
Now we have a first explanation for the quantized orbits and energy states in the
Bohr model: they are due to the wave nature of the electron, and only resonant
“standing” waves can persist.† This implies that the wave–particle duality is at 
the root of atomic structure.

In viewing the circular electron waves of Fig. 27–31, the electron is not to be
thought of as following the oscillating wave pattern. In the Bohr model of hydrogen,
the electron moves in a circle. The circular wave, on the other hand, represents the
amplitude of the electron “matter wave,” and in Fig. 27–31 the wave amplitude 
is shown superimposed on the circular path of the particle orbit for convenience.

Bohr’s theory worked well for hydrogen and for one-electron ions. But it did
not prove successful for multi-electron atoms. Bohr theory could not predict line
spectra even for the next simplest atom, helium. It could not explain why some emis-
sion lines are brighter than others, nor why some lines are split into two or more
closely spaced lines (“fine structure”). A new theory was needed and was indeed
developed in the 1920s. This new and radical theory is called quantum mechanics.
It finally solved the problem of atomic structure, but it gives us a very different
view of the atom: the idea of electrons in well-defined orbits was replaced with the
idea of electron “clouds.” This new theory of quantum mechanics has given us a
wholly different view of the basic mechanisms underlying physical processes.
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†We note, however, that Eq. 27–11 is no longer considered valid, as discussed in the next Chapter.

FIGURE 27–31 (Repeated.) Standing
circular waves for two, three, and 
five wavelengths on the circumference;
n, the number of wavelengths,
is also the quantum number.
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The electron was discovered using an evacuated cathode ray
tube. The measurement of the charge-to-mass ratio of
the electron was done using magnetic and electric fields. The
charge e on the electron was first measured in the Millikan 
oil-drop experiment and then its mass was obtained from the
measured value of the ratio.

Quantum theory has its origins in Planck’s quantum hypothesis
that molecular oscillations are quantized: their energy E can only
be integer (n) multiples of hf, where h is Planck’s constant and
f is the natural frequency of oscillation:

(27;3)
This hypothesis explained the spectrum of radiation emitted by
a blackbody at high temperature.

Einstein proposed that for some experiments, light could
be pictured as being emitted and absorbed as quanta (particles),
which we now call photons, each with energy

(27;4)
and momentum

(27;6)

He proposed the photoelectric effect as a test for the photon
theory of light. In the photoelectric effect, the photon theory
says that each incident photon can strike an electron in a
material and eject it if the photon has sufficient energy. The
maximum energy of ejected electrons is then linearly related to
the frequency of the incident light.

The photon theory is also supported by the Compton
effect and the observation of electron–positron pair production.

The wave;particle duality refers to the idea that light and
matter (such as electrons) have both wave and particle proper-
ties. The wavelength of an object is given by
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where p is the momentum of the object ( for a particle
of mass m and speed v).
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The principle of complementarity states that we must be

aware of both the particle and wave properties of light and of
matter for a complete understanding of them.

Electron microscopes (EM) make use of the wave proper-
ties of electrons to form an image: their “lenses” are magnetic.
Various types of EM exist: some can magnify 100,000* (1000*
better than a light microscope); others can give a 3-D image.

Early models of the atom include Rutherford’s planetary
(or nuclear) model of an atom which consists of a tiny but
massive positively charged nucleus surrounded (at a relatively
great distance) by electrons.

To explain the line spectra emitted by atoms, as well as the
stability of atoms, the Bohr model postulated that: (1) elec-
trons bound in an atom can only occupy orbits for which the
angular momentum is quantized, which results in discrete
values for the radius and energy; (2) an electron in such a
stationary state emits no radiation; (3) if an electron jumps to 
a lower state, it emits a photon whose energy equals the
difference in energy between the two states; (4) the angular
momentum L of atomic electrons is quantized by the rule

where n is an integer called the quantum number.
The state is the ground state, which in hydrogen has 
an energy Higher values of n correspond to
excited states, and their energies are

(27;15b)

where Ze is the charge on the nucleus. Atoms are excited to
these higher states by collisions with other atoms or electrons,
or by absorption of a photon of just the right frequency.

De Broglie’s hypothesis that electrons (and other matter)
have a wavelength gave an explanation for Bohr’s
quantized orbits by bringing in the wave–particle duality: the
orbits correspond to circular standing waves in which the cir-
cumference of the orbit equals a whole number of wavelengths.
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Summary


