A bond order is the measure of the number of bonding electron pairs in a molecule. It is used as a relativistic index for judging the strength of molecular bonds. Although the methods of calculation vary, bond order is almost always a number between 1 and 3, with 3 being the strongest. Bond orders have a variety of practical applications in the field of Chemistry. Manufacturers of novelty chemicals can use bond-order calculations to judge the relative stability of the molecules they create. Most notably perhaps, bond orders have been used in the creation of super alloys, such as single crystal-based nickel. 

Bond orders have always been an important part of chemistry; the most modern understanding of bond order, however, was made possible by the Molecular Orbital Theory. This theory, introduced by scientists Frederich Hund, Robert Mulliken, John C. Slater, and John Leonard-Jones, was the first to accurately describe simple and elegant calculations for determining bond orders. The calculations were derived from the essential tenants of molecular bond theory which established that bonding orbitals strengthen bonds, while anti-bonding orbitals weaken the bonds, in equal proportions. The theory also described how orbitals closest to the nuclei are incapable of influencing bond strength, which contributed to a grander perspective in quantum mechanics that previous theories were not able to achieve. 

Bond Order
The number of bonds between a pair of atoms is called the bond order. Bond orders can be calculated from Lewis structures, which are the heart of the valence-bond model. Oxygen, for example, has a bond order of two. 
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When there is more than one Lewis structure for a molecule, the bond order is an average of these structures. The bond order in sulfur dioxide, for example, is 1.5 [image: image2.png]


the average of an S-O single bond in one Lewis structure and an S=O double bond in the other. 
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In molecular orbital theory, we calculate bond orders by assuming that two electrons in a bonding molecular orbital contribute one net bond and that two electrons in an antibonding molecular orbital cancel the effect of one bond. We can calculate the bond order in the O2 molecule by noting that there are eight valence electrons in bonding molecular orbitals and four valence electrons in antibonding molecular orbitals in the electron configuration of this molecule. Thus, the bond order is two. 
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Although the Lewis structure and molecular orbital models of oxygen yield the same bond order, there is an important difference between these models. The electrons in the Lewis structure are all paired, but there are two unpaired electrons in the molecular orbital description of the molecule. As a result, we can test the predictions of these theories by studying the effect of a magnetic field on oxygen.

Atoms or molecules in which the electrons are paired are diamagnetic [image: image5.png]


repelled by both poles of a magnetic. Those that have one or more unpaired electrons are paramagnetic [image: image6.png]


attracted to a magnetic field. Liquid oxygen is attracted to a magnetic field and can actually bridge the gap between the poles of a horseshoe magnet. The molecular orbital model of O2 is therefore superior to the valence-bond model, which cannot explain this property of oxygen.

