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8.10: Metallic Bonding

&b Learning Objectives

o To learn about metallic bonding

Metals have several qualities that are unique, such as the ability to conduct electricity, a low ionization energy, and a low
electronegativity (so they will give up electrons easily, i.e., they are cations). Their physical properties include a lustrous (shiny)
appearance, and they are malleable and ductile. Metals have a crystal structure.

e Metals that are malleable can be beaten into thin sheets, for example: aluminum foil.
e Metals that are ductile can be drawn into wires, for example: copper wire.

In the 1900's, Paul Driide came up with the sea of electrons theory by modeling metals as a mixture of atomic cores (atomic cores =
positive nuclei + inner shell of electrons) and valence electrons. In this model, the valence electrons are free, delocalized, mobile,
and not associated with any particular atom. For example: metallic cations are shown in green surrounded by a "sea" of electrons,
shown in purple. This model assumes that the valence electrons do not interact with each other. This model may account for:

o Malleability and Ductility: The sea of electrons surrounding the protons act like a cushion, and so when the metal is hammered
on, for instance, the over all composition of the structure of the metal is not harmed or changed. The protons may be rearranged
but the sea of electrons with adjust to the new formation of protons and keep the metal intact.

e Heat capacity: This is explained by the ability of free electrons to move about the solid.

o Luster: The free electrons can absorb photons in the "sea," so metals are opaque-looking. Electrons on the surface can bounce
back light at the same frequency that the light hits the surface, therefore the metal appears to be shiny.

o Conductivity: Since the electrons are free, if electrons from an outside source were pushed into a metal wire at one end, the
electrons would move through the wire and come out at the other end at the same rate (conductivity is the movement of charge).

Amazingly, Drude's electron sea model predates Rutherford's nuclear model of the atom and Lewis' octet rule. It is, however, a
useful qualitative model of metallic bonding even to this day. As it did for Lewis' octet rule, the quantum revolution of the 1930s
told us about the underlying chemistry. Drude's electron sea model assumed that valence electrons were free to move in metals,
quantum mechanical calculations told us why this happened.

Metallic bonding in sodium

Metals tend to have high melting points and boiling points suggesting strong bonds between the atoms. Even a metal like sodium
(melting point 97.8°C) melts at a considerably higher temperature than the element (neon) which precedes it in the Periodic Table.

Sodium has the electronic structure 1s22s22p®3s!. When sodium atoms come together, the electron in the 3s atomic orbital of one
sodium atom shares space with the corresponding electron on a neighboring atom to form a molecular orbital - in much the same
sort of way that a covalent bond is formed.

The difference, however, is that each sodium atom is being touched by eight other sodium atoms - and the sharing occurs between
the central atom and the 3s orbitals on all of the eight other atoms. And each of these eight is in turn being touched by eight sodium
atoms, which in turn are touched by eight atoms - and so on and so on, until you have taken in all the atoms in that lump of sodium.

All of the 3s orbitals on all of the atoms overlap to give a vast number of molecular orbitals which extend over the whole piece of
metal. There have to be huge numbers of molecular orbitals, of course, because any orbital can only hold two electrons.

The electrons can move freely within these molecular orbitals, and so each electron becomes detached from its parent atom. The
electrons are said to be delocalized. The metal is held together by the strong forces of attraction between the positive nuclei and the
delocalized electrons.

Figure 5.7.1: Delocaized electrons are free to move in the metallic lattice
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This is sometimes described as "an array of positive ions in a sea of electrons".

Each positive center in the diagram represents all the rest of the atom apart from the outer electron, but that electron hasn't been lost
- it may no longer have an attachment to a particular atom, but those electrons are still there in the structure. Sodium metal is
therefore written as Na - not Na*.

Metallic bonding in magnesium

If you work through the same argument with magnesium, you end up with stronger bonds and so a higher melting point.

Magnesium has the outer electronic structure 3s%. Both of these electrons become delocalised, so the "sea" has twice the electron
density as it does in sodium. The remaining "ions" also have twice the charge (if you are going to use this particular view of the
metal bond) and so there will be more attraction between "ions" and "sea".

More realistically, each magnesium atom has 12 protons in the nucleus compared with sodium's 11. In both cases, the nucleus is
screened from the delocalised electrons by the same number of inner electrons - the 10 electrons in the 1s® 2s® 2p® orbitals.

That means that there will be a net pull from the magnesium nucleus of 2+, but only 1+ from the sodium nucleus.

So not only will there be a greater number of delocalized electrons in magnesium, but there will also be a greater attraction for
them from the magnesium nuclei. Magnesium atoms also have a slightly smaller radius than sodium atoms, and so the delocalised
electrons are closer to the nuclei. Each magnesium atom also has twelve near neighbors rather than sodium's eight. Both of these
factors increase the strength of the bond still further.

Metallic bonding in transition elements

Transition metals tend to have particularly high melting points and boiling points. The reason is that they can involve the 3d
electrons in the delocalization as well as the 4s. The more electrons you can involve, the stronger the attractions tend to be.

The strength of a metallic bond depends on three things:

1. The number of electrons that become delocalized from the metal
2. The charge of the cation (metal).
3. The size of the cation.

A strong metallic bond will be the result of more delocalized electrons, which causes the effective nuclear charge on electrons on
the cation to increase, in effect making the size of the cation smaller. Metallic bonds are strong and require a great deal of energy to
break, and therefore metals have high melting and boiling points.

A metallic bonding theory must explain how so much bonding can occur with such few electrons (since metals are located on the
left side of the periodic table and do not have many electrons in their valence shells). The theory must also account for all of a
metal's unique chemical and physical properties.

Band Theory

Band Theory was developed with some help from the knowledge gained during the quantum revolution in science. In 1928, Felix
Bloch had the idea to take the quantum theory and apply it to solids. In 1927, Walter Heitler and Fritz London explained how these
many levels can combine together to form bands- orbitals so close together in energy that they are continuous

Figure 5.7.2: Overlap of orbitals from neighboring ions form electron bands
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In this image, orbitals are represented by the black horizontal lines, and they are being filled with an increasing number of electrons
as their amount increases. Eventually, as more orbitals are added, the space in between them decreases to hardly anything, and as a
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result, a band is formed where the orbitals have been filled.
Different metals will produce different combinations of filled and half filled bands.

Figure 5.7.3: In different metals different bands are full or available for conduction electrons
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Sodium's bands are shown with the rectangles. Filled bands are colored in blue. As you can see, bands may overlap each other (the
bands are shown askew to be able to tell the difference between different bands). The lowest unoccupied band is called the
conduction band, and the highest occupied band is called the valence band.

The probability of finding an electron in the conduction band is shown by the equation:

1
- eAE/RT 4 1

The AE in the equation stands for the change in energy or energy gap. t stands for the temperature, and R is a bonding constant.
That equation and this table below show how the bigger difference in energy is, or gap, between the valence band and the
conduction band, the less likely electrons are to be found in the conduction band. This is because they cannot be excited enough to
make the jump up to the conduction band.

Table 5.7.1: Band gaps in three semiconductors

# of el 3
ELEMENT AE(kJ/mol) of energy gap ore ec.trons/cm m insulator, or conductor?
conduction band @ 300K

C (diamond) 524 (big band gap) 1027 insulator

si 117 (smaller band gap, but not 100 semiconductor
a full conductor)

Ge 66 (smaller band gap, but still 1013 semiconductor

not a full conductor)
Conductors, Insulators and Semiconductors
A. Conductors

Metals are conductors. There is no band gap between their valence and conduction bands, since they overlap. There is a
continuous availability of electrons in these closely spaced orbitals.
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B. Insulators

! } Enemy gap e In insulators, the band gap between the valence band the the conduction band is

g ? " so large that electrons cannot make the energy jump from the valence band to the

% 7 % .

% conduction band.
]
conductor semiconducior insulator C. SemlCOﬂdUCtOfS

key:
P valence band
mm e Semiconductors have a small energy gap between the valence band and the
[ conduction band. Electrons can make the jump up to the conduction band, but

not with the same ease as they do in conductors.

Outside Links
o http://www.youtube.com/watch?v=HWRHT...87AF6948F5E8F9 (start at 9 minutes)
o http://www.youtube.com/watch?v=qK6DgAM-q7U (start at 13 minutes)
e http://en.Wikipedia.org/wiki/Metallic_bonding
e Metallic Bonding: http://www.youtube.com/watch?v=CGA8sRwqlFg&feature=youtube_gdata

Problems
1. How do you distinguish between a valence band and a conduction band?
2. Is the energy gap between an insulator smaller or larger than the energy gap between a semiconductor?
3. What two methods bring conductivity to semiconductors?
4. You are more likely to find electrons in a conduction band if the energy gap is smaller/larger? 5. The property of being able to

be drawn into a wire is called...

Answers
1. The valence band is the highest band with electrons in it, and the conduction band is the highest band with no electrons in it.

2. Larger

3. Electron transport and hole transport
4. Smaller

5. Ductility
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