expected to spiral into the nucleus. As they spiraled inward, their frequency
would increase in a short time and so too would the frequency of the light
emitted. Thus the two main difficulties of the Rutherford model are these: (1) it
predicts that light of a continuous range of frequencies will be emitted, whereas
experiment shows line spectra; (2) it predicts that atoms are unstable—
electrons would quickly spiral into the nucleus—but we know that atoms in
general are stable, because there is stable matter all around us.

Clearly Rutherford’s model was not sufficient. Some sort of maodification
was needed, and Niels Bohr provided it in a model that included the quantum
hypothesis. Although the Bohr model has been superceded, it did provide a
crucial stepping stone to our present understanding, And some aspects of the
Bohr model are still useful today, so we examine it in detail in the next Section.

5 P4 The Bohr Model

Bohr had studied in Rutherford’s laboratory for several months in 1912 and was
convinced that Rutherford’s planetary model of the atom had validity. But in
order to make it work, he felt that the newly developing quantum theory would
somehow have to be incorporated in it. The work of Planck and Einstein had
shown that in heated solids, the energy of oscillating electric charges must
change discontinuously—from one discrete energy state to another, with the
emission of a quantum of light. Perhaps, Bohr argued, the electrons in an atom
also cannot lose energy continuously, but must do so in quantum “jumps.” In
working out his model during the next year, Bohr postulated that electrons move
about the nucleus in circular orbits, but that only certain orbits are allowed. He
further postulated that an electron in each orbit would have a definite energy
and would move in the orbit without radiating energy (even though this violated
classical ideas since accelerating electric charges are supposed to emit EM
waves) sce Chapter 22). He thus called the possible orbits stationary states. Light
is emitted, he hypothesized, only when an electron jumps from a higher (upper)
stationary state to another of lower energy. When such a jump occurs, a single
photon of light is emitted whose energy, by energy conservation, is given by

hf = E, — E, (27-10)

where E, refers to the energy of the upper state and £, the energy of the lower
state. See Fig. 27-24.

Bohr set out to determine what energies these orbits would have in the
simplest atom, hydrogen; then the spectrum of light emitted could be predicted
from Eq. 27-10. In the Balmer formula he had the key he was looking for. Bohr
quickly found that his theory would be in accord with the Balmer formula if he
assumed that the electron’s angular momentum 1. is quantized and equal to an
integer n times /i/27. As we saw in Chapter 8 angular momentum is given by
L = Iw, where I'is the moment of inertia and w is the angular velocity. For a
single particle of mass m moving in a circle of radius r with speed v, 7 = mr? and
w = v/r; hence, I. = Tw = (mr*)(v/r) = mvr. Bohr's quantum condition is

}
L = muvr, = n—’- n=1273--, (27-11)
27

where n is an integer and r, is the radius of the n™ possible orbit. The allowed
orbits are numbered 1, 2, 3,-++, according to the value of n, which 1s called the
principal quantum number of the orbit.

Equation 27-11 did not have a firm theoretical foundation. Bohr had
searched for some “quantum condition,” and such tries as E = hf (where E
represents the energy of the electron in an orbit) did not give results in accord
with experiment. Bohr's reason for using Eq. 27-11 was simply that it worked;
and we now look at how. In particular, let us determine what the Bohr theory
predicts for the measurable wavelengths of emitted light.
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