
This is a repository copy of The Contrasting Character of Early and Late Transition Metal 
Fluorides as Hydrogen Bond Acceptors.

White Rose Research Online URL for this paper:
https://eprints.whiterose.ac.uk/id/eprint/112197/

Version: Published Version

Article:

Smith, Dan A., Beweries, Torsten, Blasius, Clemens et al. (8 more authors) (2015) The 
Contrasting Character of Early and Late Transition Metal Fluorides as Hydrogen Bond 
Acceptors. Journal of the American Chemical Society. pp. 11820-11831. ISSN: 1520-5126

https://doi.org/10.1021/jacs.5b07509

eprints@whiterose.ac.uk
https://eprints.whiterose.ac.uk/

Reuse 

This article is distributed under the terms of the Creative Commons Attribution (CC BY) licence. This licence 
allows you to distribute, remix, tweak, and build upon the work, even commercially, as long as you credit the 
authors for the original work. More information and the full terms of the licence here: 
https://creativecommons.org/licenses/ 

Takedown 

If you consider content in White Rose Research Online to be in breach of UK law, please notify us by 
emailing eprints@whiterose.ac.uk including the URL of the record and the reason for the withdrawal request. 

mailto:eprints@whiterose.ac.uk
https://doi.org/10.1021/jacs.5b07509
https://eprints.whiterose.ac.uk/id/eprint/112197/
https://eprints.whiterose.ac.uk/


The Contrasting Character of Early and Late Transition Metal
Fluorides as Hydrogen Bond Acceptors

Dan A. Smith,†,∥ Torsten Beweries,†,⊥ Clemens Blasius,†,# Naseralla Jasim,† Ruqia Nazir,†,∇

Sadia Nazir,†,○ Craig C. Robertson,‡ Adrian C. Whitwood,† Christopher A. Hunter,*,§

Lee Brammer,*,‡ and Robin N. Perutz*,†

†Department of Chemistry, University of York, Heslington, York, YO10 5DD, U.K.
‡Department of Chemistry, University of Sheffield, Sheffield, S3 7HF, U.K.
§Department of Chemistry, University of Cambridge, Cambridge, CB2 1EW, U.K.

*S Supporting Information

ABSTRACT: The association constants and enthalpies for
the binding of hydrogen bond donors to group 10 transition
metal complexes featuring a single fluoride ligand (trans-
[Ni(F)(2-C5NF4)(PR3)2], R = Et 1a, Cy 1b, trans-[Pd(F)
(4-C5NF4)(PCy3)2] 2, trans-[Pt(F){2-C5NF2H(CF3)}-
(PCy3)2] 3 and of group 4 difluorides (Cp2MF2, M = Ti 4a,
Zr 5a, Hf 6a; Cp*2MF2, M = Ti 4b, Zr 5b, Hf 6b) are
reported. These measurements allow placement of these
fluoride ligands on the scales of organic H-bond acceptor
strength. The H-bond acceptor capability β (Hunter scale) for
the group 10 metal fluorides is far greater (1a 12.1, 1b 9.7,
2 11.6, 3 11.0) than that for group 4 metal fluorides (4a 5.8, 5a 4.7, 6a 4.7, 4b 6.9, 5b 5.6, 6b 5.4), demonstrating that the
group 10 fluorides are comparable to the strongest organic H-bond acceptors, such as Me3NO, whereas group 4 fluorides fall in
the same range as N-bases aniline through pyridine. Additionally, the measurement of the binding enthalpy of 4-fluorophenol to
1a in carbon tetrachloride (−23.5 ± 0.3 kJ mol−1) interlocks our study with Laurence’s scale of H-bond basicity of organic
molecules. The much greater polarity of group 10 metal fluorides than that of the group 4 metal fluorides is consistent with the
importance of pπ−dπ bonding in the latter. The polarity of the group 10 metal fluorides indicates their potential as building
blocks for hydrogen-bonded assemblies. The synthesis of trans-[Ni(F){2-C5NF3(NH2)}(PEt3)2], which exhibits an extended
chain structure assembled by hydrogen bonds between the amine and metal-fluoride groups, confirms this hypothesis.

■ INTRODUCTION

The studies reported in this paper address the energetics of
hydrogen bonding to metal fluoride complexes, placing them
on commonly used comparative scales of H-bond acceptor
strength. In doing so, we probe the polarity of fluoride
complexes down the triads of groups 4 and 10 of the Periodic
Table and highlight major differences between them. We also
demonstrate that the H-bond ability of group 10 fluoride
complexes can be used in supramolecular chain structures.
Hydrogen Bonding in the Metal−Ligand Domain.

Hydrogen bonding involving metal-bound ligands is crucial to
many fields, as is demonstrated in a review including
applications in bioinorganic chemistry, photochemistry, organo-
metallic chemistry, and host−guest interactions.1 Here we are
concerned with hydrogen bonding of ligands very close to the
metal center, the “ligand domain” as described by Brammer,2 in
which metal and ligand atoms are in strong communication.
Critical ligands form hydrogen bonds in numerous metallo-
proteins, exemplified by Fe(O2) ligand in oxymyoglobin,
hemoglobin,3,4 and a nonheme iron dioxygenase.5 H-Bonding
is also significant in heme peroxidase,6 metal-mediated dioxygen

activation,7 superoxide dismutases and reductases,8 and FeCN
groups of [FeFe] hydrogenase9 and is regarded as necessary
for proton-coupled electron transfer.10 H-Bonding is even
observed to a metal fluoride unit, MgF3

−, in the protein
β-phosphoglucomutase.11 It is increasingly recognized that
there are advantages in incorporating hydrogen bonding motifs
within the design for metal-based homogeneous catalysts;12

applications include O2 activation,7 hydration and hydro-
metalation of alkynes,13 CO2 insertion,14 and reduction of
protons and oxidation of H2.

15−17 Hydrogen bonds also play
an important role in the design of ligands for solvent extraction
of metal cations. The most effective ligands incorporate
“buttressing” by outer-sphere hydrogen bonds to shift the
extraction equilibria.18 In the solid state, hydrogen bonding
involving metal complexes has been extensively analyzed from
a geometric perspective19 and has been exploited as a means
of supramolecular assembly using a crystal engineering ap-
proach.20 Such hydrogen bonding has enabled the introduction
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of chirality from assembly of achiral components,21 and has
been implicated in the mechanism of solid-state reactions.22

An understanding of the energetics of hydrogen bonding to
transition metal ligands has been slow to advance. The
strongest hydrogen bonds between metal-bound ligands are
usually centrosymmetric. Very short intramolecular O···H···O
hydrogen bonds are characterized by O···O distances of 2.45−
2.50 Å in dioximato complexes.23 Such complexes play a
prominent role as catalysts for water reduction.16,17 This motif
has recently been extended to intramolecular H-bonding
between a carboxylic acid and an alkoxide.12 The absence of
systematic thermodynamic data hinders informed design of
supramolecular assemblies, especially in systems where multiple
sites of differing Lewis basicity compete24 or where halogen and
hydrogen bonding vie for determining the final structure.25

There are a few exceptions. The engagement of metal hydrides
in so-called “dihydrogen bonding” has led to investigations
of the energetics of these hydrogen-bonded interactions.26,27

An exploration of intramolecular hydrogen bond energetics for
a wide series of metal-bound ligands has been reported by
Crabtree and Eisenstein for the system Ir(H)2(Y)(2-C6H4NH2)-
(PPh3)2, where Y = F, Cl, Br, I, SCN, and CN.28,29 These
complexes are prearranged to give intramolecular hydrogen
bonds between the pendant amine and ligand Y with a measure
of the acceptor strength of Y given by the decreasing rotational
barrier of the amino group in the order F > Cl > Br > I ∼ CN >
SCN. An intermolecular example with enthalpy and entropy
measurements is provided by the interaction between an OsCl
complex and hexafluoroisopropanol.24

Hydrogen Bonding to Metal Fluoride Complexes. The
current interest in organometallic metal fluoride complexes of
late transition metals is driven most strongly by metal-mediated
fluorination,30 but carbon−fluorine activation31 and improved
synthetic methods30−32 are also prominent. The potential of
metal fluoride complexes for hydrogen bond formation was
recognized by Richmond and co-workers who made measure-
ments on early transition metal fluorides, Cp2Ti(F)(X) (X = F,
C6F5) and W(F){κ3-C,N,N-(C6H4)C(H)N(CH2)2NMe2}-
(CO)3.

33−35 The association constants to 4-chlorophenol
allowed the Lewis basicity of these compounds to be probed,
revealing that W(F){κ3-C,N,N-(C6H4)C(H)N(CH2)2NMe2}-
(CO)3 is a stronger H-bond acceptor than Cp2TiF2. The
energetics of the indole···F−[M] hydrogen bonds have been
determined for F−[M] = trans-[Ni(F)(2-C5NF4)(PEt3)2], 1a,

36

and tris(2-pyridylthio)methyl zinc fluoride.37 The ability of
metal fluoride complexes to hydrogen bond to HF forming
bifluoride complexes is well established from NMR measure-
ments in solution and crystallographic data, but the energetics
of the hydrogen bonds are unknown.38−41 There are also
examples of metal fluoride complexes hydrogen-bonded to
water that have been established crystallographically and
spectroscopically.42−44 A hydrogen bond between a fluoro-
metalate anion and an NH group of a cation is illustrated by
[Et3NH][Cp*TaF5],

35 while a recent paper describes an
iridium fluoride with an intramolecular hydrogen bond to an
NH group on an adjacent ligand.32g Hydrogen bonds between a
gold fluoride and dichloromethane solvent have also been
established.32d

Scales for Hydrogen Bond Acceptors. In contrast to the
metal−ligand systems, the energetics of hydrogen bonds
involving organic and nonmetal donors and acceptors have
been widely studied and scales have been developed by Abraham
(β2

H),45,46 Hunter (β),47 and Laurence48 (the 4-fluorophenol

affinity scale) to compare the hydrogen bond acceptor strength
of different functionalities.
In order to compare interactions of functional groups, a

universal scale of hydrogen bond donor and hydrogen bond
acceptor strengths was established by Abraham.49 The
intermolecular interactions in dilute solution can be evaluated
by eq 1 to obtain the association constant K for formation of
the hydrogen-bonded complex.

α β= +K c clog 1 2
H

2
H

2 (1)

The constants c1 and c2 relate to the solvent medium; α2
H and

β2
H are the dimensionless H-bond donor and acceptor

constants of the molecule. The use of these descriptors is
well-established in physical organic chemistry, with over 1000
log K values determined experimentally for a range of H-bond
donors and acceptors, and finds application in the development
of linear solvation energy relationships.50,51 The solvent
medium most commonly used for measurements has been
carbon tetrachloride, with few other solvents studied in depth.
In contrast, Hunter has considered the H-bond acceptor and
donor properties of the solvent directly alongside those of the
solute, thereby enhancing the transferability of data between
solvent media (eq 2).52 In the Hunter model, α and β remain
H-bond donor and acceptor constants but the scales differ from
those defined by Abraham (α2

H and β2
H).

α α β βΔ = − = − − − +
−

G RT K E(kJ mol ) ln ( )( ) 60 1
s s

0

(2)

In eq 2, the free energy of hydrogen bonding interaction,
ΔG0 in kJ mol−1, is defined in terms of α and β by the
consideration of H-bond donor, H-bond acceptor, and solvent
interactions, where α and β correspond to the solute molecules
and αs and βs to the solvent; E0 is defined as 1 kJ mol−1. This
(α − αs)(β − βs) term is related to c1α2

Hβ2
H in eq 1; the second

term in eq 1, c2, accounts for the energetic penalty of bringing
two molecules together in solution to form a noncovalent
complex, which is equivalent to the 6 kJ mol−1 in eq 2 (at
298 K).49 Rearrangement of eq 2 gives eq 3 that may be solved
for β given an experimental determination of K and knowledge
of α, αs, and βs.

β β α α= + + −RT K E( ln 6)/( )s s
0

(3)

The scales of Abraham and Hunter can be interconverted
with eq 4 and 5. To simplify further discussions, we will refer
solely to comparisons of β.

α α= +4.1( 0.33)2
H

(4)

β β= +10.3( 0.06)2
H

(5)

Importantly, the values of α and β can be estimated
accurately by computation of the energetic minima and maxima
of the electrostatic potential, Emax and Emin, of the molecule
under study and are given in kJ mol−1 (eqs 6 and 7)53

α = × + ×
− −

E E E E2.58 10 ( / ) 7.50 10 /5
max

0 2 3
max

0
(6)

β = × − ×
− −

c E E E E(1.38 10 ( / ) 1.05 10 / )4
min

0 2 2
min

0

(7)

where c is a dimensionless constant that depends on the
H-bond acceptor functional group.
Laurence and Graton extended a complementary scale, first

proposed by Arnett, that is based on the enthalpic contribution
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of the binding of Lewis bases with the H-bond donor
4-fluorophenol.48,54 This donor was chosen for its spectros-
copic handles provided by the O−H stretching frequency and
the 19F NMR chemical shift. The solvent of choice for these
measurements has been carbon tetrachloride (or tetrachloro-
ethene), selected to minimize the strength of solute−solvent
interactions with 4-fluorophenol. The association constants
were measured by titration with the concentrations of free and
bound 4-fluorophenol determined by monitoring the O−H
stretch by IR spectroscopy. Variation of the temperature
permitted the enthalpy to be calculated from van’t Hoff plots.
Aims. The hydrogen-bond acceptor character of transition

metal functionalities, such as metal fluorides, hydrides, and
cyanides may depend strongly on the nature of the supporting
metal and ligands, and their β values remain undetermined to
the best of our knowledge. We now report studies involving
several H-bond donors of different strength interacting with
metal fluoride complexes of groups 10 and 4. As a result, we can
place metal fluoride functionalities on the widely used scales of
H-bond acceptor character and interlock our measurements
with the extensive data for organic moieties. Moreover, this
analysis of H-bond strength of metal fluorides provides insight
into metal-fluoride bonding, a topic of increasing importance.
It also provides design criteria for molecules containing self-
complementary groups; we show how we can use these
principles to build a H-bonded assembly based on a nickel
fluoride complex.

■ RESULTS

Energetics of Binding of H-Bond Donors to Group
10 Metal Fluorides. Our earlier investigations of trans-
[Ni(F)(2-C5NF4)(PEt3)2] 1a as both a hydrogen- and
halogen-bond acceptor for a narrow selection of organic
donor molecules provide an ideal starting point for an extended
study (Chart 1).36,55 Compound 1a is readily synthesized by

C−F activation of pentafluoropyridine by Ni(COD)2 with
triethylphosphine and fulfills the requirements for this study,
namely, possessing a single site of Lewis basicity, high solubility
in nonpolar solvents, and an absence of self-association.56,57 In
addition, the 19F NMR spectroscopic shift of the fluoride is ex-
tremely sensitive to its chemical environment with shifts to higher
frequency of the order of 20−30 ppm observed at 300 K upon
interaction with hydrogen or halogen bond donors. In all cases,
only one metal fluoride signal is observed upon introduction
of a H-bond donor because of rapid exchange between bound

and unbound forms (see examples of spectra in the Supporting
Information). NMR titration methods permit the accurate mea-
surement of binding curves and the determination of their equi-
librium constants (eq 8) by fitting the variation in chemical shift
with the concentration ratio [RH]/[MFn] (RH is the H-bond
donor, Chart 2) to an equilibrium expression. The enthalpies and
entropies of interaction are derived from van’t Hoff plots.

− + − ···H IooR H F M R H F Mn

K

n

eq

(8)

NMR Titration Studies in Toluene. A series of variable
temperature NMR spectroscopic titrations were undertaken
with the aim of determining the binding constants and
enthalpies of interaction between suitable H-bond donors,
RH, and compound 1a in toluene solution. Hydrogen-bond
donors were chosen that possessed high α values and low
β values to disfavor self-association (Table 1, Chart 2).
The titration curves for 1a with diphenylamine are shown in
Figure 1. Other curves and sample spectra are provided in the
Supporting Information.
The association constants at 300 K of 1a range from 15.2 ±

0.1 M−1 for diphenylamine to 15000 ± 1100 M−1 for the
strongest H-bond donor, hexafluoroisopropanol (Table 1).58

To obtain binding curves amenable to accurate determination
of equilibrium constants, the concentration of metal fluoride was
chosen according to the expected magnitude of the association
constant, with a larger K requiring a lower concentration. This
reciprocal relationship between K and concentration limited our
choice of the strongest H-bond donor to hexafluoroisopropanol,
which was measured at [1a] = 5 × 10−4 M. Measurements for
H-bond donors stronger than hexafluoroisopropanol would
require even further dilution and would be unsuitable for our
extended NMR spectroscopic titrations.
The titration data for 1a with H-bond donors (Table 1)

reveal a good correlation between the equilibrium constant at
300 K and the α value of the organic donor; i.e., the stronger
the donor, the stronger the association. Additionally, a
correlation is found between α and −ΔH0 with both decreasing
in the order hexafluoroisopropanol (HFIP) > 4-fluorophenol >
indole > pyrrole, albeit with a weak alignment of magnitudes.
However, diphenylamine is an exception and gave an enthalpy
ΔH0 comparable to that of indole despite the significantly lower
alpha value (diphenylamine α = 2.6, indole α = 3.2). The higher
than expected enthalpy of diphenylamine is accompanied by an
increased entropy relative to the other organic H-bond donors
measured, resulting in the lowest K300 value of the series. The
diphenylamine data reveal the benefits of measuring the full
temperature dependence so that enthalpy and entropy can be
determined in addition to K300. The fitting routine for each
titration curve models the chemical shift of the adduct in
addition to the association constant. For the H-bond donors in
Table 1, the differences between the chemical shift of free

Chart 1. Metal Fluoride Complexes

Chart 2. Hydrogen Bond Donors (RH)
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nickel fluoride and that of the adduct formed, Δδfit300K, lie
within the range 20−30 ppm, with 4-fluorophenol exhibiting
the largest shift.
The association constants K300 and the resulting ΔG0 values

for a wide range of H-bond donors allow us to assess the
H-bond acceptor character of 1a and quantify its value of β.
A plot of (RT lnK300 + 6) kJ mol−1 against (α − αs)E

0 (Figure 2)

for the titration data gives a gradient of (β − βs) = 9.90 ± 0.98
(we use αs = 1.0 and βs = 2.2 for benzene in the absence of
values for toluene).52 Hence, the value of β obtained for 1a is

12.1 ± 1.0. Evidently, 1a is a substantially better H-bond
acceptor than either NEt3 or pyridine, which have β values of
7.5 and 7.2, respectively.53 The β value of 1a also exceeds that
for trimethylphosphine oxide, β 10.7, and is comparable to the
value for trimethylamine-N-oxide (11.6, calculated for this
paper as in ref 53).
Recently, we reported the energetics of halogen bonding to

metal fluorides of group 10 metals and demonstrated the
tendency of the heavier congeners to be stronger halogen bond
acceptors.55 Direct analogues to 1a for Pd and Pt are chemically
inaccessible, and therefore, the series chosen for this study was
1b, 2, and 3 (Chart 1). We showed previously that fluoride
Lewis basicity is negligibly affected by changing the trans aryl
substituent but strongly affected by a change of the phosphine
ligands. Complexes 1b, 2, and 3, which each have PCy3 ligands,
can therefore be viewed as a valid series to compare Ni, Pd, and
Pt. Titration of each against 4-fluorophenol reveals 2 to exhibit
the largest association constant (K = 5200 ± 500 M−1), and 2 is
therefore the strongest H-bond acceptor of our study with β of
12.5 (Table 2). The trend in both β and −ΔH0 for binding to
4-fluorophenol is described by 2 > 3 > 1b and is in agreement
with the association constants and enthalpies previously
determined for halogen bonding to C6F5I.

55 A comparison of
1a and 1b reveals that the change of phosphine from PEt3 to
PCy3 reduces both K300 (2800 ± 100 to 560 ± 10 M−1) and
−ΔH0 (37 ± 3 to 32 ± 2 kJ mol−1) for binding to
4-fluorophenol. This decrease is contrary to that expected in
terms of electronic effects, since PCy3 is more electron-
donating than PEt3.

59 In the reported measurements of halogen
bonding from C6F5I, compound 1a was a stronger acceptor
than 1b in terms of K300, 3.41 ± 0.09 versus 2.49 ± 0.16 M−1,
but not −ΔH0, 16 ± 1 and 18.6 ± 4 kJ mol−1, respectively.
Therefore, a decreased basicity is apparent for 1b relative to 1a
in the context of our H-bond measurements and indicates a
greater steric hindrance of binding to the fluoride exerted by
the bulkier cyclohexyl groups. This observation correlates well
with the anticipated shorter interaction distance of a hydrogen
bond compared to a halogen bond (sum of van der Waals radii;
F···H 2.67 Å, F···I 3.45 Å),60 meaning that the H-bond would
suffer to a greater extent from steric hindrance.

NMR Titration Studies in Carbon Tetrachloride. The
4-fluorophenol scale of Lewis basicity has been developed by
Laurence and co-workers for a range of organic function-
alities.48,51 Titration of 1a against 4-fluorophenol in carbon
tetrachloride gave association constants of 4150 ± 100 M−1 and
an enthalpy of −23.5 ± 0.3 kJ mol−1 (Table 1). The association

Table 1. Thermodynamic Parameters for 1a trans-[Ni(F)(2-C5NF4)(PEt3)2]
a,b

H-bond donor, RH 1a

α β K300 (M
−1) ΔH0 (kJ mol−1) ΔS0 (J mol−1 K−1) Δδfit300K

Ph2NH 2.6f 1.8f 15.2 ± 0.1 −23.0 ± 0.5 −54 ± 2 20.1

pyrrole 3.0d 4.1d 29.3 ± 0.3 −17.4 ± 0.5 −30 ± 2 20.1

indolec 3.2e 3.1d 57.9 ± 0.3 −23.4 ± 0.2 −44.5 ± 0.8 21.7

4-aminotetra-fluoropyridine 3.4f 3.2f 37.9 ± 0.7 21.7

4-fluorophenol 3.9d 2.8d 2800 ± 100 −37 ± 3 −56 ± 11 29.0

HFIP 4.5d 0.9d 15000 ± 1100 −41 ± 3 −56 ± 9 20.8

4-fluorophenol in CCl4 3.9d 2.8d 4150 ± 100 −23.5 ± 0.3 −9 ± 1 23.7
aErrors at the 95% confidence level of the fitting routines. bToluene solvent except for the final row where the solvent is CCl4.

cThermodynamic data
taken from ref 36. dTaken from ref 53. eDetermined from ref 46 via eq 4. fDetermined by DFT from the maxima and minima in the calculated
molecular electrostatic potential with a positive point charge in a vacuum as the probe, following eqs 6 and 7; see the Supporting Information for
details. See ref 53.

Figure 1. Titration curves at different temperatures for diphenylamine
and 1a in toluene, showing δ(19F) vs [Ph2NH]/[1a]. [1a] = 11 mM.
Circles, experimental points; dashed lines, best fit to a 1:1 binding
isotherm.

Figure 2. Determination of β for 1a from the plot of (RT ln K300 + 6)
versus (α − αs)E

0 with the gradient equal to (β − βs).
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constant and the value of −ΔH0 are greater than the analogous
toluene measurement, but the value of −ΔS0 is consider-
ably smaller. Inspection of the reported enthalpy data for
organic molecules reveals THF (ΔH0 −23.7 kJ mol−1, ΔS0

−35.5 J mol−1 K−1) to be a reasonably close comparison for 1a,
whereas the value of −ΔH0 is slightly greater for DMF (ΔH0

−24.8 kJ mol−1, ΔS0 −24.1 J mol−1 K−1).48 The enthalpy of the
metal fluoride 1a binding to 4-fluorophenol is of far greater
magnitude than those determined for fluoroalkanes in carbon
tetrachloride (1-fluoropentane ΔH0 −10.5 kJ mol−1). However,
the values of −ΔS0 for THF and DMF are far greater than
those for 1a.
Energetics of Binding of H-Bond Donors to Group 4

Metal Fluorides. We were interested in extending our study
beyond the group 10 fluorides to earlier transition metal
fluorides. Structural analogues to 1a are not chemically
accessible for the early metals, and thus, a new set of well-
defined fluorides free of competing sites of Lewis basicity was
needed. The bis-η5-cyclopentadienyl motif, Cp2MF2 (Cp =
η5-C5H5), fulfilled this requirement and presented a structure
that can be systematically varied in terms of both central metal
and substitution of the cyclopentadienyl ligands. This choice of
structure favored the study of group 4 for which the desired
fluorides, Cp2MF2, are well-known,

61−63 whereas analogues for
groups 5 and 6 periodic series have yet to be reported.35,64,65

19F NMR Studies of Binding. The 19F NMR resonances for
d0 Cp2MF2 compounds are located at positive or near-positive
chemical shifts (Cp2TiF2 δ 65.1 in CDCl3) and contrast with
those of group 10 that lie at far higher field (1a δ −371.4 in
C6D6). Addition of HFIP or 4-fluorophenol to Cp2TiF2

resulted in a movement of the fluoride chemical shift to higher
field (Δδ < 0, Figure 3), whereas for the group 10 fluorides a
shift to lower field was observed.58 NMR titrations of Cp2TiF2
4a, Cp2ZrF2 5a, and Cp2HfF2 6a with the H-bond donor HFIP
and with 4-fluorophenol were undertaken in dichloromethane
due to their exceptionally poor solubility in toluene and
produced binding curves suitable for fitting (Figure 3, Table 3).
As would perhaps be expected from their similar chemistries, 5a
and 6a give similar association constants with HFIP of 3.8 ± 0.1
and 3.1 ± 0.1 M−1, whereas titration of 4a gave a larger
association constant of 9.6 ± 0.2 M−1. More striking is the
comparison to the association constant of 1a with HFIP that
has a K300 value of 15000 ± 1100 M−1, a difference of 3 orders
of magnitude (which cannot be accounted for by the change in
solvent medium from toluene to dichloromethane that would
be expected to result in an approximate change of a factor of
2;52 see the Discussion). A similar difference is observed for
titrations of 4-fluorophenol with 4a−6a, where K300 is much
lower than that for 1a, 2, and 3 (e.g., 4a 4.6 ± 0.1, 1a 2800 ±

100 M−1). The periodic trend observed for the association

constants with HFIP, namely, 4a > 5a ∼ 6a, is mirrored for
titrations of 4-fluorophenol. Examination of the energetics for
4-fluorophenol shows a narrow variation of −ΔH0 within the
range 11−14 kJ mol−1 with no clear trend. Instead, the changes in
ΔS0 account for the differing K300 values with the binding of 4a to
4-fluorophenol possessing an entropic contribution near half of
that measured for binding of 5a and 6a to the same donor.
The difference in K300 between 4a−6a and 1a, 2, and 3 is

dramatic, but given the variation of solvent, we sought to
compare identical solvent media and therefore turned to the
pentamethylcyclopentadienyl metal fluorides, Cp*2MF2 (Cp* =
η5-C5Me5), for greater solubility in hydrocarbon solutions. The
complexes Cp*2TiF2 4b, Cp*2ZrF2 5b, and Cp*2HfF2 6b were
readily synthesized by modifications of known procedures, and
workable concentrations in toluene could easily be achieved
even at low temperatures (e.g., 250 K). 19F NMR titrations of
4b−6b with 4-fluorophenol at 300 K showed, as with the series
4a−6a, that the titanium complex is the strongest H-bond
acceptor by a substantial margin (Table 3).
Our data for 4a can be compared with the initial work of

Richmond and co-workers where K290 for the binding of
4-chlorophenol with 4a and Cp2Ti(F)(C6F5) were found to be
5.6 and 3.9 M−1 (CDCl3), respectively.

33 The values reported
by Richmond are of a similar magnitude to those recorded for
4a, but a more detailed analysis is precluded by the slight
differences in the two experimental methods in terms of
phenol, solvent, and temperature. The values of β for 5a and 6a
are lowest and are comparable to those for aniline and
acetonitrile. The highest value of β among the group
4 complexes is found for 4b and is similar to that of pyridine.53

UV/Visible Spectroscopic Studies. Complex 4a possesses a
measurable chromophore at 428 nm which undergoes a

Table 2. Thermodynamic Parameters and β Values for H-Bonding of Group 10 Metal Fluorides with 4-Fluorophenol in
Toluenea−c

4-fluorophenol

K300 (M
−1) ΔH0 (kJ mol−1) ΔS0 (J mol−1 K−1) Δδfit300K β

1a trans-[Ni(F)(2-C5NF4)(PEt3)2] 2800 ± 100 −37 ± 3 −56 ± 11 29.0 12.1 ± 1.0b

1b trans-[Ni(F)(2-C5NF4)(PCy3)2] 560 ± 10 −32 ± 2 −54 ± 6 35.8 9.7

2 trans-[Pd(F)(4-C5NF4)(PCy3)2] 5200 ± 500 −52 ± 1 −101 ± 4 21.7 11.6

3 trans-[Pt(F){2-C5NF2H(CF3)}(PCy3)2] 2460 ± 20 −44 ± 1 −83 ± 3 17.8 11.0
aErrors at the 95% confidence level of the fitting routines. No error bars are given for values of β calculated for a single H-bond donor. bCalculated
from the titrations of monohydrogen bond donors in Table 1. The value of β calculated from the 4-fluorophenol data alone is 11.1. cSolvent values
used: αS = 1.0, βS = 2.2.

Figure 3. Titration curves at different temperatures for 4a and
4-fluorophenol in dichloromethane, showing δ(19F) of the metal
fluoride vs [HOC6H4F]/[4a]. [4a] = 23 mmol dm−3. Circles,
experimental points; dashed lines, best fit to a 1:1 binding isotherm.
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bathochromic shift upon titration with 4-fluorophenol at
298 K in 1,1,2,2-tetrachloroethane. Therefore, UV/visible
spectroscopic titrations were undertaken following the change
in absorbance at 450, 460, and 470 nm, giving K298 = 2.3 ± 0.8
and β = 5.6 (Table 4, Figure 4) in good agreement with

β obtained by NMR titration in dichloromethane (5.8).66

We also observed a color change for 4b (λmax = 416 nm in
toluene at 298 K) upon addition of 4-fluorophenol. Binding
curves were obtained by UV/vis absorbance measurements at
480, 490, and 500 nm as a function of 4-fluorophenol con-
centration (Table 4, Figure 4). Fits of the resulting data yielded
K298 = 27 ± 4 and β = 7.1, close to the β calculated from NMR
spectroscopy.

X-ray Diffraction Study of Hydrogen Bonding to
Nickel Fluoride Complexes. The high value of β determined
for the group 10 complexes suggests that it should be possible
to design H-bonded assemblies on the basis of these complexes.
Studies directly comparing solution-state interaction energies
with crystallographically determined solid-state bond lengths
are rare. Those adducts prone to crystallization often lack a
measurable binding parameter, while those adducts designed
for solution measurement commonly elude cocrystallization.
A strategy to counteract the difficulties of cocrystallizing a
donor and an acceptor is to design “self-complementary”
molecules that possess both donor and acceptor sites.67 The
aim of such bifunctional molecules is the assembly of molecules
in a head-to-tail fashion where the donor of one molecule binds
to the acceptor of another and the chain propagates indefinitely
in the solid state.
The facile synthesis of 1a, trans-[Ni(F)(2-C5F4N)(PEt3)2],

by a C−F activation step of pentafluoropyridine suggested that
this pathway may be open to heteroarene modification. To this
end, 4-amino-2,3,5,6-tetrafluoropyridine was investigated: a
partially fluorinated heteroarene containing a H-bond donor
moiety. Rewardingly, addition of 4-amino-2,3,5,6-tetrafluoropyr-
idine to Ni(PEt3)2 yielded trans-[Ni(F){C5NF3(NH2)}(PEt3)2],
1c, and upon workup gave crystals amenable to study by single
crystal X-ray diffraction techniques (Scheme 1 and Figure 5).
The structure of 1c shows the C−F activated product with the
amino functional group evidently tolerated. The amino
hydrogens were located directly from the electron density
difference map, revealing that one of these hydrogens forms a
hydrogen bond to the nickel fluoride (H···F 1.87 Å, N···F
2.694(2) Å, H···F−Ni 158.1°, N−H···F 166.7°) to generate a
1D hydrogen-bonded polymer. The H-bond geometry has been
derived by extending the N−H to typical neutron diffraction
values (N−H 1.01 Å) by moving the H atom along the N−H
vector.68

Table 3. Thermodynamic Parameters and β Values for Cp2MF2 and Cp*2MF2 (M = Ti, Zr, Hf)a,c

HFIP in CH2Cl2 4-fluorophenol in CH2Cl2

Cp2MF2 K300 (M
−1) Δδfit300K K300 (M

−1) ΔH0 (kJ mol−1) ΔS0 (J mol−1 K−1) Δδfit300K βb

4a Cp2TiF2 9.6 ± 0.2 −60.6 4.6 ± 0.1 −10.9 ± 0.3 −24 ± 2 −48.4 5.8

5a Cp2ZrF2 3.8 ± 0.1 −37.2 1.7 ± 0.1 −13.6 ± 0.7 −41 ± 3 −30.4 4.7

6a Cp2HfF2 3.3 ± 0.1 −27.3 1.7 ± 0.1 −11.8 ± 0.4 −35 ± 2 −19.2 4.7

indole in toluene 4-fluorophenol in toluene

Cp*2MF2 K300 (M
−1) Δδfit300K K300 (M

−1) ΔH0 (kJ mol−1) ΔS0 (J mol−1 K−1) Δδfit300K βb

4b Cp*2TiF2 5.4 ± 0.3 −30.2 23.1 ± 0.3 −15.9 ± 0.4 −27 ± 2 −47.2 6.9

5b Cp*2ZrF2 1.4 ± 0.1 −19.6 5.9 ± 0.4 −15.4 ± 0.5 −36 ± 2 −31.9 5.6

6b Cp*2HfF2 1.4 ± 0.1 −12.4 3.9 ± 0.1 −15.8 ± 0.5 −41 ± 2 −25.0 5.4

HFIP in toluene β

6b Cp*2HfF2 5.5 ± 0.1 −12.2 ± 0.2 −27 ± 1 −36.3 5.1
aErrors at the 95% confidence level of the fitting routines. bAverage of values derived from the two H-bond donors. The difference between
the determinations was typically less than 0.2 and never exceeded 0.7. In order to ensure comparability of β values for 4b, 5b, and 6b, the data for
6b + HFIP were not included. cSolvent values used. CH2Cl2: αS = 1.9, βS = 1.1. Toluene: αS = 1.0, βS = 2.2.

Table 4. Association Constants and β Values for 4a and 4b
with 4-Fluorophenol from UV/vis Titrationsa,b

K298 (M
−1) β

4a Cp2TiF2:tetrachloroethane 2.3 ± 0.8 5.6

4b Cp*2TiF2:toluene 27 ± 4 7.1
aErrors determined by repetition. bHere β values are calculated solely
from UV/visible titration data assuming αs = 2.0 and βs = 1.3 for
tetrachloroethane and αS = 1.0 and βS = 2.2 for toluene.52

Figure 4. UV/vis spectra for titrations of 4-fluorophenol into (a) a
4.2 mM solution of 4a in tetrachloroethane at 298 K and (b) a 3.3 mM
solution of 4b in toluene at 298 K.
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A similar example of a self-complementary complex is found
in the related compound trans-[Ni(F)(C5NHF3)(PEt3)2]
reported by Perutz et al. (Scheme 1).56 Here the C−H bond
on the arene skeleton acts as a H-bond donor, albeit a far
weaker one than the N−H group in 1c. In the solid state, an
extended structure is formed in trans-[Ni(F)(C5NHF3)(PEt3)2]
by contacts between the Ni−F group of one molecule and the
C−H group of the next molecule (C···F 3.007(4) Å).
Comparison of the structures of 1c and trans-[Ni(F)-
(C5NHF3)(PEt3)2] reveals a slightly longer Ni−F bond in
the former (1.872(1) vs 1.856(2) Å) and a shorter H···F
distance69 (1.701 vs 1.929 Å), consistent with stronger
hydrogen bonding in 1c. The angles at the hydrogen bonds
are comparable to one another in the two complexes: 1c
(H···F−Ni 158.1°, N−H···F 166.7°), trans-[Ni(F)(C5NHF3)-
(PEt3)2] (H···F−Ni 141.9°, C−H···F 173.1°). The H-bond
structure has been derived similarly to that above with C−H
1.083 Å.68 For comparison, the F···O hydrogen-bond distance
in trans-[Pd(F)(C5NF4)(PCy3)2]·H2O is 2.601(6) Å.42

The structure of 1c presented the opportunity to compare
the solid-state hydrogen bonding in 1c to a suitable solution-
state analogue. Therefore, we pursued the titration of the
individual functionalities of nickel fluoride and amino group
in the form of 1a against 4-amino-2,3,5,6-tetrafluoropyridine.
The association constant was determined to be 37.9 ± 0.7 M−1,
within the range of the N−H hydrogen-bond donors studied
(Table 1). This measurement serves as a reference point
between solution and solid state.

■ DISCUSSION

The group 10 metal fluoride complexes, 1a, 1b, 2, and 3, have
proved to be powerful H-bond acceptors, comparable to
trimethylamine-N-oxide and stronger than trimethylphosphine
oxide according to the Hunter scale, with the largest value of

β found for the nickel complex 1a. The stronger H-bond
acceptor character of the group 10 monofluorides relative to
those of the group 4 difluorides is clearly apparent in the
β values. Among the group 4 difluorides, the trends in β follow
the sequences 4a > 5a ∼ 6a and 4b > 5b ∼ 6b. The solvent
media for titrations of 1a and 4b with 4-fluorophenol are
identical, yet the K300 value for 1a (2800 ± 100) is 2 orders of
magnitude greater than that of 4b (23.1 ± 0.3).
Chart 3 provides a histogram of β values determined in this

paper together with a histogram of β values of common organic

hydrogen bond acceptors. The compounds W(F){κ3-C,N,N-
(C6H4)C(H)N(CH2)2NMe2}(CO)3 and tris(2-pyridylthio)-
methyl zinc fluoride are also included with their β values
calculated from literature association constants33,37 (tungsten
fluoride with 4-chlorophenol K300 = 32 M−1 (CH2Cl2) and
330 M−1 (toluene); zinc fluoride with indole K300 = 85 M−1).
The tungsten fluoride has an intermediate β value (7.8),
whereas the zinc fluoride is comparable to 1a in terms of
β (ZnF 11.5, 1a 12.1 ± 1.0).
Trends in enthalpies of binding of 4-fluorophenol again

illustrate that the binding of group 10 fluorides is much

Scheme 1. Synthesis of 1c and trans-
[Ni(F)(C5NHF3)(PEt3)2]

Figure 5. X-ray crystal structure of 1c highlighting the intermolecular
H-bonding between neighboring molecules. Hydrogen atoms,
excluding those of the NH2 moiety, and methyl carbons are omitted
for clarity. Ellipsoids shown at the 50% level. Bond lengths (Å): Ni−
C(1) 1.864(2), Ni−F(1) 1.872(1), Ni−P(1) 2.1897(5), Ni−P(2)
2.1880(5), H···F 1.701, N···F 2.694(2). Bond angles (deg): P(1)−Ni−
P(2) 173.70 (2), C(1)−Ni−F(1) 178.60(7)., H···F−Ni 158.1,
N−H···F 166.7.

Chart 3. (a) Histogram of β values for transition metal
fluorides in ascending order and colored by group. L = PCy3,
L′ = κ3-C,N,N-(C6H4)C(H)N(CH2)2NMe2, R = 2-pyridyl.
Color coding: Cp2MF2 purple, Cp*2MF2 orange, group
6 fluoride blue, group 10 fluorides green, group 12 fluoride
grey. Values of β for Zn and W compounds are calculated
from reported association constants.33,37,70 (b) Histogram of
β for organic H-bond acceptors. Values from ref 53 and from
calculation (Me3NO).
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stronger than that for group 4 fluorides (see Chart S1). There is
less variation between the enthalpies of the group 4 com-
pounds than is found in their ln K300 values. The group 10
compounds show significant variations in their enthalpies and
particularly large variations in entropy down the group, as we
found for halogen bonding.55 The origin of the changes in
entropy is not understood. Laurence uses the binding enthalpy
of 4-fluorophenol in CCl4 solution as the best key measurement
for his scale of hydrogen bonding.51 We therefore conducted
measurements on 1a in CCl4 and found that the best
comparator for 1a in terms of H-bond enthalpy is THF (ΔH
−23.7 kJ mol−1).
A major determinant of the strength of hydrogen bonding to

metal fluoride complexes is certainly the polarity of the M−F
bond. The ionic character of the σ-component of the bond
depends on the electronegativity differences between the
elements. However, the overall polarity of metal fluoride
complexes also depends on the extent of ligand-to-metal
π-donation (dπ−pπ interactions). The electronegativity differ-
ence between the metals and fluorine decreases from group 4 to
group 10; zirconium and hafnium are slightly less electro-
negative than titanium, whereas palladium and platinum are
more electronegative than nickel.71 Although fluoride has been
argued to be the strongest π-donor of the halides,72 the dπ−pπ
interactions require a vacant acceptor orbital on the metal of
the right symmetry. If these d-orbitals are full as in d8 square
planar complexes, the dπ−pπ interactions are repulsive. Only
strong push−pull effects can mitigate this repulsion.73 In our
earlier paper, we reported calculations on models of 1 and 3,
and showed that the electrostatic potential minimum along the
extension of the M−F vector is slightly deeper for platinum
fluoride than for nickel fluoride, consistent with stronger
halogen and hydrogen bonding.55 A comparison of metal-
fluoride bonding in M(H2PCH2CH2PH2)(C6F5)F (M = Ni, Pt)
highlighted the role of dπ−pπ repulsion and indicated that
these interactions weakened the Pt−F bond relative to Ni−F.74

Mezzetti and Becker questioned the importance of push−pull
effects and emphasized the ionic character of the M−F bond,
writing “d6 and d8 fluoro complexes are generally labile and
highly reactive towards nucleophiles in view of the significant
ionic character of the M−F bond and of the hard/soft
mismatch, unless some kind of stabilizing interaction is
operative”.75 In keeping with this statement, the fluoride ligand
in 1a is very easily displaced by other halides.38e Holland et al.
also emphasized that properties of late transition metal
fluorides can be understood by a “polarization” model with
little recourse to dπ−pπ interactions.76 In a recent study of
nickel and palladium pincer complexes M(iPrPCP)X with a wide
variety of X ligands, it was shown that the chemical shift
δ13C(ipso) provides a measure of σ-bond strength while the
difference in chemical shifts δ13C(para) − δ13C(meta) probes
π-bonding. On these measures, fluoride was a very weak
σ-bonder but exhibited appreciable π-bonding.77 Nickel
analogues with other pincer ligands behaved similarly.41e The
results reported in the present paper provide a much more
quantitative indicator of ionic character in the M−F bond of
the d8 complexes than previous approaches, though this does
not exclude four-electron dπ−pπ repulsions. Within the group
10 series with PCy3 ligands, the measures of H-bonding
strength reach a maximum for palladium, when measured both
as β (derived from K300) and as −ΔH0.78

The lower H-bond strength of the group 4 Cp2MF2 and
Cp*2MF2 complexes compared to the d8 complexes is

inconsistent with electronegativity difference as the principal
determinant. Rather, in Cp2MF2, the metal has a d0 configu-
ration and there is an unoccupied MO (a1, dy2) capable of draw-
ing electron density away from the fluorides by interaction with
the a1 combination of their in-plane pπ orbitals (Scheme 2),79

thereby reducing the H-bond acceptor capability of the fluoride
ligands. The b2 out-of-phase combination of the in-plane F pπ
orbitals can interact with the dyz (b2) orbital on the metal in
principle, but the overlap is likely to be low, since the F−M−F
angles are close to 90°.80 It is unsurprising that the H-bond
strengths of Cp*2MF2 complexes with 4-fluorophenol are
greater than those of Cp2MF2, as the Cp* ligand supplies more
electron density. The observation that the H-bond strength of
the Ti complexes exceeds those of the Zr and Hf analogues is
once again inconsistent with simple electronegativity consid-
erations, and provides experimental evidence for increased ionic
character for Ti.
The exceptional strength of the hydrogen bonds to group 10

metal fluoride complexes suggests that they may be excellent
building blocks for forming assemblies linked by H-bonds.
The synthesis of the amino-substituted nickel complex trans-
[Ni(F){C5NF3(NH2)}(PEt3)2], 1c, exploits the tolerance of
the C−F activation reaction to additional functionalities. The
crystal structure of 1c illustrates self-complementary hydrogen
bonding and provides details of the H-bonding geometry.
There is potential to make use of this motif with other metal
fluoride complexes, just as has been done in halogen bonding
studies with other metal halides.67

■ CONCLUSION

In this paper, we have quantified H-bond acceptor strength
and hence Lewis basicity of metal fluorides. We have shown
that group 10 metal fluorides exhibit exceptionally strong
H-bond acceptor character, with the nickel fluoride 1a and
the palladium fluoride 2 of the PCy3 series having the highest
association constants. We derive values of the solvent-
independent H-bond acceptor parameter β from these
measurements, allowing comparison to organic H-bond
acceptors. The group 10 fluorides 1a−3 are comparable to or
even exceed in strength some of the strongest of such H-bond
acceptors such as trimethylphosphine oxide and trimethylamine-
N-oxide. Their great strength provides direct evidence of the
polarity of the M−F bonds. We have also measured the
strength of halogen bonds from C6F5I with the same H-bond
acceptors and find that these halogen bonds are comparable in
strength to the weakest of the hydrogen bonds that we have
examined, such as to pyrrole. In comparison to the group 10
monofluorides, the group 4 difluorides 4a−6b examined are
weaker H-bond acceptors. The series of K300 and β follows the

Scheme 2. Overlap of the a1 Combination of F(2pπ) Orbitals
and the Metal dy2 Orbital of Cp2MF2 Adapted from ref 79a

Journal of the American Chemical Society Article

DOI: 10.1021/jacs.5b07509
J. Am. Chem. Soc. 2015, 137, 11820−11831

11827

http://dx.doi.org/10.1021/jacs.5b07509


trend Ti > Zr ∼ Hf with a value of β comparable to that of
pyridine for Cp*2TiF2 going down to a value similar to that of
aniline for Cp2ZrF2. The Cp* compounds display stronger
H-bond acceptor power than their Cp counterparts, as would
be expected due to the electron releasing nature of Cp*. There
is no evidence for steric encumbrance by Cp* relative to Cp,
but the smaller association constant for 1b which has a PCy3
ligand than that for 1a (PEt3 ligand) suggests a steric effect.
Unlike 1a−3, compounds 4a−6b possess vacant d-orbitals
capable of π-interaction with the fluoride ligands; this overlap
undoubtedly contributes to the reduced H-bond acceptor
strength of 4a−6b. This evidence for the high polarity of metal
fluoride bonds provides a definitive conclusion to controversies
in the older literature about the nature of the transition-metal−
fluorine bond. Finally, the strong H-bond to late transition-
metal fluorides shows their potential as building blocks for
H-bonded assemblies and networks, as shown in the self-
complementary amine-substituted complex 1c which exhibits a
chain structure with N−H···F−Ni hydrogen bonds.

■ EXPERIMENTAL SECTION

General Procedures. All operations were performed under an
argon atmosphere, either on standard Schlenk lines (10−2 mbar) or in
a glovebox. Solvents were dried and distilled over sodium (toluene) or
CaH2 (dichloromethane and carbon tetrachloride), stored under Ar in
ampules fitted with J. Young’s PTFE stopcocks, and degassed prior to
use. Pyrrole was degassed and dried on 3 Å molecular sieves.
All NMR spectra were recorded on Bruker AMX500 spectrometers.

All 1H NMR spectra were recorded at 500.2 MHz; chemical shifts are
reported in ppm (δ) relative to tetramethylsilane and are referenced
using the chemical shifts of residual protio solvent resonances
(benzene, δ 7.16). The 31P{1H} NMR spectra were recorded at
202.5 MHz and are referenced to external H3PO4.

19F NMR spectra
were recorded at 470.5 MHz and referenced to external CFCl3 at
δ 0 or internal C6F6 at δ −162.9. The temperature of the probe was
calibrated according to published procedures.81 Mass spectra were
recorded by the University of York analytical services on a Waters
GCT instrument fitted with a Linden LIFDI probe and are quoted for
58Ni. Samples for elemental analysis were prepared in a glovebox,
sealed under a vacuum, and measured by Elemental Microanalysis Ltd.,
Okehampton. Chemicals were obtained from Aldrich except for the
following: allylpalladium chloride dimer and PCy3 from Strem,
pentafluoropyridine, 4-amino-2,3,5,6-tetrafluoropyridine, and 2,3,5-
trifluoro-4-trifluoromethyl-pyridine from Fluorochem. trans-[Ni(F)-
(2-C5NF4)(PEt3)2],

56 trans-[Ni(F)(2-C5NF4)(PCy3)2],
55 trans-[Pd-

(F)(4-C5NF4)(PCy3)2],
42 trans-[Pt(F){2-C5NF2H(CF3)}(PCy3)2],

82

Cp*2TiF2,
83 Cp*2MF2 (M = Zr, Hf),83 Cp2TiF2,

84 and Cp2MF2
(M = Zr, Hf)85 were synthesized according to literature procedures.
Synthesis of trans-[Ni(F){2-C5NF3(NH2)}(PEt3)2] (1c). To a

suspension of Ni(COD)2 (100 mg, 0.36 mmol) in hexane was
added triethylphosphine (100 mg, 0.85 mmol), giving a red solution.
Addition of a benzene solution of 4-aminotetrafluoropyridine (65 mg,
0.39 mmol) with 1 h of stirring gave a yellow powder. The powder was
isolated by filtration, washed with hexane, and then recrystallized twice
from THF/hexane to give a yellow crystalline solid (40 mg, 9%).

1H NMR (500 MHz, C6D6): δ 1.10 (18H, m, CH3), 1.24 (6H, m,
CH2), 1.30 (6H, m, CH2), 3.32 (2H, s, NH2).

1H{31P} NMR: δ 1.10
(18H, quintet, J = 7 Hz, CH3), otherwise as for 1H NMR. 19F NMR
(470 MHz, C6D6): δ −92.1 (1F, dd, J = 29, J = 29 Hz), −135.5 (1F, d,
JFF = 29 Hz), −175.2 (1F, dm, JFF = 30 Hz), −367.6 (1F, t, JFP =
47 Hz). 31P NMR (202 MHz, C6D6): δ 12.6 (d, JPF = 47 Hz). LIFDI
m/z: calcd, 460.1330 (100.0%); found, 460.1372 (100.0% M+). Anal.
Calcd for C17H32F4N2NiP2: C, 44.28; H, 7.00; N, 6.08. Found C,
44.03; H, 6.82; N, 5.98.
NMR Titrations and Analysis of Data. The equilibrium

constants were determined through NMR titration at a series of
temperatures, by following the 19F chemical shift of the fluoride ligand

coordinated to the transition metal. The 19F NMR spectra were
collected unlocked. However, for each temperature, the spectrometer
was shimmed with a solution of the corresponding metal fluoride in
either toluene-d8 (for toluene titrations) or chloroform-d (for
dichloromethane and carbon tetrachloride titrations) and maintained
with the same settings throughout. The volumes of the solutions were
assumed to be the sum of the volumes of the components, thereby
enabling the densities of the solutions to be calculated. The activities
of the species were assumed equal to their molar concentration. The
calculations for the equilibrium constants were carried out with
Microsoft Excel, using a macro programmed by C. A. Hunter. There
are two parameters to be fitted: the equilibrium constant K and the
shift from the signal of free metal fluoride for the coordinated fluoride
in the adduct, ΔδF. The two parameters can be fitted for the whole
range of temperatures without any restraints. ΔH0 and ΔS0 were
calculated from the van’t Hoff plots of the equilibrium constants.

General Procedure for the Preparation of the NMR Samples.
Stock solutions were prepared by recording the masses of the host,
guest, and solvent added. To NMR tubes fitted with Young’s taps in
a glovebox was added approximately 400 μL of host stock solution
and the accurate mass recorded to allow a determination of the
number of moles of host in the sample. Similarly, the guest stock
solution was added by syringe and the mass of the addition recorded.
To standardize the volume of the samples, solvent was added to give a
volume of 600 μL. Details of the composition of stock solutions are
provided in Tables S1−S5. The 19F NMR spectra of all samples were
recorded at various temperatures. The samples were kept in a bath
close to the temperature of the probe and left to equilibrate inside the
probe for 2 min before the spectrum was recorded.

X-ray Crystallography. Diffraction data for 1c were collected at
110 K on an Agilent SuperNova diffractometer with Mo Kα radiation
(λ = 0.71073 Å). Data collection, unit cell determination, and frame
integration were carried out with CrysalisPro software. Absorption
corrections were applied using crystal face indexing and the ABSPACK
absorption correction software within CrysalisPro. Structures were
solved and refined using Olex286 implementing SHELXS-97 and
SHELXL-97 algorithms. All non-hydrogen atoms were refined
anisotropically. Carbon-bound hydrogen atoms were placed at
calculated positions and refined using a riding model. Hydrogen
atoms bound to nitrogen were located directly from the electron
density difference map, and their positions and isotropic displacement
parameters were refined. Adjustments to the hydrogen bond geometry
are not included in the CIF file.

Empirical formula C17H32F4N2NiP2, formula weight 461.10,
temperature/K 110.00(10), monoclinic, space group P21/c, a
15.0474(5), b 9.60545(18), c 16.7082(5) Å, β 112.614(4)°, V
2229.27(13) Å3, Z = 4, ρcalc 1.374 mg/mm3, μ 1.050 mm−1, F(000)
968.0, crystal size 0.552 × 0.257 × 0.129 mm3, 2θ range for data
collection 5.86−64.36°, index ranges −22 ≤ h ≤ 21, −14 ≤ k ≤ 13,
−24 ≤ l ≤ 24, reflections collected 28647, independent reflections
7276 [R(int) = 0.0332], data/restraints/parameters 7276/0/249,
goodness-of-fit on F2 1.064, final R indexes [I ≥ 2σ (I)], R1 =
0.0390, wR2 = 0.0889, final R indexes [all data] R1 = 0.0532, wR2 =
0.0960. CCDC 1413441.
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