5P revision notes:
Section 18: The Quantum Atom
JJ Thomson 1899 – discovered electron using cathode ray tube (diagrams p210 Adams& Allday, p784 Muncaster). Particles given off from cathode always have the same charge to mass ratio, no matter what element the cathode is made of. Conclusion – they are subatomic particles.

Thomson proposes plum pudding model. Diffuse positive charge with embedded electrons.

Rutherford, Geiger and Marsden experiment (Muncaster p762) fired alpha particles at a thin gold foil. A few alpha particles are deflected through a large angle. Conclusion – there is a small, dense, positively charged nucleus (otherwise the electric field strength would never be strong enough to produce such deflections).

	Rutherford “solar system” model:  electron orbits the nucleus. Centripetal force mv2/r is produced by electrostatic force Q1Q2/4πε0r2, so for a hydrogen atom

mv2/r = e2/4πε0r2 => ½ mv2 = e2/8πε0r

Potential energy is given by

Epot= Q1Q2/4πε0r = -e2/4πε0r

So we can see that the kinetic energy is half the size of the potential energy.

K.E. is positive while P.E. is negative.

Total energy = K.E. + P.E = -e2/8πε0r
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Problems with Rutherford model:

· Electron experiences centripetal acceleration. All accelerating charges should emit electromagnetic radiation and lose energy. Why does the electron not do this?

· Excited gases emit line spectra: light at certain characteristic frequencies, not continuous spectra. They also absorb light only at these frequencies. Why?

Bohr atom

Bohr suggests: Electrons are only allowed to occupy certain orbits. They make quantum leaps between these orbits. When they do so, they emit or absorb single photons of light of energy E=hf.

What are the allowed orbits? The ones with angular momentum in units of h/2π.

WHY should this be? Bohr didn’t know but de Broglie (later) suggests:

The electron is a wave with wavelength λ=h/p (where p is momentum)

The electron wave must fit around the electron orbit, so n λ=2 πr

Thus n λ = nh / mv = 2 πr => mv= nh/2πr

Definition of angular momentum L = mvr
Thus L = nh / 2π and angular moment ends up quantised in units of h/2π
So let’s work out what the energies of these allowed orbits are for a hydrogen atom.

mv2/ r = e2 / 4πε0r2      =>      m2v2r2 = me2r / 4πε0     =>      L2 = me2r / 4πε0
=>       n2h2 / (2π)2 = me2r / 4πε0     =>     r =  n2h2 ε0/ me2π

which yields 5.3 x 10-11 m as the radius of a huydrogen atom
Total energy = K.E. + P.E. = -K.E. = -e2/8πε0r  as we worked out above

So Total energy = - me4/8ε02h2 n2

This works out as[image: image3.png]~247x107" ]
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 which compares well with the experimental value of [image: image7.png]
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(the slight discrepancy is mainly due to the fact that the electron orbits the centre of mass of the atom, so the proton is not stationary)

The hydrogen atom thus has levels like this:
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 Lyman series (ultraviolet) is produced by transitions to n=1

Balmer series (visible) by transitions to n=2

Paschen series (infra-red) by transitions to n=3

And there are an infinite number of longer wavelength series.

