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Abstract
DFT calculations on dinuclear molybdenum complexes with bridging hydride and methyl ligands, namely [CpMo(l-O2CH)]2(lPH2)(l-H) and [Cp*Mo(l-O2CMe)]2(l-PMe2)(l-Me), indicate that the bonding is best described in terms of: (i) a 2-center-2-electron
Mo–Mo single bond and (ii) a 3-center-2-electron Mo–H–Mo or Mo–Me–Mo bond. The presence of a 2-center-2-electron Mo–Mo
single bond is in accord with an electron counting procedure that views the bridging hydride and methyl ligands as l-LX ligands; in
contrast, an electron counting procedure which apportions half of the valence electron of the hydrogen atom or methyl radical to each
metal dictates a Mo@Mo double bond, a result that is contrary to the theoretical calculations. Consideration of a variety of other bridging hydride complexes indicates that the l-LX electron counting method provides the best general description of the bonding by clearly
distinguishing between the number of 3-center-2-electron M–H–M interactions and direct 2-center-2-electron M–M interactions.
 2004 Elsevier Ltd. All rights reserved.

1. Introduction
The ability to discern whether or not the proposed
structure of a molecule is reasonable is paramount to
understanding and predicting its properties, such as stability. While these issues can be addressed by theoretical
studies of various levels of sophistication, the ﬁrst order
evaluation is normally performed by the application of
simple qualitative and empirical rules, such as the octet
rule and those embodied in valence shell electron pair
repulsion theory. For example, the chemistry of carbon
is dictated by the octet rule and application of this rule
successfully predicts the existence of single, double, and
triple bonds in ethane, ethylene, and acetylene, respectively. The transition metals, however, with their multi*
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ple valence states, are not so readily rationalized by such
simple rules. Nevertheless, a notable exception pertains
to the organometallic chemistry of the transition elements (and especially for the metals Groups 6–8), for
which many structures are governed by the ‘‘18-electron
rule’’ [1,2]. By analogy with the octet rule, the successful
application of the 18-electron rule merely requires
knowledge of how many electrons the ligand array contributes to the valence shell of the metal. For example,
the Mn–Mn bond order in (CO)5Mn–Mn(CO)5 is predicted to be one on the basis that each [Mn(CO)5] fragment posseses a 17-electron conﬁguration (cf. the single
C–C bond in ethane is a consequence of the fact that
each methyl radical possesses a 7-electron conﬁguration). Despite this simplicity, inspection of the literature
makes it evident that certain ligands cause confusion
with respect to the number of electrons that they contribute to the metal center; bridging hydride and alkyl
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ligands, in particular, are two of the most common ligands for which opinions diﬀer. An important ramiﬁcation of employing diﬀerent electron counts for a given
bridging ligand is that the inferred bond order between
the two metal centers will vary. As an illustration, the
molecule Os3(CO)10(l2-H)2 [3] has been represented in
the literature with no less than ﬁve bonding descriptions
in which the Os  Os bond order varies from zero to
two, including variants with less certain bonding depictions (Fig. 1). Thus, although the formal classiﬁcation of
the bridging ligands and the resulting diﬀerences of the
formal electron-count may be subjective, the consequences for predicting the electronic structure, of which
the most salient feature is the nature of the metal–metal
interaction, are signiﬁcant. Therefore, we address this issue here by performing density functional theory (DFT)
[4] electronic structure calculations on a series of dimolybdenum compounds with bridging hydride, methyl
and chloride ligands. Speciﬁcally, evaluation and comparison of the derived Mo–Mo bond orders provides a
means to assess which of the literature electron counting
methods for treating symmetrically bridging hydride
and methyl ligands is the most apt. The conclusion of
this study is that symmetrically bridging hydride
and methyl ligands are best represented as 3-center2-electron interactions, and that electron counting
schemes that apportion half of the valence electron of
the hydrogen atom or methyl radical to each metal are
not appropriate.

2. Results and discussion
2.1. Electron counting and bond order ambiguities
The theoretical calculations that are described in this
paper are intended to evaluate which is the most appro-

priate method for counting electrons in complexes that
possess [M(l-X)M] (X = H, R) 3-center-2-electron interactions [5,6]. To place this work in context, it is pertinent to review the two basic methods for evaluating
the number of electrons contributed to each metal center
by symmetrically bridging hydride and alkyl ligands.
2.1.1. Method I: the ‘‘half-electron’’ method
This method merely apportions the electrons associated with the isolated hydride and alkyl ligands equally
to both metals [7,8]. If one employs a neutral ligand electron counting procedure, this method has the outcome
that a bridging hydrogen atom or alkyl radical contributes 0.5 electrons to the electron count at each metal
center of a dinuclear complex [9].
2.1.2. Method II: the l-LX ‘‘half-arrow’’ method
An alternative method to evaluate the number of
electrons contributed to the metal center by bridging hydride and alkyl ligands fully recognizes the 3-center-2electron nature of the [M(l-X)M] interaction [10]. A
simpliﬁed molecular orbital representation of the 3-center-2-electron [M(l-H)M] interaction is illustrated in
Fig. 2. An important point to note is that, depending
upon the geometry of the system, the amount of direct
M–M interaction can vary from being signiﬁcant to
insigniﬁcant; such extremes are termed ‘‘closed’’ and
‘‘open’’ 3-center-2-electron interactions and are illustrated in Fig. 3 [11]. As a consequence, while the MO
description of the 3-center-2-electron interaction is
unambiguous, the schematic depiction of this interaction is not deﬁnitive; thus, 3-center-2-electron [M(lH)M] bonds have been represented by a variety of
means, as illustrated in Fig. 4. Dahl originally formulated [M(l-H)M] interactions with two solid lines between M and H (A) [14,15], but this representation can
give the mistaken impression that the two ‘‘bonds’’ at-

Fig. 1. Structural representations for Os3(CO)10(l2-H)2. A: (a) Ref. [63c]. (b) M.R. Churchill, H.J. Wasserman, Inorg. Chem. 19 (1980) 2391; (c) F.A.
Cotton, G. Wilkinson, Advanced Inorganic Chemistry, 5th ed., Wiley–Interscience, New York, 1988, p. 1057; (d) A.F. Hill, Organotransition Metal
Chemistry, Wiley–Interscience, New York, 2002, p. 34. B: J.P. Collman, L.S. Hegedus, J.R. Norton, R.G. Finke, Principles and Applications of
Organotransition Metal Chemistry, University Science Books, Mill Valley, CA, 1987 p. 37. C: Ref. [3b]. D: (a) Ref. [60a]. (b) M.G. Karpov, S.P.
Tunik, V.R. Denisov G.L. Starova, A.B. Nikolskii, F.M. Dolgushin, A.I. Yanovsky, Y.T. Struchkov, J. Organomet. Chem. 485 (1995) 219; (c) G.O.
Spessard, G.L. Miessler, Organometallic Chemistry, Prentice-Hall, Englewood Cliﬀs, NJ, 1996, p. 454. E: (a) R.H. Crabtree, The Organometallic
Chemistry of the Transition Metals, 3rd ed., Wiley–Interscience, New York, 2001, p. 373; (b) N.A. Richardson, Y.M. Xie, R.B. King, H.F. Schaefer,
J. Phys. Chem. A 105 (2001) 11134. F: this work.
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Fig. 2. Simpliﬁed MO diagram for a 3-center-2-electron interaction.

Fig. 3. ‘‘Open’’ and ‘‘closed’’ 3-center-2-electron interactions with
varying degrees of M  M interaction.

Fig. 4. Representations of 3-center-2-electron M–H–M interactions.
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tached to hydrogen are independent 2-center-2-electron
bonds. A simple modiﬁcation of the Dahl representation
involves joining the two bonds by a curved line around
the hydrogen atom (B) to indicate that the two bonds
are not independent and thereby emphasize the 3-center-2-electron nature of the interaction [16]. Churchill
has employed a ‘‘dashed-bond’’ depiction of the 3center-2-electron bond that also emphasizes the possible
‘‘open’’ (C-open) and ‘‘closed’’ (C-closed) nature of the
interactions [17,18]. Bau, Koetzle and Kirtley have also
proposed representations for ‘‘open’’ and ‘‘closed’’ 3center-2-electron [M(l-H)M] interactions by using
‘‘bent’’ (D-open) and ‘‘Y’’ (D-closed) bonds [12,13], a
symbolism that is used in borane chemistry and which
is intended to convey the same information portrayed
by ChurchillÕs ‘‘dashed-bond’’ depictions. While
ChurchillÕs ‘‘dashed-bond’’ depiction of the ‘‘closed’’ 3center-2-electron [M(l-H)M] interaction (B-closed) is a
good representation, Dahl has noted that a problem
which has arisen is that others have redrawn the dashed
lines as solid lines, thereby implying the incorrect notion
that there is a separate M–M 2-center-2-electron bond in
addition to the 3-center-2-electron M–H–M interaction
[15,19]. Another problem associated with each of the
representions (A) to (D) is that they are not particularly
useful for electron counting purposes. It is, therefore,
signiﬁcant that GreenÕs l-LX ‘‘half arrow’’ notation
(E) (Fig. 4) is of particular beneﬁt in this regard
[20,21]. Thus, the representation M–H N M 0 depicts
the essence of the valence bond description of the 3-center-2-electron bond in that the pair of electrons associated with the M–H sigma bond (i.e. an ‘‘X’’ type
interaction) [21] is donated into a vacant orbital on M 0
(i.e. an ‘‘L’’ type interaction) [21], as illustrated in
Fig. 5; obviously, by resonance, the bridge (M ( H–
M 0 ) is symmetric (Fig. 4,E). It is important to emphasize
that the absence of a ‘‘line’’ between the M atoms
bridged by the hydrogen atom in the ‘‘half arrow’’ notation does not imply that there is no interaction between

Fig. 5. The [l-LX] ‘‘half-arrow’’ representation of a 3-center-2electron M–H–M interaction; the hydrogen atom may be viewed as
a l-LX ligand, where X refers to the one electron contribution to the
normal covalent M–H component and L is associated with donation of
the pair of electrons associated of the M–H sigma bond into a vacant
orbital on M 0 .
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these atoms. Rather, the ‘‘half-arrow’’ notation indicates that any M  M interaction that does exist is one
that is mediated by the bridging atom.
The ‘‘half arrow’’ notation is not restricted to M–H–
M interactions, but applies equally well to other complexes that exhibit 3-center-2-electron bonds, such as
those involving coordination of: (i) C–H bonds, e.g. agostic alkyl complexes [22] and hydrocarbon r-complexes
[M](r-HR) [23,24], (ii) B–H bonds, e.g. diborane [5],
borane adducts [25], and borohydride derivatives [26],
and (iii) M–C bonds, e.g. symmetrically bridging methyl
ligands.
The existence of two diﬀerent electron counting procedures causes confusion with respect to the full bonding
description of molecules that possess 3-center-2-electron
[M(l-X)M] (X = H, R) interactions, as exempliﬁed by
the various bonding descriptions of Os3(CO)10(l2-H)2
described above. Furthermore, even though Dahl reported in 1965 the ﬁrst structure of a transition metal
complex with a bridging hydride ligand, namely
[CpMo(CO)2]2(l-PMe2)(l-H), and stated that ‘‘the bent,
three-center Mo–H–Mo bond involving one electron
from the two molybdenum atoms and one from the
hydrogen accounts for the compoundÕs diamagnetism
without the invoking of a separate Mo–Mo bond’’
[14,15], more than thirty ﬁve years later closely related
[CpMo(CO)2]2(l-PRR 0 )(l-H) derivatives are represented by some chemists with direct Mo–Mo bonds
[27]. A further illustration of the confusion that may ensue is illustrated by the description of the bonding in
[(g6-C6H6)Re]2(l-H)(l-CHR). Thus, taking into account the 3-center-2-electron nature of the bonding,
[(g6-C6H6)Re]2(l-H)(l-CHR) was originally assigned a
Re–Re single bond, a result that was also conﬁrmed
by calculations [28]; a subsequent report, however, does
not properly recognize the nature of the bonding and
states that the previous assignment is incorrect and that
the bond order is three [29]!
To address these issues in more detail, and thereby
provide evidence for which of the electron counting
methods provides a better description of the bonding
in molecules with bridging hydride and methyl ligands,
we have used computational methods to investigate
the bonding in a series of derivatives with bridging ligands, namely [Cp*Mo(l-O2CMe)]2(l-PMe2)(l-Me) [30]
and [CpMo(l-O2CH)]2(l-PH2) (l-X) (X = H, Me, Cl).

planar, (iii) monohapto agostic [33], (iv) dihapto agostic,
and (v) trihapto agostic (Fig. 6) [30,31]. We are aware of
only one dimolybdenum complex with a bridging methyl
ligand that has been structurally characterized by X-ray
diﬀraction, namely [Cp*Mo(l-O2CMe)]2(l-PMe2)(lMe) 1 [30,34], as illustrated in Fig. 7. With chemically
equivalent Mo–C bond lengths [2.300(7) and 2.301(7)
Å] and an acute Mo–C–Mo bond angle [76.4(2)], the
bridging methyl group in [Cp*Mo(l-O2CMe)]2(lPMe2)(l-Me) may be appropriately described as
symmetric pyramidal. There is also a short Mo  H separation of 2.02 Å which suggests that some monohapto
agostic character to the interaction could be considered,
but the equivalence of the Mo–C bond lengths and the
acute Mo–C–Mo bond angle is considered to be a more
important indicator of the symmetric pyramidal coordination mode [35].
The Mo–Mo interaction in [Cp*Mo(l-O2CMe)]2(lPMe2)(l-Me) is predicted to be a single bond using the

Fig. 6. Coordination modes of bridging methyl complexes.

2.2. The Mo–Mo bond length and bond order in
[Cp*Mo(l-O2CMe)]2(l-PMe2)(l-Me)
In contrast to bridging hydride derivatives, complexes with bridging methyl groups are uncommon
[31,32]. Bridging methyl ligands also diﬀer from bridging
hydride ligands by virtue of the fact that a variety of
coordination modes are possible, which may be classiﬁed as: (i) symmetric pyramidal, (ii) symmetric trigonal

Fig. 7. Experimental molecular structure of [Cp*Mo(l-O2CMe)]2(lPMe2)(l-Me).
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Fig. 8. Predicted Mo–Mo bond orders for [Cp*Mo(l-O2CMe)]2(l-PMe2)(l-Me) using two diﬀerent electron counting procedures.

l-LX ‘‘half-arrow’’ electron counting procedure that
recognizes the 3-center-2-electron nature of the interaction, but a double bond using the ‘‘half-electron’’ procedure that does not consider the 3-center-2-electron
nature of the interaction, as illustrated in Fig. 8. Specifically, application of the formula [7b]
m ¼ ð18n  N Þ=2;
where m is the number of 2-center-2-electron M–M
bonds, n is the number of M atoms, and N is the total
electron count, predicts a Mo@Mo double bond using
the ‘‘half-electron’’ method. It is evident from this formula that the higher Mo–Mo bond order for the l-LX
‘‘half-electron’’ method is merely a consequence of a reduced electron count (N) due to the 3-center-2-electron
nature of the interaction not being recognized [7].
Experimental evidence for the Mo–Mo bond order in
[Cp*Mo(l-O2CMe)]2(l-PMe2)(l-Me) could be expected
to be procured from the Mo–Mo bond length, in a manner similar to that in which C–C bond distances may be
used to distinguish between single (1.53 Å), double (1.32
Å) and triple (1.18 Å) bonds in organic compounds [36].
Indeed, it is evident from the summary of Mo–Mo bond
lengths for dinuclear molybdenum complexes provided
in Table 1 that Mo–Mo bond lengths span a substantial
range; for example, the Mo–Mo single bond in [CpMo(CO)3]2 [3.235(1) Å] [37] is approximately 1 Å longer
than in compounds with Mo‚
‚Mo quadruple bonds,
which are typically in the range 2.06–2.17 Å [38]. However, despite this large range of Mo–Mo bond lengths,
the presence of bridging ligands creates a signiﬁcant
problem in attempting to correlate metal–metal distances with bond order because the steric and electronic
requirements of the bridging group exert an additional
inﬂuence that causes the metal–metal distance to be
either shorter or longer than that in the absence of the
bridge [39–42]. For example, complexes with bridging
ligands may have Mo–Mo single bonds that are more
than 0.5 Å shorter than the Mo–Mo single bond in un-

bridged [CpMo(CO)3]2 [3.235(1) Å] [37], as illustrated by
i
[CpMo(SMe)2]2 [2.603(2) Å] [43], ½CpPr Moðl-ClÞ2 2
½2:607ð1ÞÅ [44,45], and [Cp*Mo(l-I)2]2 [2.708(3) Å]
[46,47]. Furthermore, Mo–Mo single bond lengths in
complexes with bridging ligands may be comparable to
the formal Mo@Mo double bonds in complexes such
as [Cp*Mo(l-S)(l-SH)]2 [2.573(1) Å] [46], [CpMo(lS)]2(l-SPri)(l-PPh2) [2.623(2) Å] [27c,48], and [(ButO)2Mo2(l-OBut)]2(l-CO) [2.498(1) Å] [49]. Likewise, the
Mo@Mo double bond lengths in these complexes are
comparable to the formal Mo„Mo triple bond lengths
in [CpMo(CO)2]2 [2.448(1) Å] [50] and [IndMo(CO)2]2
[2.500(1) Å] [51,52]. It is, therefore, apparent that assigning a Mo–Mo bond order on the basis of the bond
length may be fraught with diﬃculty. Nevertheless, it
is apparent that the Mo–Mo bond length of 2.8447(5)
Å for [Cp*Mo(l-O2CMe)]2(l-PMe2)(l-Me) is much
more in accord with that of a Mo–Mo single bond than
that of a Mo@Mo double bond. Moreover, the Mo–Mo
bond in [Cp*Mo(l-O2CMe)]2(l-PMe2)(l-Me) is substantially shorter than that in [CpMo(CO)2]2(lPMe2)(l-H) [3.267(7) Å], a compound that was reported
by Dahl as having no direct Mo–Mo bond [14]. As such,
these limited bond length comparisons support the notion that electron counting using the l-LX ‘‘half-arrow’’
method, which recognizes the 3-center-2-electron nature
of the interaction, is more appropriate than that of the
‘‘half-electron’’ method. However, in view of the aforementioned caveat, we deemed it essential to establish the
Mo–Mo bond order using theoretical methods.

2.3. Geometry optimization of [Cp*Mo(l-O2CMe)]2(lPMe2)(l-Me) and related complexes
The geometry optimized structure of [Cp*Mo(lO2CMe)]2(l-PMe2)(l-Me) (1) is illustrated in Fig. 9
and the derived Mo–Mo bond length (2.88 Å) compares
favorably with the experimental value (2.85 Å); likewise,
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Table 1
Mo–Mo bond lengths and formal bond orders in dinuclear cyclopentadienyl molybdenum complexes and related derivatives

[CpMo(CO)2]2(l-PMe2)(l-H)
½CpMoðCOÞ2 2 ðl-PBut2 Þðl-HÞ
[CpMo(CO)2]2(l-PPh2)(l-H)
[CpMo(CO)2]2(l-PPhEt)(l-H)
½CpMoðCOÞ2 2 ðl-PfC6 H2 But2 CMe2 CH2 gÞðl-HÞ
[CpMo(CO)3]2
{[CpMo(CO)2]2(l-PMe2)}
{[CpMo(CO)2]2(l-PPh2)}
[Cp*Mo(l-O2CMe)]2(l-PMe2)(l-Me)
i
½CpPr Moðl-ClÞ2 2
[Cp*Mo(l-Br)2]2
[Cp*Mo(l-I)2]2
[(C5Me4Et)Mo]2(l-Cl)3(l-PPh2)
[CpMo(l-SMe)2]2
[(CpMe4Et)Mo(l-SMe)2]2
[(CpMe)Mo(l-S)(l-SMe)]2
[Cp*Mo(l-S)(l-SH)]2
[Cp*Mo(l-S)(l-SMe)]2
[CpMo(l-S)]2(l-SPri)(l-PPh2)
[CpMo(CO)2]2
[IndMo(CO)2]2

dMo  Mo (Å)

Mo–Mo bond order:
[l-LX] ‘‘half-arrow’’ method

Mo–Mo bond order:
‘‘half-electron’’ method

3.267(2)
3.247(1)
3.244(1)
3.278(1)
3.250(1)
3.235(1)
3.157(2)
3.185(1)
2.8447(5)
2.607(1)
2.643(2)
2.708(3)
2.6388(8)
2.603(2)
2.616(1)
2.582(1)
2.573(1)
2.573(1)
2.623(2)
2.448(1)
2.500(1)

0
0
0
0
0
1
1
1
1
1
1
1
1
1
1
2
2
2
2
3
3

1
1
1
1
1
1
1
1
2
1
1
1
1
1
1
2
2
2
2
3
3

Ref.
1
2
3
4
5
6
7
3
8
9
10
11
12
13
11
14
11
15
16
17
18

(1) Ref. [14b].
(2) R.A. Jones, S.T. Schwab, A.L. Stuart, B.R. Whittlesey, T.C. Wright, Polyhedron 4 (1985) 1689.
(3) H. Hartung, B. Walther, U. Baumeister, H.-C. Böttcher, A. Krug, F. Rosche, P.G. Jones, Polyhedron 11 (1992) 1563.
(4) A.J. Bridgmann, M.J. Mays, A.D. Woods, Organometallics 20 (2001) 2076.
(5) Ref. [27a].
(6) Ref. [37].
(7) J.L. Petersen, R.P. Stewart Jr., Inorg. Chem. 19 (1980) 186.
(8) J.H. Shin, G. Parkin, J. Chem. Soc., Chem. Commun. (1998) 1273.
(9) Ref. [44].
(10) J.U. Desai, J.C. Gordon, H.-B. Kraatz, B.E. Owens-Waltermire, R. Poli, A.L. Rheingold, Angew. Chem. Int. Ed. Engl. 32 (1993) 1486.
(11) J.H. Shin, G. Parkin, Polyhedron 13 (1994) 1489.
(12) K. Fromm, E. Hey-Hawkins, Z. Anorg. Allg. Chem. 619 (1993) 261.
(13) Ref. [43].
(14) M. Rakowski DuBois, M.C. VanDerveer, D.L. DuBois, R.C. Haltiwanger, W.K. Miller, J. Am. Chem. Soc. 102 (1980) 7456.
(15) H. Brunner, W. Meier, J. Wachter, P. Weber, M.L. Ziegler, J.H. Enemark, C.G. Young, J. Organomet. Chem. 309 (1986) 313.
(16) Ref. [27c].
(17) Ref. [50].
(18) Ref. [51].

there is good agreement between the calculated (75.3)
and experimental (76.4) Mo–C–Mo bond angles
[30,53]. However, whereas the experimental Mo–CH3
bond lengths are identical (2.30 Å), the calculation predicts a slight asymmetry of the Mo–CH3–Mo interaction, with Mo–CH3 bond lengths of 2.23 and 2.45 Å,
indicative of the presence of a weak agostic interaction
[22]. We were unable to ﬁnd a symmetric local minimum
where the methyl group is oriented such that there is no
agostic interaction. However, although the asymmetric
orientation of the methyl group perturbs the shapes of
the molecular orbitals, the agostic interaction is quite
weak and does not change the overall bonding signiﬁcantly (vide infra).
To facilitate the interpretation of the theoretical analysis, we have performed additional calculations on simpler derivatives with bridging hydride and chloride

ligands, namely [CpMo(l-O2CH)]2(l-PH2)(l-X) (X =
H, 2; Cl, 3) (Fig. 9). In particular, comparison of the
bridging hydride and methyl complexes serves to highlight the electronic similarity of the two systems, while
the chloride complex CpMo(l-O2CH)]2(l-PH2)(l-Cl)
provides an example of an unambiguous Mo–Mo single
bond (in the sense that both electron counting methods
predict the same bond order due to the presence of lone
pair electrons on chlorine). Comparisons with
{[CpMo(l-O2CH)]2(l-PH2)}(4) are also pertinent
since the absence of a bridging X ligand results in the
molecule possessing a formal Mo@Mo double bond
according to both electron counting procedures. Thus,
using the electronic structures of [CpMo(l-O2CH)]2(lPH2)(l-Cl) (3) and {[CpMo(l-O2CH)]2(l-PH2)} (4)
as reference points, it is possible to assess critically
whether the characteristics of the Mo–Mo interaction in
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observables in a quantum mechanical sense, such that
their derivation is not uniquely deﬁned, a number of
protocols have been suggested in the literature [54], of
which WibergÕs bond index W is particularly relevant
to the goal of the present study [55]. Speciﬁcally, Wiberg
has shown that the sum of squares of the oﬀ-diagonal
elements of the density matrix P involving the atomic
orbitals of the nuclei that are directly connected to each
other gives a good estimate for the bond order
XX
P 2lm :
ð1Þ
W ¼
l2A m2B

A slightly more robust and more generally applicable
modiﬁcation of the Wiberg bond index is the Mayer
bond order (M) [56], where the orbital overlap matrix
S is also included in the computation of the bond order
XX
M¼
ðPSÞlm ðPSÞml :
ð2Þ
l2A m2B

Fig. 9. Geometry optimized structures of [Cp*Mo(l-O2CMe)]2(lPMe2)(l-Me), [CpMo(l-O2CH)]2(l-PH2)(l-H), and [CpMo(lO2CH)]2(l-PH2)(l-Cl).

[Cp*Mo(l-O2CMe)]2(l-PMe2)(l-Me) and [CpMo(lO2CH)]2(l-PH2)(l-H) resemble those of a typical single
or double bond.
2.4. Bond orders and bond lengths
Quantum mechanical calculations of the electronic
structure of a molecule provide a means for determining
bond order. In this regard, although bond orders are not

MayerÕs protocol has been shown to give bond order
values that are in fairly good agreement with intuitive
expectations for both organic [57] and inorganic systems
[58]. In the following discussion we utilize only the
Mayer bond orders and list the Wiberg bond index only
for comparison purposes (Table 2).
Examination of the array of complexes shown in
Fig. 10 indicates how the computed Mayer bond orders
vary as a function of the bridging ligand. Notably, the
computed bond order of [Cp*Mo(l-O2CMe)]2(lPMe2)(l-Me) is 0.72, while that of the bridging hydride
derivative [CpMo(l-O2CH)]2(l-PH2)(l-H) is 0.97.
These values are clearly too low to be assigned to a
Mo@Mo double bond and more closely correspond to
that of a Mo–Mo single bond. A particularly important
comparison is with the chloride derivative, [CpMo(lO2CH)]2(l-PH2)(l-Cl), which serves as a reference point
for an undisputed formal Mo–Mo single bond since
both electron counting methods predict the same bond
order. In this regard, the Mayer Mo–Mo bond order
of 0.78 for [CpMo(l-O2CH)]2(l-PH2)(l-Cl) is comparable to those of [Cp*Mo(l-O2CMe)]2(l-PMe2)(l-Me)
(0.72) and [CpMo(l-O2CH)]2(l-PH2)(l-H) (0.97), thereby indicating that the Mo–Mo interactions are similar
and thus support the assignment of a single Mo–Mo
bond to each of these complexes.
Further evidence that the Mayer bond orders for the
above derivatives correspond to formal Mo–Mo single
bonds is provided by comparison with the hypothetical
species {[CpMo(l-O2CH)]2(l-PH2)} which is derived
by proton abstraction from [CpMo(l-O2CH)]2(lPH2)(l-H). {[CpMo(l-O2CH)]2(l-PH2)} provides a
convenient reference point for an undisputed formal
Mo@Mo double bond according to both electron counting methods and this is reﬂected by the Mayer bond order for {[CpMo(l-O2CH)]2(l-PH2)} (1.53) being
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Table 2
Comparison of calculated bond orders for a series of dinuclear molybdenum compounds with those predicted by two alternative electron counting
methods. In each case, the bond order predicted by the [l-LX] ‘‘half-arrow’’ method corresponds exactly to that obtained from the calculations,
whereas the ‘‘half-electron’’ method fails for the compounds with bridging hydride and methyl ligands

{[CpMo(l-O2CH)]2(l-PH2)(l-H)}2 (22)
[Cp*Mo(l-O2CMe)]2(l-PMe2)(l-Me) (1)
[CpMo(l-O2CH)]2(l-PH2)(l-H) (2)
[CpMo(l-O2CH)]2(l-PH2)(l-Cl) (3)
{[CpMo(l-O2CH)]2(l-PH2)} (4)
{[Cp*Mo(l-O2CMe)]2(l-PMe2)(l-Me)}2+ (12+)
{[CpMo(l-O2CH)]2(l-PH2)(l-H)}2+ (22+)
{[CpMo(l-O2CH)]2(l-PH2)(l-Cl)}2+ (32+)
{[CpMo(l-O2CH)]2(l-PH2)}+ (4+)

dMo  Mo (Å)

Wiberg
bond
index W

Mayer
bond
index M

Mo–Mo
conﬁguration
and calculated
bond order

Electron count
bond order: [l-LX]
‘‘half-arrow’’
method

Electron count
bond order:
‘‘half-electron’’
method

3.07
2.88
2.77
2.91
2.64
2.81
2.67
2.83
2.35

0.39
0.61
0.87
0.60
1.41
1.02
1.40
1.10
2.17

0.45
0.72
0.97
0.78
1.53
1.17
1.52
1.23
2.38

r2d2d*2p*2, BO = 0
r2d2d*2, BO = 1
r2d2d*2, BO = 1
r2d2d*2, BO = 1
r2d2p2d*2, BO = 2
r2d2, BO = 2
r2d2, BO = 2
r2d2, BO = 2
r2d2p2, BO = 3

0
1
1
1
2
2
2
2
3

1
2
2
1
2
3
3
2
3

notably greater than the values for [Cp*Mo(lO2CMe)]2(l-PMe2)(l-Me) (0.72), [CpMo(l-O2CH)]2(lPH2)(l-H) (0.97), and [CpMo(l-O2CH)]2(l-PH2)(l-Cl)
(0.78).
An additional comparison is provided by the cation
{[CpMo(l-O2CH)]2(l-PH2)}+ (4+) which is derived by
hydride abstraction from [CpMo(l-O2CH)]2(l-PH2)(lH) and provides a reference point for an undisputed formal Mo„Mo triple bond according to both electron
counting methods. As expected, the Mayer bond order
for {[CpMo(l-O2CH)]2(l-PH2)}+ (2.38) is substantially
greater than that for {[CpMo(l-O2CH)]2(l-PH2)}
(1.53). Thus, consideration of the Mayer bond orders
of [CpMo(l-O2CH)]2(l-PH2)(l-Cl) (0.78), {[CpMo(lO2CH)]2(l-PH2)} (1.53), and {[CpMo(l-O2CH)]2(lPH2)}+ (2.38), which, respectively, have Mo–Mo single,
double and triple bonds according to both electron
counting methods, demonstrates that the Mayer bond
orders are sensitive to the changes in Mo–Mo interaction in this system. In accord with the increase in Mayer
bond order, a corresponding reduction in Mo–Mo bond
length is observed for this series of complexes with formal
single, double and triple Mo–Mo bonds: [CpMo(lO2CH)]2(l-PH2)(l-Cl) (2.91 Å), {[CpMo(l-O2CH)]2(l-PH2)} (2.64 Å), and {[CpMo(l-O2CH)]2(l-PH2)}+
(2.35 Å).
While [CpMo(l-O2CH)]2(l-PH2)(l-Cl), {[CpMo(lO2CH)]2(l-PH2)}, and {[CpMo(l-O2CH)]2(l-PH2)}+
provide examples of the changes expected in the Mayer
bond order and bond length as a function of the formal
Mo–Mo bond order, the comparison is not perfect because the presence of the bridging ligand exerts an
intrinsic eﬀect on bond length [39–42]. This problem
can be circumvented by consideration of dicationic
and dianionic counterparts of [Cp*Mo(l-O2CMe)]2(lPMe2)(l-Me), [CpMo(l-O2CH)]2(l-PH2)(l-H), and
[CpMo(l-O2CH)]2(l-PH2)(l-Cl). Thus, removal of two
electrons from each of the aforementioned complexes
is expected to increase the formal bond order by one,

while addition of two electrons is expected to reduce
the bond order by one (Table 2). As an illustration,
the Mayer bond orders for the anionic, neutral, and cationic hydride bridged complexes increase progressively,
concomitant with a reduction of Mo–Mo bond length:
{[CpMo(l-O2CH)]2(l-PH2)(l-H)}2 (22) (0.45, 3.07
Å), [CpMo(l-O2CH)]2(l-PH2)(l-H) (2) (0.97, 2.77 Å),
and {[CpMo(l-O2CH)]2(l-PH2)(l-H)}2+ (22+) (1.52,
2.67 Å).
2.5. Molecular orbital diagrams
While the Mayer bond orders provide a convenient
and quantitative evaluation of the metal–metal interaction, a more detailed picture is required to understand
fully the nature of the Mo–Mo interaction. Therefore,
we have used the results of DFT calculations to deduce
partial molecular orbital (MO) diagrams for the above
systems and thereby identify the frontier orbitals that
are involved in the Mo–Mo bonding.
Considering initially the hydride bridged complex,
[CpMo(l-O2CH)]2(l-PH2)(l-H), it is evident that there
are two possible fragmentation patterns for constructing
the MO diagram, both of which are useful for understanding the electronic structure of the series of bridged
complexes. Thus, the MO diagram can be constructed
by using either: (i) an anionic dinuclear fragment,
{[CpMo(l-O2CH)]2(l-PH2)}, and the cationic form
of the bridging ligand, H+ or (ii) a cationic dinuclear
fragment, {[CpMo(l-O2CH)]2(l-PH2)}+, and the anionic form of the ligand, H. The MO diagram constructed for the ﬁrst possibility is illustrated in Fig. 11,
where all 10 metal-d dominated MOs are shown as simpliﬁed iconic representations. Isosurface plots of the
most important MOs are shown in Fig. 12.
It is important to note that the local coordinate system that is used for each molybdenum center is one in
which the z-axis is deﬁned as the Mo–Cpcent vector
and that these are not in alignment with the Mo–Mo
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Fig. 10. Metal–metal distances (Å) and Mayer bond orders for a variety of dinuclear complexes. Note that for simplicity the lines between the
bridging ligands and the molybdenum centers are only intended to convey connectivity and are not intended to be used for electron counting
purposes; in this regard, the resonance structure on the left hand side of Fig. 8 illustrates the appropriate method for counting the bridging ligands.

vector. Thus, whereas the overlap of two dxy orbitals
would be expected to give rise to d and d* molecular
orbitals, the lack of alignment of the Mo–Cpcent and
Mo–Mo vectors causes the derived orbitals to have
some p-character such that they are best described as
‘‘slipped’’ d and d* orbitals. Correspondingly, the overlap of the two dxy orbitals is normally expected to give
rise to p and p* molecular orbitals, but the lack of alignment of the Mo–Cpcent vector with the Mo–Mo vector
causes these interactions to have some r-character such
that the MOs are best described as ‘‘slipped’’ p and p*
orbitals. For brevity, however, we will simply refer to
these orbitals as d/d* and p/p*, respectively.

The lowest metal-d dominated MO of the {[CpMo(lO2CH)]2(l-PH2)} fragment, [r, MO-Æ57æ], is an inphase combination of the Mo-dz2 orbitals and forms
the basis of the Mo–Mo r-bond (left hand side of Fig.
11). The second lowest metal-d dominated MO of the
{[CpMo(l-O2CH)]2(l-PH2)} fragment [d, MO-Æ58æ] is
derived from overlap of the two Mo-dxy orbitals, while
the third lowest MO [p, MO-Æ59æ] is derived from overlap of the two Mo-dxz orbitals. This orbital is of particular importance with respect to the interaction with
the bridging ligands and is therefore marked in red in
Fig. 11. The highest occupied molecular orbital
(HOMO) of {[CpMo(l-O2CH)]2(l-PH2)} is the
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Fig. 11. MO diagram for [CpMo(l-O2CH)]2(l-PH2)(l-H) derived from {[CpMo(l-O2CH)]2(l-PH2)} and H+ fragments. The d orbitals listed
correspond to the signiﬁcant component of the molecular orbital.

out-of-phase combination of the metal dxy orbitals [d*,
MO-Æ60æ], while the lowest unoccupied molecular orbital (LUMO) is the out-of-phase combination of the metal dxz orbitals [p*, MO-Æ61æ] [59]. With two Mo(II)-d4
centers in the dinuclear fragment, it is evident that the
r2(d)2(p)2-(d*)2 conﬁguration corresponds to a formal
Mo@Mo double bond in {[CpMo(l-O2CH)]2(lPH2)}, consisting of one r and one p bond, which is
in accord with the bond order predicted by both electron
counting methods.
With respect to construction of the MO diagram for
the bridging hydride complex [CpMo(l-O2CH)]2(lPH2)(l-H) from the {[CpMo(l-O2CH)]2(l-PH2)} and
H+ fragments, it is only the p orbital [MO-Æ59æ] of
{[CpMo(l-O2CH)]2(l-PH2)} that has the appropriate

symmetry and suﬃcient overlap with the empty 1s orbital of the proton fragment to give a signiﬁcant electronic
interaction. Thus, the in-phase combination gives rise to
a three-center Mo–H–Mo bonding orbital [MO-Æ46æ,
E = 9.76 eV] which, as expected for a metal-ligand
bonding orbital, is highly dominated by the ligand, i.e.
the 1s orbital of hydrogen (Fig. 13). The out-of-phase
combination of this interaction [MO-Æ69æ, E = 1.76
eV] has metal based character and is of signiﬁcantly
higher energy (Fig. 14).
As a result of the transfer of electron density from the
metal based p orbital to the bridging ligand, only three
metal-dominated MOs remain occupied in [CpMo(lO2CH)]2(l-PH2)(l-H), as shown in Figs. 11 and 14. Of
these three MOs, the lowest in energy is the metal–metal
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Fig. 12. Isosurface plots of the occupied r, d, p and d* orbitals
corresponding to the direct Mo–Mo interaction in {[CpMo(lO2CH)]2(l-PH2)}. The r2(d)2(p)2(d*)2 conﬁguration corresponds to
a formal Mo@Mo double bond.

r-bonding orbital [MO-Æ58æ]. The remaining two orbitals are d-bonding and d*-antibonding [MO-Æ59æ and
MO-Æ60æ], and since these are both occupied, there is a
net zero d-bonding interaction. Thus, the r2(d)2(d*)2
conﬁguration for [CpMo(l-O2CH)]2(l-PH2)(l-H) is
most consistent with a Mo–Mo single bond. In essence,
the p-bond component of the double bond in
{[CpMo(l-O2CH)]2(l-PH2)} is destroyed as a consequence of removal of the p-bond electron density upon
protonation.
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As indicated above, an alternative approach for constructing the MO diagram for [CpMo(l-O2CH)]2(lPH2)(l-H) is to employ the cationic dinuclear species
{[CpMo(l-O2CH)]2(l-PH2)}+ and anionic hydride ligand as the fragments. This approach is chemically more
meaningful since the bridging H is usually viewed as a
hydride rather than a proton, and it allows for a more
intuitive comparison with the bridging chloride derivative since Cl is normally treated as Cl rather than
Cl+. While the ﬁnal MO diagram is, of course, unchanged, it is instructive to consider how the addition
of H to {[CpMo(l-O2CH)]2(l-PH2)}+ causes the formal Mo„Mo triple bond to be reduced to a single
Mo–Mo bond. In essence, there are two factors responsible for the two fold reduction of the Mo–Mo bond order: (i) the Mo–Mo p-bond is eradicated by virtue of the
fact that it becomes a component of the three-center
Mo–H–Mo interaction, (ii) the additional pair of
electrons is elevated to an orbital that is Mo–Mo d*
antibonding (i.e. the LUMO of {[CpMo(l-O2CH)]2(lPH2)}+, [MO-Æ60æ]), as illustrated in Fig. 15).
To understand in more detail the reason for why
addition of H causes the formal Mo„Mo triple bond
in {[CpMo(l-O2CH)]2(l-PH2)}+ to be reduced to a single Mo–Mo bond, the hypothetical transformation is
traced in Fig. 15. Iconic representations of the frontier
molecular orbitals of {[CpMo(l-O2CH)]2(l-PH2)}+ derived from interactions of the d orbitals are illustrated
on the left hand side of Fig. 15, from which it is evident
that the r2(d)2(p)2 conﬁguration resulting from the two
Mo(III)-d3 centers predicts a formal Mo„Mo triple
bond in {[CpMo(l-O2CH)]2(l-PH2)}+. There are two
factors that deserve attention upon the hypothetical
coordination of H to {[CpMo(l-O2CH)]2(l-PH2)}+.
Firstly, a signiﬁcant structural distortion of the
{[CpMo(l-O2CH)]2(l-PH2)}+ fragment is required to
form the hydrogen bridged dimer, [CpMo(lO2CH)]2(l-PH2)(l-H), with the Mo–Mo bond being required to expand from 2.35 to 2.77 Å upon hydride
addition. Secondly, the negative charge density centered
on the bridging hydride ligand introduces a purely Coulombic response from the dimetallic fragment. The
results of these two changes are illustrated in the MOcorrelation diagram shown in Fig. 15: the ﬁrst step illustrates the consequence of distorting the geometry of the
dinuclear {[CpMo(l-O2CH)]2(l-PH2)}+ fragment from
its equilibrium structure to that of the hydrogen-bridged
species [CpMo(l-O2CH)]2(l-PH2)(l-H), while the second step illustrates the result of incorporating a single
negative point charge at the position of the hydride
bridge. The elongation of the Mo–Mo distance in the
ﬁrst step has the eﬀect of raising the energy of the
MOs that are Mo–Mo bonding in character, while stabilizing the MOs that are Mo–Mo antibonding in character.
At the distance of 2.77 Å, the HOMO (p) of {[CpMo(lO2CH)]2(l-PH2)}+ in its equilibrium geometry becomes
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Fig. 13. Mo–H bonding and antibonding orbitals derived by interaction of the H+ 1s orbital with the Mo–Mo p-bonding orbital of {[CpMo(lO2CH)]2(l-PH2)}.

Fig. 14. Comparison of the occupied r, d, and d* orbitals corresponding to the direct Mo–Mo interaction in [CpMo(l-O2CH)]2(l-PH2)(l-H),
[Cp*Mo(l-O2CMe)]2(l-PMe2)(l-Me), and [CpMo(l-O2CH)]2(l-PH2)(l-Cl). The r2(d)2(d*)2 conﬁguration corresponds to a formal Mo–Mo single
bond for each complex.
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Fig. 15. MO diagram for [CpMo(l-O2CH)]2(l-PH2)(l-H) derived from {[CpMo(l-O2CH)]2(l-PH2)}+ and H fragments, highlighting the variation
in orbital energies of the {[CpMo(l-O2CH)]2(l-PH2)}+ fragment resulting from: (i) the change in structure to that of [CpMo(l-O2CH)]2(l-PH2)(l-H)
and (ii) the Coulombic response to the negative charge of the hydride ligand.

almost degenerate with its LUMO (d*). Upon addition
of the negative point charge at the hydride site, all the
MOs of the {[CpMo(l-O2CH)]2(l-PH2)}+ fragment
are raised in energy, but especially so for the p HOMO
because the shape of this orbital causes it to be fully exposed to the negative charge. As a consequence, the p
orbital becomes higher in energy than d* orbital, such
that the latter becomes the HOMO of the hypothetical
{[CpMo(l-O2CH)]2(l-PH2)}+ fragment. The r2(d)2(d*)2 conﬁguration thus predicts a formal Mo–Mo single
bond for the {[CpMo(l-O2CH)]2(l-PH2)}+ fragment
with a point charge at the vacant hydride site. The subsequent interaction of this fragment with the 1s orbital
of the hydride ligand is primarily with the Mo–Mo p
orbital, which is empty as the result of the structural
distortion and the presence of the Coulombic potential;
this interaction corresponds to the Mo–H–Mo 3-center2-electron bond, thereby resulting in a r2(d)2(d*)2
conﬁguration for [CpMo(l-O2CH)]2(l-PH2)(l-H), i.e.
a single bond between the two molybdenum centers.
As would be expected, the empty p orbital of the

{[CpMo(l-O2CH)]2(l-PH2)}+ fragment with a negative
point charge (q) at the site to be occupied by the hydride
ligand corresponds closely to the ﬁlled p* orbital of the
anionic {[CpMo(l-O2CH)]2(l-PH2)} fragment that
interacts with H+ (Figs. 11 and 13).
The MO diagram for the chloride derivative
[CpMo(l-O2CH)]2(l-PH2)(l-Cl) is illustrated in Fig.
16. Signiﬁcantly, the r2(d)2(d*)2 conﬁguration indicates
the presence of a Mo–Mo single bond that is formally
identical to that of the hydride derivative. Indeed, comparison of the isosurface plots of the most important
MOs of [Cp*Mo(l-O2CMe)]2(l-PMe2)(l-Me), [CpMo(l-O2CH)]2(l-PH2)(l-H) and [CpMo(l-O2CH)]2(l-PH2)(l-Cl) (Fig. 14) indicates that the frontier orbital
signatures of these complexes are essentially identical.
Thus, even though the slight asymmetry of the bridging
mode of the methyl ligand and the presence of highenergy p-orbitals on the chloride ligand give rise to small
changes in the shapes of these frontier orbitals, these
eﬀects do not have a signiﬁcant consequence for the
qualitative classiﬁcation of the Mo–Mo interactions.
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Fig. 16. MO diagram for [CpMo(l-O2CH)]2(l-PH2)(l-Cl) derived from {[CpMo(l-O2CH)]2(l-PH2)}+ and Cl fragments; the orbital energies for
{[CpMo(l-O2CH)]2(l-PH2)}+ correspond to the geometry in [CpMo(l-O2CH)]2(l-PH2)(l-Cl) and incorporate the Coulombic response to the
negative charge of the chloride ligand.

2.6. Comparison of computed bond orders with those
predicted by electron counting methods
Examination of the data in Table 2 indicates that
there is qualitative agreement between the computed
Wiberg and Mayer bond orders and the bond orders de-

rived by consideration of the molecular orbital electronic conﬁgurations. It is also evident that, of the two
methods for electron counting, there is a much better
correspondence between calculated bond order and the
l-LX ‘‘half-arrow’’ method, i.e. the method that explicitly takes into account the 3-center-2-electron nature of
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the interaction involving bridging hydrogen and alkyl
groups. For example, while the r2(d)2(d*)2 conﬁguration
of both [CpMo(l-O2CH)]2(l-PH2)(l-H) and [CpMo(lO2CH)]2(l-PH2)(l-Cl) indicates a Mo–Mo single bond,
in accord with the formal single bonds predicted using
the l-LX ‘‘half-arrow’’ method, the formal bond orders
derived by using the ‘‘half-electron’’ method diﬀer, with
the latter being predicted to have a Mo@Mo double
bond rather than a Mo–Mo single bond. Thus, in cases
where ambiguities arise in the prediction of the Mo–Mo
bond orders by the two electron counting methods, the
l-LX ‘‘half-arrow’’ method provides results that are closer to the theoretically predicted values since it clearly
diﬀerentiates between the 3-center-2-electron M–H–M
interactions and direct 2-center-2-electron M–M
interactions.
In addition to the results described here, other studies
are also in accord with the l-LX ‘‘half-arrow’’ representations of bridging hydride ligands. For example,
whereas the ‘‘half-electron’’ method predicts an Os@Os
double bond in Os3(CO)10(l-H)2 (Fig. 1A), the l-LX
‘‘half-arrow’’ method predicts that there is no 2-center2-electron Os–Os interaction (Fig. 1E and F). Both
experimental and theoretical studies are more in accord
with the latter description. For example, UV PES studies on Os3(CO)10(l-H)2 and related bridging hydride
complexes have been interpreted with the M(l-H)M
bonding orbital as being localized principally on the
hydrogen atom, rather than the metal atoms; [60,61] as
such, it would seem inappropriate to describe the Os–
Os interaction as that of a Os@Os double bond. Furthermore, MO calculations also indicate that the major
interaction between the two osmium centers is via the
two 3-center-2-electron Os–H–Os bonds [62,63]. The
cyclopentadienyl compound [Cp*(CO)Os]2(l-H)2 contains a similar [Os2H2] unit that has also been reported
to have a Os@Os double bond; [64] by analogy to Os3(CO)10(l-H)2, however, the direct 2-center-2-electron
Os–Os bond order is reduced to zero upon consideration
of the 3-center-2-electron nature of the Os–H–Os
interactions.
{[(CO)5M]2(l-H)} (M@Cr, Mo, W) [13] provide a
classic series of complexes with single 3-center-2-electron
M–H–M interactions for which the ‘‘half-electron’’
method predicts a M–M single bond, whereas the
l-LX ‘‘half-arrow’’ method indicates that there is no
2-center-2-electron M–M interaction (Fig. 17); calculations on these complexes also indicate that there is no direct M–M bond and that the interactions are exclusively
through the hydride bridge [65]. The closely related complex {[(CO)4W(l-H)]2}2 [66], with two 3-center-2-electron W–H–W bridges, has also been investigated
theoretically, and likewise demonstrates that there is
eﬀectively no direct W–W interaction, with the interactions being exclusively through the hydride bridge
[67,68]. The results of the calculation are once again
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Fig. 17. Diﬀerent descriptions of the metal–metal bond orders in some
dinuclear complexes with bridging hydride ligands according to the
electron counting method. The ‘‘half-electron’’ method does not
explicitly take into account the 3-center-2-electron nature of the M–H–
M interaction and thus results in a greater M–M bond order than
would be predicted theoretically. In contrast, the [l-LX] ‘‘half-arrow’’
method treats the 3-center-2-electron nature of the M–H–M interactions explicitly and thereby predicts a M–M bond order which is in
accord with theory.

more in accord with the l-LX ‘‘half-arrow’’ electron
counting method that predicts no 2-center-2-electron
W–W interaction, compared to the double bond predicted by the ‘‘half-electron’’ method (Fig. 17). Calculations also indicate that the isostructural neutral rhenium
analogue [(CO)4Re(l-H)]2 [8] is predicted to have eﬀectively no direct Re–Re interaction [67].
The dinuclear iridium complex {[(Ph3P)2HIr]2(lH)3}+ with three bridging hydride ligands was originally
described as possessing a direct Ir„Ir triple bond to satisfy the 18-electron rule [69]. However, upon recognizing
the 3-center-2-electron nature of the interaction it was
later realized that there is no direct Ir  Ir interaction
and the shortness of the Ir  Ir separation is a geometric
consequence of having three bridging hydrogen atoms
[70,71] The cyclopentadienyl analogue {[Cp*Ir]2(lH)3}+ was likewise originally reported to possess an
Ir„Ir triple bond [72], but by analogy to {[(Ph3P)2HIr]2(l-H)3}+ can be viewed as possessing no direct Ir–Ir
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bond. Structurally related isoelectronic complexes with
three bridging hydride ligands that face the same bonding ambiguity description include {[(CO)3Re]2(l-H)3}
[73] and {[{MeC(CH2PPh2)3}Fe]2(l-H)3}+ [74]. Interestingly, while the iron complex was reported to have a
Fe„Fe triple bond, the rhenium complex {[(CO)3Re]2(l-H)3} was not described as possessing a Re„Re
triple bond, but rather described as having 3-center-2electron Re–H–Re bonds. Hoﬀmann [75] has analyzed
the general class of [LM]2(l-H)3 molecules theoretically
in terms of 3-center-2-electron interactions.
It is important to note that situations arise where the
l-LX ‘‘half–arrow’’ method does not predict an 18-electron conﬁguration for both metals in a dinuclear complex
with bridging hydrogen atoms. For example, the ‘‘half–
arrow’’ method predicts that each of the metal centers
in [Cp*Re(CO)2]2(l-H)2, {[{MeC(CH2AsPh2)3}Co]2(lH)3}+, [Cp*Ru]2(l-H)4, and [(Et2PhP)2Re(H)2]2(l-H)4
would possess a 20-electron conﬁguration (Fig. 18) [76].
However, rather than being a failure of the method, the

Fig. 18. Examples of compounds that exhibit M–·–M antibonding
interactions resulting from a 20-electron conﬁguration that places a
pair of electrons in a M–M antibonding orbital. In contrast, the
formula employing the ‘‘half-electron’’ method deﬁnes each metal
center as possessing an 18-electron conﬁguration and so the true nature
of the M–M interaction is not evident.

prediction of a 20-electron conﬁguration is actually a
strength of the method since it indicates that the HOMO
is an antibonding orbital. Occupation of this antibonding
orbital thus weakens the bonding interaction that derives
from the M–H–M 3-center-2-electron interactions, a
notion that has been discussed by Hoﬀmann and coworkers [77], Dahl [15], and Bursten [78]. As an illustration, consider the hypothetical protonation of a dinuclear
system in which there is no formal 2-center-2-electron M–
M bond because both bonding and antibonding components are occupied (Fig. 19). The hydrogen 1s orbital
interacts speciﬁcally with the bonding component, thereby forming the 3-center-2-electron bond. Since the M–M
bonding orbital is eﬀectively converted to the M–H–M 3center-2-electron bond, the pair of electrons that remains
in the M–M antibonding orbital constitutes an ‘‘antibond’’. Whereas a bond is conventionally represented
by a line between two atoms, an antibond may be depicted by using a crossed-dashed M–·–M representation
in which the cross is intended to emphasize that the direct
interaction is antibonding. Despite the presence of an
‘‘antibond’’, the overall interaction between the two metal centers is favorable because of the stabilization resulting from the formation of the 3-center-2-electron bond.
For example, Casey has described the bonding of the
[Re2H2] unit of [Cp*Re(CO)2]2(l-H)2 as being composed
of two 3-center-2-electron Re–H–Re bonds and a Re–·–
Re ‘‘antibond’’, such that there is a net bond order of one
between the two rhenium centers [79].
Another illustration is provided by the tetrahydride
bridged ruthenium complex [Cp*Ru]2(l-H)4 which, on
the basis of electron counting according to the ‘‘halfelectron’’ method, was proposed to have a Ru„Ru triple bond [80,81]. However, calculations by Morokuma
indicate that the direct Ru–Ru interaction is repulsive,
and that the two ruthenium centers are only held together by the 3-center-2-electron Ru–H–Ru bonds
[82,83]. Again, the l-LX ‘‘half-arrow’’ method predicts
a 20-electron conﬁguration for each ruthenium, thereby
correctly suggesting that the direct Ru–Ru interaction is
antibonding. An Fe„Fe triple bond has also been considered as a possibility for the iron counterpart
[Cp*Fe]2(l-H)4, but has been recognized to be erroneous on the basis of the theoretical study on the ruthenium analogue [84].
[(Et2PhP)2Re(H)2]2(l-H)4 belongs to the same category of complex that was described as possessing a formal Re„Re triple bond [85], but the l-LX ‘‘half-arrow’’
notation would indicate a Re–·–Re antibonding interaction (Fig. 18), which is also in accord with the
r2(d*)2(r*)2 electronic conﬁguration that has been calculated for [(H3P)2Re(H)2]2(l-H)4 [77]. Likewise, the cobalt complex {[{MeC(CH2AsPh2)3}Co]2(l-H)3}+ was
proposed to have a double Co@Co bond [74], but is
now recognized to have Co–·–Co antibonding interaction (Fig. 18) [77].
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Fig. 19. Molecular orbital description of a M–·–M antibonding interaction in a [MHM] species derived by interaction of [M2] and H+ fragments in
which each atom uses a single orbital. Protonation of the [M2] fragment results in the interaction of the H 1s orbital with the M–M bonding orbital,
thereby forming the 3-center-2-electron M–H–M bonding and antibonding orbitals. The M–M antibonding orbital does not have the appropriate
symmetry to interact with the H 1s orbital and thus remains M–H nonbonding. If the [M2] fragment possesses two electrons only the M–M bonding
orbital is occupied and there is a M–M bond order of one; upon protonation these electrons occupy the 3-center-2-electron M–H–M bonding orbital
and the direct M–M bond is eradicated. A similar situation arises for a [M2] fragment that possesses four electrons such that both the M–M bonding
and antibonding orbitals are occupied and the M–M bond order is zero; however, in this case, a pair of electrons remains in the M–M antibonding
orbital after protonation so that the direct M–M interaction becomes repulsive, i.e. an antibond.

Consideration of the above complexes with bridging
hydrogen ligands demonstrates that for every 3-center2-electron M–H–M interaction, the ‘‘half-electron’’
method over counts the M–M bond order by one from
the value predicted by the l-LX ‘‘half-arrow’’ method.
At one level, this is not really an issue once it is recognized that the M–M bond orders derived by the two different electron counting methods are merely formalisms
and, as such, do not necessarily reﬂect reality. Problems
of this type are commonplace in chemistry. For example, the formal charge [86] on an atom does not necessarily bear any relationship to the actual charge, viz.
the formal charge on nitrogen in NH4 þ is +1,
whereas the actual charge is negative [87,88]. At another
level, the derivation of diﬀerent M–M bond orders for the
same compound is an issue because, from a pedagogical
point of view, it causes confusion (as aptly demonstrated
by the various descriptions of Os3(CO)10(l-H2) shown in
Fig. 1). Recognizing that both methods are formalisms,
it is more appropriate to adopt the formalism that
approximates more closely to the bond orders that are
derived theoretically. For all of the examples discussed
above, the l-LX ‘‘half-arrow’’ electron counting method
provides the best description of the bonding by clearly
distinguishing between the number of 3-center-2-electron
M–H–M interactions and direct 2-center-2-electron M–
M interactions.
Two additional examples serve to point out the inadequacies of electron counting using the ‘‘half-electron’’
method. Firstly, the ‘‘half-electron’’ method would predict a Zr@Zr double bond in dinuclear [Cp2Zr(H)]2(l-

H)2 [89] whereas the l-LX ‘‘half-arrow’’ method indicates that each Zr center can attain an 18-electron conﬁguration without forming two 2-center-2-electron Zr–
Zr bonds. The latter description is clearly preferable because the Zr center of mononuclear Cp2ZrH2 is d0 and,
as such, is incapable of forming a 2-center-2-electron
Zr–Zr bond with the Zr center of another molecule. Secondly, the metal–metal bond order predicted by the
‘‘half-electron’’ method is independent of whether or
not the hydrogen atoms bridge the two metals. As an
illustration, the three isomers of [CpReH3]2 with: (i)
no bridging hydrogens, [CpReH3]2, (ii) two bridging
hydrogens, [CpReH2]2(l-H)2 and (iii) four bridging
hydrogens, [CpReH]2(l-H)4 are each predicted by the
‘‘half-electron’’ method to have Re„Re triple bonds
(Fig. 20) [78]. The notion that the Re–Re bond order
is not inﬂuenced by whether or not the hydrogen atoms
bridge is far from intuitive. In contrast, the l-LX ‘‘halfarrow’’ method for counting electrons predicts that the
Re–Re bond order decreases from a triple bond in
[CpReH3]2 to a single bond in [CpReH2]2(l-H)2, and
to an ‘‘antibond’’ in [CpReH2]2(l-H)2 (Fig. 20). Indeed,
calculations by Bursten [78] are in accord with the
changes predicted by the l-LX ‘‘half-arrow’’ method.
Thus, focusing on the metal-based orbitals: (i) the
r2(p)4 electronic conﬁguration for [CpReH3]2 indicates
a direct Re„Re triple bond, (ii) the (r/d)2(p)2(d*)2 conﬁguration of [CpReH2]2(l-H)2 indicates a direct Re–Re
single bond, and (iii) the (r/d)2(d*)2(d*)2 conﬁguration
of [CpReH]2(l-H)4 indicates a direct Re–·–Re antibonding interaction [78].
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Fig. 20. Three postulated isomeric rhenium hydride complexes for
which formal Re„Re triple bonds were invoked to satisfy the 18electron rule (left hand side); the corresponding description of their
bonding in terms of 3-center-2-electron bonds and direct Re–Re bonds
(right hand side).

Why does the ‘‘half-electron’’ method predict the
same bond order for the above rhenium complexes
regardless of whether or not the hydrogen atoms bridge?
This counter-intuitive result is, in essence, a consequence
of the ‘‘half-electron’’ method assigning the same number of electrons to bridging and terminal hydride ligands
[7]. As such the ‘‘half-electron’’ method fails to address
properly the 3-center-2-electron nature of the [M–H–
M] bridge.
Hoﬀmann has aptly concluded that for complexes
with 3-center-2-electron bonds ‘‘it is best not to argue
over whether there is or is not metal–metal bonding in
these molecules. The orbitals in question are delocalized
and are used to bond a metal atom both to its metal
partner and to the bridging group’’ [75]. It is, however,
important to emphasize that: (i) the ‘‘direct’’ M  M
component for a 3-center-2-electron interaction cannot
be viewed as equivalent to that of a normal 2-center-2-

electron M–M bond [90], and (ii) there may be additional direct M  M interactions that do not have a signiﬁcant component from the bridging ligands. These
issues are not addressed by the ‘‘half-electron’’ method
for counting electrons which merely applies a formula
to predict the M–M bond order [7], a formula that does
not even require knowledge of the structure of the molecules since the same result is obtained regardless of
whether or not the hydrogen atoms bridge. In contrast,
the l-LX ‘‘half-arrow’’ method of counting electrons requires one to draw the structure of the molecule prior to
determining the electron count at a metal center from
which the M–M bond order is inferred. The l-LX
‘‘half-arrow’’ method thus provides a more complete
picture of the bonding by clearly distinguishing between:
(i) the number of 3-center-2-electron M–H–M interactions and (ii) the number of direct 2-center-2-electron
M–M interactions. Furthermore, by not forcing an 18electron count on a metal center (which is explicitly
forced by the formula employed by the ‘‘half-electron’’
method [7]), the l-LX ‘‘half-arrow’’ method has the
advantage of providing an indication of whether or
not a M–M antibonding interaction exists.
One of the signiﬁcant features of separating the bonding into 3-center-2-electron M–H–M interactions and 2center-2-electron M–M interactions is that it provides a
greater understanding of the bonding. In fact, these two
interactions may be viewed as the ‘‘s’’ and ‘‘y’’ counterparts in LipscombÕs styx nomenclature, [91] that has
found much use in evaluating the topological structures
of boranes [92], and which has also been extended to the
structures of metal-hydride clusters [60b].

3. Computational details
All calculations were carried out using density functional theory as implemented in the Jaguar 4.1 suite
[93] of quantum chemistry programs, Amsterdam Density Functional 2000.02 package (ADF) [94] and DMOL 3
version 2.1 [95,96]. Geometries were optimized using
Jaguar and the B3LYP [97] functional with the 631G** basis set. Molybdenum was represented using
the Los Alamos LACVP** basis [98] that includes relativistic eﬀective core potentials. Vibrational frequency
calculation results based on analytical second derivatives at the B3LYP/6-31G** level of theory were used
to conﬁrm proper convergence to local minima. Owing
to computational cost vibrational frequencies for
[Cp*Mo(l-O2CMe)]2(l-PMe2)(l-Me) and {[Cp*Mo(lO2CMe)]2(l-PMe2)(l-Me)}2+ were not computed. Additional single point calculations on the Jaguar-optimized
structures were carried out using ADF to obtain fragment wavefunctions that were helpful for constructing
the MO-diagrams. In these calculations, a double-f
STO basis set was utilized, with one set of polarization
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functions as provided in the ADF package (Basis Set III
– frozen core), together with the BLYP functional. Relativistic eﬀects on Mo are included using the ‘‘zerothorder regular approximation’’ (ZORA) [99]. Mayer bond
order [56,57] calculations were carried out using DMOL 3
[95,97] and the Jaguar-optimized geometries. The BLYP
functional was used in combination with the DNP basis
set, which corresponds to the 6-31G** basis. Note that
the B3LYP functional is not available in ‘‘pure DFT’’
packages, such as ADF and DMOL . Some of the calculations presented above incorporate a point charge placed
at appropriate coordinates in space to mimic the electrostatic eﬀect of bridging ligand moieties on the orbitals of
the dinuclear metal fragment. In these calculations, the
Coulombic potential generated by the point charge in
space is included natively in the self-consistent ﬁeld procedure as implemented in ADF [100].

4. Conclusions
DFT calculations on dinuclear molybdenum complexes with bridging hydride and methyl ligands, namely
[CpMo(l-O2CH)]2(l-PH2)(l-H)
and
[Cp*Mo(lO2CMe)]2(l-PMe2)(l-Me), indicate that the bonding is
best described in terms of: (i) a 2-center-2-electron
Mo–Mo single bond and (ii) a 3-center-2-electron Mo–
H–Mo or Mo–Me–Mo bond. The presence of a 2-center-2-electron Mo–Mo single bond is in accord with
the prediction of the ‘‘half-arrow’’ electron counting
method that views the bridging hydride and methyl ligands as l-LX ligands. In contrast, the ‘‘half-electron’’
counting procedure, which apportions half of the valence electron of the hydrogen atom or methyl radical
to each metal, predicts a Mo@Mo double bond, a result
that is contrary to the theoretical calculations. Consideration of the structures of a variety of other bridging hydride complexes indicates that the ‘‘half-arrow’’ electron
counting method provides the best general description
of the bonding by clearly distinguishing between the
number of 3-center-2-electron M–H–M interactions
and direct 2-center-2-electron M–M interactions. Several simple examples serve to highlight the failings of
the ‘‘half-electron’’ method, namely:
1. The ‘‘half-electron’’ counting procedure predicts a
Zr@Zr double bond for [Cp2Zr(H)]2(l-H)2. A Zr@Zr
double bond is clearly implausible because the Zr center of each Cp2ZrH2 fragment is d0 and is thereby
incapable of forming a 2-center-2-electron Zr–Zr
bond with a second fragment. In contrast, the l-LX
‘‘half-arrow’’ method predicts that there is no direct
Zr–Zr bond in [Cp2Zr(H)]2(l-H)2.
2. The M–M bond order predicted by the ‘‘half-electron’’ method is independent of whether or not the
hydrogen atoms bridge the two metals. As an illustra-
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tion of this counter-intuitive prediction, the three isomers of [CpReH3]2 with: (i) no bridging hydrogens,
[CpReH3]2,
(ii)
two
bridging
hydrogens,
[CpReH2]2(l-H)2 and (iii) four bridging hydrogens,
[CpReH]2(l-H)4 are each predicted to have Re„Re
triple bonds by the ‘‘half-electron’’ method. Calculations by Bursten, however, demonstrate that the Re–
Re bond orders do indeed vary with the number of
bridging hydrogens, in a manner as predicted exactly
by the ‘‘half-arrow’’ method.
3. The M–M bond order that is determined by the
‘‘half-electron’’ method is derived by forcing the
metal centers to have an 18-electron conﬁguration.
In contrast, the M–M bond order derived by the lLX ‘‘half-arrow’’ electron counting method does
not enforce such a restriction. For example, the lLX ‘‘half-arrow’’ electron counting method predicts
[Cp*Ru]2(l-H)4 to have a 20-electron conﬁguration
for each ruthenium. The 20-electron conﬁguration
indicates that the HOMO is a Ru–·–Ru antibonding
orbital which reduces the overall bonding associated
with the four Ru–H–Ru 3-center-2-electron interactions. This prediction is in full accord with a theoretical study by Morokuma which indicates that the
direct Ru–Ru interaction is repulsive, a result that is
in marked contrast to the Ru„Ru triple bond predicted by the ‘‘half-electron’’ method.
In conclusion, the ‘‘half-arrow’’ method is the procedure of choice for counting electrons for complexes that
possess 3-center-2-electron M–·–M interactions. In all
cases evaluated, the ‘‘half-arrow’’ method provides results that are much more in accord with theoretical calculations than those obtained by the ‘‘half-electron’’
method.
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