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Figure 1:  Colors and EXACT wavelengths of photons in the visible region of the Hydrogen atom.
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Figure 2:  The color of the photon emitted depends on the energy change that produces it. 


Figure 3:  The first four principle energy levels in the hydrogen atom. n = 1 is the GROUND STATE
You have now witnessed (Quantum Leap Demo) at the NANO level what happens when very specific amounts of energy are given to an atom; a ground state electron will get exited from the ground state to an excited state. Once the electron is in the excited state, the atom can emit energy in the form of photons (packets of energy). The emitted photons are equal in energy to the DIFFERENCE IN ENERGY (∆E) between the initial levels from which the electron moves to the final level to which it moves. For example as shown above in Figure 2, when the electron moves from n = 5 to n = 2, a photon is emitted. Since this photon has energy whose wavelength falls in the visible spectrum we can see the photon with our eyes as blue light. This is also shown in Figure 1. At the MACRO level, we see all the bands through a spectroscope, and we can see all the colors together in the gas discharge tube (they look reddish). SMBOLICALLY, we can calculate the energies and frequencies of these transitions as follows:
The n=5 to n= 2 transition which is at 434 nm wavelength (λ) or 4.34 x 10-7 m is equal to the following frequency (ν):
[c = speed of light; h = Plank’s constant, as shown below]
 c = λν 
and the following energy (∆E) of this photon:
 3.00 x 108 m/s = 4.34 x 10-7 ‑ 



 
∆E = hν
 3.00 x 108 m/s = ν 




∆E = (6.626 x 10-34 J∙s)(6.91x 1014s-1)
  4.34 x 10-7 m 




∆E = 4.58 x 10-19 J for one photon
    6.91x 1014s-1 = ν 




(to calculate for a mole of photons, what would you do?)
You Try It! 
CALCULATE THE FREQUENCIES (in hertz) AND ENERGIES (in kJ/mol) FOR THE OTHER THREE VISIBLE TRANSITIONS IN THE HYDROGEN ATOM.
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