
Physics 116a — Lecture 27 — March 24, 2000
“The Hydrogen Atom”

Reading Serway, Chapter 11.5
Problems 11.23, 11.24 in Serway, Principles of Physics (2nd Edition)
Objectives To understand the challenge of atomic spectra to atomic theory.

To see how Bohr incorporated quantum ideas into the hydrogen atom.
To calculate quantities related to the electron orbits in the hydrogen atom.

Demo Neon spectral lamp, mercury spectral lamp, diffraction grating, uv spectra.

1. Minutiae bureaucratiae
1.1. If WebAssign seems to give a wrong answer: If you submit once or twice, have

checked your work and still get a “Wrong” from WebAssign, submit your pa-
per either to me or to Liguo Song, so we can give you credit.

1.2. Please check course Web site for updates on help sessions and Exam 3.  Help
sessions meet Tuesday and Wednesday from 2:30 to 5:30 in 6214 Stevenson.

2. The riddle of atomic spectra.  The story of the quantum theory of the hydrogen
atom begins with the physicists who catalogued the emission lines of atomic
vapors (study Figures 11.15, 11.17) in the second half of the nineteenth cen-
tury.  These studies were a main driving force leading to the quantum theory.

2.1. Bright and dark lines.  When an element was vaporized in an electric dis-
charge, a characteristic series of emission lines was observed.  Conversely,
when a continuous spectrum of light was shone through an atomic vapor,
dark lines due to absorption could be seen at the same wavelengths.

2.2. Spectral series based on “magic numbers.”  As the spectroscopists had inves-
tigated the emission spectrum of hydrogen, they (Balmer, Lyman, Paschen)
had discovered seemingly inexplicable regularities in the spacing of line
spectra, where λ is the wavelength and RH is a constant, 1.09737·107 m-1

1

λ
= RH

1

n2 −
1

m2
 
  

 
  ,  m= n + 1,n + 2,n +3,...

3. The hydrogen atom.   It has been suggested, only half jokingly, that physics
knows only two models:  the hydrogen atom, and the harmonic oscillator.  To-
day we focus on the hydrogen atom and the analogy with orbital motion.

3.1. What did Bohr know, and when did he know it?  It is especially important to
understand that Bohr did not create his atomic theory in a vacuum; he was
deeply informed by classical physics, but also by the new quantum ideas.

3.1.1. There is a fundamental analogy between gravitational and electrical
forces and potentials:
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3.1.2. Kepler’s laws of planetary motion, especially the second law, which
implies conservation of angular momentum in the absence of external
torques L = mvr = constant.

3.1.3. Conservation of total (mechanical) energy.  This meant that the total
energy of the bound orbits had to be negative, as in planetary motion,
with
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3.2. Information from early quantum ideas.  When Bohr published his quantum
model of the atom in 1913, there was not yet a formal quantum theory, but a
body of ideas embodying the quantum concept.

3.2.1. Max Planck had successfully explained the so-called “blackbody” spec-
trum of incandescently hot bodies by assuming that they radiated at only
a limited number of frequencies given by E = hf = hc λ , where f is the
frequency, λ the wavelength, and h a fundamental constant which
Planck called “the quantum of action.”  Einstein had carried the idea fur-
ther and proposed that quanta (Greek for “little bits”) of light were real.

3.2.2. Ernest Rutherford, the great English experimentalist [who once said,
“In science, there is only physics.  All the rest is stamp collecting.”] had
shown that the atom consisted of a hard, small, positively-charged cen-
tral core (nucleus) around which negatively-charged electrons orbited.

3.3. Bohr’s modification to classical ideas about orbital motion.  What Bohr did
next seems by hindsight to be part inspiration, part desperation.  He made
the following hypotheses:

3.3.1. Only certain orbits are stable.  This is a departure from classical me-
chanics, and not justifiable in that framework at the time.  We know now
that the “magical” thing about orbits has much to do with the exclusion
principle which governs the spatial arrangement of electrons.

3.3.2. The orbital angular momentum of the electrons is not only conserved,
but obeys a quantum condition:    L = mvr = n h 2π ≡ nh, where n=1, 2, 3, …

3.3.3. When electrons go from a higher initial energy state Ei to a lower-
energy final state Ef, they do so discontinuously, by emitting a quantum
of light with energy given by Planck’s expression:  E f − Ei = hf = hc λ .

4. The theory meets the challenge of atomic spectra.  Bohr now combined all these
hypotheses into a theory which explained the puzzling regularities in atomic
spectra and a number of other features of atomic behavior besides:
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4.1. Total energy of the electron.  As we know from classical mechanics,  the elec-
tron must be held in its orbit by a centripetal force, in this case, the electro-
static attraction between proton and electron [make sure you can prove it!]:
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4.2. The radius of the electron orbits.  Combining our  expressions for kinetic en-
ergy and conservation of angular momentum, we get
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4.3. The energy of the electron orbits.  The energy of the electron orbits follows di-
rectly by inserting this last expression into the equation for total energy:
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4.4. The expression for the wavelength regularities follows directly from this last
expression for the now quantized energy levels, as shown in the steps lead-
ing to Serway’s Equation 11.25.


