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I. Scope of This Review

It is now widely recognized that under certain
circumstances the classical “noncoordinating” anions
0104',1'2 S03CF3',3 SO:;F',3 BF{,I"‘ PFB',5 ASFs",S and
SbF¢ 587 coordinate to metal ions from all regions of
the periodic table. This chemistry has been the subject
of a number of reviews,>38% one of which appeared
recently in this journal.® Accordingly, the coordination
of these anions to metals will not be afforded compre-
hensive coverage in this review. Instead, we will focus
on anions that are larger and even more weakly
coordinating than those mentioned above. These
include BPh,-and its derivatives, CB,;H;,- and related
carborane anions, OTeF;- and its derivatives, poly-
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oxoanions such as PW,,0,,*, HC(SO,CF5),-and related
anions, C4o-, B(0-C¢H40,),, anionic methylalumoxanes
(MAO), and H(1,8-C,(Hs(BMe;);)- (hydride sponge).
We will discuss the well-known group of smaller anions
only when direct comparisons to the second group can
be made. While the larger, more weakly coordinating
anions have fostered unusual, fascinating chemistry,
an important part of our focus will be on their
limitations, including their coordinating ability and the
conditions under which they are not stable. An
understanding of their limitations, as well as their
strengths, is, after all, what one needs to know when
considering a new application for one of these anions.

I1. Introduction

A. Noncoordinating Anions: Fact or Fiction?

It has been 20 years since Rosenthal published his
brief paper titled “The Myth of the Non-Coordinating
Anion”.! In this seminal work, he reviewed structural
and spectroscopic data that proved unequivocally that
anions which are noncoordinating in aqueous solution,
such as ClO4, NO;, and BF,, “are found to be
coordinating where water has been excluded”. He
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Figure 1. Scheme showing the four ways that vacant
coordination sites in cationic complexes can be filled.

concluded by stating, “It is clear that the notion of the
non-coordinating anion should be put to rest alongside
the notion of the non-coordinating solvent.”

This has not happened yet. One continues to find
the dogmatic terms “noncoordinating solvent” and
“noncoordinating anion” in the recent literature. It
would be more meaningful as well as more precise to
use the relative terms weakly coordinating solvent and
weakly coordinating anion. In recent years chemists
have been able to measure or estimate the strengths of
bonds between metals and such weak donors as noble
gas atoms!® and aliphatic hydrocarbons.!! If liquid
xenon and hexane are coordinating solvents, why should
one persist in referring to benzene and dichloromethane
as noncoordinating? Inorganic chemists have learned
that it is meaningless (not to mention risky) to refer to
a compound that has not yet been prepared as non-
existent, a term that has been used to imply that it
cannot be prepared.? In much the same way, it is
simplistic to refer to a solvent or an anion as nonco-
ordinating simply because a complex containing it
bonded to a metal ion has not yet been isolated and
structurally characterized or because it does not co-
ordinate to some metal ions under some circumstances.

B. Cationic Complexes and Coordinative
Unsaturation

Many coordination chemists are concerned with
enhancing the chemical reactivity of metal complexes,
whether for catalysis, for the synthesis of new com-
plexes, or for examining the binding of extremely weak
donors. One measure of reactivity is Lewis acidity. In
what ways can it be enhanced using larger and more
weakly coordinating anions? Consider an isolated,
coordinatively unsaturated cationic complex, L, ;M*.
In solution, the vacant coordination site would behave
like the Coulombic version of a vacuum, i.e., its potential
to attract a pair of electrons would be extremely large.
What can fill the void? The scheme shown in Figure
1 shows the four most important possibilities: in a, the
solvent (S) coordinates to the metal ion and fills the
vacant site; in b the counterion (X-) fills the site; in ¢
one of the ancillary ligands becomes bidentate; and in
d bridges are formed by two ancillary ligands. This is
why a truly vacant coordination site may be impossible
to achieve at a cationic center in solution, even if the
solvent and the counterion are very weakly coordinating.
As long as the ancillary ligands are flexible enough, ¢
and possibly d would also preclude the existence of a
genuine vacant site even in the gas phase.
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Table I. Donor Numbers and Dielectric Constants of
Some Common Solvents

dielectric constant

solvent donor number® (T, °C)®
CsH;N 33 12.3(25)
CH:0 20 7.6(20)
CH;COCH;3 17 20.7(25)
CH;CN 14 37.5(20)
C¢HsNO, 4.4 34.8(25)
Ce¢Hs 0.1 2.3(20)
1,2-C,H,Cl, 0¢ 10.2(25)
CH,Cl, <0 (?) 9.1(20)
CeH 14 <0 1.9(20)
1,1,2-C,Cl5F, <0(?) 2.4(25)

@ Data from ref 15. ® Data from ref 16. < By definition.
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Figure 2. The complete solvation of metal ions contained
in a simple MX salt.

This line of reasoning leads to the conclusion that
what is normally referred to as a vacant coordination
site in a cationic complex is, in perhaps most cases, an
extremely weak, extremely labile metal-ligand bond.!?
Perhaps the term vacant coordination site should be
replaced with virtual coordination site. It follows from
Figure 1 that the weakest cation-ligand interaction
possible in a given solvent is a cation-solvent bond.!4
However, solvents that possess the lowest donor num-
bers!® also have the lowest dielectric constants,'® as
shown in Table I. If all other things are kept constant,
b is favored over a as the dielectric constant decreases.
In the case of W(SbFg)(CO)3(NO)(PRj3), for example,
the SbFg- anion is displaced from the W(CO)s(NO)-
(PR;)* cation by acetonitrile and acetone but not by
dichloromethane or hexane.!” Quite obviously then,
weakening the M-X bond becomes the primary goal of
those seeking the closest thing to coordinative unsat-
uration for a cationic center in agiven solvent. Whether
one can ever achieve a in weakly coordinating, low
dielectric solvents will depend in large part on the
availability of new anions that are larger and more
weakly coordinating than those in common use.!®

Let us next consider situations in which there are no
ancillary ligands, such as simple M*X- salts. In most
cases, specific metal-solvent bonds are formed when
these salts are dissolved. An ideal situation, the
generation of completely solvated metal ions, is shown
in Figure 2. For a given solvent system, this would be
the ultimate starting material for metal complex
synthesis. In principle, if one wants to solubilize a metal
ion in a weakly coordinating solvent, one simply has to
use a larger anion, since lattice energies for many M*X-
salts vary linearly with the inverse cube root of the
formula unit volume.!® However, if one tries to achieve
this with an even more weakly coordinating solvent,
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Figure 3. A more realistic goal: a partially solvated metal
ion (small sphere) ion paired to a very large counterion.

the concomitant low dielectric constant will likely
produce a species such as the one depicted in Figure 3.
Here, a cation—anion pair is dissolved intact, producing
a polar solute instead of charged species but importantly
allowing for the presence of some weak, labile metal-
solvent bonds. The anion requirements for the latter
situation are less severe than those needed to produce
completely solvated metal ions: the cation—anion
interactions in the lattice must only be weak enough to
allow the solvent to electronically decouple the cation
from all but one anion.

C. Ideal Properties for Weakly Coordinating
Anions

Next, let us consider the optimal set of properties for
weakly coordinating anions. The first two properties
are low overall charge and a high degree of charge
delocalization. Ideally, all new weakly coordinating
anions should have a -1 charge, but in some cases a
species with a —2 charge may have certain advantages
and can be tolerated (one advantage, for example, is a
lower equivalent mass). The charge should be delo-
calized over the entire anion, so that no individual atom
or group of atoms bears a high concentration of charge.
Obviously, this suggests that the larger the anion (the
more atoms it contains), the more delocalized the charge
and the more weakly coordinating it will be. An equally
important property is the presence of only very weakly
basic sites on the periphery of the anion. Thus, anions
with only hydrogen atoms or fluorine atoms available
for binding to the cation should be more weakly
coordinating than anions with accessible oxygen atoms
or chlorine atoms: several studies have shown that BF4~
and PFs are more weakly coordinating than, for
example, Cl104 or SO3CF3~.2°

Charge, charge delocalization, size, and the absence
of basic sites notwithstanding, perhaps the most
important property is the kinetic stability, if not the
thermodynamic stability, of the anion. There are two
potential problems to be avoided. First,some verylarge
weakly coordinating anions could dissociate into small-
er, more strongly coordinating fragments. Forexample,
rapid fluoride ion abstraction by electrophiles is well
known?!abd-¢ to be a problem even with small anions
such as BF4 and PF¢~. (There are even a few reported
cases of fluoride abstraction from SbF¢-.2'¢?) Second,
the stability of a weakly coordinating anion with respect
to oxidation will determine whether it can be used as
a counterion for the most electrophilic cations, many
of which will also be strong oxidants. The well-known
tendency of BPhs~ to undergo chemical and electro-
chemical oxidation,?? which will be discussed below, is
a case in point.
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Figure 4. Structure of Rh(BPhy)(diphos). The unlabeled
open spheres are carbon atoms. For clarity, hydrogen atoms
have been omitted and only the ipso carbon atoms on the
diphosphine phenyl rings are shown.

II1. Tetraphenylborate and Related Anions
A. BPhy”

1. Coordination to Metal Ions

The tetraphenylborate anion has found extensive use
as, among other things, a phase-transfer catalyst and
a weakly coordinating anion.?? Its most recent and
perhaps most important application is as the counterion
in one-component, soluble Ziegler-Natta olefin po-
lymerization catalysts, in which the catalytically active
species is a cationic group 4 metallocene complex of
the general type M(Cp)2(R)* (M = Ti, Zr, Hf, Th).%

It has been known for some time that BPh; can
coordinate to metal ions. In all cases probed by X-ray
crystallography, it ligates the metal through =-inter-
actions with one of its phenyl rings (i.e., interactions
with C-H bonds have not been observed).??*#?> With
one exception, all of the structures exhibit 7%-coordi-
nation. A typical example is shown in Figure 4.25 In
these n®-structures, the coordinated phenyl ring is
sometimes planar and sometimes distorted from pla-
narity. In Ru(Cp)(BPhy), for example, the ring in
question is planar to within 0.01 A.2%¢ In Co(BPhy)-
(PMe3),, the ipso carbon atom is displaced, away from
cobalt, by 0.044 A from the plane of the remaining five
carbon atoms.?® In Rh(BPhy)(P(OMe)s)2, both theipso
and para carbon atoms are displaced, in this case by
~0.08 A, from the plane of the remaining four carbon
atoms and away from rhodium,?5¢ while in Rh(BPhy)-
(diphos), the ipso and para carbon atoms are displaced
toward rhodium by ~0.07 A. (Inthe cases of Co(BPhy)-
(py)2??* and Ru(n3-1,2,3-9%-5,6-(1,5-cyclooctadienyl))-
(BPhy),** the coordinated phenyl ring was refined as
a planar rigid body or its degree of planarity was not
discussed in the paper, respectively.)

The structural results allow the strength of the
interaction between a given metal ion and BPh4~ to be
compared with the interaction of the metal ion and a
neutral arene. The result of this comparison is that a
phenyl ring from anionic tetraphenylborate is not more
strongly bound, as judged by M—-C(arene) distances,
than a neutral phenyl ring. For example, the range of
Ru-C(arene) distances in Ru(Cp)(BPhy) is 2.181(6)-
2.271(5) A. Inthe complexes Ru(5°-1,2-CsHz(Ph)2)(n6-
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Figure 5. Structure of Cu(BPhy)(CO)(en). The unlabeled
open spheres are carbon atoms. For clarity, hydrogen atoms
have been omitted.

CsHe)* 26 and Ru(Cp)((n5-C¢Hs)P(0)Pho)*,27 the re-
spective ranges are 2.187(6)-2.200(8) A and 2.191(4)-
2.214(4) A. Nevertheless, NMR data indicates that
electrostatic interactions contribute to the stability of
(n8-C¢Hs)BPhs~ complexes in a way that they cannot in
homologous complexes with neutral =-arene ligands:
the coordinated BPh," ligand in Zr(CH,Ph);((n8-CsHs:)-
BPhy) is not displaced by toluene, hexamethylbenzene,
or 1,3,5-tri-tert-butylbenzene.?

In Cu(BPhy4)(CO)(en), shown in Figure 5, one of the
phenyl groups is coordinated in n?-fashion to copper.?®
In this case, the BPhy~ anion is very weakly bonded to
the Cu(I) ion. The Cu-C25and Cu-C26 bond distances
0f2.919(5) and 2.706(4) A, respectively, are considerably
longer than the Cu-C distances of 2.09(2) and 2.13(2)
A in Cu(SO;CF;3)(n%-CsHe)3° or of 2.15(3) and 2.30(3) A
in Cu(AlICly)(n2-C¢Hg).31*2 Another measure of the
weakness of the interaction between the Cu(CO)(en)*
moiety and the BPh,~ anion is that the Cu(I) ion is only
displaced by 0.26 A from the plane defined by N1, N2,
and C. An example of (#>-CsH;)BPh;s- coordination to
an early transition metal may be found in Zr(Cp’)e-
(Me) (BPhy), which was studied by NMR spec-
troscopy.2¢

2. Reactions with Metal Ions

There are a number of ways that BPhy~ can react
with electrophilic species, especially cations. These are
(i) metalation, (ii) phenyl group transfer, and (iii)
electron transfer. In addition, BPhy is susceptible to
photochemical decomposition. All of these reactions
limit the usefulness of this anion and render it less
than ideal for many applications.

There is only one study in which metalation has been
clearly demonstrated.?*d Treatment of Zr(Cp*)2(Me),
with I equiv of [NH(n-Bu);1[B(Ar).] (Ar = C¢Hs,
p-CsH Me, and p-CsH Et) led to the evolution of 2 equiv
of CH, and isolation of Zr(Cp*)2((m-(p-C¢H3R)B(p-
CsHiR)3) (R = H, Me, and Et). The structure of the
p-Et compound is shown in Figure 6. The authors
postulated that the agostic®® Zr-H31 interaction
(2.154(4) A) might be electrostatic in origin, since the
compound can be formulated as a zwitterion, with
formal + and - charges on zirconium and boron,
respectively. They noted that the isoelectronic neutral
complex S¢(Cp*)2(Ph) does not exhibit agosticinterac-
tions.3* In any event, the structure shown in Figure 6
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Figure 6. Structure of Zr(Cp*)2((m-(p-CsH3Et)B(p-CeHy-
Et)s). The unlabeled open spheres are carbon atoms. Except
for H31, hydrogen atoms have been omitted for clarity.

is the first example of any bonding interaction between
a metal center and the hydrogen atoms of tetraphen-
ylborate, showing that this type of interaction is viable.
It stands in contrast to the many cases of simple,
reversible w-coordination of BPh,~ discussed above.

Examples of phenyl group transfer from BPhs to
metal centers are far too numerous to allow a complete
discussion here of every case.?4?* The metals involved
in this chemistry include Fe(II),%¢ Fe(III),3% Ni(II),%f
Zr(IV),2» Rh(I),’® Rh(III),3> Ru(Il),’5 Pd(I),%=
W(IV),3d Pt(II),%" and Hg(II).35 It can be seen that
metals from all regions of the d block can abstract a
phenyl group from this rather reactive counterion. This
is not surprising, given that BPh,™ also readily reacts
with Bronsted acids.?® The relative reactivities of BPhy-
and fluoro anions are dependent on the respective
cationic metal complexes. The cations W(Cp)(NO),*,3%
Fe(TPP)*3% and Ni(L)* (L = tris[2-(diphenylarsino)-
ethyl]lamine)®f all yield isolable complexes with coor-
dinated BF - asthe counterion, but undergo phenylation
with BPh,~ as the counterion. In contrast, Zr(Cp),-
(Me)(THF)* 2137 and Cr(Cp)(Me)(THF),* 8 arestable
in the presence of BPhy~ but abstract fluoride ion from
BF, or PF¢, respectively.

The electrochemical oxidation of tetraphenylborate
has been studied in aqueous and nonaqueous media.?%3
The anodic peak potential for [TBA][BPh,] in ace-
tonitrile (0.1 M [TBA][ClO4]) is 1.16 V vs NHE.
Although biphenyl was an isolated product,® no evi-
dence for free Ph radicals was observed.?? Instead,
the authors of these studies concluded that biphenyl
must be formed by an intramolecular coupling of two
phenyl groups in the neutral “BPhy radical.

While the electrochemical oxidation is relevant to
the use of BPh, salts as supporting electrolytes, the
chemical oxidation of BPh,~ by metal ions is relevant
to its use as a weakly coordinating anion. It has been
shown that Ce(IV),22d% Ir(IV),22¢ and Fe(III)2% ions
will oxidize BPhy~, with biphenyl observed as one of
the products. More surprisingly, metals in relatively
low oxidation states, such as Co(II)222 or Ni(II),* can
bereduced by BPh, to Co(I) or adimericnickel complex
with apparent oxidation state +1.5, respectively. In
the former case, heating the Co(II) compound [Co-
(THF)3(py)s]l [BPhy]» to 60 °C in the solid state pro-
duced biphenyl and Co(BPhy)(py)s. (The structure of
this Co(I) complex was described above.) Inthe latter
case, refluxing NiX; (X = Br, I) with 1,8-naphthyridine
(napy) and NaBPh; in 1-butanol produced [Ni,-
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Figure7. Schemeshowing the primary product formed when
BPh,- is irradiated at 254 nm.

(napy)+X2] [BPhy], which contains a Ni-Ni bond (2.415-
(4) A). The second equivalent of tetraphenylborate
anion is apparently the reducing agent, since reduction
of nickel did not occur upon substitution of NaPFg for
NaBPh,.

The photochemical decomposition of BPhy~ in aque-
ous solution has been studied.??*! In the presence of
oxygen, biphenyl is the principal product. In its
absence, 1-phenyl-1,4-cyclohexadiene predominates. In
contrast, irradiation of [NMe,][BPh,] in oxygen-free
acetonitrile or tetrahydrofuran gave one major primary
product, as shown in the reaction depicted in Figure
7.42 Clearly, one must avoid using BArs;~ ions in
situations where intentional or adventitious exposure
to UV radiation will occur.

There is one report of phenyl group cleavage from a
coordinated BPhy~ anion. Treatment of Ru(n®-1,2,3-
72-5,6-(1,5-cyclooctadienyl)) (BPh,) dissolved in aceto-
nitrile with the protic acids HF, HBF, or HPFg resulted
in the formation of Ru(y3-1,2,3-7%-5,6-(1,5-cycloocta-
dienyl)) (8-CsH;BF3).25¢ Not surprisingly, this hybrid
borate anion is bonded to the soft Ru(II) center via its
phenyl ring and not through one or more of its fluorine
atoms.

3. Comparisons with BF4, PFs, and ClO4~

There are two published reports that compare the
reactivity of metal complexes in the presence of BPhy~
with the same complexes in the presence of some of the
more classical weakly coordinating anions. Inonestudy,
the replacement of chloride ions in PtCLi%- by an acyclic
tetraphosphine ligand yielded exclusively one product
with BF4 as the counterion. In the presence of the
BPhy anion, however, two completely different plat-
inum complexes were isolated.** Inthe other study, a
series of cationic Rh(I) hydride complexes were much
more active hydrogenation catalysts in the presence of
PF¢ and ClO4 than in the presence of BPh, .4

B. Fluorinated Derivatives of BPh,~

In order to reduce the coordinating ability and/or
the reactivity of BPhy, several derivatives containing
fluorine or trifluoromethyl substituents on the phenyl
groups have been explored. These include B(p-Ce-
H4F)4‘, B(Cer)[, and B(3,5-CGH3(CF3)2)4'. The struc-
ture of the latter anion, which will be referred to as
TFPB-, is shown in Figure 8. The counterion, which
is not shown, is a centrosymmetric, dimeric Rh(I)
dication with four bridging diisocyanide ligands. The
closest Rh---F contact is 3.31 A, which is just outside
the sum of van der Waals radii for rhodium and
fluorine.4647 Therefore, it is sensible to conclude that
TFPB- is not bonded to the rhodium atoms in this
compound. This conclusion is in harmony with the
observation that the closest Rh--F contact in the
homologous PFgsaltis ~5.5 A.48 Aswas the case with
BPh4, a primary application of these relatively new
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Figure 8. Structure of the B(3,5-CgH3(CF3)9)~ anion
(TFPB-). The unlabeled open spheres are carbon atoms and
the unlabeled highlighted spheres are fluorine atoms. Hy-
drogen atoms have been omitted for clarity.

anions is to generate active catalysts, whether for olefin
polymerization,?*® carbon monoxide and olefin copo-
lymerization,® or the production of adipic acid by
methyl acrylate dimerization.’! In addition, salts of
these fluorinated tetraarylborates show extraordinary
solubilities,? a useful property but one that sometimes
frustrates their crystallization.?

In principle, the incorporation of electron-withdraw-
ing substituents should suppress r-coordination of the
phenyl groups as well as raise the reduction potential
for the B(Ar),%- couple. In practice, this is exactly
what has been found. None of the fluorinated tet-
raphenylborates have been found to coordinate to a
metal via a w-phenyl interaction,?® and the reduction
potentials of TFPB%- and B(C¢F's),% - are some 1.2 and
1.5 V, respectively, more positive than that of BPh,~.4

The incorporation of electron-withdrawing substit-
uents should also reduce the tendency for B-Ar
cleavage, by decreasing the amount of negative charge
at the ipso carbon atoms. This is certainly the case for
Brensted acid cleavage: TFPB- is inert to aqueous
methanolic sulfuric acid for conditions under which
BPh,-is hydrolyzed with a half-life of less than 30 min.%
Tosome extent, this has been found to be true for Lewis
acid cleavage as well. The electrophilic cation Fe(Cp)-
(CO)o(THF)* is phenylated in the presence of BPhy-
but is not arylated in the presence of TFPB- 2l
Similarly, there is no evidence for arylation of Zr(Cp’),-
(R)* complexes in the presence of B(C¢F'5)4~.% However,
Zr(Cp")2(Me)* is converted to Zr(Cp’)2(Me) (p-CsHF)
at 25 °C in the presence of B(p-CsHF)4~.#*d Further-
more, pentafluorophenyl transfer does occur in the
following reaction:5®

XeF, + B(CyFy); — [Xe(CeF5)1[BF,(CF,),]

Since this reaction probably occurs via the intermediacy
of [XeF1[BF(C¢F')s], pentafluorophenyl transfer from
afour-coordinate tetrahedral borate species to at least
some cationic metal centers can be anticipated if the
thermodynamics are favorable.

The two tetraarylborates with aromatic C-F bonds
can coordinate to metal ions through fluorine atom lone
pairs. Fluorine-19 NMR spectroscopy suggested that
there is a single Zr-F-C bridge in Zr(Cp*)2(Me)(B(p-
CsH.F),).#% In another example, Th(Cp*):(Me)(B-
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Figure 9. Structure of Th(Cp*):(Me)(B(CsF5)s). The un-
labeled open spheres are carbon atoms and the unlabeled
highlighted spheres are fluorineatoms. Hydrogen atomshave
been omitted for clarity.

(CeF5)q), X-ray crystallography proved that there are
two Th-F-C bridges, involving an ortho,meta pair of
fluorine atoms, as shown in Figure 9.5 The Th-F18
and Th-F19 distances, 2.757(4) and 2.675(5) A, re-
spectively, are shorter than the sum of van der Waals
radii for these two atoms but are considerably longer
than the sum of Th** and F-ionic radii (~2.3 A).57 This
compound is more than 3 orders of magnitude more
reactive for olefin polymerization than Th(Cp*)s(Me)-
(BPhy), for which low-temperature 'H NMR spectra
have been interpreted as suggesting =-phenyl coor-
dination.2*¢ While this comparison of bulk catalytic
activity as a function of anion is interesting, it will be
equally important to measure other factors, such as the
rate of catalyst deactivation, as a function of anion.

An elegant experimental procedure to measure the
relative coordinating ability of anions has been
developed.?’2 The degree of disproportionation of the
mixed-valence, dimeric rhodium isocyanide complex
Rh,(TM4) 2+ (TM4 = 2,5-diisocyano-2,5-dimethylhex-
ane) was measured using spectroelectrochemistry. It
had earlier beenshown that the thermodynamic driving
force for this and related disproportionations of other
dimeric rhodium complexes derives from complexation
of the d’-d” dimer by anions, X-.8 Therefore, com-
parison of Kgsp for Rhoy(TM4),** in the presence of
various anions provides a relative measure of the
thermodynamic stabilities of the d™-d” Rh(TM4),X,?*
complexes, and hence a relative measure of the ability
of X-tostabilize electrophilic centers, as shown below:°

2Rh,(TM4),** + 2X ™ =
d’-d®
Rh,(TM4) 2 + Rh,(TM4) X,**
d8_d8 d7_d7

The results, listed in Table II, establish the order of
coordinating ability Cl104 ~ BF4~ > PFg~ > SbFs >»
TFPB-. While the results are specific for this particular
rhodium system, they show that single-site metathesis

reactions such as the following can have AG values of
< -5 kcal mol! ([AGisp(SbFe) — AG4isp(TFPB-)1/2):

L_,M(TFPB) + SbF; =L, ,M(SbFy) + TFPB-

In a more recent development, it has been shown that
B(CsFs)4 is more strongly coordinating, than TFPB-,45
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Table II. Disproportionation Data for [Rh(TM4)]** in
0.1 M TBA*X" #b

AGaisp,
X- Kdi,pc kcal mol-! ¢

Cl- >108 <-8.2
ClO4 18(2) -1.7
BF« 4(3) -0.8
PF¢ 9(2) X 102 1.5
SbFs 8(3) X 1032 2.8
TFPB-¢ <10-10 13.6

¢ Data from ref 20a. TM4 = 2,5-diisocyano-2,5-dimethylhex-
ane. ? Dichloromethane, 25 °C. ¢ See text for definition. ¢ Cal-
culated from Kdisp- ¢ TFPB- = B(3,5-CGH3(CF3)2)[.

A related class of weakly coordinating anions,
BR)(CsFs)s~ (R = Me, Bz), are formed when complexes
such as M(Cp/)2Rs, M(Cp)R3, and MRy (M = Tj, Zr)
are treated with B(C¢F5);.8% The resulting metal
complexes are active homogeneous olefin polymeriza-
tion catalysts. One of them, Zr(1,2-C¢H3s;Me,) (Me)-
(B(CH3)(CgF'5)s) has been structurally characterized.5c
The borate is linked to the cationic zirconium moiety
by its B-CH; group (Zr-C(B) = 2.549(3) A, Zr-H(C(B))
= 2.25(3), 2.30(3), and 2.71(3) A), not by the fluorine
atoms of the perfluorophenyl groups.

C. Ph;BCNBPh;~

This anion was introduced as a “potentially useful
new anion for crystallizations”, since it is essentially
the anionic structural equivalent of the PPN* cation
(cf. PhsP=N=PPh;* with Ph;BC=NBPh;).6! It was
crystallographically characterized in conjunction with
a coordinatively saturated metal cation, so its efficacy
as a weakly coordinating anion has not been tested.
While the negative charge on each phenyl group should
be lower than in BPhy4-, one can expect that this anion
will behave similarly to BPhy~ in most ways, especially
with respect to n8-phenyl coordination and phenyl group
transfer. Furthermore, PhsBCNBPh;- is slightly dis-
sociated in methanol to the presumably more strongly
coordinating B(CN)Phjs~ anion and BPhj, something
that could limit the usefulness of this anion in basic
solvents.

IV. 1-Carba-closo-dodecaborate(1-) (CB11H2")
and Related Anlons

A. CByHq2”

There is an extensive literature on the coordination
chemistry of BH,~.%2 It has been shown to coordinate
strongly to metal ions with one, two, or three of its
hydrogen atoms®? or, in an agostic-type three-center
interaction, with one B-H bond.®® In an effort to
distribute the charge over a larger number of hydrogen
atoms and therefore make each hydrogen atom an
intrinsically weaker donor, considerable effort has gone
into studying large, polyhedral carborane and metal-
lacarborane anions. As with fluorinated derivatives of
tetraphenylborate, two practical goals of this research
have been the development of active polymerization
catalysts® and obtaining highly soluble salts.6®

From the standpoint of weakly coordinating anions,
the best studied of these polyhedral anions is CB;;Hjs™.
In a series of landmark studies, it has been shown to
be extremely weakly coordinating as well as an ex-
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Figure 10. Structure of Fe(Cp)(CB;;H;3)(CO);. The unla-
beled open spheres are carbon atoms and the unlabeled
highlighted spheres are boron atoms. Except for H12,
hydrogen atoms have been omitted for clarity.

Figure 11. Structure of Zr(Cp*)(Me)o(CB;;H;s). The un-
labeled open spheres are carbon atoms and the unlabeled
highlighted spheres are boron atoms. Except for H7, H8,
and H12, hydrogen atoms have been omitted for clarity.

tremely weak nucleophile.32266 Structural studies
have shown that the most hydridic hydrogen atom
(i.e., H12,the one attached to the boron atom antipodal
to the unique carbon atom$®”) is always involved in
metal-CB;;H;»~ bonding.®® For example, in Fe(Cp)-
(CB1;H12)(CO);, shown in Figure 10, the only link
between the carborane anion and the Fe(II) center is
H12.%269 The compounds IrCl(CO)(PPh),(AgCB;;-
H,,)%¢c and Fe(TPP)(CB,;H;,)8¢4 also contain a single
M-H-B linkage. In the compound Ag(CB;H;s)-
(CeHg),322 each anion bridges two Ag(I) ions through
the most hydridic B12-H12 bond and one of the five
B-H bonds adjacent to it (i.e., one of the next most
hydridic B-H bonds). While bidentate coordination
of CB;;H;;- has not yet been observed, tridentate
coordination occurs in Zr(Cp*)(Me)o(CB1:H}5), as shown
in Figure 11.7% This structure, in which the metal caps
a triangular face consisting of the B12-H12 bond and
two adjacent ones (Zr-H = 2.52(3) (H12), 2.81(3) (H7),
and 2.83(3) A (HS8)),®® demonstrates the potential
electronic and structural flexibility of this weakly
coordinating anion, properties that may prove useful
in catalytic applications.

Probably the best test of the relative coordinating
ability of CB1;H;o-, as well as its relative ligand field
strength, was the preparation and characterization of
Fe(TPP)(CB1;H;;) .4 Iron porphyrins are among the
most studied and best characterized metal complexes.”!
Since there are no truly noncoordinating anions or
noncoordinating solvents, a cationic four-coordinate Fe-
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Table III. Structural, Spectroscopic, and Magnetic
Results for Fe(TPP)X Complexes

Fe-N, Ct-N, Fe.Ct, AEqdé %

X- As Ad A g mm/s S=7%,
Cl- 2.049(9)¢ 2.013¢ 0.38¢ 59 0.46¢ 0
ClO4 - 2.001(5) 1.981 0.30 4,75 3.50 65
SbFg ¢ 1.978(3) 1.974 0.15 405 4.29 98

CBuH;;/ 1.961(5) 1.955 010 415 4.12 92

¢ Average of four values (N = porphyrinate nitrogen atom).
b Ct = center of the mean plane of the 24-atom porphyrinate
core. ¢ Electronic g value (from EPR spectra). ¢ Quadrupole
splitting (from Méssbauer spectra). ¢ Reference 72c¢. / Reference
71i)§§{eference 72b. * Reference 72a. | Reference 7b. / References
66b,d.

(III) porphyrin has never been prepared. However, Fe-
(TPP)(CB;;H;2) contains the weakest interaction yet
reported between the elusive Fe(TPP)* cation and any
counterion. The results listed in Table III are
revealing.”660:d,72 The compound Fe(TPP)(CB;;H;,)
exhibits the shortest Fe-N distances, the smallest
porphyrinate core, and the smallest out-of-plane dis-
placement of the iron atom of any other Fe(TPP)X
complex. Thus, the carborane species is the least
coordinating anion in the group Cl-, ClO, SbF¢-, and
CBy;H,,~. Nevertheless, the magnetic and spectroscopic
data suggest that it is the hexafluoroantimonate com-
plex that exhibits the least high-spin (S = 5/,) and the
most intermediate-spin (S = 3/;) character, suggesting
that the ligand field strength of CB,;H ;5" is greater than
that of SbFg-, even though CB;H,;- is the weaker
binding of the two. The difference in ligand field
strengths was attributed to the p, donor capability of
the bridging fluorine atom in Fe(TPP)(SbF¢). (The
carborane anion is incapable of p, donation.5%)

There are two potential limitations to the widespread
use of CB;;H;,~ as a weakly coordinating anion. One
is that the trityl (CPhs*) salt cannot be prepared,
presumably because the trityl cation abstracts hydride
from the otherwise stable carborane anion.”® Quite
possibly, other cationic electrophiles might abstract a
hydride ion from CB;;H;,~. The second limitation is
that while the anion is stable to electrochemical
oxidation at potentials >1.7 V (vs NHE) at a platinum
electrode in acetonitrile, it undergoes irreversible
oxidation at ~0.5 V at the same electrode in dichlo-
romethane.”

B. Other Related Anlons

A number of derivatives of CB;;H;s~ have been
prepared,’>™ partly in an effort to circumvent the
inherent limitations mentioned above.”> The most
important of these are substituted at the 12-position
(i.e., the position farthest removed from the carbon
atom), since it is the B12-H12 bond that is the most
hydridic®” and hence the most prone to heterolytic
cleavage (hydride transfer). These relatively new ions
include 12-CB11H1101_,73 12-CB11H11BI",73 12-CB11H111',74
12-CB11H11(06F5)_,73 7,12-CB11H10012_,73 7,12-CB11-
I‘Il()Bl‘g_,73 7,12-CB11H1012‘,74 7,8,9,].0,].2-CB111'I7015_,74
and 7,8,9,10,11,12-CB11H6X6_ (X = Cl, Bl‘).’,4

The structure of Ag(12-CB;;H;;Br)(CsHg) has been
determined.”® Each monobrominated anion is bonded
to three Ag(CgHes)*™ moieties, through its Br, H7, and
H8 atoms.®® The Ag-Br bond distance of 2.642 A is
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considerably shorter than the distances in AgBr" or in
Ag(BrCH,S05),7 2.8878(5) and 2.970(5) A, respectively.
The Ag-H distances of 2.20 and 2.27 A are longer than
the Ag-H7 and Ag-H12 distances in Ag(CB;;H;9)-
(CeHe), both of which are 1.97 A.32269 Tt is possible that
the Ag—H distances in Ag(12-CB;;H;;Br)(CsHs) are
longer than those in Ag(12-CB;;H;;Br)(CsHs) because
the Ag(I) ion in the former compound, by virtue of its
bond to arelatively strongly coordinating bromine atom,
is less electrophilic than the Ag(I) ion in the latter
compound.

There are a large number of other compounds in
which metal ions form bonds with polyhedral borane
or carborane anions.f22< In nearly all cases, however,
the cage anion cannot be considered a weakly coordi-
nating anion because the metal ions interact with both
hydrogen and boron atoms (in many cases the metal
ions are part of the cage framework).”” An exception
is [Th(Cp*):Melz[Fe(C2BgH;;)2], in which the Fe-
(C:BgH, ), anion bridges two Th(Cp*);Me* cations.”™
The only cation—anion interactions are three relatively
week Th-H bonds (2.42(3), 2.50(3), and 2.67(4) A).
Nevertheless, despite the seemingly weak Th-H in-
teractions, this thorium complex is a much less active
ethylene polymerization catalyst than an analog with
two Th-F bonds, Th(Cp*):(Me)(B(C¢F5)4) (see Figure
9).56

V. Pentafluorooxoteliurate (OTeFs ) and Related
Anlons

A. OTeF;s~

Pentafluorooxotellurate, or teflate, has been used for
some time as ahard and very electronegative substituent
for main group elements.”” Most notable is the recent
low-temperature generation of Kr(OTeF;)s, one of only
a handful of krypton compounds and the first one with
Kr-0 bonds.8° The structure of the free teflate anion
is a slightly distorted octahedron, with Te-O and
average Te~F bond distances of 1.786(3) and 1.853(3)
A, respectively, and an average O-Te~F.q bond angle
of 95.2(2)°.8! Therefore, teflate is nearly isostructural
and isodimensional with SbFg~ (Sb-F (av) = 1.844(8)
A in KSbFesQ).

A number of binary (homoleptic) metal teflates have
been prepared, including MOTeF; (M = Li-Cs),%
AgOTeF;,% TI0TeF;,% Zn(OTeFs5)s,% Hg(OTeF5),,338
Fe(OTeF5)3,33 AU(OTGF5)3,89 Ti(OTeF5)4,9° M(OTeF5)5
(M = Nb, Ta),! W(OTeFs)s,°! and U(OTeF:)s.%? At
the same time, a number of complexes containing
teflates as well as traditional ancillary ligands have been
prepared and characterized, including Mn(OTeFs)-
(C0O)5,2Fe(Cp)(OTeFs5)(CO),,2 Fe(TPP)(OTeFs),*and
Pt(OTeF5)2(NBD).% Forthelatter class of compounds,
it has been found that the coordinating ability of OTeF-
is considerably less than Cl- and slightly greater than
ClO4 or SO3CF5. Despite the measurable differences
in coordinating ability, teflate is not unique relative to
perchlorate or triflate as a terminal, monodentate ligand
in complexes such as Mn(OTeF;)(CO)s.

The significant difference between OTeFs and the
seemingly similar traditional weakly coordinating an-
ions C104~, SOsF-, SO;CFs-, BF4, SbF¢, etc. becomes
evident when comparing the reactivities of simple
binary compounds such as AgX, T1X, and FeX;3. For

Strauss

F F
F, | .F F.. | .F -
FrTeNE FrSP~NF
x4 F'
S5+ S5+ Ag/ \Ag Ag/ \Ag + +
N/ A4
8- ° F
F. | .F F. | .F
F/T|e\F F/‘s|b‘\F v
F F

Figure 12. Diagram showing possible charges and charge
separations for Ag.(OTeFs); and Ags(SbFg). fragments.

example, solubilities of AgX salts in dichloromethane
at 22 °C follow the order AgClO, (0.0006 M)% < AgBF,
(0.010 M) < AgSbFs (0.16 M)® < AgOTeFs; (> 2.5
M).% Since teflate isa stronger donor than perchlorate,
the extremely high solubility of AgOTeF; in this weakly
coordinating solvent seems anomalous. In another
study, it was found that AgOTeF; absorbed carbon
monoxide in the solid state to form an unprecedented,
isolable silver carbonyl, Ag(OTeF;5)(CO) (»(CO) = 2189
cm™).% The compound AgSbFg, on the other hand,
did not interact with carbon monoxide.!® Inyetanother
study, the solubility of TIOTeF; in toluene was deter-
mined to be 0.39 M. In contrast, T1C10, is completely
insoluble in this solvent.®> Finally, Méssbauer spectra
indicate a major structural difference between Fe-
(OTeF;); and Fe(SO;CF3);. The former compound
apparently has a trigonal-planar FeO; coordination
geometry®® while the latter has a routine octahedral
FeOg coordination geometry.10!

These results can be understood as follows. With
only one reasonably strong donor atom, teflate cannot
form insoluble lattices with three-dimensional extended
bridging, as can perchlorate and sulfonates. Since
teflate’s negative charge is concentrated on the oxygen
atom,?! its fluorine atoms are undoubtedly weaker
donors than the fluorine atoms of the common fluo-
roanions. Furthermore, since teflate forms relatively
strong M-0O bonds, a M(OTeFs5), or Mz(OTeFs5)s,
fragment is probably more molecular (i.e., has lower
charges) than a M(SbFg), or Mx(SbF¢)2, fragment, as
depicted in Figure 12. Therefore, binary teflate com-
pounds should be soluble in any solvent that can
coordinate to the metal ion, even if the dielectric
constant of the solvent is very low. The coordination
of several weakly donating .solvents has been studied
by X-ray crystallography in isolable complexes such as
Ag(OTer)(CHQCIQ),% Ag(OTer)(1,2-CQH4012),96 Ag-
(OTeF;)(1,2,3-C3H;Cl,),1%%2 T1(OTeFs)(mes); (mes =
mesitylene),® Zn(OTeF;),(CsHsNO2),,1% and Zn-
(OTeF5)2(CsHsNO2)3.208 With the exception of the last
compound, which is a monomer, all of these complexes
are dimeric with My(OTeF;); cores. For example, the
structure of Zn(OTeFs5)2(C¢HsNOs)s, which contains
both bridging and terminal teflate groups, is shown in
Figure 13. Note that nitrobenzene can coordinate to
metal ions both as a monodentate and as a bidentate
ligand.1%* Suffice it to say, solvents such as chloroal-
kanes, aromatic hydrocarbons, and nitroarenes should
not be referred to as “noncoordinating” solvents.

As discussed above, the major disadvantage of
fluoroanions such as BFs, SbF¢, etc. is the potential
for fluoride ion abstraction by electrophiles. This is
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Figure 13. Structure of the centrosymmetric {Zn(O-
TeF5)2(CeHsNOsg)2ls dimer. Each Zn(II) ion is coordinated
to one bridging and one terminal OTeF5- anion and to one
monodentate and one bidentate nitrobenzene ligand. The
unlabeled open spheres are carbon atoms, the unlabeled large
highlighted spheres are tellurium atoms, and the unlabeled
small highlighted spheres are fluorine atoms. Hydrogenatoms
have been omitted for clarity.

not a problem for the teflate anion, however. There is
no evidence for fluoride ion or fluorine atom loss from
free or bound OTeF; at temperatures below 200 °C.1%5

B. M(OTeFs),"

In an effort to obtain larger and more weakly
coordinating anions, several M(OTeF';),™ complexes
(n =4, 6; m = 1, 2) have been studied.59:99,100,106,107 ¢
was anticipated that having the negative charge delo-
calized over a large number of fluorine atoms would
diminish the interaction of any given fluorine atom and
acationic metal center. Inan effort to further minimize
cation—anion interactions, the soft monovalent cations
Ag(I) and T1(I) were chosen for initial studies. An
additional reason for choosing these particular cations
is that the set of Ag,M(OTeFs), and T1,M(OTeF:),
salts would then be available as Cl-/X- metathesis
reagents.

A subset of these anions, M(OTeF5)42>- (M = Co,1%7
Ni, %7 Cu,07 Zn,!® and Pd%), will be considered first.
Their Ag(I) salts have proven to be the most interesting.
For example, crystalline Ag,Zn(OTeF;), binds 2 equiv
of carbon monoxide at 22 °C and pressures < 1 atm.
(Recall that AgOTeF; takes up only 1 equiv and
AgSbF does not form a complex with CO under these
conditions.!®) Another interesting example is Ag,Pd-
(OTeFs;),, which absorbs up to 2 equiv of dichlo-
romethane vapor in the solid state, as shown in Figure
14. Both a 1:1 (Ag/CH.Cly) and a 1:2 complex are
evident. As can be seen, the 1:2 complex has an
equilibrium vapor pressure of dichloromethane above
the crystals of ~350 Torr, which is nearly the vapor
pressure of neat dichloromethane at 22 °C. The
structure of the 1:2 complex is shown in Figure 15. Each
Ag(D) ion in this centrosymmetric complex is coordi-
nated to two bidentate dichloromethane ligands. The
Ag-Cl bond distances range from 2.775(2) to 2.882(2)
A. These distances are much shorter than the sum of
van der Waals radii for Ag and Cl atoms, 3.45 %+ 0.05
A.*6 Considering that the chlorine atoms do not
bear a full negative charge, the Ag-Cl bonds are quite
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Figure 14. Tensimetric titration of Ag,Pd(OTeFs), with
dichloromethane. The pressure in the apparatus is due to
dichloromethane vapor only. The dotted horizontal line at
353.3 Torr represents the vapor pressure of dichloromethane
at 20.0 °C.

Figure15. Structure of the centrosymmetric [Ag(CHyCly)s]o-
[Pd(OTeF;),] formula unit. The unlabeled open spheres are
carbon atoms, the unlabeled large highlighted spheres are
tellurium atoms, and the unlabeled small highlighted spheres
afe fluorine atoms. Hydrogen atoms have been omitted for
clarity.

short—they can be compared with Ag—Cl distances
involving a terminal chloride ion, 2.512(1) A in Ag-
(diphos)Cl,1% chloride ions that bridge Ag(I) and Pt-
(I) ions, 2.408(8) and 2.724(8) A in Ag;Pt,Cl4(CeFs),, 1%
and an octahedral array of chloride ions, 2.77512(5) A
in AgCl75

Note that each Ag(I) ion in [Ag(CH:Cly),].[Pd-
(OTeF'5),] is bonded to two of the oxygen atoms of the
Pd(OTeF5)s* counterion. Evidently, the teflate 6xygen
atoms in this compound are too sterically accessible to
allow only weak Ag-F interactions to exist. In orderto
gauge the strength of the cation-anion interaction in
[Ag(CH.Cly):1.[Pd(OTeFs)4], equivalent conductances
were measured for Ag,Pd(OTeFs)s, AgOTeF;, and
related compounds.?® The results are shown in Table
IV. They suggest that a much higher proportion of
Ag(I) ions are dissociated from Pd(OTeFs),2- than from
OTeFs,soitis the former anion that is the more weakly
coordinating. Theresults in Table IV also require that
specificsolvation of Ag(I) ions (i.e., coordination to Ag-
(I) ions) must be stronger with 1,2-dichloroethane than
with dichloromethane, a conclusion that was corrob-
orated by 13C NMR experiments.%

A logical extension of the chemistry described above
was the exploration of the B(OTeF;)4 anion as a very
bulky and less coordinating alternative to BF,~. It was
thought that the relatively short B-O bonds might
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Table IV. Equivalent Conductances (22 °C) in
Dichloromethane and 1,2-Dichloroethane®

103 X equivalent

concen- Sonduciance
tration,
compd M CHzClz 1,2-CzH4Clz
AgOTeFs 0.0101 0.14 0.52
Ag:Pd(OTeFs), 0.0100 2.9 14.4
N@n-Bu)s*Cl0, 0.0100 13.8
N(n-Bu)4*OTeF5- 0.0100 14.8 15.2
(N(n-Bu)4*):Pd(OTeF5)-  0.0100 15.6 16.4

@ Data from ref 96. The specific conductance of both of the
pure solvents was <3 X 107 9! em™.

prevent strong B-O-M bridges from forming. Five
compounds have been structurally characterized: [TI-
(mes)2][B(OTeFs5))],% [T1(1,2-C;HyCly)1[B(OTeF5) ], 1%
AgB(OTeF5),,!% [Ag(CO)1[B(OTeFs5),],*® and [Ag-
(C0O)21[B(OTeF5)4].1% InthetwoTI(I) compounds, the
only cation—anion interactions are relatively long T1-F
secondary!!! bonds. In the compound [Tl(mes)]-
[B(OTeFs).], which contains two n®-mesitylene ligands
for each TI1(I) ion, the four closest T1-F contacts are
made with two borate counterions and are 3.17(1), 3.25-
(1), 3.47(1), and 3.83(1) A.85 The last two distances are
longer than the sum of van der Waals radii for thallium
and fluorine, ~3.35-3.50 A.4647 In the compound
[T1(1,2-CoH4Cl)1[B(OTeF5)4], the presence of a simple
chelating bidentate 1,2-dichloroethane ligand instead
of two n®-mesitylene ligands leads to a greater number
of TI-F contacts.!%¢ In this case, four anions donate
nine fluorine atoms, and the distances range from 2.950-
(5) to 3.981(8) A. For comparison, the TI-F distances
in TIF, which possesses a very distorted rock salt
structure, range from 2.25(2) to 3.90(2) A.112 Another
relevant comparison can be made with [T1(CsHz; N3)]1-
[PFgl, in which the TI(I) ion has an N3F; donor set
(CyHz;N;3 = N,N’,N”-trimethyl-1,4,7-triazacyclo-
nonane).!!? In this compound, the T1-F distances are
3.23(1), 3.27(1), and 3.54(1) A.

In the silver dicarbonyl complex, there are three
discrete, linear Ag(CO),* cations, each surrounded by
B(OTeFs)s anions.!® The Ag-F distances range from
2.75(1) to 3.20(1) A, 3.02(1) to 3.54(1) A, and 2.95(1) to
3.57(2) A for the three cations. The Ag-F distances in
AgSbFe!'* and in AgF,!'5 both of which have AgFg
coordination spheres, are 2.62 and 2.467(3) A, respec-
tively. Clearly, in [Ag(C0):][B(OTeF5)4] and in the
two TI(I) compounds, the B(OTeF';),~ anion is extremely
weakly coordinating.

Nevertheless, in both AgB(OTeF;5),and in [Ag(CO)]-
[B(OTeF5),] there are Ag—O-B bridges, indicating that
the borate anion can coordinate more strongly under
some circumstances. In the structure of [Ag(CO)]-
[B(OTeF5)4], which is shown in Figure 16, there are
two Ag—O bonds (Ag-01 = 2.324(6) A, Ag-02 = 2.436-
(7) A) and four Ag-F contacts (not shown) which range
in distance from 2.959(6) to 3.076(8) A.%° The Ag(I) ion
in AgB(OTeF's)4 is bonded to O1 (2.500(5) A) and 02
(2.601(5) A) from one borate anion and more weakly
bonded to 03’ (2.756(5) A) from another.1% Six Ag-F
contacts, 2.644(5)-3.017(5) A, round out the coordi-
nation sphere of the cation. Differences in ionic radii
may explain why TI(I) does not coordinate to B(O-
TeFs),~ oxygen atoms. The six-coordinate radii of Ag-
(I) and T1(I) are 1.15and 1.50 A, respectively.?” Clearly,

Strauss

Figure 16. Structure of [Ag(CO)]1[(B(OTeF5)s)]. The un-
labeled large highlighted spheres are tellurium atoms, and
the unlabeled small highlighted spheres are fluorine atoms.

the oxygen atoms are sterically less accessible than the
fluorine atoms, and the larger T1(I) ion may not be able
toform T1-0-B bridge bonds without requiring a severe
distortion of the borate anion.

Similar bridge bonds to the oxygen atoms of the
borate anion may explain how cationic electrophiles
abstract a teflate anion from B(OTeF;),~. Forexample,
attempts to prepare [Fe(TPP)][B(OTeFs;).], [Fe-
(OEP)1[B(0TeF5)4], or [SiPh3]{B(OTeF5)s] by me-
tathesis reactions between Fe(TPP)Cl, Fe(OEP)C], or
SiClPhsand AgB(OTeF5)4 or TIB(OTeF5)4, or between
SiHPh; and [CPh3]1[B(OTeF;),], led only to the iso-
lation of Fe(TPP)(OTeFs), Fe(OEP)(OTeFs5), or SiPhs-
(OTeF5).19% The elusive cations Fe(TPP)*, Fe(OEP)*,
and SiPhs* were not observed. Presumably, interme-
diates such as [(TPP)FeO(TeF;)B(OTeF5)s] are in-
volved in these reactions. Control experiments proved
that OTeF5-did not readily dissociate from B(OTeFs) 4
there was no isotope exchange, even after weeks, when
[TBA]['"OTeF;] was mixed with [TBA][B(1¢QTeF}5).]
in dichloromethane at 22 °C.1%t The presence of an
electrophile was definitely required to effect the ex-
change. For example, 70 NMR experiments showed
that complete isotope exchange occurred within 1 h
when H!7OTeF; or Agi’0OTeF; were mixed with
[TBAI[B(*%0TeF5)4].19%t Therefore, despite the large
size and diffuse charge of the B(OTeFs)4 anion, its
usefulness as a weakly coordinating anion is limited:
it too easily fragments into OTeF;~ and B(OTeF5); in
the presence of strong electrophiles.

A limited amount of information is available on even
larger M(OTeF5),™ anions with sterically less accessible
oxygen atoms, such as Ti(OTeFj)g2-,202:1062 Np.
(OTeFs)6 '8 Ta(OTeF5)6, ¢ and Sb(OTeFs)e .17 Sil-
ver(I) salts of the first two have been prepared and
studied,!%2 and the initial interpretation is that these
hexacoordinate anions are superior to B(OTeFs),~ in
three important respects. First, as the structure of
[Ag(CHQCIQ)a]Q[Ti(OTeF5)6], shown in Figure 17, dem-
onstrates, there are no Ag—O-Ti bridge bonds and only
two relatively weak Ag-F interactions (Ag-F1 = 3.028-
(N A, Ag-F6 = 3.034(7) A). Second, IR experiments
showed no exchange between Ag®0TeFs and AgNb-
(*¢QTeFs)¢, even after several days. Finally, the sol-
ubilities of AgSbFs, AgOTeF;5, AgB(OTeF;), and AgNb-
(OTeFs5)¢ in 1,1,2-trichlorotrifluoroethane (CFC-113)
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,

Figure 17. Structure of the centrosymmetric [Ag(CH:Cly)3]2[Ti(OTeFs5)s] formula unit. The unlabeled open spheres are
carbon atoms, the unlabeled large highlighted spheres are tellurium atoms, and the unlabeled small highlighted spheres are

fluorine atoms. Hydrogen atoms have been omitted for clarity.

at22°Care0,0, 0.004,and 0.40 M, respectively, showing
that appreciable concentrations of metal ions can be
produced in solvents that are even more weakly
coordinating than dichloromethane if the counterion
is large enough and weakly coordinating enough.
Whether complex ion salts such as [Fe(Por)][Nb-
(OTeFs)6] and [SiR3]1[Nb(OTeFs5)s] can be isolated and
fully characterized remains to be seen.

VI. PW,04°" and Related Anions

A number of reactive, cationic organometallic com-
plexes have been isolated in the solid state using
heteropolyanions (Keggin ions) such as PW;504% as
their counterions. The first such complex studied was
the Rh(CO)(PPhj);* cation in [Rh(CO)(PPhj).]s-
[PM;204] and [Rh(CO) (PPh;)214[SiM12040] (M = Mo,
W).118 These compounds were prepared by heating the
[Rh(CH;3CN)(CO)(PPhj)2],[EM;204] precursors to
>140 °C under vacuum, driving off the weakly bound
acetonitrile ligands (E=P,n =3;E =Si,n =4). EXAFS
results for [Rh(CO)(PPhs),]4[SiW;204] showed no
Rh..-W distance < 4 A. On this basis, the authors
proposed that there are no Rh—O(W) contacts in this
class of compounds and that coordinatively unsaturated
(i.e., 14-electron) Rh(CO) (PPh;).* cations are located
in interstitial sites between the SiW 504" cages.!' An
alternative interpretation is that one or more weak Rh~
OM) contacts with distances > 3 A exist in these
compounds, similar to the long Ag-F(Te) contacts in
[Ag(CH:Cls);31o[Ti(OTeF5)¢] (see above). Such long
Rh-O distances would give rise to Rh---W distances
significantly greater than 4 A and would not have been
found in the analysis of the EXAFS data. Another
alternative explanation is that a weak interaction
with a phenyl group in Rh(CO)(PPh;).* gives rise
to a reactive yet saturated 16-electron complex. Such
an interaction was discovered in the related complex
[Rh(PPhs)3]1[C104].11® Nevertheless, it has been found
that solid-state, solvent-free compounds such as [Rh-

02¢Y 02

ol
W
03d k]

Figure 18. Structure of the SiW304* anion. Onlya portion
of the anion has been labeled, showing the four types of oxygen
atoms described in the text (O, O1, 02, and 03).

(CO)(PPh3)214[SiW,5,040] are active catalysts for olefin
hydroformylation and isomerization, the oxidation of
carbon monoxide to carbon dioxide, and the reduction
of nitric oxide to nitrous oxide by carbon dioxide.!2°

Therefore, even if Rh—-0 or Rh—H-C;t10 bonds exist in
these species, they must be weak and labile interactions
that allow the metal center to exhibit the observed
catalyticactivity. Inother words, these novel materials
contain virtual coordination sites.

The structure of the SiW;204* anion in [BEDT-
TTF1s[SiW;2040]1'% is shown in Figure 18. The het-
eropolyanion, which has effective T; symmetry, is
representative of the structure of all four EM;204™
anions mentioned above. There are four types of oxygen
atoms, of which three could potentially form bridges to
cations. (Each of the four oxygen atoms forming the
central SiO, core, labeled O in Figure 18, cannot form
bridges with cations, since they are already four-
coordinate.) Besides the terminal M=0 oxygen atoms
(labeled O1), there are two types of M-O-M bridging
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oxygen atoms. One type (02) bridges pairs of edge-
shared MOg octahedra and the other type (03) bridges
pairs of vertex-shared MOg octahedra. It has been
shown that O2 is more basic than Ol: treatment of
[N(n-CsH13)413[PMo012040] with [O(CH3)s] [BF4] results
in methylation of an O2 atom in preference to an O1
atom and the formation of a M—O(CH3)-M unit.!2? Since
038 is sterically less accessible than 02, this experiment
may not have probed its relative basicity. As far as
intrinsic basicity is concerned, it has been shown that
PMo,504% and SiMo;,04* are considerably less basic
than perchlorate. This fact can be understood by
representing these ions as (P04)3-(Mo0;2036)° and
(Si04)*(Mo;2036)°, which denote the highly charged
cores in a metal oxide sheath possessing zero surface
formal charge.!2? Nevertheless, metal ions such as Ca?*
and Eu®* bind, with substantial affinity, to some
heteropolyanions in aqueous solution, including Si-
Moy2040+. 12

The concept of trapping soft organometallic cations
in a lattice of hard, very large, weakly nucleophilic
heteropolyanion clusters has also been nicely exploited
in a number of other systems involving rhodium,
iridium, and platinum.!*®* Many of these systems
display catalytic activity. Insome cases,suchas [PtH-
(PEt3)2]3[PW5040],12% virtual coordination sites are
generated by thermally removing solvent molecules
bound to the metal in the precursor. In other cases,
such as [IrHy(PPhs),]s|PW12040],124 these sites are
created by hydrogenation of olefins bound to the metal
in the precursor.

VII. HC(SO.CF;),- and Related Anions

There have been numerous reports of the use of
carbon and nitrogen Bronsted acids such as CH(SO,-
CF3)2, CH(Ph)(SOQCFa)Q, NH(SOQCFa)Q, and homo-
logues with longer perfluoroalkyl chains to prepare (i)
catalytically active rhodium and iridium complexes,?®
(ii) protonated late transition metal complexes,!?6 and
(iii) n*-H2 complexes of ruthenium!?’ and iridium.!?
The acids possess a number of useful properties:!2*4
they are volatile, crystalline, air-stable solids; they are
soluble in weakly coordinating solvents such as toluene
and dichloromethane (replacement of the CF; groups
with longer perfluoroalkyl chains results in significantly
enhanced solubilities in aromatic hydrocarbons of salts
of the conjugate bases); they are nonoxidizing, strong
acids (the pK, of CH3(SO;CF3)2 was estimated to be
approximately -1 in water); their conjugate bases
appear to be very weakly coordinating toward soft
metal ions. For example, treatment of RhH(PPhy),
with CH2(SO;CF3); resulted in the formation of [Rh-
(PPh;y)3s][CH(SO:CF3),].1%4 NMR and IR datastrongly
suggested that the CH(SO>CF3).-ionis not coordinated
to Rh(I) in this compound, which is not surprising since
perchlorate does not coordinate to Rh(I) in [Rh(PPhs);]-
[ClO,].118

Nevertheless, anions such as CH(SO;CF3)s can
coordinate strongly to oxophilic early transition metal
cations and to later transition metal cations without
additional ligands. In fact, the formation of relatively
stable chelate rings can make CH(SO2CF),~and related
anions more strongly coordinating than triflate and
other sulfonates in some cases. For example, the
structure of Zr(Cp)2(CH(SO2CF3)2)2, shown in Figure
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Figure 19. Structure of Zr(Cp)2(CH(SO:CF3)s);. The un-
labeled open spheres are carbon atoms and the unlabeled
small highlighted spheresare fluorine atoms. Hydrogenatoms
have been omitted for clarity.

19, revealed the presence of two coordinated CH-
(SO:CF3), anions.?® Note that one of these ligands is
O-monodentate and the other is 0,0’-bidentate, the

latter forming a six-membered er—O—S(O)—C(H)—

—
S(0)-0 chelate ring. A similar chelate ring was found
in TiQ(i'Pl‘O)e(CH(SOQCFa)Q)Q.130 The related anion
C(S0,C2Hs)s~ was used to prepare binary salts such as
CO(C(SOQCQH5)3)2 and Ni(C(SOQCQHs)a)Q.wl Ligand
field spectra and magnetic moments were consistent
with octahedral coordination of the metal ions, sug-
gesting the presence of not only O-coordination but of
0,0’-chelation as well. In some cases involving low-
valent, soft metal ions,!26f the CH(SO,CF3),- anion can
coordinate through its central carbon atom, making it
superficially similar to the acetylacetonate anion.

VIII. Miscellaneous Anions

A. Cgo”

There is only one report of the use of the fulleride ion
Ceo~ as a counterion for a cationic metal complex.
Treatment of Cr(TPP) with Cg in THF produced
crystalline Cr(TPP)(Ceg) (THF)3.132 Based on the avail-
able spectroscopic and magnetic data, the product is
best formulated as [Cr(TPP)(THF),]1*[Cgol-THF.132
The reaction is highly solvent dependent and does not
occur in toluene solution. Apparently, a coordinating
solvent like THF is necessary to stabilize the cationic
Cr(III) product that results from electron transfer from
CI‘(II) to Ceo.

Despite this interesting result, Cg,~ will probably not
find widespread use as a weakly coordinating anion for
two reasons. First, reduction potentials for the Cg%/1-
couple, which are solvent dependent, are always more
negative than 0 V ve NHE.!3 This means that Cgy~ is
even more prone to oxidation by electrophiles than
BPh, (see above). Second, neutral Cgy has been found
to coordinate tometals as abulky olefin.!3¢ The addition
of a negative charge could make it an even better ligand
for cationic, electrophilic metal complexes that have
an affinity for olefins. The second point may not be
relevant in all cases, however: it has been shown that
for neutral, soft metal complexes such as Pt(PPhs),,
the order of afﬁnity is Ceo > Ceo_ > 0602_.134b
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B. B(0-C¢H,0,),"

This relatively stable borate anion has been used to
generate cationic w-allyl nickel complexes that are
catalysts for stereospecific butadiene polymerization.1%
It was found that B(o-CeH4O:2)s~ is more strongly
coordinating than PF¢ and less strongly coordinating
than sulfonates such as triflate and tosylate. It seems
likely that the catecholate oxygen atoms coordinate to
the Ni(II) ions in these compounds.

C. H(1,8-(BMe2),CoHs)"

The neutral diborane 1,8-(BMe;):C;oHs has been
shown to abstract hydride from various triorganoboro-
hydrides and from Zr(Cp)2(H)(C1).1% It has been called
hydride sponge because of its similarity to Proton
Sponge, 1,8-bis(dimethylamino)naphthalene.!® The
anion, H(1,8-(BMe,),C10Hg)~, may be a potential weakly
coordinating anion, since the hydridic hydrogen atom
is firmly bound to two boron atoms and is sterically
protected by the four methyl groups. The potential
exists, however, for coordination of this anion through
its delocalized w-system. The field of multidentate
anion complexation has been recently reviewed.'®

D. Anionic Methylalumoxanes

Active Ziegler-Natta polymerization catalysts have
been prepared from soluble M(Cp)2(X): complexes and
a large excess of methylalumoxane, which is a mixture
of [AI(CH3)(x-0)],, oligomers prepared by the controlled
hydrolysis of AlMe;.24213 Little detail is known about
the interactions between the poorly defined methyla-
lumoxane and the metal complexes, but model studies
suggest the formation of [M(Cp)(X)1*[X(Al(CHj3) (k-
0)),] ion pairs.2¢

IX. Metathesls and Other Reactions: How Can
Weakly Coordinating Anions Be Introduced?

An important issue that has not yet been addressed
in this review is the limitations imposed by weakly
coordinating anions on possible metathesis reactions.
In other words, how are larger and more weakly
coordinating anions going to be introduced in the first
place? Several routes that have been widely reported,
and have been used in the chemistry described in the
references given above, are L,_;M—-R bond protonolysis,
R- abstraction with Lewis acids, halide abstraction with
Ag(D) or T1(I) salts, H- abstraction with the CPhs*
cation, and oxidation of L, ;M-R bonds by Ag(I) or
Fe(Cp)2* ions.

Halide abstractionis by far the most general approach
to the synthesis of highly reactive cationic metal
complexes. Mechanistic studies of Ag(I)-induced halide
abstraction from alkyl halides!® and iodide abstraction
from Fe(Cp)(I)(CO)2!*® have been reported. When
common anions such as BF,~ are used, the situation is
believed to be well understood. When larger and more
weakly coordinating anions are employed, however,
halide abstraction is either very slow or does not occur.
For example, when the complex IrC1(CO) (PPhs); was
treated with AgClO, in benzene, a rapid Cl-/ClO4
metathesis occurred and AgCland Ir(C104) (CO)(PPhs).
were formed.!*! Similarly, the complex Ir(SO3;CFs)-
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(CO)(PPhs); was formed if AgSO;CF; was used instead
of AgClO.%%2 In contrast, when AgBF,, AgSbFs, Ag-
(CBIIHIQ), Ag(7,8,9,10,11,12-CB11H6Br6), or Ag(C-
(Ph)(SO:CF3);) were used, there was no precipitation
of AgCl even after several days. Instead, an adduct
with a Ir-Ag-X linkage was formed (X- = the weakly
coordinating counterion). Furthermore, when acetone
was used as the solvent, the metathesis between IrCl-
(CO)(PPhs);and Ag(CB;1H,2) occurred rapidly, but the
iridium complex formed was Ir((CH3)2CO)(CO)(P-
Ph3)2+.665

Another example of arrested halide abstraction was
observed when Fe(Cp)(I)(CO); was treated with Ag-
(CBj;Hyg) in benzene.562 A stable adduct with a Fe-
I-Aglinkage wasisolated and characterized. Onlyafter
one week was the metathesis reaction complete, yielding
Agl and Fe(Cp)(CB;1H;2)(CO)2 (see Figure 10). If the
counterion X~ was BF-, SbFg, ClO,-, or SO;CF3-, the
iodide-bridged adduct could be observed but decom-
posed much more rapidly to Agl and Fe(Cp)(X)(CO)..

Both of these examples demonstrate that the rates
of halide/weakly coordinating anion metathesis reac-
tions are very sensitive to the nucleophilicity of the
anion and the solvent. Rather than halide abstraction
by Ag(I), these reactions should be thought of as Ag(I)-
assisted nucleophilic displacements of halide ions by
X- or by a solvent molecule. The paradox is that as
anions and solvents become less and less coordinating,
and hence less basic and less nucleophilic, simple
L,-1M-Cl complexes will not be useful precursors to
reactive, virtually unsaturated L, ;M™* cations. More
clever ways to introduce weakly coordinating anions
will have to be developed. Along with the synthesis of
larger and more weakly coordinating anions, this is one
of the most important challenges facing coordination
chemists today.
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X1. Abbreviations

Cp n5-cyclopentadienyl anion

Cp* n°-pentamethylcyclopentadienyl anion

Cp’ any of several substituted n’-cyclopentadienyl
anions

diphos  1,2-bis(diphenylphosphino)ethane

mes mesitylene

NBD 2,5-norbornadiene

NHE normal hydrogen electrode (E = 0 V)

OEP 2,3,7,8,12,13,17,18-octaethylporphyrinate dianion
Por any porphyrinate dianion

PPN*  bis(triphenylphosphine)iminium cation
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py pyridine

TBA tetra-n-butylammonium cation

TFPB- tetrakis[3,5-bis(trifluoromethyl)phenyl]lborate-
(1-) anion

THF tetrahydrofuran

TPP 5,10,15,20-tetraphenylporphyrinate dianion
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