SH, 
1 - S h 

f^^r ^ 

1 - S2 - 2/B (7) 

where /B is a positive quantity, the ionization energy of the 
base. 

Our approach will involve the introduction of reasonable 
simplifying assumptions to convert eq 7 into an equation re-

"A / 

\ 

Figure 1. Energy level diagram for a typical acid-base interaction. 

sembling eq 1. The following relationships are reasonable 
for the interactions to be covered here. 

1 - S2 « 1 

# A B = S(HA + Hn) 

Equation 8b is simply the Mulliken approximation with C 
equal to unity.10'11 Substituting these equations into eq 7 
and realizing that (2S2 - 1)/(1 - S2) is very close to - 1 
yields eq 9. 

(8a) 

(8b) 

-AH = -(HA + Hn) + 2j(^ 2 ^ ) 2 + ^ / S 6 

- 2/B (9) 

The following assumptions are applicable to enthalpies of 
adduct formation involving neutral acids and bases (i.e., of 
the type shown in eq 2). A treatment of reactions involving 
ionic acids and bases will follow. The ionization energies, 
/ B , of typical neutral bases and electron affinities, «A, of 
typical neutral acids are about 200 and 55 kcal mol - 1 , re
spectively.12 Typical enthalpies of interaction, —AH, are 
about 10 kcal mol - ' .1^2 Since the interaction is weak, the 
amount of charge donated by the base to the acid is also 
fairly small. Therefore, the new energy levels are close to 
the initial states. Under these conditions, the integrals HA 
and HB can be approximated by a charge corrected ioniza
tion energy which, for small changes in charge, can be ap
proximated by a linear function. Therefore 

H. - ^ A ( I - A A<?B) 

H* = -Z n ( I + A B ? A ) 

(10) 

(11) 

where AA and AB represent the relative change in energy 
level per unit charge for the acid and base, respectively, <?A 
is the absolute value of the amount of charge accepted by 
the acid and for a given adduct equal in magnitude to <?B, 
the absolute value of the amount of charge donated by the 
base. For a given base, qB will depend on the acid. A can be 
thought of as \(\/E) aE/dq\ where E is energy and q is 
charge. Signs have been included in eq 10 and 11 to incor
porate the sign conventions for / B and «A and to account for 
the fact that charge is transferred from the base to the acid. 
/ B , «A> and A / / D , the dissociation energy, are defined as 
positive numbers, and AH, HA, and HB are all negative 
numbers. 

We can next simplify eq 9 by using the general expres
sion 

V 1 + X ~ 1 + (X/2) (12) 

'(^y ^ B = 

(HA - HB)(l + _?A£ 'AHB 
JH~=HJ (13) 
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The square root in eq 9 becomes eq 13. (Squaring both sides 
of eq 12, we see that the error in the square of eq 12 intro
duced by using this approximation is equal to X1JA. With 
the aid of eq 6 and 8b, the error in using the square of eq 13 
can be shown to be [2S2HAHB/(HA - HB)2]2- Using the 
previously mentioned values of electron affinities and ion
ization potentials in place of HA. and HB, respectively, and a 
value of 0.2 for 5 (which is a generous guess), we find that 
the relative error in the sqaure root term introduced by this 
approximation is about 0.2%. Equation 13 is obviously a 
good approximation for adducts of neutral acids and bases.) 
Using the relationships in eq 8a, 8b, and 13, eq 9 becomes 

- A # = -{HK + HB) - 2/B + (Hk - HB) x 

O + T ^ V ) -**- 2'» + ^ 
Substituting eq 11 for the first term in the above result 
yields 

- A / / = +2/B( l + AB<?A) - 2/B + 

TSO&B - *2'^"» + W*hj (14) 

Substitution of the Mulliken approximation (eq 8b) for 
HAB in eq 6 leads to ^A = KSHB and /SB = SHA, and mak
ing these substitutions into eq 14 produces 

-A// = 2/BAB9A + fr*YH\) (15) 

We can assume that HA and HB are functions of the acid 
and base only in the latter term because the corrections in 
eq 10 and 11 are small compared to one for neutral adducts. 
(The term 2 /BAB^A of eq 14 is ~2 -10 kcal m o l - ' and, since 
/B is large, ~200-300 kcal, AB?A must be very small.) The 
denominator in the second term of eq 15 will have a larger 
contribution from the HB term than from the HA term for 
most of the neutral acids in the E and C correlation (the 
lowest ionization energy for a base is 181 kcal mol - 1 for tri-
ethylamine while the electron affinity of even the stronger 
acids, for example, BF3, is only <~50 kcal mol - 1) . 1 2 Thus, 
HA — HB is largely a property of the base and when the last 
term in eq 15 is replaced by empirical parameters, the HA 
— HB term is incorporated into a base parameter which we 
shall call CB'. If HA does become large enough to be appre
ciable for a particular acid, the acid parameter, CA' , can be 
empirically adjusted to compensate. This is comparable to 
claiming that for neutral adducts the range of values for H A 

- HB can be fit to a product function, XAXB- The product, 
-^A-YB, for a selection of values with HB » HA can be 
shown to reproduce HA — HB over a range comparable to 
the ionization potentials and electron affinities of the bases 
and acids, respectively, incorporated in our fit. (AU of the 
values of HA - HB for HB = 300, 250, 200, and 175 and 
HA = 5, 10, 20, 30, 40, 50, and 60 could be fit with a prod
uct function XAXB to better than 5% and most to 2%. When 
an HA value of 75 was included, an 8% miss arose.) If S 2 

can also be represented by a product function,13 the last 
term of eq 15 has a form S A C A ' S B C B ' and the resulting 
equation 

-AH = 2 / B A B 9 A + SxC^S3C3' (16) 

is readily converted into the E and C equation with the 
equalities 

2<7A = E\> ^ B 4 — EB'; C A = SAC
A'', C B = S B ^ B 

(17) 

In our parameterization ^A indicates the extent to which 
a given acid perturbs the energy of the electrons that are on 

the base and causes them to be held more tightly. This is 
thus a one-center term. Any small contributions from C of 
eq 8b not being unity would give an HA contribution to this 
term which can also be handled with this product type func
tion in the parameterization of the acid and base parame
ters. To the extent that EAEB consists only of one-center in
tegral approximations and C A C B two center, this result is 
consistent with our earlier claims1 that the C A C B product 
corresponds to covalency and EAEB to ionic bonding. The 
remaining difficulty with the expressions in eq 16 is that <?A 
is not a constant, but varies with the donor. However, in 
view of the slight amount of actual charge transfer in most 
of these adducts, variations from this effect can be empiri
cally compensated for in the parameterization of the acid 
and the base, i.e., the product EAEB is corrected for this ef
fect by appropriate adjustment of the EB parameter. 

Enthalpies of Interactions of Ionic Acids and Bases. An 
important difference between reactions of ionic and neutral 
acids and bases lies in the magnitude of the energies in
volved. Typical ionization energies for an ionic base range 
from around 20 to 80 kcal/mol14 while typical electron af
finities for ionic acids range from about 100 to 250 kcal 
mol - 1 . 1 5 (Much more of these fundamental data are avail
able for ionic acids and bases than for neutral ones.) Since 
typical enthalpies of interaction for ionic systems range 
from 150 to 250 kcal/mol,4,5 the interaction is comparable 
to the original energy levels. Since 5 will still be small (usu
ally 0.1-0.3), eq 9 will still be valid. We choose to rewrite 
eq 9 in the following form 

- A i / = -HK - (HB + 2/B) + 2 / ( g A ~ H* ) 2 + <3A/3B 

(18) 

Again, we are confronted with the problems that HA is 
not independent of the base nor HB of the acid. For the neu
tral adducts, where the enthalpy is at most 20-30 kcal/mol, 
we employed eq 10 and 11 and showed H\ — HB could be 
fit with a product function because HB was dominant. In 
the ionic systems, HA and HB are often of comparable mag
nitude. Furthermore, we shall not bother to adjust HA or 
HB with eq 10 or 11 because this is a minor correction for 
the ionic systems. This can be demonstrated by using eq 10 
and 11 to obtain an estimate of the error generated by as
suming that HA is independent of the base and HB is inde
pendent of the acid. In eq 18, the first two terms, -HA — 
(HB + 2 / B ) , will have an error less than or equal to 
- ^ A A A + I?/BAB, where q is the total charge transferred. 
For a given acid, q does not vary a great deal from base to 
base. The difference in the formal charge of carbon in 
CH 3OH and CH 3 -CH 3 (i.e., C H 3

+ reacting with OH~ and 
C H 3

- ) is 0.07 from extended Hiickel calculations.16 There
fore, #«AAA is expected to be very nearly constant for given 
acids (e.g., CH 3

+ ) combining with all the bases involved. 
We would also expect that <?/BAB will be very nearly con
stant for a given base. Furthermore, since — (^AAA and 
+ ^ / B A B have opposite signs, the corrections will tend to 
cancel. Clearly, in the term —HA — [HB + 2 / B ) , the quan
tities HA and HB can be represented by constant empirical 
parameters of the acid and base with little loss in accuracy 
relative to the large enthalpies for ionic systems.17 Again, 
this is comparable to assuming that the acid-base interac
tions are inherent properties of the cations and anions and 
not a function of the individual adducts only. This assump
tion is inherent in talking about the acidity or basicity of a 
molecule and has been made in acid-base chemistry for 
years. We shall subsequently demonstrate that the entire 
-HA — (HB + 2 / B ) term can be incorporated into the em
pirical parameters leading to an even smaller relative error 
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in assuming that H\ — HB can be reproduced with empiri
cal parameters which are functions of the acid only and the 
base only. In absolute terms, this error will probably 
amount to ~ 5 kcal/mol. An error this large could not be 
tolerated for small enthalpies of adduct formation of neu
tral acids and bases. However, for ionic acids and bases, this 
value is often within the experimental error. It should be 
pointed out that the fitting of the error generated by this re
placement becomes important and must be considered when 
one attempts to interpret small differences in the parame
ters (which will be presented in a subsequent paper) for the 
ionic systems. 

One additional difference between the ionic and neutral 
systems is that we can no longer use eq 13 to simplify the 
square root term for the ionic systems. Using typical values 
for ionic systems, the error estimate from using eq 13 in
creases from a lower value of 4% for many systems to as 
high as 80% for sodium chloride. Therefore, the simplifica
tion in the equation for neutral systems, introduced by using 
eq 12, is not possible for ionic systems. 

We shall proceed with the simplification of eq 18 for 
ionic systems and define for convenience a quantity "A/ / c " 
as follows 

-AHC = -AH + HA + (HB + /B) (19) 

This definition converts eq 18 into the equation 

-Atfc = 2 / ( ^ ~ H*Y + M B (20) 

We are still confronted with the problem that /3 of eq 20 
is still a function of both the acid and the base (i.e., eq 6 
contains HAB)- If one expands /3\ and /3B using eq 6 and the 
Mulliken approximation, HAB = CS(HA + / / B ) , 1 0 ' 1 8 and 
substitutes the resulting expressions into eq 20, one obtains 

- A # c = j(HA - HB)2 + i[SC(HA + Hn)-

J SHA][SC{HA + HB) - SHB] 

Squaring the above equation results in 

AiZ0
2 = (HA - HBf + 4&<*(0K - HB)2 -

4$C{HA + HB)2 + 4S2HAHB 

which can be rearranged to 

AH2 = [1 + 4S^C2 - C)](HA - HB)2 + 

4S2(1 + 4(C* - C))HxH3 (21) 

This enables us to rewrite eq 20 as 

-AiZ0 = ]/ A(HA - HBf + BS2HAHB (22) 

where 
A = (1 + 4S2(C2 - C)) 

B = 4(1 + 4(C2 - C)) 

Since C is on the order of unity and 5* is small, A will be 
very close to unity. If we express S2 as S\-SB, we now have 
eq 23 in terms of two empirical D and O parameters 

-AHC =• ]/{DA - DB)2 + OAOB (23) 

where D refers to quantities arising from the diagonal terms 
of the Hamiltonian matrix and O refers to off-diagonal con
tributions. The former are mainly one center in nature and 
the latter two center. We should emphasize that D\ does 
not equal HA- DA is obtained empirically and has in it con
tributions previously discussed (see eq 18 and the ensuing 
discussion leading to eq 20). This same restriction applies to 
our other parameters. 

With regards to the practical application of eq 23, the 
quantity —AHC is the remaining complication. From the 
discussion following eq 18, it can be seen that one should fit 
the quantity, -AH + DA + (DB + IB), with the right-hand 
side of eq 23. It must still be determined whether or not the 
constant parameters of the acids and bases which are out
side the square root sign can be incorporated into the pa
rameters under the square root. The approach taken is to 
attempt a fit of the values of AHD and —AH (for the ionic 
reaction) to this function. When the right-hand side of eq 
23 is used to fit —AH, the term DA + DB + IB is being ig
nored. By fitting A / / D it is assumed that this term is equal 
to the ionization potential of the base minus the electron af
finity of the acid. If a good fit is obtained in both instances, 
it is reasonable to believe that the {DA — D&) parameters 
inside the square root in eq 23 can adjust appropriately to 
include the contribution from the D parameters on the out
side of the square root in eq 18. We find that the dissocia
tion energies can be fit as well as the enthalpies for the ionic 
reactions (eq 3) by equations of the form of eq 23 in which 
AHQ or —AH is substituted for —AHC, i.e., the equation to 
be used is 

-AH = f(DA - DB)2 + OAOB (24) 

Data on about 100 widely different reactions were fit. 
Equation 24 reproduces the enthalpies of the ionic reac

tions much better than the original E and C fit we have re
ported.4 We have shown that quantities which are constant 
for a given acid or base can be incorporated into the D and 
O parameters without loss of accuracy. In this connection, 
the functional form of eq 24 is very much different than 
that of eq 1. It has been shown19 that the adducts of neutral 
acids and bases are so parameterized that a constant contri
bution to the enthalpy for adducts of neutral acids and 
bases spoils the data fit to such a degree that this constant 
contribution can often be independently determined. 

It was of interest to determine the ability of the parame
ters to incorporate the (1 — S2) quantity that we had ne
glected earlier. Accordingly, the data on 42 systems whose 
overlap integrals could be calculated were found to give a 
range of 1 — S2 values from 0.85 to 0.95 and to fit eq 25 as 
well as eq 24. 

-AH{\ - S2) = ]/(DA" - DB")2 + OA"OB" (25) 

Our theory thus predicts that, depending on circumstanc
es, one must select eq 1 or 24 to predict enthalpies. The next 
section will indicate the criteria to be employed in making 
the selection. 

Practical Consequences. The theoretical analysis that has 
just been completed accounts for the failure of eq 1 to pro
duce satisfactory parameters for enthalpies corresponding 
to the combination of cations and anions. Furthermore, it 
predicts a form for an equation which is successful in corre
lating data on these systems. As expected from theory, this 
new equation (the D and O equation) does not fit enthalpies 
of interaction of neutral acids and bases as well as the E 
and C equation. 

From an analysis of the approximations used in the above 
derivations, one can find the conditions under which the E 
and C equation (eq 1) or the D and O equation (eq 24) 
should no longer be applicable. The use of eq 11 in the deri
vation of eq 1 restricts its applicability to prediction of 
enthalpies of interactions where the amount of electron den
sity transferred from the base to the acid is small enough so 
that the energy of the acid and base orbitals can be approxi
mated by a linear function of charge. Since in most neutral 
adducts the amount of charge transfer is expected to be less 
than 0.5, this is a good approximation. For all of the acid-
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base interactions to which eq 1 and 24 have been applied,2'4 

the change in the occupation numbers has been less than 
unity. One would not expect these equations to predict the 
enthalpy of a reaction where more than one electron is 
transferred as, for example, in F + reacting with CH3~ to 
produce CH3F. 

As mentioned previously, the relative error in the square 
root term of eq 9 introduced by using eq 13 can be approxi
mated by 

[2$HAHB/(HA - HBff 

If an arbitrary upper limit of 5% (0.05) is imposed on the 
error which will be accepted, the condition that results is 

2$HAHB/(HA - HBf < lAoT05 = 0.22 

Using a value of 0.1 for 5" (which is a reasonable value for 
adducts of neutral acids and bases), it is found that 

HAHB < U(HA - HBf 

If values of «A are us.ed to approximate HA and values of / B 
are used to crudely approximate HB, it can be seen that the 
above condition holds when «A and / B are sufficiently dif
ferent for a given acid and base. As these two energies be
come similar, the error involved in using eq 13 becomes 
larger and eq 1 should not be employed to correlate the ex
perimental enthalpies. The term S2/(HA - HB) of eq 15 
can be fit by a product function over only limited ranges, so 
this will also cause complications as H\ approaches HB-

The electron affinity of the acid and the ionization ener
gy of the base must fall within a range such that the prod
uct of e\ and /B is less than 11 times the square of the dif
ference between tA and IB- Furthermore, if eA and IB lie 
outside the range of acids and bases currently in the system 
(roughly, 30 to 75 kcal/mol for t\ and 175 to 300 kcal/mol 
for IB), caution should be used in extending eq 1 to cover 
them until it is established that S2J(HA — HB) can be fit to 
a product function for all the systems in the correlation. 
The ionic systems do not meet these requirements and ac
cordingly eq 24 will be utilized. 

The only theoretical limitation placed on the use of eq 24 
occurs as a result of the assumption that HA and HB for a 
given acid or base can be approximated by a constant, i.e., 
no charge correction term is utilized. As mentioned earlier, 
the error generated by this approximation is estimated to be 
a few kilocalories per mole. When this error amounts to a 
significant fraction of the enthalpy (i.e., enthalpies of ad-
duct formation below about 30 kcal/mol), the E and C 
equation should be utilized. For enthalpies larger than 
about 30 kcal/mol, eq 24 may be used quite generally. 

Effects Incorporated by the Parameterization. Mulliken's 
molecular orbital description of the charge-transfer com
plex, employing only an empty orbital on the acid and a 
filled orbital on the base, is a vast simplification of the actu
al changes which occur when an acid and a base form an 
adduct. For example, the acid and base invariably undergo 
changes in geometry in the course of adduct formation. 
Furthermore, in most adducts, the electrons in other orbit-
als of the acid and base besides the donor and acceptor or-
bitals are undergoing repulsive interactions. We shall first 
consider this latter effect as an illustrative example of the 
various ways whereby the empirical parameterization can 
incorporate many energetic contributions which may have 
been ignored in the theoretical treatment. 

We have in the correlation acids with only one pair of 
bonding electrons attached to the acidic center and these 
are 180° away from the donor lone pair (e.g., hydrogen 
bonding acids), others with three lone pairs and a bonding 
pair on the acidic atom (e.g., /2), still others with nonbond-
ing d electrons, and various combinations of these. The 

acid's electrons are interacting with bases that have varying 
numbers of lone pair and bonding pair electrons. These 
properties of the individual acids and bases must somehow 
be incorporated into the E and C parameters so as to pro
duce the proper contribution to the measured enthalpy from 
these effects. This incorporation may be accomplished in 
the following way. Since the electrostatic attraction is given 
by a product function, it is reasonable to assume that repul
sive interactions might also be represented in this way, i.e., 
by an RARB term. Thus, it is necessary to show that the E 
and C equation is in fact equivalent to the equation 

-AH = EA'EB' + CA'CB' - RARB (26) 

To accomplish this, we shall show that one can modify an E 
and C number that does not incorporate repulsive effects to 
include them without changing the form of the E and C 
equation. Trial and error shows that the following is one 
way of accomplishing this. Let us define 

^A = V + * A ' C A = C A " + RA' 

where the double prime indicates the E and C parameters 
devoid of the repulsive contribution, RA' and RB are the 
corrections that must be included in E and C to effect the 
RARB correction. Substituting these new definitions of E 
and C into eq 1, we have 

-AH = EAEB + CACB = EA"EB" + RA'EB" -

RZ'EA" ~ W + CA"CB" + RA'CB" -

R*'CA" - RA'RB' = EB"(EA" + RA') + 

RB'(-EA" - 2RA' - C x " ) + CB"(CA" + RA>) 

Letting EB" = £ u \ EA" + RA' = EA' = £ A , RB' = RB, 
EA" + 2RA' + CA" = RA, CB" = C B \ and C A " + RA' = 
CA' = CA, we obtain eq 26. Thus, it is shown that eq 26 can 
be made equivalent to the E and C equation with the proper 
parameterization. Also, note that although there are restric
tions on EA, RA, and CA' ; these are each multiplied by a 
parameter (EB', RB, or CB ' ) for which there are no restric
tions so the products EA'EB', C A ' C B ' , and RARB are not 
fixed. 

The quantities C A " and C B " above were defined as the 
covalent parameters in the absence of electrostatic repul
sion. This quantity is also a complex one. It undoubtedly 
contains contributions from the quantity referred to in the 
literature as the promotion energy. This is the energy asso
ciated with the geometry change a molecule undergoes 
when it forms an adduct. The early literature20 considered 
this to be a constant quantity associated with the energy re
quired for a given acid to be made ready (i.e., bonds length
ened or bent as when BF3 coordinates to a base) to form an 
adduct. In a study21 of the relationship between —AH of 
adduct formation and the changes in the carbonyl stretch
ing frequency of ethyl acetate upon formation of the ad
duct, it was shown that such a view of reorganization ener
gy was inconsistent with a large amount of experimental 
data. It was proposed that the amount of reorganization of 
the atoms in an acid (or base) that occurs during adduct 
formation is variable and depends upon the base (or acid) 
employed. Systems which illustrated a variable amount of 
reorganization were presented. We did not understand how 
this information about reorganization could be incorporated 
into the E and C numbers, but the following discussion in
dicates one way that this could occur. For convenience, we 
shall propose that the extent of reorganization is propor
tional to the covalency in the interaction, i.e., the C A C B 
product is in reality /CACA 0 ^BCB 0 . Basically, then, we are 
claiming that the actual value given for the C A C B contribu-
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tion to the bonding is some fraction of the covalency that 
would result if no energy were required to rearrange the 
acid, i.e., CA0CB0 . With CA, then, given by CA° - A:A'CA° 
and CB = CB° - kB'CB

0, we obtain 

^A CB = CA CB — «A CA CB — feB CA CB + 

h'kA'cA'cB° = (i - v ) ( i - V)CA°CB° = 

^A ^B CA C B 

Thus, there could readily be incorporated into the E and C 
numbers a proportionality constant k\ for each acid or k%' 
for each base which would approach unity when the acid or 
base is difficult to polarize and approaches zero when it is 
not. The k' values can be viewed as the slope of a plot of 
AE/C° vs. a distortion parameter where AE is the energy 
required for a given distortion. The extent to which a given 
acid would be polarized in an adduct would depend upon 
kBCB° for the base. Recall that there is no way to factor 
kBCB° out of the CB number in such a way as to be able to 
obtain values for k\ or kB. This discussion should serve to 
show that any effect which is proportional to covalency or 
to -AH can be incorporated into our parameters. It should 
also indicate that the a priori calculation of the E and C pa
rameters from quantum mechanics must await improved 
methods which enable us to calculate these various effects 
accurately and sort them out. 

It is important to distinguish between a variable reorgan
ization energy and a constant contribution to the enthalpy 
of a reaction. This latter effect occurs when an associated 
molecule must be completely dissociated to form an adduct, 
e-g-

B2H6 + 2(CH3)3N — 2(CHg)3NBH3 

The energy of dissociation of the diborane dimer makes a 
constant contribution to AH for every 1:1 adduct that dibo
rane forms. The inability of the E and C equation to incor
porate this constant value has been used as a means of de
termining the constant enthalpy value.19 From this discus
sion, it should be clear that if an acid existed which had a 
constant promotion energy it would not fit the E and C 
equation when studied with a wide range of bases (i.e. vary
ing CB/EB). 
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